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Introduction:
Matter and
Measurement

ubble Space Telescope image of a
galaxy that lies 13 million light years
from Earth in the southern constella- } i
tion Circinus. Large amounts of gas
and dust occur within the galaxy.
Hydrogen gas is the most plentiful,
occurring as molecules in cool
regions, as atoms in hotter
regions and as ions in the
hottest regions. The process- g
es that occur within the
stars are responsible for
creating other chemi-
cal elements from
hydrogen, which
is the simplest
element.
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wondered why ice melts and water
evaporates? Why leaves turn colors in the fall and
how a battery generates electricity? Why keeping
foods cold slows their spoilage and how our bodies

use food to maintain life? Chemistry supplies answers

to these questions and countless others like them. Chemistry is the study of the

properties of materials and the changes that materials undergo. One of the joys

of learning chemistry is seeing how chemical principles operate in all aspects of

our lives, from everyday activities like lighting a match to more far-

reaching matters like the development of drugs to cure cancer.

] You are just beginning the journey of learning chemistry. In a

| N— . sense, this text is your guide on this journey. Throughout your stud-

- ies, we hope that you will find this text enjoyable as well as educa-

tional. As you study, keep in mind that the chemical facts and concepts

you are asked to learn are not ends in themselves, but tools to help you better

understand the world around you. This first chapter lays a foundation for our

studies by providing an overview of what chemistry is about and dealing with

some fundamental concepts of matter and scientific

,  measurements. The list to the right, entitled “What’s

| Ahead,” gives a brief overview of some of the ideas
\ H' that we will be considering in this chapter.

» What's Ahead <«

We begin our studies by providing
a very brief perspective of what
chemistry is about and why it is
useful to learn chemistry.

Next we examine some fundamen-
tal ways to classify materials, dis-
tinguishing between pure substances
and mixtures and noting that there
are two fundamentally different
kinds of pure substances: elements
and compounds.

We then consider some of the dif-
ferent kinds of characteristics or
properties that we use to character-
ize, identify, and separate
substances.

Many properties rely on quantita-
tive measurements, involving both
numbers and units.

The units of measurement used
throughout science are those of the
metric system, a decimal system of
measurement.

The uncertainties inherent in all
measured quantities and those
obtained from calculations involv-
ing measured quantities are
expressed by the number of signifi-
cant digits or significant figures used
to report the number.

Units as well as numbers are car-
ried through calculations, and
obtaining correct units for the
result of a calculation is an impor-
tant way to check whether the cal-
culation is correct.
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The first lecture-demonstration in
recorded history. Lee R. Summerlin,
Christie L. Borgford, and Julie B. Ealy,
“The First Demonstration: Proof That
Air Is a Substance,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988) p. 3.

3-D MODEL
Oxygen, Water, Carbon Dioxide,
Ethanol, Ethylene Glycol, Aspirin

(a) Oxygen

N2

(b) Water

(c) Carbon dioxide

o

1.1 The Study of Chemistry

Before traveling to an unfamiliar city, you might look at a map to get some sense
of where you are heading. Chemistry may be unfamiliar to you, too, so it’s use-
ful to get a general idea of what lies ahead before you embark on your journey.
In fact, you might even ask why you are taking the trip.

The Molecular Perspective of Chemistry

Chemistry involves studying the properties and behavior of matter. Matter is
the physical material of the universe; it is anything that has mass and occupies
space. This book, your body, the clothes you are wearing, and the air you are
breathing are all samples of matter. Not all forms of matter are so common or so
familiar, but countless experiments have shown that the tremendous variety of
matter in our world is due to combinations of only about 100 very basic or ele-
mentary substances called elements. As we proceed through this text, we will
seek to relate the properties of matter to its composition, that is, to the particu-
lar elements it contains.

Chemistry also provides a background to understanding the properties of
matter in terms of atoms, the almost infinitesimally small building blocks of mat-
ter. Each element is composed of a unique kind of atom. We will see that the
properties of matter relate not only to the kinds of atoms it contains (composition),
but also to the arrangements of these atoms (structure).

Atoms can combine to form molecules in which two or more atoms are
joined together in specific shapes. Throughout this text you will see molecules
represented using colored spheres to show how their component atoms connect
to each other (Figure 1.1 ¥). The color merely provides a convenient way to dis-
tinguish between the atoms of different elements. Molecules of ethanol and eth-
ylene glycol, which are depicted in Figure 1.1, differ somewhat in composition.
Ethanol contains one red sphere, which represents an oxygen atom, whereas eth-
ylene glycol contains two.

Even apparently minor differences in the composition or structure of mole-
cules can cause profound differences in their properties. Ethanol, also called
grain alcohol, is the alcohol in beverages such as beer and wine. Ethylene glycol,
on the other hand, is a viscous liquid used as automobile antifreeze. The prop-

(d) Ethanol

(e) Ethylene glycol (f) Aspirin

A Figure 1.1 Molecular models. The white, dark gray, and red spheres represent atoms
of hydrogen, carbon, and oxygen, respectively.



erties of these two substances differ in a great number of ways, including the
temperatures at which they freeze and boil. One of the challenges that chemists
undertake is to alter molecules in a controlled way, creating new substances with
different properties.

Every change in the observable world—from boiling water to the changes
that occur as our bodies combat invading viruses—has its basis in the unob-
servable world of atoms and molecules. Thus, as we proceed with our study of
chemistry, we will find ourselves thinking in two realms, the macroscopic realm
of ordinary-sized objects (macro = large) and the submicroscopic realm of atoms.
We make our observations in the macroscopic world with our everyday senses—
in the laboratory and in our surroundings. In order to understand that world,
however, we must visualize how atoms behave.

Why Study Chemistry?

Chemistry provides important understanding of our world and how it works. It
is an extremely practical science that greatly impacts our daily living. Indeed,
chemistry lies near the heart of many matters of public concern: improvement of
health care, conservation of natural resources, protection of the environment,
and provision of our everyday needs for food, clothing, and shelter. Using chem-
istry, we have discovered pharmaceutical chemicals that enhance our health and
prolong our lives. We have increased food production through the development
of fertilizers and pesticides. We have developed plastics and other materials that
are used in almost every facet of our lives. Unfortunately, some chemicals also
have the potential to harm our health or the environment. It is in our best inter-
est as educated citizens and consumers to understand the profound effects, both
positive and negative, that chemicals have on our lives and to strike an informed
balance about their uses.

Most of you are studying chemistry, however, not merely to satisfy your
curiosity or to become more informed consumers or citizens, but because it is an
essential part of your curriculum. Your major might be biology, engineering,
agriculture, geology, or some other field. Why do so many diverse subjects share
an essential tie to chemistry? The answer is that chemistry, by its very nature, is
the central science. Our interactions with the material world raise basic questions
about the materials around us. What are their compositions and properties? How
do they interact with us and our environment? How, why, and when do they
undergo change? These questions are important whether the material is part of
high-tech computer chips, an aged pigment used by a Renaissance painter, or the
DNA that transmits genetic information in our bodies (Figure 1.2 ¥). Chemistry
provides answers to these and countless other questions.

)

)
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Some concrete examples of the
relevance of chemistry in the
modern world. Martin B. Jones and
Christina R. Miller, “Chemistry in the
Real World,” J. Chem. Educ., Vol. 78,
2001, 484-487.

An extensive listing of various
demonstrations, experiments, and
resources for the science educator.
David A. Katz, “Science
Demonstrations, Experiments, and
Resources. A Reference List for
Elementary Through College
Teachers Emphasizing Chemistry
with Some Physics and Life Science,”
J. Chem. Educ., Vol. 68, 1991,
235-244,

J

Raymond B. Seymour, “Chemicals in
Everyday Life,” J. Chem. Educ.,
Vol. 64, 1987, 63-68.

« Figure 1.2 (a) A microscopic view
of a computer chip. (b) A Renaissance
painting, Young Girl Reading, by Vittore
Carpaccio (1472-1526). (c) A long
strand of DNA that has spilled out of the
damaged cell wall of a bacterium.
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By studying chemistry, you will learn to use the powerful language and
ideas that have evolved to describe and understand matter. The language of
chemistry is a universal scientific language that is widely used in other disci-
plines. Furthermore, an understanding of the behavior of atoms and mole-
cules provides powerful insights in other areas of modern science, technology,
and engineering. For this reason, chemistry will probably play a significant
role in your future. You will be better prepared for the future if you increase
your understanding of chemical principles, and it is our goal to help you
achieve this end.

h Chemistry at Work Chemistry and the Chemical Industry

Many people are familiar with common household chemicals
such as those shown in Figure 1.3 P>, but few realize the size
and importance of the chemical industry. Worldwide sales of
chemicals and related products manufactured in the United
States total over $400 billion annually. The chemical industry
employs over 10% of all scientists and engineers and is a major
contributor to the U.S. economy.

Vast amounts of chemicals are produced each year and
serve as raw materials for a variety of uses, including the man-
ufacture of metals, plastics, fertilizers, pharmaceuticals, fuels,
paints, adhesives, pesticides, synthetic fibers, microprocessor
chips, and numerous other products. Table 1.1 V lists the top ten
chemicals produced in the United States. We will discuss many
of these substances and their uses as the course progresses.

People who have degrees in chemistry hold a variety of posi-
tions in industry, government, and academia. Those who work
in the chemical industry find positions as laboratory chemists,
carrying out experiments to develop new products (research and
development), analyzing materials (quality control), or assisting
customers in using products (sales and service). Those with more
experience or training may work as managers or company direc-
tors. There are also alternate careers that a chemistry degree pre-
pares you for such as teaching, medicine, biomedical research,
information science, environmental work, technical sales, work A Figure 1.3 Many common supermarket products have
with government regulatory agencies, and patent law. very simple chemical compositions.

TABLE 1.1 The Top Ten Chemicals Produced by the Chemical Industry in 20007

2000 Production
Rank Chemical Formula (billions of pounds) Principal End Uses
1 Sulfuric acid H,S0, 87 Fertilizers, chemical manufacturing
2 Nitrogen N, 81 Fertilizers
3 Oxygen O, 55 Steel, welding
4 Ethylene CHy 55 Plastics, antifreeze
5 Lime CaO 44 Paper, cement, steel
6 Ammonia NH; 36 Fertilizers
7 Propylene C3H, 32 Plastics
8 Phosphoric acid H3PO, 26 Fertilizers
9 Chlorine Cl, 26 Bleaches, plastics, water purification
10 Sodium hydroxide NaOH 24 Aluminum production, soap

*Most data from Chemical and Engineering News, June 25, 2001, pp. 45, 46.



1.2 Classifications of Matter

Let’s begin our study of chemistry by examining some fundamental ways in
which matter is classified and described. Two principal ways of classifying mat-
ter are according to its physical state (as a gas, liquid, or solid) and according to
its composition (as an element, compound, or mixture).

States of Matter

A sample of matter can be a gas, a liquid, or a solid. These three forms of matter
are called the states of matter. The states of matter differ in some of their simple
observable properties. A gas (also known as vapor) has no fixed volume or shape;
rather, it conforms to the volume and shape of its container. A gas can be com-
pressed to occupy a smaller volume, or it can expand to occupy a larger one. A
liquid has a distinct volume independent of its container but has no specific
shape: It assumes the shape of the portion of the container that it occupies. A
solid has both a definite shape and a definite volume: It is rigid. Neither liquids
nor solids can be compressed to any appreciable extent.

The properties of the states can be understood on the molecular level
(Figure 1.4 ¥). In a gas the molecules are far apart and are moving at high
speeds, colliding repeatedly with each other and with the walls of the con-
tainer. In a liquid the molecules are packed more closely together, but still move
rapidly, allowing them to slide over each other; thus, liquids pour easily. In a
solid the molecules are held tightly together, usually in definite arrangements,
in which the molecules can wiggle only slightly in their otherwise fixed posi-
tions. Thus, solids have rigid shapes.

1.2 Classifications of Matter 5

ANIMATION
Phases of Matter

<« Figure 1.4 The three physical
states of water are water vapor, liquid
water, and ice. In this photo we see both
the liquid and solid states of water. We
cannot see water vapor. What we see
when we look at steam or clouds is tiny
droplets of liquid water dispersed in the
atmosphere. The molecular views show
that the molecules in the solid are
arranged in a more orderly way than in
the liquid. The molecules in the gas are
much farther apart than those in the
liquid or the solid.
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(a) Atoms of an element

<

fm‘}@? Elements cannot be decomposed by

— chemical means. Compounds can be
decomposed into simpler substances
by chemical means. Compounds are
composed of elements.

The properties of a compound are
I different from those of a mixture of
its constituent elements.

A series of very brief articles on many
of the elements may be found in the
Journal of Chemical Education. Each of
the “What's the Use?” articles,
written by Alton Banks, focuses on
the uses of a specific element. See
Vols. 66 (1989), 67 (1990), 68
(1991), and 69 (1992).

P Figure 1.6 Elements in percent by
mass in (a) Earth’s crust (including
oceans and atmosphere) and (b) the
human body.

[

(b) Molecules
of an element

(d) Mixture of elements
and a compound

(c) Molecules
of a compound

A Figure 1.5 Each element contains a unique kind of atom. Elements might consist of
individual atoms, as in (a), or molecules, as in (b). Compounds contain two or more
different atoms chemically joined together, as in (c). A mixture contains the individual units
of its components, shown in (d) as both atoms and molecules.

Pure Substances

Most forms of matter that we encounter—for example, the air we breathe (a gas),
gasoline for cars (a liquid), and the sidewalk on which we walk (a solid)—are not
chemically pure. We can, however, resolve, or separate, these kinds of matter
into different pure substances. A pure substance (usually referred to simply as
a substance) is matter that has distinct properties and a composition that doesn’t
vary from sample to sample. Water and ordinary table salt (sodium chloride), the
primary components of seawater, are examples of pure substances.

All substances are either elements or compounds. Elements cannot be
decomposed into simpler substances. On the molecular level, each element is
composed of only one kind of atom [Figure 1.5(a and b) A]. Compounds are
substances composed of two or more elements, so they contain two or more
kinds of atoms [Figure 1.5(c)]. Water, for example, is a compound composed of
two elements, hydrogen and oxygen. Figure 1.5(d) shows a mixture of substances.
Mixtures are combinations of two or more substances in which each substance
retains its own chemical identity.

Elements

At the present time 114 elements are known. These elements vary widely in their
abundance, as shown in Figure 1.6 ¥. For example, only five elements account
for over 90% of the Earth’s crust: oxygen, silicon, aluminum, iron, and calcium.
In contrast, just three elements (oxygen, carbon, and hydrogen) account for over
90% of the mass of the human body.

Aluminum
Iron 7.5% Other Other
Calci 4.7% 9.2% 7% q
alcilum Hy rogen
3.4% / 7 10%
Carbm’
18%
>

Earth’s crust

(@) (b)

Human body
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TABLE 1.2 Some Common Elements and Their Symbols

Carbon C Aluminum Al Copper Cu (from cuprum)
Fluorine F Barium Ba Iron Fe (from ferrum)
Hydrogen H Calcium Ca Lead Pb (from plumbum)
Iodine I Chlorine Cl Mercury Hg (from hydrargyrum)
Nitrogen N Helium He Potassium K (from kalium)
Oxygen (@) Magnesium Mg Silver Ag (from argentum)
Phosphorus P Platinum Pt Sodium Na (from natrium)
Sulfur S Silicon Si Tin Sn (from stannum)

Some of the more familiar elements are listed in Table 1.2 A, along with the
chemical abbreviations—or chemical symbols—used to denote them. All the
known elements and their symbols are listed on the front inside cover of this
text. The table in which the symbol for each element is enclosed in a box is called
the periodic table. In the periodic table the elements are arranged in vertical
columns so that closely related elements are grouped together. We describe this
important tool in more detail in Section 2.5.

The symbol for each element consists of one or two letters, with the first let-
ter capitalized. These symbols are often derived from the English name for the
element, but sometimes they are derived from a foreign name instead (last col-
umn in Table 1.2). You will need to know these symbols and to learn others as
we encounter them in the text.

Compounds

Most elements can interact with other elements to form compounds. Hydrogen
gas, for example, burns in oxygen gas to form water. Conversely, water can be
decomposed into its component elements by passing an electrical current through
it, as shown in Figure 1.7 ». Pure water, regardless of its source, consists of 11%
hydrogen and 89% oxygen by mass. This macroscopic composition corresponds
to the molecular composition, which consists of two hydrogen atoms combined
with one oxygen atom. As seen in Table 1.3 V¥, the properties of water bear no
resemblance to the properties of its component elements. Hydrogen, oxygen,
and water are each unique substances.

The observation that the elemental composition of a pure compound is
always the same is known as the law of constant composition (or the law of
definite proportions). It was first put forth by the French chemist Joseph Louis
Proust (1754-1826) in about 1800. Although this law has been known for 200
years, the general belief persists among some people that a fundamental differ-
ence exists between compounds prepared in the laboratory and the correspon-
ding compounds found in nature. However, a pure compound has the same
composition and properties regardless of its source. Both chemists and nature
must use the same elements and operate under the same natural laws. When
two materials differ in composition and properties, we know that they are com-
posed of different compounds or that they differ in purity.

TABLE 1.3 Comparison of Water, Hydrogen, and Oxygen

Water Hydrogen Oxygen
State® Liquid Gas Gas
Normal boiling point 100°C —253°C —183°C
Density? 1.00 g/mL 0.084 g/L 133 g/L
Flammable No Yes No

2 At room temperature and atmospheric pressure. (See Section 10.2.)

[@l A game that tests student’s
knowledge of the elements. Milton |.
Wieder, “It’s Elementary,” /. Chem.
Educ., Vol. 78, 2001, 468-469.

@ P. G. Nelson, “Important Elements,”
J. Chem. Educ., Vol. 68, 1991,
732-737.

@ Vivi Ringes, “Origin of the Names of
Chemical Elements,” J. Chem. Educ.,
Vol. 66, 1989, 731-738.

A Figure 1.7 Water decomposes into
its component elements, hydrogen and
oxygen, when a direct electrical current
is passed through it. The volume of
hydrogen (on the right) is twice the
volume of oxygen (on the left).

ANIMATION
Electrolysis of Water
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» Figure 1.8 (a) Many common
materials, including rocks, are
heterogeneous. This close-up photo is of
malachite, a copper mineral.

(b) Homogeneous mixtures are called
solutions. Many substances, including
the blue solid shown in this photo
(copper sulfate), dissolve in water to
form solutions.

‘/ Solutions can be gaseous, liquid, or
1 solid, although we usually think of
them as liquids.

cQ

(@) (b)

Mixtures

Most of the matter we encounter consists of mixtures of different substances.
Each substance in a mixture retains its own chemical identity and hence its own
properties. Whereas pure substances have fixed compositions, the compositions
of mixtures can vary. A cup of sweetened coffee, for example, can contain either
a little sugar or a lot. The substances making up a mixture (such as sugar and
water) are called components of the mixture.

Some mixtures, such as sand, rocks, and wood, do not have the same com-
position, properties, and appearance throughout the mixture. Such mixtures are
heterogeneous [Figure 1.8(a) A]. Mixtures that are uniform throughout are
homogeneous. Air is a homogeneous mixture of the gaseous substances nitrogen,
oxygen, and smaller amounts of other substances. The nitrogen in air has all the
properties that pure nitrogen does because both the pure substance and the mix-
ture contain the same nitrogen molecules. Salt, sugar, and many other substances
dissolve in water to form homogeneous mixtures [Figure 1.8(b)]. Homogeneous
mixtures are also called solutions. Figure 1.9 » summarizes the classification of
matter into elements, compounds, and mixtures.

SAMPLE EXERCISE 1.1

“White gold,” used in jewelry, contains two elements, gold and palladium. Two dif-
ferent samples of white gold differ in the relative amounts of gold and palladium that
they contain. Both are uniform in composition throughout. Without knowing any more
about the materials, how would you classify white gold?

Solution Let’s use the scheme shown in Figure 1.9. Because the material is uniform
throughout, it is homogeneous. Because its composition differs for the two samples,
it cannot be a compound. Instead, it must be a homogeneous mixture. Gold and pal-
ladium can be said to form a solid solution with one another.

PRACTICE EXERCISE

Aspirin is composed of 60.0% carbon, 4.5% hydrogen, and 35.5% oxygen by mass,
regardless of its source. Is aspirin a mixture or a compound?
Answer: a compound because of its constant composition




Matter

NO Is it uniform YES
throughout?
Heterogeneous H
: omogeneous
mixture
NO Does it have a YES
variable
composition?
. bet Homogeneous
ure substance mixture
(solution)
NO Can it be separated YES
into simpler
substances?
Element Compound

A Figure 1.9 Classification scheme for matter. At the chemical level all matter is
classified ultimately as either elements or compounds.

<

1.3 Properties of Matter

Every substance has a unique set of properties—characteristics that allow us to rec-
ognize it and to distinguish it from other substances. For example, the proper-
ties listed in Table 1.3 allow us to distinguish hydrogen, oxygen, and water from
one another. The properties of matter can be categorized as physical or chemi-
cal. Physical properties can be measured without changing the identity and
composition of the substance. These properties include color, odor, density, melt-
ing point, boiling point, and hardness. Chemical properties describe the way a
substance may change or react to form other substances. A common chemical prop-
erty is flammability, the ability of a substance to burn in the presence of oxygen.

Some properties—such as temperature, melting point, and density—do not
depend on the amount of the sample being examined. These properties, called
intensive properties, are particularly useful in chemistry because many can be
used to identify substances. Extensive properties of substances depend on the
quantity of the sample and include measurements of mass and volume. Exten-
sive properties relate to the amount of substance present.

&

1.3 Properties of Matter

ANIMATION
Classification of Matter

9
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» Figure 1.10 In chemical reactions
the chemical identities of substances
change. Here, a mixture of hydrogen
and oxygen undergoes a chemical

change to form water.

o

(@)

Mixture of hydrogen and oxygen Water

Physical and Chemical Changes

As with the properties of a substance, the changes that substances undergo can
be classified as either physical or chemical. During physical changes a substance
changes its physical appearance, but not its composition. The evaporation of
water is a physical change. When water evaporates, it changes from the liquid
state to the gas state, but it is still composed of water molecules, as depicted ear-
lier in Figure 1.4. All changes of state (for example, from liquid to gas or from
liquid to solid) are physical changes.

In chemical changes (also called chemical reactions) a substance is trans-
formed into a chemically different substance. When hydrogen burns in air, for
example, it undergoes a chemical change because it combines with oxygen to
form water. The molecular-level view of this process is depicted in Figure 1.10 A.

Chemical changes can be dramatic. In the account that follows, Ira Remsen,
author of a popular chemistry text published in 1901, describes his first experi-
ences with chemical reactions. The chemical reaction that he observed is shown
in Figure 1.11 V.

(b) (©

A Figure 1.11 The chemical reaction between a copper penny and nitric acid. The
dissolved copper produces the blue-green solution; the reddish brown gas produced is
nitrogen dioxide.
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While reading a textbook of chemistry, I came upon the statement “nitric acid acts ) -

o . . . o 6 Lee R. Summerlin, Christie L.
upon copper,” and I determined to see what this meant. Having located some nitric Borgford, and Julie B. Ealy, “Ira
acid, I had only to learn what the words “act upon” meant. In the interest of knowl- Remsen’s Investigation of Nitric
edge I was even willing to sacrifice one of the few copper cents then in my possession. Acid,” Chemical Demonstrations. A
I put one of them on the table, opened a bottle labeled “nitric acid,” poured some of Sourcebook for Teachers, Vol. 2
the liquid on the copper, and prepared to make an observation. But what was this (American Chemical Society,

wonderful thing which I beheld? The cent was already changed, and it was no small Washington, DC, 1988) pp. 4-5.

change either. A greenish-blue liquid foamed and fumed over the cent and over the
table. The air became colored dark red. How could I stop this? I tried by picking the
cent up and throwing it out the window. I learned another fact: nitric acid acts upon
fingers. The pain led to another unpremeditated experiment. I drew my fingers across
my trousers and discovered nitric acid acts upon trousers. That was the most im-
pressive experiment I have ever performed. I tell of it even now with interest. It was
a revelation to me. Plainly the only way to learn about such remarkable kinds of ac-
tion is to see the results, to experiment, to work in the laboratory.

Separation of Mixtures

Because each component of a mixture retains its own properties, we can sep-
arate a mixture into its components by taking advantage of the differences in
their properties. For example, a heterogeneous mixture of iron filings and gold
filings could be sorted individually by color into iron and gold. A less tedious
approach would be to use a magnet to attract the iron filings, leaving the gold
ones behind. We can also take advantage of an important chemical difference
between these two metals: Many acids dissolve iron, but not gold. Thus, if we
put our mixture into an appropriate acid, the iron would dissolve and the
gold would be left behind. The two could then be separated by filtration, a
procedure illustrated in Figure 1.12 ¥. We would have to use other chemical
reactions, which we will learn about later, to transform the dissolved iron back
into metal.

We can separate homogeneous mixtures into their components in similar
ways. For example, water has a much lower boiling point than table salt; it is
more volatile. If we boil a solution of salt and water, the more volatile water evap-
orates and the salt is left behind. The water vapor is converted back to liquid

« Figure 1.12 Separation by
filtration. A mixture of a solid and a
liquid is poured through a porous
medium, in this case filter paper. The
liquid passes through the paper while the
solid remains on the paper.

MOVIE
Mixtures and Compounds
(@) (b)
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» Figure 1.13 A simple apparatus for
the separation of a sodium chloride
solution (salt water) into its components.
Boiling the solution evaporates the water,
which is condensed, then collected in
the receiving flask. After all the water has
boiled away, pure sodium chloride
remains in the boiling flask.

<

&

ANIMATION
Distillation of Saltwater

A simple experiment involving
heating water to boiling. Irving R.
Tannenbaum, “An Experiment to
Demonstrate the Application of the
Scientific Method,” J. Chem. Educ.,
Vol. 66, 1989, 597.

Frederick C. Sauls, “Why Does
Popcorn Pop? An Introduction to the
Scientific Method,” J. Chem. Educ.,
Vol. 86, 1991, 415-416.

Carmen J. Giunta, “Using History to
Teach the Scientific Method: The
Role of Errors,” J. Chem. Educ., Vol.
78,2001, 623-627.

MOVIE
Paper Chromatography of Ink

(@)
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‘, Salt water
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Condenser

Cold water out f
Boiling Cold water in
flask ..
Receiving
flask
Burner
Pure water
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Clamp

E
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form on the walls of the condenser (Figure 1.13 A). This process is called

distillation.

The differing abilities of substances to adhere to the surfaces of various solids
such as paper and starch can also be used to separate mixtures. This is the basis
of chromatography (literally “the writing of colors”), a technique that can give
beautiful and dramatic results. An example of the chromatographic separation
of ink is shown in Figure 1.14 V.

(b)

(©

A Figure 1.14 Separation of ink into components by paper chromatography. (a) Water
begins to move up the paper. (b) Water moves past the ink spot, dissolving different
components of the ink at different rates. (c) Water has separated the ink into its several

different components.



Lk A Closer Look The Scientific Method

Chemistry is an experimental science. The idea of using exper-
iments to understand nature seems like such a natural pattern
of thought to us now, but there was a time, before the seven-
teenth century, when experiments were rarely used. The
ancient Greeks, for example, did not rely on experiments to
test their ideas.

Although two different scientists rarely approach the same
problem in exactly the same way, there are guidelines for the
practice of science that have come to be known as the scientific
method. These guidelines are outlined in Figure 1.15 ¥. We
begin by collecting information, or data, by observation and
experiment. The collection of information, however, is not the
ultimate goal. The goal is to find a pattern or sense of order in
our observations and to understand the origin of this order.

As we perform our experiments, we may begin to see pat-
terns that lead us to a tentative explanation, or hypothesis, that
guides us in planning further experiments. Eventually, we may
be able to tie together a great number of observations in a sin-
gle statement or equation called a scientific law. A scientific
law is a concise verbal statement or a mathematical equation that
summarizes a broad variety of observations and experiences. We tend
to think of the laws of nature as the basic rules under which
nature operates. However, it is not so much that matter obeys
the laws of nature, but rather that the laws of nature describe
the behavior of matter.

At many stages of our studies we may propose explana-
tions of why nature behaves in a particular way. If a hypoth-
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esis is sufficiently general and is continually effective in pre-
dicting facts yet to be observed, it is called a theory or model.
A theory is an explanation of the general principles of certain phe-
nomena, with considerable evidence or facts to support it. For exam-
ple, Einstein’s theory of relativity was a revolutionary new
way of thinking about space and time. It was more than just
a simple hypothesis, however, because it could be used to
make predictions that could be tested experimentally. When
these experiments were conducted, the results were general-
ly in agreement with the predictions and were not explain-
able by the earlier theory of space-time based on Newton’s
work. Thus, the special theory of relativity was supported,
but not proven. Indeed, theories can never be proven to be
absolutely correct.

As we proceed through this text, we will rarely have the
opportunity to discuss the doubts, conflicts, clashes of person-
alities, and revolutions of perception that have led to our pres-
ent ideas. We need to be aware that just because we can spell out
the results of science so concisely and neatly in textbooks does
not mean that scientific progress is smooth, certain, and pre-
dictable. Some of the ideas we have presented in this text took
centuries to develop and involved large numbers of scientists.
We gain our view of the natural world by standing on the shoul-
ders of the scientists who came before us. Take advantage of
this view. As you study, exercise your imagination. Don’t be
afraid to ask daring questions when they occur to you. You may
be fascinated by what you discover!

Observations and
experiments

Find patterns,
trends, and laws

Formulate and test

hypothesis Theory

% A Figure 1.15 The scientific method is a general approach to problems that involves
making observations, seeking patterns in the observations, formulating hypotheses to explain
the observations, and testing these hypotheses by further experiments. Those hypotheses that
withstand such tests and prove themselves useful in explaining and predicting behavior

become known as theories.

1.4 Units of Measurement

Many properties of matter are quantitative; that is, they are associated with num-
bers. When a number represents a measured quantity, the units of that quantity
must always be specified. To say that the length of a pencil is 17.5 is meaning-

6 Clarke W. Earley, “A Simple
Demonstration for Introducing the
Metric System to Introductory
Chemistry Classes,” J. Chem. Educ.,
Vol. 76, 1999, 1215-1216.

less. To say that it is 17.5 centimeters (cm) properly specifies the length. The units
used for scientific measurements are those of the metric system.

The metric system, which was first developed in France during the late eigh- @
teenth century, is used as the system of measurement in most countries through-
out the world. The United States has traditionally used the English system,

A word game. Mark L. Campbell,
“Having Fun with the Metric
System,” J. Chem. Educ., Vol. 68,
1991, 1043.

although use of the metric system has become more common in recent years.
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A Figure 1.16 Metric measurements
are becoming increasingly common in
the United States, as exemplified by the
volume printed on this container.

/ Emphasize the importance of quickly
—J mastering the use of common metric

prefixes and scientific notation.

<

| Conversions involving commonly

I encountered metric prefixes need
frequent reinforcement; for example,
10%ug = 103mg = 1g = 103 kg.

For example, the contents of most canned goods and soft drinks in grocery stores
are now given in metric as well as in English units as shown in Figure 1.16 «.

SI Units

In 1960 an international agreement was reached specifying a particular choice of
metric units for use in scientific measurements. These preferred units are called
SI units, after the French Systéme International d’Unités. The SI system has seven
base units from which all other units are derived. Table 1.4 V¥ lists these base units
and their symbols. In this chapter we will consider the base units for length,
mass, and temperature.

TABLE 1.4 Sl Base Units (o)

Physical Quantity Name of Unit Abbreviation
Mass Kilogram kg

Length Meter m

Time Second s
Temperature Kelvin K

Amount of substance Mole mol

Electric current Ampere A

Luminous intensity Candela cd

3The abbreviation sec is frequently used.

Prefixes are used to indicate decimal fractions or multiples of various
units. For example, the prefix milli- represents a 10> fraction of a unit: A mil-
ligram (mg) is 102 gram (g), a millimeter (mm) is 10~> meter (m), and so forth.
Table 1.5 ¥ presents the prefixes commonly encountered in chemistry. In using
the SI system and in working problems throughout this text, you must be com-
fortable using exponential notation. If you are unfamiliar with exponential
notation or want to review it, refer to Appendix A.1.

Although non-SI units are being phased out, there are still some that are
commonly used by scientists. Whenever we first encounter a non-SI unit in the
text, the proper SI unit will also be given.

Length and Mass

The SI base unit of length is the meter (m), a distance only slightly longer than a
yard. The relations between the English and metric system units that we will use
most frequently in this text appear on the back inside cover. We will discuss how
to convert English units into metric units, and vice versa, in Section 1.6.

TABLE 1.5 Selected Prefixes Used in the Metric System

Prefix Abbreviation Meaning Example

Giga G 10° 1 gigameter (Gm) =1 X 10° m
Mega M 10° 1 megameter (Mm) = 1 X 10°m
Kilo k 10° 1 kilometer (km) =1 X 10°m
Deci d 107! 1 decimeter (dm) = 0.1m

Centi d 1072 1 centimeter (cm) = 0.0l m

Milli m 1073 1 millimeter (mm) = 0.001 m
Micro u? 107 1 micrometer (um) =1 X 107°m
Nano n 107° 1 nanometer (nm) =1 X 107 m
Pico p 10712 1 picometer (pm) =1 X 1072?m
Femto f 1071 1 femtometer (fm) =1 X 107°m

2This is the Greek letter mu (pronounced “mew”).



Mass* is a measure of the amount of material in an object. The SI base unit
of mass is the kilogram (kg), which is equal to about 2.2 pounds (Ib). This base
unit is unusual because it uses a prefix, kilo-, instead of the word gram alone. We
obtain other units for mass by adding prefixes to the word gram.

SAMPLE EXERCISE 1.2

What is the name given to the unit that equals (a) 10~ gram; (b) 107° second; (c) 10~
meter?

Solution In each case we can refer to Table 1.5, finding the prefix related to each of the
decimal fractions: (a) nanogram, ng; (b) microsecond, us; (¢) millimeter, mm.

PRACTICE EXERCISE
(a) What decunal fraction of a second is a picosecond, ps? (b) Express the measurement
6.0 X 10° m using a prefix to replace the power of ten. (c) Use standard exponential

notation to express 3.76 mg in grams.
Answers: (a) 10712 second; (b) 6.0 km; (c) 3.76 X 103 ¢

Temperature

We sense temperature as a measure of the hotness or coldness of an object.
Indeed, temperature determines the direction of heat flow. Heat always flows
spontaneously from a substance at higher temperature to one at lower temper-
ature. Thus, we feel the influx of energy when we touch a hot object, and we
know that the object is at a higher temperature than our hand.

The temperature scales commonly employed in scientific studies are the Cel-
sius and Kelvin scales. The Celsius scale is also the everyday scale of tempera-
ture in most countries (Figure 1.17 »). It was originally based on the assignment
of 0°C to the freezing point of water and 100°C to its boiling point at sea level
(Figure 1.18 7).

373 K T — 100°C T — 212°F T ] — Water boils
2 2 o |
< © < | [
Z 4 & |0
z 8 L 14
R=! 8 BBl o
) ) o |
& & £ 0
13 .. oD o b0 [
310K- 2| — 37.0°C &~ | — 98.6°F 2~ [ — Normal body temperature
o o o I
S S % |
— — — |
273 K i — 0°C L — 32°F L E — Water freezes
Kelvin scale Celsius scale Fahrenheit scale

*Mass and weight are not interchangeable terms and are often incorrectly thought to be the same. The
weight of an object is the force that the mass exerts due to gravity. In space, where gravitational
forces are very weak, an astronaut can be weightless, but he or she cannot be massless. In fact, the

astronaut’s mass in space is the same as it is on Earth.
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| Students often confuse the terms
= mass and weight; they are not the
same. Mass is a measure of the
amount of material present in a
sample, while weight is a measure of
the attraction between a sample and
a gravitational field.

[ﬂl A short article dealing with the
problems of maintaining “Le Grand
K” the platinum-iridium bar whose
mass defines the kilogram. “Bearing
Down on the Kilogram Standard,”
Science News, Vol. 147, January 28,
1995, 63.
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A Figure 1.17 Many countries
employ the Celsius temperature scale in
everyday use, as illustrated by this
Australian stamp.

< Figure 1.18 Comparison of the
Kelvin, Celsius, and Fahrenheit
temperature scales.

o
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| Temperature in the Kelvin scale does
I not use the degree sign (°) because it
is an absolute scale, not a relative
scale. Thus, the freezing point of
water is 0 degrees Celsius or 273.15
Kelvin.

SAMPLE EXERCISE 1.3

°F?
Solution

(a) Using Equation 1.1, we have

(b) Using Equation 1.2, we have

PRACTICE EXERCISE

Answers: (a) 261.7 K; (b) 11.3°F

1L =1 dm® = 1000 cm®

10 cm —
=1dm

A Figure 1.19 Aliter is the same
volume as a cubic decimeter,

1L =1 dm?3. Each cubic decimeter
contains 1000 cubic centimeters,

1 dm3 = 1000 cm?. Each cubic
centimeter equals a milliliter,

1em? =1mL.

o

The Kelvin scale is the SI temperature scale, and the SI unit of temperature
is the kelvin (K). Historically, the Kelvin scale was based on the properties of
gases; its origins will be considered in Chapter 10. Zero on this scale is the low-
est attainable temperature, —273.15°C, a temperature referred to as absolute zero.
Both the Celsius and Kelvin scales have equal-sized units—that is, a kelvin is
the same size as a degree Celsius. Thus, the Kelvin and Celsius scales are related
as follows:

K = °C + 273.15 [1.1]

The freezing point of water, 0°C, is 273.15 K (Figure 1.18). Notice that we do not
use a degree sign (°) with temperatures on the Kelvin scale.

The common temperature scale in the United States is the Fahrenheit scale,
which is not generally used in scientific studies. On the Fahrenheit scale water
freezes at 32°F and boils at 212°F. The Fahrenheit and Celsius scales are related
as follows:

9
°C = g("F —32) or °F=(°C) + 32 [1.2]

If a weather forecaster predicts that the temperature for the day will reach 31°C, what is the predicted temperature (a) in K; (b) in

K =231+ 273 =304K

°F = %(31) + 32 =56 + 32 = 88°F

Ethylene glycol, the major ingredient in antifreeze, freezes at —11.5°C. What is the freezing point in (a) K; (b) °F?

Derived S| Units

The SI base units in Table 1.4 are used to derive the units of other quantities. To
do so, we use the defining equation for the quantity, substituting the appropri-
ate base units. For example, speed is defined as the ratio of distance to elapsed
time. Thus, the SI unit for speed is the SI unit for distance (length) divided by the
SI unit for time, m/s, which we read as “meters per second.” We will encounter
many derived units, such as those for force, pressure, and energy, later in this text.
In this chapter we examine the derived units for volume and density.

Volume

The volume of a cube is given by its length cubed, (length)®. Thus, the basic SI unit
of volume is the cubic meter, or m>, the volume of a cube that is 1 m on each
edge. Smaller units, such as cubic centimeters, cm? (sometimes written as cc),
are frequently used in chemistry. Another unit of volume commonly used in
chemistry is the liter (L), which equals a cubic decimeter, dm?, and is slightly
larger than a quart. The liter is the first metric unit we have encountered that is
not an SI unit. There are 1000 milliliters (mL) in a liter (Figure 1.19 «), and each
milliliter is the same volume as a cubic centimeter: 1 mL = 1 cm®. The terms
milliliter and cubic centimeter are used interchangeably in expressing volume.
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The devices used most frequently in chemistry to measure volume are illus-
trated in Figure 1.20 A. Syringes, burets, and pipets deliver liquids with more
accuracy than graduated cylinders. Volumetric flasks are used to contain spe-
cific volumes of liquid.

Density

Density is widely used to characterize substances. It is defined as the amount of
mass in a unit volume of the substance:

mass

Density = [1.3]

volume

The densities of solids and liquids are commonly expressed in units of grams
per cubic centimeter (g/cm®) or grams per milliliter (g/mL). The densities of
some common substances are listed in Table 1.6 V. It is no coincidence that the
density of water is 1.00 g/mL; the gram was originally defined as the mass of
1 mL of water at a specific temperature. Because most substances change vol-
ume when heated or cooled, densities are temperature dependent. When report-
ing densities, the temperature should be specified. We usually assume that the
temperature is 25°C, close to normal room temperature, if no temperature is
reported.

TABLE 1.6 Densities of Some Selected Substances at 25°C

Density
Substance (g/cm®)
Air 0.001
Balsa wood 0.16
Ethanol 0.79
Water 1.00
Ethylene glycol 1.09
Table sugar 1.59
Table salt 2.16
Iron 7.9
Gold 19.32
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<« Figure 1.20 Common devices
used in chemistry laboratories for the
measurement and delivery of volumes of
liquid. The graduated cylinder, syringe,
and buret are used to deliver variable
volumes of liquid; the pipet is used to
deliver a specific volume of liquid. The
volumetric flask contains a specific
volume of liquid when filled to the mark.

o

6 The densities of regular and diet
soda are compared. Lee R.
Summerlin, Christie L. Borgford, and
Julie B. Ealy, “Sugar in a Can of Soft
Drink: A Density Exercise,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988)
pp. 126-127.

6 A simple demonstration of the
concept of density. Lee R.
Summerlin, Christie L. Borgford, and
Julie B. Ealy, “The Mysterious Sunken
Ice Cube,” Chemical Demonstrations,
A Sourcebook for Teachers, Vol. 2
(American Chemical Society,
Washington, DC, 1988) pp. 15-16.

Eﬂ] A demonstration of the concept of
density. Kenneth E. Kolb and Doris K.
Kolb, “Method for Separating or
Identifying Plastics,” /. Chem. Educ.,
Vol. 68, 1991, 348.

6 Demonstrations involving densities
and miscibility of liquids. David A.
Franz and David Speckhard,
“Densities and Miscibilities of Liquids
and Liquid Mixtures,” J. Chem. Educ.,
Vol. 68, 1991, 594.
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‘L\ Chemistry at Work Chemistry in the News

Chemistry is a very lively, active field of science. Because it is
so central to our lives, there are reports on matters of chemical
significance in the news nearly every day. Some tell of recent
breakthroughs in the development of new pharmaceuticals,
materials, and processes. Others deal with environmental and
public safety issues. As you study chemistry, we hope you will
develop the skills to better understand the impact of chem-
istry on your life. You need these skills to take part in public
discussions and debates about matters related to chemistry that
affect your community, the nation, and the world. By way of
examples, here are summaries of a few recent stories in which
chemistry plays a role.

“Fuel Cells Produce Energy Directly
from Hydrocarbons”

The arrival of electric cars, such as the one in Figure 1.21 V¥, as
a practical mode of transportation has been delayed for years
by problems in finding a suitable energy source. The batteries
that are available at reasonable cost are too heavy, and they
permit only a limited mileage before needing to be recharged.
The fuel cell, in which a chemical reaction is used to furnish
electrical energy directly, is an alternative to a battery. Up until
now successful fuel cells have required the use of hydrogen as
a fuel. Hydrogen is expensive to produce, and storing it pre-
sents problems and poses potential dangers.

Recently researchers at the University of Pennsylvania
have demonstrated that more convenient, less-expensive, and
potentially safer fuels, such as butane and diesel fuel, can be
used directly to produce electricity in a newly designed fuel
cell. Butane and diesel fuel are composed of hydrocarbons, mol-
ecules containing just hydrogen and carbon atoms. The key to
the new technology is the development of a new electrode mate-
rial for the fuel cell, one containing the element copper, which
presumably helps catalyze the appropriate electrochemical reac-
tions at the electrode.

Though this new technology appears very promising, you
won't be able to place your order for an electric car that incor-
porates it just yet. Several engineering and cost issues need to

A Figure 1.21

Cutaway view of car powered by fuel cells.

be resolved before it can become a commercial reality. Never-
theless, several automobile companies have set their goal to
have a fuel-cell powered automobile on the market by 2004 or
shortly thereafter.

“Adding Iron to the Ocean Spurs Photosynthesis”

Microscopic plant life—phytoplankton—is scarce in certain
parts of the ocean (Figure 1.22 V). Several years ago scientists
proposed that this scarcity is caused by the lack of plant nutri-
ents, primarily iron. Because phytoplankton take up carbon
dioxide in photosynthesis, it was also proposed that relatively
small amounts of iron distributed in appropriate regions of the
oceans could reduce atmospheric carbon dioxide, thereby
reducing global warming. If the phytoplankton sank to the bot-
tom of the ocean when they died, the carbon dioxide would not
return to the atmosphere when the microbes decomposed.
Recently, studies have been conducted in which iron was
added to surface waters of the southern ocean near Antarctica
to study its effect on phytoplankton. Adding iron resulted in a
substantial buildup in the amount of phytoplankton and at least
a short-term drop in the amount of carbon dioxide in the air
immediately above them. These results were consistent with
similar experiments performed earlier in the equatorial Pacific
Ocean, confirming the hypothesis that iron is the limiting nutri-
ent of these microorganisms in much of the ocean. However,
there was no increase in the amount of microbes sinking out of
the top layer of ocean water. Thus, this procedure may be of no
use for the long-term reduction of atmospheric carbon dioxide.

“Nanotechnology: Hype and Hope”

The past 15 years have witnessed an explosion of relatively
inexpensive equipment and techniques for probing and manip-
ulating materials on the nanometer-length scale. These capabili-
ties have led to optimistic forecasts of futuristic nano- technologies
including molecular-scale machines and robots that can manip-
ulate matter with atomic precision. Many believe that such
futuristic visions are mere hype, while others express the hope
that they can be realized.

A Figure 1.22 A color-enhanced satellite image of the global
ocean, highlighting the distribution and concentration of
phytoplankton. The red and orange regions have the greatest
concentration, whereas the light blue and dark purple have the
least.



Axis of nanotube

Nanoscale materials do exhibit chemical and physical prop-
erties from different bulk materials. For example, carbon can be
made to form tubular structures as shown in Figure 1.23 A.
These tubes, called nanotubes, resemble a cylindrical roll of
chicken wire. When nanotubes are perfectly formed, they con-
duct electricity like a metal.

Scientists have learned that the electric and optical proper-
ties of certain nanometer-size particles can be tuned by adjust-
ing the particle size or shape. Their properties are therefore of
interest for applications in optical data-storage devices and ultra-
fast data communications systems. Although such applications
are still years from commercial fruition, they nevertheless offer
the promise of dramatically changing not only the size of elec-
tronic devices, sensors and many other items, but also the way
they are manufactured. It suggests that such devices might be
assembled from simpler, smaller components such as molecules
and other nanostructures. This approach is similar to the one
nature uses to construct complex biological architectures.

“The Search for a Super-aspirin”

Aspirin, introduced in 1899, was one of the first drugs ever
developed and is still one of the most widely used. It is esti-
mated that 20 billion aspirin tablets are taken each year in the
United States. Originally intended to relieve pain and soothe
aching joints and muscles, it has proven to be an immensely
complicated medication with unexpected powers and limita-
tions. It has been found to reduce the incidence of heart attacks

(@) (b)

1.4 Units of Measurement 19

« Figure 1.23 A section of
carbon nanotube. Each intersection
in the network represents a carbon
atom chemically joined to three
others.

and is effective in reducing the incidences of Alzheimer’s dis-
ease and digestive tract cancers. At the same time, however,
aspirin attacks the stomach lining, causing bleeding or even
ulcers, and it often causes intestinal problems.

One of the ways that aspirin works is by blocking an
enzyme (a type of protein) called COX-2, which promotes
inflammation, pain, and fever. Unfortunately, it also interferes
with the COX-1, a related enzyme that makes hormones essen-
tial for the health of the stomach and kidneys. An ideal pain
reliever and anti-inflammatory agent would inhibit COX-2 but
not interfere with COX-1. The shape of the aspirin molecule is
shown in Figure 1.24(a) V. Aspirin works by transferring part
of its molecule, called the acetyl group, to COX-2, thereby dis-
abling it. A replacement for aspirin must retain this feature of
the molecule, which is highlighted in Figure 1.24(a). The
replacement should also retain the general shape and size of
the aspirin molecule, so that it fits into the space on the enzyme
in the same way aspirin does.

One promising variant of the aspirin molecule is shown in
Figure 1.24(b). The changed portion consists of a sulfur atom
(yellow) followed by a “tail” of carbon atoms (black) and
attached hydrogen atoms (white). This molecule is a potent
COX-2 inhibitor that does not appear to affect COX-1. This and
other “super-aspirin” molecules must pass tests of long-term
safety before they can appear on the shelves at the drugstore,
but in time they may replace aspirin and the other popular non-
steroidal anti-inflammatory drugs.

« Figure 1.24 (a) A molecular model of
aspirin, the highlighted portion of the molecule
is transferred when aspirin deactivates the COX-
2 enzyme. (b) Molecular model of a potential
new “super-aspirin” whose molecular structure is
related to that of aspirin.
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@ A special issue devoted to
nanotechnology. Scientific American,
September 2001.

SAMPLE EXERCISE 1.4

The terms density and weight are sometimes confused. A person who says
that iron weighs more than air generally means that iron has a higher density than
air; 1 kg of air has the same mass as 1 kg of iron, but the iron occupies a smaller
volume, thereby giving it a higher density. If we combine two liquids that do
not mix, the less dense one will float on the more dense one.

(a) Calculate the density of mercury if 1.00 X 10* g occupies a volume of 7.36 cm®.
(b) Calculate the volume of 65.0 g of the liquid methanol (wood alcohol) if its density is 0.791 g/mL.
(c) What is the mass in grams of a cube of gold (density = 19.32 g/ cm?) if the length of the cube is 2.00 cm.

Solution

(a) We are given mass and volume, so
Equation 1.3 yields

(b) Solving Equation 1.3 for volume
and then using the given mass and
density gives

(c) We can calculate the mass from the
volume of the cube and its density.
The volume of a cube is given by
its length cubed:

Solving Equation 1.3 for mass and
substituting the volume and den-
sity of the cube we have

PRACTICE EXERCISE

mass 1.00 X 102g
Density = = = 13. 3
ensity = —— - 3.6 g/cm

mass _ 650g
density  0.791 g/mL

Volume = = 82.2mL

Volume = (2.00 cm)? = (2.00)° cm? = 8.00 cm®

Mass = volume X density = (8.00 cm®)(19.32 g/cm®) = 155 ¢

(a) Calculate the density of a 374.5-g sample of copper if it has a volume of 41.8 cm®. (b) A student needs 15.0 g of ethanol for an exper-
iment. If the density of the alcohol is 0.789 g/mL, how many milliliters of alcohol are needed? (c) What is the mass, in grams, of 25.0 mL

of mercury (density = 13.6 g/mL)?

Answers: (a) 8.96 g/cm?; (b) 19.0 mL; (c) 340 g

The terms precision and accuracy are
frequently incorrectly used
interchangeably.

=7

|

Charles |. Guare, “Error, Precision,
and Uncertainty,” /. Chem. Educ., Vol.
68, 1991, 649-652.

1.5 Uncertainty in Measurement

There are two kinds of numbers in scientific work: exact numbers (those whose
values are known exactly) and inexact numbers (those whose values have some
uncertainty). Most of the exact numbers have defined values. For example,
there are exactly 12 eggs in a dozen, exactly 1000 g in a kilogram, and exact-
ly 2.54 cm in an inch. The number 1 in any conversion factor between units,
asin1m = 100 cm or 1 kg = 2.2046 1b, is also an exact number. Exact num-
bers can also result from counting numbers of objects. For example, we can
count the exact number of marbles in a jar or the exact number of people in
a classroom.

Numbers obtained by measurement are always inexact. There are always
inherent limitations in the equipment used to measure quantities (equipment
errors), and there are differences in how different people make the same meas-
urement (human errors). Suppose that 10 students with 10 different balances
are given the same dime to weigh. The 10 measurements will vary slightly.
The balances might be calibrated slightly differently, and there might be dif-
ferences in how each student reads the mass from the balance. Counting very
large numbers of objects usually has some associated error as well. Consid-
er, for example, how difficult it is to obtain accurate census information for
a city or vote counts for an election. Remember: Uncertainties always exist in
measured quantities.
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« Figure 1.25 The distribution of
darts on a target illustrates the difference
between accuracy and precision.

<

Good accuracy Poor accuracy Poor accurac
Good precision Good precision Poor precision
Precision and Accuracy @l Richard S. Treptow, “Precision and
L . . . L Accuracy in Measurements: A Tale of
The terms precision and accuracy are often used in discussing the uncertainties Four Graduated Cylinders,” J. Chem.
of measured values. Precision is a measure of how closely individual measure- Educ., Vol. 75, 1998, 992-995.

ments agree with one another. Accuracy refers to how closely individual meas-
urements agree with the correct, or “true,” value. The analogy of darts stuck in @ Arden P. Zipp, “A Simple but

a dartboard pictured in Figure 1.25 A illustrates the difference between these Effective Demonstration for
two concepts. lllustrating Significant Figure Rules
In the laboratory we often perform several different “trials” of the same \E/)Vh.e” Making Measurements and
. . § R . K oing Calculations,” . Chem. Educ.,
experiment. We gain confidence in the accuracy of our measurements if we obtain Vol. 69, 1992, 291.

nearly the same value each time. Figure 1.25 should remind us, however, that pre-
cise measurements can be inaccurate. For example, if a very sensitive balance is
poorly calibrated, the masses we measure will be consistently either high or low.
They will be inaccurate even if they are precise.

Significant Figures 1 10C
Suppose you weigh a dime on a balance capable of measuring to the nearest — —80°C
0.0001 g. You could report the mass as 2.2405 + 0.0001 g. The + notation (read i
“plus or minus”) expresses the uncertainty of a measurement. In much scientif- 2 s0°C
ic work we drop the + notation with the understanding that an uncertainty of i
atleast one unit exists in the last digit of the measured quantity. That is, measured 2 e

quantities are generally reported in such a way that only the last digit is uncertain.

Figure 1.26 P shows a thermometer with its liquid column between the scale
marks. We can read the certain digits from the scale and estimate the uncertain
one. From the scale marks, we see that the liquid is between the 25°C and 30°C
marks. We might estimate the temperature to be 27°C, being somewhat uncer-
tain of the second digit of our measurement.

All digits of a measured quantity, including the uncertain one, are called
significant figures. A measured mass reported as 2.2 g has two significant figures,
whereas one reported as 2.2405 g has five significant figures. The greater the num-

ber of significant figures, the greater is the certainty implied for the measurement. ~ A Figure 1.26 A thermometer whose
markings are shown only every 5°C. The
temperature is between 25°C and 30°C
SAMPLE EXERCISE 1.5 and is approximately 27°C.

What is the difference between 4.0 g and 4.00 g?

Solution Many people would say there is no difference, but a scientist would note
the difference in the number of significant figures in the two measurements. The value
4.0 has two significant figures, while 4.00 has three. This implies that the first meas-
urement has more uncertainty. A mass of 4.0 g indicates that the mass is between 3.9
and 4.1 g; the mass is 4.0 £ 0.1 g. A measurement of 4.00 g implies that the mass is %

ACTIVITY
between 3.99 and 4.01 g; the mass is 4.00 + 0.01 g. Significant Figures

PRACTICE EXERCISE

A balance has a precision of £0.001 g. A sample that weighs about 25 g is weighed on
this balance. How many significant figures should be reported for this measurement?
Answer: 5, as in the measurement 24.995 g
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[/ Leading zeros are never significant
1 figures; however, captive zeroes are
always significant figures.

[/ Students often cannot discriminate

L—J between exact numbers and
measurements. Exact numbers are
infinitely precise, regardless of the
algebraic form in which they are
written. Exact numbers are often
encountered in definitions of units.

In any measurement that is properly reported, all nonzero digits are signif-
icant. Zeros, however, can be used either as part of the measured value or mere-
ly to locate the decimal point. Thus, zeros may or may not be significant,
depending on how they appear in the number. The following guidelines describe
the different situations involving zeros:

1. Zeros between nonzero digits are always significant—1005 kg (4 significant
figures); 1.03 cm (three significant figures).

2. Zeros at the beginning of a number are never significant; they merely indi-
cate the position of the decimal point—0.02 g (one significant figure);
0.0026 cm (two significant figures).

3. Zeros that fall both at the end of a number and after the decimal point are
always significant—0.0200 g (3 significant figures); 3.0 cm (2 significant
figures).

4. When a number ends in zeros but contains no decimal point, the zeros may
or may not be significant—130 cm (two or three significant figures); 10,300 g
(three, four, or five significant figures).

The use of exponential notation (Appendix A) eliminates the potential ambi-
guity of whether the zeros at the end of a number are significant (rule 4). For
example, a mass of 10,300 g can be written in exponential notation showing three,
four, or five significant figures:

1.03 x 10*g (three significant figures)
1.030 X 10*g  (four significant figures)
1.0300 x 10*g  (five significant figures)

In these numbers all the zeros to the right of the decimal point are significant
(rules 1 and 3). (All significant figures come before the exponent; the exponen-
tial term does not add to the number of significant figures.)

Exact numbers can be treated as if they have an infinite number of signifi-
cant figures. This rule applies to many definitions between units. Thus, when
we say, “There are 12 inches in 1 foot,” the number 12 is exact and we need not
worry about the number of significant figures in it.

SAMPLE EXERCISE 1.6

How many significant figures are in each of the following numbers (assume that each
number is a measured quantity): (a) 4.003; (b) 6.023 X 10%; (c) 5000?

Solution (a) Four; the zeros are significant figures. (b) Four; the exponential term does
not add to the number of significant figures. (c) One, two, three, or four. In this case
the ambiguity could have been avoided by using exponential notation. Thus 5 X 10°
has only one significant figure, whereas 5.00 X 10° has three.

PRACTICE EXERCISE

How many significant figures are in each of the following measurements: (a) 3.549 g;
(b) 2.3 X 10* cm; (c) 0.00134 m>?
Answers: (a) four; (b) two; (c) three

Significant Figures in Calculations

When carrying measured quantities through calculations, observe these points:
(1) The least certain measurement used in a calculation limits the certainty of
the calculated quantity. (2) The final answer for any calculation should be report-
ed with only one uncertain digit.

To keep track of significant figures in calculations, we will make frequent
use of two rules. The first involves multiplication and division, and the second



involves addition and subtraction. In multiplication and division the result must be
reported with the same number of significant fiqures as the measurement with the fewest
significant figures. When the result contains more than the correct number of sig-
nificant figures, it must be rounded off.

For example, the area of a rectangle whose measured edge lengths are
6.221 cm and 5.2 cm should be reported as 32 cm? even though a calculator shows
the product of 6.221 and 5.2 to have more digits:

Area = (6.221 cm)(5.2 cm) = 32.3492 cm? = round off to 32 cm?

We round off to two significant figures because the least precise number—>5.2
cm—has only two significant figures.
In rounding off numbers, look at the leftmost digit to be dropped:

1. If the leftmost digit to be removed is less than 5, the preceding number is left
unchanged. Thus, rounding 7.248 to two significant figures gives 7.2.

2. If the leftmost digit to be removed is 5 or greater, the preceding number is
increased by 1. Rounding 4.735 to three significant figures gives 4.74, and
rounding 2.376 to two significant figures gives 2.4.*

The guidelines used to determine the number of significant figures in addi-
tion and subtraction are different from those for multiplication and division. In
addition and subtraction the result can have no more decimal places than the measure-
ment with the fewest number of decimal places. In the following example the uncer-
tain digits appear in color:

This number limits 20.4 < one decimal place
the number of significant 1.322 « three decimal places
figures in the result —— 83 <« zero decimal places

104.722 < round off to 105
(zero decimal places)

SAMPLE EXERCISE 1.7

The width, length, and height of a small box are 15.5 cm, 27.3 cm, and 5.4 cm, respec-
tively. Calculate the volume of the box using the correct number of significant figures
in your answer.

Solution The volume of a box is determined by the product of its width, length, and
height. In reporting the product, we can show only as many significant figures as given
in the dimension with the fewest significant figures, that for the height (two significant
figures):

Volume = width X length X height
= (15.5 cm)(27.3 cm)(5.4 cm) = 2285.01 cm®= 2.3 X 10° cm®

When using a calculator, the display first shows 2285.01, which we must round off to
two significant figures. Because the resulting number is 2300, it should be reported in
standard exponential notation, 2.3 X 10%, to clearly indicate two significant figures.
Notice that we round off the result at the end of the calculation.

PRACTICE EXERCISE

It takes 10.5 s for a sprinter to run 100.00 m. Calculate the average speed of the sprint-
er in meters per second, and express the result to the correct number of significant
figures.

Answer: 9.52 m/s (3 significant figures)

*Your instructor may wish you to use a slight variation on the rule when the leftmost digit to be
removed is exactly 5, with no following digits or only zeros. One common practice is to round up to
the next higher number if that number will be even, and down to the next lower number otherwise.
Thus, 4.7350 would be rounded to 4.74, and 4.7450 would also be rounded to 4.74.

1.5 Uncertainty in Measurement 23

@ Several articles dealing with
significant figures: Ben Ruekberg,
“A Joke Based on Significant
Figures,” J. Chem. Educ., Vol. 71,
1994, 306; Kenton B. Abel and
William M. Hemmerlin, “Significant
Figures,” J. Chem. Educ., Vol. 67,
1990, 213; H. Graden Kirksey and
Paul Krause, “Significant Figures:
A Classroom Demonstration,”

J. Chem. Educ., Vol. 69, 1992,
497-498.
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SAMPLE EXERCISE 1.8

A gas at 25°C fills a container previously determined to have a volume of 1.05 X 10* cm®. The container plus gas are weighed
and found to have a mass of 837.6 g. The container, when emptied of all gas, has a mass of 836.2 g. What is the density of the
gas at 25°C?

Solution

To calculate the density we must know
both the mass and the volume of the
gas. The mass of the gas is just the dif-
ference in the masses of the full and
empty container: (837.6 — 836.2)g = 14g

In subtracting numbers, we determine significant figures by paying attention to decimal places. Thus the mass of the gas, 1.4 g,
has only two significant figures, even though the masses from which it is obtained have four.

mass ldg
volume 1,05 x 10°cm®
1.3 X 1073 g/cm® = 0.0013 g/cm®

Using the volume given in the question, Density
1.05 X 10° cm?, and the definition of
density, we have

In dividing numbers, we determine the number of significant figures in our result by considering the number of significant figures
in each factor. There are two significant figures in our answer, corresponding to the smaller number of significant figures in the
two numbers that form the ratio.

PRACTICE EXERCISE

To how many significant figures should the mass of the container be measured (with and without the gas) in Sample Exercise 1.8
in order for the density to be calculated to three significant figures?

Answer: 5 (In order for the difference in the two masses to have three significant figures, there must be two decimal places in the
masses of the filled and empty containers.)

When a calculation involves two or more steps and you write down answers
for intermediate steps, retain at least one additional digit—past the number of
significant figures—for the intermediate answers. This procedure ensures that
small errors from rounding at each step do not combine to affect the final result.
When using a calculator, you may enter the numbers one after another, round-
ing only the final answer. Accumulated rounding-off errors may account for
small differences between results you obtain and answers given in the text for
numerical problems.

1.6 Dimensional Analysis

[Qﬂ Ronald Delorenzo, “Expanded Throughout the text we use an approach called dimensional analysis as an aid
Dimensional Analysis: A Blending of in problem solving. In dimensional analysis we carry units through all calcula-
\E/:;lgh;l; a1n;92/|a7tgéf7'9c1’7€m‘ Educ., tions. Units are multiplied together, divided into each other, or “canceled.”

' ' Dimensional analysis will help ensure that the solutions to problems yield the
proper units. Moreover, dimensional analysis provides a systematic way of solv-

@ Brian N. Akers, “Appalachian Trail ing many numerical problems and of checking our solutions for possible errors.
[1);09%62”55'71{ 1?792'” TEhCIjSUEhOVI'?IaIiISde The key to using dimensional analysis is the correct use of conversion fac-
provides some unit analysis tors to change one unit into another. A conversion factor is a fraction whose
problems. numerator and denominator are the same quantity expressed in different units.

For example, 2.54 cm and 1 in. are the same length, 2.54 cm = 1 in. This rela-
tionship allows us to write two conversion factors:

2.54 cm nd 1lin.
1in., ™ 254cm



We use the first of these factors to convert inches to centimeters. For exam-
ple, the length in centimeters of an object that is 8.50 in. long is given by

Desired unit

254
254em o) cem

Number of centimeters = (8.50 i) Lo

Given unit

The units of inches in the denominator of the conversion factor cancel the units
of inches in the given data (8.50 inches). The centimeters in the numerator of the
conversion factor become the units of the final answer. Because the numerator
and denominator of a conversion factor are equal, multiplying any quantity by
a conversion factor is equivalent to multiplying by the number 1 and so does
not change the intrinsic value of the quantity. The length 8.50 in. is the same as
21.6 cm.

In general, we begin any conversion by examining the units of the given
data and the units we desire. We then ask ourselves what conversion factors we
have available to take us from the units of the given quantity to those of the
desired one. When we multiply a quantity by a conversion factor, the units mul-
tiply and divide as follows:

desired unit
givenunit
If the desired units are not obtained in a calculation, then an error must have

been made somewhere. Careful inspection of units often reveals the source of the
€error.

Givenunit X

= desired unit

SAMPLE EXERCISE 1.9

If a woman has a mass of 115 lb, what is her mass in grams? (Use the relationships
between units given on the back inside cover of the text.)

Solution Because we want to change from Ib to g, we look for a relationship between
these units of mass. From the back inside cover we have 1 Ib = 453.6 g. In order to
cancel pounds and leave grams, we write the conversion factor with grams in the nu-
merator and pounds in the denominator:

53.6 g
11

4
Mass in grams = (115 Jfkf)( > =522 X 10*g

The answer can be given to only three significant figures, the number of significant fig-
ures in 115 Ib.

PRACTICE EXERCISE

By using a conversion factor from the back inside cover, determine the length in kilo-
meters of a 500.0-mi automobile race.
Answer: 804.7 km

A Strategies in Chemistry Estimating Answers
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| For calculations to yield the correct

answers, they must also yield the
correct units. Checking an answer for
correct units is often a useful way to
check for calculation errors (e.g.,
those in which a conversion factor
was incorrectly employed).

Because the numerator and
denominator express the same
quantities (only in different units),
the value of the conversion factor is
exactly 1.

A friend once remarked cynically that calculators let you get
the wrong answer more quickly. What he was implying by that
remark was that unless you have the correct strategy for solv-
ing a problem and have punched in the correct numbers, the
answer will be incorrect. If you learn to estimate answers, how-
ever, you will be able to check whether the answers to your cal-
culations are reasonable.

The idea is to make a rough calculation using numbers that
are rounded off in such a way that the arithmetic can be easily

performed without a calculator. This approach is often referred
to as making a “ball-park” estimate, meaning that while it
doesn’t give an exact answer, it gives one that is roughly of the
right size. By working with units using dimensional analysis
and by estimating answers, we can readily check the reason-
ableness of our answers to calculations.
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Given: m

Find: in.

=3

Use lem =10"%m

cm

Use | 1lin.=254cm

Students often fail to perform an
algebraic function on both the units
and the numerical value in a
conversion. For example, when
squaring a unit conversion, the
numerical part of the factor and the
unit must be squared. When cubing
a unit conversion, the numerical part
of the factor and the unit must be
cubed.

Using Two or More Conversion Factors

It is often necessary to use more than one conversion factor in the solution of a
problem. For example, suppose we want to know the length in inches of an 8.00-
m rod. The table on the back inside cover doesn’t give the relationship between
meters and inches. It does give the relationship between centimeters and inches
(1 in. = 2.54 cm), though, and from our knowledge of metric prefixes we
know that 1 cm = 102 m. Thus, we can convert step by step, first from meters to
centimeters, and then from centimeters to inches as diagrammed in the column.

Combining the given quantity (8.00 m) and the two conversion factors, we
have

) = 315in.

100 em 1in.
Number of inches = (8.00 Hf)( 1m )(2 541rJlerﬁ

The first conversion factor is applied to cancel meters and convert the length
to centimeters. Thus, meters are written in the denominator and centimeters in
the numerator. The second conversion factor is written to cancel centimeters,
so it has centimeters in the denominator and inches, the desired unit, in the
numerator.

SAMPLE EXERCISE 1.10

The average speed of a nitrogen molecule in air at 25°C is 515 m/s. Convert this speed
to miles per hour.

Solution To go from the given units, m/s, to the desired units, mi/hr, we must con-
vert meters to miles and seconds to hours. From the relationships given on the back
inside cover of the book, we find that 1 mi = 1.6093 km. From our knowledge of met-
ric prefixes we know that 1 km = 10° m. Thus, we can convert m to km and then con-
vert km to mi. From our knowledge of time we know that 60 s = 1 min and 60 min =
1 hr. Thus, we can convert s to min and then convert min to hr.

Applying first the conversions for distance and then those for time, we can set up
one long equation in which unwanted units are canceled:

(o (1km i 605 \ (60 mir
SIPEEIVET T = (515g)<1o3m)(1.60931«ﬁ)(1 m)( 1hr )

= 1.15 X 10° mi/hr

Our answer has the desired units. We can check our calculation using the estimating
procedure described in the previous “Strategies” box. The given speed is about 500 m/s.
Dividing by 1000 converts m to km, giving 0.5 km/s. Because 1 mi is about 1.6 km,
this speed corresponds to 0.5/1.6 = 0.3 mi/s. Multiplying by 60 gives about
0.3 X 60 = 20 mi/min. Multiplying again by 60 gives 20 X 60 = 1200 mi/hr. The
approximate solution (about 1200 mi/hr) and the detailed solution (1150 mi/hr) are
reasonably close. The answer to the detailed solution has three significant figures, cor-
responding to the number of significant figures in the given speed in m/s.

PRACTICE EXERCISE

A car travels 28 mi per gallon of gasoline. How many kilometers per liter will it go?
Answer: 12 km/L

Conversions Involving Volume

The conversion factors previously noted convert from one unit of a given meas-
ure to another unit of the same measure, such as from length to length. We also
have conversion factors that convert from one measure to a different one. The
density of a substance, for example, can be treated as a conversion factor between
mass and volume. Suppose that we want to know the mass in grams of two cubic



inches (2.00 in.%) of gold, which has a density of 19.3 g/cm>. The density gives us
the following factors:

193¢ 1em?
1cm® an 193¢

Because the answer we want is a mass in grams, we can see that we will use the
first of these factors, which has mass in grams in the numerator. To use this fac-
tor, however, we must first convert cubic inches to cubic centimeters. The rela-
tionship between in.® and cm? is not given on the back inside cover, but the
relationship between inches and centimeters is given: 1 in. = 2.54 cm (exactly).
Cubing both sides of this equation gives (1 in.)* = (2.54 cm)? from which we
write the desired conversion factor:

(254cm)® (254 cm® 1639 cm®
(1in.)? (1)%in3 1in3

Notice that both the numbers and the units are cubed. Also, because 2.54 is an
exact number, we can retain as many digits of (2.54) as we need. We have used
four, one more than the number of digits in the density (19.3 g/cm?). Applying
our conversion factors, we can now solve the problem:

) (520)

The final answer is reported to three significant figures, the same number of sig-
nificant figures as is in 2.00 and 19.3.

Mass in grams = (2.00 i—rn})(

SAMPLE EXERCISE 1.11
What is the mass in grams of 1.00 gal of water? The density of water is 1.00 g/mL.
Solution Before we begin solving this exercise, we note the following:

1. We are given 1.00 gal of water.
2. We wish to obtain the mass in grams.
3. We have the following conversion factors either given, commonly known, or avail-
able on the back inside cover of the text:
1.00 g water 1L 1L 1 gal

1 mL water 1000 mL 1.057 gt 4 qt

The first of these conversion factors must be used as written (with grams in the numer-
ator) to give the desired result, whereas the last conversion factor must be inverted in
order to cancel gallons. The solution is given by

4 1E (1000 mL )/ 1.00
Mass in grams = (1.00 ,gai‘)<1;fr)(1.057qf)< 1E )<1mtg)

= 3.78 X 103gwater

The units of our final answer are appropriate, and we’ve also taken care of our signif-
icant figures. We can further check our calculation by the estimation procedure. We can
round 1.057 off to 1. Focusing on the numbers that don’t equal 1 then gives merely
4 X 1000 = 4000 g, in agreement with the detailed calculation.

PRACTICE EXERCISE

(a) Calculate the mass of 1.00 qt of benzene if it has a density of 0.879 g/mL.
(b) If the volume of an object is reported as 5.0 ft3, what is the volume in cubic meters?
Answers: (a) 832 g; (b) 0.14 m3

1.6 Dimensional Analysis
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. Strategies in Chemistry The Importance of Practice

If you've ever played a musical instrument or participated in
athletics, you know that the keys to success are practice and
discipline. You can’t learn to play a piano merely by listen-
ing to music, and you can’t learn how to play basketball
merely by watching games on television. Likewise, you can’t
learn chemistry by merely watching your instructor do it.
Simply reading this book, listening to lectures, or reviewing
notes will not usually be sufficient when exam time comes
around. Your task is not merely to understand how someone
else uses chemistry, but to be able to do it yourself. That takes
practice on a regular basis, and anything that you have to do
on a regular basis requires self-discipline until it becomes a
habit.

Throughout the book, we have provided sample exercis-
es in which the solutions are shown in detail. A practice exer-
cise, for which only the answer is given, accompanies each
sample exercise. It is important that you use these exercises as

Summary and Key Terms

learning aids. End-of-chapter exercises provide additional
questions to help you understand the material in the chapter.
Red numbers indicate exercises for which answers are given at
the back of the book. A review of basic mathematics is given
in Appendix A.

The practice exercises in this text and the homework
assignments given by your instructor provide the minimal prac-
tice that you will need to succeed in your chemistry course.
Only by working all the assigned problems will you face the
full range of difficulty and coverage that your instructor expects
you to master for exams. There is no substitute for a determined
and perhaps lengthy effort to work problems on your own. If
you do get stuck on a problem, however, get help from your
instructor, a teaching assistant, a tutor, or a fellow student.
Spending an inordinate amount of time on a single exercise is
rarely effective unless you know that it is particularly chal-
lenging and requires extensive thought and effort.

Introduction and Section 1.1 Chemistry is the study
of the composition, structure, properties, and changes of
matter. The composition of matter relates to the kinds
of elements it contains. The structure of matter relates to
the ways the atoms of these elements are arranged. A
molecule is an entity composed of two or more atoms with
the atoms attached to one another in a specific way.

Section 1.2 Matter exists in three physical states, gas,
liquid, and solid, which are known as the states of matter.
There are two kinds of pure substances: elements and
compounds. Each element has a single kind of atom and
is represented by a chemical symbol consisting of one or
two letters, with the first letter capitalized. Compounds
are composed of two or more elements joined chemically.
The law of constant composition, also called the law of
definite proportions, states that the elemental composi-
tion of a pure compound is always the same. Most matter
consists of a mixture of substances. Mixtures have vari-
able compositions and can be either homogeneous or het-
erogeneous; homogeneous mixtures are called solutions.

Section 1.3  Each substance has a unique set of physical
properties and chemical properties that can be used to
identify it. During a physical change matter does not
change its composition. Changes of state are physical
changes. In a chemical change (chemical reaction) a sub-
stance is transformed into a chemically different substance.
Intensive properties are independent of the amount of
matter examined and are used to identify substances.
Extensive properties relate to the amount of substance
present. Differences in physical and chemical properties
are used to separate substances.

The scientific method is a dynamic process used to
answer questions about our physical world. Observations
and experiments lead to scientific laws, general rules that
summarize how nature behaves. Observations also lead
to tentative explanations or hypotheses. As a hypothesis
is tested and refined, a theory may be developed.

Section 1.4 Measurements in chemistry are made using
the metric system. Special emphasis is placed on a partic-
ular set of metric units called SI units, which are based on
the meter, the kilogram, and the second as the basic units
of length, mass, and time, respectively. The metric system
employs a set of prefixes to indicate decimal fractions or
multiples of the base units. The SI temperature scale is the
Kelvin scale, although the Celsius scale is frequently used
as well. Density is an important property that equals mass
divided by volume.

Section 1.5 All measured quantities are inexact to some
extent. The precision of a measurement indicates how
closely different measurements of a quantity agree with
one another. The accuracy of a measurement indicates how
well a measurement agrees with the accepted or “true”
value. The significant figures in a measured quantity in-
clude one estimated digit, the last digit of the measure-
ment. The significant figures indicate the extent of the
uncertainty of the measurement. Certain rules must be fol-
lowed so that a calculation involving measured quantities
is reported with the appropriate number of significant
figures.

Section 1.6 In the dimensional analysis approach to
problem solving, we keep track of units as we carry meas-



urements through calculations. The units are multiplied
together, divided into each other, or canceled like algebraic
quantities. Obtaining the proper units for the final result is
an important means of checking the method of calcula-

Exercises
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tion. When converting units and when carrying out several
other types of problems, conversion factors can be used.
These factors are ratios constructed from valid relations
between equivalent quantities.

Classification and Properties of Matter

1.1

1.2

1.3

14

1.5

1.6

1.7
cQ

18
cQ

1.9
cQ

Classify each of the following as a pure substance or a
mixture; if a mixture, indicate whether it is homogeneous
or heterogeneous: (a) rice pudding; (b) seawater; (c) mag-
nesium; (d) gasoline.

Classify each of the following as a pure substance or a
mixture; if a mixture, indicate whether it is homogeneous
or heterogeneous: (a) air; (b) tomato juice; (c) iodine crys-
tals; (d) sand.

Give the chemical symbols for the following elements:
(a) aluminum; (b) sodium; (c) bromine; (d) copper; (e) sil-
icon; (f) nitrogen; (g) magnesium; (h) helium.

Give the chemical symbol for each of the following ele-
ments: (a) carbon ; (b) potassium; (c) chlorine; (d) zinc;
(e) phosphorus; (f) argon; (g) calcium; (h) silver.

Name the chemical elements represented by the follow-
ing symbols: (a) H; (b) Mg; (c) Pb; (d) Si; (e) F; (f) Sn;
(g) Mn; (h) As.

Name each of the following elements: (a) Cr; (b) I; (c) Li;
(d) Se; (e) Pb; () V; (g) Hg; (h) Ga.

A solid white substance A is heated strongly in the ab-
sence of air. It decomposes to form a new white substance
B and a gas C. The gas has exactly the same properties as
the product obtained when carbon is burned in an excess
of oxygen. Based on these observations, can we deter-
mine whether solids A and B and the gas C are elements
or compounds? Explain your conclusions for each
substance.

In 1807 the English chemist Humphry Davy passed an
electric current through molten potassium hydroxide and
isolated a bright, shiny reactive substance. He claimed
the discovery of a new element, which he named potas-
sium. In those days, before the advent of modern instru-
ments, what was the basis on which one could claim that
a substance was an element?

Make a drawing, like that in Figure 1.5, showing a ho-
mogeneous mixture of water vapor and argon gas (which
occurs as argon atoms).

1.10
cQ

1.11
cQ

1.12
cQ

1.13
cQ

1.14
cQ

1.15
cQ

1.16
cQ

Make a drawing, like that in Figure 1.5, showing a het-
erogeneous mixture of aluminum metal (which is com-
posed of aluminum atoms) and oxygen gas (which is
composed of molecules containing two oxygen atoms
each).

In the process of attempting to characterize a substance,
a chemist makes the following observations: The sub-
stance is a silvery white, lustrous metal. It melts at 649°C
and boils at 1105°C. Its density at 20°C is 1.738 g/cm?>.
The substance burns in air, producing an intense white
light. It reacts with chlorine to give a brittle white solid.
The substance can be pounded into thin sheets or drawn
into wires. It is a good conductor of electricity. Which of
these characteristics are physical properties, and which
are chemical properties?

Read the following description of the element zinc, and
indicate which are physical properties and which are
chemical properties. Zinc is a silver—gray-colored metal
that melts at 420°C. When zinc granules are added to dilute
sulfuric acid, hydrogen is given off and the metal dissolves.
Zinc has a hardness on the Mohs scale of 2.5 and a densi-
ty of 7.13 g/cm?® at 25°C. It reacts slowly with oxygen gas
at elevated temperatures to form zinc oxide, ZnO.

Label each of the following as either a physical process or
a chemical process: (a) corrosion of aluminum metal; (b)
melting of ice; (c) pulverizing an aspirin; (d) digesting a
candy bar; (e) explosion of nitroglycerin.

A match is lit and held under a cold piece of metal. The
following observations are made: (a) The match burns.
(b) The metal gets warmer. (c) Water condenses on the
metal. (d) Soot (carbon) is deposited on the metal. Which
of these occurrences are due to physical changes, and
which are due to chemical changes?

A beaker contains a clear, colorless liquid. If it is water,
how could you determine whether it contained dissolved
table salt? Do not taste it!

Suggest a method of separating each of the following
mixtures into two components: (a) sugar and sand; (b)
iron and sulfur.

Units and Measurement

1.17

1.18

What decimal power do the following abbreviations rep-
resent (a) d; (b) ¢; (0) f; (d) u; (e) M; (O k; (g) n; (h) m; (i) p?
Use appropriate metric prefixes to write the following
measurements without use of exponents:

@ 65x10°m; (b) 635 % 107*L; (o) 25X 107°L;
(d) 423 X 107m?; (e) 12.5 X 10 8kg; (f) 3.5 X 107 !s;
(g) 6.54 X 10 fs.

1.19
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Perform the following conversions: (a) 25.5 mg to g;
(b) 4.0 X 107 m to nm; (c) 0.575 mm to pum.

Convert (a) 1.48 X 102 kg to g; (b) 0.0023 um to nm;
(0)7.25 X 107 s to ms.

Identify each of the following as measurements of length,
area, volume, mass, density, time, or temperature: (a) 5 ns;
(b) 5.5 kg/m3; (c) 0.88 pm; (d) 540 km?%; (e) 173 K;
() 2 mm3; (g) 23°C.
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What type of quantity (for example, length, volume, den-
sity) do the following units indicate: (a) mL; (b) cm?;
(c) mm?; (d) mg/L; (e) ps; (f) nm; (g) K?

(a) A sample of carbon tetrachloride, a liquid once used
in dry cleaning, has a mass of 39.73 g and a volume of
25.0 mL at 25°C. What is its density at this temperature?
Will carbon tetrachloride float on water? (Materials that
are less dense than water will float.) (b) The density of
platinum is 21.45 g/cm? at 20°C. Calculate the mass of
75.00 cm® of platinum at this temperature. (c) The densi-
ty of magnesium is 1.738 g/cm? at 20°C. What is the vol-
ume of 87.50 g of this metal at this temperature?

(a) A cube of osmium metal 1.500 cm on a side has a
mass of 76.31 g at 25°C. What is its density in g/cm? at
this temperature? (b) The density of titanium metal is
4.51 g/cm® at 25°C. What mass of titanium displaces
65.8 mL of water at 25°C? (c) The density of benzene at
15°C is 0.8787 g/mL. Calculate the mass of 0.1500 L of
benzene at this temperature.

(a) To identify a liquid substance, a student determined
its density. Using a graduated cylinder, she measured out
a 45-mL sample of the substance. She then measured the
mass of the sample, finding that it weighed 38.5 g. She
knew that the substance had to be either isopropyl alco-
hol (density 0.785 g/mL) or toluene (density 0.866 g/mL).
What is the calculated density and the probable identity
of the substance? (b) An experiment requires 45.0 g of
ethylene glycol, a liquid whose density is 1.114 g/mL.
Rather than weigh the sample on a balance, a chemist
chooses to dispense the liquid using a graduated cylinder.
What volume of the liquid should he use? (c) A cubic
piece of metal measures 5.00 cm on each edge. If the metal
is nickel, whose density is 8.90 g/ cm3, what is the mass of
the cube?

1.26

[1.27]

[1.28]

1.29

1.30

(a) After the label fell off a bottle containing a clear liquid
believed to be benzene, a chemist measured the density
of the liquid to verify its identity. A 25.0-mL portion of
the liquid had a mass of 21.95 g. A chemistry handbook
lists the density of benzene at 15°C as 0.8787 g/mL. Is the
calculated density in agreement with the tabulated value?
(b) An experiment requires 15.0 g of cyclohexane, whose
density at 25°C is 0.7781 g/mL. What volume of cyclo-
hexane should be used? (c) A spherical ball of lead has a
diameter of 5.0 cm. What is the mass of the sphere if lead
has a density of 11.34 g/cm3? (The volume of a sphere is
(%)7773.)

Gold can be hammered into extremely thin sheets called
gold leaf. If a 200-mg piece of gold (density = 19.32 g/cm?)
is hammered into a sheet measuring 2.4 X 1.0 ft, what is
the average thickness of the sheet in meters? How might
the thickness be expressed without exponential notation,
using an appropriate metric prefix?

A cylindrical rod formed from silicon is 16.8 cm long and
has a mass of 2.17 kg. The density of silicon is 2.33 g/cm®.
What is the diameter of the cylinder? (The volume of a
cylinder is given by 7r*h, where r is the radius, and / is
its length.)

Make the following conversions: (a) 62°F to °C; (b) 216.7°C
to °F; (c) 233°C to K; (d) 315 K to °F; (e) 2500°F to K.

(a) The temperature on a warm summer day is 87°F. What
is the temperature in °C? (b) The melting point of sodium
bromide (a salt) is 755°C. What is this temperature in °F?
(c) Toluene freezes at —95°C. What is its freezing point in
kelvins and in degrees Fahrenheit? (d) Many scientific
data are reported at 25°C. What is this temperature in
kelvins and in degrees Fahrenheit? (e) Neon, the gaseous
element used to make electronic signs, has a melting point
of —248.6°C and a boiling point of —246.1°C. What are
these temperatures in kelvins?

Uncertainty in Measurement
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Indicate which of the following are exact numbers: (a) the
mass of a paper clip; (b) the surface area of a dime; (c) the
number of inches in a mile; (d) the number of ounces in
a pound; (e) the number of microseconds in a week;
(f) the number of pages in this book.

Indicate which of the following are exact numbers: (a) the
mass of a 32-0z can of coffee; (b) the number of students
in your chemistry class; (c) the temperature of the sur-
face of the sun; (d) the mass of a postage stamp; (e) the
number of milliliters in a cubic meter of water; (f) the
average height of students in your school.

What is the length of the pencil in the following fig-
ure? How many significant figures are there in this
measurement?

I
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An oven thermometer with a circular scale is shown.
What temperature does the scale indicate? How many
significant figures are in the measurement?

What is the number of significant figures in each of the
following measured quantities? (a) 1282 kg; (b) 0.00296 s;
(¢) 8.070 mm; (d) 0.0105 L; (e) 9.7750 X 10* cm.
Indicate the number of significant figures in each of the
following measured quantities: (a) 5.404 X 10° km;
(b) 0.0234 m2; (c) 5.500 cm; (d) 430.98 K; (e) 204.080 g.
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Round each of the following numbers to four significant
figures, and express the result in standard exponential
notation: (a) 300.235800; (b) 456,500; (c) 0.006543210;
(d) 0.000957830; (e) 50.778 X 10%; (f) —0.035000.

Round each of the following numbers to three significant
figures, and express the result in standard exponential
notation: (a) 143,700, (b) 0.09750; (c) 890,000;
(d) 6.764 X 10% (e) 33,987.22; (f) —6.5559.
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Carry out the following operations, and express the an-
swers with the appropriate number of significant figures:
(a) 21.2405 + 5.80; (b) 13.577 — 21.6;

(0) (5.03 X 107%)(3.6675); (d) 0.05770/75.3.

Carry out the following operations, and express the
answer with the appropriate number of significant fig-
ures: (a) 320.55 — (6104.5/2.3); (b) [(285.3 X 10°) —
(1.200 x 10%)] X 2.8954; (c) (0.0045 X 20,000.0) + (2813
X 12); (d) 863 X [1255 — (3.45 X 108)].

Dimensional Analysis
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When you convert units, how do you decide which part
of the conversion factor is in the numerator and which is
in the denominator?

Using the information on the back inside cover, write
down the conversion factors needed to convert: (a) mi
to km; (b) oz to g; (c) qt to L.

Perform the following conversions: (a) 0.076 L to mL;
(b) 5.0 X 108 m to nm; (c) 6.88 X 10°ns to s; (d) 1.55
kg/m? to g/L; (e) 5.850 gal/hr to L/s.

(a) The speed of light in a vacuum is 2.998 X 108 m/s.
What is its speed in km/hr? (b) The oceans contain
approximately 1.35 X 10° km® of water. What is this vol-
ume in liters? (¢) An individual suffering from a high cho-
lesterol level in her blood has 232 mg of cholesterol per
100 mL of blood. If the total blood volume of the indi-
vidual is 5.2 L, how many grams of total blood choles-
terol does the individual contain?

Perform the following conversions: (a) 5.00 days to s;
(b) 0.0550 mi to m; (c) $1.89/gal to dollars per liter;
(d) 0.510 in./ms to km/hr; (e) 22.50 gal/min to L/s;
(H 0.02500 ft* to cm”.

Carry out the following conversions: (a) 145.7 ft to m;
(b) 0.570 gt to mL; (c) 3.75 um/s to km/hr; (d) 3.977 yd® to
m?; (e) $2.99/1b to dollars per kg; (f) 9.75 Ib/ft’ to g/mL.
(a) How many liters of wine can be held in a wine barrel
whose capacity is 31 gal? (b) The recommended adult
dose of Elixophyllin®, a drug used to treat asthma, is 6
mg/kg of body mass. Calculate the dose in milligrams
for a 150-1b person. (c) If an automobile is able to travel
254 mi on 11.2 gal of gasoline, what is the gas mileage
in km/L? (d) A pound of coffee beans yields 50 cups of
coffee (4 cups = 1 qt). How many milliliters of coffee can
be obtained from 1 g of coffee beans?

(a) If an electric car is capable of going 225 km on a sin-
gle charge, how many charges will it need to travel from
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Boston, Massachusetts, to Miami, Florida, a distance of
1486 mi, assuming that the trip begins with a full charge?
(b) If a migrating loon flies at an average speed of 14 m/s,
what is its average speed in mi/hr? (¢) What is the engine
piston displacement in liters of an engine whose dis-
placement is listed as 450 in.3? (d) In March 1989, the
Exxon Valdez ran aground and spilled 240,000 barrels of
crude petroleum off the coast of Alaska. One barrel of
petroleum is equal to 42 gal. How many liters of petrole-
um were spilled?

The density of air at ordinary atmospheric pressure and
25°Cis 1.19 g/L. What is the mass, in kilograms, of the air
in a room that measures 12.5 X 15.5 X 8.0 ft?

The concentration of carbon monoxide in an urban apart-
ment is 48 ug/m>. What mass of carbon monoxide
in grams is present in a room measuring 9.0 X 14.5 X
18.8 ft?

A copper refinery produces a copper ingot weighing 150
Ib. If the copper is drawn into wire whose diameter is
8.25 mm, how many feet of copper can be obtained from
the ingot? The density of copper is 8.94 g/cm?>.

The Morgan silver dollar has a mass of 26.73 g. By law, it
was required to contain 90% silver, with the remainder
being copper. (a) When the coin was minted in the late
1800s, silver was worth $1.18 per troy ounce (31.1 g). At
this price, what is the value of the silver in the silver dol-
lar? (b) Today, silver sells for $5.30 per troy ounce. How
many Morgan silver dollars are required to obtain $25.00
worth of pure silver?

By using estimation techniques, determine which of the
following is the heaviest and which is the lightest: a 5-1b
bag of potatoes, a 5-kg bag of sugar, or 1 gal of water
(density = 1.0 g/mL)?

By using estimation techniques, arrange these items in
order from shortest to longest: a 57-cm length of string, a
14-in. long shoe, and a 1.1-m length of pipe.

Additional Exercises
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What is meant by the terms composition and structure
when referring to matter?

Classify each of the following as a pure substance, a solu-
tion, or a heterogeneous mixture: a gold coin; a cup of
coffee; a wood plank. What ambiguities are there in clear-
ly determining the nature of the material from the
description given?

(a) What is the difference between a hypothesis and a the-
ory? (b) Explain the difference between a theory and a
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scientific law. Which addresses how matter behaves, and
which addresses why it behaves that way?

A sample of ascorbic acid (vitamin C) is synthesized in the
laboratory. It contains 1.50 g of carbon and 2.00 g of oxy-
gen. Another sample of ascorbic acid isolated from citrus
fruits contains 6.35 g of carbon. How many grams of oxy-
gen does it contain? Which law are you assuming in
answering this question?

Two students determine the percentage of lead in a sam-
ple as a laboratory exercise. The true percentage is
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22.52%. The students’ results for three determinations
are as follows:

1. 22.52,22.48,22.54

2. 22.64,22.58,22.62

(a) Calculate the average percentage for each set of data,
and tell which set is the more accurate based on the aver-
age. (b) Precision can be judged by examining the average
of the deviations from the average value for that data set.
(Calculate the average value for each data set, then calcu-
late the average value of the absolute deviations of each
measurement from the average.) Which set is more precise?
Is the use of significant figures in each of the following
statements appropriate? Why or why not? (a) The 1976
circulation of Reader’s Digest was 17,887,299. (b) There are
more than 1.4 million people in the United States who
have the surname Brown. (c) The average annual rainfall
in San Diego, California, is 20.54 cm. (d) In Canada,
between 1978 and 1992, the prevalence of obesity in men
went from 6.8% to 12.0%.

Neon has a boiling point of —246.1°C. What is this tem-
perature in kelvins? In °F?

Give the derived SI units for each of the following quan-
tities in base SI units: (a) acceleration = distance/time?;
(b) force = mass X acceleration; (c¢) work = force X
distance; (d) pressure = force/area; (e) power =
work/time.

A 40-1b container of peat moss measures 14 X 20 X 30 in.
A 40-1b container of topsoil has a volume of 1.9 gal. Cal-
culate the average densities of peat moss and topsoil in
units of g/cm?®. Would it be correct to say that peat moss
is “lighter” than topsoil? Explain.

Small spheres of equal mass are made of lead (density =
11.3 g/cmd), silver (10.5 g/cm?), and aluminum (2.70 g/
cm3). Which sphere has the largest diameter and which
has the smallest?

The liquid substances mercury (density = 13.5 g/mL),
water (1.00 g/mL), and cyclohexane (0.778 g/mL) do not
form a solution when mixed, but separate in distinct lay-
ers. Sketch how the liquids would position themselves
in a test tube.

The annual production of sodium hydroxide in the Unit-
ed States in 1999 was 23.2 billion pounds. (a) How many
grams of sodium hydroxide were produced in that year?
(b) The density of sodium hydroxide is 2.130 g/cm>. How
many cubic kilometers were produced?

(a) You are given a bottle that contains 4.59 cm® of a metal-
lic solid. The total mass of the bottle and solid is 35.66 g.
The empty bottle weighs 14.23 g. What is the density of
the solid? (b) Mercury is traded by the “flask,” a unit that
has a mass of 34.5 kg. What is the volume of a flask of
mercury if the density of mercury is 13.6 g/mL? (c) An
undergraduate student has the idea of removing a deco-
rative stone sphere with a radius of 28.9 cm from in front
of a campus building. If the density of the stone is 3.52 g/
cm®, what is the mass of the sphere? [The volume of a
sphereis V = (4/3)mr3.] Is he likely to be able to walk off
with it unassisted?

A 32.65-g sample of a solid is placed in a flask. Toluene, in
which the solid is insoluble, is added to the flask so that
the total volume of solid and liquid together is 50.00 mL.
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The solid and toluene together weigh 58.58 g. The density
of toluene at the temperature of the experiment is 0.864
g/mL. What is the density of the solid?

Suppose you decide to define your own temperature
scale using the freezing point (—11.5°C) and boiling point
(197.6°C) of ethylene glycol. If you set the freezing point
as 0°G and the boiling point as 100°G, what is the freez-
ing point of water on this new scale?

Recently, one of the text authors completed a half-
marathon, a 13-mi, 192-yd road race, in a time of 1 hr,
44 min, and 18 s. (a) What was the runner’s average speed
in miles per hour? (b) What was the runner’s pace in min-
utes and seconds per mile?

The distance from Earth to the Moon is approximately
240,000 mi. (a) What is this distance in meters? (b) The
Concorde SST has an air speed of about 2400 km/hr. If the
Concorde could fly to the Moon, how many seconds
would it take?

The U.S. quarter has a mass of 5.67 g and is approxi-
mately 1.55 mm thick. (a) How many quarters would
have to be stacked to reach 575 ft, the height of the Wash-
ington Monument? (b) How much would this stack
weigh? (¢) How much money would this stack contain?
(d) In 1998 the national debt was $4.9 trillion. How many
stacks like the one described would be necessary to pay
off this debt?

In the United States water used for irrigation is measured
in acre-feet. An acre-foot of water covers an acre to a
depth of exactly 1 ft. An acre is 4840 yd>. An acre-foot is
enough water to supply two typical households for 1.00
yr. Desalinated water costs about $2480 per acre-foot.
(a) How much does desalinated water cost per liter?
(b) How much would it cost one household per day if it
were the only source of water?

A cylindrical container of radius r and height /1 has a vol-
ume of 7r2h. (a) Calculate the volume in cubic centime-
ters of a cylinder with a radius of 3.55 cm and a height of
75.3 cm. (b) Calculate the volume in cubic meters of a
cylinder whose height is 22.5 in. and whose diameter is
12.9 in. (¢) Calculate the mass in kilograms of a volume
of mercury equal to the volume of the cylinder in part
(b). The density of mercury is 13.6 g/cm?.

A 15.0-cm long cylindrical glass tube, sealed at one end,
is filled with ethanol. The mass of ethanol needed to fill
the tube is found to be 11.86 g. The density of ethanol is
0.789 g/mL. Calculate the inner diameter of the tube in
centimeters.

Gold is alloyed (mixed) with other metals to increase its
hardness in making jewelry. (a) Consider a piece of gold
jewelry that weighs 9.85 g and has a volume of 0.675 cm®.
The jewelry contains only gold and silver, which have
densities of 19.3 g/cm® and 10.5 g/cm?, respectively.
Assuming that the total volume of the jewelry is the sum
of the volumes of the gold and silver that it contains, cal-
culate the percentage of gold (by mass) in the jewelry.
(b) The relative amount of gold in an alloy is commonly
expressed in units of carats. Pure gold is 24 carats, and
the percentage of gold in an alloy is given as a percentage
of this value. For example, an alloy that is 50% gold is 12
carats. State the purity of the gold jewelry in carats.
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Suppose you are given a sample of a homogeneous lig-
uid. What would you do to determine whether it is a
solution or a pure substance?

Chromatography (Figure 1.14) is a simple, but reliable,
method for separating a mixture into its constituent sub-
stances. Suppose you are using chromatography to sep-
arate a mixture of two substances. How would you know
whether the separation is successful? Can you propose a
means of quantifying how good or how poor the sepa-
ration is?

You are assigned the task of separating a desired gran-
ular material, with a density of 3.62 g/cm3, from an
undesired granular material that has a density of 2.04
g/cm?®. You want to do this by shaking the mixture in a
liquid in which the heavier material will fall to the bot-
tom and the lighter material will float. A solid will float
on any liquid that is more dense. Using a handbook of
chemistry, find the densities of the following substances:
carbon tetrachloride, hexane, benzene, and methylene
iodide. Which of these liquids will serve your purpose,
assuming no chemical interaction between the liquid
and the solids?

The concepts of accuracy and precision are not always
easy to grasp. Here are two sets of studies: (a) The mass
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of a secondary weight standard is determined by weigh-
ing it on a very precise balance under carefully controlled
laboratory conditions. The average of 18 different weight
measurements is taken as the weight of the standard.
(b) A group of 10,000 males between the ages of 50 and 55
is surveyed to ascertain a relationship between calorie
intake and blood cholesterol level. The survey question-
naire is quite detailed, asking the respondents about what
they eat, smoking and drinking habits, and so on. The
results are reported as showing that for men of compa-
rable lifestyles, there is a 40% chance of the blood cho-
lesterol level being above 230 for those who consume
more than 40 calories per gram of body weight per day,
as compared with those who consume less than 30 calo-
ries per gram of body weight per day.

Discuss and compare these two studies in terms of
the precision and accuracy of the result in each case. How
do the two studies differ in nature in ways that affect the
accuracy and precision of the results? What makes for
high precision and accuracy in any given study? In each
of these studies, what factors might not be controlled that
could affect the accuracy and precision? What steps can
be taken generally to attain higher precision and
accuracy?

Experiment with the Phases of the Elements activity
(eChapter 1.2). (a) How many elements are liquids at room
temperature and what are they? (b) Choose two temper-
atures—one higher and one lower than room tempera-
ture—and determine how many elements are liquids at
those temperatures.

Watch the Electrolysis of Water movie (eChapter 1.2).
(a) How can you tell from this experiment that water is a
compound and not an element? (b) If you were to per-
form a similar experiment using liquid bromine instead
of liquid water in the apparatus, what would you expect
to happen?

The principle that oppositely charged particles attract one
another and like charges repel one another is summa-
rized in Coulomb’s law. Try some experiments using the
Coulomb’s Law activity (eChapter 1.3) to get a feel for the
magnitudes of attractive and repulsive forces between
charged particles. (a) Between which particles is the
attractive force the stronger: a particle with a charge of
—2 ata distance of 3 A from a particle with a charge of +1;
or a particle with a charge of —1 at a distance of 2 A from
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a particle with a charge of +1? (b) Consider a particle
with a charge of +3 at a distance of 5 A from a particle
with a charge of —3. If there were another negatively
charged particle in between the two, what would you
expect to happen to the magnitude of the attractive force
between them?

The Changes of State movie (eChapter 1.3) shows what
happens to a solid when it is heated. (a) Describe the
changes that occur. (b) Is the change from solid to liquid
a chemical change or a physical change? (c) Is the change
from liquid to gas a chemical change or a physical
change? (d) Is enough information given to determine
whether the original solid is an element, a compound, or
a mixture? Explain.

(a) Use the Significant Figures activity (eChapter 1.5) to
verify your answers to Exercises 1.39 and 1.40. (b) Is it
possible for the sum of a column of numbers, each con-
taining two significant figures, to have more than two
significant figures? Explain. (c) How many significant fig-
ures should there be in the answer to the following cal-
culation? (35.2 — 30.1) X 1.23 =
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icrodroplets emerge from the
sample nozzle of an electrospray
mass spectrometer. The electrospray
technique can be used to obtain the
mass spectrum of very large mole-

cules, such as proteins.
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Chapter 1 that chemistry is concerned
with the properties of materials. The materials in our
world exhibit a striking and seemingly infinite variety
of properties, including different colors, textures, sol-

ubilities, and chemical reactivities. When we see that
diamonds are transparent and hard, table salt is brittle and dissolves in water,
gold conducts electricity and can be hammered into thin sheets, and nitroglyc-
erin is explosive, we are making observations in the macroscopic world, the world
of our everyday senses. In chemistry we seek to understand and explain these
properties in the submicroscopic world, the world of atoms and molecules.

The diversity of chemical behavior results from only about 100 different ele-
ments and, thus, only 100 different kinds of atoms. In a sense, the atoms are like
the 26 letters of the alphabet that join together in different combinations to form
the immense number of words in our language. But how do the atoms combine
with each other? What rules govern the ways in which they can combine? How

do the properties of a substance relate to the kinds of atoms it

- contains? Indeed, what is an atom like, and what makes the

o, atoms of one element different from those of another?

, @ ‘?.G 8 2 The microscopic view of matter forms the basis
a9
°s % "%

co ® for understanding why elements and compounds
; 2 react in the ways they do and why they exhibit
at @ s & 5 , @ specific physical and chemical properties. In this
9 s e @ chapter we begin to explore the fascinating
= i‘?ﬁ o "ﬁ. ¢ e world of atoms and molecules. We will
examine the basic structure of the atom and
briefly discuss the formation of molecules
and ions. We will also introduce the system-
@ atic procedures used to name compounds.

p- 3 Our discussions in this chapter provide the
foundation for exploring chemistry more deeply

in later chapters.

» What's Ahead <«

We begin our discussion by provid-
ing a brief history of the notion that
atoms are the smallest pieces of
matter and Dalton’s development
of an atomic theory.

Next we look in greater detail at
some of the key experiments that
led to the discovery of electrons and
to the nuclear model of the atom.

We then discuss the modern theory
of atomic structure, including the
ideas of atomic numbers, mass num-
bers, and isotopes.

We introduce the concept of atomic
weights and how they relate to the
masses of individual atoms.

Our discussion of atoms leads to
the organization of the elements
into the periodic table, in which ele-
ments are put in order of increasing
atomic number and grouped by
chemical similarity.

Our understanding of atoms allows
us to discuss the assemblies of
atoms called molecules and their
molecular formulas and empirical
formulas.

We learn that atoms can gain or
lose electrons to form ions, and we
look at how to use the periodic
table to predict the charges on ions
and the empirical formulas of ionic
compounds.

You will see the systematic way in
which substances are named, called
nomenclature, and how it is applied
to inorganic compounds.

Finally, we introduce some of the
basic ideas of organic chemistry,
which is the chemistry of the ele-
ment carbon.
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A Figure 2.1 John Dalton
(1766-1844) was the son of a poor

English weaver. Dalton began teaching at

the age of 12. He spent most of his years
in Manchester, where he taught both
grammar school and college. His lifelong
interest in meteorology led him to study
gases and hence to chemistry and
eventually to the atomic theory.

&
&

ACTIVITY
Postulates of Atomic Theory,
Multiple Proportions

ANIMATION
Multiple Proportions

This reference includes
demonstrations of the concepts of
the conservation of mass in chemical
reactions, the law of multiple
proportions, etc. John J. Fortman,
“Analogical Demonstration,” J.
Chem. Educ., Vol. 69, 1992,
323-324.

2.1 The Atomic Theory of Matter

The world around us is made of many different materials, some living, some inan-
imate. Moreover, matter often changes from one chemical form to another. In efforts
to explain these observations, philosophers from the earliest times have speculat-
ed about the nature of the fundamental “stuff” from which the world is made.
Democritus (460-370 BC) and other early Greek philosophers thought that the mate-
rial world must be made up of tiny indivisible particles that they called atomos,
meaning “indivisible.” Later, Plato and Aristotle formulated the notion that there
can be no ultimately indivisible particles. The “atomic” view of matter faded for
many centuries during which Aristotelean philosophy dominated Western culture.

The notion of atoms reemerged in Europe during the seventeenth century
when scientists tried to explain the properties of gases. Air is composed of some-
thing invisible and in constant motion; we can feel the motion of the wind against
us, for example. It is natural to think of tiny invisible particles as giving rise to
these familiar effects. Isaac Newton, the most famous scientist of his time, favored
the idea of atoms. But thinking of atoms in this sense is different from thinking
of atoms as the ultimate chemical building blocks of nature. As chemists learned
to measure the amounts of materials that reacted with one another to make new
substances, the ground was laid for a chemical atomic theory. That theory came
into being during the period 1803-1807 in the work of an English schoolteacher,
John Dalton (Figure 2.1 «). Reasoning from a large number of observations, Dal-
ton made the following postulates:

1. Each element is composed of extremely small particles called atoms.

2. All atoms of a given element are identical; the atoms of different elements are
different and have different properties (including different masses).

3. Atoms of an element are not changed into different types of atoms by chem-
ical reactions; atoms are neither created nor destroyed in chemical reactions.

4. Compounds are formed when atoms of more than one element combine; a
given compound always has the same relative number and kind of atoms.

According to Dalton’s atomic theory, atoms are the basic building blocks of
matter. They are the smallest particles of an element that retain the chemical
identity of the element. = (Section 1.1) As noted in the postulates of Dalton’s
theory, an element is composed of only one kind of atom, whereas a compound
contains atoms of two or more elements.

Dalton’s theory explains several simple laws of chemical combination that
were known in his time. One of these was the law of constant composition
(Section 1.2): In a given compound the relative numbers and kinds of atoms are
constant. This law is the basis of Dalton’s Postulate 4. Another fundamental
chemical law was the law of conservation of mass (also known as the law of conser-
vation of matter): The total mass of materials present after a chemical reaction is
the same as the total mass before the reaction. This law is the basis for Postulate
3. Dalton proposed that atoms always retain their identities and that during
chemical reactions the atoms rearrange to give new chemical combinations.

A good theory should not only explain the known facts but should also pre-
dict new ones. Dalton used his theory to deduce the law of multiple proportions: 1
two elements A and B combine to form more than one compound, the masses of
B that can combine with a given mass of A are in the ratio of small whole num-
bers. We can illustrate this law by considering the substances water and hydro-
gen peroxide, both of which consist of the elements hydrogen and oxygen. In
forming water, 8.0 g of oxygen combines with 1.0 g of hydrogen. In hydrogen per-
oxide, there are 16.0 g of oxygen per 1.0 g of hydrogen. In other words, the ratio
of the mass of oxygen per gram of hydrogen in the two compounds is 2: 1. Using
the atomic theory, we can conclude that hydrogen peroxide contains twice as
many atoms of oxygen per hydrogen atom as does water.
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2.2 The Discovery of Atomic Structure

Dalton reached his conclusion about atoms on the basis of chemical observations in
the macroscopic world of the laboratory. Neither he nor those who followed him
during the century after his work was published had direct evidence for the existence
of atoms. Today, however, we can use powerful new instruments to measure the
properties of individual atoms and even provide images of them (Figure 2.2 p>).
As scientists began to develop methods for more detailed probing of the
nature of matter, the atom, which was supposed to be indivisible, began to show
signs of a more complex structure: We now know that the atom is composed of
still smaller subatomic particles. Before we summarize the current model of
atomic structure, we will briefly consider a few of the landmark discoveries that
led to that model. We'll see that the atom is composed in part of electrically
charged particles, some with a positive (+) charge and some with a negative

A Figure 2.2 An image of the surface
of the semiconductor GaAs (gallium

. arsenide) as obtained by a technique
(—) charge. As we discuss the development of our current model of the atom, called tunneling electron microscopy.

keep in mind a simple statement of the behavior of charged particles with one  The color was added to the image by
another: Particles with the same charge repel one another, whereas particles with unlike ~ computer to distinguish the gallium

atoms (blue spheres) from the arsenic

charges are attracted to one another. atoms (red spheres).

Cathode Rays and Electrons

In the mid-1800s, scientists began to study electrical discharge through partially
evacuated tubes (tubes that had been pumped almost empty of air), such as those
shown in Figure 2.3 ¥. A high voltage produces radiation within the tube. This
radiation became known as cathode rays because it originated from the negative
electrode, or cathode. Although the rays themselves could not be seen, their
movement could be detected because the rays cause certain materials, including
glass, to fluoresce, or give off light. (Television picture tubes are cathode-ray tubes;
a television picture is the result of fluorescence from the television screen.)

Scientists held differing views about the nature of the cathode rays. It was
not initially clear whether the rays were a new form of radiation or rather con-
sisted of an invisible stream of particles. Experiments showed that cathode rays
were deflected by electric or magnetic fields, suggesting that the rays carried an
electrical charge [Figure 2.3(c)]. The British scientist J. ]. Thomson observed many
properties of the rays, including the fact that the nature of the rays is the same
regardless of the identity of the cathode material and that a metal plate exposed
to cathode rays acquires a negative electrical charge. In a paper published in
1897 he summarized his observations and concluded that the cathode rays are
streams of negatively charged particles with mass. Thomson's paper is general-
ly accepted as the “discovery” of what became known as the electron.

Partially
evacuated
glass vessel

=) (+)
)

| —=]

High voltage

(a) (b) (c)

A Figure 2.3 (a) In a cathode-ray tube, electrons move from the negative electrode
(cathode) to the positive electrode (anode). (b) A photo of a cathode-ray tube containing a
fluorescent screen to show the path of the cathode rays. (c) The path of the cathode rays is
deflected by the presence of a magnet.
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» Figure 2.4 Cathode-ray tube with
perpendicular magnetic and electric
fields. The cathode rays (electrons)
originate from the negative plate on the
left and are accelerated toward the
positive plate, which has a hole in its
center. A beam of electrons passes
through the hole and is then deflected
by the magnetic and electric fields. The
charge-to-mass ratio of the electron can
be determined by measuring the effects
of the magnetic and electric fields on the
direction of the beam.

<

[ﬂl Doris Eckey, ”A Millikan Oil Drop
Analogy,” J. Chem. Educ., Vol. 73,
1996, 237-238.

ANIMATION
Millikan Oil Drop Experiment

@ Robert L. Wolke, “Marie Curie’s
Doctoral Thesis: Prelude to a Nobel
Prize,” |. Chem. Educ., Vol. 65, 1988,
561-573.

P Figure 2.5 A representation of the
apparatus Millikan used to measure the
charge of the electron. Small drops of oil,
which had picked up extra electrons,
were allowed to fall between two
electrically charged plates. Millikan
monitored the drops, measuring how the
voltage on the plates affected their rate
of fall. From these data he calculated the
charges on the drops. His experiment
showed that the charges were always
integral multiples of 1.60 X 10719 C,
which he deduced was the charge of a
single electron.

<
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Thomson constructed a cathode-ray tube with a fluorescent screen, such as
that shown in Figure 2.4 A, so that he could quantitatively measure the effects
of electric and magnetic fields on the thin stream of electrons passing through a
hole in the positively charged electrode. These measurements made it possible
to calculate a value of 1.76 X 10® coulombs per gram for the ratio of the elec-
tron’s electrical charge to its mass.*

Once the charge-to-mass ratio of the electron was known, measuring either
the charge or the mass of an electron would also yield the value of the other
quantity. In 1909 Robert Millikan (1868-1953) of the University of Chicago suc-
ceeded in measuring the charge of an electron by performing what is known as
the “Millikan oil-drop experiment” (Figure 2.5 ¥). He could then calculate the
mass of the electron by using his experimental value for the charge,
1.60 X 107" C, and Thomson’s charge-to-mass ratio, 1.76 X 10® C/g:

1.60 X 1072 C

=910 X 10 ®g
1.76 X 10°C/g

Electron mass =

Using slightly more accurate values, the presently accepted value for the mass
of the electron is 9.10939 X 1028 g. This mass is about 2000 times smaller than
that of hydrogen, the lightest atom.

Radioactivity

In 1896 the French scientist Henri Becquerel (1852-1908) was studying a uranium
mineral called pitchblende, when he discovered that it spontaneously emits high-

Oil spray
Atomizer

)

Source of Xrays O

(ionizing radiation).

Viewing
microscope

-

)

Electrically
\ charged plates

/ul""
Loy ’

* The coulomb (C) is the SI unit for electrical charge.
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energy radiation. This spontaneous emission of radiation is called radioactivity.
At Becquerel’s suggestion Marie Curie (Figure 2.6 ») and her husband, Pierre,
began experiments to isolate the radioactive components of the mineral.

Further study of the nature of radioactivity, principally by the British scientist
Ernest Rutherford (Figure 2.7 ), revealed three types of radiation: alpha («), beta
(B), and gamma (y) radiation. Each type differs in its response to an electric field,
as shown in Figure 2.8 ¥. The paths of both a and S radiation are bent by the elec-
tric field, although in opposite directions, whereas vy radiation is unaffected.

Rutherford showed that both « and B rays consist of fast-moving particles,
which were called « and B particles. In fact, 8 particles are high-speed electrons
and can be considered the radioactive equivalent of cathode rays. They are there-
fore attracted to a positively charged plate. The « particles are much more mas-
sive than the B particles and have a positive charge. They are thus attracted
toward a negative plate. In units of the charge of the electron, 8 particles have a
charge of 1—, and « particles a charge of 2+. Rutherford showed further that «
particles combine with electrons to form atoms of helium. He thus concluded
that an « particle consists of the positively charged core of the helium atom. He
further concluded that y radiation is high-energy radiation similar to X rays; it
does not consist of particles and carries no charge. We will discuss radioactivity
in greater detail in Chapter 21.

Lead block
Brays
|
[ )
yrays
™~
. ’ o rays
-)
Radioactive Electrically charged Photographic
substance plates plate

A Figure 2.8 Behavior of alpha (a), beta (8), and gamma () rays in an electric field.
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The Nuclear Atom

With the growing evidence that the atom is composed of even smaller particles,
attention was given to how the particles fit together. In the early 1900s Thomson
reasoned that because electrons comprise only a very small fraction of the mass
of an atom, they probably were responsible for an equally small fraction of the
atom’s size. He proposed that the atom consisted of a uniform positive sphere
of matter in which the electrons were embedded, as shown in Figure 2.9 V.

« Figure 2.9 .. Thomson's “plum-
pudding” model of the atom. He
pictured the small electrons to be
embedded in the atom much like raisins
in a pudding or like seeds in a
watermelon. Ernest Rutherford proved
this model wrong.

o

Negative
electron

Positive charge
spread over sphere

ANIMATION
Separation of Alpha, Beta,

and Gamma Rays

A Figure 2.6 Marie Sklodowska Curie
(1867-1934). When M. Curie presented
her doctoral thesis, it was described as
the greatest single contribution of any
doctoral thesis in the history of science.
Among other things, two new elements,
polonium and radium, had been
discovered. In 1903 Henri Becquerel, M.
Curie, and her husband, Pierre, were
jointly awarded the Nobel Prize in
physics. In 1911 M. Curie won a second
Nobel Prize, this time in chemistry.

A Figure 2.7 Ernest Rutherford
(1871-1937), whom Einstein called “the
second Newton,” was born and
educated in New Zealand. In 1895 he

was the first overseas student ever to be
awarded a position at the Cavendish
Laboratory at Cambridge University in
England, where he worked with J. J.
Thomson. In 1898 he joined the faculty
of McGill University in Montreal. While at
McGill, Rutherford did his research on
radioactivity that led to his being
awarded the 1908 Nobel Prize in
chemistry. In 1907 Rutherford moved
back to England to be a faculty member
at Manchester University, where in 1910
he performed his famous a-particle
scattering experiments that led to the
nuclear model of the atom. In 1992 his
native New Zealand honored Rutherford
by putting his likeness, along with his
Nobel Prize medal, on their $100
currency note.
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» Figure 2.10 Rutherford’s
experiment on the scattering of
particles.

i

[ﬂl Mary V. Lorenz, “Bowling Balls and
Beads: A Concrete Analogy to the
Rutherford Experiment,” J. Chem.
Educ., Vol. 65, 1988, 1082.
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Nuclear Atom
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A Figure 2.11 Rutherford’s model

explaining the scattering of « particles
(Figure 2.10). The gold foil is several
thousand atoms thick. When an «

particle collides with (or passes very close

to) a gold nucleus, it is strongly repelled.
The less massive a particle is deflected
from its path by this repulsive
interaction.
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This so-called “plum-pudding” model, named after a traditional English dessert,
was very short-lived.

In 1910 Rutherford and his coworkers performed an experiment that dis-
proved Thomson’s model. Rutherford was studying the angles at which « par-
ticles were scattered as they passed through a thin gold foil a few thousand
atomic layers in thickness (Figure 2.10 A). He and his coworkers discovered that
almost all the « particles passed directly through the foil without deflection. A
small percentage were found to be slightly deflected, on the order of 1 degree,
consistent with Thomson’s atomic model. Just for the sake of completeness,
Rutherford suggested that Ernest Marsden, an undergraduate student working
in the laboratory, look hard for evidence of scattering at large angles. To every-
one’s complete surprise, a small amount of scattering at large angles was
observed. Some particles were even reflected back in the direction from which
they had come. The explanation for these results was not immediately obvious,
but they were clearly inconsistent with Thomson'’s “plum-pudding” model.

By 1911 Rutherford was able to explain these observations; he postulated
that most of the mass of the atom and all of its positive charge reside in a very
small, extremely dense region, which he called the nucleus. Most of the total
volume of the atom is empty space in which electrons move around the nucle-
us. In the a-scattering experiment most « particles pass directly through the foil
because they do not encounter the minute nucleus; they merely pass through
the empty space of the atom. Occasionally, however, an « particle comes into the
close vicinity of a gold nucleus. The repulsion between the highly charged gold
nucleus and the « particle is strong enough to deflect the less massive « particle,
as shown in Figure 2.11 «.

Subsequent experimental studies led to the discovery of both positive par-
ticles (protons) and neutral particles (neutrons) in the nucleus. Protons were dis-
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covered in 1919 by Rutherford. Neutrons were discovered in 1932 by the British
scientist James Chadwick (1891-1972). We examine these particles more closely
in Section 2.3.

2.3 The Modern View of Atomic Structure

Since the time of Rutherford, physicists have learned much about the detailed
composition of atomic nuclei. In the course of these discoveries the list of parti-
cles that make up nuclei has grown long and continues to increase. As chemists,
we can take a very simple view of the atom because only three subatomic parti-
cles—the proton, neutron, and electron—have a bearing on chemical behavior.

The charge of an electron is —1.602 X 107 C, and that of a proton
is +1.602 X 10" C. The quantity 1.602 X 10~ C is called the electronic charge.
For convenience, the charges of atomic and subatomic particles are usually
expressed as multiples of this charge rather than in coulombs. Thus, the charge
of the electron is 1—, and that of the proton is 1+. Neutrons are uncharged and
are therefore electrically neutral (which is how they received their name). Atoms
have an equal number of electrons and protons, so they have no net electrical charge.

Protons and neutrons reside together in the nucleus of the atom, which, as
Rutherford proposed, is extremely small. The vast majority of an atom’s volume
is the space in which the electrons reside. The electrons are attracted to the pro-
tons in the nucleus by the force that exists between particles of opposite electri-
cal charge. In later chapters we will see that the strength of the attractive forces
between electrons and nuclei can be used to explain many of the differences
between different elements.

Atoms have extremely small masses. The mass of the heaviest known atom,
for example, is on the order of 4 X 107?* g. Because it would be cumbersome to
express such small masses in grams, we use instead the atomic mass unit, or
amu.* One amu equals 1.66054 X 102* g. The masses of the proton and neutron
are very nearly equal, and both are much greater than that of an electron: A pro-
ton has a mass of 1.0073 amu, a neutron 1.0087 amu, and an electron
5.486 X 10~* amu. It would take 1836 electrons to equal the mass of 1 proton, so
the nucleus contains most of the mass of an atom. Table 2.1 ¥ summarizes the
charges and masses of the subatomic particles. We will have more to say about
atomic masses in Section 2.4.

Atoms are also extremely small. Most atoms have diameters between
1 X 107”m and 5 X 1071 m, or 100-500 pm. A convenient, although non-SI,
unit of length used to express atomic dimensions is the angstrom (A). One
angstrom equals 101° m. Thus, atoms have diameters on the order of 1-5 A. The
diameter of a chlorine atom, for example, is 200 pm, or 2.0 A. Both picometers
and angstroms are commonly used to express the dimensions of atoms and
molecules.

TABLE 2.1 Comparison of the Proton, Neutron, and Electron

Particle Charge Mass (amu)
Proton Positive (1+) 1.0073
Neutron None (neutral) 1.0087
Electron Negative (1-) 5.486 X 1074

* The SI abbreviation for the atomic mass unit is merely u. We will use the more common abbrevia-
tion amu.

)

Barrie M. Peake, “The Discovery of
the Electron, Proton, and Neutron,”
J. Chem. Educ., Vol. 66, 1989, 738.

| Students frequently have difficulty

with the concept of an amu.
T amu = 1.66054 X 10724 g.
19 =6.02214 x 102 amu.

1A=10""m =100 pm = 0.1 nm.
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[/ Electrons occupy most of the volume
1 of the atom but account for only a
small fraction of its mass.

Nucleus

~10A——— =

‘«—1-5A—»‘

A Figure 2.12 Schematic cross-
sectional view through the center of an
atom. The nucleus, which contains
protons and neutrons, is the location of
virtually all the mass of the atom. The
rest of the atom is the space in which the
light, negatively charged electrons
reside.

Sample Exercise 2.1 illustrates further how very small atoms are compared
with more familiar objects.

SAMPLE EXERCISE 2.1

The diameter of a U.S. penny is 19 mm. The diameter of a silver atom, by comparison,
is only 2.88 A. How many silver atoms could be arranged side by side in a straight line
across the diameter of a penny?

Solution The unknown is the number of silver (Ag) atoms. We use the relationship 1
Ag atom = 2.88 A as a conversion factor relating the number of atoms and distance.
Thus, we can start with the diameter of the penny, first converting this distance into
angstroms and then using the diameter of the Ag atom to convert distance to the num-
ber of Ag atoms:

10°%na)/ 14 \/lAgatom
Agatoms = (19 mm )< 1 oot ><10710m>( 25843( ) = 6.6 X 107 Ag atoms

That is, 66 million silver atoms could sit side by side across a penny!

PRACTICE EXERCISE

The diameter of a carbon atom is 1.54 A. (a) Express this diameter in picometers.
(b) How many carbon atoms could be aligned side by side in a straight line across the
width of a pencil line that is 0.20 mm wide?
Answers: (a) 154 pm; (b) 1.3 X 10° C atoms

The diameters of atomic nuclei are on the order of 10~* A, only a small frac-
tion of the diameter of the atom as a whole. You can appreciate the relative sizes
of the atom and its nucleus by imagining that if the atom were as large as a foot-
ball stadium, the nucleus would be the size of a small marble. Because the tiny
nucleus carries most of the mass of the atom in such a small volume, it has an
incredible density—on the order of 10'3-10'* g/cm3. A matchbox full of materi-
al of such density would weigh over 2.5 billion tons! Astrophysicists have sug-
gested that the interior of a collapsed star may approach this density.

An illustration of the atom that incorporates the features we have just dis-
cussed is shown in Figure 2.12 4. The electrons, which take up most of the vol-
ume of the atom, play the major role in chemical reactions. The significance of
representing the region containing the electrons as an indistinct cloud will
become clear in later chapters when we consider the energies and spatial arrange-
ments of the electrons.

“ A Closer Look Basic Forces

There are four basic forces, or interactions, known in nature:
gravity, electromagnetism, the strong nuclear forces, and the
weak nuclear forces. Gravitational forces are attractive forces that
act between all objects in proportion to their masses. Gravita-
tional forces between atoms or subatomic particles are so small
that they are of no chemical significance.

Electromagnetic forces are attractive or repulsive forces that
act between electrically charged or magnetic objects. Electric and
magnetic forces are intimately related. Electric forces are of fun-
damental importance in understanding the chemical behavior
of atoms. The magnitude of the electric force between two
charged particles is given by Coulomb’s law: F = kQQ,/d?, where
Q; and Q, are the magnitudes of the charges on the two particles,

d is the distance between their centers, and k is a constant deter-
mined by the units for Q and d. A negative value for the force
indicates attraction, whereas a positive value indicates repulsion.

All nuclei except those of hydrogen atoms contain two or
more protons. Because like charges repel, electrical repulsion
would cause the protons to fly apart if a stronger attractive force
did not keep them together. This force is called the strong nuclear
force. It acts between subatomic particles, as in the nucleus. At
this distance this force is stronger than the electric force, so the
nucleus holds together. The weak nuclear force is weaker than
the electric force but stronger than gravity. We are aware of its
existence only because it shows itself in certain types of
radioactivity.
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Isotopes, Atomic Numbers, and Mass Numbers

What makes an atom of one element different from an atom of another element?
All atoms of an element have the same number of protons in the nucleus. The specific
number of protons is different for different elements. Furthermore, because an

Spindel and Takanobu Ishida,

atom has no net electrical charge, the number of electrons in it must equal its Vol. 68 1991 312-318.
number of protons. All atoms of the element carbon, for example, have six pro-
tons and six electrons. Most carbon atoms also have six neutrons, although some

have more and some have less.

Atoms of a given element that differ in the number of neutrons, and con-
sequently in mass, are called isotopes. The symbol '2C or simply '*C (read
“carbon twelve,” carbon-12) represents the carbon atom with six protons and
six neutrons. The number of protons, which is called the atomic number, is
shown by the subscript. The atomic number of each element is listed with the
name and symbol of the element on the front inside cover of the text. Because
all atoms of a given element have the same atomic number, the subscript is
redundant and hence is usually omitted. The superscript is called the mass
number; it is the total number of protons plus neutrons in the atom. Some car-
bon atoms, for example, contain six protons and eight neutrons and are con-
sequently represented as “C (read “carbon fourteen”). Several isotopes of

carbon are listed in Table 2.2 V.

We will generally use the notation with subscripts and superscripts only
when referring to a particular isotope of an element. An atom of a specific iso-
tope is called a nuclide. Thus, an atom of *C is referred to as a 1*C nuclide.

All atoms are made up of protons, neutrons, and electrons. Because these
particles are the same in all atoms, the difference between atoms of distinct ele-
ments (gold and oxygen, for example) is due entirely to the difference in the

symbol for the element, A is the

protons and neutrons) of the

number of subatomic particles in each atom. We can therefore consider an atom

to be the smallest sample of an element because breaking an atom into subatomic b

particles destroys its identity.

SAMPLE EXERCISE 2.2

PRACTICE EXERCISE

How many protons, neutrons, and electrons are in an atom of 1% Au?

43

@ An article describing methods used
to isolate important isotopes. William

“Isotope Separation,” J. Chem. Educ.,

| In referring to a specific isotope, use
| the symbolism 5Sy, where Sy is the

mass number (sum of the number of

isotope, and Z is the atomic number
(number of protons) of the element.

Differences in density of H,O(/) and

D,0(s) are used to demonstrate the

effects of isotopic substitution.

Arthur B. Ellis, Edward A. Adler, and
Frederick H. Juergens, “Dramatizing

Isotopes: Deuterated Ice Cubes

159-160.

Solution The superscript 197 is the mass number, the sum of the numbers of protons
and neutrons. According to the list of elements given on the front inside cover of this
text, gold has an atomic number of 79. Consequently, an atom of *”Au has 79 pro-
tons, 79 electrons, and 197 — 79 = 118 neutrons.

How many protons, neutrons, and electrons are in a 138Ba atom?
Answer: 56 protons, 56 electrons, and 82 neutrons

TABLE 2.2 Some of the Isotopes of Carbon? ACTIVITY
Element Symbology, Isotopes of

Symbol Number of Protons

11C 6
12C 6
13C 6
14C 6

Number of Electrons Number of Neutrons Hydrogen, Isotope Symbology
6 5
6 6
6 7
6 8

2 Almost 99% of the carbon found in nature is '2C.

Sink,” J. Chem. Educ., Vol. 67, 1990,
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et

[ 'H = hydrogen (protium);

4 2H = deuterium, 3H = tritium (this
isotope is radioactive).

@ Josefina Arce de Sanabia, “Relative
Atomic Mass and the Mole: A
Concrete Analogy to Help Students
Understand These Abstract
Concepts,” J. Chem. Educ., Vol. 70,
1993, 233-234.

SAMPLE EXERCISE 2.3

Magnesium has three isotopes, with mass numbers 24, 25, and 26. (a) Write the com-
plete chemical symbol for each of them. (b) How many neutrons are in a nuclide of each
isotope?

Solution (a) Magnesium has atomic number 12, so all atoms of magnesmm contam 12
protons and 12 electrons. The three 1sotopes are therefore represented by 12Mg, 12Mg,
and #$Mg. (b) The number of neutrons in each isotope is the mass number minus the
number of protons. The number of neutrons in a nuclide of each isotope is therefore
12,13, and 14, respectively.

PRACTICE EXERCISE

Give the complete chemical symbol for the nuclide that contains 82 protons, 82 elec-
trons, and 126 neutrons.
Answer: 2¥Pb

2.4 Atomic Weights

Atoms are small pieces of matter, so they have mass. As noted in Section 2.1, a
key postulate of Dalton’s atomic theory is that mass is conserved during chem-
ical reactions. Much of what we know about chemical reactions and the behav-
ior of substances, therefore, has been derived by accurate measurements of the
masses of atoms and molecules (and macroscopic collections of atoms and mol-
ecules) that are undergoing change. Chances are that you are already using mass
measurements in the laboratory portion of your course in order to monitor
changes that occur in chemical reactions. In this section we will discuss the mass
scale that is used for atoms and introduce the concept of atomic weights. In
Section 3.3 we will extend these concepts to show how these atomic masses
are used to determine the masses of compounds and molecular weights.

The Atomic Mass Scale

Although scientists of the nineteenth century knew nothing about subatomic
particles, they were aware that atoms of different elements have different mass-
es. They found, for example, that each 100.0 g of water contains 11.1 g of hydro-
gen and 88.9 g of oxygen. Thus, water contains 88.9/11.1 = 8 times as much
oxygen, by mass, as hydrogen. Once scientists understood that water contains
two hydrogen atoms for each oxygen, they concluded that an oxygen atom must
have 2 X 8 = 16 times as much mass as a hydrogen atom. Hydrogen, the light-
est atom, was arbitrarily assigned a relative mass of 1 (no units), and atomic
masses of other elements were at first determined relative to this value. Thus, oxy-
gen was assigned an atomic mass of 16.

Today we can determine the masses of individual atoms with a high degree of
accuracy. For example, we know that the 'H atom has a mass of 1.6735 X 10 % g
and the °O atom has a mass of 2.6560 X 102% g. As we noted in Section 2.3, it is
convenient to use the atomic mass unit (amu) when dealing with these extremely
small masses:

Tamu = 1.66054 X 107%*g and 1g = 6.02214 X 10** amu

The amu is presently defined by assigning a mass of exactly 12 amu to an atom
of the 12C isotope of carbon. In these units the mass of the 'H nuclide is
1.0078 amu and that of the 'O nuclide is 15.9949 amu.

Average Atomic Masses

Most elements occur in nature as mixtures of isotopes. We can determine the
average atomic mass of an element by using the masses of its various isotopes



and their relative abundances. Naturally occurring carbon, for example, is [Qﬂ
composed of 98.93% !2C and 1.07% '*C. The masses of these nuclides are
12 amu (exactly) and 13.00335 amu, respectively. We calculate the average
atomic mass of carbon from the fractional abundance of each isotope and the

mass of that isotope:
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Arthur M. Last and Michael |. Webb,
“Using Monetary Analogies to Teach
Average Atomic Mass,” J. Chem.
Educ., Vol. 70, 1993, 234-235.

‘/ Atomic weight = X [(isotope

(0.9893)(12 amu) + (0.0107)(13.00335 amu) = 12.01 amu = mass) x (fractional isotope

The average atomic mass of each element (expressed in amu) is also known

abundance)] over all isotopes of the
element.

as its atomic weight. Although the term average atomic mass is more proper
and the simpler term atomic mass is frequently used, the term atomic weight is
most common. The atomic weights of the elements are listed both in the peri-
odic table and in the table of elements, which are found inside the front cover

of this text.

“ A Closer Look The Mass Spectrometer

The most direct and accurate means for determining atom-
ic and molecular weights is provided by the mass spec-
trometer (Figure 2.13 V). A gaseous sample is introduced at
A and bombarded by a stream of high-energy electrons at
B. Collisions between the electrons and the atoms or mole-
cules of the gas produce positive ions, mostly with a 1+
charge. These ions are accelerated toward a negatively-
charged wire grid (C). After they pass through the grid, they
encounter two slits that allow only a narrow beam of ions to
pass. This beam then passes between the poles of a magnet,
which deflects the ions into a curved path, much as elec-
trons are deflected by a magnetic field (Figure 2.4). For ions
with the same charge, the extent of deflection depends on
mass—the more massive the ion, the less the deflection. The
ions are thereby separated according to their masses. By
changing the strength of the magnetic field or the acceler-
ating voltage on the negatively charged grid, ions of vary-
ing masses can be selected to enter the detector at the end of
the instrument.

Magnet

. . . detector
Accelerating grid ~ Slits

37¢1t
) |

Heated filament

Beam of

A :' 35C1+
= positive Slit
Sample /ﬁ k ions Separation of
(+) ions based on

Ionizing To vacuum mass differences
electron pump
beam

A Figure 2.13 Diagram of a mass spectrometer, tuned to detect

Positive-ion-beam

N =

A graph of the intensity of the signal from the detector ver-
sus the mass of the ion is called a mass spectrum. The mass spec-
trum of chlorine atoms, shown in Figure 2.14 V¥, reveals the
presence of two isotopes. Analysis of a mass spectrum gives
both the masses of the ions reaching the detector and their rel-
ative abundances. The abundances are obtained from the inten-
sities of their signals. Knowing the atomic mass and the
abundance of each isotope allows us to calculate the average
atomic mass of an element, as shown in Sample Exercise 2.4.

Mass spectrometers are used extensively today to identify
chemical compounds and analyze mixtures of substances.
When a molecule loses electrons, it falls apart, forming an array
of positively charged fragments. The mass spectrometer meas-
ures the masses of these fragments, producing a chemical “fin-
gerprint” of the molecule and providing clues about how the
atoms were connected together in the original molecule. Thus,
a chemist might use this technique to determine the molecular
structure of a newly synthesized compound or to identify a pol-
lutant in the environment.

el

37,
Cl
/

i
34 35 36 37 38
Atomic mass (amu)

Signal intensity

A Figure 2.14 Mass spectrum of atomic chlorine.

35CI* ions. The heavier 37CI" ions are not deflected enough for them to

reach the detector.

[

o
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SAMPLE EXERCISE 2.4

Naturally occurring chlorine is 75.78% 35C1, which has an atomic mass of 34.969 amu,
and 24.22% ¥’Cl, which has an atomic mass of 36.966 amu. Calculate the average atom-
ic mass (that is, the atomic weight) of chlorine.

Solution The average atomic mass is found by multiplying the abundance of each
isotope by its atomic mass and summing these products. Because 75.78% = 0.7578
and 24.22% = 0.2422, we have

Average atomic mass = (0.7578)(34.969 amu) + (0.2422)(36.966 amu)
= 26.50 amu + 8.953 amu
= 35.45 amu

This answer makes sense: The average atomic mass of Cl is between the masses of the
two isotopes and is closer to the value of 35Cl, which is the more abundant isotope.

PRACTICE EXERCISE

Three isotopes of silicon occur in nature: 28Gj (92.23%), which has a mass of
27.97693 amu; 2°Si (4.68%), which has a mass of 28.97649 amu; and 3°Si (3.09%), which
has a mass of 29.97377 amu. Calculate the atomic weight of silicon.

Answer: 28.09 amu

2.5 The Periodic Table

Dalton’s atomic theory set the stage for a vigorous growth in chemical experi-
mentation during the early 1800s. As the body of chemical observations grew
and the list of known elements expanded, attempts were made to find regular
patterns in chemical behavior. These efforts culminated in the development of the
periodic table in 1869. We will have much to say about the periodic table in later
chapters, but it is so important and useful that you should become acquainted
with it now. You will quickly learn that the periodic table is the most significant tool
that chemists use for organizing and remembering chemical facts.

Many elements show very strong similarities to each other. For example,
lithium (Li), sodium (Na), and potassium (K) are all soft, very reactive metals. The
elements helium (He), neon (Ne), and argon (Ar) are very nonreactive gases. If
the elements are arranged in order of increasing atomic number, their chemical
and physical properties are found to show a repeating, or periodic, pattern. For
example, each of the soft, reactive metals—lithium, sodium, and potassium—
comes immediately after one of the nonreactive gases—helium, neon, and
argon—as shown in Figure 2.15 ¥. The arrangement of elements in order of
increasing atomic number, with elements having similar properties placed in
vertical columns, is known as the periodic table. The periodic table is shown

Atomic
number

1" 3 |ER - 11 |F2% - -f7 Ml19 (207 - -
Symbol | H Li ||Be g - - Na |Mg 7y - -|Cl K J|Cag--

Inert gas Soft, Inert gas Soft, Inert gas Soft,
reactive reactive reactive
metal metal metal

A Figure 2.15 Arranging the elements by atomic number illustrates the periodic, or
repeating, pattern in properties that is the basis of the periodic table.
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1A 8A
18
o | 2a 3A 4A 54 6A 7A | 2
2 13 14 15 16 17 | He
3 4 5 6 7 8 9 10
Li | Be B C N (0] F | Ne
11 |12 |38 48 58 6B 7B 0  1p o | 13| 14| 15| 16 | 17 | 18
Na | Mg| 3 4 5 6 7 /8 9 10\ 11 12 |Al|Si | P | S |Cl|Ar
19 | 20 | 21 | 22 | 23 | 24 | 25 | 26 | 27 | 28 | 29 | 30 | 31 | 32 | 33 | 34 | 35 | 36
K | Ca| Sc | Ti V | Cr |[Mn| Fe [ Co | Ni [Cu | Zn | Ga | Ge | As | Se | Br | Kr
37 | 38 | 39 | 40 | 41 | 42 | 43 | 44 | 45 | 46 | 47 | 48 | 49 | 50 | 51 | 52 | 53 | 54
Rb | Sr | Y | Zr [Nb |[Mo| Tc | Ru [ Rh | Pd | Ag | Cd | In | Sn | Sb | Te I Xe
55 | 56 71| 72 | 73 | 74 | 75 | 76 | 77 | 78 | 79 | 80 | 81 | 82 | 83 | 84 | 8 | 86
Cs | Ba Lu| Hf | Ta | W | Re | Os | Ir Pt |Au | Hg | T1 | Pb | Bi | Po | At | Rn
87 | 88 103 | 104 | 105 | 106 | 107 | 108 | 109 | 110 | 111 | 112 114 116
Fr | Ra Lr | Rf | Db | Sg | Bh | Hs | Mt
Metal 57 | 58 | 59 | 60 | 61 | 62 | 63 | 64 | 65 | 66 | 67 | 68 | 69 | 70
€la’x La [Ce | Pr [Nd [Pm |Sm | Eu |Gd | Tb | Dy | Ho | Er | Tm | Yb
Metalloid 8 [ 90 | 91 | 92 | 93 | 94 | 95 | 96 | 97 | 98 | 99 | 100 | 101 | 102
ctaliolds | 'Ac | Th | Pa | U | Np | Pu |Am |[Cm | Bk | Cf | Es | Fm | Md | No
Nonmetals
A Figure 2.16 Periodic table of the elements, showing the division of elements into ACTIVITY
metals, metalloids, and nonmetals. Periodic Table

in Figure 2.16 A and is also given on the front inside cover of the text. For each
element in the table, the atomic number and atomic symbol are given, and the
atomic weight (average atomic mass) is often given as well, as in the following
typical entry for potassium:

19 <«— atomic number
K «— atomic symbol
39.0983 <— atomic weight

You may notice slight variations in periodic tables from one book to another or
between those in the lecture hall and in the text. These are simply matters of
style, or they might concern the particular information included; there are no
fundamental differences.

The elements in a column of the periodic table are known as a group. The
way in which the groups are labeled is somewhat arbitrary, and three different
labeling schemes are in common use, two of which are shown in Figure 2.16.
The top set of labels, which have A and B designations, is widely used in North
America. Roman numerals, rather than Arabic ones, are often employed in this
scheme. Group 7A, for example, is often labeled VIIA. Europeans use a similar
convention that numbers the columns from 1A through 8A and then from 1B
through 8B, thereby giving the label 7B (or VIIB) instead of 7A to the group head-
ed by fluorine (F). In an effort to eliminate this confusion, the International Union
of Pure and Applied Chemistry (IUPAC) has proposed a convention that num-
bers the groups from 1 through 18 with no A or B designations, as shown in the
lower set of labels at the top of the table in Figure 2.16. We will use the tradi-
tional North American convention.

<

Remind students that families or
groups are the columns in the

47

periodic table; periods are the rows in

the periodic table.
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A Figure 2.17 Some familiar
examples of metals and nonmetals. The
nonmetals (from bottom left) are sulfur
(yellow powder), iodine (dark, shiny
crystals), bromine (reddish brown liquid
and vapor in glass vial), and three
samples of carbon (black charcoal
powder, diamonds, and graphite in the
pencil lead). The metals are in the form
of an aluminum wrench, copper pipe,
lead shot, silver coins, and gold nuggets.

/1 Metals tend to be malleable, ductile,

J and lustrous and are good thermal
and electrical conductors. Nonmetals
generally lack these properties; they
tend to be brittle as solids, dull in
appearance, and do not conduct
heat or electricity well.

‘/ Elements with properties

—J intermediate between nonmetals
and metals (B, Si, Ge, As, Sb, and Te)
are referred to as metalloids.

TABLE 2.3 Names for Some of the Groups in the Periodic Table

Group Name Elements

1A Alkali metals Li, Na, K, Rb, Cs, Fr
2A Alkaline earth metals Be, Mg, Ca, Sr, Ba, Ra
6A Chalcogens O, S, Se, Te, Po

7A Halogens E Cl, Br, I, At

8A Noble gases (or rare gases) He, Ne, Ar, Kr, Xe, Rn

Elements that belong to the same group often exhibit some similarities in
their physical and chemical properties. For example, the “coinage metals”—
copper (Cu), silver (Ag), and gold (Au)—all belong to group 1B. As their
name suggests, the coinage metals are used throughout the world to make
coins. Many other groups in the periodic table also have names, as listed in
Table 2.3 A.

We will learn in Chapters 6 and 7 that the elements in a group of the periodic
table have similar properties because they have the same type of arrangement of
electrons at the periphery of their atoms. However, we need not wait until then
to make good use of the periodic table; after all, the table was invented by
chemists who knew nothing about electrons! We can use the table, as they intend-
ed, to correlate the behaviors of elements and to aid in remembering many facts.
You will find it helpful to refer to the periodic table frequently when studying the
remainder of this chapter.

All the elements on the left side and in the middle of the periodic table
(except for hydrogen) are metallic elements, or metals. The majority of elements
are metallic. Metals share many characteristic properties, such as luster and high
electrical and heat conductivity. All metals, with the exception of mercury (Hg),
are solids at room temperature. The metals are separated from the nonmetallic
elements by a diagonal steplike line that runs from boron (B) to astatine (At), as
shown in Figure 2.16. Hydrogen, although on the left side of the periodic table,
is a nonmetal. At room temperature some of the nonmetals are gaseous, some are
liquid, and some are solid. They generally differ from the metals in appearance
(Figure 2.17 «) and in other physical properties. Many of the elements that lie
along the line that separates metals from nonmetals, such as antimony (Sb), have
properties that fall between those of metals and nonmetals. These elements are
often referred to as metalloids.

SAMPLE EXERCISE 2.5

Which two of the following elements would you expect to show the greatest similar-
ity in chemical and physical properties: B, Ca, F, He, Mg, P?

Solution Elements that are in the same group of the periodic table are most likely to
exhibit similar chemical and physical properties. We therefore expect that Ca and Mg
should be most alike because they are in the same group (group 2A, the alkaline earth
metals).

PRACTICE EXERCISE

Locate Na (sodium) and Br (bromine) on the periodic table. Give the atomic number
of each and label each a metal, metalloid, or nonmetal.
Answer: Na, atomic number 11, is a metal; Br, atomic number 35, is a nonmetal.
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“ A Closer Look Glenn Seaborg and the Story of Seaborgium

Prior to 1940 the periodic table ended at uranium, element num-
ber 92. Since that time, no scientist has had a greater effect on
the periodic table than Glenn Seaborg (1912-1999). Seaborg
(Figure 2.18 P>) became a faculty member in the chemistry
department at the University of California, Berkeley, in 1937.
In 1940 he and his colleagues Edwin McMillan, Arthur Wahl,
and Joseph Kennedy succeeded in isolating plutonium (Pu) as
a product of the reaction of uranium with neutrons. We will
talk about reactions of this type, called nuclear reactions, in
Chapter 21. We will also discuss the key role that plutonium
plays in nuclear fission reactions, such as those that occur in
nuclear power plants and atomic bombs.

During the period 1944 through 1958, Seaborg and his
coworkers also succeeded in identifying the elements with
atomic numbers 95 through 102 as products of nuclear reac-
tions. All these elements are radioactive and are not found in
nature; they can be synthesized only via nuclear reactions. For
their efforts in identifying the elements beyond uranium (the
transuranium elements), McMillan and Seaborg shared the 1951
Nobel Prize in chemistry.

From 1961 to 1971 Seaborg served as the chairman of the U.
S. Atomic Energy Commission (now the Department of Energy).
In this position he had an important role in establishing interna-
tional treaties to limit the testing of nuclear weapons. Upon his
return to Berkeley he was part of the team that in 1974 first iden-
tified element number 106; that discovery was corroborated by
another team at Berkeley in 1993. In 1994 to honor Seaborg’s many
contributions to the discovery of new elements, the American
Chemical Society proposed that element number 106 be named
“seaborgium,” with a proposed symbol of Sg. After several years

§

A Figure 2.18 Glenn Seaborg at Berkeley in 1941 using a
Geiger counter to try to detect radiation produced by plutonium.
Geiger counters will be discussed in Section 21.5.

of controversy about whether an element could be named after a
living person, the name seaborgium was officially adopted by the
IUPAC in 1997, and Seaborg became the first person to have an
element named after him while still alive. The IUPAC also named
element 105 “dubnium” (chemical symbol Db) in honor of a
nuclear laboratory at Dubna, Russia, that competed with the
Berkeley laboratory in the discovery of several new elements.

2.6 Molecules and Molecular Compounds

The atom is the smallest representative sample of an element, but only the noble-
gas elements are normally found in nature as isolated atoms. Most matter is com-
posed of molecules or ions, both of which are formed from atoms. We examine
molecules here and ions in Section 2.7.

A molecule is an assembly of two or more atoms tightly bound together.
The resultant “package” of atoms behaves in many ways as a single, distinct
object, just as a television set composed of many parts can be recognized as a
single object. We will discuss the forces that hold the atoms together (the chem-
ical bonds) in Chapters 8 and 9.

Molecules and Chemical Formulas

Many elements are found in nature in molecular form; that is, two or more of the
same type of atom are bound together. For example, the oxygen normally found
in air consists of molecules that contain two oxygen atoms. We represent this
molecular form of oxygen by the chemical formula O, (read “oh two”). The sub-
script in the formula tells us that two oxygen atoms are present in each molecule.

Peter Armbruster and Fritz Peter
Hessberger, “Making New
Elements,” Scientific American,
September 1998, 72-77.

| Students often interpret molecules as
J the particles described by any

chemical formula. Molecules consist
of discrete (well-defined) units and
consequently exist only for covalent
species, not for ionic or interstitial
species.
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Figure 2.19 Common elements

that exist as diatomic molecules at room
temperature.

o

/ ‘/ Different forms of an element, such

A

as O, and O3, are called allotropes.
Allotropes differ in their chemical
and physical properties. See Chapter
7 for more information on allotropes
of common elements.

2 G

Water, H,O Carbon
dioxide, CO,
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monoxide, CO Methane, CHy
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Hydrogen Oxygen, O,
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Figure 2.20 Representation of

some common simple molecules.
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| Emphasize to students that the

I subscripts in the molecular formula
of a substance are always an integral
multiple of the subscripts in the
empirical formula of that substance.

5A 6A 7A ]
|N2|Oz F,
Cl,
)
B
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A molecule that is made up of two atoms is called a diatomic molecule. Oxygen
also exists in another molecular form known as ozone. Molecules of ozone con-
sist of three oxygen atoms, so its chemical formula is O3. Even though “normal”
oxygen (O,) and ozone are both composed only of oxygen atoms, they exhibit
very different chemical and physical properties. For example, O, is essential for
life, but O3 is toxic; O, is odorless, whereas O3 has a sharp, pungent smell.

The elements that normally occur as diatomic molecules are hydrogen, oxy-
gen, nitrogen, and the halogens. Their locations in the periodic table are shown
in Figure 2.19 A. When we speak of the substance hydrogen, we mean H, unless
we explicitly indicate otherwise. Likewise, when we speak of oxygen, nitrogen,
or any of the halogens, we are referring to O,, N,, F,, Cl,, Br,, or I,. Thus, the
properties of oxygen and hydrogen listed in Table 1.3 are those of O, and H,.
Other, less common forms of these elements behave much differently.

Compounds that are composed of molecules are called molecular com-
pounds and contain more than one type of atom. A molecule of water, for exam-
ple, consists of two hydrogen atoms and one oxygen atom. It is therefore
represented by the chemical formula H,O. Lack of a subscript on the O indicates
one atom of O per water molecule. Another compound composed of these same
elements (in different relative proportions) is hydrogen peroxide, H,O,. The
properties of these two compounds are very different.

Several common molecules are shown in Figure 2.20 4. Notice how the com-
position of each compound is given by its chemical formula. Notice also that
these substances are composed only of nonmetallic elements. Most molecular sub-
stances that we will encounter contain only nonmetals.

Molecular and Empirical Formulas

Chemical formulas that indicate the actual numbers and types of atoms in a mol-
ecule are called molecular formulas. (The formulas in Figure 2.20 are molecular
formulas.) Chemical formulas that give only the relative number of atoms of
each type in a molecule are called empirical formulas. The subscripts in an
empirical formula are always the smallest possible whole-number ratios. The
molecular formula for hydrogen peroxide is H,O,, for example, whereas its
empirical formula is HO. The molecular formula for ethylene is C,Hy, so its
empirical formula is CH,. For many substances, the molecular formula and the
empirical formula are identical, as in the case of water, H,O.

Molecular formulas provide greater information about molecules than empir-
ical formulas. Whenever we know the molecular formula of a compound, we
can determine its empirical formula. The converse is not true, however; if we
know the empirical formula of a substance, we can’t determine its molecular
formula unless we have more information. So why do chemists bother with
empirical formulas? As we will see in Chapter 3, certain common methods of
analyzing substances lead to the empirical formula only. Once the empirical for-
mula is known, however, additional experiments can give the information need-
ed to convert the empirical formula to the molecular one. In addition, there are
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substances, such as the most common forms of elemental carbon, that don’t exist
as isolated molecules. For these substances, we must rely on empirical formulas.
Thus, carbon is represented by its chemical symbol, C, which is its empirical
formula.

SAMPLE EXERCISE 2.6

Write the empirical formulas for the following molecules: (a) glucose, a substance also
known as blood sugar or dextrose, whose molecular formula is CgH1,0¢; (b) nitrous
oxide, a substance used as an anesthetic and commonly called laughing gas, whose
molecular formula is N,O.

Solution (a) The subscripts of an empirical formula are the smallest whole-number ra-
tios. The smallest ratios are obtained by dividing each subscript by the largest common
factor, in this case 6. The resultant empirical formula for glucose is CH,O.

(b) Because the subscripts in N,O are already the lowest integral numbers, the
empirical formula for nitrous oxide is the same as its molecular formula, N,O.

PRACTICE EXERCISE
Give the empirical formula for the substance called diborane, whose molecular formu-

la is BzHé.
Answer: BHj H
|
H—C—H
|
Picturing Molecules H

. . " Structural formula
The molecular formula of a substance summarizes its composition but does not

show how the atoms come together to form the molecule. The structural for- H
mula of a substance shows which atoms are attached to which within the mol- |
ecule. For example, the formulas for water, hydrogen peroxide, and methane e IC\
(CHy) can be written as follows: H H
Perspective drawing
H |
O O—O/ H—C—H
VRN / |
H H H H

Water Hydrogen peroxide Methane

The atoms are represented by their chemical symbols, and lines are used to rep-
resent the bonds that hold the atoms together.

A structural formula usually does not depict the actual geometry of the mol- Ball-and-stick model
ecule, that is, the actual angles at which atoms are joined together. A structural
formula can be written as a perspective drawing, however, to give some sense of
three-dimensional shape, as shown in Figure 2.21 p.

Scientists also rely on various models to help them visualize molecules. Ball-
and-stick models show atoms as spheres and the bonds as sticks, and they accu-
rately represent the angles at which the atoms are attached to one another within
the molecule (Figure 2.21). All atoms may be represented by balls of the same size,
or the relative sizes of the balls may reflect the relative sizes of the atoms. Some-
times the chemical symbols of the elements are superimposed on the balls, but
often the atoms are identified simply by color.

A space-filling model depicts what the molecule would look like if the atoms Space-filling model
were scaled up in size (Figure 2.21). These models show the relative sizes of the . .
atoms, but the angles between atoms, which help define their molecular geom- vAvhiE;\g;;Teﬁjzlgs ariorr:e of the ways in

o . . . presented and
etry, are often more difficult to see than in ball-and-stick models. As in ball-and-  ,alized.
stick models, the identities of the atoms are indicated by their colors, but they
may also be labeled with the element’s symbol. o
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2.7 lons and lonic Compounds

The nucleus of an atom is unchanged by ordinary chemical processes, but atoms
can readily gain or lose electrons. If electrons are removed from or added to a neu-
tral atom, a charged particle called an ion is formed. An ion with a positive
charge is called a cation (pronounced CAT-ion); a negatively charged ion is called
an anion (AN-ion). The sodium atom, for example, which has 11 protons and 11
electrons, easily loses one electron. The resulting cation has 11 protons and 10
electrons, so it has a net charge of 1+. The net charge on an ion is represented by
a superscript; +, 2+, and 3+ mean a net charge resulting from the loss of one,
two, or three electrons, respectively. The superscripts —, 2—, and 3— represent net
charges resulting from the gain of one, two, or three electrons, respectively. The
formation of the Na* ion from an Na atom is shown schematically as follows:

1le”

@ Loses an

electron

10e”

Na atom Na™

Chlorine, with 17 protons and 17 electrons, often gains an electron in chemical
reactions, producing the Cl™ ion.

0 Gams an

electron

18e”

Cl atom Cl ion

In general, metal atoms tend to lose electrons to form cations, whereas nonmetal atoms
tend to gain electrons to form anions.

SAMPLE EXERCISE 2.7

Give the chemical symbols, including mass numbers, for the following ions: (a) The ion
with 22 protons, 26 neutrons, and 19 electrons; (b) the ion of sulfur that has 16 neutrons
and 18 electrons.

Solution (a) The number of protons (22) is the atomic number of the element, so the
element is Ti (titanium). The mass number of this isotope is 22 + 26 = 48 (the sum of
the protons and neutrons). Because the ion has three more protons than electrons, it has
a net charge of 3+. Thus, the symbol for the ion is ki

(b) By referring to a periodic table or table of elements, we see that sulfur (sym-
bol S) has an atomic number of 16. Thus, each atom or ion of sulfur has 16 protons. We
are told that the ion also has 16 neutrons, so the mass number of the ion is
16 + 16 = 32. Because the ion has 16 protons and 18 electrons, its net charge is 2—.
Thus, the complete symbol for the ion is 3252~

In general, we will focus on the net charges of ions and ignore their mass num-
bers unless the circumstances dictate that we specify a certain isotope.

PRACTICE EXERCISE

How many protons and electrons does the Se®” ion possess?
Answer: 34 protons and 36 electrons




In addition to simple ions such as Na* and CI~, there are polyatomic ions
such as NO; ™ (nitrate ion) and SO,4% (sulfate ion). These ions consist of atoms
joined as in a molecule, but they have a net positive or negative charge. We will
consider further examples of polyatomic ions in Section 2.8.

The chemical properties of ions are very different from those of the atoms
from which they are derived. The difference is like the change from Dr. Jekyll to
Mr. Hyde: Although the body may be essentially the same (plus or minus a few
electrons), the behavior is much different.

Predicting lonic Charges

Many atoms gain or lose electrons so as to end up with the same number of elec-
trons as the noble gas closest to them in the periodic table. The members of the
noble-gas family are chemically very nonreactive and form very few compounds.
We might deduce that this is because their electron arrangements are very sta-
ble. Nearby elements can obtain these same stable arrangements by losing or
gaining electrons. For example, loss of one electron from an atom of sodium
leaves it with the same number of electrons as the neutral neon atom (atomic
number 10). Similarly, when chlorine gains an electron, it ends up with 18, the
same as argon (atomic number 18). We will use this simple observation to explain
the formation of ions in Chapter 8, where we discuss chemical bonding.

SAMPLE EXERCISE 2.8
Predict the charges expected for the most stable ions of barium and oxygen.

Solution We will assume that these elements form ions that have the same number of
electrons as the nearest noble-gas atom. From the periodic table, barium has atomic
number 56. The nearest noble gas is xenon, atomic number 54. Barium can attain a sta-
ble arrangement of 54 electrons by losing two of its electrons, forming the Ba>" cation.

Oxygen has atomic number 8. The nearest noble gas is neon, atomic number 10.
Oxygen can attain this stable electron arrangement by gaining two electrons, thereby
forming the O~ anion.

PRACTICE EXERCISE

Predict the charge of the most stable ion of aluminum.
Answer: 3+

The periodic table is very useful for remembering the charges of ions, especially
those of the elements on the left and right sides of the table. As Figure 2.22 ¥ shows,

2.7 ITons and Ionic Compounds

| Students often incorrectly assume
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LI that polyatomic ions easily dissociate

into smaller ions.

1A 7A  8A

H* -
2A 3A 4A 5A  6A N
Lit N | o | (]g
. L
Nat Mg2+ Transmczn metals AR+ < | c- | E
K* | Ca?* Se?~ | B~ | G
a (S 1y A
S
Rb* | Sr** e | - | h
S

Cst | Ba%"

A Figure 2.22 Charges of some common ions found in ionic compounds. Notice that
the steplike line that divides metals from nonmetals also separates cations from anions.
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A Figure 2.23 (a) The transfer of an electron from a neutral Na atom to a neutral Cl
atom leads to the formation of an Na* ion and a CI” ion. (b) Arrangement of these ions in
solid sodium chloride (NaCl) is pictured at the right.

the charges of these ions relate in a simple way to their positions in the table. On
the left side of the table, for example, the group 1A elements (the alkali metals)
form 1+ ions, and the group 2A elements (the alkaline earths) form 2+ ions. On
the other side of the table the group 7A elements (the halogens) form 1— ions, and
the group 6A elements form 2— ions. As we will see later in the text, many of the
other groups do not lend themselves to such simple rules.

lonic Compounds

A great deal of chemical activity involves the transfer of electrons between sub-
stances. Ions form when one or more electrons transfer from one neutral atom to
another. Figure 2.23 A shows that when elemental sodium is allowed to react
with elemental chlorine, an electron transfers from a neutral sodium atom to a
neutral chlorine atom. We are left with an Na* ion and a CI™ ion. Objects of oppo-
site charge attract, however, so the Na™ and the ClI™ ions bind together to form
the compound sodium chloride (NaCl), which we know better as common table
salt. Sodium chloride is an example of an ionic compound, a compound that
contains both positively and negatively charged ions.

We can often tell whether a compound is ionic (consisting of ions) or molec-
ular (consisting of molecules) from its composition. In general, cations are metal
ions, whereas anions are nonmetal ions. Consequently, ionic compounds are gen-
erally combinations of metals and nonmetals, as in NaCl. In contrast, molecular com-
pounds are generally composed of nonmetals only, as in H,O.

SAMPLE EXERCISE 2.9
Which of the following compounds would you expect to be ionic: N,O, Na,O, CaCl,,
SE,?

Solution We would predict that Na,O and CaCl, are ionic compounds because they
are composed of a metal combined with a nonmetal. The other two compounds, com-
posed entirely of nonmetals, are predicted (correctly) to be molecular compounds.

PRACTICE EXERCISE

Which of the following compounds are molecular: CBry, FeS, P,O,, PbE,?
Answer: CBry and P,Og¢




The ions in ionic compounds are arranged in three-dimensional structures.
The arrangement of Na* and CI™ ions in NaCl is shown in Figure 2.23. Because
there is no discrete molecule of NaCl, we are able to write only an empirical for-
mula for this substance. In fact, only empirical formulas can be written for most
ionic compounds.

We can readily write the empirical formula for an ionic compound if we
know the charges of the ions of which it is composed. Chemical compounds are
always electrically neutral. Consequently, the ions in an ionic compound always
occur in such a ratio that the total positive charge equals the total negative charge.
Thus, there is one Na™ to one Cl~ (giving NaCl), one Ba?" to two Cl~ (giving
BaCl,), and so forth.

As you consider these and other examples, you will see that if the charges
on the cation and anion are equal, the subscript on each ion will be 1. If the
charges are not equal, the charge on one ion (without its sign) will become the
subscript on the other ion. For example, the ionic compound formed from Mg
(which forms Mg2+ ions) and N (which forms N>~ ions) is MgsN,:

2.7 Ions and Ionic Compounds
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k Chemistry and Life Elements Required by Living Organisms

Figure 2.24 ¥ shows the elements that are essential for life. Over
97% of the mass of most organisms is due to just six elements—
oxygen, carbon, hydrogen, nitrogen, phosphorus, and sulfur.
Water (H,O) is the most common compound in living organ-
isms, accounting for at least 70% of the mass of most cells. Car-
bon is the most prevalent element (by mass) in the solid
components of cells. Carbon atoms are found in a vast variety
of organic molecules in which the carbon atoms are bonded to
other carbon atoms or to atoms of other elements, principally
H, O, N, P, and S. All proteins, for example, contain the follow-
ing group of atoms that occurs repeatedly within the molecules:

(R is either an H atom or a combination of atoms such as CHj.)

In addition, 23 more elements have been found in various
living organisms. Five are ions that are required by all
organisms: Ca2t, CI, Mg2+, K", and Na'. Calcium ions, for
example, are necessary for the formation of bone and for the
transmission of signals in the nervous system, such as those
that trigger the contraction of cardiac muscles, causing the
heart to beat. Many other elements are needed in only very
small quantities, so they are called trace elements. For example,
trace quantities of copper are required in our diet to aid in the
synthesis of hemoglobin.

[

V Figure 2.24 The elements that are essential for life are
indicated by colors. Red denotes the six most abundant elements
in living systems (hydrogen, carbon, nitrogen, oxygen,
phosphorus, and sulfur). Blue indicates the five next most
abundant elements. Green indicates the elements needed in only
trace amounts.
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SAMPLE EXERCISE 2.10

What are the empirical formulas of the compounds formed by (a) AI** and Cl~ ions;
(b) A1’ and O ions; (c) Mg?" and NO; ™~ ions?

Solution (a) Three Cl™ ions are required to balance the charge of one AI** ion. Thus,
the formula is AlCl;.

(b) Two A13" ions are required to balance the charge of three O ions (that is, the
total positive charge is 6+, and the total negative charge is 6—). Thus, the formula is
AL Os.

(c) Two NO; ™ ions are needed to balance the charge of one Mg?*. Thus the for-
mula is Mg(NOj3),. In this case the formula for the entire polyatomic ion NO3; ™ must
be enclosed in parentheses so that it is clear that the subscript 2 applies to all the atoms
of that ion.

PRACTICE EXERCISE

Write the empirical formulas for the compounds formed by the following ions: (a) Na*
and PO,*"; (b) Zn?" and SO,*; (c) Fe>" and CO,2".

Answers: (a) NazgPOy; (b) ZnSOy; (c) Fe;(CO3);

A Strategies in Chemistry Pattern Recognition

Someone once said that drinking at the fountain of knowledge
in a chemistry course is like drinking from a fire hydrant.
Indeed, the pace can sometimes seem brisk. More to the point,
however, we can drown in the facts if we don’t see the general
patterns. The value of recognizing patterns and learning rules
and generalizations is that they free us from learning (or trying
to memorize) many individual facts. The patterns and rules tie
ideas together, so we don’t get lost in the details.

Many students struggle with chemistry because they don’t
see how the topics relate to one another, how ideas connect
together. They therefore treat every idea and problem as being
unique instead of as an example or application of a general rule,
procedure, or relationship. Begin to notice the structure of the
topic. Pay attention to the trends and rules that are given to

summarize a large body of information. Notice, for example,
how atomic structure helps us understand the existence of iso-
topes (as seen in Table 2.2) and how the periodic table aids us
in remembering the charges of ions (as seen in Figure 2.22). You
may surprise yourself by observing patterns that are not even
explicitly spelled out yet. Perhaps you've even noticed certain
trends in chemical formulas. Moving across the periodic table
from element 11 (Na) we find that the elements form com-
pounds with F having the following compositions: NaF, MgF,,
and AlF;. Does this trend continue? Do SiF,, PF5, and SFg exist?
Indeed they do. If you have picked up on trends like this from
the scraps of information you've seen so far, then you're ahead
of the game and you've already prepared yourself for some top-
ics we will address in later chapters.

2.8 Naming Inorganic Compounds

[@l Gerhard Lind, “Teaching Inorganic
Nomenclature: A Systematic
Approach,” J. Chem. Educ., Vol. 69,
1992, 613-614.

To find information about a particular substance, you must know its chemical for-
mula and name. The names and formulas of compounds are essential vocabu-
lary in chemistry. The naming of substances is called chemical nomenclature
from the Latin words nomen (name) and calare (to call).

There are now more than 19 million known chemical substances. Naming
them all would be a hopelessly complicated task if each had a special name inde-
pendent of all others. Many important substances that have been known for a
long time, such as water (H,0O) and ammonia (NHj3), do have individual, tradi-
tional names (so-called “common” names). For most substances, however, we
rely on a systematic set of rules that leads to an informative and unique name for
each substance, based on its composition.

The rules for chemical nomenclature are based on the division of substances
into different categories. The major division is between organic and inorganic
compounds. Organic compounds contain carbon, usually in combination with
hydrogen, oxygen, nitrogen, or sulfur. All others are inorganic compounds. Early
chemists associated organic compounds with plants and animals, and they asso-
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ciated inorganic compounds with the nonliving portion of our world. Although
this distinction between living and nonliving matter is no longer pertinent, the
classification between organic and inorganic compounds continues to be useful.
In this section we consider the basic rules for naming inorganic compounds.
Among inorganic compounds we will consider three categories of substances:
ionic compounds, molecular compounds, and acids. We will also introduce the
names of some simple organic compounds in Section 2.9.

Names and Formulas of lonic Compounds

Recall from Section 2.7 that ionic compounds usually consist of chemical com-
binations of metals and nonmetals. The metals form the positive ions, and the
nonmetals form the negative ions. Let’s examine the naming of positive ions,
then the naming of negative ones. After that, we will consider how to put the
names of the ions together to identify the complete ionic compound.

1. Positive Ions (Cations)
(@) Cations formed from metal atoms have the same name as the metal.

Na® sodium ion 7Zn%" zincion AIPT aluminum ion

Ions formed from a single atom are called monoatomic ions.
(b) If a metal can form cations of differing charges, the positive charge is given by
a Roman numeral in parentheses following the name of the metal.

Fe?" iron(Il) ion Cu”

Fe®" iron(III) ion

copper(l) ion
Cu”" copper(Il) ion

Ions with different charges exhibit different properties, such as color
(Figure 2.25 p).

Most of the metals that have variable charge are transition metals, ele-
ments that occur in the middle block of elements from group 3B to group
2B in the periodic table. The charges of these ions are indicated by Roman
numerals. The common metal ions that do not have variable charges are
the ions of group 1A (Li*, Na™, K¥, and Cs¥) and group 2A (Mg?*, Ca®*,
Sr?*, and Ba?"), as well as A13* (group 3A) and two transition-metal ions:
Ag™" (group 1B) and Zn?" (group 2B). Charges are not shown explicitly
when naming these ions. If there is any doubt in your mind whether a
metal forms more than one type of cation, indicate the charge using
Roman numerals. It is never wrong to do so, even though it may be
unnecessary.

An older method still widely used for distinguishing between two
differently charged ions of a metal is to apply the ending -ous or -ic. These
endings represent the lower and higher charged ions, respectively. They
are added to the root of the element’s Latin name:

Fe** ferrousion Cu’  cuprousion

Fe* ferricion Cu*" cupric ion

Although we will only rarely use these older names in this text, you
might encounter them elsewhere.
(c) Cations formed from nonmetal atoms have names that end in -ium:

NH,;" ammonium ion H;0" hydronium ion

These two ions are the only ions of this kind that we will encounter fre-
quently in the text. They are both polyatomic (composed of many atoms).
The vast majority of cations are monoatomic metal ions.

ACTIVITY
Naming Cations, Naming Anions

::’ ‘/ It is crucial that students learn the

t—J names and formulas for common
monoatomic and polyatomic ions as
quickly as possible.

LA

A Figure 2.25 Compounds of ions of
the same element but with different
charge can be very different in
appearance. Both substances shown are
complex salts of iron with K and CN™~
ions. The one on the left is potassium
ferrocyanide, which contains Fe(ll)
bound to CN™ ions. The one on the right
is potassium ferricyanide, which contains
Fe(lll) bound to CN™ ions. Both
substances are used extensively in
blueprinting and other dyeing processes.
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o TABLE 2.4 Common Cations

Charge Formula Name Formula Name
1+ H* Hydrogen ion NH,* Ammonium ion
Li* Lithium ion Cu” Copper(I) or cuprous ion
Na* Sodium ion
K* Potassium ion
Cs*t Cesium ion
Ag*t Silver ion
2+ Mg?* Magnesium ion Co*" Cobalt(II) or cobaltous ion
Ca%* Calcium ion Cu** Copper(Il) or cupric ion
Sr2t Strontium ion Fe?* Iron(II) or ferrous ion
Ba%* Barium ion Mn?* Manganese(II) or manganous ion
Zn?* Zinc ion Hg,?" Mercury(I) or mercurous ion
Ccd?** Cadmium ion Hg? Mercury(Il) or mercuric ion
Ni%* Nickel(II) or nickelous ion
Pb%* Lead(II) or plumbous ion
Sn%* Tin(II) or stannous ion
3+ AP Aluminum ion Cr3* Chromium(IIT) or chromic ion
Fe3* Iron(III) or ferric ion

[@l Steven J. Hawkes, A Mnemonic for

Oxy-Anions,” J. Chem. Educ., Vol. 67,
1990, 149.

ACTIVITY

Naming Two Series of Two
Oxyanions, Naming a Series
of Four Oxyanions

The names and formulas of some of the most common cations are
shown in Table 2.4 A and are also included in a table of common ions
that is placed in the back inside cover of the text. The ions listed on the
left are the monoatomic ions that do not have variable charges. Those
listed on the right are either polyatomic cations or cations with variable
charges. The Hg,?" ion is unusual because this metal ion is not
monoatomic. It is called the mercury(I) ion because it can be thought of
as two Hg™ ions fused together.

2. Negative Ions (Anions)
(a) Monoatomic (one-atom) anions have names formed by replacing the ending of

the name of the element with -ide:

H™ hydride ion 0% oxide ion N3~ nitride ion

A few simple polyatomic anions also have names ending in -ide:
OH™ hydroxide ion

CN™ cyanide ion 0, peroxide ion

(b) Polyatomic (many-atom) anions containing oxygen have names ending in -ate

or -ite. These anions are called oxyanions. The ending -ate is used for the
most common oxyanion of an element. The ending -ite is used for an
oxyanion that has the same charge but one less O atom:

NO;™ nitrate ion SO,%  sulfate ion

NO, " nitrite ion SO,2" sulfite ion

Prefixes are used when the series of oxyanions of an element extends to
four members, as with the halogens. The prefix per- indicates one more
O atom than the oxyanion ending in -ate; the prefix hypo- indicates one
less O atom than the oxyanion ending in -ite:

ClO,~ perchlorate ion (one more O atom than chlorate)
ClO;~ chlorate ion
ClO,”  chlorite ion (one less O atom than chlorate)

ClO™  hypochlorite ion (one less O atom than chlorite)
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A Figure 2.26 A summary of the procedure for naming anions. The root of the name
(such as “chlor” for chlorine) goes in the blank.

(c)

If you learn the rules just presented, you only need to know the name for
one oxyanion in a series to deduce the names for the other members.
These rules are summarized in Figure 2.26 A.

Anions derived by adding H™ to an oxyanion are named by adding as a prefix
the word hydrogen or dihydrogen, as appropriate:

CO;2”  carbonate ion PO,*  phosphate ion
HCOj3;™ hydrogen carbonateion H,PO,  dihydrogen phosphate ion

Notice that each H" reduces the negative charge of the parent anion by
one. An older method for naming some of these ions is to use the prefix
bi-. Thus, the HCOj3™ ion is commonly called the bicarbonate ion, and
HSO, ™ is sometimes called the bisulfate ion.

The names and formulas of the common anions are listed in
Table 2.5 ¥ and on the back inside cover of the text. Those whose
names end in -ide are listed on the left portion of the table, whereas
those whose names end in -ate are listed on the right. The formulas of
the ions whose names end with -ife can be derived from those ending
in -ate by removing an O atom. Notice the location of the monoatomic
ions in the periodic table. Those of group 7A always have a 1— charge
(F~,Cl, Br~, and I"), whereas those of group 6A have a 2— charge (O“~
and S%).

TABLE 2.5 Common Anions

‘O

Charge Formula Name Formula Name

1- H™ Hydride ion C,H;0,™ Acetate ion
F~ Fluoride ion ClO5z~ Chlorate ion
Cl™ Chloride ion ClO4~ Perchlorate ion
Br~ Bromide ion NO;~ Nitrate ion
I~ Iodide ion MnOy~ Permanganate ion
CN™ Cyanide ion
OH™ Hydroxide ion

2— o* Oxide ion CO,4%” Carbonate ion
0,2 Peroxide ion CrO,> Chromate ion
SO Sulfide ion Cr,0,>~ Dichromate ion

50,2 Sulfate ion
3— INES Nitride ion PO,3” Phosphate ion

hypo ite

(hypochlorite, C1O")

<

&

ACTIVITY
Naming Polyatomic lons
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/| Names of ionic compounds follow

—1 the form: cation name + anion
name, without reference to how
many of each ion are present.

ACTIVITY
Naming lonic Compounds

SAMPLE EXERCISE 2.11
The formula for the selenate ion is SeO4%". Write the formula for the selenite ion.

Solution The ending -ite indicates an oxyanion with the same charge but one less O
atom than the corresponding oxyanion that ends in -afe. Thus, the selenite ion has the
same charge but one less oxygen than the selenate ion: SeO3%".

PRACTICE EXERCISE

The formula for the bromate ion is BrO3 ™. Write the formula for the hypobromite ion.
Answer: BrO™

3. Ionic Compounds
Names of ionic compounds consist of the cation name followed by the anion name:

CaCl, calcium chloride
AI(NOg3);  aluminum nitrate
Cu(ClOy), copper(ll) perchlorate (or cupric perchlorate)

In the chemical formulas for aluminum nitrate and copper(Il) perchlorate,
parentheses followed by the appropriate subscript are used because the com-
pounds contain two or more polyatomic ions.

SAMPLE EXERCISE 2.12
Name the following compounds: (a) K;SOy; (b) Ba(OH);; (c) FeCl;.

Solution Each compound is ionic and is named using the guidelines we have already
discussed. In naming ionic compounds, it is important to recognize polyatomic ions
and to determine the charge of cations with variable charge. (a) The cation in this com-
pound is K¥, and the anion is SO,4*". (If you thought the compound contained $*~ and
O?% ions, you failed to recognize the polyatomic sulfate ion.) Putting together the
names of the ions, we have the name of the compound, potassium sulfate. (b) In this
case the compound is composed of Ba?" and OH™ ions. Ba®" is the barium ion and
OH is the hydroxide ion. Thus, the compound is called barium hydroxide. (¢) You
must determine the charge of Fe in this compound because iron can have variable
charges. Because the compound contains three C1™ ions, the cation must be Fe>", which
is the iron(IIl) or ferric ion. The CI™ ion is the chloride ion. Thus, the compound is
iron(III) chloride or ferric chloride.

PRACTICE EXERCISE

Name the following compounds: (a) NH,Br; (b) Cr,03; (c) Co(NO3),.
Answers: (a) ammonium bromide; (b) chromium(III) oxide; (c) cobalt(Il) nitrate

SAMPLE EXERCISE 2.13

Write the chemical formulas for the following compounds: (a) potassium sulfide;
(b) calcium hydrogen carbonate; (c) nickel(II) perchlorate.

Solution In going from the name of an ionic compound to its chemical formula, you
must know the charges of the ions to determine the subscripts. (a) The potassium ion
is K, and the sulfide ion is S2~. Because ionic compounds are electrically neutral, two
K" ions are required to balance the charge of one S?~ ion, giving the empirical formu-
la of the compound, K5S. (b) The calcium ion is Ca®". The carbonate ion is CO3%", so
the hydrogen carbonate ion is HCO; ™. Two HCOj3;™ ions are needed to balance the pos-
itive charge of Ca?, giving Ca(HCOg),. (c) The nickel(II) ion is Ni?*. The perchlorate
ion is C1O, . Two ClO, " ions are required to balance the charge on one Ni?* ion, giv-

PRACTICE EXERCISE

Give the chemical formula for (a) magnesium sulfate; (b) silver sulfide; (c) lead(II)
nitrate.

Answers: (a) MgSOy; (b) Ags,S; (c) Pb(NO3),
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Anion Acid « Figure 2.27 Summary of the
way in which anion names and acid
names are related. The prefixes per-

ide add H* hydro_____icacid and hypo- are retained in going from
(chloride, CI") ions (yshroddlonie e, AL the anion to the acid.
<
ate add H* —icacid
(chlorate, C1O57) (chloric acid, HCIO3)

(perchlorate, Cl1O,") ions (perchloric acid, HCIO,)

ite add H* ous acid
(chlorite, C1O,") (chlorous acid, HCIO,)
(hypochlorite, CIO™)  ions (hypochlorous acid, HCIO)

Names and Formulas of Acids

Acids are an important class of hydrogen-containing compounds and are named
a special way. For our present purposes, an acid is a substance whose molecules
yield hydrogen ions (H") when dissolved in water. When we encounter the
chemical formula for an acid at this stage of the course, it will be written with H
as the first element, as in HCI and H,SO,.

We can consider an acid to be composed of an anion connected to enough
H" ions to totally neutralize or balance the anion’s charge. Thus, the SO4%~ ion
requires two H™ ions, forming H,SO,. The name of an acid is related to the name
of its anion, as summarized in Figure 2.27 A.

1. Acids based on anions whose names end in -ide. Anions whose names end in
-ide have associated acids that have the hydro- prefix and an -ic ending, as in
the following examples:

Anion Corresponding Acid
CI™ (chloride) HCI (hydrochloric acid)
S% (sulfide) H,S (hydrosulfuric acid)

2. Acids based on anions whose names end in -ate or -ite. Anions whose names end
in -ate have associated acids with an -ic ending, whereas anions whose names
end in -ite have acids with an -ous ending. Prefixes in the name of the anion
are retained in the name of the acid. These rules are illustrated by the oxy-
acids of chlorine:

Anion Corresponding Acid
ClO, ™ (perchlorate) HCIO, (perchloric acid)
ClO;3™ (chlorate) HCIO; (chloric acid)
ClO, ™ (chlorite) HCIO, (chlorous acid)
ClO™ (hypochlorite) HCIO (hypochlorous acid)

SAMPLE EXERCISE 2.14
Name the following acids: (a) HCN; (b) HNOj; (c) H,SOy; (d) H,SOg3.

Solution (a) The anion from which this acid is derived is CN~, the cyanide ion. Because
this ion has an -ide ending, the acid is given a hydro- prefix and an -ic ending: hydro-
cyanic acid. Only water solutions of HCN are referred to as hydrocyanic acid: The
pure compound, which is a gas under normal conditions, is called hydrogen cyanide.




62 Chapter 2 Atoms, Molecules, and Ions

TABLE 2.6 Prefixes Used in

Naming Binary Compounds
Formed Between Nonmetals

Prefix Meaning

Both hydrocyanic acid and hydrogen cyanide are extremely toxic. (b) Because NO3 ™ is
the nitrate ion, HNOj is called nitric acid (the -ate ending of the anion is replaced with
an -ic ending in naming the acid). (c) Because SO,% is the sulfate ion, HySOy is called
sulfuric acid. (d) Because SO52 is the sulfite ion, H,SO5 is sulfurous acid (the -ite end-
ing of the anion is replaced with an -ous ending).

PRACTICE EXERCISE

Give the chemical formulas for (a) hydrobromic acid; (b) carbonic acid.
Answers: (a) HBr; (b) H,COj3

Mono-
Di-
Tri-
Tetra-
Penta-
Hexa-
Hepta-
Octa-
Nona-
Deca-

O O WU WN -

—_

Names and Formulas of Binary Molecular Compounds

The procedures used for naming binary (two-element) molecular compounds are
similar to those used for naming ionic compounds:

1. The name of the element farthest to the left in the periodic table is usually written
first. An exception to this rule occurs in the case of compounds that contain
oxygen. Oxygen is always written last except when combined with fluorine.

2. If both elements are in the same group in the periodic table, the lower one is named
first.

3. The name of the second element is given an -ide ending.

4. Greek prefixes (Table 2.6 ) are used to indicate the number of atoms of each element.
The prefix mono- is never used with the first element. When the prefix ends
in a or 0 and the name of the second element begins with a vowel (such as
oxide), the a or o is often dropped.

The following examples illustrate these rules:
Cl,O dichlorine monoxide NF; nitrogen trifluoride
N,O, dinitrogen tetroxide P;Sqo tetraphosphorus decasulfide

It is important to realize that you cannot predict the formulas of most molec-
ular substances in the same way that you predict the formulas of ionic com-
pounds. That is why we name them using prefixes that explicitly indicate their
composition. Compounds that contain hydrogen and one other element are an
important exception, however. These compounds can be treated as if they con-
tained H" ions. Thus, HCl is hydrogen chloride (this is the name used for the pure
compound; water solutions of HCI are called hydrochloric acid). Similarly, H,S
is hydrogen sulfide.

SAMPLE EXERCISE 2.15
Name the following compounds: (a) SO,; (b) PCls; (c) N,O3.
Solution The compounds consist entirely of nonmetals, so they are probably molec-

ular rather than ionic. Using the prefixes in Table 2.6, we have (a) sulfur dioxide,
(b) phosphorus pentachloride, and (c) dinitrogen trioxide.

PRACTICE EXERCISE

Give the chemical formula for (a) silicon tetrabromide; (b) disulfur dichloride.
Answers: (a) SiBry; (b) S,Cl,

2.9 Some Simple Organic Compounds

The study of compounds of carbon is called organic chemistry. Compounds that
contain carbon and hydrogen, often in combination with oxygen, nitrogen, or
other elements, are called organic compounds. We will examine organic compounds
and organic chemistry in some detail in Chapter 25. You will see a number of
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organic compounds throughout this text; many of them have practical applica-
tions or are relevant to the chemistry of biological systems. Here we present a
very brief introduction to some of the simplest organic compounds so as to pro-
vide you with a sense of what these molecules look like and how they are named.

Alkanes

Compounds that contain only carbon and hydrogen are called hydrocarbons.
In the most basic class of hydrocarbons, each carbon atom is bonded to four
other atoms. These compounds are called alkanes. The three simplest alkanes,
which contain one, two, and three carbon atoms, respectively, are methane (CHy),
ethane (C,Hg), and propane (C3Hg). The structural formulas of these three
alkanes are as follows:

i i Lo
H H
Methane Ethane Propane

Each of the alkanes has a name that ends in -ane. Longer alkanes can be made by
adding additional carbon atoms to the “skeleton” of the molecule. For alkanes
with five or more carbon atoms, the names are derived from prefixes like those
in Table 2.6. An alkane with eight carbon atoms, for example, is called octane
(CgH1g), where the octa- prefix for eight is combined with the -ane ending for an
alkane. Gasoline consists primarily of octanes, as will be discussed in Chapter 25.

Some Derivatives of Alkanes

Other classes of organic compounds are obtained when hydrogen atoms of
alkanes are replaced with functional groups, which are specific groups of atoms.
An alcohol, for example, is obtained by replacing an H atom of an alkane with
an —OH group. The name of the alcohol is derived from that of the alkane by
adding an -ol ending:

i T T
H—(|:—OH H—(|:—$—OH H—(|:—(|:—| —OH
H H H H
Methanol Ethanol 1-Propanol

Alcohols have properties that are very different from the alkanes from which
they are obtained. For example, methane, ethane, and propane are all colorless
gases under normal conditions, whereas methanol, ethanol, and propanol are
colorless liquids. We will discuss the reasons for these differences in properties
in Chapter 11.

The prefix “1” in the name of 1-propanol indicates that the replacement of
H with OH has occurred at one of the “outer” carbon atoms rather than the “mid-
dle” carbon atom; a different compound called 2-propanol (also known as iso-
propyl alcohol) is obtained if the OH functional group is attached to the middle
carbon atom. Ball-and-stick models of 1-propanol and 2-propanol are presented
in Figure 2.28 p. As you will learn in Chapter 25, the nomenclature of organic
compounds provides ways in which we can unambiguously define which atoms
are bonded to one another.

Much of the richness of organic chemistry is possible because compounds
with long chains of carbon-carbon bonds are found in nature or can be synthe-
sized. The series of alkanes and alcohols that begins with methane, ethane, and

- S

(b)

A Figure 2.28 Ball-and-stick models
of the two forms of propanol (C3HgO):
(a) 1-propanol, in which the OH group is
attached to one of the end carbon
atoms, and (b) 2-propanol, in which the
OH group is attached to the middle
carbon atom.
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» Figure 2.29 Space-filling models of
(a) acetic acid (HC,H30,), and
(b) acetone (C3HgO).

propane can be extended for as long as we desire, in principle. The properties of
alkanes and alcohols change as the chains get longer. Octanes, which are alka-
nes with eight carbon atoms, are liquids under normal conditions. If the alkane
series is extended to tens of thousands of carbon atoms, we obtain polyethylene,
a solid substance that is used to make thousands of plastic products, such as
plastic bags, food containers, and laboratory equipment. Polyethylene is an
example of a polymer, a substance that is made by adding together thousands of
smaller molecules. We will discuss polymers in greater detail in Chapter 12.

In all the compounds discussed so far, the carbon atoms in the structural for-
mula are linked to four other atoms by a single line; in later chapters you will
learn that the single line represents a single bond between the carbon atom and
the other atom. Carbon, however, can also form multiple bonds to itself and to
other atoms, such as oxygen and nitrogen. Multiple bonds greatly change the
properties of organic molecules and are one of the main reasons that many of you
will take a year-long course dedicated entirely to organic chemistry! Some famil-
iar organic substances that contain double bonds to carbon are shown below. In
each case, we have given the proper name of the compound, which is derived
from the prefix of an alkane, and the “common” name by which you probably
know the substance:

H O H O H

N meddoon woldly
Ny | | |
H H H
Ethene Ethanoic acid Propanone
(ethylene) (acetic acid) (acetone)

Ethylene is an unsaturated hydrocarbon, which is a compound with a carbon-
carbon multiple bond. The carbon-carbon double bond makes ethylene much
more reactive than alkanes. Acetic acid is a carboxylic acid. It is the characteristic
component of vinegar. Acetone is a ketone. Acetone is a common organic solvent
that is used in households as a lacquer and nail-polish remover. Figure 2.29 ¥
shows space-filling models of acetic acid and acetone. You will encounter other
organic molecules throughout the text, and you should note the numbers of car-
bon atoms involved and the types of other atoms to which carbon is bonded. As
noted earlier, we will provide a more complete discussion of organic chemistry
in Chapter 25.

(@) (b)

SAMPLE EXERCISE 2.16

Consider the alkane called pentane. (a) Assuming that the carbon atoms are in a straight
line, write a structural formula for pentane. (b) What is the molecular formula for
pentane?



Solution (a) Alkanes contain only carbon and hydrogen, and each carbon atom is at-
tached to four other atoms. The name pentane contains the prefix penta- for five (Table
2.6), so we can assume that pentane contains five carbon atoms bonded in a chain. If
we then add enough hydrogen atoms to make four bonds to each carbon atom, we

Summary and Key Terms
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obtain the following structural formula:

PRACTICE EXERCISE

butane?
Answers: (a) C4.H;g; (b) butanol, C4;H;,0

Summary and Key Terms

This form of pentane is often called n-pentane, where the n- stands for “normal”
because all five carbon atoms are in one line in the structural formula.

(b) Once the structural formula is written, we can determine the molecular for-
mula by counting the atoms present. Thus, n-pentane has the formula CsHj,.

Butane is the alkane with four carbon atoms. (a) What is the molecular formula of
butane? (b) What is the name and molecular formula of an alcohol derived from

Sections 2.1 and 2.2 Atoms are the basic building blocks
of matter; they are the smallest units of an element that
can combine with other elements. Atoms are composed of
even smaller particles, called subatomic particles. Some
of these subatomic particles are charged and follow the
usual behavior of charged particles: Particles with the same
charge repel one another, whereas particles with unlike
charges are attracted to one another. We considered some
of the important experiments that led to the discovery and
characterization of subatomic particles. Thomson’s exper-
iments on the behavior of cathode rays in magnetic and
electric fields led to the discovery of the electron and al-
lowed its charge-to-mass ratio to be measured; Millikan’s
oil-drop experiment determined the charge of the electron;
Becquerel’s discovery of radioactivity, the spontaneous
emission of radiation by atoms, gave further evidence that
the atom has a substructure; and Rutherford’s studies of
how thin metal foils scatter a-particles showed that the
atom has a dense, positively charged nucleus.

Section 2.3 Atoms have a nucleus that contains protons
and neutrons; electrons move in the space around the nu-
cleus. The magnitude of the charge of the electron,
1.602 X 107 C, is called the electronic charge. The
charges of particles are usually represented as multiples
of this charge; thus, an electron has a 1— charge, and a pro-
ton has a 1+ charge. The masses of atoms are usually ex-
pressed in terms of atomic mass units (1amu =
1.66054 X 107** g). The dimensions of atoms are often ex-
pressed in units of angstroms (1 A = 10719 m).

Elements can be classified by atomic number, the
number of protons in the nucleus of an atom. All atoms of

a given element have the same atomic number. The mass
number of an atom is the sum of the numbers of protons
and neutrons. Atoms of the same element that differ in
mass number are known as isotopes. An atom of a specif-
ic isotope is called a nuclide.

Section 2.4 The atomic mass scale is defined by assign-
ing a mass of exactly 12 amu to a '2C atom. The atomic
weight (average atomic mass) of an element can be calcu-
lated from the relative abundances and masses of that el-
ement’s isotopes. The mass spectrometer provides the
most direct and accurate means of experimentally meas-
uring atomic (and molecular) weights.

Section 2.5 The periodic table is an arrangement of the
elements in order of increasing atomic number. Elements
with similar properties are placed in vertical columns. The
elements in a column are known as a periodic group.
The metallic elements, which comprise the majority of the
elements, dominate the left side and the middle of the
table; the nonmetallic elements are located on the upper
right side. Many of the elements that lie along the line that
separates metals from nonmetals are metalloids.

Section 2.6 Atoms can combine to form molecules.
Compounds composed of molecules (molecular com-
pounds) usually contain only nonmetallic elements. A
molecule that contains two atoms is called a diatomic mol-
ecule. The composition of a substance is given by its
chemical formula. A molecular substance can be repre-
sented by its empirical formula, which gives the relative
numbers of atoms of each kind. It is usually represented by
its molecular formula, however, which gives the actual
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numbers of each type of atom in a molecule. Structural
formulas show the order in which the atoms in a mole-
cule are connected. Ball-and-stick models and space-fill-
ing models are often used to represent molecules.

Section 2.7 Atoms can either gain or lose electrons, form-
ing charged particles called ions. Metals tend to lose elec-
trons, becoming positively charged ions (cations).
Nonmetals tend to gain electrons, forming negatively
charged ions (anions). Because ionic compounds are elec-
trically neutral, containing both cations and anions, they
usually contain both metallic and nonmetallic elements.
Atoms that are joined together, as in a molecule, but carry
anet charge are called polyatomic ions. The chemical for-
mulas used for ionic compounds are empirical formulas,
which can be written readily if the charges of the ions are
known. The total positive charge of the cations in an ionic
compound equals the total negative charge of the anions.

Section 2.8 The set of rules for naming chemical com-
pounds is called chemical nomenclature. We studied the
systematic rules used for naming three classes of inorganic

Exercises

substances: ionic compounds, acids, and binary molecular
compounds. In naming an ionic compound, the cation is
named first and then the anion. Cations formed from metal
atoms have the same name as the metal. If the metal can
form cations of differing charges, the charge is given using
Roman numerals. Monatomic anions have names ending
in -ide. Polyatomic anions containing oxygen and another el-
ement (oxyanions) have names ending in -ate or -ite.

Section 2.9 Organic chemistry is the study of com-
pounds that contain carbon. The simplest class of organic
molecules are the hydrocarbons, which contain only car-
bon and hydrogen. Hydrocarbons in which each carbon
atom is attached to four other atoms are called alkanes.
Alkanes have names that end in -ane, such as methane and
ethane. Other organic compounds are formed when an H
atom of a hydrocarbon is replaced with a functional group.
An alcohol, for example, is a compound in which an H
atom of a hydrocarbon is replaced by an OH functional
group. Alcohols have names that end in -ol, such as
methanol and ethanol. Other organic molecules have mul-
tiple bonds between a carbon atom and other atoms.

Atomic Theory and the Discovery of Atomic Structure

2.1 How does Dalton’s atomic theory account for the fact that

CQ when 1.000 g of water is decomposed into its elements,
0.111 g of hydrogen and 0.889 g of oxygen are obtained re-
gardless of the source of the water?

2.2 Hydrogen sulfide is composed of two elements: hydro-

CQ gen and sulfur. In an experiment, 6.500 g of hydrogen sul-
fide is fully decomposed into its elements. (a) If 0.384 g of
hydrogen is obtained in this experiment, how many
grams of sulfur must be obtained? (b) What fundamen-
tal law does this experiment demonstrate? (c) How is this
law explained by Dalton’s atomic theory?

2.3 A chemist finds that 30.82 g of nitrogen will react with
17.60 g, 35.20 g, 70.40 g, or 88.00 g of oxygen to form four
different compounds. (a) Calculate the mass of oxygen
per gram of nitrogen in each compound. (b) How do the
numbers in part (a) support Dalton’s atomic theory?

2.4 In a series of experiments, a chemist prepared three dif-
ferent compounds that contain only iodine and fluorine
and determined the mass of each element in each com-

pound:
Compound Mass of Iodine (g) Mass of Fluorine (g)
1 4.75 3.56
2 7.64 343
3 9.41 9.86

(a) Calculate the mass of fluorine per gram of iodine in
each compound. (b) How do the numbers in part (a) sup-
port the atomic theory?

2.5 Summarize the evidence used by J. ]. Thomson to argue

CQ that cathode rays consist of negatively charged particles.

2.6 Anegatively charged particle is caused to move between

CQ two electrically charged plates, as illustrated in Figure
2.8. (@) Why does the path of the charged particle bend?
(b) As the charge on the plates is increased, would you
expect the bending to increase, decrease, or stay the same?
(c) As the mass of the particle is increased while the speed
of the particles remains the same, would you expect the
bending to increase, decrease, or stay the same? (d) An
unknown particle is sent through the apparatus. Its path
is deflected in the opposite direction from the negative-
ly charged particle, and it is deflected by a smaller mag-
nitude. What can you conclude about this unknown
particle?

2.7 (a) What is the purpose of the X-ray source in the Mil-

CQ likan oil-drop experiment (Figure 2.5)? (b) As shown in
Figure 2.5, the positively-charged plate is above the neg-
atively-charged plate. What do you think would be the
effect on the rate of oil drops descending if the charges
on the plates were reversed (negative above positive)?
(c) In his original series of experiments, Millikan meas-
ured the charge on 58 separate o0il drops. Why do you
suppose he chose so many drops before reaching his final
conclusions?



2.8

Millikan determined the charge on the electron by study-
ing the static charges on oil drops falling in an electric
field. A student carried out this experiment using sever-
al oil drops for her measurements and calculated the
charges on the drops. She obtained the following data:

Droplet Calculated Charge (C)
A 1.60 X 1071
B 3.15 x 107Y
C 481 x 1079
D 631 x 107Y

2.9
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(a) What is the significance of the fact that the droplets
carried different charges? (b) What conclusion can the
student draw from these data regarding the charge of the
electron? (c¢) What value (and to how many significant
figures) should she report for the electronic charge?

(a) In Figure 2.8, the vy rays are not deflected by an elec-

CQ tric field. What can we conclude about y-radiation from

2.10
cQ

this observation? (b) Why are « and 8 rays deflected in
opposite directions by an electric field, as illustrated in
Figure 2.8?

Why is Rutherford’s nuclear model of the atom more con-
sistent with the results of his a-particle scattering exper-

iment than Thomson’s “plum-pudding” model?

Modern View of Atomic Structure; Atomic Weights

211

212

2.13

2.14
cQ

2.15

2.16

2.17

The radius of an atom of krypton (Kr) is about 1.9 A.
(a) Express this distance in nanometers (nm) and in pi-
cometers (pm). (b) How many krypton atoms would
have to be lined up to span 1.0 mm? (c) If the atom is as-
sumed to be a sphere, what is the volume in cm® of a sin-
gle Kr atom?

An atom of rhodium (Rh) has a diameter of about
2.5 X 1078 cm. (a) What is the radius of a rhodium atom
in angstroms (A) and in meters (m). (b) How many Rh
atoms would have to be placed side by side to span a dis-
tance of 6.0 um (c) If the atom is assumed to be a sphere,
what is the volume in m® of a single Kr atom?

Answer the following questions without referring to
Table 2.1: (a) What are the main subatomic particles that
make up the atom? (b) What is the charge, in units of the
electronic charge, of each of the particles? (¢) Which of
the particles is the most massive? Which is the least
massive?

Determine whether each of the following statements is
true or false; if false, correct the statement to make it true:
(a) The nucleus has most of the mass and comprises most
of the volume of an atom; (b) every atom of a given ele-
ment has the same number of protons; (c) the number of
electrons in an atom equals the number of neutrons in
the atom; (d) the protons in the nucleus of the helium
atom are held together by a force called the strong nuclear
force.

How many protons, neutrons, and electrons are in the
following atoms: (a) 28Gi: (b) °ONi; (¢) ®Rb; (d) 128Xe;
(e) 19513;[; (f) 238U?

Each of the following nuclides is used in medicine. Indi-
cate the number of protons and neutrons in each nuclide:
(a) phosphorus-32; (b) chromium-51; (¢) cobalt-60;
(d) technetium-99; (e) iodine-131; (f) thallium-201.

Fill in the gaps in the following table, assuming each col-
umn represents a neutral atom:

2.18

2.19

2.20

2.21
cQ

2.22
cQ

Symbol | 2Cr

Protons 33 77
Neutrons 42 20

Electrons 20 86

Mass no. 222 193

Fill in the gaps in the following table assuming each col-
umn represents a neutral atom:
Symbol 121gp
Protons 38 94
Neutrons 50 108
Electrons 74 57
Mass no. 139 239

Write the correct symbol, with both superscript and sub-
script, for each of the following. Use the list of elements on
the front inside cover as needed: (a) the nuclide of hafni-
um that contains 107 neutrons; (b) the isotope of argon
with mass number 40; (¢) an « particle; (d) the isotope of
indium with mass number 115; (e) the nuclide of silicon
that has an equal number of protons and neutrons.

One way in which the Earth’s evolution as a planet can
be understood is by measuring the amounts of certain
nuclides in rocks. One quantity recently measured is the
ratio of ??Xe to 13*Xe in some minerals. In what way do
these two nuclides differ from one another, and in what
respects are they the same?

(a) What isotope is used as the standard in establishing
the atomic mass scale? (b) The atomic weight of chlorine
is reported as 35.5, yet no atom of chlorine has the mass
of 35.5 amu. Explain.

(a) What is the mass in amu of a carbon-12 atom? (b) Why
is the atomic weight of carbon reported as 12.011 in the
table of elements and the periodic table in the front inside
cover of this text?



68

2.23

2.24

2.25
cQ

2.26
cQ
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The element lead (Pb) consists of four naturally occur-
ring isotopes with masses 203.97302, 205.97444, 206.97587,
and 207.97663 amu. The relative abundances of these four
isotopes are 1.4, 24.1,22.1, and 52.4%, respectively. From
these data, calculate the average atomic mass of lead.
Only two isotopes of copper occur naturally, ®*Cu
(mass = 62.9296 amu; abundance 69.17%) and %°Cu
(mass = 64.9278 amu; abundance 30.83%). Calculate the
atomic weight (average atomic mass) of copper.

(a) In what fundamental way is mass spectrometry relat-
ed to Thomson'’s cathode-ray experiments (Figure 2.4)?
(b) What are the labels on the axes of a mass spectrum?
(c) In order to measure the mass spectrum of an atom,
the atom must first lose or gain one or more electrons.
Why is this so?

(a) The mass spectrometer in Figure 2.13 has a magnet as
one of its components. What is the purpose of the mag-
net? (b) The atomic weight of Cl is 35.5 amu. However,
the mass spectrum of Cl (Figure 2.14) does not show a
peak at this mass. Explain. (c) A mass spectrum of phos-
phorus (P) atoms shows only a single peak at a mass of
31. What can you conclude from this observation?

2.27

2.28

Naturally occurring magnesium has the following iso-
topic abundances:

Isotope Abundance Mass

Mg 78.99% 23.98504
BMg 10.00% 24.98584
Mg 11.01% 25.98259

(a) What is the average atomic mass of Mg? (b) Sketch
the mass spectrum of Mg.

Mass spectrometry is more often applied to molecules
than to atoms. We will see in Chapter 3 that the molecular
weight of a molecule is the sum of the atomic weights of
the atoms in the molecule. The mass spectrum of H, is
taken under conditions that prevent decomposition into
H atoms. The two naturally occurring isotopes of hydro-
gen are 'H (mass = 1.00783 amu; abundance 99.9885%)
and 2H (mass = 2.01410 amu; abundance 0.0115%).
(a) How many peaks will the mass spectrum have?
(b) Give the relative atomic masses of each of these peaks.
(c) Which peak will be the largest, and which the
smallest?

The Periodic Table; Molecules and lons

2.29

2.30

2.31

2.32

2.33
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2.34
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2.35

For each of the following elements, write its chemical
symbol, locate it in the periodic table, and indicate
whether it is a metal, metalloid, or nonmetal: (a) silver;
(b) helium; (c) phosphorus; (d) cadmium; (e) calcium;
(f) bromine; (g) arsenic.

Locate each of the following elements in the periodic
table; indicate whether it is a metal, metalloid, or non-
metal; and give the name of the element: (a) Li; (b) Sc;
(o) Ge; (d) Yb; (e) Mn; (f) Au; (g) Te.

For each of the following elements, write its chemical
symbol, determine the name of the group to which it
belongs (Table 2.3), and indicate whether it is a metal,
metalloid, or nonmetal: (a) potassium; (b) iodine;
(c) magnesium; (d) argon; (e) sulfur.

The elements of group 4A show an interesting change in
properties with increasing period. Give the name and
chemical symbol of each element in the group, and label
it as a nonmetal, metalloid, or metal.

What can we tell about a compound when we know the
empirical formula? What additional information is con-
veyed by the molecular formula? By the structural for-
mula? Explain in each case.

Two compounds have the same empirical formula. One
substance is a gas, the other is a viscous liquid. How is it
possible for two substances with the same empirical for-
mula to have markedly different properties?

Determine the molecular and empirical formulas of the
following: (a) The organic solvent benzene, which has six
carbon atoms and six hydrogen atoms. (b) The compound
silicon tetrachloride, which has a silicon atom and four
chlorine atoms and is used in the manufacture of com-
puter chips.

2.36

2.37

2.38

2.39

Write the molecular and empirical formulas of the fol-
lowing: (a) the reactive substance diborane, which has two
boron atoms and six hydrogen atoms; (b) the sugar called
glucose, which has six carbon atoms, twelve hydrogen
atoms, and six oxygen atoms.

How many hydrogen atoms are in each of the following:
(a) C2H5OH} (b) Ca(CH3COO)2/ (C) (NH4)3PO47

How many of the indicated atoms are represent-
ed by each chemical formula: (a) carbon atoms in
C,H5COOCHj3; (b) oxygen atoms in Ca(ClOg),;
(c) hydrogen atoms in (NH,),HPO,?

Write the molecular and structural formulas for the
compounds represented by the following molecular
models:

(© (d)
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241

2.42

Write the molecular and structural formulas for the com-
pounds represented by the following models:

_.;..:, - -
ey* 7 MJ
H @

(@) (b)

9 ﬁ
(© (d)

Write the empirical formula corresponding to each of the
following molecular formulas: (a) Al,Brg; (b) CgHy;
(C) C4H802; (d) P4010} (e) C6H4C12; (f) B3N3H6.

From the following list, find the groups of compounds
that have the same empirical formula: C,H,, N,Oy,
C2H4, C6H6/ NOz, C3H6, C4H8 .
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2.45

2.46
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Each of the following elements is capable of forming an
ion in chemical reactions. By referring to the periodic
table, predict the charge of the most stable ion of each:
(a) AL; (b) Ca; (0) S; (d) I; (e) Cs.

Using the periodic table, predict the charges of the ions of
the following elements: (a) Sc; (b) Sr; (c) P; (d) K; (e) E
Using the periodic table to guide you, predict the formula
and name of the compound formed by the following el-
ements: (a) Ga and F; (b) Li and H; (¢) Al and I; (d) K
and S.

The most common charge associated with silver in its
compounds is 1+. Indicate the empirical formulas you
would expect for compounds formed between Ag and
(a) iodine; (b) sulfur; (c) fluorine.

Predict the empirical formula for the ionic compound
formed by (a) Ca*" and Br~; (b) NH;" and CI7; (c) AIP*
and C,H;0,7; (d) K and SO,%7; () Mg?* and PO,*".
Predict the chemical formulas of the compounds formed
by the following pairs of ions: (a) NH," and SO,*;
(b) Cu™ and S%7; () La®" and F~; (d) Ca?" and PO43_;
(e) Hg,?" and CO3%".

Predict whether each of the following compounds is mo-
lecular or ionic: (a) BoHg; (b) CH30H; (¢) LiNOj;
(d) Sc,03; (e) CsBr; (f) NOCI; (g) NF;; (h) Ag,SOy.
Which of the following are ionic, and which are molecu-
lar? (a) PFs; (b) Nal; (c) SCl,; (d) Ca(NO3),; (e) FeCly;
(f) LaP; (g) CoCOs; (h) N,Oy.

Naming Inorganic Compounds; Organic Molecules
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2.52
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2.56
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Give the chemical formula for (a) chlorite ion; (b) chloride
ion; (c) chlorate ion; (d) perchlorate ion; (e) hypochlorite
ion.

Selenium, an element required nutritionally in trace quan-
tities, forms compounds analogous to sulfur. Name the
following ions: (a) SeO,27; (b) Se*”; (c) HSe; (d) HSeO5 .
Name the following ionic compounds: (a) AlF;;
(b) Fe(OH),; (c) Cu(NOs3),; (d) Ba(ClOy),; (e) LisPOy;
(f) Hg,S; (g) Ca(CyH30,),; (h) Cry(CO3)3; (i) KCrOy;
() (NH4)»S0O4.

Name the following ionic compounds: (a) LiO;
(b) FEZ(CO3)3; (C) NaClO, (d) (NH4)2803} (E) SI'(CN)Z;
(f) Cr(OH)3; (g) Co(NOg3),; (h) NaH,POy; (i) KMnOy;
(G) Ag2Cr0;.

Write the chemical formulas for the following com-
pounds: (a) copper(I) oxide; (b) potassium peroxide;
(c) aluminum hydroxide; (d) zinc nitrate; (e) mercury(I)
bromide; (f) iron(III) carbonate; (g) sodium hypobromite.
Give the chemical formula for each of the following ionic
compounds: (a) potassium dichromate; (b) cobalt(Il)
nitrate; (¢) chromium(III) acetate; (d) sodium hydride;
(e) calcium hydrogen carbonate; (f) barium bromate;
(g) copper(Il) perchlorate.

Give the name or chemical formula, as appropriate, for
each of the following acids: (a) HBrOjs; (b) HBr;
() H3POy; (d) hypochlorous acid; (e) iodic acid;
(f) sulfurous acid.

Provide the name or chemical formula, as appropriate,
for each of the following acids: (a) hydrobromic acid;
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(b) hydrosulfuric acid; (¢) nitrous acid; (d) H,COs;
(e) HCIOs, (f) HC2H3OZ.

Give the name or chemical formula, as appropriate, for
each of the following molecular substances: (a) SFy;
(b) IFs; (c) XeOj3; (d) dinitrogen tetroxide; (e) hydrogen
cyanide; (f) tetraphosphorus hexasulfide.

The oxides of nitrogen are very important ingredients in
determining urban air pollution. Name each of the fol-
lowing compounds: (a) N,O; (b) NO; (c) NO,; (d) N,Os;
(e) N,Oy,.

Write the chemical formula for each substance mentioned
in the following word descriptions (use the front inside
cover to find the symbols for the elements you don’t
know). (a) Zinc carbonate can be heated to form zinc
oxide and carbon dioxide. (b) On treatment with hydro-
fluoric acid, silicon dioxide forms silicon tetrafluoride
and water. (c) Sulfur dioxide reacts with water to form
sulfurous acid. (d) The substance hydrogen phosphide,
commonly called phosphine, is a toxic gas. (e) Perchloric
acid reacts with cadmium to form cadmium(II) perchlo-
rate. (f) Vanadium(III) bromide is a colored solid.
Assume that you encounter the following phrases in your
reading. What is the chemical formula for each substance
mentioned? (a) Sodium hydrogen carbonate is used as a
deodorant. (b) Calcium hypochlorite is used in some
bleaching solutions. (¢) Hydrogen cyanide is a very poi-
sonous gas. (d) Magnesium hydroxide is used as a cathar-
tic. (e) Tin(Il) fluoride has been used as a fluoride additive
in toothpastes. (f) When cadmium sulfide is treated with
sulfuric acid, fumes of hydrogen sulfide are given off.
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(a) What is a hydrocarbon? (b) Are all hydrocarbons
alkanes? (c) Write the structural formula for ethane
(C,Hy). (d) n-Butane is the alkane with four carbon atoms
in a line. Write a structural formula for this compound,
and determine its molecular and empirical formulas.

(a) What ending is used for the names of alkanes? (b) Are
all alkanes hydrocarbons? (c) Write the structural formula
for propane (C3Hg). (d) n-Hexane is an alkane with all its
carbon atoms in one line. Write a structural formula for
this compound and determine its molecular and empir-
ical formulas. (Hint: You might need to refer to Table 2.6.)
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(a) What is a functional group? (b) What functional group
characterizes an alcohol? (¢) With reference to Exercise
2.63, write a structural formula for n-butanol, the alcohol
derived from n-butane by making a substitution on one
of the end carbon atoms.

(a) What do ethane, ethanol, and ethylene have in com-
mon? (b) How does 1-propanol differ from propane?
(c) Based on the structural formula for ethanoic acid given
in the text, propose a structural formula for propanoic acid.
What is its molecular formula?

Additional Exercises
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Describe a major contribution to science made by each of
the following scientists: (a) Dalton; (b) Thomson;
(c) Millikan; (d) Rutherford.

Suppose a scientist repeats the Millikan oil-drop experi-
ment, but reports the charges on the drops using an
unusual (and imaginary) unit called the warmomb (wa).
He obtains the following data for four of the drops:

Droplet Calculated Charge (wa)
A 3.84 x 108
B 4.80 x 1078
C 2.88 X 1078
D 8.64 X 1078

(a) If all the droplets were the same size, which would
fall most slowly through the apparatus? (b) From these
data, what is the best choice for the charge of the electron
in warmombs? (c) Based on your answer to part (b), how
many electrons are there on each of the droplets? (d) What
is the conversion factor between warmombs and
coulombs?

What is radioactivity? Indicate whether you agree or dis-
agree with the following statement, and indicate your
reasons: Henri Becquerel’s discovery of radioactivity
shows that the atom is not indivisible, as had been
believed for so long.

How did Rutherford interpret the following observations
made during his a-particle scattering experiments?
(a) Most a particles were not appreciably deflected as
they passed through the gold foil. (b) A few « particles
were deflected at very large angles. (c) What differences
would you expect if beryllium foil were used instead of
gold foil in the a-particle scattering experiment?

An a particle is the nucleus of a *He atom. (a) How many
protons and neutrons are in an « particle? (b) What force
holds the protons and neutrons together in the « parti-
cle? (c) What is the charge on an « particle in units of elec-
tronic charge? (d) The charge-to-mass ratio of an «
particle is 4.8224 X 10* C/g. Based on the charge on the
particle, calculate its mass in grams and in amu. (e) By
using the data in Table 2.1, compare your answer for part
(d) with the sum of the masses of the individual sub-
atomic particles. Can you explain the difference in mass?
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(If not, we will discuss such mass differences further in
Chapter 21.)

The natural abundance of *He is 0.000137%. (a) How
many protons, neutrons, and electrons are in an atom of
He? (b) Based on the sum of the masses of their sub-
atomic particles, which is expected to be more massive, an
atom of ®He or an atom of H (which is also called
tritium)? (c) Based on your answer for part (b), what would
need to be the precision of a mass spectrometer that is able
to differentiate between peaks due to of *He" and 3H™?
A cube of gold that is 1.00 cm on a side has a mass of
19.3 g. A single gold atom has a mass of 197.0 amu.
(a) How many gold atoms are in the cube? (b) From the
information given, estimate the diameter in Aofa single
gold atom. (¢) What assumptions did you make in arriv-
ing at your answer for part (b)?

The diameter of a rubidium atom is 4.95 A. We will con-
sider two different ways of placing the atoms on a sur-
face. In arrangement A, all the atoms are lined up with
one another. Arrangement B is called a close-packed
arrangement because the atoms sit in the “depressions”
formed by the previous row of atoms:

(@) (b)

(a) Using arrangement A, how many Rb atoms could be
placed on a square surface that is 1.0 cm on a side?
(b) How many Rb atoms could be placed on a square sur-
face that is 1.0 cm on a side using arrangement B? (c) By
what factor has the number of atoms on the surface
increased in going to arrangement B from arrangement
A? If extended to three dimensions, which arrangement
would lead to a greater density for Rb metal?

(a) Assuming the dimensions of the nucleus and atom
shown in Figure 2.12, what fraction of the volume of the
atom is taken up by the nucleus? (b) Using the mass of the
proton from Table 2.1 and assuming its diameter is
1.0 X 107 m, calculate the density of a proton in g/ em?®,



2.76
cQ

2.77
cQ

2.78

[2.79]

[2.80]

2.81

2.82

2.83

The element oxygen has three naturally occurring iso-
topes, with 8, 9, and 10 neutrons in the nucleus, respec-
tively. (a) Write the full chemical symbols for these three
isotopes. (b) Describe the similarities and differences
between the three kinds of atoms of oxygen.

Chemists generally use the term atomic weight rather than
average atomic mass. We state in the text that the latter term
is more correct. By considering the units of weight and
mass, can you explain why this is so?

Gallium (Ga) consists of two naturally occurring isotopes
with masses of 68.926 and 70.925 amu. (a) How many
protons and neutrons are in the nucleus of each isotope?
Write the complete atomic symbol for each, showing the
atomic number and mass number. (b) The average atom-
ic mass of Ga is 69.72 amu. Calculate the abundance of
each isotope.

Using a suitable reference such as the CRC Handbook of
Chemistry and Physics, look up the following information
for nickel: (a) the number of known isotopes; (b) the
atomic masses (in amu) and the natural abundance of the
five most abundant isotopes.

There are two different isotopes of bromine atoms. Under
normal conditions, elemental bromine consists of Br, mol-
ecules (Figure 2.19), and the mass of a Br, molecule is the
sum of the masses of the two atoms in the molecule. The
mass spectrum of Br, consists of three peaks:

Mass (amu) Relative Size
157.836 0.2569
159.834 0.4999
161.832 0.2431

(a) What is the origin of each peak (of what isotopes does
each consist)? (b) What is the mass of each isotope?
(c) Determine the average molecular mass of a Br, mole-
cule. (d) Determine the average atomic mass of a bromine
atom. (e) Calculate the abundances of the two isotopes.
It is common in mass spectrometry to assume that the
mass of a cation is the same as that of its parent atom.
(a) Using data in Table 2.1, determine the number of sig-
nificant figures that must be reported before the differ-
ence in mass of 'H and 'H" is significant. (b) What
percentage of the mass of an 'H atom does the electron
represent?

Bronze is a metallic alloy often used in decorative appli-
cations and in sculpture. A typical bronze consists of cop-
per, tin, and zinc, with lesser amounts of phosphorus and
lead. Locate each of these five elements in the periodic
table, write their symbols, and identify the group of the
periodic table to which they belong.

From the following list of elements—Ar, H, Ga, Al, Ca,
Br, Ge, K, O—pick the one that best fits each description;
use each element only once: (a) an alkali metal; (b) an
alkaline earth metal; (c) a noble gas; (d) a halogen; (e) a
metalloid; (f) a nonmetal listed in group 1A; (g) a metal
that forms a 3+ ion; (h) a nonmetal that forms a 2— ion;
(i) an element that resembles aluminum.
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2.84 The first atoms of seaborgium (Sg) were identified in

1974. The longest-lived isotope of Sg has a mass number
of 266. (a) How many protons, electrons, and neutrons
are in a 2%°Sg nuclide? (b) Atoms of Sg are very unsta-
ble, and it is therefore difficult to study this element’s
properties. Based on the position of Sg in the periodic
table, what element should it most closely resemble in its
chemical properties?

2.85 From the molecular structures shown here, identify the

one that corresponds to each of the following species:
(a) chlorine gas; (b) propane, C3Hg; (c) nitrate ion;
(d) sulfur trioxide; (e) methyl chloride, CH;CL

)

(if)

V®»

(iii) (iv)

&

H

9

2.86 Fill in the gaps in the following table:

Symbol 102R 3 Ce
Protons 34 76

Neutrons 46 116 74 82
Electrons 36 54

Net charge 2+ 1- 3+

2.87 Name each of the following oxides. Assuming that the

compounds are ionic, what charge is associated with the
metallic element in each case? (a) NiO; (b) MnO,;
(c) CI'203,' (d) MOO3.

2.88 Iodic acid has the molecular formula HIO3. Write the for-

mulas for the following: (a) the iodate anion; (b) the peri-
odate anion; (c¢) the hypoiodite anion; (d) hypoiodous
acid; (e) periodic acid.
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Elements in the same group of the periodic table often
form oxyanions with the same general formula. The
anions are also named in a similar fashion. Based on these
observations, suggest a chemical formula or name, as
appropriate, for each of the following ions: (a) BrO4";
(b) SeO327; (c) arsenate ion; (d) hydrogen tellurate ion.
Give the chemical names of each of the following famil-
iar compounds: (a) NaCl (table salt); (b) NaHCO; (bak-
ing soda); (¢) NaOCl (in many bleaches); (d) NaOH
(caustic soda); (e) (NH4),COj3; (smelling salts); (f) CaSO,
(plaster of Paris).

Many familiar substances have common, unsystematic
names. For each of the following, give the correct sys-
tematic name: (a) saltpeter, KNOj; (b) soda ash, Na,COj3;
(c) lime, CaO; (d) muriatic acid, HCI; (e) Epsom salts,
MgSOy; (f) milk of magnesia, Mg(OH),.

Many ions and compounds have very similar names, and
there is great potential for confusing them. Write the cor-
rect chemical formulas to distinguish between (a) calcium
sulfide and calcium hydrogen sulfide; (b) hydrobromic
acid and bromic acid; (¢) aluminum nitride and alu-
minum nitrite; (d) iron(Il) oxide and iron(Ill) oxide;
(e) ammonia and ammonium ion; (f) potassium sulfite
and potassium bisulfite; (g) mercurous chloride and mer-
curic chloride; (h) chloric acid and perchloric acid.
Using the CRC Handbook of Chemistry and Physics, find the
density, melting point, and boiling point for (a) PF;;
(b) SiCly; (c) ethanol, C,HO.

Aromatic hydrocarbons are hydrocarbons that are derived
from benzene (CgHg). The structural formula for benzene
is the following:

C C
/\C/\

|
H

H H

(a) What is the empirical formula of benzene? (b) Is ben-
zene an alkane? Explain your answer briefly. (c) The al-
cohol derived from benzene, called phenol, is used as a
disinfectant and a topical anesthetic. Propose a struc-
tural formula for phenol, and determine its molecular
formula.

[2.95]
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Benzene (C¢Hg, see preceding exercise) contains
0.9226 g of carbon per gram of benzene; the remaining
mass is hydrogen. The following table lists the carbon
content per gram of substance for several other aromatic
hydrocarbons:

Aromatic Grams of Carbon per
Hydrocarbon Gram of Hydrocarbon
Xylene 0.9051

Biphenyl 0.9346

Mesitylene 0.8994

Toluene 0.9125

(a) For benzene, calculate the mass of H that combines
with 1 g of C. (b) For the hydrocarbons listed in the table,
calculate the mass of H that combines with 1 g of C. (¢) By
comparing the results for part (b) to those for part (a),
determine small-number ratios of hydrogen atoms per
carbon atom for the hydrocarbons in the table. (d) Write
empirical formulas for the hydrocarbons in the table.
The compound cyclohexane is an alkane in which six car-
bon atoms form a ring. The partial structural formula of
the compound is as follows:

(a) Complete the structural formula for cyclohexane. (b) Is
the molecular formula for cyclohexane the same as that
for n-hexane, in which the carbon atoms are in a straight
line? If possible, comment on the source of any differ-
ences. (¢) Propose a structural formula for cyclohexanol,
the alcohol derived from cyclohexane. (d) Propose a struc-
tural formula for cyclohexene, which has one carbon-car-
bon double bond. Does it have the same molecular
formula as cyclohexane?

The periodic table helps organize the chemical behaviors
of the elements. As a class discussion or as a short essay,
describe how the table is organized, and mention as many
ways as you can think of in which the position of an ele-
ment in the table relates to the chemical and physical
properties of the element.
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(a) After watching the Multiple Proportions movie
(eChapter 2.1), show how the oxygen-to-hydrogen mass
ratios of H,O and H,0; illustrate the law of multiple pro-
portions. (b) Refer to Exercise 2.3, and sketch molecular
models (similar to those in the movie) of the three N- and
O-containing compounds in the exercise. (¢) Do the same
thing for Exercise 2.4, sketching models of the I- and
F-containing molecules.

Prior to Rutherford’s gold-foil experiment, the mass
and positively charged particles of an atom were
thought to be evenly distributed throughout the vol-
ume of the atom. (a) Watch the movie of the Rutherford
Experiment (eChapter 2.2), and describe how the exper-
imental results would have been different if the earlier
model had been correct. (b) What specific feature of the
modern view of atomic structure was illuminated by
Rutherford’s experiment?

The Separation of Radiation movie (eChapter 2.2) shows
how three different types of radioactive emissions behave
in the presence of an electric field. (a) Which of the three
types of radiation does not consist of a stream of parti-

2.101

2.102

cles? (b) In Exercise 2.9 you explained why « and B rays
are deflected in opposite directions. In the movie, the dif-
ference in the magnitude of deflection of a versus 8 par-
ticles is attributed primarily to a difference in mass. How
much more massive are « particles than B particles? What
factors other than mass influence the magnitude of
deflection?

Use the Periodic Table (eChapter 2.4) activity to answer
the following questions: (a) What element has the largest
number of isotopes, and how many isotopes does it have?
(b) Certain atomic numbers correspond to exceptionally
large numbers of isotopes. What does the graph of atom-
ic number versus the number of isotopes suggest regard-
ing the stability of atoms with certain numbers of
protons? (c) What is the most dense element, and what is
its density?

Give the correct formula and name for the ionic com-
pound formed by each of the indicated combinations:
NH," and AI** each with Br~, OH, $%7, CO53%7, NO; ",
and ClO,". Use the Ionic Compounds activity (eChapter
2.7) to check your answers.



Stoichiometry:
Calculations with
Chemical
Formulas and
Equations

he substances that make up the
air, water, and rocks of our planet j.:
undergo slow chemical reactions
that are part of the geological proc-
esses that shape our world. These
diverse reactions can be described
using chemical equations, and
they obey the same natural

laws as those observed in the
laboratory.




3.1 Chemical Equations

3.2 Some Simple Patterns of Chemical Reactivity

3.3 Formula Weights

34 The Mole

3.5 Empirical Formulas from Analyses

3.6 Quantitative Information from Balanced Equations
3.7 Limiting Reactants

we saw that we can represent substances
by their chemical formulas. Although chemical for-
mulas are invariably shorter than chemical names,
they are not merely abbreviations. Encoded in each

chemical formula is important quantitative infor-
mation about the substance that it represents.

In this chapter we examine several important uses of chemical formulas, as
outlined in the “What’s Ahead” list. The area of study that we will be examin-
ing is known as stoichiometry (pronounced stoy-key-OM-uh-tree), a name
derived from the Greek stoicheion (“element”) and metron (“measure”). Stoi-
chiometry is an essential tool in chemistry. Such diverse problems as measuring
the concentration of ozone in the atmosphere, determining the potential yield of
gold from an ore, and assessing different processes for converting coal into
gaseous fuels all use aspects of stoichiometry.

Stoichiometry is built on an understanding of atomic masses (Section 2.4)
and on a fundamental principle, the law of conservation of mass: The total mass
of all substances present after a chemical reaction is the same as the total mass before the
reaction. The French nobleman and scientist Antoine

Lavoisier (Figure 3.1 ») discovered this important chem-
ical law in the late 1700s. In a chemistry text published
in 1789, Lavoisier stated the law in this eloquent way:
“We may lay it down as an incontestable axiom that, in
all the operations of art and nature, nothing is created;
an equal quantity of matter exists both before and after
the experiment.”

With the advent of the atomic theory, chemists came to
understand the basis for the law of conservation of mass: Atoms are
neither created nor destroyed during any chemical reaction. Thus, the
same collection of atoms is present both before and after a reac-
tion. The changes that occur during any reaction merely
rearrange the atoms. We begin our discussions in this

chapter by examining how chemical formulas and
chemical equations are used to represent the rearrange-
ments of atoms that occur in chemical reactions.

» What's Ahead <«

We begin by considering how we
can use chemical formulas to write
equations that represent chemical
reactions.

We then use chemical formulas to
relate the masses of substances
with the numbers of atoms, mole-
cules, or ions they contain, which
leads to the crucially important
concept of a mole. A mole is

6.022 x 10% objects (atoms, mole-
cules, ions, or whatever).

We will apply the mole concept to
determine chemical formulas from
the masses of each element in a
given quantity of a compound.

We will use the quantitative infor-
mation inherent in chemical formu-
las and equations together with the
mole concept to predict the
amounts of substances consumed
and/or produced in chemical
reactions.

A special situation arises when one
of the reactants is used up before
the others, and the reaction there-
fore stops leaving some of the
excess starting material unreacted.

[@l Daniel Q. Duffy, Stephanie A. Shaw,

William D. Bare, and Kenneth A.
Goldsby, “More Chemistry in a Soda
Bottle: A Conservation of Mass
Activity,” /. Chem. Educ., Vol. 72,
1995, 734-736.

@ Frederic L. Holmes, “Antoine

Lavoisier and the Conservation of
Matter,” Chem. Eng. News,
September 12, 1994, 38-45.
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A Figure 3.1 Antoine Lavoisier
(1734-1794) conducted many important
studies on combustion reactions.
Unfortunately, his career was cut short by
the French Revolution. He was a member
of the French nobility and a tax collector.
He was guillotined in 1794 during the
final months of the Reign of Terror. He is
now generally considered to be the
father of modern chemistry because he
conducted carefully controlled
experiments and used quantitative

measurements.

A ﬁ&
[ Stoichiometry literally means
measurement of elements. The
relationship between the numbers of
reactant and product species

produces a balanced chemical
equation.

» Figure 3.2 Combustion of
hydrogen gas. The gas is bubbled
through a soap solution forming
hydrogen-filled bubbles. As the bubbles
float upwards, they are ignited by a
candle on a long pole. The orange flame
is due to the reaction of the hydrogen
with oxygen in the air and results in the
formation of water vapor.

ACTIVITY
Reading a Chemical Equation

3.1 Chemical Equations

Chemical reactions are represented in a concise way by chemical equations.
When hydrogen (H,) burns, for example, it reacts with oxygen (O,) in the air to
form water (H,O) (Figure 3.2 ¥). We write the chemical equation for this reac-
tion as follows:

2H2 + 02 — 2H20 [31]

We read the + sign as “reacts with” and the arrow as “produces.” The chemical
formulas on the left of the arrow represent the starting substances, called
reactants. The chemical formulas on the right of the arrow represent substances
produced in the reaction, called products. The numbers in front of the formulas
are coefficients. (As in algebraic equations, the numeral 1 is usually not written.)

Because atoms are neither created nor destroyed in any reaction, a chemical
equation must have an equal number of atoms of each element on each side of
the arrow. When this condition is met, the equation is said to be balanced. On the
right side of Equation 3.1, for example, there are two molecules of H,O, each
composed of two atoms of hydrogen and one atom of oxygen. Thus, 2H,0 (read
“two molecules of water”) contains 2 X 2 = 4 Hatoms and 2 X 1 = 2 O atoms
as seen in the art shown in the margin. Because there are also 4 H atoms and 2 O
atoms on the left side of the equation, the equation is balanced.

Once we know the formulas of the reactants and products in a reaction, we
can write the unbalanced equation. We then balance the equation by determin-
ing the coefficients that provide equal numbers of each type of atom on each
side of the equation. For most purposes, a balanced equation should contain the
smallest possible whole-number coefficients.

In balancing equations, it is important to understand the difference
between a coefficient in front of a formula and a subscript in a formula. Refer
to Figure 3.3 ». Notice that changing a subscript in a formula—from H,0O to
H,0,, for example—changes the identity of the chemical. The substance H,0O5,
hydrogen peroxide, is quite different from water. Subscripts should never be
changed in balancing an equation. In contrast, placing a coefficient in front of a
formula changes only the amount and not the identity of the substance. Thus,
2H,0 means two molecules of water, 3H,O means three molecules of water,
and so forth.

To illustrate the process of balancing equations, consider the reaction that
occurs when methane (CH,), the principal component of natural gas, burns in
air to produce carbon dioxide gas (CO,) and water vapor (H,0O). Both of these
products contain oxygen atoms that come from O, in the air. We say that com-
bustion in air is “supported by oxygen,” meaning that oxygen is a reactant. The
unbalanced equation is

CH; + O, —> CO, + H,0O (unbalanced) [3.2]




Chemical

symbol Meaning Composition
N N N

g Two H atoms and one O atom

H,O  One molecule
of water:

2H,0 Two molecules Four H atoms and two O atoms
of water:

H,O, One molecule Two H atoms and two O atoms
of hydrogen
peroxide:

It is usually best to balance first those elements that occur in the fewest chem-
ical formulas on each side of the equation. In our example both C and H appear
in only one reactant and, separately, in one product each, so we begin by focus-
ing attention on CHy. Let’s consider first carbon and then hydrogen.

One molecule of CH, contains the same number of C atoms (one) as one
molecule of CO,. The coefficients for these substances must be the same, there-
fore, and we choose them both to be 1 as we start the balancing process. How-
ever, the reactant CH, contains more H atoms (four) than the product H,O (two).
If we place a coefficient 2 in front of H,O, there will be four H atoms on each side
of the equation:

CHy + O, — CO, + 2H,0 (unbalanced) [3.3]

At this stage the products have more total O atoms (four—two from CO,
and two from 2H,0) than the reactants (two). If we place a coefficient 2 in front
of O,, we complete the balancing by making the number of O atoms equal on
both sides of the equation:

CH4 + 202 — C02 + 2H2O

(balanced) [3.4]
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« Figure 3.3 |llustration of the
difference between a subscript in a
chemical formula and a coefficient in
front of the formula. Notice that the
number of atoms of each type (listed
under composition) is obtained by
multiplying the coefficient and the
subscript associated with each element in
the formula.

<

me The coefficients of a balanced

—' chemical equation tell how many of
each species are involved in the
reaction.
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» Figure 3.4 Balanced chemical
equation for the combustion of CH,.
The drawings of the molecules involved
call attention to the conservation of
atoms through the reaction.

<

ACTIVITY
Reading a Balanced Chemical

Equation, Counting Atoms,
Balancing Equations

A balanced chemical equation will
L= have the same number of atoms of
each element on both sides of the
equation.

| Students often change the identities
of substances when balancing
chemical equations. When balancing
a chemical equation, you must not
change the identities (the subscripts)
of any of the species; you may
change only how many (the
coefficients) of the species
participate.

MOVIE
Sodium and Potassium in Water

@ Zoltan Toth, “Balancing Chemical
Equations by Inspection,” J. Chem.
Educ., Vol. 74, 1997, 1363-1364.

[ﬂl Chunshi Guo, “A New Inspection
Method for Balancing Redox
Equations,” J. Chem. Educ., Vol. 74,
1997, 1365-1366.

@ William C. Herndon, “On Balancing
Chemical Equations: Past and
Present (A Critical Review and
Annotated Bibliography),” /. Chem.
Educ., Vol. 74, 1997, 1359-1362.

@ Addison Ault, “How to Say How
Much: Amounts and
Stoichiometry,” J. Chem. Educ., Vol.
78,2001, 1347-1348.

Two water
molecules

One carbon
dioxide molecule

One methane
molecule

Two oxygen

—
molecules

“0)

(451)

(20) (i)

The molecular view of the balanced equation is shown in Figure 3.4 A.

The approach we have taken to balancing Equation 3.4 is largely trial and
error. We balance each kind of atom in succession, adjusting coefficients as nec-
essary. This approach works for most chemical equations.

Additional information is often added to the formulas in balanced equations
to indicate the physical state of each reactant and product. We use the symbols
(9), (1), (s), and (aq) for gas, liquid, solid, and aqueous (water) solution, respec-
tively. Thus, Equation 3.4 can be written

CHy4(g) + 205(3) — CO,(g) + 2H,0(9) [3.5]

Sometimes the conditions (such as temperature or pressure) under which the
reaction proceeds appear above or below the reaction arrow. The symbol A is
often placed above the arrow to indicate the addition of heat.

SAMPLE EXERCISE 3.1
Balance the following equation:
Na(s) + H,O() — NaOH(aq) + Hj(g)

Solution We begin by counting the atoms of each kind on both sides of the arrow. The
Na and O atoms are balanced (one Na and one O on each side), but there are two H
atoms on the left and three H atoms on the right. To increase the number of H atoms
on the left, we place a coefficient 2 in front of H,O:

Na(s) + 2H,0(l) —> NaOH(aq) + H(g)

This choice is a trial beginning, but it sets us on the correct path. Now that we
have 2H,0, we must regain the balance in O atoms. We can do so by moving to the
other side of the equation and putting a coefficient 2 in front of NaOH:

Na(s) + 2H,0() — 2NaOH(aq) + H(g)

This brings the H atoms into balance, but it requires that we move back to the left
and put a coefficient 2 in front of Na to rebalance the Na atoms:

2Na(s) + 2H,O(l) — 2NaOH(aq) + H,(g)

Finally, we check the number of atoms of each element and find that we have two
Na atoms, four H atoms, and two O atoms on each side of the equation. The equation
is balanced.

PRACTICE EXERCISE

Balance the following equations by providing the missing coefficients:
(@ Fe(s) + Oy(g) — _ FeyOs(s)

(b) GCHyg) + 0Os(g) —  COx(g) + HO(Q)

(© Alis) + HCl(aq) —> AlCl3(aq) + Hy({Q)

Answers: (a)4,3,2;(b) 1,3,2,2;(c)2,6,2,3
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SAMPLE EXERCISE 3.2

The following diagrams represent a chemical reaction in which the red spheres are
oxygen atoms and the blue spheres are nitrogen atoms. (a) Write the chemical formu-
las for the reactants and products. (b) Write a balanced equation for the reaction. (c) Is
the diagram consistent with the law of conservation of mass?

o "Q
o %00 ® V%

Solution (a) The left box, which represents the reactants, contains two kinds of
molecules, those composed of two oxygen atoms (O;) and those composed of one
nitrogen atom and one oxygen atom (NO). The right box, which represents the
products, contains only molecules composed of one nitrogen atom and two oxy-
gen atoms (NO,).

(b) The unbalanced chemical equation is

O, + NO — NO, (unbalanced)

In this equation, there are three O atoms on the left side of the arrow and two O atoms
on the right side. We can increase the number of O atoms by placing a coefficient 2 on
the product side:

O, + NO — 2NO, (unbalanced)

Now there are two N atoms and four O atoms on the right. Placing a coefficient 2 in
front of NO brings both the N atoms and O atoms into balance:

O, + 2NO — 2NO, (balanced)

(c) The left box (reactants) contains four O, molecules and eight NO molecules.
Thus, the molecular ratio is one O, for each two NO as required by the balanced equa-
tion. The right box (products) contains eight NO, molecules. The number of NO, mol-
ecules on the right equals the number of NO molecules on the left as the balanced
equation requires. Counting the atoms, we find eight N atoms in the eight NO mole-
cules in the box on the left. There are also 4 X 2 = 8 O atoms in the O, molecules and
eight O atoms in the NO molecules giving a total of 16 O atoms. In the box on the
right, we find eight N atoms and 8 X 2 = 16 O atoms in the eight NO, molecules.
Because there are equal numbers of both N and O atoms in the two boxes, the draw-
ing is consistent with the law of conservation of mass.

PRACTICE EXERCISE

In order to be consistent with the law of conservation of mass, how many NHj3 mole-
cules should be shown in the right box of the following diagram?

"OJJQ
oe?e

Answer: Six NH; molecules
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Although they may differ in the vigor
I of reaction, members of a family on

the periodic table tend to react in
similar ways.

An article on a some of the uses of
quicklime (CaO) and hydrated lime
(Ca(OH),). Kenneth W. Watkins,
“Lime,” J. Chem. Educ., Vol. 60,
1983, 60-63.

MOVIE
Reactions with Oxygen, Formation
of Water

3.2 Some Simple Patterns of Chemical Reactivity

In this section we examine three simple kinds of reactions that we will see fre-
quently throughout this chapter. Our first reason for examining these reactions
is merely to become better acquainted with chemical reactions and their bal-
anced equations. Our second reason is to consider how we might predict the
products of some of these reactions knowing only their reactants. The key to pre-
dicting the products formed by a given combination of reactants is recognizing
general patterns of chemical reactivity. Recognizing a pattern of reactivity for a
class of substances gives you a broader understanding than merely memorizing
a large number of unrelated reactions.

Combination and Decomposition Reactions

Table 3.1 ¥ summarizes two simple types of reactions, combination and decom-
position reactions. In combination reactions two or more substances react to
form one product. There are many examples of such reactions, especially those
in which elements combine to form compounds. For example, magnesium metal
burns in air with a dazzling brilliance to produce magnesium oxide, as shown
in Figure 3.5 p:

2Mg(s) + Oy(g) — 2MgO(s) [3.6]

This reaction is used to produce the bright flame generated by flares.

When a combination reaction occurs between a metal and a nonmetal, as in
Equation 3.6, the product is an ionic solid. Recall that the formula of an ionic com-
pound can be determined from the charges of the ions involved. === (Section 2.7)
When magnesium reacts with oxygen, for example, the magnesium loses elec-
trons and forms the magnesium ion, Mg?*. The oxygen gains electrons and forms
the oxide ion, O?". Thus, the reaction product is MgO. You should be able to rec-
ognize when a reaction is a combination reaction and to predict the products of
a combination reaction in which the reactants are a metal and a nonmetal.

In a decomposition reaction one substance undergoes a reaction to produce
two or more other substances. Many compounds undergo decomposition reac-
tions when heated. For example, many metal carbonates decompose to form
metal oxides and carbon dioxide when heated:

CaCOs(s) — CaO(s) + CO,(g) [3.7]

TABLE 3.1 Combination and Decomposition Reactions

Combination Reactions

A+B—C Two reactants combine to form a single

C(s) + Oyx(g) — COy(Q) product. Many elements react with one
another in this fashion to form compounds.

Na(g) + 3Ha(g) — 2NH;(g)

CaO(s) + H,0() — Ca(OH),(s)

Decomposition Reactions

C — A+ B A single reactant breaks apart to form two or
2KClO5(s) — 2KCI(s) + 304(g) more substances. Many compounds react
this way when heated.

PbCO,(s) — PbO(s) + CO(g)
Cu(OH),(s) — CuO(s) + H,O()
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A Figure 3.5 When magnesium metal burns, the Mg atoms react with O, molecules from
the air to form magnesium oxide, MgO, an ionic solid: 2Mg(s) + O,(g) — 2MgO(s).

The photos show what we see in the laboratory. The ribbon of magnesium metal (left) is
surrounded by oxygen in the air, and as it burns, an intense flame is produced. At the end of
the reaction, a rather fragile ribbon of white solid, MgO, remains. The models show the
atomic-level view of the reactants and products.

[

The decomposition of CaCOj is an important commercial process. Limestone or
seashells, which are both primarily CaCOj, are heated to prepare CaO, which is
known as lime or quicklime. Over 2.0 X 1010 kg (22 million tons) of CaO are A Figure 3.6 The decomposition of
used in the United States each year, principally in making glass, in obtaining sodium a;ide{ NaNjs(s), is used to inflate
iron from its ores, and in making mortar to bind bricks. automobile air bags. When properly
The decomposition of sodium azide (NaN3) rapidly releases Nj(g), so this ignited, the NaNs; decomposes rapidly,

forming nitrogen gas, N,(g), which
reaction is used to inflate safety air bags in automobiles (Figure 3.6 »): expanc?s the Egr bagg. 29

2NaNj;(s) — 2Na(s) + 3N,(g) [3.8]

The system is designed so that an impact ignites a detonator cap, which in turn
causes NaNj to decompose explosively. A small quantity of NaNj3 (about 100 g)
forms a large quantity of gas (about 50 L). We will consider the volumes of gases
produced in chemical reactions in Section 10.5.
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A Figure 3.7 Propane, C3Hg, burns
in air, producing a blue flame. The liquid
propane vaporizes and mixes with air as
it escapes through the nozzle.

SAMPLE EXERCISE 3.3

Write balanced equations for the following reactions: (a) The combination reaction
that occurs when lithium metal and fluorine gas react. (b) The decomposition reac-
tion that occurs when solid barium carbonate is heated. (Two products form: a solid
and a gas.)

Solution (a) The symbol for lithium is Li. With the exception of mercury, all metals are
solids at room temperature. Fluorine occurs as a diatomic molecule (see Figure 2.19).
Thus, the reactants are Li(s) and F,(g). The product will consist of a metal and a non-
metal, so we expect it to be an ionic solid. Lithium ions have a 1+ charge, Li*, where-
as fluoride ions have a 1— charge, F. Thus, the chemical formula for the product is LiF.
The balanced chemical equation is

2Li(s) + Fy(g) —> 2LiF(s)

(b) The chemical formula for barium carbonate is BaCO;3. As noted in the text,
many metal carbonates decompose to form metal oxides and carbon dioxide when
heated. In Equation 3.7, for example, CaCO3 decomposes to form CaO and CO,. Thus,
we would expect that BaCO3 decomposes to form BaO and CO,. Barium and calcium
are both in group 2A in the periodic table, moreover, which further suggests they
would react in the same way:

BaCO5(s) — BaO(s) + CO,(g)

PRACTICE EXERCISE

Write balanced chemical equations for the following reactions: (a) Solid mercury(II) sul-
fide decomposes into its component elements when heated. (b) The surface of alu-
minum metal undergoes a combination reaction with oxygen in the air.

Answers: (a) HgS(s) — Hg(l) + S(s); (b) 4Al(s) + 30,(3) —> 2A1,03(s)

Combustion in Air

Combustion reactions are rapid reactions that produce a flame. Most of the com-
bustion reactions we observe involve O, from air as a reactant. Equation 3.5 and
Practice Exercise 3.1(b) illustrate a general class of reactions involving the burn-
ing or combustion of hydrocarbon compounds (compounds that contain only
carbon and hydrogen, such as CH, and C,Hy). == (Section 2.9)

When hydrocarbons are combusted in air, they react with O, to form CO,
and H,0O.* The number of molecules of O, required in the reaction and the num-
ber of molecules of CO, and H,O formed depend on the composition of the
hydrocarbon, which acts as the fuel in the reaction. For example, the combustion
of propane (C3Hyg), a gas used for cooking and home heating, is described by the
following equation:

C3Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g) [3.9]

The state of the water, H,O(g) or H,O(!), depends on the conditions of the reac-
tion. Water vapor, H,O(g), is formed at high temperature in an open container.
The blue flame produced when propane burns is shown in Figure 3.7 «.
Combustion of oxygen-containing derivatives of hydrocarbons, such as
CH;30H, also produce CO, and H,0O. The simple rule that hydrocarbons and
related oxygen-containing derivatives of hydrocarbons form CO, and H,O when
they burn in air summarizes the behavior of about 3 million compounds. Many
substances that our bodies use as energy sources, such as the sugar glucose

*When there is an insufficient quantity of O, present, carbon monoxide (CO) will be produced along
with the CO,. If the amount of O, is severely restricted, fine particles of carbon that we call soot will
be produced. Complete combustion produces CO,. Unless specifically stated to the contrary, we will
take combustion to mean complete combustion.
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(CgH120g), similarly react in our bodies with O, to form CO, and H,O. In our
bodies, however, the reactions take place in a series of steps that occur at body
temperature. The reactions are then described as oxidation reactions rather than
combustion reactions.

SAMPLE EXERCISE 3.4
Write the balanced equation for the reaction that occurs when methanol, CH3OH(l), is burned in air.

Solution When any compound con-
taining C, H, and O is combusted, it re-
acts with the Oy(g) in air to produce
CO,(g) and H,O(g). Thus, the unbal-
anced equation is CH;3;0H(l) + Oy(g) — COy(g) + H,0O(g)

Because CH3;0H has only one C atom,
we can start balancing the equation
using the coefficient 1 for CO,.
Because CH3;OH has four H atoms, we
place a coefficient 2 in front of H,O to
balance the H atoms: CH;3;0H(l) + O(g) — COy(g) + 2H,0(g)

This gives four O atoms among the
products and three among the reac-
tants (one in CH3;0OH and two in O5).
We can place the fractional coefficient
2 in front of O, to give four O atoms
among the reactants (there are
2 X 2 =30atoms in30,): CH3OH(l) + 30,(3) — CO4(g) + 2H,0(g)

Although the equation is now bal-
anced, it is not in its most conven-
tional form because it contains a frac-
tional coefficient. If we multiply each
side of the equation by 2, we will
remove the fraction and achieve the
following balanced equation: 2CH3O0H(]) + 30,(g) — 2CO,(g) + 4H,0O(g)

PRACTICE EXERCISE

Write the balanced equation for the reaction that occurs when ethanol, C,H5OH(l), is burned in air.
Answer: C;HsOH(I) + 30,(g) — 2CO,(g) + 3H,0(g)

3.3 Formula Weights

Chemical formulas and chemical equations both have a gquantitative sig-
nificance; the subscripts in formulas and the coefficients in equations repre-
sent precise quantities. The formula H,O indicates that a molecule of this
substance contains exactly two atoms of hydrogen and one atom of oxygen.
Similarly, the balanced chemical equation for the combustion of propane—
C3Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g), shown in Equation 3.9—indicates
that the combustion of one molecule of C3Hg requires five molecules of O,
and produces exactly three molecules of CO, and four of H,O. But how do
we relate the numbers of atoms or molecules to the amounts we measure out
in the laboratory? Although we cannot directly count atoms or molecules, we
can indirectly determine their numbers if we know their masses. Therefore,
before we can pursue the quantitative aspects of chemical formulas or equa-
tions, we must examine the masses of atoms and molecules, which we do in
this section and the next.

83
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[ /| Atomic weights can be reported to

—J many significant figures. Advise
students to use a sufficient number
of significant figures such that the
number of significant figures in the
answer to any calculation is not
limited by the number of significant
figures in the formula weights they
use.

@ George L. Gilbert, “Percentage
Composition and Empirical
Formula—A New View,” |. Chem.
Educ., Vol. 75, 1998, 851.

Formula and Molecular Weights

The formula weight of a substance is the sum of the atomic weights of each atom
in its chemical formula. Sulfuric acid (H,SO,), for example, has a formula weight
of 98.1 amu.*

FW of H,SO4 = 2(AW of H)) + (AW of S) + 4(AW of O)
= 2(1.0amu) + 32.1 amu + 4(16.0 amu)
= 98.1 amu

We have rounded off the atomic weights to one place beyond the decimal point.
We will round off the atomic weights in this way for most problems.

If the chemical formula is merely the chemical symbol of an element, such
as Na, then the formula weight equals the atomic weight of the element. If the
chemical formula is that of a molecule, then the formula weight is also called
the molecular weight. The molecular weight of glucose (C¢H1,0g), for exam-
ple, is

MW of CcH 1,04 = 6(12.0 amu) + 12(1.0 amu) + 6(16.0 amu) = 180.0 amu

Because ionic substances such as NaCl exist as three-dimensional arrays of
ions (Figure 2.23), it is inappropriate to speak of molecules of NaCl. Instead, we
speak of formula units, represented by the chemical formula of the substance.
The formula unit of NaCl consists of one Na™ ion and one Cl~ ion. Thus, the for-
mula weight of NaCl is the mass of one formula unit:

FW of NaCl = 23.0amu + 35.5 amu = 58.5 amu

SAMPLE EXERCISE 3.5

Calculate the formula weight of (a) sucrose, C;,H,,01; (table sugar), and (b) calcium
nitrate, Ca(NO3),.

Solution (a) By adding the weights of the atoms in sucrose, we find it to have a for-
mula weight of 342.0 amu:

12 Catoms = 12(12.0amu) = 144.0 amu
22 H atoms = 22(1.0 amu) = 22.0 amu
11 O atoms = 11(16.0amu) = 176.0 amu
342.0 amu

(b) If a chemical formula has parentheses, the subscript outside the parentheses
is a multiplier for all atoms inside. Thus, for Ca(NOj3),, we have

1 Caatom = 1(40.1 amu) = 40.1 amu
2 N atoms = 2(14.0 amu) = 28.0 amu
6 O atoms = 6(16.0 amu) = 96.0 amu

164.1 amu

PRACTICE EXERCISE

Calculate the formula weight of (a) A[(OH); and (b) CH;OH.
Answers: (a) 78.0 amu; (b) 32.0 amu

Percentage Composition from Formulas

Occasionally we must calculate the percentage composition of a compound (that is,
the percentage by mass contributed by each element in the substance). For exam-
ple, in order to verify the purity of a compound, we may wish to compare the cal-

*The abbreviation AW is used for atomic weight, FW for formula weight, and MW for molecular
weight.
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culated percentage composition of the substance with that found experimental-
ly. Calculating percentage composition is a straightforward matter if the chem-
ical formula is known. The calculation depends on the formula weight of the
substance, the atomic weight of the element of interest, and the number of atoms

of that element in the chemical formula:

(number of atoms of that element) (atomic weight of element)

% element =

X 100% [3.10]

formula weight of compound

SAMPLE EXERCISE 3.6
Calculate the percentage composition of C1,H,017.

Solution Let’s examine this question using the problem-solving steps in the “Strate-
gies in Chemistry: Problem Solving” essay.

Analyze: Given the chemical formula of a compound, C1,H»,0O11, we are asked to cal-
culate its percentage composition, meaning the percent by mass of its component ele-
ments (C, H, and O).

Plan: We can use Equation 3.10, relying on a periodic table to obtain the atomic weights
of each component element. The atomic weights are first used to determine the formula
weight of the compound. (The formula weight of C1,H»,0O11, 342.0 amu, was calculated
in Sample Exercise 3.5.) We must then do three calculations, one for each element.
Solve: Using Equation 3.10, we have

gc = d2UZ0am) oo 1%
342.0 amu
oy = GNLOamy) o0 o o
342.0 amu
) MO o
342.0 amu

Check: The percentages of the individual elements must add up to 100%, which they
do in this case. We could have used more significant figures for our atomic weights,
giving more significant figures for our percentage composition, but we have adhered
to our suggested guideline of rounding atomic weights to one digit beyond the deci-

&

ACTIVITY
Molecular Weight and Weight
Percent

mal point.

PRACTICE EXERCISE

Calculate the percentage of nitrogen, by mass, in Ca(NOj3),.
Answer: 17.1%

A\ Strategies in Chemistry Problem Solving

The key to success in problem solving is practice. As you prac-
tice, you will find that you can improve your skills by follow-
ing these steps:

Step 1: Analyze the problem. Read the problem carefully for
understanding. What does it say? Draw any picture or dia-
gram that will help you visualize the problem. Write down
the data you are given. Also, identify the quantity that you
need to obtain (the unknown), and write it down.

Step 2: Develop a plan for solving the problem. Consider the
possible paths between the given information and the
unknown. What principles or equations relate the known
data to the unknown? Recognize that some data may not
be given explicitly in the problem; you may be expected
to know certain quantities (such as Avogadro’s number,

which we will soon discuss) or look them up in tables (such
as atomic weights). Recognize also that your plan may
involve a single step or a series of steps with intermediate
answers.

Step 3: Solve the problem. Use the known information and
suitable equations or relationships to solve for the
unknown. Dimensional analysis (Section 1.6) is a very use-
ful tool for solving a great number of problems. Be careful
with significant figures, signs, and units.

Step 4: Check the solution. Read the problem again to make
sure you have found all the solutions asked for in the prob-
lem. Does your answer make sense? That is, is the answer
outrageously large or small, or is it in the ballpark? Final-
ly, are the units and significant figures correct?
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| The mole can be thought of as

a collection containing a very large
number of objects, 6.02 X 1023, just
as a dozen is a collection of 12
objects.

[ Avogadro’s number is also the

number of amu per gram, i.e., the
conversion factor between amu and
gram is 6.02 X 1023 amu/g.
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3.4 The Mole

Even the smallest samples that we deal with in the laboratory contain enormous
numbers of atoms, ions, or molecules. For example, a teaspoon of water (about
5mL) contains 2 X 10% water molecules, a number so large that it almost defies
comprehension. Chemists, therefore, have devised a special counting unit for
describing such large numbers of atoms or molecules.

In everyday life we use counting units like dozen (12 objects) and gross (144
objects) to deal with modestly large quantities. In chemistry the unit for dealing
with the number of atoms, ions, or molecules in a common-sized sample is the
mole, abbreviated mol.* A mole is the amount of matter that contains as many
objects (atoms, molecules, or whatever objects we are considering) as the num-
ber of atoms in exactly 12 g of isotopically pure >C. From experiments scien-
tists have determined this number to be 6.0221421 X 10%. Scientists call this
number Avogadro’s number, in honor of Amedeo Avogadro (1776-1856), an
Italian scientist. For most purposes we will use 6.02 X 10?® or 6.022 X 10%
for Avogadro’s number throughout the text.

A mole of atoms, a mole of molecules, or a mole of anything else all contain
Avogadro’s number of these objects:

1 mol 12C atoms = 6.02 X 10%* 12C atoms
1 mol H,O molecules = 6.02 X 102 H,O molecules
1mol NO; ions = 6.02 X 10%3 NO; ions

Avogadro’s number is so large that it is difficult to imagine. Spreading
6.02 X 10% marbles over the entire surface of Earth would produce a layer about
3 mi thick. If Avogadro’s number of pennies were placed side by side in a straight
line, they would encircle Earth 300 trillion (3 X 10'*) times.

SAMPLE EXERCISE 3.7

Without using a calculator, arrange the following samples in order of increasing num-
bers of carbon atoms: 12 g '2C, 1 mol C,H,, 9 X 10?* molecules of CO,.

Solution

Analyze: We are given amounts of different substances expressed in grams, moles,
and number of molecules and asked to arrange these samples in order of increasing
numbers of C atoms.

Plan: To determine the number of C atoms in each sample, we must convert g 2c
moles C,H,, and molecules CO; all to the number of C atoms using the definition of
a mole and Avogadro’s number.

Solve: A mole is defined as the amount of matter that contains as many as the num-
ber of atoms in exactly 12 g of 12C. Thus, 12 g of 12C contains one mole of C atoms
(that is, 6.02 X 10?® C atoms). In 1 mol C,H,, there are 6 X 10* C,H, molecules.
Because there are two C atoms in each C,H, molecule, this sample contains
12 X 10% C atoms. Because each CO, molecule contains one C atom, the sample of CO,
contains 9 X 10?° C atoms. Hence, the order is 12 g 12C (6 x 10 Catoms) < 9 X 10%
CO, molecules (9 X 10%% C atoms) < 1 mol C,H, (12 X 10?® C atoms).

PRACTICE EXERCISE

Without using a calculator, arrange the following samples in order of increasing number
of O atoms: 1 mol H,O, 1 mol CO,, 3 X 10?*> molecules Oj.
Answer: 1 mol H,O < 3 X 10% molecules O3 < 1 mol CO,

*The term mole comes from the Latin word moles, meaning “a mass.” The term molecule is the diminu-
tive form of this word and means “a small mass.”



SAMPLE EXERCISE 3.8
Calculate the number of H atoms in 0.350 mol of C;H{,0.

Solution

Analyze: We are given both the amount of the substance (0.350 mol) and its chemical
formula (C4H1,0¢). The unknown is the number of H atoms in this sample.

Plan: Avogadro’s number provides the conversion factor between the number of moles
of CgH 1,04 and the number of molecules of CgH1,0g4. Once we know the number of
molecules of C¢H 1,04, we can use the chemical formula, which tells us that each mol-
ecule of C¢gH 1,0 contains 12 H atoms. Thus, we convert moles of CgH 1,04 to mole-
cules of CcH 1,04 and then determine the number of atoms of H from the number of
molecules of C¢gH1,04:

mol C¢H 1,0y — molecules C;H1,04 —— atoms H

Solve:

6.02 x 105 melecai’e’s”)( 12H atoms)

H atoms = (0.350 mel 507
atoms = ( 612 6)< 1 mol €H;0, 1 molecule

= 253 X 10** H atoms

Check: The magnitude of our answer is reasonable; it is a large number about the mag-
nitude of Avogadro’s number. We can also make the following ballpark calculation:
Multiplying 0.35 X 6 X 10? gives about 2 X 10%*> molecules. Multiplying this result
by 12 gives 24 X 102 =24 X 10% H atoms, which agrees with the previous, more
detailed calculation. Because we were asked for the number of H atoms, the units of
our answer are correct. The given data had three significant figures, so our answer has
three significant figures.

PRACTICE EXERCISE

How many oxygen atoms are in (a) 0.25 mol Ca(NO3), and (b) 1.50 mol of sodium
carbonate?
Answers: (a) 9.0 X 10%; (b) 2.71 X 10%

Molar Mass

A dozen is the same number (12), whether we have a dozen eggs or a dozen
elephants. Clearly, however, a dozen eggs does not have the same mass as a
dozen elephants. Similarly, a mole is always the same number (6.02 X 10%),
but a mole of different substances will have different masses. Compare, for exam-
ple, 1 mol of C and 1 mol of **Mg. A single 12C atom has a mass of 12 amu,
whereas a single 2*Mg atom is twice as massive, 24 amu (to two significant fig-
ures). Because a mole always has the same number of particles, a mole of Mg
must be twice as massive as a mole of >C. Because a mole of 12C weighs 12 g (by
definition), then a mole of Mg must weigh 24 g. Thus, the mass of a single atom
of an element (in amu) is numerically equal to the mass (in grams) of 1 mol of
that element. This statement is true regardless of the element:

1 atom of '°C has a mass of 12 amu = 1 mol '°G has a mass of 12 g

1 atom of Cl has an average mass of 35.5 amu = 1 mol Cl has a mass of 35.5 g

1 atom of Au has an average mass of 197 amu = 1 mol Au has amass 0of 197 g
Notice that when we are dealing with a particular isotope of an element, we use

the mass of that isotope; otherwise we use the atomic weight (the average atom-
ic mass) of the element.
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[@l Carmela Merlo and Kathleen E.

Turner, “A Mole of M&M’s,” |. Chem.
Educ., Vol. 70, 1993, 453.

Henk van Lubeck, “How to Visualize
Avogadro’s Number,” J. Chem. Educ.,
Vol. 66, 1989, 762.

A monolayer of stearic acid on water
is used to estimate Avogadro’s
number. Sally Solomon and Chinhyu
Hur, “Measuring Avogadro’s Number
on the Overhead Projector,” J. Chem.
Educ., Vol. 70, 1993, 252-253.

A demonstration of the
measurement of Avogadro’s number.
William Laurita, “Demonstrations for
Nonscience Majors: Using Common
Objects to lllustrate Abstract
Concepts,” J. Chem. Educ., Vol. 67,
1990, 60-61.

Damon Diemente, “Demonstrations
of the Enormity of Avogadro’s
Number,” J. Chem. Educ., Vol. 75,
1998, 1565-1566.
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» Figure 3.8 The relationship
between a single molecule and its mass
and a mole and its mass, using H,O as
an example.

<

A Figure 3.9 One mole each of a
solid, a liquid, and a gas. One mole of
NaCl, the solid, has a mass of 58.45 g.
One mole of H,0, the liquid, has a mass
of 18.0 g and occupies a volume of
18.0 mL. One mole of O,, the gas, has a
mass of 32.0 g and occupies a balloon
whose diameter is 35 cm.

Laboratory-sized
sample

Single molecule

Avogadro's

number of
molecules
(6.02 X 10%)
1 molecule H,O 1 mol H,O
(18.0 amu) (18.0g)

For other kinds of substances, the same numerical relationship exists between
the formula weight (in amu) and the mass (in grams) of 1 mol of that substance:

1 H,O molecule has a mass of 18.0 amu = 1 mol H,O hasamassof 180 g
1NOj; ionhas a mass of 62.0 amu =1 mol NO3; hasamassof 62.0 g
1 NaCl unit has a mass of 58.5 amu = 1 mol NaCl has a mass of 58.5 g

Figure 3.8 A illustrates the relationship between the mass of a single molecule of
H,0 and that of a mole of H,O.

The mass in grams of 1 mol of a substance (that is, the mass in grams per mol)
is called its molar mass. The molar mass (in g/mol) of any substance is always numer-
ically equal to its formula weight (in amu). NaCl, for example, has a molar mass of
58.5 g/mol. Further examples of mole relationships are shown in Table 3.2 V.
Figure 3.9 4 shows 1-mol quantities of several common substances.

The entries in Table 3.2 for N and N, point out the importance of stating the
chemical form of a substance exactly when we use the mole concept. Suppose you
read that 1 mol of nitrogen is produced in a particular reaction. You might inter-
pret this statement to mean 1 mol of nitrogen atoms (14.0 g). Unless otherwise
stated, however, what is probably meant is 1 mol of nitrogen molecules, N,
(28.0 g), because Nj is the usual chemical form of the element. To avoid ambiguity,
it is important to state explicitly the chemical form being discussed. Using the
chemical formula N, avoids ambiguity.

TABLE 3.2 Mole Relationships

Formula Molar Mass Number and Kind of
Name Formula Weight (amu) (g/mol) Particles in One Mole
Atomic nitrogen N 14.0 14.0 6.022 X 102 N atoms
Molecular nitrogen N, 28.0 28.0 6.022 X 102 N, molecules
2(6.022 X 10%) N atoms
Silver Ag 107.9 107.9 6.022 X 102 Agatoms
Silver ions Agt 107.9% 107.9 6.022 X 10® Ag™ ions
6.022 X 10 BaCl, units
Barium chloride BaCl, 208.2 208.2 6.022 X 10 Ba’" ions

2(6.022 X 10%) Cl ions

?Recall that the electron has negligible mass; thus, ions and atoms have essentially the same mass.



SAMPLE EXERCISE 3.9
What is the mass in grams of 1.000 mol of glucose, CH1,04?

Solution

Analyze: We are given the chemical formula for glucose and asked to determine its
molar mass.

Plan: The molar mass of a substance is found by adding the atomic weights of its com-
ponent atoms.

Solve:
6 Catoms = 6(12.0) = 72.0 amu
12 H atoms = 12(1.0) = 12.0 amu
6 O atoms = 6(16.0) = 96.0 amu
180.0 amu

Because glucose has a formula weight of 180.0 amu, 1 mol of this substance has a mass
of 180.0 g. In other words, CgH1,04 has a molar mass of 180.0 g/mol.

Check: The magnitude of our answer seems reasonable, and g/mol is the appropriate
unit for the molar mass.

Comment: Glucose is sometimes called dextrose. Also known as blood sugar, glucose
is found widely in nature, occurring, for example, in honey and fruits. Other types of
sugars used as food must be converted into glucose in the stomach or liver before they
can be used by the body as energy sources. Because glucose requires no conversion, it
is often given intravenously to patients who need immediate nourishment.

PRACTICE EXERCISE

Calculate the molar mass of Ca(NOj3),.
Answer: 164.1 g/mol

Interconverting Masses, Moles, and Numbers of Particles

Conversions of mass to moles and of moles to mass are frequently encountered
in calculations using the mole concept. These calculations are made easy through

dimensional analysis, as shown in Sample Exercises 3.10 and 3.11.

SAMPLE EXERCISE 3.10
Calculate the number of moles of glucose (C4H1,05) in 5.380 g of CgH1,05.

Solution

Analyze: We are given the number of grams of C;H1,0O¢ and asked to calculate the
number of moles.

Plan: The molar mass of a substance provides the conversion factor for converting
grams to moles. The molar mass of CgH1,0g is 180.0 g/mol (Sample Exercise 3.9).
Solve: Using 1 mol CsH1,0¢ = 180.0 g CgH1,0¢ to write the appropriate conversion
factor, we have

1 mol C6H1206
180.0 g CgH 15056

Check: Because 5.380 g is less than the molar mass, it is reasonable that our answer is
less than 1 mol. The units of our answer (mol) are appropriate. The original data had
four significant figures, so our answer has four significant figures.

Moles C6H1206 = (5380 gg‘gHjiﬁé)( ) = 0.02989 mol C6H1206

PRACTICE EXERCISE

How many moles of sodium bicarbonate (NaHCO3) are there in 508 g of NaHCO5?
Answer: 6.05 mol NaHCO;

3.4 The Mole

@ Wayne L. Felty, “Gram Formula
Weights and Fruit Salad,” J. Chem.
Educ., Vol. 62, 1985, 61.
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SAMPLE EXERCISE 3.11
Calculate the mass, in grams, of 0.433 mol of calcium nitrate.

Solution

Analyze: We are given the number of moles of calcium nitrate and asked to calculate
the mass of the sample in grams.

Plan: In order to convert moles to grams, we need the molar mass, which we can cal-
culate using the chemical formula and atomic weights.

Solve: Because the calcium ion is Ca%" and the nitrate ion is NOj~, calcium nitrate is
Ca(NOg3),. Adding the atomic weights of the elements in the compound gives a for-
mula weight of 164.1 amu. Using 1 mol Ca(NO3), = 164.1 g Ca(NOj3), to write the
appropriate conversion factor, we have

Grams Ca(NO3), = 0.433 ,meLGa(NOg)Q)(
Check: The number of moles is less than 1, so the number of grams must be less than the
molar mass, 164.1 g. Using rounded numbers to estimate, we have 0.5 X 150 = 75 g.

Thus, the magnitude of our answer is reasonable. Both the units (g) and the number
of significant figures (3) are correct.

PRACTICE EXERCISE

What is the mass, in grams, of (a) 6.33 mol of NaHCOj and (b) 3.0 X 107> mol of sul-
furic acid?
Answers: (a)532¢; ()29 X 102 ¢

The mole concept provides the bridge between masses and numbers of par-
ticles. To illustrate how we can interconvert masses and numbers of particles,
let’s calculate the number of copper atoms in an old copper penny. Such a penny
weighs about 3 g, and we’ll assume that it is 100% copper:

1 M)(é.oz X 10% Cu atoms)
63.5 g€u 1 melCu

= 3 X 10%2 Cu atoms

Cuatoms = (3 g/%)(

Notice how dimensional analysis (Section 1.6) provides a straightforward
route from grams to numbers of atoms. The molar mass and Avogadro’s num-
ber are used as conversion factors to convert grams moles atoms.
Notice also that our answer is a very large number. Any time you calculate the
number of atoms, molecules, or ions in an ordinary sample of matter, you can
expect the answer to be very large. In contrast, the number of moles in a sample
will usually be much smaller, often less than 1. The general procedure for inter-
converting mass and number of formula units (atoms, molecules, ions, or what-
ever is represented by the chemical formula) of a substance is summarized in
Figure 3.10 V.

Use Use
Grams molar Moles Avogadro’s Formula units
mass number

<

A Figure 3.10 Outline of the procedure used to interconvert the mass of a substance in
grams and the number of formula units of that substance. The number of moles of the
substance is central to the calculation; thus, the mole concept can be thought of as the
bridge between the mass of a substance and the number of formula units.
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SAMPLE EXERCISE 3.12
How many glucose molecules are in 5.23 g of CgH1,04?

Solution

Analyze: We are given the number of grams of glucose and its chemical formula and
asked to calculate the number of glucose molecules.

Plan: The strategy for determining the number of molecules in a given quantity of a
substance is summarized in Figure 3.10. We must convert 5.23 g CsH1,04 to moles
CgH 1,04, which can then be converted to molecules CcH{,0g. The first conversion
uses the molar mass of CgH1,04: 1 mol CH 1,04 = 180.0 g CgH1,04. The second con-
version uses Avogadro’s number.

Solve:
Molecules CgH 1,04
623 g—GgHﬁﬁg)( 1 molCcH,04 )(6.023 X 10% molecules C6H1206)
180.0 g CH1;04 1 molCcH;04

= 1.75 X 10?2 molecules CgH;,04

Check: The magnitude of the answer is reasonable. Because the mass we began with
is less than a mole, there should be less than 6.02 X 10% molecules. We can make a
ballpark estimate of the answer: 5/200 = 2.5 X 102 mol; 25 X 1072 X 6 X 10 =
15 X 102! = 1.5 x 10% molecules. The units (molecules) and significant figures (3) are
appropriate.

Comment: If you were also asked for the number of atoms of a particular element, an
additional factor would be needed to convert the number of molecules to the number
of atoms. For example, there are six O atoms in a molecule of CgH1,04. Thus, the num-
ber of O atoms in the sample is

6 atoms O )

Atoms O = (1.75 X 1022m91eeﬂ}es€—fﬁ’ﬁﬁfé)(1mele€u}m
6111206

= 1.05 X 10% atoms O

PRACTICE EXERCISE

(a) How many nitric acid molecules are in 4.20 g of HNO3? (b) How many O atoms
are in this sample?
Answers: (a) 4.01 X 102 molecules HNO;; (b) 1.20 X 10% atoms O

3.5 Empirical Formulas from Analyses

The empirical formula for a substance tells us the relative number of atoms of
each element it contains. Thus, the formula H,O indicates that water contains two
H atoms for each O atom. This ratio also applies on the molar level; thus, 1 mol
of H,O contains 2 mol of H atoms and 1 mol of O atoms. Conversely, the ratio
of the number of moles of each element in a compound gives the subscripts in a
compound’s empirical formula. Thus, the mole concept provides a way of cal-
culating the empirical formulas of chemical substances, as shown in the follow-
ing examples.

Mercury forms a compound with chlorine that is 73.9% mercury and 26.1%
chlorine by mass. This means that if we had a 100.0-g sample of the solid, it
would contain 73.9 g of mercury (Hg) and 26.1 g of chlorine (Cl). (Any size sam-
ple can be used in problems of this type, but we will generally use 100.0 g to
simplify the calculation of mass from percentage.) Using the atomic weights of
the elements to give us molar masses, we then calculate the number of moles of
each element in the sample:

0

0

P. K. Thamburaj, “A Known-to-
Unknown Approach to Teach About
Empirical and Molecular Formulas,”
J. Chem. Educ., Vol. 78, 2001,
915-916.

Stephen DeMeo, “Making
Assumptions Explicit: How the Law
of Conservation of Matter Can
Explain Empirical Formula
Problems,” |. Chem. Educ., Vol. 78,
2001, 1050-1052.

An easy way to remember the
strategy for converting percentage
composition to an empirical formula.
Joel S. Thompson, “Percent to mass,
mass to mol, divide by small,
multiply ‘til whole”. From “A Simple
Rhyme for a Simple Formula,” /.
Chem. Educ., Vol. 65, 1988, 704.
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SAMPLE EXERCISE 3.13

1 mol Hg

— | =0. 1 H
200.6%1{?) 0.368 mol Hg

(73.9 g/Hg)(

1 mol Cl

We then divide the larger number of moles (0.735) by the smaller (0.368) to obtain
a Cl:Hg mole ratio of 1.99:1:

molesof C1 _ 0.735molCl _ 1.99 mol Cl
molesof Hg  0.368 molHg  1mol Hg

Because of experimental errors, the results may not lead to exact integers for the
ratios of moles. The number 1.99 is very close to 2, so we can confidently conclude
that the empirical formula for the compound is HgCl,. This is the simplest, or
empirical, formula because its subscripts are the smallest integers that express the
ratios of atoms present in the compound. (Section 2.6) The general proce-
dure for determining empirical formulas is outlined in Figure 3.11 ».

Ascorbic acid (vitamin C) contains 40.92% C, 4.58% H, and 54.50% O by mass. What is the empirical formula of ascorbic acid?

Solution

Analyze: We are given the mass percentages of the elements in ascorbic acid and asked for its empirical formula.
Plan: The strategy for determining the empirical formula of a substance from its elemental composition involves the four steps given

in Figure 3.11.

Solve: We first assume, for simplicity,
that we have exactly 100 g of material
(although any number can be used). In
100 g of ascorbic acid, we will have

Second, we calculate the number of
moles of each element in this sample:

Third, we determine the simplest
whole-number ratio of moles by divid-
ing each number of moles by the
smallest number of moles, 3.406:

The ratio for H is too far from 1 to
attribute the difference to experimental
error; in fact, it is quite close to 15. This
suggests that if we multiply the ratio
by 3, we will obtain whole numbers:

The whole-number mole ratio gives us
the subscripts for the empirical for-
mula. Thus, the empirical formula is

4092 g C,4.58 g H, and 54.50 g O.

1mol C
Moles C = (40.92 gC)(lZOl g@) = 3.407 mol C
. 1molH \
Moles H = (4.58 ’g/H)(1.008 ) = 4.54molH
1 mol O
Mol = (54.50 - —— | =34 1
oles O = (54.50 ga)(lé.OOg@‘) 3.406 mol O
3.407 4.54 3.406
—— =1 H——=1. ——— = 1.
¢ 3.406 000 3.406 33 © 3.406 000

C:H:0 = 3(1:1.33:1) = 3:4:3

C3H403

Check: It is reassuring that the subscripts are moderately sized whole numbers. Otherwise, we have little by which to judge the

reasonableness of our answer.

PRACTICE EXERCISE

A 5.325-g sample of methyl benzoate, a compound used in the manufacture of perfumes, is found to contain 3.758 g of carbon, 0.316 g
of hydrogen, and 1.251 g of oxygen. What is the empirical formula of this substance?

Answer: C;H,0O
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Given: Find:

Mass % Empirical

elements formula
Als Sgrge Calculate
sample mole ratio

Grams of Use Moles of

each element atomic each element
weights

Molecular Formula from Empirical Formula

The formula obtained from percentage compositions is always the empirical for-
mula. We can obtain the molecular formula from the empirical formula if we know
the molecular weight of the compound. The subscripts in the molecular formula of a
substance are always a whole-number multiple of the corresponding subscripts in its empir-
ical formula. (Section 2.6) The multiple is found by comparing the empirical for-
mula weight with the molecular weight. In Sample Exercise 3.13, for example, the
empirical formula of ascorbic acid was determined to be C3;H,0O3, giving an empir-
ical formula weight of 3(12.0 amu) + 4(1.0 amu) + 3(16.0 amu) = 88.0 amu. The
experimentally determined molecular weight is 176 amu. Thus, the molecule has
twice the mass (176/88.0 = 2.00) and must therefore have twice as many atoms of
each kind as are given in the empirical formula. Consequently, the subscripts in the
empirical formula must be multiplied by 2 to obtain the molecular formula: CgHgOg.

SAMPLE EXERCISE 3.14

Mesitylene, a hydrocarbon that occurs in small amounts in crude oil, has an empiri-
cal formula of C3H,. The experimentally determined molecular weight of this sub-
stance is 121 amu. What is the molecular formula of mesitylene?

Solution

Analyze: We are given the empirical formula and molecular weight of mesitylene and
asked to determine its molecular formula.

Plan: The subscripts in a molecular formula are whole-number multiples of the sub-
scripts in its empirical formula. To find the appropriate multiple, we must compare the
molecular weight with the formula weight of the empirical formula.

Solve: First, we calculate the formula weight of the empirical formula, C3H:

3(12.0 amu) + 4(1.0 amu) = 40.0 amu

Next, we divide the molecular weight by the empirical formula weight to obtain the
factor used to multiply the subscripts in C3Hy:

molecular weight 121
=—=302

empirical formula weight ~ 40.0

Only whole-number ratios make physical sense because we must be dealing with
whole atoms. The 3.02 in this case results from a small experimental error in the molec-
ular weight. We therefore multiply each subscript in the empirical formula by 3 to give
the molecular formula: CoHy5,.

Check: We can have confidence in the result because dividing the molecular weight by
the formula weight yields nearly a whole number.

PRACTICE EXERCISE

Ethylene glycol, the substance used in automobile antifreeze, is composed of 38.7%
C,9.7% H, and 51.6% O by mass. Its molar mass is 62.1 g/mol. (a) What is the empir-
ical formula of ethylene glycol? (b) What is its molecular formula?

Answers: (a) CH;30O; (b) C,HsO,

« Figure 3.11

Outline of the

procedure used to calculate the empirical
formula of a substance from its
percentage composition. The procedure
is also summarized as “percent to mass,
mass to mole, divide by small, multiply
‘til whole.”

<

&

ACTIVITY
Molecular Formula Determination:
CgHgO

An exploration of color change
associated with the dehydration of
copper sulfate. Lee R. Summerlin,
Christie L. Borgford, and Julie B. Ealy,
“Copper Sulfate: Blue to White,”
Chemical Demonstrations, A
Sourcebook for Teachers, Vol. 2
(American Chemical Society,
Washington, DC, 1988) pp. 69-70.
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» Figure 3.12 Apparatus to
determine percentages of carbon and
hydrogen in a compound. Copper oxide
helps to oxidize traces of carbon and
carbon monoxide to carbon dioxide and
to oxidize hydrogen to water.

| Combustion analysis works only if

complete combustion occurs:
Fuel + O, — CO, + H,0

MOVIE
Reduction of CuO

The combustion of methane,
propane, and butane are compared
in this simple demonstration of
stoichiometry. M. Dale Alexander
and Wayne C. Wolsey, “Combustion
of Hydrocarbons: A Stoichiometry
Demonstration,” J. Chem. Educ., Vol.
70, 1993, 327-328.

If the compound contains only C, H,

and O, the mass of the oxygen is the
difference between the total mass
and the masses of C and H.

7 J

” S

ample
T

G R

Furnace

02—>

CuO H,0 aborber CO, aborber

Combustion Analysis

The empirical formula of a compound is based on experiments that give the
number of moles of each element in a sample of the compound. That is why we
use the word “empirical,” which means “based on observation and experiment.”
Chemists have devised a number of different experimental techniques to deter-
mine the empirical formulas of compounds. One of these is combustion analy-
sis, which is commonly used for compounds containing principally carbon and
hydrogen as their component elements.

When a compound containing carbon and hydrogen is completely com-
busted in an apparatus such as that shown in Figure 3.12 A, all the carbon in the
compound is converted to CO,, and all the hydrogen is converted to H,O.

- (Section 3.2) The amounts of CO, and H,0O produced are determined by
measuring the mass increase in the CO, and H,O absorbers. From the masses of
CO; and H,O we can calculate the number of moles of C and H in the original
compound and thereby the empirical formula. If a third element is present in
the compound, its mass can be determined by subtracting the masses of C and
H from the compound’s original mass. Sample Exercise 3.15 shows how to deter-
mine the empirical formula of a compound containing C, H, and O.

SAMPLE EXERCISE 3.15

Isopropyl alcohol, a substance sold as rubbing alcohol, is composed of C, H, and O.
Combustion of 0.255 g of isopropyl alcohol produces 0.561 g CO, and 0.306 g H,O.
Determine the empirical formula of isopropyl alcohol.

Solution

Analyze: We are given the quantities of CO, and H,O produced when a given quan-
tity of isopropyl alcohol is combusted. We must use this information to determine the
empirical formula for the isopropyl alcohol, a task that requires us to calculate the
number of moles of C, H, and O in the sample.

Plan: We can use the mole concept to calculate the number of grams of C present in the
CO; and the number of grams of H present in the H,O. These are the quantities of C
and H present in the isopropyl alcohol before combustion. The number of grams of O
in the compound equals the mass of the isopropyl alcohol minus the sum of the C and
H masses. Once we have the number of grams of C, H, and O in the sample, we can
then proceed as in Sample Exercise 3.13: Calculate the number of moles of each element,
and determine the mole ratio, which gives the subscripts in the empirical formula.
Solve: To calculate the number of grams of C, we first use the molar mass of CO,,
1 mol CO, = 44.0 g CO,, to convert grams of CO, to moles of CO,. Because there is
only 1 C atom in each CO, molecule, there is 1 mol of C atoms per mole of CO, mol-
ecules. This fact allows us to convert the moles of CO, to moles of C. Finally, we use
the molar mass of C, 1 mol C = 12.0 g C, to convert moles of C to grams of C. Com-
bining the three conversion factors, we have

[(1melCO, \/ 1metC \/120gC
Grams C = (0.561 g€0O3) 10 €0, )\1 - )\1 =0.153¢gC

The calculation of the number of grams of H from the grams of H,O is similar, although
we must remember that there are 2 mol of H atoms per 1 mol of H,O molecules:

1%@)( 2 metHr )(ngH
18.0 g H70 /\ 1 molH;0 /\ 1 metH

Grams H = (0.306 gH—ﬁ)( ) =0.0343gH
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The total mass of the sample, 0.255 g, is the sum of the masses of the C, H, and O.
Thus, we can calculate the mass of O as follows:

Mass of O = mass of sample — (mass of C + mass of H)
=0.255g — (0.153 g + 0.0343g) = 0.068 gO

We then calculate the number of moles of C, H, and O in the sample:

1mol C
Moles C = (0.153 g€)<12'0 > = 0.0128 mol C
1 mol H
Moles H = (0.0343 g/H)(l.Ol ) = 0.0340 mol H
1mol O
1 = (0. —— | = 0.004 1
Moles O (0068g@)<16'0 ) 0.0043 mol O

To find the empirical formula, we must compare the relative number of moles of each
element in the sample. The relative number of moles of each element is found by divid-
ing each number by the smallest number, 0.0043. The mole ratio of C:H: O so obtained
is 2.98:7.91:1.00. The first two numbers are very close to the whole numbers 3 and 8,
giving the empirical formula C3HgO.

PRACTICE EXERCISE

(a) Caproic acid, which is responsible for the foul odor of dirty socks, is composed of
C, H, and O atoms. Combustion of a 0.225-g sample of this compound produces 0.512 g
CO, and 0.209 g H,0. What is the empirical formula of caproic acid? (b) Caproic acid
has a molar mass of 116 g/mol. What is its molecular formula?

Answers: (a) C3H4O; (b) CgH1,0,

3.6 Quantitative Information
from Balanced Equations

The mole concept allows us to use the quantitative information available in a
balanced equation on a practical macroscopic level. Consider the following bal-
anced equation:

2H,(g) + Ox(g) — 2H,0(]) [3.11]
The coefficients tell us that two molecules of H, react with each molecule of O,

to form two molecules of H,O. It follows that the relative numbers of moles are
identical to the relative numbers of molecules:

2H,(g) + 02(9) — 2H,0(I)
2 molecules 1 molecule 2 molecules
2(6.02 X 10% molecules) 6.02 X 10% molecules 2(6.02 X 10% molecules)
2 mol 1 mol 2 mol

The coefficients in a balanced chemical equation can be interpreted both as the relative
numbers of molecules (or formula units) involved in the reaction and as the relative num-
bers of moles.

The quantities 2 mol H,, 1 mol O,, and 2 mol H,O, which are given by the
coefficients in Equation 3.11, are called stoichiometrically equivalent quantities. The
relationship between these quantities can be represented as

2m01H2 = 1m0102 = ZmoleO

where the symbol = means “stoichiometrically equivalent to.” In other words,
Equation 3.11 shows 2 mol of H, and 1 mol of O, forming 2 mol of H,O. These
stoichiometric relations can be used to convert between quantities of reactants

| Due to experimental or round-off
L errors, the coefficients may come out

close to whole numbers (see text).
You should then round them off to
that whole number. However, if the
coefficients come out close to
common fractions (e.g., J; 1;, %),
the formula should be multiplied
by the least common denominator
(4, 3, 2, respectively) and not
rounded.
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ACTIVITY
Stoichiometry Calculation

@ John Olmsted Ill, “Amounts Tables as

a Diagnostic Tool for Flawed
Stoichiometric Reasoning,” J. Chem.
Educ., Vol. 76, 1999, 52-54.

Carla R. Krieger, “Stoogiometry: A
Cognitive Approach to Teaching
Stoichiometry,” . Chem. Educ., Vol.
74,1997, 306-309.

Richard L. Poole, “Teaching
Stoichiometry: A Two-Cycle
Approach,”, J. Chem. Educ., Vol. 66,
1989, 57.

John J. Fortman, “Pictorial Analogies
XlI: Stoichiometric Calculations,”

J. Chem. Educ., Vol. 71, 1994,
571-572.

and products in a chemical reaction. For example, the number of moles of H,O
produced from 1.57 mol of O, can be calculated as follows:

2 mol H,O

Moles H,O = (1.57 mel*@f)(l
mol O,

) = 3.14 mol H,0O

As an additional example, consider the combustion of butane (C4Hj), the
fuel in disposable cigarette lighters:

2CHo(l) + 130,(g) — 8CO4(g) + 10H,0(g) [3.12]

Let’s calculate the mass of CO, produced when 1.00 g of C4;H; is burned. The
coefficients in Equation 3.12 tell how the amount of C,H;; consumed is relat-
ed to the amount of CO, produced: 2 mol C;H;y = 8 mol CO,. In order to use
this relationship, however, we must use the molar mass of C;H;, to convert
grams of C4H;g to moles of C4H;y. Because 1 mol C4H;y = 58.0 g C4H;g, we
have

Moles C4H10

1 rnol C4H10 )
58.0 g C4H7,
1.72 X 1072 mol C4;H;,

(1.00 %%HT())(

We can then use the stoichiometric factor from the balanced equation, 2 mol
C4Hqp = 8 mol CO,, to calculate moles of CO;:

S 8 mol CO,
Moles CO, = (1.72 X 102 mel-€;H7))

2 melCiHy,
= 6.88 X 1072 mol CO,

Finally, we can calculate the mass of the CO,, in grams, using the molar mass of
CO; (1mol CO, = 44.0 g COy):

, 440 g CO,
Grams CO, = (6.88 X 1072 mol €0O;)

1 mol €O,
= 3.03gCO,

Thus, the conversion sequence is

Moles
reactant

Moles
product

Grams
product

Grams
reactant

These steps can be combined in a single sequence of factors:

1me¥€7ﬁ§>< 8 mel €0y )(44.OgCOZ>
58.0 g C4H7o / \ 2 mokCHyy /\ 1 met€0;

Grams CO, = (1.00 %%)(

=3.03g CO,

Similarly, we can calculate the amount of O, consumed or H,O produced in
this reaction. To calculate the amount of O, consumed, we again rely on the coef-
ficients in the balanced equation to give us the appropriate stoichiometric factor:
2 mol C4H10 = 13 mol OZZ

1me¥€7,jﬁ’15>( 13 metOy )( 32050, )

Grams O, = (1.00 <
2 = (L0 e S0l 55 4 o iy J\ 2 mot gty J\ 1 meteo;

=359g0,



Given:

Grams of
substance A

Use
molar mass
of A

Moles of
substance A
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Find:

Grams of
substance B

Use
molar mass
of B
Use
coefficients
Moles of
of Aand B substance B
from

balanced equation

Figure 3.13 A summarizes the general approach used to calculate the quan-
tities of substances consumed or produced in chemical reactions. The balanced
chemical equation provides the relative numbers of moles of reactants and prod-

« Figure 3.13 Outline of the
procedure used to calculate the number
of grams of a reactant consumed or of a
product formed in a reaction, starting
with the number of grams of one of the
other reactants or products.

@

ucts involved in the reaction.

SAMPLE EXERCISE 3.16

Solution

equation.

Solve: First, use the molar mass of
CeH120¢ to convert from grams
C6H12O6 to moles C6H1206:

Second, use the balanced equation to
convert moles of CgH 1,04 to moles of
Hzo:

Third, use the molar mass of H,O to
convert from moles of H,O to grams
Of HzoI

The steps can be summarized in a dia-
gram like that in Figure 3.13:

How many grams of water are produced in the oxidation of 1.00 g of glucose, CgH1,04?

C6H1206(S) + 602(g) — 6C02(g) + 6H20(l)
Analyze: We are given the mass of glucose, a reactant, and are asked to determine the mass of H,O produced in the given
Plan: The general strategy, as outlined in Figure 3.13, requires three steps. First, the amount of CgH;,0, must be converted from

grams to moles. We can then use the balanced equation, which relates the moles of C;H1,04 to the moles of H,O: 1 mol
CeH120¢ = 6 mol H,O. Finally, the moles of H,O must be converted to grams.

1 1’1’101 C6H1206 )

Moles C6H12O6 = (100 gfgngzﬁg)<m

s D) = (LG ( 1 mel CcH;Of )( 6 mol H,O )
oles FO = (100 § G6H1z06)\ 1300 g Cottg0 /\ 1 mol €0

1 melCgH7,0¢ ) (

6 meH1H,O )<1S.OgHZO)
180.0 g G704

Grams H,O = (1.00 ,ngEHﬁﬁg)( 1 mol CeHin0; J\1 O

= 0.600 g H,O
no direct
1.00 g CgH15Og |[------7------- alealntion T > 0.600 g H,O

18.0 ¢ H,O
><< g 2)

1 mol C6H1206
% 1 mol H,O

180.0 g C6H1206

15,56 % 103 mol CgH;,04 | 1 3.33 X 102 mol Hy0|

y 6 mol H,O
1 mol C6H1206
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Check: An estimate of the magnitude of our answer: 18/180 = 0.1 and 0.1 X 6 = 0.6, agrees with the exact calculation. The units,
grams H,0O, are correct. The initial data had three significant figures, so three significant figures for the answer is correct.

Comment: An average person ingests 2 L of water daily and eliminates 2.4 L. The difference between 2 L and 2.4 L is produced in
the metabolism of foodstuffs, such as in the oxidation of glucose. (Metabolism is a general term used to describe all the chemical
processes of a living animal or plant.) The desert rat (kangaroo rat), on the other hand, apparently never drinks water. It survives

on its metabolic water.

PRACTICE EXERCISE

The decomposition of KCIO3 is commonly used to prepare small amounts of O, in the laboratory: 2KClO5(s) — 2KCI(s) +305(g).

How many grams of O, can be prepared from 4.50 g of KC1O3?
Answer: 1.77 g

Coal and petroleum provide the fuels that we use to generate
electricity and power our industrial machinery. These fuels are
composed primarily of hydrocarbons and other carbon-con-
taining substances. As we have seen, the combustion of 1.00 g
of C4H; produces 3.03 g of CO,. Similarly, a gallon (3.78 L) of
gasoline (density = 0.70 g/mL and approximate composition
CgH;g) produces about 8 kg (18 Ib) of CO,. Combustion of such
fuels releases about 20 billion tons of CO; into the atmosphere
annually.

Much CO, is absorbed into oceans or used by plants in
photosynthesis. Nevertheless, we are now generating CO,
much faster than it is being absorbed. Chemists have moni-
tored atmospheric CO, concentrations since 1958. Analysis
of air trapped in ice cores taken from Antarctica and Green-
land makes it possible to determine the atmospheric levels
of CO, during the past 160,000 years. These measurements

wA Chemistry at Work CO, and the Greenhouse Effect

reveal that the level of CO, remained fairly constant from the
last Ice Age, some 10,000 years ago, until roughly the begin-
ning of the Industrial Revolution, about 300 years ago. Since
that time the concentration of CO, has increased by about
25% (Figure 3.14 V).

Although CO, is a minor component of the atmosphere, it
plays a significant role by absorbing radiant heat, acting much
like the glass of a greenhouse. For this reason, we often refer to
CO; and other heat-trapping gases as greenhouse gases, and
we call the warming caused by these gases the greenhouse effect.
Some scientists believe that the accumulation of CO, and other
heat-trapping gases has begun to change the climate of our
planet. Other scientists point out that the factors affecting cli-
mate are complex and incompletely understood.

We will examine the greenhouse effect more closely in
Chapter 18.
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A Figure 3.14 The concentration of atmospheric CO, has increased over the past 140
years. Data before 1958 came from analyses of air trapped in bubbles of glacial ice. The
concentration in ppm (vertical scale) is the number of molecules of CO, per million (109

molecules of air.



SAMPLE EXERCISE 3.17

Solid lithium hydroxide is used in space vehicles to remove exhaled carbon dioxide.
The lithium hydroxide reacts with gaseous carbon dioxide to form solid lithium car-
bonate and liquid water. How many grams of carbon dioxide can be absorbed by 1.00 g
of lithium hydroxide?

Solution

Analyze: We are given a verbal description of a reaction and asked to calculate the
number of grams of carbon dioxide that react with 1.00 g of lithium hydroxide.

Plan: The verbal description of the reaction can be used to write a balanced equation:

2LiOH(s) + CO,(g) — Li,COs(s) + H,0())

We are given the grams of LiOH and asked to calculate grams of CO,. This task
can be accomplished by the following set of conversions: grams LiOH —— moles
LiOH — moles CO, — grams CO,. The conversion from grams of LiOH to
moles of LiOH requires the formula weight of LiOH (6.94 + 16.00 + 1.01 = 23.95).
The conversion of moles of LiOH to moles of CO, is based on the balanced chemical
equation: 2 mol LIOH = 1 mol CO,. To convert the number of moles of CO, to grams,
we must use the formula weight of CO,: 12.01 + 2(16.00) = 44.01.

Solve:

1 melLiOH )( 1 mel€O; ><44.01 g CO,
23.95 ¢ LiOH /\ 2 mel LiOH 1 mel €O,
Check: Notice that 23.95 ~ 24; 24 X 2 = 48, and 44/48 is slightly less than 1. Thus,

the magnitude of the answer is reasonable based on the amount of starting LiOH; the
significant figures and units are appropriate, too.

(1.00 g/I:—iGH)< > = 0.919 g CO,

PRACTICE EXERCISE

Propane, C3Hg, is a common fuel used for cooking and home heating. What mass of
O, is consumed in the combustion of 1.00 g of propane?

Answer: 3.64 g

3.7 Limiting Reactants

Suppose you wish to make several sandwiches using one slice of cheese and two
slices of bread for each sandwich. Using Bd = bread, Ch = cheese, and
Bd,Ch = sandwich, the recipe for making a sandwich can be represented like a
chemical equation:

2Bd + Ch — Bd,Ch

If you have 10 slices of bread and 7 slices of cheese, you will be able to make only
five sandwiches before you run out of bread. You will have two slices of cheese left
over. The amount of available bread limits the number of sandwiches.

An analogous situation occurs in chemical reactions when one of the reac-
tants is used up before the others. The reaction stops as soon as any one of the
reactants is totally consumed, leaving the excess reactants as leftovers. Suppose,
for example, that we have a mixture of 10 mol H, and 7 mol O,, which react to
form water:

2H,(8) + Oa(g) — 2H,0(g)

Because 2 mol H, = 1 mol O,, the number of moles of O, needed to react with
all the H, is

1 mol O,

Moles O, = (10 mel’HE)(zz

) = 5m0102

Because 7 mol O, was available at the start of the reaction, 7molO, —
5mol O, = 2 mol O, will still be present when all the H; is consumed. The exam-
ple we have considered is depicted on a molecular level in Figure 3.15 b.

&
&

3.7 Limiting Reactants

ANIMATION
Limiting Reactant

ACTIVITY
Limiting Reagents

29
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» Figure 3.15 Diagram showing the
complete consumption of a limiting
reagent in a reaction. Because the H, is
completely consumed, it is the limiting
reagent in this case. Because there is a
stoichiometric excess of O,, some is left
over at the end of the reaction.

[

| Students often combine the amounts
I of product calculated from each
reactant when working with limiting
reagents. The reagent that leads to
the smallest amount of product is
the limiting reagent. The amount

of product formed in the reaction is
the smallest calculated amount, not
the sum.

Always convert the amounts of
reactants into molar quantities, and
use the reaction stoichiometry to
determine the limiting reagent.

[ﬂl Ernest F. Silversmith, “Limiting and
Excess Reagents, Theoretical Yield,”
J. Chem. Educ., Vol. 62, 1985, 61.

[ﬂl Zoltan Toth, “Limiting Reactant; An
Alternative Analogy,” J. Chem. Educ.,
Vol. 76, 1999, 934.

@ A. H. Kalantar, “Limiting Reagent
Problems Made Simple for
Students,” J. Chem. Educ., Vol. 62,
1985, 106.

[ﬂ] Romeu C. Rocha-Filho, “Electron
Results and Reaction Yields,” J. Chem.
Educ., Vol. 64, 1987, 248.

SAMPLE EXERCISE 3.18

of N, and H, to form ammonia (NH3):

Chapter 3 Stoichiometry: Calculations with Chemical Formulas and Equations

Before reaction After reaction
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10 HzO and 2 02
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The reactant that is completely consumed in a reaction is called the limiting
reactant or limiting reagent because it determines, or limits, the amount of prod-
uct formed. The other reactants are sometimes called excess reactants or excess
reagents. In our example, Hj is the limiting reactant, which means that once all
the H, has been consumed, the reaction stops. O, is the excess reactant, and some
is left over when the reaction stops.

There are no restrictions on the starting amounts of the reactants in any reac-
tion. Indeed, many reactions are carried out using an excess of one reagent. The
quantities of reactants consumed and the quantities of products formed, however,
are restricted by the quantity of the limiting reactant.

Before we leave our present example, let’'s summarize the data in a tabular form:

2H(g) + Oa(g) — 2H,0()

Initial quantities: 10 mol 7 mol 0 mol
Change (reaction): —10mol —5mol +10 mol
Final quantities: 0 mol 2 mol 10 mol

The initial amounts of the reactants are what we started with (10 mol H,
and 7 mol O,). The second line in the table (change) summarizes the amounts
of the reactants consumed and the amount of the product formed in the reac-
tion. These quantities are restricted by the quantity of the limiting reactant and
depend on the coefficients in the balanced equation. The mole ratio of
H,:0,:H,0 = 10:5:10 conforms to the ratio of the coefficients in the balanced
equation, 2:1:2. The changes are negative for the reactants because they are con-
sumed during the reaction and positive for the product because it is formed dur-
ing the reaction. Finally, the quantities in the third line of the table (final
quantities) depend on the initial quantities and their changes, and these entries
are found by adding the entries for the initial quantity and change for each col-
umn. There is none of the limiting reactant (H,) left at the end of the reaction. All
that remains is 2 mol O, and 10 mol H,O.

The most important commercial process for converting N, from the air into nitrogen-containing compounds is based on the reaction

Ny(g) + 3Hy(g) — 2NHj5(g)

How many moles of NHj can be formed from 3.0 mol of N, and 6.0 mol of H,
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Solution

Analyze: We are asked to calculate the number of moles of product, NH3, given the quantities of each reactant, N, and H,, avail-
able in a reaction.

Plan: We are asked for the amount of product formed in a reaction, given the amounts of two reactants, so this is a limiting reac-
tant problem. If we assume that one reactant is completely consumed, we can calculate how much of the second reactant is need-
ed in the reaction. By comparing the calculated quantity with the available amount, we can determine which reactant is limiting.
We then proceed with the calculation using the quantity of the limiting reactant.

Solve: The number of moles of H, needed for 3mol H,
complete consumption of 3.0 mol of N; is Moles H, = (3.0 motN7) 1 motN; = 9.0mol H,

Because only 6.0 mol H, are available, we will
run out of H; before the N, is gone, and H,
will be the limiting reactant. We use the quan-

tity of the limiting reactant, H,, to calculate Moles NHx = (6.0 molFHs <
the quantity of NH; produced: oles NH; = (6. 2)

2 mol NHj

ﬁ) = 4.0 mol NH3

Comment: The following table summarizes Ny(g) + 3Hy(g) — 2NH;5(g)
this example:

Initial quantities: 3.0 mol 6.0 mol 0 mol
Change (reaction): —2.0mol —6.0 mol +4.0 mol

Final quantities: 1.0 mol 0 mol 4.0 mol

Notice that we can not only calculate the number of moles of NH; formed, but also the number of moles of each of the reactants
remaining after the reaction. Notice also that although there are more moles of H, present at the beginning of the reaction, it is nev-
ertheless the limiting reactant because of its larger coefficient in the balanced equation.

Check: The summarizing table shows that the mole ratio of reactants used and product formed conforms to the coefficients in the
balanced equation, 1:3:2. Also, because Hj is the limiting reactant, it is completely consumed in the reaction, leaving 0 mol at the
end. Because 2.0 mol H, has two significant figures, our answer has two significant figures.

PRACTICE EXERCISE

Consider the reaction 2Al(s) + 3Cly(g) —— 2AICl5(s). A mixture of 1.50 mol of Al and 3.00 mol of Cl, are allowed to react. (a) What
is the limiting reactant? (b) How many moles of AlCl; are formed? (c) How many moles of the excess reactant remain at the end
of the reaction?

Answers: (a) Al; (b) 1.50 mol; (c) 0.75 mol Cl,

SAMPLE EXERCISE 3.19
Consider the following reaction:

2NazPOy(aq) + 3Ba(NOj3),(aq) — Bag(POy),(s) + 6NaNOs(ag)

Suppose a solution containing 3.50 g of NazPO, is mixed with a solution containing
6.40 g of Ba(NO3),. How many grams of Ba3(PO,), can be formed?

Solution

Analyze: We are given a chemical reaction and the quantities of two reactants [3.50 g
NajzPO, and 6.40 g Ba(NO3),]. We are asked to calculate the number of grams of
Baz(POy,); (one of the products).

Plan: We are asked to calculate the amount of product, given the amounts of two reac-
tants, so this is a limiting reactant problem. Thus, we must first identify the limiting
reagent. To do so, we must calculate the number of moles of each reactant and com-
pare their ratio with that required by the balanced equation. We then use the quanti-
ty of the limiting reagent to calculate the mass of Ba3(POy,), that forms.

Solve: From the balanced equation, we have the following stoichiometric relations:

2 mol NazPO, = 3 mol Ba(NOj3), = 1 mol Baz(POy),

Using the molar mass of each substance, we can calculate the number of moles of each
reactant:

1 mol NazPOy,
164 g NazPO,
1 mol Ba(NOj3),
261 g Ba(NO3),

Moles NazPO4 = (3.50 ,ngagPOZ)< ) = 0.0213 mol Na3PO,

Moles Ba(NO3), = (6.40 gBa(N@g)})( ) = 0.0245 mol Ba(NO3),
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These calculations show us that there are slightly more moles of Ba(NO3), than
moles of NazPO,. The coefficients in the balanced equation indicate, however, that
the reaction requires 3 mol Ba(NO3), for each 2 mol NazPO,. [That is, 1.5 times more
moles of Ba(NO3), are needed than moles of Na3PO,.] Thus, there is insufficient
Ba(NOj3), to completely consume the NazPO,. That means that Ba(NOg3), is the lim-
iting reagent. We therefore use the quantity of Ba(NO3), to calculate the quantity of
product formed. We can begin the calculation with the grams of Ba(NO3),, but we
can save a step by starting with the moles of Ba(NO3), that were calculated previ-
ously in the exercise:

Grams Ba(PO,), = (0.0245 mol Ba(NO3); <1m9}Bag(PO‘IE)< 602gBa3(PO4)2)
rams Bas(POu)z = (0.0245 motBalNOs2\ 3 o1 Ba(NO3), /\ T mol Bax(POy);

=492 g Ba3(PO4)2

Check: The magnitude of the answer seems reasonable: Starting with the numbers in
the two factors on the right, we have 600/3 = 200;200 X 0.025 = 5. The units are cor-
rect, and the number of significant figures (3) corresponds to the number in the quan-
tity of Ba(NOj3),.

Comment: The quantity of the limiting reagent, Ba(NOj3),, can also be used to
determine the quantity of NaNOj; formed (4.16 g) and the quantity of Na;PO, used
(2.67 g). The number of grams of the excess reagent, NazPO,, remaining at the end of
the reaction equals the starting amount minus the amount consumed in the reaction,
350g —267g =082g.

PRACTICE EXERCISE

A strip of zinc metal weighing 2.00 g is placed in an aqueous solution containing 2.50 g
of silver nitrate, causing the following reaction to occur:

Zn(s) + 2AgNOs3(aq) — 2Ag(s) + Zn(NO3),(aq)
(a) Which reactant is limiting? (b) How many grams of Ag will form? (c) How many
grams of Zn(NO3), will form? (d) How many grams of the excess reactant will be left

at the end of the reaction?
Answers: (a) AgNOg; (b) 1.59 g; (c) 1.39 g; (d) 1.52 g Zn

Theoretical Yields

The quantity of product that is calculated to form when all of the limiting reactant
reacts is called the theoretical yield. The amount of product actually obtained in
areaction is called the actual yield. The actual yield is almost always less than (and
can never be greater than) the theoretical yield. There are many reasons for this dif-
ference. Part of the reactants may not react, for example, or they may react in a
way different from that desired (side reactions). In addition, it is not always pos-
sible to recover all of the reaction product from the reaction mixture. The percent
yield of a reaction relates the actual yield to the theoretical (calculated) yield:
actual yield

P tyield = X 100% 1
ercentyle theoretical yield 00% [3.13]

In the experiment described in Sample Exercise 3.19, for example, we cal-
culated that 4.92 g of Ba3(PO,), should form when 3.50 g of Na3zPO, is mixed
with 6.40 g of Ba(NO3),. This is the theoretical yield of Ba3(PO,), in the reaction.
If the actual yield turned out to be 4.70 g, the percent yield would be

70g
492 ¢

X 100% = 95.5%

SAMPLE EXERCISE 3.20

Adipic acid, H,C¢gHgOy, is used to produce nylon. It is made commercially by a con-
trolled reaction between cyclohexane (C¢H1,) and O;:

2C6H12(l) + 502(3’) — 2H2C6H804(1) + 2H20(g)



(a) Assume that you carry out this reaction starting with 25.0 g of cyclohexane, and
that cyclohexane is the limiting reactant. What is the theoretical yield of adipic acid?

(b) If you obtain 33.5 g of adipic acid from your reaction, what is the percent yield
of adipic acid?

Solution

Analyze: We are given a chemical equation and the quantity of one of the reactants
(25.0 g of CgH1,). We are asked first to calculate the theoretical yield of a product
(H,C4HgO4) and then to calculate its percent yield if only 33.5 g of the substance is
actually obtained.

Plan: (a) The theoretical yield is the calculated quantity of adipic acid formed in the
reaction. We carry out the following conversions: g CgH;; — mol CgHj, —
mol H,CgHgOy — g H,CgHgOy. (b) Once we have calculated the theoretical yield,
we use Equation 3.13 to calculate the percent yield.

Solve:
(a) Grams H,CqHgO,4 = (25.0 gCcHy5) (M)
84.0 g CgH1,
« (2 mgl—H—ze—gHgOZ)(l%.O g H2C6H804)
2 molCgHy, 1 melH>CgHOy
= 43.5 g H,C¢HgOy4
actual yield 335¢g

————— X 100% =
theoretical yield 435¢g

(b) Percent yield = X 100% = 77.0%
Check: Our answer in (a) has the appropriate magnitude, units, and significant
figures. In (b) the answer is less than 100% as necessary.

PRACTICE EXERCISE

Imagine that you are working on ways to improve the process by which iron ore con-
taining Fe,O3 is converted into iron. In your tests you carry out the following reaction
on a small scale:

Fe,O3(s) + 3CO(g) — 2Fe(s) + 3CO,(g)

(a) If you start with 150 g of Fe,Oj as the limiting reagent, what is the theoretical yield
of Fe? (b) If the actual yield of Fe in your test was 87.9 g, what was the percent yield?
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Answers: (a) 105 g Fe; (b) 83.7%

Summary and Key Terms

Introduction and Section 3.1 The study of the quanti-
tative relationships between chemical formulas and chem-
ical equations is known as stoichiometry. One of the
important concepts of stoichiometry is the law of conser-
vation of mass, which states that the total mass of the prod-
ucts of a chemical reaction is the same as the total mass of
the reactants. The same numbers of atoms of each type are
present before and after a chemical reaction. A balanced
chemical equation shows equal numbers of atoms of each
element on each side of the equation. Equations are bal-
anced by placing coefficients in front of the chemical for-
mulas for the reactants and products of a reaction, not by
changing the subscripts in chemical formulas.

Section 3.2 Among the reaction types described in this
chapter are (1) combination reactions, in which two reac-
tants combine to form one product; (2) decomposition re-
actions, in which a single reactant forms two or more
products; and (3) combustion reactions in oxygen, in which
a hydrocarbon reacts with O, to form CO, and H,O .

Section 3.3 Much quantitative information can be de-
termined from chemical formulas and balanced chemical

equations by using atomic weights. The formula weight of
a compound equals the sum of the atomic weights of the
atoms in its formula. If the formula is a molecular formu-
la, the formula weight is also called the molecular weight.
Atomic weights and formula weights can be used to de-
termine the elemental composition of a compound.

Section 3.4 A mole of any substance is Avogadro’s num-
ber (6.02 X 10?%) of formula units of that substance. The
mass of a mole of atoms, molecules, or ions is the formu-
la weight of that material expressed in grams (the molar
mass). The mass of a molecule of H,O, for example, is 18
amu, so the molar mass of H,O is 18 g/mol.

Section 3.5 The empirical formula of any substance can
be determined from its percent composition by calculat-
ing the relative number of moles of each atom in 100 g of
the substance. If the substance is molecular in nature, its
molecular formula can be determined from the empirical
formula if the molecular weight is also known.

Sections 3.6 and 3.7 The mole concept can be used to cal-
culate the relative quantities of reactants and products in-
volved in chemical reactions. The coefficients in a balanced
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equation give the relative numbers of moles of the reactants
and products. To calculate the number of grams of a prod-
uct from the number of grams of a reactant, therefore, first
convert grams of reactant to moles of reactant. We then use
the coefficients in the balanced equation to convert the num-
ber of moles of reactant to moles of product. Finally, we con-
vert moles of product to grams of product.

Exercises

A limiting reactant is completely consumed in a reac-
tion. When it is used up, the reaction stops, thus limiting the
quantities of products formed. The theoretical yield of a
reaction is the quantity of product calculated to form when
all of the limiting reagent reacts. The actual yield of a reac-
tion is always less than the theoretical yield. The percent
yield compares the actual and theoretical yields.

Balancing Chemical Equations

3.1 (a) What scientific principle or law is used in the process

CQ of balancing chemical equations? (b) In balancing equa-
tions, why shouldn’t subscripts in chemical formulas be
changed? (c) What are the symbols used to represent
gases, liquids, solids, and aqueous solutions in chemical
equations?

3.2 (a) What is the difference between adding a subscript 2 to

CQ the end of the formula for CO to give CO, and adding a
coefficient in front of the formula to give 2CO? (b) Is the
following chemical equation, as written, consistent with
the law of conservation of mass?

3Mg(OH)y(s) + 2H3PO4(aq) —— Mg3(POy)x(s) + HyO(l)

Why or why not?

3.3 The reaction between reactant A (blue spheres) and reac-

CQ tant B (red spheres) is shown in the following diagram:

°=>0 -
% | eg

Based on this diagram, which equation best describes
the reaction?
(@ A, + B— A,B (b) A, + 4B — 2AB,
(C) 2A + B4 — ZABZ (d) A + B2 — AB2
3.4 Under appropriate experimental conditions, H, and CO
CQ react to form CH3;OH. The drawing represents a sample
of H,. Make a corresponding drawing of the CO needed
to react completely with the H,. How did you arrive at
the number of CO molecules to show in your drawing?

- u»...i
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3.5 Balance the following equations:
(@) SO,(g) + Ox(g) — SO3()

(b) Os(s) + HyO(l) — H;PO,(ag)
() CH4(Q) + Cly(g) — CCly(l) + HCl(g)
(d) ALCs(s) + HO() — AL(OH);(s) + CHy()
(e) C4H10() + Oa(g) — CO,(g) + HyO(Q)
(f) Fe(OH)5(s) + H,SO4(aq) —
Fey(SO4)3(aq) + HyO()
(g) Mg3Ny(s) + HpSO4(aq) —
MgSO4(aq) + (NH4),504(ag)
3.6 Balance the following equations:
(a) Li(s) + Ny(g) — LizN(s)
(b) TiCly(l) + HyO(l) — TiO,(s) + HCl(aq)
() NH4NO;(s) — Na(g) + Oa(g) + HyO(R)
(d) CazPy(s) + H,O(l) — Ca(OH),(aq) + PH3(g)
(e) AI(OH);(s) + HClO4(aq) —
Al(ClOy)3(aq) + HO()
(f) AgNO3(ag) + Na,SOy(aq) —
Ag2SO4(S) + NaNO3(aq)
(8) NoHy(g) + NyO4(g) — Hy0(8) + Na(g)

3.7 Write balanced chemical equations to correspond to each
of the following descriptions: (a) Solid calcium carbide,
CaC,, reacts with water to form an aqueous solution of
calcium hydroxide and acetylene gas, C,H,. (b) When
solid potassium chlorate is heated, it decomposes to form
solid potassium chloride and oxygen gas. (¢) Solid zinc
metal reacts with sulfuric acid to form hydrogen gas and
an aqueous solution of zinc sulfate. (d) When liquid phos-
phorus trichloride is added to water, it reacts to form
aqueous phosphorous acid, H3PO5(ag), and aqueous hy-
drochloric acid. (e) When hydrogen sulfide gas is passed
over solid hot iron(III) hydroxide, the resultant reaction
produces solid iron(IIl) sulfide and gaseous water.

3.8 Convert these descriptions into balanced equations:
(a) When sulfur trioxide gas reacts with water, a solution
of sulfuric acid forms. (b) Boron sulfide, B,S5(s), reacts
violently with water to form dissolved boric acid, H3BOj3,
and hydrogen sulfide gas. (c) Phosphine, PH;(g), com-
busts in oxygen gas to form gaseous water and solid
tetraphosphorus decoxide. (d) When solid mercury(II)
nitrate is heated, it decomposes to form solid mercury(II)
oxide, gaseous nitrogen dioxide, and oxygen. (e) Copper
metal reacts with hot concentrated sulfuric acid solution
to form aqueous copper(Il) sulfate, sulfur dioxide gas,
and water.

Patterns of Chemical Reactivity

3.9 (a) When the metallic element sodium combines with the
nonmetallic element bromine, Bry(I), how can you deter-
mine the chemical formula of the product? How do you
know whether the product is a solid, liquid, or gas at

room temperature? Write the balanced chemical equation
for the reaction. (b) When a hydrocarbon burns in air,
what reactant besides the hydrocarbon is involved in the
reaction? What products are formed? Write a balanced
chemical equation for the combustion of benzene,
CgHg(]), in air.



3.10

3.11

3.12

(a) Determine the chemical formula of the product formed
when the metallic element calcium combines with the
nonmetallic element oxygen, O,. Write the balanced
chemical equation for the reaction. (b) What products
form when a compound containing C, H, and O is com-
pletely combusted in air? Write a balanced chemical equa-
tion for the combustion of acetone, C3HO(]), in air.

Write a balanced chemical equation for the reaction that
occurs when (a) Mg(s) reacts with Cl,(g); (b) nickel(II) hy-
droxide decomposes into nickel(II) oxide and water when
heated; (c) the hydrocarbon styrene, CgHg(l), is combust-
ed in air; (d) the gasoline additive MTBE (methy] terti-
ary-butyl ether), CsH,0(!), burns in air.

Write a balanced chemical equation for the reaction that
occurs when (a) aluminum metal undergoes a combi-
nation reaction with Bry(l); (b) strontium carbonate
decomposes into strontium oxide and carbon dioxide
when heated; (c¢) heptane, C;Hq4(l), burns in air;
(d) dimethylether, CH;0OCHj3(g), is combusted in air.

3.13

3.14
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Balance the following equations, and indicate whether
they are combination, decomposition, or combustion
reactions:

(a) Al(s) + Cly(g) — AICl(s)

(b) CyH4(g) + Ox(g) —> CO,(g) + HyO(g)

(c) Li(s) + Ny(g) — LizN(s)

(d) PbCO3(s) — PbO(s) + CO,()

(e) CHgO,(]) + On(g) — CO5(g) + H,0()

Balance the following equations, and indicate whether
they are combination, decomposition, or combustion
reactions:

(a) C3H{(g) + Os(g) — COs(g) + H,O(g)

(b) NH4N03(S) — Nzo(g) + HZO(g)

(©) CsHeO(l) + Os(g) — CO,(g) + H,0(8)

(d)Na(g) + Ha(g) — NH;(g)

(e) K,O(s) + HyO(l) —> KOH(aq)

Formula Weights

3.15

3.16

3.17

3.18

3.19

Determine the formula weights of each of the following
compounds: (a) H,S; (b) NiCOj3; (c) Mg(C,H30,),;
(d) (NH,),SOy; (e) potassium phosphate; (f) iron(III)
oxide; (g) diphosphorus pentasulfide.

Determine the formula weights of each of the following
compounds: (a) nitrous oxide, N,O, known as laughing
gas and used as an anesthetic in dentistry; (b) benzoic
acid, HC;H350,, a substance used as a food preservative;
(c) Mg(OH),, the active ingredient in milk of magnesia;
(d) urea, (NH,),CO, a compound used as a nitrogen fer-
tilizer; (e) isopentyl acetate, CH3;CO,CsH 11, responsible
for the odor of bananas.

Calculate the percentage by mass of oxygen in the fol-
lowing compounds: (a) SO,; (b) sodium sulfate;
(c) C,H5COOH; (d) AI(NO3)3; () ammonium nitrate.
Calculate the percentage by mass of the indicated ele-
ment in the following compounds: (a) carbon in acety-
lene, C,H,, a gas used in welding; (b) hydrogen in
ammonium sulfate, (NH4),SOy4, a substance used as a
nitrogen fertilizer; (c) oxygen in ascorbic acid, HCgH;Oy,
also known as vitamin C; (d) platinum in PtCl,(NHj3),, a
chemotherapy agent called cisplatin; (e) carbon in the
female sex hormone estradiol, C;gH»,0,; (f) carbon in
capsaicin, C;gH,7;NOj3, the compound that gives the hot
taste to chili peppers.

Based on the following structural formulas, calculate the
percentage of carbon by mass present in each compound:

H H
/
C=C
| Benzaldehyde
(@) H—C //C_C_H (almond fragrance)
—C
/ \
H H

3.20

H,CO H
/
SO
Vanillin

(b) HO—C //C—C— (vanilla flavor)

c—C

/ \

H H

H H H

| I
() H;C—C—C—C—O0—C—CHj

HC H H
Isopentyl acetate
(banana flavor)

Calculate the percentage of carbon by mass in each of the
compounds represented by the following models:

"o

o

(@)

(b)

H

(© (d)
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The Mole

3.21

3.22

3.23
cQ

3.24
cQ

3.25

3.26

3.27

3.28

3.29

(a) What is Avogadro’s number, and how is it related to
the mole? (b) What is the relationship between the for-
mula weight of a substance and its molar mass?

(a) What is the mass, in grams, of a mole of 12C7 (b) How
many carbon atoms are present in a mole of 12¢?

Without doing any detailed calculations (but using a pe-
riodic table to give atomic weights), rank the following
samples in order of increasing number of atoms: 0.50 mol
H,0; 23 g Na; 6.0 X 10?* N, molecules.

Without doing any detailed calculations (but using a peri-
odic table to give atomic weights), rank the following
samples in order of increasing number of atoms:
3.0 X 10?® molecules of H,0,; 2.0 mol CHy; 32 g O,.

What is the mass, in kilograms, of an Avogadro’s number of
Olympic shot-put balls if each one has a mass of 16 Ib? How
does this compare with the mass of Earth, 5.98 X 10?4 kg?
If Avogadro’s number of pennies is divided equally
among the 250 million men, women, and children in the
United States, how many dollars would each receive?
How does this compare with the national debt of the
United States, which was $5.5 trillion at the time of the
writing of this text?

Calculate the following quantities:

(a) mass, in grams, of 1.73 mol CaH,

(b) moles of Mg(NO3), in 3.25 g of this substance

(c) number of molecules in 0.245 mol CH;0OH

(d) number of H atoms in 0.585 mol C4H 1,

Calculate the following quantities:

(a) mass, in grams, of 2.50 X 1072 mol MgCl,

(b) number of moles of NH,Cl in 76.5 g of this substance
(c) number of molecules in 0.0772 mol HCHO,

(d) number of NO; ™ ions in 4.88 X 1072 mol AI(NOs);

(a) What is the mass, in grams, of 2.50 X 1073 mol of alu-
minum sulfate?

(b) How many moles of chloride ions are in 0.0750 g of
aluminum chloride?

(c) What is the mass, in grams, of 7.70 X 10%° molecules
of caffeine, CgH1oN4O5?

(d) What is the molar mass of cholesterol if 0.00105 mol
weighs 0.406 g?

3.30

3.31

3.32

3.33

3.34

3.35

3.36

(a) What is the mass, in grams, of 0.0714 mol of iron(III)
phosphate?

(b) How many moles of ammonium ions are in 4.97 g of
ammonium carbonate?

(c) What is the mass, in grams, of 6.52 X 10%! molecules
of aspirin, CoHgO,4?

(d) What is the molar mass of diazepam (Valium®) if
0.05570 mol weighs 15.86 g?

The molecular formula of allicin, the compound responsi-
ble for the characteristic smell of garlic, is C¢H1cOS,,
(a) What is the molar mass of allicin? (b) How many moles
of allicin are present in 5.00 mg of this substance? (c) How
many molecules of allicin are in 5.00 mg of this substance?
(d) How many S atoms are present in 5.00 mg of allicin?
The molecular formula of aspartame, the artificial sweet-
ener marketed as NutraSweet®, is C;,H;gN,Os. (a) What
is the molar mass of aspartame? (b) How many moles of
aspartame are present in 1.00 mg of aspartame? (c) How
many molecules of aspartame are present in 1.00 mg of
aspartame? (d) How many hydrogen atoms are present in
1.00 mg of aspartame?

A sample of glucose, C¢H1,O, contains 5.77 X 10%

atoms of carbon. (a) How many atoms of hydrogen does
it contain? (b) How many molecules of glucose does it
contain? (c) How many moles of glucose does it contain?
(d) What is the mass of this sample in grams?

A sample of the male sex hormone testosterone, C1gH»3O,,
contains 3.08 X 10°! atoms of hydrogen. (a) How many
atoms of carbon does it contain? (b) How many molecules
of testosterone does it contain? (c) How many moles of
testosterone does it contain? (d) What is the mass of this
sample in grams?

The allowable concentration level of vinyl chloride,
C,H3Cl, in the atmosphere in a chemical plant is
2.0 X 10® g/L. How many moles of vinyl chloride in each
liter does this represent? How many molecules per liter?
At least 25 pg of tetrahydrocannabinol (THC), the active
ingredient in marijuana, is required to produce intoxica-
tion. The molecular formula of THC is Cy;H370,. How
many moles of THC does this 25 ug represent? How
many molecules?

Empirical Formulas

3.37
cQ

The following diagram represents the collection of ele-
ments formed by the decomposition of a compound. (a)
If the blue spheres represent N atoms and the red ones
represent O atoms, what was the empirical formula of
the original compound? (b) Could you draw a diagram
representing the molecules of the compound that had
been decomposed? Why or why not?

o ©
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3.38
cQ

(a) The following diagram represents the collection of
CO; and H,0 molecules formed by complete combus-
tion of a hydrocarbon. What is the empirical formula of
the hydrocarbon? (b) Could you draw a diagram repre-
senting the oxygen and hydrocarbon molecules that had
been combusted? Why or why not?




3.39

3.40

3.41

3.42

3.43

3.44

3.45

3.46

Give the empirical formula of each of the following com-
pounds if a sample contains (a) 0.0130 mol C, 0.0390 mol
H, and 0.0065 mol O; (b) 11.66 g iron and 5.01 g oxygen;
(c) 40.0% C, 6.7% H, and 53.3% O by mass.

Determine the empirical formula of each of the follow-
ing compounds if a sample contains (a) 0.104 mol K,
0.052 mol C, and 0.156 mol O; (b) 5.28 g Sn and 3.37 g F;
(c) 87.5% N and 12.5% H by mass.

Determine the empirical formulas of the compounds with

the following compositions by mass:

(a) 10.4% C, 27.8% S, and 61.7% Cl

(b)21.7% C, 9.6% O, and 68.7% F

(c) 32.79% Na, 13.02% Al, and 54.19% F

Determine the empirical formulas of the compounds with

the following compositions by mass:

(a) 55.3% K, 14.6% P, and 30.1% O

(b) 24.5% Na, 14.9% Si, and 60.6% F

(c) 62.1% C, 5.21% H, 12.1% N, and 20.7% O

What is the molecular formula of each of the following

compounds?

(a) empirical formula CH,, molar mass = 84 g/mol

(b) empirical formula NH,Cl, molar mass = 51.5 g/mol

What is the molecular formula of each of the following

compounds?

(a) empirical formula HCO,, molar mass = 90.0 g/mol

(b) empirical formula C;H4O, molar mass = 88 g/mol

Determine the empirical and molecular formulas of each

of the following substances:

(a) caffeine, a stimulant found in coffee that contains
49.5% C, 5.15% H, 28.9% N, and 16.5% O by mass;
molar mass about 195 g/mol

(b) monosodium glutamate (MSG), a flavor enhancer in
certain foods that contains 35.51% C, 4.77% H, 37.85% O,
8.29% N, and 13.60% Na; molar mass of 169 g/mol

Determine the empirical and molecular formulas of each

of the following substances:

(a) ibuprofen, a headache remedy that contains 75.69%
C, 8.80% H, and 15.51% O by mass; molar mass about
206 g/mol
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(b) epinephrine (adrenaline), a hormone secreted into the
bloodstream in times of danger or stress: 59.0% C, 7.1%
H, 26.2% O, and 7.7% N by mass; MW about 180 amu

3.47 (a) Combustion analysis of toluene, a common organic

solvent, gives 5.86 mg of CO, and 1.37 mg of H,O . If the
compound contains only carbon and hydrogen, what is
its empirical formula? (b) Menthol, the substance we can
smell in mentholated cough drops, is composed of C, H,
and O. A 0.1005-g sample of menthol is combusted, pro-
ducing 0.2829 g of CO, and 0.1159 g of H,O . What is the
empirical formula for menthol? If the compound has a
molar mass of 156 g/mol, what is its molecular formula?

3.48 (a) The characteristic odor of pineapple is due to ethyl

butyrate, a compound containing carbon, hydrogen, and
oxygen. Combustion of 2.78 mg of ethyl butyrate
produces 6.32 mg of CO, and 2.58 mg of H,O. What is
the empirical formula of the compound? (b) Nicotine, a
component of tobacco, is composed of C, H, and N. A
5.250-mg sample of nicotine was combusted, producing
14.242 mg of CO, and 4.083 mg of H,O. What is the
empirical formula for nicotine? If the substance has a
molar mass of 160 + 5g/mol, what is its molecular
formula?

3.49 Washing soda, a compound used to prepare hard water

for washing laundry, is a hydrate, which means that a cer-
tain number of water molecules are included in the solid
structure. Its formula can be written as Na,COj - xH,O,
where x is the number of moles of H,O per mole of
Na,COj3. When a 2.558-g sample of washing soda is heat-
ed at 125°C, all the water of hydration is lost, leaving
0.948 g of Na,COj3. What is the value of x?

3.50 Epsom salts, a strong laxative used in veterinary medi-

cine, is a hydrate, which means that a certain number of
water molecules are included in the solid structure. The
formula for Epsom salts can be written as MgSO, - xH,O,
where x indicates the number of moles of water per mole
of MgSO,. When 5.061 g of this hydrate is heated to
250°C, all the water of hydration is lost, leaving 2.472 g of
MgSO,. What is the value of x?

Calculations Based on Chemical Equations

3.51

3.52

3.53
cQ

Why is it essential to use balanced chemical equations
when determining the quantity of a product formed from
a given quantity of a reactant?

What parts of balanced chemical equations give infor-
mation about the relative numbers of moles of reactants
and products involved in a reaction?

The following diagram represents a high-temperature re-
action between CH, and H,0O. Based on this reaction,
how many moles of each product can be obtained start-
ing with 4.0 mol CH,4?

2 O ®

<
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3.54 If 1.5 mol of each of the following compounds is com-
CQ pletely combusted in oxygen, which one will produce the

largest number of moles of H,O? Which will produce the
least? Explain. C2H5OH, C3H8, CH3CH2COCH3

3.55 Hydrofluoric acid, HF(ag), cannot be stored in glass bot-

tles because compounds called silicates in the glass are
attacked by the HF(aq). Sodium silicate (Na,SiO3), for
example, reacts as follows:

Na,SiO5(s) + 8HF(ag) —> H,SiO3(aq) + 2NaF(ag) + 3H,0(!)

(a) How many moles of HF are needed to react with
0.300 mol of Na,5iO3?

(b) How many grams of NaF form when 0.500 mol of HF
reacts with excess Na,SiO3?

(c) How many grams of Na,SiO; can react with 0.800 g of
HEF?

3.56 The fermentation of glucose (C¢gH1,04) produces ethyl

alcohol (C,H5OH) and CO,:
CeH1206(a9) — 2C,H50H(ag) + 2C0O,(g)
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3.57

3.58

3.59

3.60
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(a) How many moles of CO, are produced when
0.400 mol of CzH 1,04 reacts in this fashion?

(b) How many grams of CsH,04 are needed to form
7.50 g of C,H50H?

(c) How many grams of CO, form when 7.50 g of
C,H50H are produced?

Aluminum sulfide reacts with water to form aluminum
hydroxide and hydrogen sulfide. (a) Write the balanced
chemical equation for this reaction. (b) How many grams
of aluminum hydroxide are obtained from 10.5 g of alu-
minum sulfide?

Calcium hydride reacts with water to form calcium
hydroxide and hydrogen gas. (a) Write a balanced chem-
ical equation for the reaction. (b) How many grams of
calcium hydride are needed to form 5.0 g of hydrogen?

Automotive air bags inflate when sodium azide, NaNj3,
rapidly decomposes to its component elements:

2NaNj3(s) — Na(s) + 3N(g)

(a) How many moles of N are produced by the decom-
position of 2.50 mol of NaN3?

(b) How many grams of NaNj are required to form 6.00 g
of nitrogen gas?

(c) How many grams of NaNj are required to produce
10.0 ft* of nitrogen gas if the gas has a density of
1.25g/L?

The complete combustion of octane, CgH1g, a component

of gasoline, proceeds as follows:

2CgH 5(I) + 2504(g) —> 16CO5(g) + 18H,0(g)

(a) How many moles of O, are needed to burn 0.750 mol
of C8H18?

3.61

3.62

(b) How many grams of O, are needed to burn 5.00 g of
CgHg?

(c) Octane has a density of 0.692 g/mL at 20°C. How
many grams of O, are required to burn 1.00 gal of
CsHig?

A piece of aluminum foil 1.00 cm square and 0.550 mm thick

is allowed to react with bromine to form aluminum bro-

mide as shown in the accompanying photo. (a) How many
moles of aluminum were used? (The density of aluminum
is 2.699 g/cm>.) (b) How many grams of aluminum bro-
mide form, assuming that the aluminum reacts completely?

Detonation of nitroglycerin proceeds as follows:

4C3H5N3O09() — 12C0O,(g) + 6Ny(g) + O5(g) + 10H,O(9)

(a) If a sample containing 3.00 mL of nitroglycerin (den-
sity = 1.592 g/mL) is detonated, how many total moles
of gas are produced? (b) If each mole of gas occupies 55 L
under the conditions of the explosion, how many liters of
gas are produced? (c) How many grams of N, are pro-
duced in the detonation?

Limiting Reactants; Theoretical Yields

3.63

3.64

3.65
cQ

(a) Define the terms limiting reactant and excess reactant.
(b) Why are the amounts of products formed in a reaction
determined only by the amount of the limiting reactant?
(a) Define the terms theoretical yield, actual yield, and
percent yield. (b) Why is the actual yield in a reaction
almost always less than the theoretical yield?

Nitrogen (N,) and hydrogen (H,) react to form ammo-
nia (NHj3). Consider the mixture of N, and H, shown in
the accompanying diagram. The blue spheres represent
N, and the white ones represent H. Draw a representation
of the product mixture, assuming that the reaction goes
to completion. How did you arrive at your representa-
tion? What is the limiting reactant in this case?
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3.66
cQ

3.67
cQ

3.68
cQ

Nitrogen monoxide and oxygen react to form nitrogen
dioxide. Consider the mixture of NO and O, shown in
the accompanying diagram. The blue spheres represent
N, and the red ones represent O. Draw a representation
of the product mixture, assuming that the reaction goes
to completion. How did you arrive at your representa-
tion? What is the limiting reactant in this case?

® ® §
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A manufacturer of bicycles has 4250 wheels, 2755 frames,
and 2255 handlebars. (a) How many bicycles can be man-
ufactured using these parts? (b) How many parts of each
kind are left over? (c) Which part limits the production of
bicycles?

A bottling plant has 115,350 bottles with a capacity of
355 mL, 122,500 caps, and 39,375 L of beverage. (a) How




3.69

3.70

3.71

3.79

3.80

many bottles can be filled and capped? (b) How much of
each item is left over? (¢) Which component limits the
production?

Sodium hydroxide reacts with carbon dioxide as follows:
2NaOH(s) + CO,(g) — Na,yCOs3(s) + H,O())

Which reagent is the limiting reactant when 1.70 mol
NaOH and 1.00 mol CO, are allowed to react? How many
moles of Na,COj; can be produced? How many moles of
the excess reactant remain after the completion of the
reaction?

Aluminum hydroxide reacts with sulfuric acid as follows:

2A1(OH)5(s) + 3H,S04(aq) —> Aly(SO4)3(aq) + 6H,O(I)

Which reagent is the limiting reactant when 0.450 mol
Al(OH); and 0.550 mol H,SO, are allowed to react? How
many moles of Al;(SO,); can form under these condi-
tions? How many moles of the excess reactant remain
after the completion of the reaction?

The fizz produced when an Alka-Seltzer® tablet is dis-

solved in water is due to the reaction between sodium
bicarbonate (NaHCO3) and citric acid (H3CgHs07):
3NaHCO3(aq) + H3C6H507(ﬂq) I

3CO2(g) + 3H20(l) + Na3C6H5O7(zzq)
In a certain experiment 1.00 g of sodium bicarbonate and
1.00 g of citric acid are allowed to react. (a) Which is the
limiting reactant? (b) How many grams of carbon diox-

ide form? (c) How many grams of the excess reactant re-
main after the limiting reactant is completely consumed?

3.72

3.73

3.74

3.75

3.76

3.77

3.78
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One of the steps in the commercial process for converting
ammonia to nitric acid is the conversion of NH;3 to NO:

4NH,(g) + 50,(g) — 4NO(g) + 6H,O(g)

In a certain experiment, 2.25 g of NHj reacts with 3.75 g
of O,. (a) Which is the limiting reactant? (b) How many
grams of NO form? () How many grams of the excess
reactant remain after the limiting reactant is completely
consumed?
Solutions of sodium carbonate and silver nitrate react to
form solid silver carbonate and a solution of sodium ni-
trate. A solution containing 6.50 g of sodium carbonate
is mixed with one containing 7.00 g of silver nitrate. How
many grams of sodium carbonate, silver nitrate, silver
carbonate, and sodium nitrate are present after the reac-
tion is complete?
Solutions of sulfuric acid and lead(I) acetate react to form
solid lead(Il) sulfate and a solution of acetic acid. If 7.50 g
of sulfuric acid and 7.50 g of lead(II) acetate are mixed,
calculate the number of grams of sulfuric acid, lead(II)
acetate, lead(I) sulfate, and acetic acid present in the
mixture after the reaction is complete.
When benzene (C¢Hg) reacts with bromine (Br,), bro-
mobenzene (C¢H5Br) is obtained:
C6H6 + Brz — C6H5Br + HBr

(a) What is the theoretical yield of bromobenzene in this
reaction when 30.0 g of benzene reacts with 65.0 g of
bromine? (b) If the actual yield of bromobenzene was
56.7 g, what was the percentage yield?
When ethane (C,Hg) reacts with chlorine (Cl,), the main
product is C,HsCl, but other products containing Cl such
as CoH4Cl, are also obtained in small quantities. The for-
mation of these other products reduces the yield of
C,H5Cl. (a) Assuming that C,Hg and Cl, react only to
form C,H5Cl and HCJ, calculate the theoretical yield of
C,H5Cl. (b) Calculate the percent yield of C,H5Cl if the
reaction of 125 g of C,H¢ with 255 g of Cl, produces 206 g
of C2H5Cl
Lithium and nitrogen react to produce lithium nitride:

6Li(s) + Ny(g) — 2LizN(s)
If 5.00 g of each reactant undergo a reaction with a 80.5%
yield, how many grams of LizN are obtained from the
reaction?
When hydrogen sulfide gas is bubbled into a solution of
sodium hydroxide, the reaction forms sodium sulfide and
water. How many grams of sodium sulfide are formed if
2.00 g of hydrogen sulfide is bubbled into a solution con-
taining 2.00 g of sodium hydroxide, assuming that the
sodium sulfide is made in 92.0% yield?

Additional Exercises

Write the balanced chemical equation for (a) the complete
combustion of butyric acid, HC4H;O,(I), a compound
produced when butter becomes rancid; (b) the decom-
position of solid copper(Il) hydroxide into solid copper(II)
oxide and water vapor; (c) the combination reaction
between zinc metal and chlorine gas.

The effectiveness of nitrogen fertilizers depends on both
their ability to deliver nitrogen to plants and the amount
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of nitrogen they can deliver. Four common nitrogen-con-
taining fertilizers are ammonia, ammonium nitrate,
ammonium sulfate, and urea [(NH,),CO]J. Rank these fer-
tilizers in terms of the mass percentage nitrogen they
contain.

(a) Diamond is a natural form of pure carbon. How many
moles of carbon are in a 1.25-carat diamond (1 carat =
0.200 g)? How many atoms are in this diamond? (b) The
molecular formula of acetylsalicylic acid (aspirin), one of
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[3.87]

[3.88]

[3.89]
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the most common pain relievers, is HCyH,0,. How
many moles of HCgH;O, are in a 0.500-g tablet of aspirin?
How many molecules of HCgH7O, are in this tablet?
(a) One molecule of the antibiotic known as penicillin G
has a mass of 5.342 X 107! g. What is the molar mass of
penicillin G? (b) Hemoglobin, the oxygen-carrying pro-
tein in red blood cells, has four iron atoms per molecule
and contains 0.340% iron by mass. Calculate the molar
mass of hemoglobin.
Very small crystals composed of 1000 to 100,000 atoms,
called quantum dots, are being investigated for use in
electronic devices.
(a) Calculate the mass in grams of a quantum dot con-
sisting of 10,000 atoms of silicon.
(b) Assuming that the silicon in the dot has a density
of 2.3 g/ cm’, calculate its volume.
(c) Assuming that the dot has the shape of a cube, calcu-
late the length of each edge of the cube.
Serotonin is a compound that conducts nerve impulses in
the brain. It contains 68.2 mass percent C, 6.86 mass per-
cent H, 15.9 mass percent N, and 9.08 mass percent O. Its
molar mass is 176 g/mol. Determine its molecular
formula.
The koala dines exclusively on eucalyptus leaves. Its
digestive system detoxifies the eucalyptus oil, a poison to
other animals. The chief constituent in eucalyptus oil is a
substance called eucalyptol, which contains 77.87% C,
11.76% H, and the remainder O. (a) What is the empiri-
cal formula for this substance? (b) A mass spectrum of
eucalyptol shows a peak at about 154 amu. What is the
molecular formula of the substance?
Vanillin, the dominant flavoring in vanilla, contains C,
H, and O. When 1.05 g of this substance is completely
combusted, 2.43 g of CO, and 0.50 g of H,O are pro-
duced. What is the empirical formula of vanillin?
An organic compound was found to contain only C, H,
and CL. When a 1.50-g sample of the compound was com-
pletely combusted in air, 3.52 g of CO, was formed. In a
separate experiment the chlorine in a 1.00-g sample of
the compound was converted to 1.27 g of AgCl. Deter-
mine the empirical formula of the compound.
An oxybromate compound, KBrO,, where x is unknown,
is analyzed and found to contain 52.92% Br. What is the
value of x?
An element X forms an iodide (XI3) and a chloride (XCl5).
The iodide is quantitatively converted to the chloride
when it is heated in a stream of chlorine:

2XI3 + C12 — XC13 + 312

If 0.5000 g of XI5 is treated, 0.2360 g of XCl; is obtained.
(a) Calculate the atomic weight of the element X. (b) Iden-
tify the element X.

A method used by the Environmental Protection Agency
(EPA) for determining the concentration of ozone in air is
to pass the air sample through a “bubbler” containing
sodium iodide, which removes the ozone according to
the following equation:

O3(g) + 2Nal(ag) + H,O(l) — O,(g) + Ix(s) + 2NaOH(aq)
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(a) How many moles of sodium iodide are needed to re-
move 3.8 X 107> mol O3? (b) How many grams of sodi-
um iodide are needed to remove 0.550 mg of O3?

A chemical plant uses electrical energy to decompose
aqueous solutions of NaCl to give Cl,, H,, and NaOH:

2NaCl(aq) + 2H,O(l) — 2NaOH(aq) + H(g) + Clx(g)

If the plant produces 1.5 X 10° kg (1500 metric tons) of
Cl, daily, estimate the quantities of H, and NaOH
produced.
The fat stored in the hump of a camel is a source of both
energy and water. Calculate the mass of H,O produced
by metabolism of 1.0 kg of fat, assuming the fat consists
entirely of tristearin (C5;H11¢Og), a typical animal fat, and
assuming that during metabolism, tristearin reacts with
O, to form only CO, and H,0.
When hydrocarbons are burned in a limited amount of
air, both CO and CO, form. When 0.450 g of a particular
hydrocarbon was burned in air, 0.467 g of CO, 0.733 g of
CO,, and 0.450 g of H,O were formed. (a) What is the
empirical formula of the compound? (b) How many grams
of O, were used in the reaction? (¢) How many grams
would have been required for complete combustion?
A mixture of Ny(g) and Hj(g) reacts in a closed container
to form ammonia, NH3(g). The reaction ceases before
either reactant has been totally consumed. At this stage
2.0 mol Ny, 2.0 mol H;, and 2.0 mol NHj are present.
How many moles of N, and H, were present originally?
A mixture containing KClO3, K,CO3, KHCO;, and KCl
was heated, producing CO,, O,, and H,O gases accord-
ing to the following equations:
2KClO5(s) — 2KClI(s) + 30,(g)
2KHCOj3(s) — K,0O(s) + HyO(g) + 2CO4(Q)
K,CO5(s) — Ky0(s) + CO(8)

The KCl does not react under the conditions of the reac-
tion. If 100.0 g of the mixture produces 1.80 g of H,O,
13.20 g of CO,, and 4.00 g of O,, what was the composi-
tion of the original mixture? (Assume complete decom-
position of the mixture.)

When a mixture of 10.0 g of acetylene (C,H;) and 10.0 g
of oxygen (O,) is ignited, the resultant combustion reac-
tion produces CO, and H,O. (a) Write the balanced
chemical equation for this reaction. (b) Which is the lim-
iting reactant? (¢) How many grams of C,H,, O,, CO,,
and H,O are present after the reaction is complete?
Aspirin (CgHgO,) is produced from salicylic acid
(C;H¢O3) and acetic anhydride (C4H¢O3):

C7H6O3 + C4H603 — C9H804 + HC2H302

(@) How much salicylic acid is required to produce
1.5 X 10? kg of aspirin, assuming that all of the salicylic
acid is converted to aspirin? (b) How much salicylic acid
would be required if only 80% of the salicylic acid is con-
verted to aspirin? (c) What is the theoretical yield of
aspirin if 185 kg of salicylic acid is allowed to react with
125 kg of acetic anhydride? (d) If the situation described
in part (c) produces 182 kg of aspirin, what is the per-
centage yield?



Integrative Exercises

(These exercises require skills from earlier chapters as well as
skills from the present chapter.)
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Consider a sample of calcium carbonate in the form of a
cube measuring 1.25 in. on each edge. If the sample has
a density of 2.71 g/ cm?, how many oxygen atoms does it
contain?

(a) You are given a cube of silver metal that measures
1.000 cm on each edge. The density of silver is
10.49 g/cm®. How many atoms are in this cube? (b)
Because atoms are spherical, they cannot occupy all of
the space of the cube. The silver atoms pack in the solid
in such a way that 74% of the volume of the solid is actu-
ally filled with the silver atoms. Calculate the volume of
a single silver atom. () Using the volume of a silver atom,
and the formula for the volume of a sphere, calculate the
radius in angstroms of a silver atom.

If an automobile travels 125 mi with a gas mileage of
19.5 mi/gal, how many kilograms of CO, are produced?
Assume that the gasoline is composed of octane, CgHg(1),
whose density is 0.69 g/mL.

[3.101] In 1865 a chemist reported that he had reacted a weighed

3.104

3.105

3.106

amount of pure silver with nitric acid and had recovered
all the silver as pure silver nitrate. The mass ratio of sil-
ver to silver nitrate was found to be 0.634985. Using only
this ratio and the presently accepted values for the atom-
ic weights of silver and oxygen, calculate the atomic

eMedia Exercises
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weight of nitrogen. Compare this calculated atomic
weight with the currently accepted value.

[3.102] A particular coal contains 2.5% sulfur by mass. When this

coal is burned, the sulfur is converted into sulfur diox-
ide gas. The sulfur dioxide reacts with calcium oxide to
form solid calcium sulfite. (a) Write the balanced chemi-
cal equation for the reaction. (b) If the coal is burned in a
power plant that uses 2000 tons of coal per day, what is
the daily production of calcium sulfite?

[3.103] Hydrogen cyanide, HCN, is a poisonous gas. The lethal

dose is approximately 300 mg HCN per kilogram of air
when inhaled. (a) Calculate the amount of HCN that
gives the lethal dose in a small laboratory room measur-
ing 12 by 15 by 8.0 ft. The density of air at 26°C is
0.00118 g/cm?>. (b) If the HCN is formed by reaction of
NaCN with an acid such as H,SO,4, what mass of NaCN
gives the lethal dose in the room?

2NaCN(s) + H2804(ﬂq) — N32804(ﬂq) + ZHCN(g)

(c) HCN forms when synthetic fibers containing Orlon®
or Acrilan® burn. Acrilan® has an empirical formula of
CH,CHCN, so HCN is 50.9% of the formula by mass. A
rug measures 12 by 15 ft and contains 30 oz of Acrilan®
fibers per square yard of carpet. If the rug burns, will a
lethal dose of HCN be generated in the room? Assume
that the yield of HCN from the fibers is 20% and that the
carpet is 50% consumed.

(a) Balance the three reactions available in the Balancing
Equations activity (eChapter 3.1). (b) If, in the case of the
reduction of Fe,O3 you were to multiply each coefficient
in the balanced equation by the same number, would the
reaction still be balanced? (c) Would it still be balanced if
you were to square each coefficient? (d) What would the
coefficients be in the balanced equation if the reduction
reaction produced carbon monoxide instead of carbon
dioxide?

Calculate the percentage composition of each compound
in Exercise 3.16. Use the Molecular Weight and Weight
Percent activity (eChapter 3.3) to check your answers.
Consider the reaction of zinc metal with hydrochloric
acid shown in the movie Limiting Reagents (eChapter
3.7). (a) What would the limiting reagent have been if
100 mg of Zn had been combined with 2.0 X 10~% mol of
HCI? (b) What volume of hydrogen gas would the reac-
tion have produced? (c) For the purposes of the limiting
reagent experiment shown in the movie, why is it impor-
tant that the hydrogen gas have a low solubility in water?

3.107

3.108

How would the apparent yield of a reaction be affected
if the evolved gas were very soluble in (or reactive with)
water?

Write the balanced equation and predict the masses of
products and remaining reactant for each of the follow-
ing combinations. Use the Limiting Reagents (Stoi-
chiometry) (eChapter 3.7) simulation to check your
answers. (a) 50 g Pb(NOj3); and 55 g K,CrO, to form
PbCrO4 and KNOj3; (b) 150 g FeCl, and 125 g Na,S to
form FeS and NaCl; (c) 96 g Ca(NOs), and 62 g Na,COj3
to form CaCO; and NaNOjs.

(a) In the reaction between FeCl; and NaOH to produce
Fe(OH); and NaCl, what mass of sodium hydroxide
would be required to completely consume 50 g of
iron(III) chloride? (b) Use the Limiting Reagents (Stoi-
chiometry) simulation (eChapter 3.7) to combine 50 g
FeCl; with as close as you can get to the stoichiometric
amount of sodium hydroxide, making sure that you add
enough to completely consume the FeCl;. How much
sodium hydroxide is left over?
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Bubbles of CO, gas form as an
Alka-Seltzer® tablet dissolves in
water. The CO, is produced by the
reaction of citric acid, H3CcH5O5,
and sodium bicarbonate, NaHCO3,
in the tablet.



4.1 General Properties of Aqueous Solutions

4.2 Precipitation Reactions

4.3 Acid-Base Reactions

4.4 Oxidation-Reduction Reactions
4.5 Concentrations of Solutions

4.6 Solution Stoichiometry and Chemical Analysis

of our planet is covered by
water, and water is the most abundant substance in
our bodies. Because water is so common, we tend to
take its unique chemical and physical properties for
granted. We will see repeatedly throughout this text,

however, that water possesses many unusual properties essential to support life
on Earth.

One of the most important properties of water is its ability to dissolve a wide
variety of substances. The water in nature, therefore, whether it is the purest
drinking water from the tap or water from a clear mountain stream, invariably
contains a variety of dissolved substances. Solutions in which water is the dis-
solving medium are called aqueous solutions.

Many of the chemical reactions that take place within us and around us
involve substances dissolved in water. Nutrients dissolved in blood are carried to
our cells, where they enter into reactions that help keep us alive. Automobile
parts rust when they come into frequent contact with aqueous solutions that con-
tain various dissolved substances. Spectacular limestone caves (Figure 4.1 »>) are
formed by the dissolving action of underground water containing carbon dioxide,
COx(ag):

CaCOj4(s) + H,O(l) + CO,(aq) —> Ca(HCOj3),(aq) [4.1]

We saw in Chapter 3 a few simple types of chemical reactions and
how they are described. In this chapter we continue to examine chemi-
cal reactions by focusing on aqueous solutions. A great deal
of important chemistry occurs in aqueous solutions, and
we need to learn the vocabulary and concepts used to
describe and understand this chemistry. In addition,
we will extend the concepts of stoichiometry that we
learned in Chapter 3 by considering how solution con-
centrations can be expressed and used.

» What's Ahead <«

We begin by examining the nature
of the substances dissolved in
water, whether they exist in water
as ions, molecules, or as some mix-
ture of the two. This information is
necessary to understand the nature
of reactants in aqueous solutions.

Three major types of chemical
processes occur in aqueous solu-
tion: precipitation reactions, acid-
base reactions, and
oxidation-reduction reactions.

Precipitation reactions are those in
which soluble reactants yield an
insoluble product.

Acid-base reactions are those in
which H* ions are transferred
between reactants.

Oxidation-reduction reactions are
those in which electrons are trans-
ferred between reactants.

Reactions between ions can be rep-
resented by ionic equations that
show, for example, how ions can
combine to form precipitates, or
how they are removed from the
solution or changed in some other
way.

After examining the common types
of chemical reactions and how they
are recognized and described, we
consider how the concentrations of
solutions can be expressed.

We conclude the chapter by exam-
ining how the concepts of stoi-
chiometry and concentration can
be used to determine the amounts
or concentrations of various
substances.
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A Figure 4.1 When CO, dissolves in
water, the resulting solution is slightly
acidic. Limestone caves are formed by
the dissolving action of this acidic
solution acting on CaCOjs in the
limestone.

3-D MODEL
Sodium Chloride, Sucrose

Pure water and aqueous solutions of
—J nonelectrolytes are poor conductors
of electricity.

ANIMATION
Electrolytes and Nonelectrolytes

4.1 General Properties of Aqueous Solutions

A solution is a homogeneous mixture of two or more substances. == (Section 1.2)
The substance present in greater quantity is usually called the solvent. The other
substances in the solution are known as the solutes; they are said to be dissolved
in the solvent. When a small amount of sodium chloride (NaCl) is dissolved in
a large quantity of water, for example, the water is the solvent and the sodium
chloride is the solute.

Electrolytic Properties

Imagine preparing two aqueous solutions—one by dissolving a teaspoon of table
salt (sodium chloride) in a cup of water and the other by dissolving a teaspoon
of table sugar (sucrose) in a cup of water. Both solutions are clear and colorless.
How do they differ? One way, which might not be immediately obvious, is in
their electrical conductivity: The salt solution is a good conductor of electricity,
whereas the sugar solution is not.

Whether or not a solution conducts electricity can be determined by using
a device such as that shown in Figure 4.2 ¥. To light the bulb, an electric current
must flow between the two electrodes that are immersed in the solution.
Although water itself is a poor conductor of electricity, the presence of ions caus-
es aqueous solutions to become good conductors. Ions carry electrical charge
from one electrode to another, completing the electrical circuit. Thus, the con-
ductivity of NaCl solutions indicates the presence of ions in the solution, and
the lack of conductivity of sucrose solutions indicates the absence of ions. When
NaCl dissolves in water, the solution contains Nat and C1™ ions, each surrounded
by water molecules. When sucrose (C1,H,,01;) dissolves in water, the solution
contains only neutral sucrose molecules surrounded by water molecules.

A substance (such as NaCl) whose aqueous solutions contain ions is called
an electrolyte. A substance (such as C;,H»,01;) that does not form ions in

o
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ions ions

9 o

(b) (©

A Figure 4.2 A device for detecting ions in solution. The ability of a solution to conduct
electricity depends on the number of ions it contains. (a) A nonelectrolyte solution does not
contain ions, and the bulb does not light. (b and c) An electrolyte solution contains ions to
serve as charge carriers, causing the bulb to light. If the solution contains a small number of
ions, the bulb will be only dimly lit, as in (b). If the solution contains a large number of ions,
the bulb will be brightly lit, as in (c).



4.1 General Properties of Aqueous Solutions

A Figure 4.3 (a) Dissolution of an ionic compound. When an ionic compound dissolves o
in water, H,O molecules separate, surround, and disperse the ions into the liquid.

(b) Methanol, CH30H, a molecular compound, dissolves without forming ions. The

methanol molecules can be found by looking for the black spheres, which represent carbon

atoms. In both parts (a) and (b), the water molecules have been moved apart so the solute

particles can be seen more clearly.

solution is called a nonelectrolyte. The difference between NaCl and C;,H»,01;
arises largely because NaCl is ionic, whereas C1,H,,017 is molecular.

lonic Compounds in Water

Recall from Section 2.7 and especially Figure 2.23 that solid NaCl consists of an order- ANIMATION
ly arrangement of Na* and Cl~ ions. When NaCl dissolves in water, each ion sepa-
rates from the solid structure and disperses throughout the solution as shown in
Figure 4.3(a) A. The ionic solid dissociates into its component ions as it dissolves.

Water is a very effective solvent for ionic compounds. Although water is an
electrically neutral molecule, one end of the molecule (the O atom) is rich in elec-
trons and thus possesses a partial negative charge. The other end (the H atoms)
has a partial positive charge. Positive ions (cations) are attracted by the negative
end of H,O, and negative ions (anions) are attracted by the positive end. As an
ionic compound dissolves, the ions become surrounded by H,O molecules as
shown in Figure 4.3(a). This process helps stabilize the ions in solution and pre-
vents cations and anions from recombining. Furthermore, because the ions and
their shells of surrounding water molecules are free to move about, the ions
become dispersed uniformly throughout the solution.

We can usually predict the nature of the ions present in a solution of an ionic
compound from the chemical name of the substance. Sodium sulfate (Na,SO,),
for example, dissociates into sodium ions (Na™) and sulfate ions (SO4%7). You
must remember the formulas and charges of common ions (Tables 2.4 and 2.5)
to understand the forms in which ionic compounds exist in aqueous solution.

Molecular Compounds in Water % 3-D MODEL
Ethanol

When a molecular compound dissolves in water, the solution usually consists of
intact molecules dispersed throughout the solution. Consequently, most
molecular compounds are nonelectrolytes. For example, a solution of methanol
(CH3OH) in water consists entirely of CH3OH molecules dispersed throughout
the water [Figure 4.3(b)].

Dissolution of NaCl in Water
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MOVIE
Strong and Weak Electrolytes

The difference between strong
J electrolytes and weak electrolytes is

qualitative and somewhat arbitrary.

3-D MODEL
HCI, Acetic Acid

The symbol for equilibrium (=) is
not to be confused with the double-
headed arrow (<>). Students often
incorrectly interchange these
symbols.

Universal indicator and a
conductivity probe are used to
explore the relative acidity and
conductivity of a series of aqueous
acids. Bassam Z. Shakhashiri,
“Conductivity and Extent of
Dissociation of Acids in Aqueous
Solution,” Chemical Demonstrations:
A Handbook for Teachers of Chemistry,
Vol. 3 (The University of Wisconsin
Press, Madison, 1989) pp. 140-145.

cQ

There are, however, a few molecular substances whose aqueous solutions
contain ions. Most important of these are acid solutions. For example, when
HCI(g) dissolves in water to form hydrochloric acid, HCl(ag), it ionizes or breaks
apart into H"(ag) and Cl™(ag) ions.

Strong and Weak Electrolytes

There are two categories of electrolytes, strong electrolytes and weak electrolytes,
which differ in the extent to which they conduct electricity. Strong electrolytes
are those solutes that exist in solution completely or nearly completely as ions.
Essentially all soluble ionic compounds (such as NaCl) and a few molecular com-
pounds (such as HCI) are strong electrolytes. Weak electrolytes are those solutes
that exist in solution mostly in the form of molecules with only a small fraction
in the form of ions. For example, in a solution of acetic acid (HC,H30,) most of
the solute is present as HC,H30, molecules. Only a small fraction (about 1%) of
the HC,H30, is present as H*(aq) and C,H30, (aq) ions.

We must be careful not to confuse the extent to which an electrolyte dis-
solves with whether it is strong or weak. For example, HC,H30, is extremely
soluble in water but is a weak electrolyte. Ba(OH),, on the other hand, is not
very soluble, but the amount of the substance that does dissolve dissociates
almost completely, so Ba(OH)j, is a strong electrolyte.

When a weak electrolyte such as acetic acid ionizes in solution, we write the
reaction in the following manner:

HC,H30,(aq) H*(aq) + CH30, (aq) [4.2]

The double arrow means that the reaction is significant in both directions. At any
given moment some HC,H30, molecules are ionizing to form H* and C,H30, .
At the same time, H* and C,H30, ™ ions are recombining to form HC,H30,. The
balance between these opposing processes determines the relative concentrations of
ions and neutral molecules. This balance produces a state of chemical equilibrium
that varies from one weak electrolyte to another. Chemical equilibria are extremely
important, and we will devote Chapters 15-17 to examining them in detail.
Chemists use a double arrow to represent the ionization of weak electrolytes
and a single arrow to represent the ionization of strong electrolytes. Because HCI
is a strong electrolyte, we write the equation for the ionization of HCl as follows:

HCl(aq) — H*(aq) + Cl (ag) [4.3]

The single arrow indicates that the H" and C1~ ions have no tendency to recom-
bine in water to form HCl molecules.

In the sections ahead we will begin to look more closely at how we can use the
composition of a compound to predict whether it is a strong electrolyte, weak elec-
trolyte, or nonelectrolyte. For the moment, it is important only to remember that
soluble ionic compounds are strong electrolytes. We identify ionic compounds as being ones
composed of metals and nonmetals [such as NaCl, FeSO,4, and AI(NO3);], or com-
pounds containing the ammonium ion, NH,* [such as NH4Br and (NH4),COj3].

SAMPLE EXERCISE 4.1

The diagram on the left represents an aqueous solution of one of the following com-
pounds: MgCl,, KCI, or K,SO,. Which solution does it best represent?

Solution The diagram shows twice as many cations as anions, consistent with the for-
mulation K,SOy.

PRACTICE EXERCISE

If you were to draw diagrams (such as that shown on the left) representing aqueous solu-
tions of each of the following ionic compounds, how many anions would you show if the
diagram contained six cations? (a) NiSOy; (b) Ca(NO3),; (c) NazPOy; (d) Aly(SOy)s.
Answers: (a) 6; (b) 12; (c) 2; (d) 9




4.2 Precipitation Reactions

Figure 4.4 ¥ shows two clear solutions being mixed, one containing lead nitrate
[Pb(NOj3),] and the other containing potassium iodide (KI). The reaction between
these two solutes produces an insoluble yellow product. Reactions that result in
the formation of an insoluble product are known as precipitation reactions. A
precipitate is an insoluble solid formed by a reaction in solution. In Figure 4.4 the
precipitate is lead iodide (Pbl,), a compound that has a very low solubility in water:

Pb(NO3),(agq) + 2KI(aq) — Pbl,(s) + 2KNO;(aq) [4.4]

The other product of this reaction, potassium nitrate, remains in solution.
Precipitation reactions occur when certain pairs of oppositely charged ions attract
each other so strongly that they form an insoluble ionic solid. To predict whether cer-
tain combinations of ions form insoluble compounds, we must consider some
guidelines or rules concerning the solubilities of common ionic compounds.

4.2 Precipitation Reactions

¢

g
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Students explore a variety of ionic
reactions that result in the formation
of colored precipitates.

L.R. Summerlin, Christie L. Borgford,
and Julie B. Ealy, “Name That
Precipitate,” Chemical Demonstrations,
A Sourcebook for Teachers, Vol. 2
(American Chemical Society,
Washington, DC, 1988) pp. 123-125.

Richard A. Kjonaas, “An Analogy for
Solubility: Marbles and Magnets,”
J. Chem. Educ., Vol. 61, 1984, 765.

MOVIE
Precipitation Reactions

R%%°

2 KI(aq) Pb(NO3)x(aq)
A Figure 4.4 The addition of a colorless solution of potassium iodide (KI) to a colorless
solution of lead nitrate [Pb(NO3),] produces a yellow precipitate of lead iodide (Pbl,) that
slowly settles to the bottom of the beaker.

Pbl,(s) + 2KNOs(aq)
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The solubility of a series of silver salts
and complexes is explored in this
colorful demonstration. Lee R.
Summerlin, Christie L. Borgford, and
Julie B. Ealy, “Solubility of Some
Silver Compounds, ” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988)

pp. 83-85.

@

Solubility Guidelines for lonic Compounds

The solubility of a substance is the amount of that substance that can be dis-
solved in a given quantity of solvent. Only 1.2 X 10~° mol of Pbl, dissolves in a
liter of water at 25°C. In our discussions any substance with a solubility less than
0.01 mol/L will be referred to as insoluble. In those cases the attraction between
the oppositely charged ions in the solid is too great for the water molecules to sep-
arate them to any significant extent, and the substance remains largely undis-
solved.

Unfortunately, there are no rules based on simple physical properties such
as ionic charge to guide us in predicting whether a particular ionic compound
will be soluble or not. Experimental observations, however, have led to guide-
lines for predicting solubility for ionic compounds. For example, experiments
show that all common ionic compounds that contain the nitrate anion, NO3 ",
are soluble in water. Table 4.1 ¥ summarizes the solubility guidelines for common
ionic compounds. The table is organized according to the anion in the compound,
but it reveals many important facts about cations. Note that all common ionic
compounds of the alkali metal ions (group 1A of the periodic table) and of the ammonium
ion (NH, ") are soluble in water.

TABLE 4.1 Solubility Guidelines for Common lonic Compounds in Water

Soluble Ionic Compounds Important Exceptions
Compounds containing NO;~ None
C2H30z_ None
cr- Compounds of Ag™*, Hg,?", and Pb>*
Br— Compounds of Ag*, Hg22+, and Pb%*
I~ Compounds of Ag™, Hg,2*, and Pb>"
50,2 Compounds of Sr?*, Ba?*, Hg,?", and Pb**
Insoluble Ionic Compounds Important Exceptions
Compounds containing s% Compounds of NH,™, the alkali metal
cations, and Ca%", Sr2*, and Ba%"
CO5* Compounds of NH," and the alkali metal
cations
PO, Compounds of NH, " and the alkali metal
cations
OH™ Compounds of the alkali metal cations,

and CaZ", Sr2*, and BaZ"

SAMPLE EXERCISE 4.2

Classify the following ionic compounds as soluble or insoluble: (a) sodium carbonate
(NayCOs); (b) lead sulfate (PbSOy).

Solution
Analyze: We are given the names and formulas of two ionic compounds and asked to
predict whether they are soluble or insoluble in water.
Plan: We can use Table 4.1 to answer the question. Thus, we need to focus on the anion
in each compound because the table is organized by anions.
Solve: (a) According to Table 4.1, most carbonates are insoluble, but carbonates of the
alkali metal cations (such as sodium ion) are an exception to this rule and are soluble.
Thus, Na,COj is soluble in water.

(b) Table 4.1 indicates that although most sulfates are water soluble, the sulfate of Pb%*
is an exception. Thus, PbSOy is insoluble in water.

PRACTICE EXERCISE

Classify the following compounds as soluble or insoluble: (a) cobalt(II) hydroxide;
(b) barium nitrate; (c) ammonium phosphate.
Answers: (a) insoluble; (b) soluble; (c) soluble




To predict whether a precipitate forms when we mix aqueous solutions of
two strong electrolytes, we must (1) note the ions present in the reactants, (2) con-
sider the possible combinations of the cations and anions, and (3) use Table 4.1
to determine if any of these combinations is insoluble. For example, will a pre-
cipitate form when solutions of Mg(NO3), and NaOH are mixed? Because
Mg(NO3), and NaOH are both soluble ionic compounds, they are both strong
electrolytes. Mixing Mg(NO3),(aq) and NaOH(ag) first produces a solution con-
taining Mg2+, NO;~, Na*, and OH ions. Will either of the cations interact with
either of the anions to form an insoluble compound? In addition to the reactants,
the other possible interactions are Mg?" with OH~ and Na™ with NO;~. From
Table 4.1 we see that Mg(OH), is insoluble and will thus form a precipitate.
NaNOj, however, is soluble, so Na* and NO;~ will remain in solution. The bal-
anced equation for the precipitation reaction is

Mg(NO3),(aq) + 2NaOH(ag) — Mg(OH),(s) + 2NaNOj(aq)  [4.5]

Exchange (Metathesis) Reactions

Notice in Equation 4.5 that the cations in the two reactants exchange anions—
Mg?* ends up with OH™, and Na* ends up with NO; . The chemical formulas
of the products are based on the charges of the ions—two OH™ ions are need-
ed to give a neutral compound with Mg?*, and one NO; ™ ion is needed to give
a neutral compound with Na™. (Section 2.7) It is only after the chemical
formulas of the products are determined that the equation can be balanced.

Reactions in which positive ions and negative ions appear to exchange part-
ners conform to the following general equation:

AX + BY — AY + BX [4.6]
Example: AgNO;(aq) + KCl(aq) — AgCl(s) + KNOg3(aq)

Such reactions are known as exchange reactions, or metathesis reactions (meh-
TATH-eh-sis, which is the Greek word for “to transpose”). Precipitation reac-
tions conform to this pattern, as do many acid-base reactions, as we will see in
Section 4.3.

SAMPLE EXERCISE 4.3

(a) Predict the identity of the precipitate that forms when solutions of BaCl, and K,SO,
are mixed. (b) Write the balanced chemical equation for the reaction.

Solution
Analyze: We are given two ionic reactants and asked to predict the insoluble product
that they form.
Plan: We need to write down the ions present in the reactants and to exchange the
anions between the two cations. Once we have written the chemical formulas for these
products, we can use Table 4.1 to determine which is insoluble in water. Knowing the
products also allows us to write the equation for the reaction.
Solve: (a) The reactants contain BaZ', CI-, K*, and SO427 ions. If we exchange the
anions, we will have BaSO,4 and KCI. According to Table 4.1, most compounds of
SO4% are soluble but those of Ba*" are not. Thus, BaSO is insoluble and will precip-
itate from solution. KCI, on the other hand, is soluble.

(b) From part (a) we know the chemical formulas of the products, BaSO, and KCL
The balanced equation with phase labels shown is

BaCl,(aq) + K;S504(ag) —— BaSOy(s) + 2KCl(aq)

PRACTICE EXERCISE

(a) What compound precipitates when solutions of Fe,(SO,); and LiOH are mixed?
(b) Write a balanced equation for the reaction. (c) Will a precipitate form when solu-
tions of Ba(NO3), and KOH are mixed?

Answers: (a) Fe(OH)3; (b) Fep(SOy4)3(ag) + 6LiOH(ag) — 2Fe(OH)s(s) + 3Li,SOy4(ag);
(c) No (both possible products are water soluble)

4.2 Precipitation Reactions 119

One of the following is needed to

drive a metathesis reaction: the
formation of a precipitate, the
generation of a gas, the production
of a weak electrolyte, or the
production of a nonelectrolyte.
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Writing the net ionic equation makes
it easier for students to focus on the
ions participating in a chemical
reaction. It is important to remember
that, although they do not appear in
the net ionic equation, the spectator
ions are still present in solution.

When writing net ionic equations,
students often try to split polyatomic
ions into smaller units.

ACTIVITY
Writing a Net lonic Equation

Betty J. Wruck, “Reinforcing Net
lonic Equation Writing,” J. Chem.
Educ., Vol. 73, 1996, 149-150.

lonic Equations

In writing chemical equations for reactions in aqueous solution, it is often use-
ful to indicate explicitly whether the dissolved substances are present predom-
inantly as ions or as molecules. Let’s reconsider the precipitation reaction between
Pb(NOg3), and 2KI, shown previously in Figure 4.4:

Pb(NO3)s(ag) + 2KI(ag) —> Pbl,(s) + 2KNO5(aq)

An equation written in this fashion, showing the complete chemical formulas of
the reactants and products, is called a molecular equation because it shows the
chemical formulas of the reactants and products without indicating their ionic
character. Because Pb(NO3),, KI, and KNOj are all soluble ionic compounds and
therefore strong electrolytes, we can write the chemical equation to indicate
explicitly the ions that are in the solution:

Pb**(ag) + 2NO;3 (aq) + 2K'(aq) + 21 (ag) —>

Pbl,(s) + 2K*(aq) + 2NO;3 (aq) [4.7]
An equation written in this form, with all soluble strong electrolytes shown as
ions, is known as a complete ionic equation.

Notice that K*(aq) and NO3(ag) appear on both sides of Equation 4.7. Ions
that appear in identical forms among both the reactants and products of a com-
plete ionic equation are called spectator ions. They are present but play no direct
role in the reaction. When spectator ions are omitted from the equation (they
cancel out like algebraic quantities), we are left with the net ionic equation:

Pb**(ag) + 21 (ag) — Pbly(s) [4.8]

A net ionic equation includes only the ions and molecules directly involved
in the reaction. Charge is conserved in reactions, so the sum of the charges of
the ions must be the same on both sides of a balanced net ionic equation. In this
case the 2+ charge of the cation and the two 1— charges of the anions add to
give zero, the charge of the electrically neutral product. If every ion in a complete
ionic equation is a spectator, then no reaction occurs.

Net ionic equations are widely used to illustrate the similarities between
large numbers of reactions involving electrolytes. For example, Equation 4.8
expresses the essential feature of the precipitation reaction between any strong
electrolyte containing Pb>* and any strong electrolyte containing I": The Pb>*(aq)
and I"(aq) ions combine to form a precipitate of Pbl,. Thus, a net ionic equation
demonstrates that more than one set of reactants can lead to the same net reac-
tion. The complete equation, on the other hand, identifies the actual reactants
that participate in a reaction.

Net ionic equations also point out that the chemical behavior of a strong
electrolyte solution is due to the various kinds of ions it contains. Aqueous solu-
tions of KI and Mgl,, for example, share many chemical similarities because
both contain I" ions. Each kind of ion has its own chemical characteristics that
differ very much from those of its parent atom.

The following steps summarize the procedure for writing net ionic equations:

1. Write a balanced molecular equation for the reaction.

2. Rewrite the equation to show the ions that form in solution when each sol-
uble strong electrolyte dissociates or ionizes into its component ions. Only
strong electrolytes dissolved in aqueous solution are written in ionic form.

3. Identify and cancel spectator ions.



SAMPLE EXERCISE 4.4

Write the net ionic equation for the precipitation reaction that occurs when solutions
of calcium chloride and sodium carbonate are mixed.

Solution

Analyze: Our task is to write a net ionic equation for a precipitation reaction, given the
names of the reactants present in solution.

Plan: We first need to write the chemical formulas of the reactants and products and
to determine which product is insoluble. Then we write and balance the molecular
equation. Next, we write each soluble strong electrolyte as separated ions to obtain
the complete ionic equation. Finally, we eliminate the spectator ions to obtain the net
ionic equation.

Solve: Calcium chloride is composed of calcium ions, Ca2*, and chloride ions, C1~; hence
an aqueous solution of the substance is CaCl,(aq). Sodium carbonate is composed of Na™
ions and CO52~ ions; hence an aqueous solution of the compound is Na,CO3(aq). In the
molecular equations for precipitation reactions, the anions and cations appear to exchange
partners. Thus, we put Ca?" and CO3%" together to give CaCO5 and Na™ and Cl™ togeth-
er to give NaCl. According to the solubility guidelines in Table 4.1, CaCOj5 is insoluble and
NaCl is soluble. The balanced molecular equation is

CaCly(aq) + Nay,CO3z(ag) — CaCOs5(s) + 2NaCl(aq)

In a complete ionic equation, only dissolved strong electrolytes (such as soluble
ionic compounds) are written as separate ions. As the (2q) designations remind us,
CaCl,, Na,COg, and NaCl are all dissolved in the solution. Furthermore, they are all
strong electrolytes. CaCOj is an ionic compound, but it is not soluble. We do not write
the formula of any insoluble compound as its component ions. Thus, the complete
ionic equation is

Ca%'(ag) + 2C1 (ag) + 2Na*(ag) + CO3* (ag) —> CaCOx(s) + 2Na*(aq) + 2C1 (aq)
Cl™ and Na™ are spectator ions. Canceling them gives the following net ionic equation:
Ca%*(ag) + CO5% (ag) —> CaCOs(s)

Check: We can check our result by confirming that both the elements and the electric
charge are balanced. Each side has 1 Ca, 1 C, and 3 O, and the net charge on each side
equals 0.

Comment: If none of the ions in an ionic equation is removed from solution or changed
in some way, then they all are spectator ions and a reaction does not occur.

PRACTICE EXERCISE

Wrrite the net ionic equation for the precipitation reaction that occurs when aqueous
solutions of silver nitrate and potassium phosphate are mixed.
Answer: 3Ag*(ag) + PO, (ag) —> AgszPO4(s)

4.3 Acid-Base Reactions

Many acids and bases are industrial and household substances (Figure 4.5 ), and
some are important components of biological fluids. Hydrochloric acid, for exam-
ple, is not only an important industrial chemical but also the main constituent of gas-
tric juice in our stomach. Acids and bases also happen to be common electrolytes.

Acids

Acids are substances that ionize in aqueous solutions to form hydrogen ions,
thereby increasing the concentration of H'(ag) ions. Because a hydrogen atom
consists of a proton and an electron, H" is simply a proton. Thus, acids are often
called proton donors. Molecular models of three common acids, HCI, HNOj,
and HC,H;30,, are shown in the margin.

Molecules of different acids can ionize to form different numbers of H' ions.
Both HCI and HNOj are monoprotic acids, which yield one H" per molecule of
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A Figure 4.5 Some common acids
(left), and bases (right) that are
household products.
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[/ Other definitions of acids and bases
—J are discussed in Chapter 16.

ANIMATION
Introduction to Aqueous Acids,

Introduction to Aqueous Bases

OH™
N

N Y

NH;, NH, "

A Figure 4.6 An H,O molecule acts
as a proton donor (acid), and NH3 as a
proton acceptor (base). Only a fraction
of the NHs reacts with H,O; NHs is a
weak electrolyte.

o

@ H. van Lubeck, “Significance,
Concentration Calculations, Weak
and Strong Acids,” J. Chem. Educ.,
Vol. 60, 1983, 189.

o

acid. Sulfuric acid, H,SOy, is a diprotic acid, one that yields two H™ per molecule
of acid. The ionization of H,SO,4 and other diprotic acids occurs in two steps:

H,S0,4(aq) — H*(aq) + HSO4 (aq) [4.9]
HSO, (ag) == H(aq) + SO,> (aq) [4.10]

Although H,SO, is a strong electrolyte, only the first ionization is complete.
Thus, aqueous solutions of sulfuric acid contain a mixture of H+(aq),
HSO, (aq), and SO,4> (aq).

Bases

Bases are substances that accept (react with) H" ions. Bases produce hydroxide
ions (OH™) when they dissolve in water. Ionic hydroxide compounds such as
NaOH, KOH, and Ca(OH), are among the most common bases. When dissolved
in water, they dissociate into their component ions, introducing OH™ ions into
the solution.

Compounds that do not contain OH™ ions can also be bases. For example,
ammonia (NH3) is a common base. When added to water, it accepts an H" ion
from the water molecule and thereby produces an OH™ ion (Figure 4.6 «):

NHj3(aq) + H,O() == NH,"(ag) + OH (aq) [4.11]

Because only a small fraction of the NH; (about 1%) forms NH, " and OH™
ions, ammonia is a weak electrolyte.

Strong and Weak Acids and Bases

Acids and bases that are strong electrolytes (completely ionized in solution) are
called strong acids and strong bases. Those that are weak electrolytes (partly
ionized) are called weak acids and weak bases. Strong acids are more reactive
than weak acids when the reactivity depends only on the concentration of H'(ag).
The reactivity of an acid, however, can depend on the anion as well as on H*(aq).
For example, hydrofluoric acid (HF) is a weak acid (only partly ionized in aque-
ous solution), but it is very reactive and vigorously attacks many substances,
including glass. This reactivity is due to the combined action of H(aq) and F~(aq).

Table 4.2 V¥ lists the common strong acids and bases. You should commit these
to memory. As you examine this table, notice first that some of the most common
acids, such as HCl, HNOj3, and H,50,, are strong. Second, three of the strong
acids result from combining a hydrogen atom and a halogen atom. (HF, however,
is a weak acid.) Third, the list of strong acids is very short. Most acids are weak.
Fourth, the only common strong bases are the hydroxides of Li*, Na™, K, Rb™, and
Cs™ (the alkali metals, group 1A) and the hydroxides of Ca?*, Sr?*, and Ba®"

TABLE 4.2 Common Strong Acids and Bases

Strong Acids Strong Bases

Hydrochloric, HCI Group 1A metal hydroxides (LiOH, NaOH, KOH, RbOH, CsOH)
Hydrobromic, HBr Heavy group 2A metal hydroxides [Ca(OH),, Sr(OH),, Ba(OH),]
Hydroiodic, HI

Chloric, HC1O3

Perchloric, HCIO,4

Nitric, HNOj

Sulfuric, H,SO,4




cQ

(the heavy alkaline earths, group 2A). These are the common soluble metal hydrox-
ides. Most other metal hydroxides are insoluble in water. The most common weak
base is NH3, which reacts with water to form OH™ ions (Equation 4.11).

SAMPLE EXERCISE 4.5

The following diagrams represent aqueous solutions of three acids (HX, HY, and HZ)
with water molecules omitted for clarity. Rank them from strongest to weakest.

HY

=
",

& @ ‘*’QO
@ O o 0°

o‘ﬂ .#“#. Q-- )
@ 9 0.9 0.0

Solution The strongest acid is the one with the most H' ions and fewest undissociat-
ed acid molecules in solution. Hence, the order is HY > HZ > HX. HY is a strong
acid because it is totally ionized (no HY molecules in solution), whereas both HX and
HZ are weak acids, whose solutions consist of a mixture of molecules and ions.

o090
ag'@

PRACTICE EXERCISE

Imagine a diagram showing 10 Na™" ions and 10 OH ™ ions. If this solution were mixed
with the one pictured above for HY, what would the diagram look like that represents the
solution after any possible reaction? (H" ions will react with OH ™ ions to form H,0.)
Answer: The final diagram would show 10 Na' ions, 2 OH™ ions, 8 Y™ ions, and
8 H,O molecules.

Identifying Strong and Weak Electrolytes

If we remember the common strong acids and bases (Table 4.2) and also remember
that NHj is a weak base, we can make reasonable predictions about the electrolyt-
ic behavior of a great number of water-soluble substances. Table 4.3 ¥ summarizes
our observations about electrolytes. To classify a soluble substance as a strong elec-
trolyte, weak electrolyte, or nonelectrolyte, we simply work our way down and
across this table. We first ask ourselves whether the substance is ionic or molecu-
lar. If it is ionic, it is a strong electrolyte. If it is molecular, we ask whether it is an
acid. (Does it have H first in the chemical formula?) If it is an acid, we rely on the
memorized list from Table 4.2 to determine whether it is a strong or weak elec-
trolyte. If an acid is not listed in Table 4.2, it is probably a weak electrolyte. For
example, H;PO,, H,SO3, and HC;H50, are not listed in Table 4.2 and are weak
acids. NHj is the only weak base that we consider in this chapter. (There are com-
pounds called amines that are related to NHj and are also molecular bases, but we
will not consider them until Chapter 16.) Finally, any molecular substance that we
encounter in this chapter that is not an acid or NH3 is probably a nonelectrolyte.

TABLE 4.3 Summary of the Electrolytic Behavior of Common Soluble lonic
and Molecular Compounds

Strong Electrolyte =~ Weak Electrolyte Nonelectrolyte
Tonic All None None
Molecular Strong acids Weak acids (H...)
(see Table 4.2) Weak bases (NH3) All other compounds

[
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ACTIVITY
Strong Acids

Albert Kowalak, “When is a Strong
Electrolyte Strong?” J. Chem. Educ.,
Vol. 65, 1988 , 607.

John J. Fortman “Pictorial Analogies
X: Solutions of Electrolytes,” . Chem.
Educ., Vol. 71, 1994, 27-28.

The pH of a variety of household
chemicals is determined using
indicators and pH meters. Bassam Z.
Shakhashiri, “Food is Usually Acidic,
Cleaners Are Usually Basic,” Chemical
Demonstrations: A Handbook for
Teachers of Chemistry, Vol. 3 (The
University of Wisconsin Press,
Madison, 1989) pp. 65-69.
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A Figure 4.7 The acid-base indicator
bromthymol blue is blue in basic solution
and yellow in acidic solution. The left
flask shows the indicator in the presence
of a base, aqueous ammonia (here
labeled as ammonium hydroxide). The
right flask shows the indicator in the
presence of hydrochloric acid, HCI.

| Salts may be thought of as ionic
—J compounds that are neither acids
nor bases.

SAMPLE EXERCISE 4.6

Classify each of the following dissolved substances as a strong electrolyte, weak elec-
trolyte, or nonelectrolyte: CaCl,, HNOj3, C,H50H (ethanol), HCHO, (formic acid),
KOH.

Solution

Analyze: We are given several chemical formulas and asked to classify each substance
as a strong electrolyte, weak electrolyte, or nonelectrolyte.

Plan: The approach we take is outlined in Table 4.3. We can predict whether a sub-
stance is ionic or molecular, based on its composition. As we saw in Section 2.7, most
ionic compounds we encounter in this text are composed of both a metal and a non-
metal, whereas most molecular compounds are composed only of nonmetals.

Solve: Two compounds fit the criteria for ionic compounds: CaCl, and KOH. Both are
strong electrolytes. The three remaining compounds are molecular. Two, HNOj3 and
HCHO,, are acids. Nitric acid, HNO3, is a common strong acid (a strong electrolyte),
as shown in Table 4.2. Because most acids are weak acids, our best guess would be
that HCHO, is a weak acid (weak electrolyte). This is correct. The remaining molecu-
lar compound, C,H50H, is neither an acid nor a base, so it is a nonelectrolyte.
Comment: Although C,H50OH has an OH group, it is not a metal hydroxide; thus, it
is not a base. Rather, it is a member of a class of organic compounds that have C—OH
bonds and which are known as alcohols. <= (Section 2.9)

PRACTICE EXERCISE

Consider solutions in which 0.1 mol of each of the following compounds is dissolved
in 1 L of water: Ca(NOgj), (calcium nitrate), CgH1,04 (glucose), NaC,H30, (sodium
acetate), and HC,H30, (acetic acid). Rank the solutions in order of increasing electri-
cal conductivity, based on the fact that the greater the number of ions in solution, the
greater the conductivity.

Answer: CgH1,0g (nonelectrolyte) < HC,H30, (weak electrolyte, existing mainly in the
form of molecules with few ions) < NaC,H30, (strong electrolyte that provides two ions,
Na* and C,H;0,7) < Ca(NO3), (strong electrolyte that provides three ions, Ca** and
2NO3")

Neutralization Reactions and Salts

Solutions of acids and bases have very different properties. Acids have a sour
taste, whereas bases have a bitter taste.* Acids can change the colors of certain
dyes in a specific way that differs from the effect of a base (Figure 4.7 «). The dye
known as litmus, for example, is changed from blue to red by an acid, and from
red to blue by a base. In addition, acidic and basic solutions differ in chemical
properties in several important ways that we will explore in this chapter and in
later chapters.

When a solution of an acid and that of a base are mixed, a neutralization
reaction occurs. The products of the reaction have none of the characteristic prop-
erties of either the acidic or the basic solutions. For example, when hydrochloric
acid is mixed with a solution of sodium hydroxide, the following reaction occurs:

HCl(agq) + NaOH(agq) — H,O(l) + NaCl(ag)

[4.12]
(acid) (base) (water) (salt)

Water and table salt, NaCl, are the products of the reaction. By analogy to this
reaction, the term salt has come to mean any ionic compound whose cation
comes from a base (for example, Na* from NaOH) and whose anion comes from
an acid (for example, C1™ from HCI). In general, a neutralization reaction between
an acid and a metal hydroxide produces water and a salt.

* Tasting chemical solutions is not a good practice. However, we have all had acids such as ascorbic
acid (vitamin C), acetylsalicylic acid (aspirin), and citric acid (in citrus fruits) in our mouths, and we
are familiar with their characteristic sour taste. Soaps, which are basic, have the characteristic bitter
taste of bases.
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(@) (b)

A Figure 4.8 (a) Milk of magnesia is a suspension of magnesium hydroxide, Mg(OH),(s),
in water. (b) The magnesium hydroxide dissolves upon the addition of hydrochloric acid,
HCl(aq). (c) The final clear solution contains soluble MgCl,(aq), shown in Equation 4.15.

Because HCI, NaOH, and NaCl are all soluble strong electrolytes, the com-
plete ionic equation associated with Equation 4.12 is

H*(aq) + Cl (agq) + Na+(aq) + OH (aq) — H,O() + Na+(aq) + Cl (aq)
[4.13]

Therefore, the net ionic equation is
H(ag) + OH (ag) — H,O(l) [4.14]

Equation 4.14 summarizes the essential feature of the neutralization reaction
between any strong acid and any strong base: H'(aq) and OH ™ (ag) ions combine
to form H,O.

Figure 4.8 A shows the reaction between hydrochloric acid and another base,
Mg(OH),, which is insoluble in water. A milky white suspension of Mg(OH),
called milk of magnesia is seen dissolving as the neutralization reaction occurs:

Molecular equation: Mg(OH),(s) + 2HCl(aq) — MgCly(aq) + 2H,O() [4.15]
Net ionic equation: ~ Mg(OH)y(s) + 2H " (ag) — Mg2+(aq) + 2H,0(l) [4.16]

Notice that the OH ™ ions (this time in a solid reactant) and H* ions combine to
form H,O. Because the ions exchange partners, neutralization reactions between
acids and metal hydroxides are also metathesis reactions.

SAMPLE EXERCISE 4.7

(a) Write a balanced complete chemical equation for the reaction between aqueous
solutions of acetic acid (HC,H30,) and barium hydroxide [Ba(OH),]. (b) Write the net
ionic equation for this reaction.

Solution

Analyze: We are given the chemical formulas for an acid and a base and asked to write
a balanced chemical equation and then a net ionic equation for their neutralization
reaction.

Plan: As Equation 4.12 and the italicized statement that follows it indicate, neutral-
ization reactions form two products, H,O and a salt. We examine the cation of the base
and the anion of the acid to determine the composition of the salt.
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Bassam Z. Shakhashiri, “Fizzing and
Foaming: Reactions of Acids with
Carbonates,” Chemical
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Madison, 1989) pp. 96-99.

The acidic or basic nature of
solutions of gases is investigated,
John J. Fortman and Katherine M.
Stubbs, “Demonstrations with Red
Cabbage Indicator,”). Chem. Educ.,
Vol. 69, 1992, 66-67.

An example of a reaction involving
two solids (NH4CI(s) and Ca(OH),(s)
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Christie L. Borgford, and Julie B. Ealy,
“A Hand-Held Reaction: Production
of Ammonia Gas,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical

Society, Washington, DC, 1988) p. 37.
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“Determination of Neutralizing
Capacity of Antacids,” Chemical
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Madison, 1989) pp. 162-166.

An antacid, milk of magnesia, is
mixed with acid in this
demonstration. Lee R. Summerlin,
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Chemical Demonstrations, A
Sourcebook for Teachers, Vol. 2
(American Chemical Society,
Washington, DC, 1988) p. 173.

Solve: (a) The salt will contain the cation of the base (Ba?>") and the anion of the acid
(CoH30;7). Thus, the formula of the salt is Ba(C;H30,;),. According to the solubility
guidelines in Table 4.1, this compound is soluble. The unbalanced equation for the
neutralization reaction is

HC,H30,(aq) + Ba(OH),(aq) —— H,O(l) + Ba(C,H30,),(aq)

To balance the equation, we must provide two molecules of HC,H3O, to furnish the
two C,H30, ™ ions and to supply the two H* ions needed to combine with the two
OH™ ions of the base. The balanced equation is

2HC,H30,(aq) + Ba(OH)y(aq) — 2H,0(!) + Ba(CH30,)5(a9)

(b) To write the ionic equation, we must determine whether or not each com-
pound in aqueous solution is a strong electrolyte. HC,H30, is a weak electrolyte (weak
acid), Ba(OH); is a strong electrolyte, and Ba(C,H30,), is also a strong electrolyte.
Thus, the complete ionic equation is

2HC,H;0,(aq) + Ba®*(aq) + 20H (ag) — 2H,0(l) + Ba**(aq) + 2C,H;0, (aq)
Eliminating the spectator ions gives
2HC,H;30,(aq) + 20H (ag) —> 2H,0(l) + 2C,H30, (aq)
Simplifying the coefficients gives the net ionic equation.
HC,H305(aq) + OH ™ (aq) — Hy0() + C;H30,™(aq)

Check: We can determine whether the molecular equation is correctly balanced by
counting the number of atoms of each kind on both sides of the arrow. (There are 10 H,
60,4 C, and 1 Ba on each side.) However, it is often easier to check equations by count-
ing groups: There are 2C,H30, groups as well as 1 Ba, and 4 additional H atoms and
2 additional O atoms on each side of the equation. The net ionic equation checks out
because the numbers of each kind of element and the net charge are the same on both
sides of the equation.

PRACTICE EXERCISE

(a) Write a balanced equation for the reaction of carbonic acid (H,CO3) and potassium
hydroxide (KOH). (b) Write the net ionic equation for this reaction.

Answers: (a) HyCO3(aq) + 2KOH(ag) — 2H,0(l) + K,CO3(aq); (b) H,CO5(agq) +
20H (ag) —> 2H,0(l) + CO5? (aq); (H,COs5 is a weak electrolyte, whereas KOH
and K,COj are strong electrolytes.)

Acid-Base Reactions with Gas Formation

There are many bases besides OH™ that react with H" to form molecular com-
pounds. Two of these that you might encounter in the laboratory are the sulfide
ion and the carbonate ion. Both of these anions react with acids to form gases that
have low solubilities in water. Hydrogen sulfide (H,S), the substance that gives
rotten eggs their foul odor, forms when an acid such as HCl(ag) reacts with a
metal sulfide such as Na,S:

Molecular equation: 2HCl(aq) + Na,S(ag) — H,S(g) + 2NaCl(aq) [4.17]

Net ionic equation: 2H " (aq) + Szf(aq) — H,5(9) [4.18]

Carbonates and bicarbonates react with acids to form CO, gas. Reaction of
CO;%” or HCO;3~ with an acid first gives carbonic acid (H,COj3). For example,
when hydrochloric acid is added to sodium bicarbonate, the following reaction
occurs:

HCl(aq) + NaHCO3(aq) — NaCl(aq) + H,CO3(aq) [4.19]



Carbonic acid is unstable; if present in solution in sufficient concentrations, it
decomposes to form CO,, which escapes from the solution as a gas.

H,COs3(aq) — HyO() + COx()

The decomposition of H,COj3 produces bubbles of CO, gas, as shown in
Figure 4.9 ». The overall reaction is summarized by the following equations:

Molecular equation:

HCl(ag) + NaHCO5(aq) — NaCl(ag) + H,O(®) + CO(g)

Net ionic equation:
H'(aq) + HCO5 (ag) — H,0() + CO,(g)

Both NaHCOj3; and Na,COj are used as acid neutralizers in acid spills. The
bicarbonate or carbonate salt is added until the fizzing due to the formation of
CO,(g) stops. Sometimes sodium bicarbonate is used as an antacid to soothe an
upset stomach. In that case the HCO3 ™ reacts with stomach acid to form CO5(g).
The fizz when Alka-Seltzer® tablets are added to water is due to the reac-

tion of sodium bicarbonate and citric acid.

h Chemistry at Work Antacids

The stomach secretes acids to help digest foods. These acids,
which include hydrochloric acid, contain about 0.1 mol of HT
per liter of solution. The stomach and digestive tract are nor-
mally protected from the corrosive effects of stomach acid by a
mucosal lining. Holes can develop in this lining, however,
allowing the acid to attack the underlying tissue, causing
painful damage. These holes, known as ulcers, can be caused by
the secretion of excess acids or by a weakness in the digestive
lining. Recent studies indicate, however, that many ulcers are

A Figure 4.10 Antacids and acid inhibitors are common,
over-the-counter drugs. Tagamet HB® and Pepcid AC® are acid
inhibitors, whereas the other products are antacids.
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[4.20]

[4.21]

[4.22]

A Figure 4.9 Carbonates react with
acids to form carbon dioxide gas. Here
NaHCO;3 (white solid) reacts with
hydrochloric acid; the bubbles contain
CO,.

caused by bacterial infection. Between 10 and 20% of Ameri-
cans suffer from ulcers at some point in their lives, and many
others experience occasional indigestion or heartburn due to
digestive acids entering the esophagus.

We can address the problem of excess stomach acid in two
simple ways: (1) removing the excess acid, or (2) decreasing the
production of acid. Those substances that remove excess acid
are called antacids, whereas those that decrease the production
of acid are called acid inhibitors. Figure 4.10 € shows several
common, over-the-counter drugs of both types.

Antacids are simple bases that neutralize digestive acids.
Their ability to neutralize acids is due to the hydroxide, car-
bonate, or bicarbonate ions they contain. Table 4.4 V¥ lists the
active ingredients in some antacids.

The newer generation of antiulcer drugs, such as
Tagamet® and Zantac®, are acid inhibitors. They act on acid-
producing cells in the lining of the stomach. Formulations that
control acid in this way are now available as over-the-counter
drugs.

TABLE 4.4 Some Common Antacids

Commercial Name Acid-Neutralizing Agents

Alka-Seltzer® NaHCO;3

Amphojel® Al(OH);

Di-Gel® Mg(OH); and CaCO3
Milk of Magnesia Mg(OH),

Maalox® Mg(OH), and Al(OH);
Mylanta® Mg(OH), and Al(OH)3
Rolaids® NaAl(OH),CO,4
Tums® CaCOjy
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A Figure 411 Corrosion at the
terminals of a battery, caused by attack of
the metal by sulfuric acid from the battery.

ANIMATION
Oxidation-Reduction Reactions:

Part I, Oxidation-Reduction
Reactions: Part Il

When one substance is oxidized,
another substance must be reduced.

| Students may be familiar with two

/' good mnemonics for redox
reactions: (1) LEO the lion says GER:
Lose electrons oxidation, gain
electrons reduction, and (2) OIL RIG:
Oxidation involves loss of electrons,
reduction involves gain of electrons.

Substance Substance
oxidized reduced
(loses (gains
electron) electron)

A Figure 4.12 Oxidation is the loss
of electrons by a substance; reduction is
the gain of electrons by a substance.
Oxidation of one substance is always
accompanied by reduction of another.

o

[ﬂl Gion Calzaferri, “Oxidation
Numbers,” |. Chem. Educ., Vol. 76,
1999, 362-363.

4.4 Oxidation-Reduction Reactions

In precipitation reactions cations and anions come together to form an insoluble
ionic compound. In neutralization reactions H" ions and OH ™ ions come togeth-
er to form H,O molecules. Now let’s consider a third important kind of reaction
in which electrons are transferred between reactants. Such reactions are called
oxidation-reduction, or redox, reactions.

Oxidation and Reduction

The corrosion of iron (rusting) and of other metals, such as the corrosion of the
terminals of an automobile battery, are familiar processes. What we call corrosion
is the conversion of a metal into a metal compound by a reaction between the
metal and some substance in its environment. Rusting involves the reaction of
oxygen with iron in the presence of water. The corrosion shown in Figure 4.11 <«
results from the reaction of battery acid (H,50,) with the metal clamp.

When a metal corrodes, it loses electrons and forms cations. For example,
calcium is vigorously attacked by acids to form calcium ions (Ca2"):

Ca(s) + 2H"(ag) — Ca?"(aq) + Hy(g) [4.23]

When an atom, ion, or molecule has become more positively charged (that is,
when it has lost electrons), we say that it has been oxidized. Loss of electrons by a
substance is called oxidation. Thus, Ca, which has no net charge, is oxidized (under-
goes oxidation) in Equation 4.23, forming Ca?".

The term oxidation is used because the first reactions of this sort to be stud-
ied thoroughly were reactions with oxygen. Many metals react directly with O,
in air to form metal oxides. In these reactions the metal loses electrons to oxygen,
forming an ionic compound of the metal ion and oxide ion. For example, when
calcium metal is exposed to air, the bright metallic surface of the metal tarnish-
es as CaO forms:

2Ca(s) + Oy(g) — 2CaO(s)

As Ca is oxidized in Equation 4.24, oxygen is transformed from neutral O,
to two O%~ ions. When an atom, ion, or molecule has become more negatively
charged (gained electrons), we say that it is reduced. Gain of electrons by a sub-
stance is called reduction. When one reactant loses electrons, another reactant
must gain them; the oxidation of one substance is always accompanied by the
reduction of another as electrons are transferred between them, as shown in
Figure 4.12 «.

[4.24]

Oxidation Numbers

Before we can properly identify an oxidation-reduction reaction, we must have
some way of keeping track of the electrons gained by the substance reduced and
those lost by the substance oxidized. The concept of oxidation numbers (also
called oxidation states) was devised as a simple way of keeping track of electrons
in reactions. The oxidation number of an atom in a substance is the actual charge
of the atom if it is a monoatomic ion; otherwise, it is the hypothetical charge
assigned to the atom using a set of rules. Oxidation occurs when there is an
increase in oxidation number, whereas reduction occurs when there is a decrease
in oxidation number.
We use the following rules for assigning oxidation numbers:

1. For an atom in its elemental form the oxidation number is always zero. Thus,
each H atom in the H, molecule has an oxidation number of 0, and each P
atom in the P, molecule has an oxidation number of 0.
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2. For any monoatomic ion the oxidation number equals the charge on the ion. Thus,
K" has an oxidation number of +1, 5% has an oxidation state of —2, and so
forth. The alkali metal ions (group 1A) always have a 1+ charge, and there-
fore the alkali metals always have an oxidation number of +1 in their com-
pounds. Similarly, the alkaline earth metals (group 2A) are always +2, and
aluminum (group 3A) is always +3 in their compounds. (In writing oxida-
tion numbers, we will write the sign before the number to distinguish them
from the actual electronic charges, which we write with the number first.)

3. Nonmetals usually have negative oxidation numbers, although they can
sometimes be positive:

(a) The oxidation number of oxygen is usually —2 in both ionic and molecu-
lar compounds. The major exception is in compounds called perox-
ides, which contain the 0,2 ion, giving each oxygen an oxidation
number of —1.

(b) The oxidation number of hydrogen is +1 when bonded to nonmetals and —1
when bonded to metals.

(c) The oxidation number of fluorine is —1 in all compounds. The other
halogens have an oxidation number of —1 in most binary compounds.
When combined with oxygen, as in oxyanions, however, they have pos-
itive oxidation states.

4. The sum of the oxidation numbers of all atoms in a neutral compound is zero. The
sum of the oxidation numbers in a polyatomic ion equals the charge of the ion. For
example, in the hydronium ion, H3O+, the oxidation number of each hy-
drogen is +1 and that of oxygen is —2. Thus the sum of the oxidation num-
bersis 3(+1) + (—2) = +1, which equals the net charge of the ion. This rule
is very useful in obtaining the oxidation number of one atom in a compound
or ion if you know the oxidation numbers of the other atoms, as illustrated
in Sample Exercise 4.8.

SAMPLE EXERCISE 4.8

Determine the oxidation state of sulfur in each of the following: (a) H,S; (b) Sg; (c)
SCl,; (d) Na,SO;; (e) SO,

Solution (a) When bonded to a nonmetal, hydrogen has an oxidation number of +1
(rule 3b). Because the H,S molecule is neutral, the sum of the oxidation numbers must
equal zero (rule 4). Letting x equal the oxidation number of S, we have 2(+1) + x = 0.
Thus, S has an oxidation number of —2.

(b) Because this is an elemental form of sulfur, the oxidation number of S is 0
(rule 1).

(c) Because this is a binary compound, we expect chlorine to have an oxidation
number of —1 (rule 3c). The sum of the oxidation numbers must equal zero (rule 4). Let-
ting x equal the oxidation number of S, we have x + 2(—1) = 0. Consequently, the
oxidation number of S must be +2.

(d) Sodium, an alkali metal, always has an oxidation number of +1 in its com-
pounds (rule 2). Oxygen has a common oxidation state of —2 (rule 3a). Letting x equal
the oxidation number of S, we have 2(+1) + x + 3(—2) = 0. Therefore, the oxidation
number of S in this compound is +4.

(e) The oxidation state of O is —2 (rule 3a). The sum of the oxidation numbers
equals —2, the net charge of the SO,>~ ion (rule 4). Thus we have x + 4(—2) = —2.
From this relation we conclude that the oxidation number of S in this ion is +6.

These examples illustrate that the oxidation number of a given element depends
on the compound in which it occurs. The oxidation numbers of sulfur, as seen in these
examples, range from —2 to +6.

PRACTICE EXERCISE

What is the oxidation state of the boldfaced element in each of the following: (a) P,Os;
(b) NaH; () Cr,0,%7; (d) SnBry; (e) BaO,?

Answers: (a) +5; (b) —1; (c) +6; (d) +4; (e) —1

é

Lee R. Summerlin and James L. Ealy,
Jr., “Oxidation States of Manganese:
Mn’*, Mn®", Mn*", and

Mn?",” Chemical Demonstrations,

A Sourcebook for Teachers, Vol. 1
(American Chemical Society,
Washington, DC, 1988)

pp. 133-134.

ACTIVITY
Oxidation Numbers
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A Figure 4.13 Many metals, such as
the magnesium shown here, react with
acids to form hydrogen gas. The bubbles
are due to the hydrogen gas.

6 Lee R. Summerlin, Christie L.
Borgford, and Julie B. Ealy,
“Producing Hydrogen Gas from
Calcium Metal,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988)
pp. 51-52.

6 An overhead projector demonstation
employing hydrogen gas formation.
Lee R. Summerlin and James L. Ealy,
Jr., “Activity Series for Some Metals,”
Chemical Demonstrations,
A Sourcebook for Teachers, Vol. 1
(American Chemical Society,
Washington, DC, 1988) p. 150.

SAMPLE EXERCISE 4.9

Solution

of the acid.

Solve: The formulas of the given reac-
tants are Al and HBr. The cation
formed by Al is A1**, and the anion
from hydrobromic acid is Br™. Thus,
the salt formed in the reaction is AlBr;.
Writing the reactants and products and
then balancing the equation gives

Oxidation of Metals by Acids and Salts

There are many kinds of redox reactions. For example, combustion reactions are
redox reactions because elemental oxygen is converted to compounds of oxy-
gen. = (Section 3.2) In this chapter we consider the redox reactions between
metals and either acids or salts. In Chapter 20 we will examine more complex
kinds of redox reactions.

The reaction of a metal with either an acid or a metal salt conforms to the fol-
lowing general pattern:

A+ BX — AX + B [4.25]
Examples: Zn(s) + 2HBr(aq) — ZnBry(ag) + Hy(g)
Mn(s) + Pb(NO3),(ag) — Mn(NO3),(ag) + Pb(s)

These reactions are called displacement reactions because the ion in solution is
displaced or replaced through oxidation of an element.

Many metals undergo displacement reactions with acids, producing salts
and hydrogen gas. For example, magnesium metal reacts with hydrochloric acid
to form magnesium chloride and hydrogen gas (Figure 4.13 «). To show that
oxidation and reduction have occurred, the oxidation number for each atom is
shown below the chemical equation for this reaction:

Mg(s) + 2HCl(aq) — MgCly(agq) + Hy(g), [4.26]
\ 1 0

\
(l) -5-‘1 -1 +‘2 -1 (‘)

T

Notice that the oxidation number of Mg changes from 0 to +2. The increase in
the oxidation number indicates that the atom has lost electrons and has therefore
been oxidized. The H" ion of the acid decreases in oxidation number from +1 to
0, indicating that this ion has gained electrons and has therefore been reduced.
The oxidation number of the Cl™ ion remains —1, and it is a spectator ion in the
reaction. The net ionic equation is as follows:

Mg(s) + 2H™(aq) — Mg**(ag) + Hy(g) [4.27]

Metals can also be oxidized by aqueous solutions of various salts. Iron metal,

for example, is oxidized to Fe?" by aqueous solutions of Ni?*, such as
Ni(NO3)(aq):

Molecular equation: Fe(s) + Ni(NOjz),(ag) — Fe(NOs),(aq) + Ni(s) [4.28]

Net ionic equation: Fe(s) + Ni2"(ag) — Fe*'(ag) + Ni(s) [4.29]

The oxidation of Fe to form Fe?" in this reaction is accompanied by the reduction

of Ni?" to Ni. Remember: Whenever one substance is oxidized, some other substance
must be reduced.

Write the balanced molecular and net ionic equations for the reaction of aluminum with hydrobromic acid.

Analyze: We must write the equation for the redox reaction between a metal and an acid.
Plan: Metals react with acids to form salts and H; gas. To write the balanced equation, we must write the chemical formulas for
the two reactants and then determine the formula of the salt. The salt is composed of the cation formed by the metal and the anion

2Al(s) + 6HBr(aq) — 2AlBr3(aq) + 3H(g)
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Both HBr and AlBrj are soluble strong
electrolytes. Thus, the complete ionic
equation is

Because Br™ is a spectator ion, the net

ionic equation is 2Al(s) + 6H'(aq) — 2A1%*(ag) + 3H,(9)

PRACTICE EXERCISE

oxidized and what is reduced in the reaction?

Co?" is reduced.

The Activity Series

Can we predict whether a certain metal will be oxidized either by an acid or by
a particular salt? This question is of practical importance as well as chemical
interest. According to Equation 4.28, for example, it would be unwise to store a
solution of nickel nitrate in an iron container because the solution would dis-
solve the container. When a metal is oxidized, it appears to be eaten away as it
reacts to form various compounds. Extensive oxidation can lead to the failure of
metal machinery parts or the deterioration of metal structures.

Different metals vary in the ease with which they are oxidized. Zn is oxi-
dized by aqueous solutions of Cu", for example, but Ag is not. Zn, therefore,
loses electrons more readily than Ag; that is, Zn is easier to oxidize than Ag.

Alist of metals arranged in order of decreasing ease of oxidation is called an
activity series. Table 4.5 ¥ gives the activity series in aqueous solution for many
of the most common metals. Hydrogen is also included in the table. The metals
at the top of the table, such as the alkali metals and the alkaline earth metals, are
most easily oxidized; that is, they react most readily to form compounds. They

TABLE 4.5 Activity Series of Metals in Aqueous Solution ‘/.C

Metal Oxidation Reaction

Lithium Lis) — LiT(ag) + e~
Potassium Ks) — K'(ag) + e

Barium Ba(s) — Ba“(aq) + 2e”

Calcium Ca(s) — Ca2+(aq) + 2e”

Sodium Na(s) —> Na'(agq) + e
Magnesium Mg(s) —> Mg?*(aq) + 2e”
Aluminum Alis) — Al¥(ag) + 3e” 3
Manganese Mn(s) — Mn2*(aq) + 2e~ g
Zinc Zn(s) —> Zn>*(aq) + 2e” 8
Chromium Cr(s) — Cr3+(aq) + 3e” g
Iron Fe(s) — Fe“(uq) + 2e” 2
Cobalt Co(s) —> Co®*(aq) + 2e &
Nickel Ni(s) — Ni**(aq) + 2e kS
Tin Sn(s) — Sn?*(ag) + 2e o
Lead Pb(s) —> Pb*'(ag) + 2e” )
Hydrogen Hy(g) —— 2HT(ag) + 2e s
Copper Cu(s) —> Cu2+(aq) + 2e”

Silver Ag(s) — Agfag) + e~

Mercury Hg() — Hg>"(ag) + 2¢~

Platinum Pt(s) —— Pt*(ag) + 2e”

Gold Au(s) —> Au*'(ag) + 3e”

2Al1(s) + 6H+(aq) + 6Br (ag) — 2A13+(aq) + 6Br (ag) + 3H,(g)

Comment: The substance oxidized is the aluminum metal because its oxidation state changes from 0 to +3 in the cation, thereby
increasing in oxidation number. The H" is reduced because its oxidation state changes from +1 to 0 in H,.

(a) Write the balanced molecular and net ionic equations for the reaction between magnesium and cobalt(Il) sulfate. (b) What is

Answers: (a) Mg(s) + CoSOy(aq) —> MgSOy(aq) + Co(s); Mg(s) + C02+(aq) — Mg2+(aq) + Co(s); (b) Mg is oxidized and

6 Hydrogen gas is collected as a
product of the reaction of aluminum
with either HCl or NaOH. Lee R.
Summerlin, Christie L. Borgford, and
Julie B. Ealy, “ Making Hydrogen Gas
from an Acid and a Base,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988)
pp. 33-34.

6 Bassam Z. Shakhashiri, “An Activity
Series: Zinc, Copper, and Silver Half
Cells,” Chemical Demonstrations: A
Handbook for Teachers of Chemistry,
Vol. 4 (The University of Wisconsin
Press, Madison, 1992) pp. 101-106.

MOVIE
Oxidation-Reduction Chemistry

of Tin and Zinc

ACTIVITY
Precipitation, Redox, and

Neutralization Reactions

6 The zinc core of copper-coated
pennies reacts with acid to form
pennies that float in this
demonstration. Lee R. Summerlin,
Christie L. Borgford, and Julie B. Ealy,
“Floating Pennies,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988) p. 63.

| Elements that lie near the top of the
——J listin Table 4.5 are referred to as
active metals.

@ R. Lipkin, “What Makes Gold Such a
Noble Metal?” Science News, July 22,
1995, 62.
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MOVIE
Formation of Silver Crystals

Cu(s)

are called the active metals. The metals at the bottom of the activity series, such
as the transition elements from groups 8B and 1B, are very stable and form com-
pounds less readily. These metals, which are used to make coins and jewelry, are
called noble metals because of their low reactivity.

The activity series can be used to predict the outcome of reactions between
metals and either metal salts or acids. Any metal on the list can be oxidized by the
ions of elements below it. For example, copper is above silver in the series. Thus,
copper metal will be oxidized by silver ions, as pictured in Figure 4.14 V:

Cu(s) + 2Ag*(agq) — Cu®'(ag) + 2Ag(s) [4.30]

The oxidation of copper to copper ions is accompanied by the reduction of sil-
ver ions to silver metal. The silver metal is evident on the surface of the copper
wires in Figure 4.14(b) and (c). The copper(Il) nitrate produces a blue color in
the solution, which is most evident in part (c).

Only those metals above hydrogen in the activity series are able to react with
acids to form Hj. For example, Ni reacts with HCl(ag) to form Hj:

Ni(s) + 2HCl(agq) — NiCly(aq) + H(g) [4.31]

Because elements below hydrogen in the activity series are not oxidized by
H™, Cu does not react with HCl(aq). Interestingly, copper does react with nitric
acid, as shown previously in Figure 1.11. This reaction, however, is not a simple
oxidation of Cu by the H™ ions of the acid. Instead, the metal is oxidized to Cu**
by the nitrate ion of the acid, accompanied by the formation of brown nitrogen
dioxide, NO,(g):

Cu(s) + 4HNO3z(ag) — Cu(NOs)y(aq) + 2H,0(l) + 2NO,(g) [4.32]

What substance is reduced as copper is oxidized in Equation 4.32? In this case
the NO, results from the reduction of NO;3 ™. We will examine reactions of this
type in more detail in Chapter 20.

2AgNO;(aq) 2Ag(s) Cu(NO3),(aq)

A Figure 4.14 When copper metal is placed in a solution of silver nitrate (a), a redox
reaction occurs, forming silver metal and a blue solution of copper(ll) nitrate (b and c).
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SAMPLE EXERCISE 4.10

Will an aqueous solution of iron(Il) chloride oxidize magnesium metal? If so, write
the balanced molecular and net ionic equations for the reaction.

Solution

Analyze: We are given two substances—an aqueous salt, FeCl,, and a metal, Mg—
and asked if they react with each other.

Plan: A reaction will occur if Mg is above FeZ" in the activity series, Table 4.5. If the reac-
tion occurs, the Fe?" ion in FeCl, will be reduced to Fe, and the elemental Mg will be
oxidized to Mg?".

Solve: Because Mg is above Fe in the table, the reaction will occur. To write the formula
for the salt that is produced in the reaction, we must remember the charges on com-
mon ions. Magnesium is always present in compounds as Mg?"; the chloride ion is C1".
The magnesium salt formed in the reaction is MgCl,:

Mg(s) + FeCly(ag) —> MgCly(ag) + Fe(s)

Both FeCl, and MgCl, are soluble strong electrolytes and can be written in ionic form.
ClI7, then, is a spectator ion in the reaction. The net ionic equation is

Mg(s) + Fe?"(aq) — Mg**(ag) + Fe(s)

133

The net ionic equation shows that Mg is oxidized and Fe?" is reduced in this reaction.

PRACTICE EXERCISE

Which of the following metals will be oxidized by Pb(NO3),: Zn, Cu, Fe?

Answer: Zn and Fe

“ A Closer Look The Aura of Gold

Gold has been known since the earliest records of human exis-
tence. Throughout history people have cherished gold, have
fought for it, and have died for it.

The physical and chemical properties of gold serve to make
it a special metal. First, its intrinsic beauty and rarity make it
precious. Second, gold is soft and can be easily formed into
artistic objects, jewelry, and coins (Figure 4.15 »>). Third, gold is
one of the least active metals (Table 4.5). It is not oxidized in air
and does not react with water. It is unreactive toward basic solu-
tions and nearly all acidic solutions. As a result, gold can be
found in nature as a pure element rather than combined with
oxygen or other elements, which accounts for its early
discovery.

Many of the early studies of the reactions of gold arose
from the practice of alchemy, in which people attempted to turn
cheap metals, such as lead, into gold. Alchemists discovered
that gold can be dissolved in a 3:1 mixture of concentrated
hydrochloric and nitric acids, known as aqua regia (“royal
water”). The action of nitric acid on gold is similar to that on
copper (Equation 4.32) in that the nitrate ion, rather than HY,
oxidizes the metal to Au®>". The Cl~ ions interact with Au®* to
form highly stable AuCl, ™ ions. The net ionic equation for the
reaction of gold with aqua regia is

Au(s) + NOz (aq) + 4H(ag) + 4Cl (aq) —
AuCl,~(ag) + 2H,0() + NO(g)

All the gold ever mined would easily fit in a cube 19 m on a
side and weighing about 1.1 X 10® kg (125,000 tons). More than
90% of this amount has been produced since the beginning of the
California gold rush of 1848. Each year, worldwide production

of gold amounts to about 1.8 X 10° kg (2000 tons). By contrast,
over 1.5 X 10" kg (16 million tons) of aluminum are produced
annually. Gold is used mainly in jewelry (73%), coins (10%), and
electronics (9%). Its use in electronics relies on its excellent con-
ductivity and its corrosion resistance. Gold is used, for example,
to plate contacts in electrical switches, relays, and connections. A
typical Touch-Tone® telephone contains 33 gold-plated contacts.
Gold is also used in computers and other microelectronic devices
where fine gold wire is used to link components.

Besides its value for jewelry, currency, and electronics, gold
is also important in the health professions. Because of its resist-
ance to corrosion by acids and other substances found in sali-
va, gold is an ideal metal for dental crowns and caps, which
accounts for about 3% of the annual use of the element. The
pure metal is too soft to use in dentistry, so it is combined with
other metals to form alloys.

« Figure 4.15 Portrait of
Pharaoh Tutankhamun
(1346-1337 B.c.) made from
gold and precious stones.
From the inner coffin of the
tomb of Tutankhamun.
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\» Strategies in Chemistry Analyzing Chemical Reactions

In this chapter you have been introduced to a great number of
chemical reactions. A major difficulty that students face in trying
to master material of this sort is gaining a “feel” for what happens
when chemicals are allowed to react. In fact, you might marvel at
the ease with which your professor or teaching assistant can fig-
ure out the results of a chemical reaction. One of our goals in this
textbook is to help you become more adept at predicting the out-
come of reactions. The key to gaining this “chemical intuition” is
understanding how to categorize reactions.

There are so many individual reactions in chemistry that
memorizing them all is a futile task. It is far more fruitful to try to
use pattern recognition to determine the general category of a reac-
tion, such as metathesis or oxidation-reduction. Thus, when you
are faced with the challenge of predicting the outcome of a chem-
ical reaction, ask yourself the following pertinent questions:

o What are the reactants in the reaction?
* Are they electrolytes or nonelectrolytes?
® Are they acids and bases?

e If the reactants are electrolytes, will metathesis produce a
precipitate? Water? A gas?

¢ If metathesis cannot occur, can the reactants possibly
engage in an oxidation-reduction reaction? This requires
that there be both a reactant that can be oxidized and one
that can be reduced.

By asking questions such as these, you should be able to
predict what might happen during the reaction. You might not
always be correct, but if you keep your wits about you, you will
not be far off. As you gain experience with chemical reactions,
you will begin to look for reactants that might not be immedi-
ately obvious, such as water from the solution or oxygen from
the atmosphere.

One of the greatest tools available to us in chemistry is
experimentation. If you perform an experiment in which two
solutions are mixed, you can make observations that help you
understand what is happening. For example, using the infor-
mation in Table 4.1 to predict whether a precipitate will form
is not nearly as exciting as actually seeing the precipitate
form, as in Figure 4.4. Careful observations in the laboratory
portion of the course will make your lecture material easier
to master.

4.5 Concentrations of Solutions

S

‘/ Molarity (M) is concentration

1 expressed as moles of solute per liter
of solution, not per liter of solvent.
Students frequently confuse the
volume on which molarity is based.

ANIMATION
Solution Formation from a Solid

The behavior of solutions often depends not only on the nature of the solutes
but also on their concentrations. Scientists use the term concentration to desig-
nate the amount of solute dissolved in a given quantity of solvent or solution. The
concept of concentration is intuitive: The greater the amount of solute dissolved
in a certain amount of solvent, the more concentrated the resulting solution. In
chemistry we often need to express the concentrations of solutions quantitatively.

Molarity

Molarity (symbol M) expresses the concentration of a solution as the number of
moles of solute in a liter of solution (soln):

moles solute

Molarity = [4.33]

volume of solution in liters
A 1.00 molar solution (written 1.00 M) contains 1.00 mol of solute in every
liter of solution. Figure 4.16 » shows the preparation of 250 mL of a 1.00 M
solution of CuSO,4 by using a volumetric flask that is calibrated to hold exact-
ly 250 mL. First, 0.250 mol of CuSOy (39.9 g) is weighed out and placed in the
volumetric flask. Water is added to dissolve the salt, and the resultant solution
is diluted to a total volume of 250 mL. The molarity of the solution is
(0.250 mol CuSO,)/(0.250 L soln) = 1.00 M.

SAMPLE EXERCISE 4.11

Calculate the molarity of a solution made by dissolving 23.4 g of sodium sulfate
(NaySO,) in enough water to form 125 mL of solution.
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(a) (b) (© (d)

A Figure 4.16 Procedure for preparation of 0.250 L of 1.00 M solution of CuSOy,. (a) Weigh
out 0.250 mol (39.9 g) of CuSO,4 (formula weight = 159.6 amu). (b) Put the CuSO, (solute)
into a 250-mL volumetric flask, and add a small quantity of water. (c) Dissolve the solute by
swirling the flask. (d) Add more water until the solution just reaches the calibration mark etched
on the neck of the flask. Shake the stoppered flask to ensure complete mixing.

Solution ANIMATION
Analyze: We are given the number of grams of solute (23.4 g), its chemical formula % Dissolution of KMnOy,
(Na,ySOy), and the volume of the solution (125 mL), and we are asked to calculate the

molarity of the solution.

Plan: We can calculate molarity using Equation 4.33. To do so, we must convert the num-

ber of grams of solute to moles and the volume of the solution from milliliters to liters.

Solve: The number of moles of Na,SO;, is obtained from its molar mass.

1 mol Na,SOy4
142 g Na7;SOy

Converting the volume of the solution to liters:

Moles Na,SO,4 = (23.4 gNa;SO, )( > = 0.165 mol Na,SOy4

. _ 1L _
Liters soln = (125 M)<71000m{f) =0.125L
Thus, the molarity is
Molarity = 0.165 mol NaSO, mol NaySO, T
oAy = T 15Lsoln 07 Lsoln -

Check: Because the numerator is only slightly larger than the denominator, it’s rea-
sonable for the answer to be a little over 1 M. The units (mol/L) are appropriate for
molarity, and three significant figures are appropriate for the answer because each of
the initial pieces of data had three significant figures.

PRACTICE EXERCISE

Calculate the molarity of a solution made by dissolving 5.00 g of glucose (CgH1,0¢) in
sufficient water to form exactly 100 mL of solution.
Answer: 0.278 M

Expressing the Concentration of an Electrolyte

When an ionic compound dissolves, the relative concentrations of the ions
introduced into the solution depend on the chemical formula of the
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[@l Arthur M. Last, “A Cyclist’s Guide to
lonic Concentration,” J. Chem. Educ.,
Vol. 75, 1998, 1433.

compound. For example, a 1.0 M solution of NaCl is 1.0 M in Na" ions and
1.0 M in CI” ions. Similarly, a 1.0 M solution of Na,SOy is 2.0 M in Na* ions
and 1.0 M in SO,* ions. Thus, the concentration of an electrolyte solution can
be specified either in terms of the compound used to make the solution
(1.0 M Na,SOy) or in terms of the ions that the solution contains (2.0 M Na™*
and 1.0 M SO,%).

SAMPLE EXERCISE 4.12

What are the molar concentrations of each of the ions present in a 0.025 M aqueous solu-
tion of calcium nitrate?

Solution

Analyze: We are given the concentration of the ionic compound used to make the solu-
tion and asked to determine the concentrations of the ions in the solution.

Plan: We can use the subscripts in the chemical formula of the compound to deter-
mine the relative concentrations of the ions.

Solve: Calcium nitrate is composed of calcium ions (Ca®") and nitrate ions (NO3 ), so
its chemical formula is Ca(NOj), . Because there are two NO; ™ ions for each Ca?" ion in
the compound, each mole of Ca(NOj), that dissolves dissociates into 1 mol of Ca>" and
2 mol of NO; ™. Thus, a solution that is 0.025 M in Ca(NO3), is 0.025 M in Ca®" and
2 X 0.025 M = 0.050 M in NO;5".

Check: The concentration of NO3 ™ ions is twice that of Ca®* ions, as the subscript 2 after
the NO3™ in the chemical formula Ca(NO3), suggests it should be.

PRACTICE EXERCISE

What is the molar concentration of K™ ions in a 0.015 M solution of potassium
carbonate?
Answer: 0.030 M K*

Interconverting Molarity, Moles, and Volume

The definition of molarity (Equation 4.33) contains three quantities—molarity,
moles solute, and liters of solution. If we know any two of these, we can calcu-
late the third. For example, if we know the molarity of a solution, we can calcu-
late the number of moles of solute in a given volume. Molarity, therefore, is a
conversion factor between volume of solution and moles of solute. Calculation
of the number of moles of HNOj in 2.0 L of 0.200 M HNOj solution illustrates
the conversion of volume to moles:

0.200 mol HNOj3
Moles HNO; = (2.0 L-soln)

1 Lsoln

= 0.40 mol HNO,

Dimensional analysis can be used in this conversion if we express molarity as
moles/liter soln. To obtain moles, therefore, we multiply liters and molarity:
moles = liters X molarity.

To illustrate the conversion of moles to volume, let’s calculate the volume of
0.30 M HNOj solution required to supply 2.0 mol of HNOj:

1L soln

SO ) _ 67 Lsol
0.30meH—fNO§> som

Liters soln = (2.0 meH—fNOE)(

In this case we must use the reciprocal of molarity in the conversion:
liters = moles X 1/M.
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SAMPLE EXERCISE 4.13
How many grams of Na,SO, are required to make 0.350 L of 0.500 M Na,SO,?

Solution
Analyze: We are given the volume of the solution (0.350 L), its concentration (0.500 M), and the identity of the solute (Na,SO,) and
asked to calculate the number of grams of the solute in the solution.

Plan: We can use the definition of

molarity (Equation 4.33) to determine

the number of moles of solute, and

then convert moles to grams using the _ moles Na,SOy
molar mass of the solute: IR0 liters soln

Solve: Calculating the moles of Moles Na,SO, = liters soln X Mya,s0,

Na,SO, using the molarity and vol-

ume of solution gives: — (0.350 L soln) 0.500 mol NaSO4
1 Lsoln

= 0.175 mol Nast4

Because each mole of Na,SO, weighs

142 g, the required number of grams - NASO)
of NapSO, is Grams Na,SO4 = (0.175 mel NaySOy)

142 g Nast4

MW) =249 g Nast4

Check: The magnitude of the answer, the units, and the number of significant figures are all appropriate.

PRACTICE EXERCISE

(a) How many grams of Na,SO, are there in 15 mL of 0.50 M Na,SO,4? (b) How many milliliters of 0.50 M Na,SO, solution are need-
ed to provide 0.038 mol of this salt?
Answers: (a) 1.1 g; (b) 76 mL

Dilution
Solutions that are used routinely in the laboratory are often purchased or pre- ANIMATION
pared in concentrated form (called stock solutions). Hydrochloric acid, for exam- Solution Formation by Dilution

ple, is purchased as a 12 M solution (concentrated HCI). Solutions of lower
concentrations can then be obtained by adding water, a process called dilution.*
To illustrate the preparation of a dilute solution from a concentrated one,
suppose we wanted to prepare 250 mL (that is, 0.250 L) of 0.100 M CuSOy, solu-
tion by diluting a stock solution containing 1.00 M CuSO,. When solvent is
added to dilute a solution, the number of moles of solute remains unchanged.

Moles solute before dilution = moles solute after dilution [4.34]

Because we know both the volume and concentration of the dilute solution, we
can calculate the number of moles of CuSQOy, it contains.

mol CuSO4>

Mol CuSQy in dil soln = (0.250 L/sﬁ)<0.100 = 0.0250 mol CuSO,

Now we can calculate the volume of the concentrated solution needed to provide
0.0250 mol CuSQOy:

1L soln
1.00 mel€uSOy

L of conc soln = (0.0250 mek@uS@Z)( > = 0.0250 L

* In diluting a concentrated acid or base, the acid or base should be added to water and then further
diluted by adding more water. Adding water directly to concentrated acid or base can cause spat-
tering because of the intense heat generated.
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5 It is important to emphasize the
—J proper use of the equation
MconcVeone = MaiVaii- A common
error is to use moles, instead of
molarity, in this calculation.

5 Students may already be familiar
—J with the notation M.V, = MyVy,
where c refers to the concentrated
solution and d refers to the dilute
solution.

@ Lloyd J. McElroy, “Teaching
Dilutions,” J. Chem. Educ., Vol. 73,
1996, 765-766.

(@) (b) (©

A Figure 4.17 Procedure for preparing 250 mL of 0.100 M CuSOy, by dilution of
0.100 M CuSOy,. (a) Draw 25.0 mL of the 1.00 M solution into a pipet. (b) Add this to a
250-mL volumetric flask. (c) Add water to dilute the solution to a total volume of 250 mL.

Thus, this dilution is achieved by withdrawing 0.0250 L (that is, 25.0 mL) of the
1.0 M solution using a pipet, adding it to a 250-mL volumetric flask, and then
diluting it to a final volume of 250 mL, as shown in Figure 4.17 A. Notice that the
diluted solution is less intensely colored than the concentrated one.

In laboratory situations, calculations of this sort are often made very quick-
ly with a simple equation that can be derived by remembering that the number
of moles of solute is the same in both the concentrated and dilute solutions and
that moles = molarity X liters:

Moles solute in conc soln = moles solute in dil soln
Meone X Veone = Man X Vai [4.35]

The molarity of the more concentrated stock solution (M) is always larger
than the molarity of the dilute solution (Mg;)). Because the volume of the solution
increases upon dilution, Vy; is always larger than V.. Although Equation 4.35
is derived in terms of liters, any volume unit can be used so long as that same
unit is used on both sides of the equation. For example, in the calculation we
did for the CuSO, solution, we have

(1.00 M)(Viore) = (0.100 M)(250 mL)

Solving for Vo gives Vone = 25.0 mL as before.

SAMPLE EXERCISE 4.14
How many milliliters of 3.0 M H,SO, are needed to make 450 mL of 0.10 M H,SO,?

Solution

Analyze: We need to dilute a concentrated solution. We are given the molarity of a
more concentrated solution (3.0 M) and the volume and molarity of a more dilute one
containing the same solute (450 mL of 0.10 M solution). We must calculate the volume
of the concentrated solution needed to prepare the dilute solution.

Plan: We can calculate the number of moles of solute, H,SOy, in the dilute solution and
then calculate the volume of the concentrated solution needed to supply this amount
of solute. Alternatively, we can directly apply Equation 4.35. Let’s compare the two
methods.

Solve: Calculating the moles of H,SO, in the dilute solution:

0.10 mol HzSO4

Moles H,SO, in dilute solution = (0.450 Lsoiﬁ)( 1 Lsoln ) = 0.045mol H,SO,4
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Calculating the volume of concentrated solution that contains 0.045 mol H,SOy:
1L soln

30134611%25@1) = 0.015 L soln

L conc soln = (0.045 mel H3SO, )(

Converting liters to milliliters gives 15 mL.
If we apply Equation 4.35, we get the same result:

(3.0 M)(Vegne) = (0.10 M)(450 mL)

(0.10 M)(450 mL)
onc = =~ =15mL
3.0 M
Either way, we see that if we start with 15 mL of 3.0 M H,SO, and dilute it to a total @ Irwin L. Shaprio, “On the Use of
volume of 450 mL, the desired 0.10 M solution will be obtained. Intravenous Solutions to Teach Some
Check: The calculated volume seems reasonable because a small volume of concen- Principles of Solution Chemistry,” /.
trated solution is used to prepare a large volume of dilute solution. Chem. Educ., Vol. 59, 1982, 725.

PRACTICE EXERCISE

(a) What volume of 2.50 M lead nitrate solution contains 0.0500 mol of Pb2"? (b) How
many milliliters of 5.0 M K,Cr,0O; solution must be diluted to prepare 250 mL of 0.10 M
solution? (c¢) If 10.0 mL of a 10.0 M stock solution of NaOH is diluted to 250 mL, what
is the concentration of the resulting solution?

Answers: (a) 0.0200L = 20.0 mL; (b) 5.0 mL; (c) 0.40 M

4.6 Solution Stoichiometry and Chemical Analysis

Imagine that you have to determine the concentrations of several ions in a sam-
ple of lake water. Although many instrumental methods have been developed
for such analyses, chemical reactions such as those discussed in this chapter con-
tinue to be used. In Chapter 3 we learned that if you know the chemical equa-
tion and the amount of one reactant consumed in the reaction, you can calculate
the quantities of other reactants and products. In this section we briefly explore
such analyses of solutions.

Recall that the coefficients in a balanced equation give the relative number
of moles of reactants and products. (Section 3.6) To use this information, we
must convert the quantities of substances involved in a reaction into moles. When
we are dealing with grams of substances, as we were in Chapter 3, we use the
molar mass to achieve this conversion. When we are working with solutions of
known molarity, however, we use molarity and volume to determine the num-
ber of moles (moles solute = M X L). Figure 4.18 ¥ summarizes this approach
to using stoichiometry.

Laboratory units Chemical units Laboratory units
Grams Use Moles Volume or
of molar of —Uni?)l]\/AL molarity of
substance A mass of A substance A - substance A
Use stoichiometric
coeffiecients of A and B
Grams Use Moles Volume or
of molar of Uni?)l]\//IL: molarity of
substance B mass of A substance B substance B
A Figure 4.18 Outline of the procedure used to solve stoichiometry problems that (/’c

involve measured (laboratory) units of mass, solution concentration (molarity), or volume.
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SAMPLE EXERCISE 4.15

How many grams of Ca(OH), are needed to neutralize 25.0 mL of 0.100 M HNO3?

Solution

Analyze: The reactants are an acid, HNO3, and a base, Ca(OH),. The volume and molarity of HNOj are given, and we are asked
how many grams of Ca(OH), are needed to neutralize this quantity of HNOj3.

Plan: We can use the molarity and vol-
ume of the HNOj solution to calculate
the number of moles of HNO;3;. We
then use the balanced equation to
relate the moles of HNOj to moles of
Ca(OH),. Finally, we can convert
moles of Ca(OH), to grams. These
steps can be summarized as follows:

Solve: The product of the molar con-
centration of a solution and its volume
in liters gives the number of moles of
solute:

Because this is an acid-base neutral-
ization reaction, HNOj; and Ca(OH),
react to form H,O and the salt con-
taining Ca?* and NO;:

Thus, 2 mol HNO3 = 1 mol Ca(OH),.
Therefore,

LHNO3 X MHNO3 = mol HNO3 = mol Ca(OH)z = g Ca(OH)2

mol HNO;
Moles HNO3 = Lyno, X Mpuno, = (0.0250E){ 0.100—————

L
= 250 X 1073 mol HNO,

2HNO5(aq) + Ca(OH)y(s) — 2H,0(l) + Ca(NOs),(aq)

1 melCa(OH), )( 74.1 g Ca(OH), )
2 mel HNO; 1 molCa(OH),

Grams Ca(OH), = (2.50 X 1073 M@g)(

= 0.0926 g Ca(OH),

Check: The size of the answer is reasonable. A small volume of dilute acid will require only a small amount of base to neutralize it.

PRACTICE EXERCISE

(a) How many grams of NaOH are needed to neutralize 20.0 mL of 0.150 M H,SO, solution? (b) How many liters of 0.500 M
HCl(aq) are needed to react completely with 0.100 mol of Pb(NO3),(ag), forming a precipitate of PbCl,(s)?

Answers: (a) 0.240 g; (b) 0.400 L

ANIMATION
Acid-Base Titration

| The equivalence point of a titration is
L—! the point where the stoichiometrically
correct number of moles of each
reactant is present. The end point of a
titration is the point where the
indicator changes. They are not the
same, although we choose an
indicator that will change as close to
the equivalence point as possible.

6 Bassam Z. Shakhashiri, “Colorful
Acid-Base Indicators,” Chemical
Demonstrations: A Handbook for
Teachers of Chemistry, Vol. 3 (The
University of Wisconsin Press,
Madison, 1989) pp. 33-40.

Titrations

To determine the concentration of a particular solute in a solution, chemists often
carry out a titration, which involves combining a sample of the solution with a
reagent solution of known concentration, called a standard solution. Titrations
can be conducted using acid-base, precipitation, or oxidation-reduction reac-
tions. Suppose we have an HCl solution of unknown concentration and an NaOH
solution we know to be 0.100 M. To determine the concentration of the HCl solu-
tion, we take a specific volume of that solution, say 20.00 mL. We then slowly add
the standard NaOH solution to it until the neutralization reaction between the
HCI and NaOH is complete. The point at which stoichiometrically equivalent
quantities are brought together is known as the equivalence point of the titration.

In order to titrate an unknown with a standard solution, there must be some
way to determine when the equivalence point of the titration has been reached.
In acid-base titrations, dyes known as acid-base indicators are used for this pur-
pose. For example, the dye known as phenolphthalein is colorless in acidic solu-
tion but is pink in basic solution. If we add phenolphthalein to an unknown
solution of acid, the solution will be colorless, as seen in Figure 4.19(a) ». We
can then add standard base from a buret until the solution barely turns from col-
orless to pink, as seen in Figure 4.19(b). This color change indicates that the acid
has been neutralized and the drop of base that caused the solution to become
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(@) (b)

A Figure 4.19 Change in appearance of a solution containing phenolphthalein indicator
as base is added. Before the end point, the solution is colorless (a). As the end point is
approached, a pale pink color forms where the base is added (b). At the end point, this pale
pink color extends throughout the solution after the mixing. As even more base is added,
the intensity of the pink color increases (c).

colored has no acid to react with. The solution therefore becomes basic, and the
dye turns pink. The color change signals the end point of the titration, which usu-
ally coincides very nearly with the equivalence point. Care must be taken to
choose indicators whose end points correspond to the equivalence point of the
titration. We will consider this matter in Chapter 17. The titration procedure is
summarized in Figure 420 V.

= =
| Initial volume
ig reading
— E r
¢ ﬂﬁi ___— Buret omwgc
20.0 mL of NS
acid 1%‘
solution IE Standard
; NaOH Final volume
Pipet !E solution reading
Neutralized
v
)y I 20.0 mL of solution
/s / acid (indicator
b\ solution has changed
. color)
N =
(@) (b) ©

A Figure 4.20 Procedure for titrating an acid against a standardized solution of NaOH.
(a) A known quantity of acid is added to a flask. (b) An acid-base indicator is added, and
standardized NaOH is added from a buret. (c) Equivalence point is signaled by a color
change in the indicator.

(©

6 Bassam Z. Shakhashiri, “Rainbow
Colors with Mixed Acid-Base
Indicators,” Chemical Demonstrations:
A Handbook for Teachers of Chemistry,
Vol. 3 (The University of Wisconsin
Press, Madison, DC, 1989)
pp. 41-46.

ACTIVITY
Acid-Base Titration
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Bassam Z. Shakhashiri, “Acid-Base
Indicators Extracted from Plants,”
Chemical Demonstrations: A
Handbook for Teachers of Chemistry,
Vol. 3 (The University of Wisconsin
Press, Madison, 1989) pp. 50-57.

Ara S. Kooser, Judith L. Jenkins, and
Lawrence E. Welch, “Acid-Base
Indicators: a New Look at an Old
Topic,” J. Chem. Educ., Vol. 78, 2001,
1504-1506.

Infusions from a series of herbal teas
provide a source of natural pH
indicators in this simple
demonstration. Dianne N. Epp,

“Teas as Natural Indicators,” J. Chem.

Educ., Vol. 70, 1993, 326.

SAMPLE EXERCISE 4.17

One commercial method used to peel potatoes is to soak them in a solution of NaOH for a short time, remove them from the
NaOH, and spray off the peel. The concentration of NaOH is normally in the range of 3 to 6 M. The NaOH is analyzed periodi-
cally. In one such analysis, 45.7 mL of 0.500 M H,SOy is required to neutralize a 20.0-mL sample of NaOH solution. What is the
concentration of the NaOH solution?

Solution
Analyze: We are given the volume (45.7 mL) and molarity (0.500 M) of an H,SO, solution that reacts completely with a 20.0-mL
sample of NaOH. We are asked to calculate the molarity of the NaOH solution.

Plan: We can use the volume and molarity of the H,SO, to calculate the number of moles of this substance. Then, we can use this
quantity and the balanced equation for the reaction to calculate the number of moles of NaOH. Finally, we can use the moles of
NaOH and the volume of this solution to calculate molarity.

SAMPLE EXERCISE 4.16
The quantity of CI™ in a water supply is determined by titrating the sample with Ag™.

Ag(aq) + ClI™(aq) — AgCl(s)

(a) How many grams of chloride ion are in a sample of the water if 20.2 mL of 0.100 M
Ag*is needed to react with all the chloride in the sample? (b) If the sample has a mass
of 10.0 g, what percent CI™ does it contain?

Solution
Analyze We are given the volume (20.2 mL) and molarlty (0.100 M) of a solution of
Ag" and the chemical equation for reaction of this ion with C1~. We are asked first to
calculate the number of grams of CI™ in the sample and, second, to calculate the mass
percent of C1™ in the sample.

(a) Plan: We begm by using the volume and molarity of Ag" to calculate the
number of moles of Ag" used in the titration. We can then use the balanced equation
to determine the moles of Cl™ and from that the grams of CI".

Solve:
1 Lsoln mol Ag+)
1 Agt = | ssolm)| ————— 100———
Mol Ag (ZOZIHLSO‘IH)(NOO —so‘Iﬁ)(O 00 L soln
=2.02 X 10 mol Ag*

From the balanced equation we see that 1 mol AgJr
tion and the molar mass of Cl, we have

1 motCl™ ) ( 355gCl-
1 molAg* /\1 mol€l™

(b) Plan: To calculate the percentage of CI” in the sample, we compare the number
of grams of Cl~ in the sample, 7.17 X 10 2 g, with the original mass of the sample, 10.0 g.

= 1 mol CI". Using this informa-

Grams Cl~ = (2.02 X 1072 me}—Ag*')< ) =717x102gCl"

Solve:

717 x10%g -
%Cl~ = ————= X 100% = 0.717% Cl
100¢g

Comment: Chloride ion is one of the most common ions in water and sewage. Ocean
water contains 1.92% CI”. Whether water containing CI tastes salty depends on the
other ions present. If the only accompanying ions are Na*, a salty taste may be detect-
ed with as little as 0.03% CI ™.

PRACTICE EXERCISE

A sample of an iron ore is dissolved in acid, and the iron is converted to FeZ". The
sample is then titrated with 47.20 mL of 0.02240 M MnO, " solution. The oxidation-
reduction reaction that occurs during titration is as follows: MnO, (ag) + 5Fe2+(aq) +
8H*(ag) — Mn?*(ag) + 5Fe’*(ag) + 4H,O(l) (a) How many moles of MnO,~ were
added to the solution? (b) How many moles of Fe?" were in the sample? (c) How many
grams of iron were in the sample? (d) If the sample had a mass of 0.8890 g, what is the

percentage of iron in the sample7
Answers: (a) 1.057 X 10> mol MnOy; (b) 5.286 X 10~ mol Fe?*; (¢) 0.2952 g; (d) 33.21%
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Solve: The number of moles of H,SO4

and molarity of this solution: 5
=228 X 10 mol H2504
Acids react with metal hydroxides to
form water and a salt. Thus, the bal-
anced equation for the neutralization

- 1 Lsoln
is given by the product of the volume Moles H,S04 = (45.7 IH—ESUIH)( 1000 m]:soiﬁ)(o'SO

reaction is H,SO4(aq) + 2NaOH(agq) — 2H,0(I) + NaySOy(aq)

According to the balanced equation, _ =
L mol HySO, = 2 mol NaOHL There, ~ Moles NaOH = (2.28 X 10 Z,melfoism)(

fore, = 4.56 X 1072 mol NaOH

Knowing the number of moles of

2 mol NaOH

1 molH5S0,

Lsoln

)

0 mol H2504>

1000 mEsoln’

, ~ molNaOH _ (456 X 102 mol NaOH
NaOH present in 20.0 mL of solution ~ Molarity NaOH = === "= = 20.0 ML soln 1L soln
allows us to calculate the molarity of
this solution:
_ g MOINaOH _ gy
L soln

PRACTICE EXERCISE

What is the molarity of an NaOH solution if 48.0 mL is needed to neutralize 35.0 mL of 0.144 M H,50,?

Answer: 0.210 M

SAMPLE INTEGRATIVE EXERCISE 4: Putting Concepts Together

Note: Integrative exercises require skills from earlier chapters as well as ones from the
present chapter.

A sample of 70.5 mg of potassium phosphate is added to 15.0 mL of 0.050 M sil-
ver nitrate, resulting in the formation of a precipitate. (a) Write the molecular equation
for the reaction. (b) What is the limiting reactant in the reaction? (c) Calculate the the-
oretical yield, in grams, of the precipitate that forms.

Solution (a) Potassium phosphate and silver nitrate are both ionic compounds. Potas-
sium phosphate contains K™ and PO,>" ions, so its chemical formula is K3POy. Silver
nitrate contains Ag* and NO;3 ™ ions, so its chemical formula is AgNOj;. Because both
reactants are strong electrolytes, the solution contains K, PO437, Ag*, and NO;™ ions
before the reaction occurs. According to the solubility guidelines in Table 4.1, Ag+ and
PO,% form an insoluble compound, so AgsPO, will precipitate from the solution. In
contrast, K* and NO;~ will remain in solution because KNO; is water soluble. Thus,
the balanced molecular equation for the reaction is

K3POy(aq) + 3AgNO3(ag) —> AgzPOy(s) + 3KNO;5(ag)

(b) To determine the limiting reactant, we must examine the number of moles of
each reactant. (Section 3.7) The number of moles of K3POy, is calculated from the
mass of the sample using the molar mass as a conversion factor. (Section 3.4) The
molar mass of K3POy is 3(39.1) + 31.0 + 4(16.0) = 212.3 g/mol. Converting mil-
ligrams to grams and then to moles, we have

1073 g/KgPO4) ( 1 mol K;PO,
1 mgK5PO, /\212.3 g K;PO,

(70.5 ,mngngOZ)( > = 3.32 X 107* mol K;PO,

We determine the number of moles of AgNO; from the volume and molarity of the solu-

tion. (Section 4.5) Converting milliliters to liters and then to moles, we have
1073 1\ / 0.050 mol AgNO3> 4
. " =75 X 10"
(15.0 mL)( Tl )< T 7.5 X 107" mol AgNO3

Comparing the amounts of the two reactants, we find that there are
(7.5 X 10 %)/(3.32 X 107*) = 2.3 times as many moles of AgNOj as there are moles
of K3PO,. According to the balanced equation, however, 1 mol K3PO, requires 3 mol
of AgNOj. Thus, there is insufficient AgNOj to consume the K;PO,, and AgNOj is
the limiting reactant.

)
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(0) The precipitate is AgzPO,4, whose molar mass is 3(107.9) + 31.0 + 4(16.0) =
418.7 g/mol. To calculate the number of grams of AgzPO, that could be produced in
this reaction (the theoretical yield), we use the number of moles of the limiting reac-
tant, converting mol AgNO3; = mol AgzPO, = g AgzPO,. We use the coefficients in
the balanced equation to convert moles of AgNOj to moles AgzPO,, and we use the
molar mass of Ags;PO, to convert the number of moles of this substance to grams.

1 melAgzPOy )(418.7 g AgsPOy
3 molAgNOj; /\ 1 moelAgzPOy

(7.5 x 1074 ,me;—AgNag)( ) = 0.10 g AgzPOy

The answer has only two significant figures because the quantity of AgNOj is given

Summary and Key Terms

to only two significant figures.

Introduction and Section 4.1  Solutions in which water
is the dissolving medium are called aqueous solutions.
The component of the solution that is in the greater quan-
tity is the solvent. The other components are solutes.

Any substance whose aqueous solution contains ions
is called an electrolyte. Any substance that forms a solution
containing no ions is a nonelectrolyte. Those electrolytes
that are present in solution entirely as ions are strong elec-
trolytes, whereas those that are present partly as ions and
partly as molecules are weak electrolytes. Ionic compounds
dissociate into ions when they dissolve, and they are strong
electrolytes. Most molecular compounds are nonelectrolytes,
although some are weak electrolytes and a few are strong
electrolytes. When representing the ionization of a weak
electrolyte in solution, a double arrow is used, indicating
that the forward and reverse reactions can achieve a chem-
ical balance called a chemical equilibrium.

Section 4.2 Precipitation reactions are those in which
an insoluble product, called a precipitate, forms. Solubil-
ity guidelines help determine whether or not an ionic com-
pound will be soluble in water. (The solubility of a
substance is the amount that dissolves in a given quanti-
ty of solvent.) Reactions such as precipitation reactions, in
which cations and anions appear to exchange partners, are
called exchange reactions, or metathesis reactions.

Chemical equations can be written to show whether
dissolved substances are present in solution predominant-
ly as ions or molecules. When the complete chemical for-
mulas of all reactants and products are used, the equation
is called a molecular equation. A complete ionic equation
shows all dissolved strong electrolytes as their component
ions. In a net ionic equation, those ions that go through
the reaction unchanged (spectator ions) are omitted.

Section 4.3 Acids and bases are important electrolytes.
Acids are proton donors; they increase the concentration
of H"(aq) in aqueous solutions to which they are added.
Bases are proton acceptors; they increase the concentra-
tion of OH (a9) in aqueous solutions. Those acids and
bases that are strong electrolytes are called strong acids
and strong bases, respectively. Those that are weak elec-

trolytes are weak acids and weak bases. When solutions
of acids and bases are mixed, a neutralization reaction re-
sults. The neutralization reaction between an acid and a
metal hydroxide produces water and a salt. Gases can also
be formed as a result of acid-base reactions. The reaction
of a sulfide with an acid forms H,S(g); the reaction be-
tween a carbonate and an acid forms CO,(g).

Section 4.4 Oxidation is the loss of electrons by a sub-
stance, whereas reduction is the gain of electrons by a sub-
stance. Oxidation numbers help us keep track of electrons
during chemical reactions and are assigned to atoms by
using specific rules. The oxidation of an element results in
an increase in its oxidation number, whereas reduction is
accompanied by a decrease in oxidation number. Oxida-
tion is always accompanied by reduction, giving
oxidation-reduction, or redox, reactions.

Many metals are oxidized by O, acids, and salts. The
redox reactions between metals and acids and between
metals and salts are called displacement reactions. The
products of these displacement reactions are always an
element (H; or a metal) and a salt. Comparing such reac-
tions allows us to rank metals according to their ease of
oxidation. A list of metals arranged in order of decreasing
ease of oxidation is called an activity series. Any metal on
the list can be oxidized by ions of metals (or H") below it
in the series.

Section 4.5 The composition of a solution expresses the
relative quantities of solvent and solutes that it contains.
One of the common ways to express the concentration of
a solute in a solution is in terms of molarity. The molarity
of a solution is the number of moles of solute per liter of
solution. Molarity makes it possible to interconvert solu-
tion volume and number of moles of solute. Solutions of
known molarity can be formed either by weighing out the
solute and diluting it to a known volume or by the dilution
of a more concentrated solution of known concentration
(a stock solution). Adding solvent to the solution (the
process of dilution) decreases the concentration of the
solute without changing the number of moles of solute in
the solution (M one X Veone = Mai X Vai)-



Section 4.6 In the process called titration, we react a so-
lution of known concentration (a standard solution) with
a solution of unknown concentration in order to determine
the unknown concentration or the quantity of solute in the
unknown. The point in the titration at which stoichiomet-
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rically equivalent quantities of reactants are brought to-
gether is called the equivalence point. An indicator can
be used to show the end point of the titration, which co-
incides closely with the equivalence point.

Electrolytes

4.1 Although pure water is a poor conductor of electricity,

CQ we are cautioned not to operate electrical appliances
around water. Why?

4.2 When asked what causes electrolyte solutions to conduct

CQ electricity, a student responds that it is due to the move-
ment of electrons through the solution. Is the student cor-
rect? If not, what is the correct response?

4.3 When methanol, CH;OH, is dissolved in water, a non-

CQ conducting solution results. When acetic acid, HC,H30,,
dissolves in water, the solution is weakly conducting and
acidic in nature. Describe what happens upon dissolution
in the two cases, and account for the different results.

4.4 We have learned in this chapter that many ionic solids
dissolve in water as strong electrolytes, that is, as sepa-

CQ rated ions in solution. What properties of water facilitate
this process?

4.5 Specify how each of the following strong electrolytes ion-
izes or dissociates into ions upon dissolving in water:
(a) ZnCl,; (b) HNOj3; (c) K,SOy; (d) Ca(OH),.

4.6 Specify how each of the following strong electrolytes ion-
izes or dissociates into ions upon dissolving in water:
(a) Mgl,; (b) AI(INO3)3; () HCIO; (d) (NH4),SOy,.

4.7 Aqueous solutions of three different substances, AX, AY,
and AZ are represented by the three diagrams below.

CQ Identify each substance as a strong electrolyte, weak elec-
trolyte, or nonelectrolyte.
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4.8 The two diagrams represent aqueous solutions of two

CQ different substances, AX and BY. Are these substances
strong electroytes, weak electrolytes, or nonelectrolytes?
Which do you expect to be the better conductor of elec-
tricity? Explain.
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4.9 Formic acid, HCHO,, is a weak electrolyte. What solute
CQ particles are present in an aqueous solution of this com-
pound? Write the chemical equation for the ionization of
HCHO:,.
4.10 Acetone, CH3;COCHj3, is a nonelectrolyte; hypochlorous
CQ acid, HCIO, is a weak electrolyte; and ammonium chlo-
ride, NH4Cl, is a strong electrolyte. (a) What are the solute
particles present in aqueous solutions of each compound?
(b) If 0.1 mol of each compound is dissolved in solution,
which one contains 0.2 mol of solute particles, which con-
tains 0.1 mol of solute particles, and which contains some-
where between 0.1 and 0.2 mol of solute particles?

Precipitation Reactions and Net lonic Equations

4.11 Using solubility guidelines, predict whether each of the
following compounds is soluble or insoluble in water:
(a) NiCly; (b) Ag,S; (c) Cs3POy; (d) SrCO5;
(e) (NH4)2804 .

4.12 Predict whether each of the following compounds is sol-
uble in water: (a) Ni(OH),; (b) PbSOy; (c¢) Ba(NOs),;
(d) AIPO4, (e) AgC2H302.

4.13 Will precipitation occur when the following solutions are
mixed? If so, write a balanced chemical equation for the

reaction. (a) Na,CO3; and AgNOj;; (b) NaNOj and
NiSO4,' (C) FESO4 and Pb(NO3)2

4.14 Identify the precipitate (if any) that forms when the fol-
lowing solutions are mixed, and write a balanced equa-
tion for each reaction. (a) Sn(NO3), and NaOH; (b) NaOH
and KzSO4, (C) NaZS and CU(C2H3OZ)2.

4.15 Write the balanced complete ionic equations and net ionic
equations for the reactions that occur when each of the
following solutions is mixed.

(a) NayCO3(aq) and MgSQOy(aq)
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4.16

4.17

4.18
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(b) Pb(NO3),(ag) and Na,S(ag)

(c) (NH4)3PO4(aq) and CaClz(aq)

Write balanced net ionic equations for the reactions that
occur in each of the following cases. Identify the specta-
tor ion or ions in each reaction.

(@) Cry(SO4)3(aq) + (NH4),CO3(aq) —

(b) AgNO3(ag) + K,S04(aq) —

() Pb(NO3),(aq) + KOH(ag) —

Separate samples of a solution of an unknown salt are
treated with dilute solutions of HBr, H,SO,4, and NaOH.
A precipitate forms only with H,SO,. Which of the fol-
lowing cations could the solution contain: K*; Pb%*; Ba?"?
Separate samples of a solution of an unknown ionic com-
pound are treated with dilute AgNOj3;, Pb(NO3),, and

4.19
cQ

4.20
cQ

BaCl,. Precipitates form in all three cases. Which of the
following could be the anion of the unknown salt: Br~;
CO;3*;NO; 72

The labels have fallen off two bottles, one containing
Mg(NO3), and the other containing Pb(NOj3),. You have
a bottle of dilute H,SO,4. How could you use it to test a
portion of each solution to identify which solution is
which?

You know that an unlabeled bottle contains one of the
following: AgNOj3, CaCl,, or Aly(SOy4);. A friend sug-
gests that you test a portion of the bottle with Ba(NO3),
and then with NaCl. What behavior would you expect
when each of these compounds is added to the unlabeled
bottle?

Acid-Base Reactions

4.21

4.22
cQ

4.23

4.24

4.25
cQ

4.26
cQ

4.27

4.28

What is the difference between: (a) a monoprotic acid and
a diprotic acid; (b) a weak acid and a strong acid; (c) an
acid and a base?

Explain the following observations: (a) NHj; contains no
OH" ions, and yet its aqueous solutions are basic; (b) HF
is called a weak acid, and yet it is very reactive;
(c) although sulfuric acid is a strong electrolyte, an aque-
ous solution of H,SO, contains more HSO, ™ ions than
S0,2 ions. Explain.

Classify each of the following as a strong or weak acid or
base: (a) HCIOy4; (b) HCIO,; (¢) NHj3; (d) Ba(OH),.
Classify each of the following as a strong or weak acid or
base: (a) CSOH (b) H3PO4; (C) HC7H5OZ (d) H2504.

Label each of the following substances as an acid, base,
salt, or none of the above. Indicate whether the substance
exists in aqueous solution entirely in molecular form, en-
tirely as ions, or as a mixture of molecules and ions.
(a) HF; (b) acetonitrile, CH3CN (c) NaClOy; (d) Ba(OH),.
An aqueous solution of an unknown solute is tested with
litmus paper and found to be acidic. The solution is weak-
ly conducting compared with a solution of NaCl of the
same concentration. Which of the following substances
could the unknown be: KOH, NH;, HNO;, KCIO,,
H;PO5;, CH3COCHj ; (acetone)?

Classify each of the following substances as a nonelec-
trolyte, weak electrolyte, or strong electrolyte in water:
(a) H,SO3; (b) C,H5OH (ethanol); (c) NH3; (d) KCIO3;
(e) Cu(NO3),.

Classify each of the following aqueous solutions as a non-
electrolyte, weak electrolyte, or strong electrolyte:
(a) HBrO; (b) HNO;3; (c) KOH; (d) CH3COCHj  (acetone);
(e) CoSOy; (f) C1o,H»,Oqq (sucrose).

4.29

4.30

4.31

4.32

4.33

4.34

Complete and balance the following molecular equations,

and then write the net ionic equation for each:

(a) HBr(aq) + Ca(OH),(aq) —

(b) Cu(OH),(s) + HClO4(ag) —>

(c) AI(OH);(s) + HNO3(aq) —

Write the balanced molecular and net ionic equations for

each of the following neutralization reactions:

(a) Aqueous acetic acid is neutralized by aqueous potas-
sium hydroxide.

(b) Solid chromium(III) hydroxide reacts with nitric acid.

(c) Aqueous hypochlorous acid and aqueous calcium
hydroxide react.

Write balanced molecular and net ionic equations for the
following reactions, and identify the gas formed in each:
(a) solid cadmium sulfide reacts with an aqueous solu-
tion of sulfuric acid; (b) solid magnesium carbonate reacts
with an aqueous solution of perchloric acid.

Write a balanced molecular equation and a net ionic equa-
tion for the reaction that occurs when (a) solid CaCO3
reacts with an aqueous solution of nitric acid; (b) solid
iron(II) sulfide reacts with an aqueous solution of hydro-
bromic acid.

Because the oxide ion is basic, metal oxides react readily
with acids. (a) Write the net ionic equation for the following
reaction:  FeO(s) + 2HCIOy(aq) —— Fe(ClOy)x(agq) +
H,O(I). (b) Based on the example in part (a), write the net
ionic equation for the reaction that occurs between NiO(s)
and an aqueous solution of nitric acid.

As K,O dissolves in water, the oxide ion reacts with water
molecules to form hydroxide ions. Write the molecular
and net ionic equations for this reaction. Based on the
definitions of acid and base, what ion is the base in this
reaction? What is the acid? What is the spectator ion in
the reaction?

Oxidation-Reduction Reactions

4.35

4.36

Define oxidation and reduction in terms of (a) electron
transfer and (b) oxidation numbers.

Can oxidation occur without accompanying reduction?
Explain.

4.37

4.38

Where, in general, do the most easily oxidized metals
occur in the periodic table? Where do the least easily ox-
idized metals occur in the periodic table?

Why are platinum and gold called noble metals? Why
are the alkali metals and alkaline earth metals called
active metals?



4.39

4.40

4.41

4.42

4.43

4.44

Determine the oxidation number for the indicated ele-
ment in each of the following substances: (a) S in SO3;
(b) C in COCl,; (¢c) Mn in MnOy~; (d) Br in HBrO; (e) As
in AS4} (f) O in Kzoz.

Determine the oxidation number for the indicated ele-
ment in each of the following compounds: (a) Ti in TiO,;
(b) Sn in SnCly; (¢) C in C,0,%7; (d) N in (NH,),SOy;
(e) N in HNO; (f) Cr in Cr,0,%".

Which element is oxidized, and which is reduced in the
following reactions?
(a) Ni(s) + Cly(g) — NiCly(s)
(b) 3Fe(NOg3),(aq) + 2Al(s) — 3Fe(s) + 2AI(NO3)3(aq)
(c) Cly(ag) + 2Nal(aq) — I,(aq) + 2NaCl(aq)
(d) PbS(s) + 4H,0,(aq) — PbSOy(s) + 4H,O(l)
Which of the following are redox reactions? For those that
are, indicate which element is oxidized and which is
reduced. For those that are not, indicate whether they are
precipitation or acid-base reactions.
(a) Cu(OH)y(s) + 2HNO;3(agq) —
Cu(NO;)y(aq) + 2H,0(I)
(b) Fe;03(s) + 3CO(g) — 2Fe(s) + 3CO,(g)
(©) Sr(NO3)(aq) + HyS04(ag) —
SrSO4(s) + 2HNOjz(ag)
(d) 4Zn(s) + 10H"(ag) + 2NO;3 (aq) —
47Zn**(aq) + N,O(g) + 5H,0(l)

Write balanced molecular and net ionic equations for
the reactions of (a) manganese with sulfuric acid;
(b) chromium with hydrobromic acid; (c) tin with hy-
drochloric acid; (d) aluminum with formic acid, HCHO,.
Write balanced molecular and net ionic equations for the
reactions of (a) hydrochloric acid with nickel; (b) sulfuric
acid with iron; (¢) hydrobromic acid with magnesium;
(d) acetic acid, HC,H30,, with zinc.

4.45

4.46

4.47
cQ

4.48
cQ
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Based on the activity series (Table 4.5), what is the out-
come of each of the following reactions?

(@) Al(s) + NiCly(aq) —

(b) Ag(s) + Pb(NOj3)y(aq) —

(0) Cr(s) + NiSOy(aq) —

(d) Mn(s) + HBr(aq) —

(e) Hz(g) + CuClz(aq) —

Using the activity series (Table 4.5), write balanced chem-
ical equations for the following reactions. If no reaction
occurs, simply write NR. (a) Iron metal is added to a solu-
tion of copper(Il) nitrate; (b) zinc metal is added to a solu-
tion of magnesium sulfate; (c) hydrobromic acid is added
to tin metal; (d) hydrogen gas is bubbled through an
aqueous solution of nickel(II) chloride; (e) aluminum
metal is added to a solution of cobalt(II) sulfate.

The metal cadmium tends to form Cd?" ions. The fol-
lowing observations are made: (i) When a strip of zinc
metal is placed in CdCl,(ag), cadmium metal is deposit-
ed on the strip. (i) When a strip of cadmium metal is
placed in Ni(NO3),(ag), nickel metal is deposited on the
strip. (a) Write net ionic equations to explain each of the
observations made above. (b) What can you conclude
about the position of cadmium in the activity series?
(c) What experiments would you need to perform to lo-
cate more precisely the position of cadmium in the ac-
tivity series?

(a) Use the following reactions to prepare an activ-
ity series for the halogens: Bry(ag) + 2Nal(ag) —
2NaBr(aq) + Ip(aq); Cly(aq) + 2NaBr(ag) —> 2NaCl(ag)
+ Bry(aq). (b) Relate the positions of the halogens in the
periodic table with their locations in this activity series.
(c) Predict whether a reaction occurs when the following
reagents are mixed: Cly(ag) and Kl(agq); Bry(aq) and
LiCl(aq).

Solution Composition; Molarity

4.49
cQ

4.50
cQ

4.51

4.52

4.53

(a) Is the concentration of a solution an intensive or an
extensive property? (b) What is the difference between
0.50 mol HCl and 0.50 M HCI?

(a) Suppose you prepare 500 mL of a 0.10 M solution of
some salt and then spill some of it. What happens to the
concentration of the solution left in the container? (b) A
certain volume of a 0.50 M solution contains 4.5 g of a
salt. What mass of the salt is present in the same volume
of a 2.50 M solution?

(a) Calculate the molarity of a solution that contains
0.0345 mol NH,Cl in exactly 400 mL of solution. (b) How
many moles of HNOj are present in 35.0 mL of a 2.20 M
solution of nitric acid? (c) How many milliliters of 1.50 M
KOH solution are needed to provide 0.125 mol of KOH?
(a) Calculate the molarity of a solution made by dissolv-
ing 0.145 mol Na,SO, in enough water to form exactly
750 mL of solution. (b) How many moles of KMnOj, are
present in 125 mL of a 0.0850 M solution? (c) How many
milliliters of 11.6 M HCl solution are needed to obtain
0.255 mol of HCI?

Calculate (a) the number of grams of solute in 0.250 L of
0.150 M KBr; (b) the molar concentration of a solution
containing 4.75 g of Ca(NO3), in 0.200 L; (c) the volume

4.54

4.55

4.56

4.57

of 1.50 M NazPOy in milliliters that contains 5.00 g of
solute.

(a) How many grams of solute are present in 50.0 mL of
0.850 M K,Cr,0;? (b) If 2.50 g of (NH,4),SO, is dissolved
in enough water to form 250 mL of solution, what is the
molarity of the solution? (¢) How many milliliters of
0.387 M CuSQO, contain 1.00 g of solute?

(a) Which will have the highest concentration of potassi-
um ion: 0.20 M KCl, 0.15 M K,CrOy, or 0.080 M K3PO,?
(b) Which will contain the greater number of moles of
potassium ion: 30.0 mL of 0.15 M K,CrOy or 25.0 mL of
0.080 M K3POy?

(a) Without doing detailed calculations, rank the follow-
ing solutions in order of increasing concentration of C1~
ions: 0.10 M CaCl,, 0.15 M KCl, a solution formed by dis-
solving 0.10 mol of NaCl in enough water to form 250 mL
of solution. (b) Which will contain the greater number of
moles of chloride ion: 40.0 mL of 0.35 M NaCl or 25.0 mL
of 0.25 M CaCl,?

Indicate the concentration of each ion or molecule pres-
ent in the following solutions: (a) 0.14 M NaOH;
(b) 0.25 M CaBr,; (¢) 0.25 M CH30H; (d) a mixture of
50.0 mL of 0.10 M KCIO3 and 25.0 mL of 0.20 M Na,SOy.
Assume the volumes are additive.
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4.58

4.59

4.60

4.61
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Indicate the concentration of each ion present in the solu-
tion formed by mixing: (a) 20 mL of 0.100 M HCI and
10.0 mL of 0.500 M HC]; (b) 15.0 mL of 0.300 M Na,SO,
and 10.0 mL of 0.200 M KCI; (c) 3.50 g of NaCl in 50.0 mL
of 0.500 M CaCl, solution. (Assume that the volumes are
additive.)

(a) You have a stock solution of 14.8 M NH;. How many
milliliters of this solution should you dilute to make
100.0 mL of 0.250 M NHj3? (b) If you take a 10.0-mL por-
tion of the stock solution and dilute it to a total volume
of 0.250 L, what will be the concentration of the final so-
lution?

(a) How many milliliters of a stock solution of 12.0 M
HNO; would you have to use to prepare 0.500 L of
0.500 M HNO3? (b) If you dilute 25.0 mL of the stock solu-
tion to a final volume of 0.500 L, what will be the con-
centration of the diluted solution?

(a) Starting with solid sucrose, C1,H,,011, describe how
you would prepare 125 mL of 0.150 M sucrose solution.

4.62

[4.63]

[4.64]

(b) Describe how you would prepare 400.0 mL of 0.100 M
C12H22011 starting with 2.00 L of 1.50 M C12H22011 .

(a) How would you prepare 100.0 mL of 0.200 M AgNO,
solution starting with pure solute? (b) An experiment
calls for you to use 250 mL of 1.0 M HNOj solution. All
you have available is a bottle of 6.0 M HNO3;. How would
you prepare the desired solution?

Pure acetic acid, known as glacial acetic acid, is a liquid
with a density of 1.049 g/mL at 25°C. Calculate the mo-
larity of a solution of acetic acid made by dissolving
20.00 mL of glacial acetic acid at 25°C in enough water to
make 250.0 mL of solution.

Glycerol, C3HgO3, is a substance used extensively in the
manufacture of cosmetics, foodstuffs, antifreeze, and plas-
tics. Glycerol is a water-soluble liquid with a density of
1.2656 g/mL at 15°C. Calculate the molarity of a solution
of glycerol made by dissolving 50.000 mL glycerol at 15°C
in enough water to make 250.00 mL of solution.

Solution Stoichiometry; Titrations

4.65

4.66

4.67

4.68

4.69

4.70

What mass of NaCl is needed to precipitate all the silver
ions from 20.0 mL of 0.100 M AgNOj solution?

What mass of NaOH is needed to precipitate all the Fe?"
ions from 25.0 mL of 0.500 M Fe(NO3), solution?

(a) What volume of 0.115 M HCIOy solution is needed to
neutralize 50.00 mL of 0.0875 M NaOH? (b) What vol-
ume of 0.128 M HCl is needed to neutralize 2.87 g of
Mg(OH),? (c) If 25.8 mL of AgNOj is needed to precip-
itate all the C1™ ions in a 785-mg sample of KCI (forming
AgCl), what is the molarity of the AgNOj3 solution? (d) If
45.3 mL of 0.108 M HCl solution is needed to neutralize
a solution of KOH, how many grams of KOH must be
present in the solution?

(a) How many milliliters of 0.120 M HCI are needed to
completely neutralize 50.0 mL of 0.101 M Ba(OH), solu-
tion? (b) How many milliliters of 0.125 M H,SO, are
needed to neutralize 0.200 g of NaOH? (c) If 55.8 mL of
BaCl, solution is needed to precipitate all the sulfate ion
in a 752-mg sample of Na,SO,, what is the molarity of
the solution? (d) If 42.7 mL of 0.208 M HCI solution is
needed to neutralize a solution of Ca(OH),, how many
grams of Ca(OH), must be in the solution?

Some sulfuric acid is spilled on a lab bench. It can be neu-
tralized by sprinkling sodium bicarbonate on it and then
mopping up the resultant solution. The sodium bicar-
bonate reacts with sulfuric acid as follows:
2NaHCOg3(s) + H,ySO4(ag) —

Nast4(616]) + 2H20(l) + 2C02(g)
Sodium bicarbonate is added until the fizzing due to the
formation of CO,(g) stops. If 27 mL of 6.0 M H,SO,4 was
spilled, what is the minimum mass of NaHCOj that must
be added to the spill to neutralize the acid?
The distinctive odor of vinegar is due to acetic acid,
HC,H30,. Acetic acid reacts with sodium hydroxide in
the following fashion:

HC,H30,(aq) + NaOH(ag) — H,0O(l) + NaC,H30,(ag)
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If 2.50 mL of vinegar needs 35.5 mL of 0.102 M NaOH to
reach the equivalence point in a titration, how many
grams of acetic acid are in a 1.00-qt sample of this
vinegar?

A sample of solid Ca(OH), is stirred in water at 30°C until
the solution contains as much dissolved Ca(OH), as it
can hold. A 100-mL sample of this solution is withdrawn
and titrated with 5.00 X 1072 M HBr. It requires 48.8 mL
of the acid solution for neutralization. What is the mo-
larity of the Ca(OH), solution? What is the solubility of
Ca(OH); in water, at 30°C, in grams of Ca(OH), per
100 mL of solution?

In the laboratory 7.52 g of Sr(NO3), is dissolved in enough
water to form 0.750 L. A 0.100-L sample is withdrawn from
this stock solution and titrated with a 0.0425 M solution of
Na,CrO,. What volume of Na,CrO, solution is needed to
precipitate all the Sr**(aq) as SrCrO4?

A solution of 100.0 mL of 0.200 M KOH is mixed with a
solution of 200.0 mL of 0.150 M NiSOy. (a) Write the bal-
anced chemical equation for the reaction that occurs.
(b) What precipitate forms? (c) What is the limiting reac-
tant? (d) How many grams of this precipitate form?
(e) What is the concentration of each ion that remains in
solution?

A solution is made by mixing 12.0 g of NaOH and
75.0 mL of 0.200 M HNOs. (a) Write a balanced equation
for the reaction that occurs between the solutes.
(b) Calculate the concentration of each ion remaining in
solution. (c) Is the resultant solution acidic or basic?

A 0.5895-g sample of impure magnesium hydroxide is
dissolved in 100.0 mL of 0.2050 M HCl solution. The ex-
cess acid then needed 19.85 mL of 0.1020 M NaOH for
neutralization. Calculate the percent by mass of magne-
sium hydroxide in the sample, assuming that it is the only
substance reacting with the HCI solution.



[4.76]

A 1.452-g sample of limestone rock is pulverized and then
treated with 25.00 mL of 1.035 M HCl solution. The excess
acid then required 15.25 mL of 0.1010 M NaOH for neu-
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tralization. Calculate the percent by mass of calcium car-
bonate in the rock, assuming that it is the only substance
reacting with the HCl solution.

Additional Exercises

4.77

4.78
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The accompanying photo shows the reaction between a
solution of Cd(NO3), and one of Na,S. What is the iden-
tity of the precipitate? What ions remain in solution?
Write the net ionic equation for the reaction.

-
e

Suppose you have a solution that might contain any or all
of the following cations: NiZ", Ag+, Sr2*, and Mn?". Addi-
tion of HCl solution causes a precipitate to form. After fil-
tering off the precipitate, H,SO, solution is added to the
resultant solution and another precipitate forms. This is
filtered off, and a solution of NaOH is added to the result-
ing solution. No precipitate is observed. Which ions are
present in each of the precipitates? Which of the four ions
listed above must be absent from the original solution?
You choose to investigate some of the solubility guide-
lines for two ions not listed in Table 4.1, the chromate ion
(CrO,4?") and the oxalate ion (C,0,27). You are given
solutions (A, B, C, D) of four water-soluble salts:

Solution Solute Color of Solution
A Na,CrOy4 Yellow

B (NH4),C,04 Colorless

C AgNO;3 Colorless

D CaCl, Colorless

When these solutions are mixed, the following observa-
tions are made:

Expt. Solutions

Number Mixed Result

1 A+ B No precipitate, yellow solution
2 A+ C Red precipitate forms

3 A+D No precipitate, yellow solution
4 B+C White precipitate forms

5 B+D White precipitate forms

6 C+D White precipitate forms

(a) Write a net ionic equation for the reaction that occurs
in each of the experiments. (b) Identify the precipitate
formed, if any, in each of the experiments. (c) Based on
these limited observations, which ion tends to form the
more soluble salts, chromate or oxalate?
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Antacids are often used to relieve pain and promote heal-
ing in the treatment of mild ulcers. Write balanced net
ionic equations for the reactions between the HCl(ag) in
the stomach and each of the following substances used in
various antacids: (a) Al(OH)s(s); (b) Mg(OH),(s);
(c) MgCOs(s); (d) NaAI(CO3)(OH),(s); (e) CaCOs(s).
Salts of the sulfite ion, SO32_, react with acids in a way sim-
ilar to that of carbonates. (a) Predict the chemical formula,
and name the weak acid that forms when the sulfite ion
reacts with acids. (b) The acid formed in part (a) decom-
poses to form water and an insoluble gas. Predict the molec-
ular formula, and name the gas formed. (c) Use a source
book such as the CRC Handbook of Chemistry and Physics to
confirm that the substance in part (b) is a gas under normal
room-temperature conditions. (d) Write balanced net ionic
equations of the reaction of HCl(aq) with (i) Na,SO3(aq),
(ii) Ag,SO5(s), (iii) KHSOj3(s), and (iv) ZnSO3(aq).

The commercial production of nitric acid involves the fol-
lowing chemical reactions:

4NH;(g) + 50,(g) — 4NO(g) + 6H,0(g)
2NO(g) + Os(g) —> 2NO,(g)
3NO,(g) + H,O(l) — 2HNO5(aq) + NO(g)

(a) Which of these reactions are redox reactions? (b) In
each redox reaction, identify the element undergoing oxi-
dation and the element undergoing reduction.

Use Table 4.5 to predict which of the following ions can
be reduced to their metal forms by reacting with zinc:
(@) Na'*(ag); (b) Pb*(ag); (c) Mg**(ag); (d) Fe*'(ag);
(e) Cu2+(aq) ; (f) A13+(aq). Write the balanced net ionic
equation for each reaction that occurs.

Titanium(IV) ion, Ti*", can be reduced to Ti®* by the care-
ful addition of zinc metal. (a) Write the net ionic equa-
tion for this process. (b) Would it be appropriate to use
this reaction as a means of including titanium in the activ-
ity series of Table 4.5? Why or why not?

Lanthanum metal forms cations with a charge of 3+. Con-
sider the following observations about the chemistry of
lanthanum: When lanthanum metal is exposed to air, a
white solid (compound A) is formed that contains lan-
thanum and one other element. When lanthanum metal
is added to water, gas bubbles are observed and a differ-
ent white solid (compound B) is formed. Both A and B
dissolve in hydrochloric acid to give a clear solution.
When the solution from either A or B is evaporated, a sol-
uble white solid (compound C) remains. If compound C
is dissolved in water and sulfuric acid is added, a white
precipitate (compound D) forms. (a) Propose identities
for the substances A, B, C, and D. (b) Write net ionic equa-
tions for all the reactions described. (c) Based on the pre-
ceding observations, what can be said about the position
of lanthanum in the activity series (Table 4.5)?

A 25.0-mL sample of 1.00 M KBr and a 75.0-mL sample of
0.800 M KBr are mixed. The solution is then heated to
evaporate water until the total volume is 50.0 mL. What
is the molarity of the KBr in the final solution?



150

4.87

4.88

4.89

4.90

Chapter 4 Aqueous Reactions and Solution Stoichiometry

Calculate the molarity of the solution produced by mix-
ing (a) 50.0 mL of 0.200 M NaCl and 75.0 mL of 0.100 M
NaCl; (b) 24.5 mL of 1.50 M NaOH and 25.5 mL of
0.750 M NaOH. (Assume that the volumes are additive.)
Using modern analytical techniques, it is possible to
detect sodium ions in concentrations as low as 50 pg/mL.
What is this detection limit expressed in: (a) molarity of
Na™; (b) Na™ ions per cubic centimeter?

Hard water contains Ca**, Mg?*, and Fe?*, which inter-
fere with the action of soap and leave an insoluble coating
on the insides of containers and pipes when heated. Water
softeners replace these ions with Na™. If 1.0 X 10°L of hard
water contains 0.010 M Ca2?" and 0.0050 M Mg2+, how
many moles of Na™ are needed to replace these ions?
Tartaric acid, H,C4H,4Og, has two acidic hydrogens. The
acid is often present in wines and precipitates from solution
as the wine ages. A solution containing an unknown con-
centration of the acid is titrated with NaOH. It requires

4.91

[4.92]

22.62 mL of 0.2000 M NaOH solution to titrate both acidic
protons in 40.00 mL of the tartaric acid solution. Write a
balanced net ionic equation for the neutralization reaction,
and calculate the molarity of the tartaric acid solution.
The concentration of hydrogen peroxide in a solution is
determined by titrating a 10.0-mL sample of the solution
with permanganate ion.

2MnOy (aq) + 5H,O5(aq) + 6H+(uq) e
2Mn**(ag) + 50,(g) + 8H,O(l)

If it takes 13.5 mL of 0.109 M MnQO, "~ solution to reach the
equivalence point, what is the molarity of the hydrogen
peroxide solution?

A solid sample of Zn(OH), is added to 0.400 L of 0.500 M
aqueous HBr. The solution that remains is still acidic. It is
then titrated with 0.500 M NaOH solution, and it takes
98.5 mL of the NaOH solution to reach the equivalence point.
What mass of Zn(OH), was added to the HBr solution?

Integrative Exercises
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Calculate the number of sodium ions in 1.00 mL of a
0.0100 M solution of sodium phosphate.

(a) By titration, 15.0 mL of 0.1008 M sodium hydroxide is
needed to neutralize a 0.2053-g sample of an organic acid.
What is the molar mass of the acid if it is monoprotic?
(b) An elemental analysis of the acid indicates that it is
composed of 5.89% H, 70.6% C, and 23.5% O by mass.
What is its molecular formula?

A 6.977-g sample of a mixture was analyzed for barium
ion by adding a small excess of sulfuric acid to an aque-
ous solution of the sample. The resultant reaction pro-
duced a precipitate of barium sulfate, which was collected
by filtration, washed, dried, and weighed. If 0.4123 g of
barium sulfate was obtained, what was the mass per-
centage of barium in the sample?

A tanker truck carrying 5.0 X 10° kg of concentrated sul-
furic acid solution tips over and spills its load. If the sul-
furic acid is 95.0% H,SO, by mass and has a density of
1.84 g/mL, how many kilograms of sodium carbonate
must be added to neutralize the acid?

A sample of 5.53 g of Mg(OH), is added to 25.0 mL of
0.200 M HNOj3. (a) Write the chemical equation for the
reaction that occurs. (b) Which is the limiting reactant in
the reaction? (¢) How many moles of Mg(OH),, HNOg3,
and Mg(NOj3), are present after the reaction is complete?
A sample of 1.50 g of lead(I) nitrate is mixed with 125 mL
of 0.100 M sodium sulfate solution. (a) Write the chemi-
cal equation for the reaction that occurs. (b) Which is the
limiting reactant in the reaction? (c) What are the con-
centrations of all ions that remain in solution after the
reaction is complete?

A mixture contains 89.0% NaCl, 1.5% MgCl,, and 8.5%
Na,SO,4 by mass. What is the molarity of CI” ions in a
solution formed by dissolving 7.50 g of the mixture in
enough water to form 500.0 mL of solution?

[4.100] The average concentration of bromide ion in seawater is

65 mg of bromide ion per kg of seawater. What is the
molarity of the bromide ion if the density of the seawa-
ter is 1.025 g/mL?

[4.101]

4.102

The mass percentage of chloride ion in a 25.00-mL sample
of seawater was determined by titrating the sample with
silver nitrate, precipitating silver chloride. It took 42.58 mL
of 0.2997 M silver nitrate solution to reach the equivalence
point in the titration. What is the mass percentage of chlo-
ride ion in the seawater if its density is 1.025 g/mL?

The arsenic in a 1.22-g sample of a pesticide was con-
verted to AsO437 by suitable chemical treatment. It was
then titrated using Ag* to form Ag3AsO, as a precipitate.
(a) What is the oxidation state of As in AsO,3? (b) Name
AgszAsO, by analogy to the corresponding compound
containing phosphorus in place of arsenic. (c) If it took
25.0mL of 0.102 M Ag+ to reach the equivalence point in
this titration, what is the mass percentage of arsenic in
the pesticide?

[4.103] A 500-mg tablet of an antacid containing Mg(OH),,

Al(OH);, and an inert “binder” was dissolved in 50.0 mL
of 0.500 M HCl. The resulting solution, which was acidic,
needed 30.9 mL of 0.255 M NaOH for neutralization.
(a) Calculate the number of moles of OH™ ions in the
tablet. (b) If the tablet contains 5.0% binder, how many
milligrams of Mg(OH), and how many of Al(OH); does
the tablet contain?

[4.104] Federal regulations set an upper limit of 50 parts per mil-

lion (ppm) of NHj in the air in a work environment (that
is, 50 molecules of NH3(g) for every million molecules in
the air). Air from a manufacturing operation was drawn
through a solution containing 1.00 X 10%> mL of 0.0105 M
HCI. The NHj; reacts with HCl as follows:

NHj(ag) + HCl(ag) — NH,Cl(ag)

After drawing air through the acid solution for 10.0 min
at a rate of 10.0 L/min, the acid was titrated. The remain-
ing acid needed 13.1 mL of 0.0588 M NaOH to reach the
equivalence point. (a) How many grams of NH; were
drawn into the acid solution? (b) How many ppm of NHj3
were in the air? (Air has a density of 1.20 g/L and an aver-
age molar mass of 29.0 g/mol under the conditions of the
experiment.) (c) Is this manufacturer in compliance with
regulations?
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The Electrolytes and Non-Electrolytes movie (eChapter
4.1) and the Aqueous Acids and Aqueous Bases movies
(eChapter 4.3) illustrate the behavior of various substances
in aqueous solution. For each of the seven substances
mentioned in the movies, write the chemical equation
that corresponds to dissolution in water. (The chemical
formula of sugar is C;,H,017.) Where appropriate, use
the double arrow notation.

In the Strong and Weak Electrolytes movie (eChapter 4.1),
the lightbulb glows brightly when the beaker contains
aqueous hydrochloric acid, but relatively dimly when the
beaker contains aqueous acetic acid. (a) For each of the
compounds in Exercise 4.3, would you expect an aqueous
solution to cause the bulb to light? If so, how brightly?
(b) Consider the use of aqueous solutions of each of the
following compounds in the apparatus shown in the
demonstration. For each compound, tell whether you
would expect the lightbulb to glow brightly, dimly, or not
at all: H2CO3; C2H5OH,' NH4C1, Can; and HF.

(a) Use the solubility rules to predict what precipitate, if
any, will form as the result of each combination.
(i) Nay,CO5(aq) and Fe(NO3),(agq); (i) NH4NO3(ag) and
K,SO4(aq); (iif) AlBr;(ag) and Fe,(SOy)s(aq); (iv) H,SO4(aq)
and Pb(NO3),(a9); (v) NayS(aq) and (NH,),SO4(aq). Use
the Tonic Compounds activity (eChapter 2.8) to check your
answers. (b) For each combination that produces a pre-
cipitate, write a balanced net ionic equation. (c) When
NH,Cl(aq) and Pb(NOs),(ag) are combined, a precipitate
forms.What ions are still present in the solution in sig-
nificant concentration after the precipitation? Explain.
In the Redox Chemistry of Tin and Zinc movie (eChapter
4.4), zinc is oxidized by a solution containing tin ions.
(a) Write the equation corresponding to this redox reac-
tion. (b) In addition to the reaction between zinc metal
and tin ions, there is another process occurring. Write the
net ionic equation corresponding to this process. (Refer to
Exercise 4.44.)

4.109

4.110
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After watching the Solution Formation from a Solid
movie (eChapter 4.5), answer the following questions: (a) If
we neglect to account for the mass of the weighing paper,
how would our calculated concentration differ from the
actual concentration of the solution? (b) Describe the
process of preparing an aqueous solution of known con-
centration, starting with a solid. (¢c) Why is it necessary to
make the solution as described in the movie, rather than
simply filling the flask up to the mark with water and
then adding the solute? (d) Describe how you would pre-
pare the solution in part (a) starting with the concentrat-
ed stock solution in the Solution Formation by Dilution
movie (eChapter 4.5).

Use the Titration simulation (eChapter 4.6) to determine
the concentration of an unknown acid by adding 0.40 M
NaOH in increments of 1.0 mL. Repeat the titration
adding increments of 0.10 mL of base near the end point.
Once more, repeat the titration, adding increments of
0.05 mL of base near the end point. If your acid is dilute
enough, repeat the titration three more times using 0.10 M
NaOH in 1.0-mL, 0.50-mL, and 0.05-mL increments.
(a) Tabulate the acid concentrations that you calculate
from your titration data. Are the values all the same? If
not, why not? (b) Which value do you consider to be most
precise and why?

(a) What is the maximum concentration of monoprotic
acid that could be titrated in the Titration simulation
(eChapter 4.6) using 0.05 M NaOH? (b) What is the max-
imum concentration of a diprotic acid that could be titrat-
ed in this simulation using 0.10 M base? (c) All of the
acid-base indicators available in the simulation change
color within a pH range of ~4 to 10.5. What effect would
the use of an indicator such as metacresol purple have
on the experimentally determined value of an unknown
acid’s concentration? (Metacresol purple changes colors
in the pH range of ~1.2 t0 2.8.)
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Thermochemistry

lants utilize solar energy to carry
out photosynthesis of carbohydrates,
which provide the energy needed for
plant growth. Among the molecules
produced by plants is ethylene.
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on energy for its exis-
tence. Any symptom of an energy shortage—rolling
blackouts of electrical power, gasoline shortages, or
big increases in the cost of natural gas—are enough

to shake people’s confidence and roil the markets.
Energy is very much a chemical topic. Nearly all of the energy on which we
depend is derived from chemical reactions, such as the combustion of fossil fuels,
the chemical reactions occurring in batteries, or the formation of biomass through
photosynthesis. Think for a moment about some of the chemical processes that
we encounter in the course of a typical day: We eat foods to produce the energy
needed to maintain our biological functions. We burn fossil fuels (coal, petrole-
um, natural gas) to produce much of the energy that powers our homes and
offices and that moves us from place to place by automobile, plane, or train. We
listen to tunes on battery-powered MP3 players.

The relationship between chemical change and energy shows up in various
ways. Chemical reactions involving foods and fuels release energy. By contrast,
the splitting of water into hydrogen and oxygen, illustrated in Figure 1.7, requires
an input of electrical energy. Similarly, the chemical process we call photosyn-
thesis, which occurs in plant leaves, converts one form of energy, radiant ener-
gy from the Sun, to chemical energy. Chemical processes can do more than simply
generate heat; they can do work, such as turning an automobile starter, power-
ing a drill, and so on. What we get from all this is that chemical change gener-
ally involves energy. If we are to properly understand chemistry,

we must also understand the energy changes that accompany
chemical change.

The study of energy and its transformations is known as
thermodynamics (Greek: thérme-, “heat”; dy’ namis, “power”). This
area of study began during the Industrial Revolution as the relation-
ships among heat, work, and the energy content of fuels were studied in
an effort to maximize the performance of steam engines. Today thermo-
dynamics is enormously important in all areas of science and engi-
neering, as we will see throughout this text. In the last couple of
chapters we have examined chemical reactions and their stoi-
chiometry. In this chapter we will examine the relationships
between chemical reactions and energy changes involv-

ing heat. This aspect of thermodynamics is called
thermochemistry. We will discuss in detail other
aspects of thermodynamics in Chapter 19.

|| Entropy and Gibbs free energy are
—J covered in Chapter 19, as are the

relationships among enthalpy,
entropy, and free energy.

» What's Ahead <«

We will discuss the nature of energy
and the forms it takes, notably kinetic
energy, potential energy, thermal ener-
gy, and chemical energy.

In the SI system, the unit of energy is
the joule, but we often make use of
an older, more familiar unit, the
calorie.

Energy is interconvertible from one
form to another, although there are
limitations and rules on these inter-
conversions. Energy can be em-
ployed to accomplish work.

We'll study the first law of thermody-
namics: Energy cannot be created or
destroyed. Energy may be trans-
formed from one form to another or
from one part of matter to another,
but the total energy of the universe
remains constant.

To explore energy changes, we focus
on a particular part of the universe,
which we call the system. Everything
else is called the surroundings. The
system possesses a certain amount of
energy that we can express as the
internal energy, E. E is called a state
function because its value depends
only on the state of a system now,
not on how it came to be in that state.

A related state function—enthalpy,
H—is useful because the change in
enthalpy, AH, measures the quantity
of heat energy gained or lost by a
system in a process.

We will also consider how to meas-
ure heat changes in chemical
processes (calorimetry), how to estab-
lish standard values for enthalpy
changes in chemical reactions, and
how to use them to calculate AH val-
ues for reactions we can’t actually
study experimentally.

We'll examine foods and fuels as
sources of energy and discuss some
related health and social issues.
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(b)

A Figure 5.1 Energy can be used to
achieve two basic types of tasks: (a) Work
is energy used to cause an object with
mass to move. (b) Heat is energy used to
cause the temperature of an object to
increase.

» Figure 5.2 A bicycle at the top of a
hill (left) has a high potential energy. Its
potential energy relative to the bottom
of the hill is mgh, where m is the mass of
the cyclist and her bicycle, h is her height
relative to the bottom of the hill, and g is
the gravitational constant, 9.8 m/s?. As
the bicycle proceeds down the hill
(right), the potential energy is converted
into kinetic energy, so the potential
energy is lower at the bottom than at the
top.

5.1 The Nature of Energy

Our discussion of thermodynamics will utilize the concepts of energy, work, and
heat. Although these terms are very familiar to us (Figure 5.1 «), we will need to
develop some precise definitions for our discussion. In particular, we need to
examine the ways in which matter can possess energy and how that energy can
be transferred from one piece of matter to another.

Kinetic Energy and Potential Energy

Objects, whether they are tennis balls or molecules, can possess kinetic energy,
the energy of motion. The magnitude of the kinetic energy, E;, of an object
depends on its mass, m, and speed, v:

E, = 3mov? [5.1]

Equation 5.1 shows that the kinetic energy increases as the speed of an object
increases. For example, a car moving at 50 miles per hour (mph) has greater
kinetic energy than it does at 40 mph. For a given speed, moreover, the kinetic
energy increases with increasing mass. Thus, a large sport-utility vehicle travel-
ing at 55 mph has greater kinetic energy than a small sedan traveling at the same
speed, because the SUV has greater mass than the sedan. Atoms and molecules
have mass and are in motion. They therefore possess kinetic energy, though it is
not apparent to us as is the kinetic energy of large-scale objects.

An object can also possess another form of energy, called potential energy,
by virtue of its position relative to other objects. Potential energy arises when
there is a force operating on an object. The most familiar force of this kind is
gravity. Think of a cyclist poised at the top of a hill, as illustrated in Figure 5.2 V.
Gravity acts upon her and her bicycle, exerting a force directed toward the cen-
ter of Earth. At the top of the hill the cyclist and her bicycle possess a certain
potential energy by virtue of their elevation. The potential energy is given by the
expression mgh, where m is the mass of the object in question (in this case the
cyclist and her bicycle), / is the height of the object relative to some reference
height, and g is the gravitational constant, 9.8 m/s?. Once in motion, without
any further effort on her part, the cyclist gains speed as the bicycle rolls down
the hill. Her potential energy decreases as she moves downward, but the ener-
gy does not simply disappear. It is converted to other forms of energy, princi-
pally kinetic energy, the energy of motion. In addition, there is friction between
the bicycle tires and the pavement and friction of motion through the air, which
generate a certain amount of heat. This example illustrates that forms of ener-
gy are interconvertible. We will have more to say later about interconversions
of energy and the nature of heat.

Gravity is an important kind of force for large objects, such as the cyclist and
Earth. Chemistry, however, deals mostly with extremely small objects—atoms




and molecules—and gravitational forces play a negligible role in the ways these
microscopic objects interact with one another. More important are forces that
arise from electrical charges. One of the most important forms of potential ener-
gy for our purposes is electrostatic energy, which arises from the interactions
between charged particles. The electrostatic potential energy, E,;, is proportion-
al to the electrical charges on the two interacting objects, Q; and Q,, and inverse-
ly proportional to the distance separating them:

Ey = % (5.2]

Here « is simply a constant of proportionality, 8.99 X 10” J-m/C? [C is the
coulomb, a unit of electrical charge. (Section 2.2)] When Q; and Q, have the
same sign (for example, both are positive), the two charges repel one another, and
E, is positive. When they have opposite signs, they attract one another and E, is
negative. We will see as we go along that more stable energies are represented
by lower or negative values, whereas less stable or repulsive energies are repre-
sented by higher or positive values. When dealing with molecular-level objects,
the electrical charges Q; and Q, are typically on the order of magnitude of the
charge of the electron (1.60 X 107 C).

One of our goals in chemistry is to relate the energy changes that we see in
our macroscopic world to the kinetic or potential energy of substances at the
atomic or molecular level. Many substances, for example, fuels, release energy
when they react. The chemical energy of these substances is due to the potential
energy stored in the arrangements of the atoms of the substance. Likewise, we
will see that the energy a substance possesses because of its temperature (its
thermal energy) is associated with the kinetic energy of the molecules in the sub-
stance. We will soon discuss the transfer of chemical and thermal energy from a
reacting substance to its surrounding environment, but first let’s revisit the units
used to measure energy.

Units of Energy

The SI unit for energy is the joule (pronounced “jool”), J, in honor of James Joule
(1818-1889), a British scientist who investigated work and heat: 1] = 1 kg—mz/ s%.
A mass of 2 kg moving at a speed of 1 m/s possesses a kinetic energy of 1J:

E = 3mo® = 3(2kg)(1 m/s)> = 1kg-m%/s? = 1]

Ajoule is not a large amount of energy, and we will often use kilojoules (kJ) in dis-
cussing the energies associated with chemical reactions.

Traditionally, energy changes accompanying chemical reactions have been
expressed in calories, a non-SI unit still widely used in chemistry, biology, and
biochemistry. A calorie (cal) was originally defined as the amount of energy
required to raise the temperature of 1 g of water from 14.5°C to 15.5°C. It is now
defined in terms of the joule:

1cal = 4.184 ] (exactly)

Arelated energy unit used in nutrition is the nutritional Calorie (note that this unit
is capitalized): 1 Cal = 1000 cal = 1 kcal.

System and Surroundings

When we use thermodynamics to analyze energy changes, we focus our atten-
tion on a limited and well-defined part of the universe. The portion we single out
for study is called the system; everything else is called the surroundings. When
we study the energy change that accompanies a chemical reaction in the labo-
ratory, the chemicals usually constitute the system. The container and every-
thing beyond it are considered the surroundings. The systems we can most
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With mass expressed in kilograms
and velocity expressed in meters per
second, kinetic energy has the units
of joules (1) =1 kg—m2 s2).

=3

S
| Total energy (E) is conserved; it can
—! be transferred between the system
and the surroundings.
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A Figure 5.3 Hydrogen and oxygen
gases in a cylinder. If we are interested
only in the properties of the gases, the
gases are the system and the cylinder
and piston are part of the surroundings.

/ Heat flows from regions of higher
L—J temperature to regions of lower
temperature.

Movement of water
up the tree

P

A Figure 5.4 Water flows from
ground level into the upper parts of the
tree.

cQ

readily study are called closed systems. A closed system can exchange energy but
not matter with its surroundings. For example, consider a mixture of hydrogen
gas, H,, and oxygen gas, O,, in a cylinder, as illustrated in Figure 5.3 «. The sys-
tem in this case is just the hydrogen and oxygen; the cylinder, piston, and every-
thing beyond them (including us) are the surroundings. If the hydrogen and
oxygen react to form water, energy is liberated:

2H,(g) + Oy(g) — 2H,0(g) + energy

Although the chemical form of the hydrogen and oxygen atoms in the system is
changed by this reaction, the system has not lost or gained mass; it undergoes no
exchange of matter with its surroundings. However, it does exchange energy
with its surroundings in the form of work and heat. These are quantities that we
can measure, as we will now discuss.

Transferring Energy: Work and Heat

Figure 5.1 illustrates two of the common ways that we experience energy changes
in our everyday lives. In Figure 5.1(a) energy is transferred from the tennis rac-
quet to the ball, changing the direction and speed of the ball’s movement. In
Figure 5.1(b) energy is transferred in the form of heat. Thus, energy is transferred
in two general ways: to cause the motion of an object against a force or to cause
a temperature change.

A force is any kind of push or pull exerted on an object. As we noted in
Figure 5.2, the force of gravity “pulls” a bicycle from the top of a hill to the bot-
tom. Electrostatic force “pulls” unlike charges toward one another or “pushes”
like charges apart. Energy used to cause an object to move against a force is called
work. The work, w, that we do in moving objects against a force equals the prod-
uct of the force, F, and the distance, d, that the object is moved:

w=FXxd [5.3]

Thus, we perform work when we lift an object against the force of gravity or
when we bring two like charges closer together. If we define the object as the
system, then we—as part of the surroundings—are performing work on that
system, transferring energy to it.

The other way in which energy is transferred is as heat. Heat is the energy
transferred from a hotter object to a colder one. A combustion reaction, such as
the burning of natural gas illustrated in Figure 5.1(b), releases the chemical ener-
gy stored in the molecules of the fuel in the form of heat. ~= (Section 3.2) The
heat raises the temperature of surrounding objects. If we define the reaction tak-
ing place as the system and everything else as the surroundings, then energy in
the form of heat is transferred from the system to the surroundings.

SAMPLE EXERCISE 5.1

The movement of water from the ground through the trunk to the upper limbs of a tree,
as illustrated in Figure 5.4 4, is an important biological process. (a) What part of the
system, if any, undergoes a change in potential energy? (b) Is work done in the process?

Solution

Analyze: The goal here is to associate movements of matter with changes in potential
energy and the performance of work.

Plan: We need to identify the parts of Figure 5.4 that change location or that seem to
have caused a change in the energy of some other part. Secondly, we must ask whether
the change in location involves a change in potential energy. Finally, does this change
in potential energy mean that work has been done?

Solve: (a) The water changes location as it moves from the ground to the upper part
of the tree. It has moved upward, against the force of gravity. This means that the
potential energy of the water has changed.




(b) Recall that work is the movement of a mass over a distance against an opposing
force. In lifting the groundwater to its upper limbs, the plant does work, just as you
would be doing work if you lifted an equivalent amount of water in a container from
the ground to some height. How the plant does this work is an interesting subject in
its own right.

Check: We have identified a positive change in the potential energy of the water with
work performed on the water, which is the correct relationship.

PRACTICE EXERCISE

Which of the following involves the larger change in potential energy? (a) A 50-kg
object is dropped to the ground from a height of 8 m. (b) A 20-kg object is lifted from
the ground to a height of 20 m.

Answers: The magnitude of the change in potential energy is the same in each case,
mgAh.* However, the sign of the change is negative in (a), positive in (b).

We can now provide a more precise definition for energy: Energy is the capac-
ity to do work or to transfer heat. We will end this section with one more example
that illustrates some of the concepts of energy that we have covered thus far.
Consider a ball of modeling clay, which we will define as the system. If we lift
the ball to the top of a wall, as shown in Figure 5.5(a) », we are doing work
against the force of gravity. The energy we transfer to the ball by doing work on
it increases its potential energy because the ball is now at a greater height. If the
ball now rolls off the wall, as in Figure 5.5(b), its downward speed increases as
its potential energy is converted to kinetic energy. When the clay ball strikes the
ground [Figure 5.5(c)], it stops moving and its kinetic energy goes to zero. Some
of the kinetic energy is used to do work in squashing the ball, and the rest is dis-
sipated to the surroundings as heat during the collision with the ground. The
“bookkeeping” of the various transfers of energy between the system and the sur-
roundings as work and heat is the focus of Section 5.2.

SAMPLE EXERCISE 5.2

Abowler lifts a 5.4-kg (12-1b) bowling ball from ground level to a height of 1.6 m (5.2
feet) and then drops the ball back to the ground. (a) What happens to the potential
energy of the bowling ball as it is raised from the ground? (b) What quantity of work,
inJ, is used to raise the ball? (c) After the ball is dropped, it gains kinetic energy. If we
assume that all of the work in part (b) is converted into kinetic energy at the point of
impact with the ground, what is the speed of the ball at the point of impact? (Note: The
force due to gravity is F = m X g, where m is the mass of the object and g is the grav-
itational constant; g = 9.8 m/ 2. )

Solution

Analyze: We need to relate the potential energy of the bowling ball to its position rel-
ative to the ground. We then need to establish the relationship between work and the
change in potential energy of the ball. Finally, we need to connect the change in poten-
tial energy when the ball is dropped with the kinetic energy attained by the ball.
Plan: We can calculate the work done in lifting the ball by using the relationship
w = F X d. We can employ Equation 5.1 to calculate the kinetic energy of the ball at
the moment of impact and from that the speed v.

Solve: (a) Because the bowling ball is raised to a greater height above the ground, its
potential energy increases. There is more energy stored in the ball at greater height
than there is at lower height. (b) The ball has a mass of 5.4 kg and it is lifted a distance
of 1.6 m. To calculate the work performed to raise the ball, we use Equation 5.3 and
F = m X g for the force due to gravity:

w=FXd=mXgXd=(54kg)(9.8 m/s?)(1.6m) = 85 kg-m?/s*> = 85]

* The symbol A is commonly used to denote change. For example, a change in height can be repre-
sented by Ah.
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A Figure 5.5 A ball of clay can be
used to show energy interconversions.
(a) At the top of the wall, the ball has
potential energy due to gravity. (b) As
the ball falls, its potential energy is
converted into kinetic energy. (c) When
the ball strikes the ground, some of the
kinetic energy is used to do work in
squashing the ball; the rest is released as
heat.

@
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Thus, the bowler has done 85 J of work to lift the ball to a height of 1.6 m. (¢c) When the
ball is dropped, its potential energy is converted to kinetic energy. At the point of
impact, we are to assume that the kinetic energy is equal to the work done in part (b),
85 J. Thus, the speed v at impact must have the value such that

E = ymv? = 85] = 85 kg-m?/s?

We can now solve this equation for v:

2E, 2(85 kg-m?/s?)
PR e, O [ (e = — 2/.2
v < - > ( 54kg 31.5m/s

v = V31.5m?%/s* = 5.6m/s

Check: Work must be done in part (b) to increase the potential energy of the ball, which
is in accord with our experiences. The units work out as they should, too, in the cal-
culations of both parts (b) and (c). The work is in units of ] and the speed in units of
m/s. In part (c) we have carried an additional digit in the intermediate calculation
involving the square root, but we report the final value to only two significant figures,
as appropriate. A speed of 1 m/s is roughly 2 mph, so the bowling ball has a speed of
greater than 10 mph upon impact.

PRACTICE EXERCISE

What is the kinetic energy, in ], of (a) an Ar atom moving with a speed of 650 m/s; (b) a
mole of Ar atoms moving with a speed of 650 m/s?

Answers: (@) 1.4 X 10727; (b) 8.4 X 10°]

5.2 The First Law of Thermodynamics

We have seen that the potential energy of a system can be converted into kinet-
ic energy, and vice versa. We have also seen that energy can be transferred back
and forth between a system and its surroundings in the forms of work and heat.
In general, energy can be converted from one form to another, and it can be trans-
ferred from one part of the universe to another. Our task is to understand how
energy exchanges of heat or work can occur between a system and its sur-
roundings. We begin with one of the most important observations in science,
that energy can be neither created nor destroyed. This universal truth, known as
the first law of thermodynamics, can be summarized by the simple statement:
Energy is conserved. Any energy that is lost by the system must be gained by the
surroundings, and vice versa. To apply the first law quantitatively, let’s first
define the energy of a system more precisely.

Internal Energy

We will use the first law of thermodynamics to analyze energy changes of chem-
ical systems. To do so, we must consider all the sources of kinetic and potential
energy in the system. The internal energy of the system is the sum of all the
kinetic and potential energy of all the components of the system. For the system
in Figure 5.3, for example, the internal energy includes the motions of the H,
and O, molecules through space, their rotations and internal vibrations. It also
includes the energies of the nuclei of each atom and of the component electrons.
We represent the internal energy with the symbol E. We generally don’t know the
actual numerical value of E. What we can hope to know, however, is AE (read
“delta E”),* the change in E that accompanies a change in the system.

* Recall that the symbol A means “change in.”
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Imagine that we start with a system with an initial internal energy, E;j;.1- The
system then undergoes a change, which might involve work being done or heat
being transferred. After the change, the final internal energy of the system is
Efina1- We define the change in internal energy, AE, as the difference between Eg;,,
and Eipjtial:

AE = Efinal — Einitial [5.4]

We don’t really need to know the actual values of Eg,5) or Ejp;441 for the system.
To apply the first law of thermodynamics, we need only the value of AE.

Thermodynamic quantities such as AE have three parts: a number and a
unit that together give the magnitude of the change, and a sign that gives the
direction. A positive value of AE results when Eg,,) > Ejjia, indicating the
system has gained energy from its surroundings. A negative value of AE is
obtained when Eg, < Ejnigar, indicating the system has lost energy to its
surroundings.

In a chemical reaction the initial state of the system refers to the reactants, and
the final state refers to the products. When hydrogen and oxygen form water, the
system loses energy to the surroundings as heat. Because heat is lost from the sys-
tem, the internal energy of the products is less than that of the reactants, and AE
for the process is negative. Thus, the energy diagram in Figure 5.6 B shows that
the internal energy of the mixture of H; and O, is greater than that of H,O.

Relating AE to Heat and Work

As we noted in Section 5.1, any system can exchange energy with its surround-
ings as heat or as work. The internal energy of a system changes in magnitude
as heat is added to or removed from the system or as work is done on it or by it.
We can use these ideas to write a very useful algebraic expression of the first law
of thermodynamics. When a system undergoes any chemical or physical change,
the accompanying change in its internal energy, AL, is given by the heat added
to or liberated from the system, g, plus the work done on or by the system, w:

AE=g+w [5.5]

Our everyday experiences tell us that when heat is added to a system or work is
done on a system, its internal energy increases. Therefore, when heat is trans-
ferred from the surroundings to the system, g has a positive value. Likewise, when
work is done on the system by the surroundings, w has a positive value (Figure
5.7 ¥). Conversely, both the heat lost by the system to the surroundings and the

<« Figure 5.7 Heat, g, absorbed by

System the system and work, w, done on the
system are both positive quantities. Both
Heatg >0 serve to increase the internal energy, E,
of the system: AE = g + w.
Surroundings
AE >0

Work w > 0

Hy(g), Ox(g)
k

AE <0 AE >0

Internal energy, E ——>

HO(l)

o

A Figure 5.6 A system composed of
H,(g) and O,(g) has a greater internal
energy than one composed of H,O(/).
The system loses energy (AE < 0) when
H, and O, are converted to H,0. It gains
energy (AE > 0) when H,O is
decomposed into H, and O,.

o
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o TABLE 5.1 Sign Conventions Used and the Relationship Among g, w, and AE

[/ Students often have difficulty
—I determining what constitutes the
system and what constitutes the
surroundings.

Sign Convention for g: Signof AE = g + w

q > 0: Heat is transferred from the
surroundings to the system

g>0andw > 0: AE > 0

‘/ A positive value of heat represents

=’ heat added to the system. A negative
value of heat represents heat
withdrawn from the system.

g > 0and w < 0: The sign of AE
depends on the magnitudes of g
and w

q < 0: Heat is transferred from the
system to the surroundings

g < O0and w > 0: The sign of AE
depends on the magnitudes of g
and w

() Sign Convention for w:

[/ ] A positive value of work represents

L—1 work done on the system. A negative
value of work represents work done
by the system.

w > 0: Work is done by the surroundings
on the system

g<Oandw < 0:AE <0
J— w < 0: Work is done by the system on

| | Students often have difficulty with
1 the sign convention in energy
calculations.

the surroundings

work done by the system on the surroundings have negative values; that is, they
lower the internal energy of the system. The relationship between the signs of g
and w and the sign of AE is presented in Table 5.1 A.*

MOVIE
Formation of Water

SAMPLE EXERCISE 5.3

The hydrogen and oxygen gases in the cylinder illustrated in Figure 5.3 are ignited. As
the reaction occurs, the system loses 1150 J of heat to the surroundings. The reaction

also causes the piston to rise as the hot gases expand. The expanding gas does 480 J of
work on the surroundings as it pushes against the atmosphere. What is the change in
the internal energy of the system?

Solution Heat is transferred from the system to the surroundings, and work is done
by the system on the surroundings. From the sign conventions for g and w (Table 5.1),
we see that both g and w are negative: ¢ = —1150 Jand w = —480 J. We can calculate
the change in the internal energy, AE, by using Equation 5.5:

AE =g+ w = (~11507) + (—4807) = —1630]

We see that 1630 J of energy has been transferred from the system to the surround-
ings, some in the form of heat and some in the form of work done on the
surroundings

PRACTICE EXERCISE

Calculate the change in the internal energy of the system for a process in which the sys-
tem absorbs 140 | of heat from the surroundings and does 85 ] of work on the sur-
roundings.

Answer: +55]

Endothermic and Exothermic Processes
| Remind students that reactions that
—J evolve heat are called exothermic.

Reactions that consume heat are
called endothermic.

When a process occurs in which the system absorbs heat, the process is called
endothermic. (Endo- is a prefix meaning “into.”) During an endothermic process,
such as the melting of ice, heat flows into the system from its surroundings. If we,

* Equation 5.5 is sometimes written AE = g — w. When written this way, work done by the system
on the surroundings is defined as positive. This convention is used particularly in many engineer-
ing applications that focus on the work done by a machine on its surroundings.
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as part of the surroundings, touch a container in which ice is melting, it feels
cold to us because heat has passed from our hands to the container.

A process in which the system evolves heat is called exothermic. (Exo- is a pre-
fix meaning “out of.”) During an exothermic process, such as the combustion of
gasoline, heat flows out of the system and into its surroundings. Figure 5.8 A
shows two further examples of chemical reactions, one endothermic and the other
highly exothermic. Notice that in the endothermic process shown in Figure 5.8(a)
the temperature in the beaker decreases. In this case the “system” is the chemical
reactants. The solution in which they are dissolved is part of the surroundings.
Heat flows from the solution, as part of the surroundings, into the reactants as
products are formed. Thus, the temperature of the solution drops.

State Functions

Although we usually have no way of knowing the precise value of the internal
energy of a system, it does have a fixed value for a given set of conditions. The con-
ditions that influence internal energy include the temperature and pressure. Fur-
thermore, the total internal energy of a system is proportional to the total quantity
of matter in the system because energy is an extensive property. == (Section 1.3)

Suppose we define our system as 50 g of water at 25°C, as in Figure 5.9 V.
The system could have arrived at this state by cooling 50 g of water from 100°C

Heating

« Figure 5.8 (a) When ammonium
thiocyanate and barium hydroxide
octahydrate are mixed at room
temperature, an endothermic reaction
occurs: 2NH4SCN(s) + Ba(OH), - 8H,0(s)
— Ba(SCN),(aq) + 2NHs(aq) +
10H,0()). As a result, the temperature of
the system drops from about 20°C to
—9°C. (b) The reaction of powdered
aluminum with Fe,O5 (the thermite
reaction) is highly exothermic. The
reaction proceeds vigorously to form
Al,O3 and molten iron: 2Al(s) + Fe,03(s)
—> AlL,O5(s) + 2Fe(/).

MOVIE
Thermite Reaction

59

ACTIVITY
Dissolution of Ammonium Nitrate

/ ’ State functions do not depend on
I pathway, only on the initial and final
states.

o

« Figure 5.9 Internal energy, a state
function, depends only on the present
state of the system and not on the path
by which it arrived at that state. The
internal energy of 50 g of water at 25°C
is the same whether the water is cooled
from a higher temperature to 25°C or is
obtained by melting 50 g of ice and then
warming it to 25°C.
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6 Bassam Z. Shakhashiri, “Evaporation
as an Endothermic Process,” Chemical
Demonstrations: A Handbook for
Teachers of Chemistry, Vol. 3
(The University of Wisconsin Press,
Madison, 1989) pp. 249-251.

ANIMATION
Work of Gas Expansion

<

P Figure 5.10 The amounts of heat
and work transferred between the system
and the surroundings depend on the
way in which the system goes from one
state to another. (a) A battery shorted
out by a wire loses energy to the
surroundings as heat; no work is
performed. (b) A battery discharged
through a motor loses energy as work (to
make the fan turn) as well as heat. The
value of AE is the same for both
processes, but the values of g and w are
different.

or by melting 50 g of ice and subsequently warming the water to 25°C. The
internal energy of the water at 25°C is the same in either case. Internal energy
is an example of a state function, a property of a system that is determined by
specifying its condition or its state (in terms of temperature, pressure, location,
and so forth). The value of a state function depends only on its present condition,
not on the particular history of the sample. Because E is a state function, AE
depends only on the initial and final states of the system, not on how the change
occurs.

An analogy may explain the difference between quantities that are state func-
tions and those that are not. Suppose you are traveling between Chicago and
Denver. Chicago is 596 ft above sea level; Denver is 5280 ft above sea level. No
matter what route you take, the altitude change will be 4684 ft. The distance you
travel, however, will depend on your route. Altitude is analogous to a state func-
tion because the change in altitude is independent of the path taken. Distance
traveled is not a state function.

Some thermodynamic quantities, such as AE, are state functions. Others,
such as g and w, are not. Although AE = g + w is a state function, the specific
amounts of heat and work produced during a change in the state of the system
depend on the way in which the change is carried out, analogous to the choice
of travel route between Chicago and Denver. Even though the individual values
of g and w are not state functions, their sum is; if changing the path from an ini-
tial state to a final state increases the value of g, it will also decrease the value of
w by exactly the same amount, and so forth.

We can illustrate this principle with the example shown in Figure 5.10 ¥ in
which we consider two possible ways of discharging a flashlight battery at
constant temperature. If the battery is shorted out by a coil of wire, no work is
accomplished because nothing is moved against a force. All the energy is lost
from the battery in the form of heat. (The wire coil will get warmer and release
heat to the surrounding air.) On the other hand, if the battery is used to make a
small motor turn, the discharge of the battery produces work. Some heat will be
released as well, although not as much as when the battery is shorted out. The
magnitudes of g and w are different for these two cases. If the initial and final
states of the battery are identical in both cases, however, then AE = g + w must
be the same in both cases because AE is a state function.

[F Gﬁwﬁiﬁ“j E =

Charged battery
H(‘eat
T Energy
Heat AE lost by
Work battery

Discharged battery



5.3 Enthalpy

Chemical changes can result in the release or absorption of heat, as illustrated in
Figure 5.8. They can also cause work to be done, either on the system, or by the
system on its surroundings. The relationship between chemical change and elec-
trical work is important, and we will consider it in some detail in Chapter 20,
“Electrochemistry.” Most commonly, though, the only kind of work produced by
chemical change is mechanical work. We usually carry out reactions in the lab-
oratory at constant (atmospheric) pressure. Under these circumstances mechan-
ical work occurs when a gas is produced or consumed in the reaction. Consider,
for example, the reaction of zinc metal with hydrochloric acid solution:

Zn(s) + 2H"(aq) —> Zn**(aq) + Hy(g) [5.6]

If we carry out this reaction in the laboratory hood in an open beaker, we can see
the evolution of hydrogen gas, but it may not be so obvious that work is being
done. Still, the hydrogen gas that is being produced must expand against the
existing atmosphere. We can see this better by conducting the reaction in a closed
vessel at constant pressure, as illustrated in Figure 5.11 V. In this apparatus, the
piston moves up or down to maintain a constant pressure in the reaction vessel.
If we assume for simplicity that the piston is weightless, the pressure in the appa-
ratus is the same as outside, normal atmospheric pressure. As the reaction pro-
ceeds, H; gas forms, and the piston rises. The gas within the flask is thus doing
work on the surroundings by lifting the piston against the force of atmospheric
pressure that presses down on it. This kind of work is called pressure-volume
work (or P-V work). When the pressure is constant, as in our example, pressure-
volume work is given by

w=—PAV [5.7]

where AV is the change in volume. When the change in volume is positive, as in
our example, the work done by the system is negative. That is, work is done by
the system on the surroundings. The “Closer Look” box discusses pressure-
volume work in more detail, but all you really need to keep in mind for now is
Equation 5.7, which applies to processes occurring at constant pressure. We will
take up the properties of gases in more detail in Chapter 10.

The thermodynamic function called enthalpy (from the Greek word enthalpein,
meaning “to warm”) accounts for heat flow in chemical changes occurring at con-
stant pressure when no forms of work are performed other than P-V work.

! ] /ﬁ H, gas

/ plus original
atmosphere

Zn

\

/

i’ | |
w 2
T SHCI solution - HClI solution

(a) (b)
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@ John J. Fortman, “Pictorial Analogies
Ill: Heat Flow, Thermodynamics, and
Entropy,” J. Chem. Educ., Vol. 70,
1993, 102-103.

ANIMATION
Changes of State

@ This reference contains a quick
analogical demonstration on heat
transfer. John J. Fortman, “Analogical
Demonstrations,” J. Chem. Educ., Vol.
69, 1992, 323-324.

« Figure 5.11 (a) The reaction of
zinc metal with hydrochloric acid is
conducted at constant pressure. The
pressure in the reaction vessel equals
atmospheric pressure. (b) When zinc is
added to the acid solution, hydrogen gas
is evolved. The hydrogen gas does work
on the surroundings, raising the piston
against atmospheric pressure to maintain
constant pressure inside the reaction
vessel.

o
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Surroundings

System

Heat

AH >0
Endothermic

Surroundings

System

Heat

AH <0
o Exothermic

A Figure 5.12 (a) If the system
absorbs heat, AH will be positive

(AH > 0). (b) If the system loses heat,
AH will be negative (AH < 0).

[@l Charles M. Wynn, Sr., “Heat Flow vs.
Cash Flow: A Banking Analogy,” J.
Chem. Educ., Vol. 74, 1997,
pp. 397-398.

Enthalpy, which we denote by the symbol H, equals the internal energy plus the
product of the pressure and volume of the system:

H=E+ PV [5.8]

Enthalpy is a state function because internal energy, pressure, and volume are all
state functions.
Now suppose a change occurs at constant pressure. Then,

AH = A(E + PV)

= AE + PAV [5:91

That is, the change in enthalpy is given by the change in internal energy plus
the product of the constant pressure times the change in volume. The work of
expansion of a gas is given by w = —P AV, so we can substitute —w for P AV in
Equation 5.9. From Equation 5.5, moreover, we can substitute 4 + w for AE,
yielding for AH

AH=AE+PAV=gp+w—w=gp [5.10]

where the subscript P on the heat, g, emphasizes changes at constant pressure.
The change in enthalpy, therefore, equals the heat gained or lost at constant pres-
sure. Because gp is something we can measure or readily calculate and because
so much of the chemical change of interest to us occurs at constant pressure,
enthalpy is a more useful function than internal energy. For most reactions the
difference in AH and AE is small because P AV is small.

When AH is positive (that is, when gp is positive), the system has gained
heat from the surroundings (Table 5.1), which is an endothermic process. When
AH is negative, the system has released heat to the surroundings, which is an
exothermic process. These cases are diagrammed in Figure 5.12 «. Because H is
a state function, AH (which equals gp ) depends only on the initial and final states
of the system, not on how the change occurs. At first glance this statement might
seem to contradict our earlier discussion in Section 5.2, in which we said that g
is not a state function. There is no contradiction, however, because the relation-
ship between AH and heat has the special limitation of constant pressure.

“ A Closer Look Energy, Enthalpy, and P-V Work

In chemistry we are interested mainly in two types of work:
electrical work and mechanical work done by expanding gases.
We will focus here only on the latter, called pressure-volume,

or P-V, work. Expanding gases in the cylinder of an automobile
engine do P-V work on the piston, and this work eventually
turns the wheels. Expanding gases from an open reaction ves-
sel do P-V work on the atmosphere. This work accomplishes
nothing in a practical sense, but we must keep track of all work,
useful or not, when monitoring the energy changes of a system.

Consider a gas confined to a cylinder with a movable pis-
ton of cross-sectional area A (Figure 5.13 ). A downward force,
F, acts on the piston. The pressure, P, on the gas is the force per
area: P = F/A. We will assume that the piston is weightless and
that the only pressure acting on it is the atmospheric pressure due
to the weight of Earth’s atmosphere, which we will assume to

be constant.

Suppose the gas in the cylinder expands, and the piston Cross-sectional
moves a distance, Ah. From Equation 5.3, the magnitude of the Initial area = A Final
work done by the system equals the distance moved times the state state (/'C

force acting on the piston:

A Figure 5.13 A moving piston does work on the

Magnitude of work = force X distance = F X Ak [5.11] surroundings. The amount of work done is w = —P AV.
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SAMPLE EXERCISE 5.4

Indicate the sign of the enthalpy change, AH, in each of the following processes car-
ried out under atmospheric pressure, and indicate whether the process is endothermic
or exothermic: (a) An ice cube melts; (b) 1 g of butane (C4H;) is combusted in suffi-
cient oxygen to give complete combustion to CO, and H,O; (c) a bowling ball is
dropped from a height of 8 ft into a bucket of sand.

Solution

Analyze: Our goal is to determine whether AH in each case is positive or negative. To
accomplish that, we must correctly identify the system.

Plan: We would expect that in each case the process occurs at constant pressure. The
change in enthalpy thus equals the amount of heat absorbed or evolved in each process.
Processes in which heat is absorbed are endothermic; those in which heat is evolved
are exothermic.

Solve: In (a) the water that makes up the ice cube is the system. The ice cube absorbs
heat from the surroundings as it melts, so gp is positive and the process is endother-
mic. In (b) the system is the 1 g of butane and the oxygen required to combust it. The
combustion of butane in oxygen gives off heat, so gp is negative and the process is
exothermic. In (c) the bowling ball is the system. It loses potential energy when it drops
from a height of 8 ft into the bucket of sand. Where has the potential energy gone? It
first went into kinetic energy of motion, but then the ball came to rest in the sand. In
the process of stopping in the sand, the kinetic energy of the ball’s motion is convert-
ed into heat that is absorbed by the bowling ball’s surroundings. Thus, gp is negative,
and the process is exothermic.

PRACTICE EXERCISE

Suppose we confine 1 g of butane and sufficient oxygen to completely combust it in a
cylinder like that in Figure 5.13. The cylinder is perfectly insulating, so no heat can
escape to the surroundings. A spark initiates combustion of the butane, which forms
carbon dioxide and water vapor. If we used this apparatus to measure the enthalpy
change in the reaction, would the piston rise, fall, or stay the same?

Answer: The piston must move so as to maintain a constant pressure in the cylinder.
Because the products contain more molecules of gas than the reactants, as shown by
the balanced equation

2C4H1g(g) + 130,(g) — 8CO,(g) + 10H,O(g)

the piston would rise to make room for the additional molecules of gas. Heat is given
off, moreover, so the piston would rise to accommodate the expansion of the gases
due to the temperature increase.

5.3 Enthalpy
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We can rearrange the definition of pressure, P = F/A, to
F = P X A.Inaddition, the volume change, AV, resulting from
the movement of the piston, is the product of the cross-sectional
area of the piston and the distance it moves: AV = A X Ah.
Substituting into Equation 5.11,
Magnitude of work = F X Ah = P X A X Ah
=P X AV

Because the system (the confined gas) is doing work on the
surroundings, the sign on the work is negative:

w = —PAV [5.12]

Now, if P-V work is the only work that can be done, we can
substitute Equation 5.12 into Equation 5.5 to give

AE=g+w=g—PAV [5.13]

When a reaction is carried out in a constant-volume container
(AV = 0), the heat transferred equals the change in internal
energy:

AE = gy  (constant volume) [5.14]

The subscript V indicates that the volume is constant.

Most reactions are run under constant-pressure conditions.
In this case Equation 5.13 becomes

AE =gqp — PAV or

gp = AE + PAV  (constant pressure) [5.15]

But we see from Equation 5.9 that the right-hand side of Equa-
tion 5.15 is just the enthalpy change under constant pressure
conditions.

In summary, the change in internal energy measures the
heat gained or lost at constant volume; the change in enthalpy
measures the heat gained or lost at constant pressure. The dif-
ference between AE and AH is the amount of P-V work done
by the system when the process occurs at constant pressure,
—P AV. The volume change accompanying many reactions is
close to zero, which makes P AV, and therefore the difference
between AE and AH, small. It is generally satisfactory to use
AH as the measure of energy changes during most chemical
processes.
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| The heat exchanged in a reaction at

constant pressure is AH.

ACTIVITY
Enthalpy of Solution

For an endothermic reaction, the

reactants have lower enthalpies than
do the products (AH is positive). For
an exothermic reaction, the reactants
have higher enthalpies than do the
products (AH is negative).

A cotton ball sprinkled with sodium
peroxide bursts into flame upon
addition of water. Lee R. Summerlin,
Christie L. Borgford, and Julie B Ealy,
“Flaming Cotton,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988)

p. 104.

(@)

5.4 Enthalpies of Reaction

Because AH = Hpnap — Hingtial, the enthalpy change for a chemical reaction is
given by the enthalpy of the products minus the enthalpy of the reactants:

[5.16]

The enthalpy change that accompanies a reaction is called the enthalpy of reac-
tion or merely the heat of reaction and is sometimes written AH,,,,, where “rxn”
is a commonly used abbreviation for “reaction.”

The combustion of hydrogen is shown in Figure 5.14 ¥. When the reaction
is controlled so that 2 mol H,(g) burn to form 2 mol H,O(g) at a constant pres-
sure, the system releases 483.6 k] of heat. We can summarize this information as

2H,(g) + On(g) — 2H,0(g)  AH = —483.6k] [5.17]

AH is negative, so this reaction is exothermic. Notice that AH is reported at the
end of the balanced equation, without explicitly mentioning the amounts of
chemicals involved. In such cases the coefficients in the balanced equation rep-
resent the number of moles of reactants and products producing the associated
enthalpy change. Balanced chemical equations that show the associated enthalpy
change in this way are called thermochemical equations.

The enthalpy change accompanying a reaction can also be represented in an
enthalpy diagram such as that shown in Figure 5.14(c). Because the combustion of
H,(g) is exothermic, the enthalpy of the products in the reaction is lower than the
enthalpy of the reactants. The enthalpy of the system is lower after the reaction
because energy has been lost in the form of heat released to the surroundings.

The reaction of hydrogen with oxygen is highly exothermic (AH is negative
and has a large magnitude), and it occurs rapidly once it starts. It can occur with
explosive violence, too, as demonstrated by the disastrous explosions of the Ger-
man airship Hindenburg in 1937 (Figure 5.15 ») and the space shuttle Challenger
in 1986.

The following guidelines are helpful when using thermochemical equations
and enthalpy diagrams:

AH = H(products) — H(reactants)

1. Enthalpy is an extensive property. The magnitude of AH, therefore, is direct-
ly proportional to the amount of reactant consumed in the process. For the
combustion of methane to form carbon dioxide and liquid water, for

2H,(g) + Ox(9)

‘ AH <0
B (exothermic)
ge
<
<
S \
2H,0(g)
(b) (c)

A Figure 5.14 (a) A candle is held near a balloon filled with hydrogen gas and oxygen
gas. (b) The H,(g) ignites, reacting with O,(g) to form H,0O(g). The resultant explosion
produces the yellow ball of flame. The system gives off heat to its surroundings. (c) The
enthalpy diagram for this reaction.



example, 890 K] of heat is produced when 1 mol of CH, is burned in a con-
stant-pressure system:

CHy(g) + 205(3) — CO4(g) + 2H,O()  AH = —890k]  [5.18]

Because the combustion of 1 mol of CH4 with 2 mol of O, releases 890 kJ of
heat, the combustion of 2 mol of CH, with 4 mol of O, releases twice as
much heat, 1780 kJ.

SAMPLE EXERCISE 5.5

How much heat is released when 4.50 g of methane gas is burned in a constant-pressure
system? (Use the information given in Equation 5.18.)

Solution

Analyze: Our goal is to calculate the heat produced when a specific amount of methane
gas is combusted.

Plan: According to Equation 5.18, 890 k] is produced when 1 mol CH, is burned at con-
stant pressure (AH = —890 kJ). We can treat this information as a stoichiometric rela-
tionship: 1 mol CH, = —890 kJ. To use this relationship, however, we must convert
grams of CH, to moles of CH,.

Solve: By adding the atomic weights of C and 4 H, we have 1 mol CH, = 16.0 g CH,.
Thus, we can use the appropriate conversion factors to convert grams of CH, to moles
of CHy, to kilojoules:

Heat = (450 g CH,) LRoLCHe)( 78900 ) oy
eat = (4508 CHW)| 100 cn, \Tmolcrr, ) = ]

Check: The negative sign indicates that 250 k] is released by the system into the
surroundings.

PRACTICE EXERCISE
Hydrogen peroxide can decompose to water and oxygen by the following reaction:

2H,0,(1) —> 2H,0() + Ox(g)  AH = —196K]

Calculate the value of ¢ when 5.00 g of H,O,(I) decomposes at constant pressure.
Answer: —14.4 k]
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« Figure 5.15 The burning of the
hydrogen-filled airship Hindenburg in
Lakehurst, New Jersey, on May 6, 1937.
This photo was taken only 22 seconds
after the first explosion occurred. This
tragedy led to the discontinuation of
hydrogen as a buoyant gas in such craft.
Modern-day blimps are filled with
helium, which is not as buoyant as
hydrogen, but is not flammable.

ANIMATION
Work of Gas Expansion

6 Bassam Z. Shakhashiri, “Heat of
Neutralization,” Chemical
Demonstrations: A Handbook for
Teachers of Chemistry, Vol. 1
(The University of Wisconsin Press,
Madison, 1983) pp. 15-16.

6 Bassam Z. Shakhashiri, “Chemical
Cold Pack,” Chemical
Demonstrations: A Handbook for
Teachers of Chemistry, Vol. 1 (The
University of Wisconsin Press,
Madison, 1983) pp. 8-9.

6 Oxidation of iron in a plastic baggie
is used to prepare a hand-warmer.
Lee R. Summerlin, Christie L.
Borgford, and Julie B. Ealy, “A
Chemical Hand Warmer,” Chemical
Demonstrations, A Sourcebook for
Teachers, Vol. 2 (American Chemical
Society, Washington, DC, 1988)
pp. 101-102.
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CHy(g) +20,(9)
y

AHl = AHZ =
—890 kJ 890 k

Enthalpy ——

CO,(g) + 2H,O(!)

o

A Figure 5.16 Reversing a reaction
changes the sign but not the magnitude
of the enthalpy change: AH, = —AH;.

6 Temperature changes that
accompany dissolution of
ammonium nitrate in water are
measured. Lee R. Summerlin and
James L. Ealy, Jr. , “Endothermic
Reaction: Ammonium Nitrate,”
Chemical Demonstrations, A
Sourcebook for Teachers, Vol. 2
(Washington: American Chemical
Society, 1988) p. 65.

2. The enthalpy change for a reaction is equal in magnitude, but opposite in sign, to

AH for the reverse reaction. For example, when Equation 5.18 is reversed, AH
for the process is +890 kJ:

CO,(g) + 2H,O(l) — CHy(g) + 204(g)  AH = 890k  [5.19]

When we reverse a reaction, we reverse the roles of the products and the
reactants; thus, the reactants in a reaction become the products of the reverse
reaction, and so forth. From Equation 5.16, we can see that reversing the prod-
ucts and reactants leads to the same magnitude, but a change in sign for AH.
This relationship is diagrammed for Equations 5.18 and 5.19 in Figure 5.16 «.

. The enthalpy change for a reaction depends on the state of the reactants and products.

If the product in the combustion of methane (Equation 5.18) were gaseous
H,0 instead of liquid H,0, AH would be —802 k] instead of —890 kJ. Less
heat would be available for transfer to the surroundings because the en-
thalpy of H,O(g) is greater than that of H,O(l). One way to see this is to
imagine that the product is initially liquid water. The liquid water must be
converted to water vapor, and the conversion of 2 mol H,O(/) to 2 mol
H,0(g) is an endothermic process that absorbs 88 kJ:

2H,0(l) —> 2H,0(3)  AH = +88K] [5.20]

Thus, it is important to specify the states of the reactants and products in
thermochemical equations. In addition, we will generally assume that the
reactants and products are both at the same temperature, 25°C, unless
otherwise indicated.

There are many situations in which it is valuable to know the enthalpy change

associated with a given chemical process. As we will see in the following sections,

The physical states of the reactants
/' and products need to be considered
when calculating AH.

AHy, can be determined directly by experiment or calculated from the known
enthalpy changes of other reactions by invoking the first law of thermodynamics.

\ Strategies in Chemistry Using Enthalpy as a Guide

If you hold a brick in the air and let it go, it will fall as the force
of gravity pulls it toward Earth. A process that is thermody-
namically favored to happen, such as a falling brick, is called a
spontaneous process.

Many chemical processes are thermodynamically favored,
or spontaneous, too. By “spontaneous,” we don’t mean that the
reaction will form products without intervention. That can be
the case, but often some energy must be imparted to get the
process started. The enthalpy change in a reaction gives one
indication as to whether it is likely to be spontaneous. The com-
bustion of H,(g) and O,(g), for example, is a highly exothermic
process:

Ha(g) + 305(3) — Hy0(9)

Hydrogen gas and oxygen gas can exist together in a volume
indefinitely without noticeable reaction occurring, as in Figure
5.14(a). Once initiated, however, energy is rapidly transferred
from the system (the reactants) to the surroundings. As the
reaction proceeds, large amounts of heat, are released, which
greatly increases the temperature of the reactants and the
products. The system then loses enthalpy by transferring the
heat to the surroundings. (Recall from the first law of ther-
modynamics that the total energy of the system plus the sur-
roundings will not change; energy is conserved.)

AH = —242K]

Enthalpy change is not the only consideration in the spon-
taneity of reactions, however, nor is it a foolproof guide. For
example, the melting of ice is an endothermic process:

H,0() — H,0() AH = +6.01k]

Even though this process is endothermic, it is spontaneous at
temperatures above the freezing point of water (0°C). The
reverse process, the freezing of water to ice, is spontaneous at
temperatures below 0°C. Thus, we know that ice at room tem-
perature will melt and that water put into a freezer at —20°C
will turn into ice; both of these processes are spontaneous even
though they are the reverse of one another. In Chapter 19 we
will address the spontaneity of processes more fully. We will
see why a process can be spontaneous at one temperature, but
not at another, as is the case for the conversion of water to ice.
Despite these complicating factors, however, you should pay
attention to the enthalpy changes in reactions. As a general obser-
vation, when the enthalpy change is large, it is the dominant fac-
tor in determining spontaneity. Thus, reactions for which AH is
large and negative tend to be spontaneous. Reactions for which
AH is large and positive tend to be spontaneous in the reverse direc-
tion. There are a number of ways in which the enthalpy of a reac-
tion can be estimated; from these estimates, the likelihood of the
reaction being thermodynamically favorable can be predicted.



5.5 Calorimetry

The value of AH can be determined experimentally by measuring the heat flow
accompanying a reaction at constant pressure. When heat flows into or out of a
substance, the temperature of the substance changes. Experimentally, we can
determine the heat flow associated with a chemical reaction by measuring the
temperature change it produces. The measurement of heat flow is calorimetry;
an apparatus used to measure heat flow is a calorimeter.

Heat Capacity and Specific Heat

Objects can emit or absorb heat: Red-hot charcoal emits heat in the form of radi-
ant energy; an ice pack absorbs heat when it is placed on a swollen ankle. The
emission or absorption of heat causes an object to change temperature. The tem-
perature change experienced by an object when it absorbs a certain amount of
energy is determined by its heat capacity. The heat capacity of an object is the
amount of heat required to raise its temperature by 1 K (or 1°C ). The greater the
heat capacity, the greater the heat required to produce a given rise in temperature.

For pure substances the heat capacity is usually given for a specified amount
of the substance. The heat capacity of 1 mol of a substance is called its molar
heat capacity. The heat capacity of 1 g of a substance is called its specific heat
capacity, or merely its specific heat (Figure 5.17 ). The specific heat of a sub-
stance can be determined experimentally by measuring the temperature change,
AT, that a known mass, m, of the substance undergoes when it gains or loses a
specific quantity of heat, g:

(quantity of heat transferred)

ific heat =
Specific hea (grams of substance) X (temperature change)

q

= X AT [521]

For example, 209 ] is required to increase the temperature of 50.0 g of water by
1.00 K. Thus, the specific heat of water is

209] J

ificheat = — = 41
Specificheat = 25 100K~ 185K

A temperature change in kelvins is equal in magnitude to the temperature change
in degrees Celsius: AT in K = AT in °C. === (Section 1.4) When the sample gains
heat (positive g), the temperature of the sample increases (positive AT ).

The specific heats of several substances are listed in Table 5.2 ¥. Notice that
the specific heat of liquid water is higher than those of the other substances listed.

TABLE 5.2 Specific Heats of Some Substances at 298 K

Elements Compounds
Specific Heat Specific Heat
Substance (J/g-K) Substance (J/g-K)
N»(g) 1.04 H,0() 4.18
Al(s) 0.90 CH4(R) 2.20
Fe(s) 0.45 COyx(9) 0.84
Hg() 0.14 CaCO;(s) 0.82
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[ /| Molar heat capacity is heat capacity

t—J expressed on a per-mole basis;
specific heat is heat capacity
expressed on a per-gram basis.

1.000 g H,O (1)
T = 15.5°C

+4.184]
of heat

1.000 g H,O (1)
T = 14.5°C

A Figure 5.17 Specific heat indicates
the amount of heat that must be added
to 1 g of a substance to raise its
temperature by 1 K (or 1°C). Specific
heats can vary slightly with temperature,
so for precise measurements the
temperature is specified. For example,
the specific heat of H,O(/) at 14.5°C is
4.184]/g-K; the addition of 4.184 | of
heat raises the temperature to 15.5°C.
This amount of energy defines the
calorie: 1 cal = 4.184 .

6 Bassam Z. Shakhashiri, “Boiling
Water in a Paper Cup: Heat Capacity
of Water,” Chemical Demonstrations:
A Handbook for Teachers of Chemistry,
Vol. 3 (The University of Wisconsin
Press, Madison, 1989) pp. 239-241.
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@ Brother Thomas McCullogh, CSC, “A
Specific Heat Analogy,” J. Chem.
Educ., Vol. 57, 1980, 896.

/Thermometer

Glass stirrer
/

- Cork stopper

I~

Two Styrofoam®
cups nested
together containing
o reactants in solution

A Figure 5.18 Coffee-cup
calorimeter, in which reactions occur at
constant pressure.

For example, it is about five times as great as that of aluminum metal. The high
specific heat of water affects Earth’s climate because it keeps the temperatures
of the oceans relatively resistant to change. It also is very important in main-
taining a constant temperature in our bodies, as will be discussed in the “Chem-
istry and Life” box later in this chapter.

We can calculate the quantity of heat that a substance has gained or lost by
using its specific heat together with its measured mass and temperature change.
Rearranging Equation 5.21, we get

q = (specific heat) X (grams of substance) X AT [5.22]

SAMPLE EXERCISE 5.6

(a) How much heat is needed to warm 250 g of water (about 1 cup) from 22°C (about
room temperature) to near its boiling point, 98°C? The specific heat of water is
4.18J/g-K. (b) What is the molar heat capacity of water?

Solution

Analyze: In (a) we must find the total quantity of heat needed to warm the sample of
water. In (b) we must calculate the molar heat capacity.

Plan: We know the total quantity of water and the specific heat (that is, the heat capac-
ity per gram) of water. With this and the total temperature change involved, we can
calculate the quantity of heat.

Solve: The water undergoes a temperature change of AT = 98°C — 22°C =
76°C = 76 K. Using Equation 5.22, we have

g = (specific heat of H,O) X (grams of H;O) X AT

= (418]/g-K)(250 g)(76 K) = 7.9 X 10*]

(b) The molar heat capacity is the heat capacity of 1 mol of substance. Using the
atomic weights of hydrogen and oxygen, we have 1 mol H,O = 18.0 g H,O. From the
specific heat given in part (a), we have

18.0
Molar heat capacity = (4.18]/ g—K)(Kj) = 75.2]/mol-K

PRACTICE EXERCISE

(a) Large beds of rocks are used in some solar-heated homes to store heat. Assume
that the specific heat of the rocks is 0.82 J/g-K. Calculate the quantity of heat absorbed
by 50.0 kg of rocks if their temperature increases by 12.0°C. (b) What temperature
change would these rocks undergo if they emitted 450 k] of heat?

Answers: (a) 4.9 x 10° J; (b) 11 K = 11°C decrease

Constant-Pressure Calorimetry

The techniques and equipment employed in calorimetry depend on the nature of
the process being studied. For many reactions, such as those occurring in solution, it
is easy to control pressure so that AH is measured directly. (Recall that AH = gp.)
Although the calorimeters used for highly accurate work are precision instruments,
a very simple “coffee-cup” calorimeter, as shown in Figure 5.18 4, is often used in
general chemistry labs to illustrate the principles of calorimetry. Because the
calorimeter is not sealed, the reaction occurs under the essentially constant pressure
of the atmosphere.

If we assume that the calorimeter perfectly prevents the gain or loss of heat
from the solution to its surroundings, the heat gained by the solution must be pro-
duced from the chemical reaction under study. In other words, the heat produced
by the reaction, g,y,, is entirely absorbed by the solution; it does not escape the
calorimeter. (We also assume that the calorimeter itself does not absorb heat. In
the case of the coffee-cup calorimeter, this is a reasonable approximation because
the calorimeter has a very low thermal conductivity and heat capacity.) For an
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exothermic reaction, heat is “lost” by the reaction and “gained” by the solution, sy . o

i | | X ‘/ Heat gained by the solution is of the
so the temperature of the solution rises. The opposite occurs for an endothermic [ Y | ;e magnitude but opposite sign
reaction. The heat gained by the solution, gy,, is therefore equal in magnitude as heat evolved by the reaction.
and opposite in sign from gyyn: Gsoin = —Gexn- Lhe value of ggq, is readily calcu-

lated from the mass of the solution, its specific heat, and the temperature change:
Jsoln = (specific heat of solution) X (grams of solution) X AT = —gq,,,, [5.23]

For dilute aqueous solutions, the specific heat of the solution will be approxi-

mately the same as that of water, 4.18 J/g-K. e 3 o
Equation 5.23 makes it possible to calculate g,,, from the temperature change 5 f the specific heat is given for a
f the solution in which the reaction occurs. A temperature increase (AT > 0) — substance, the mass is also required.
or the S0 mw i : p If the total heat capacity is given, the
means the reaction is exothermic (g, < 0). mass is not needed.

SAMPLE EXERCISE 5.7

When a student mixes 50 mL of 1.0 M HCI and 50 mL of 1.0 M NaOH in a coffee-cup calorimeter, the temperature of the resultant
solution increases from 21.0°C to 27.5°C. Calculate the enthalpy change for the reaction, assuming that the calorimeter loses only
a negligible quantity of heat, that the total volume of the solution is 100 mL, that its density is 1.0 g/mL, and that its specific heat
is 4.18J/g-K.

Solution

Analyze: We need to calculate a heat of reaction per mole, given a temperature increase, the number of moles involved, and enough
information to calculate the heat capacity of the system.

Plan: The total heat evolved can be calculated from the temperature change, the volume of the solution, its density, and the specific
heat.

Solve: Because the total volume of the

solution is 100 mL, its mass is (100 mL)(1.0 g/mL) = 100 g

The temperature change is 27.5°C — 21.0°C = 6.5°C = 65K

Because the temperature increases, the Jixn = —(specific heat of solution) X (grams of solution) X AT
reaction must be exothermic: = —(4.18]/g-K)(100 g)(6.5K) = —2700] = —2.7k]J

Because the process occurs at constant
pressure, AH =gp = =2.7K]

To express the enthalpy change on a
molar basis, we use the fact that the
number of moles of HCl and NaOH is
given by the product of the respective
solution volumes (50 mL = 0.050 L)
and concentrations: (0.050 L)(1.0 mol/L) = 0.050 mol

Thus, the enthalpy change per mole of
HCI (or NaOH) is AH = —2.7k]J/0.050 mol = —54 kJ/mol

Check: AH is negative (exothermic), which is expected for the reaction of an acid with a base. The molar magnitude of the heat
evolved seems reasonable.
PRACTICE EXERCISE

When 50.0 mL of 0.100 M AgNOj3 and 50.0 mL of 0.100 M HCI are mixed in a constant-pressure calorimeter, the temperature of the
mixture increases from 22.30°C to 23.11°C. The temperature increase is caused by the following reaction:

AgNOg3(aq) + HCl(aq) — AgCl(s) + HNOg(aq)

Calculate AH for this reaction, assuming that the combined solution has a mass of 100.0 g and a specific heat of 4.18 J/g-°C.
Answer: —68,000J/mol = —68 kJ/mol

Bomb Calorimetry (Constant-Volume Calorimetry)

Calorimetry can be used to study the chemical potential energy stored in sub-
stances. One of the most important types of reactions studied using calorimetry
is combustion, in which a compound (usually an organic compound) reacts
completely with excess oxygen. === (Section 3.2) Combustion reactions are most
conveniently studied using a bomb calorimeter, a device shown schematically
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Motorized
stirrer

Electrical leads
for igniting
sample

A

___—Thermometer

Insulated
container

jr 02 inlet
Bomb (reaction
/ chamber)
| . / Fine wire

- ) .
b in contact

with sample
p =

~\ —Cup holding
\ sample
Water

A Figure 5.19 Cutaway view of a
bomb calorimeter, in which reactions
occur at constant volume.

<
ACTIVITY
Calorimetry

SAMPLE EXERCISE 5.8

N»(g), CO,(g), and H,O():

Solution

quantity.

Solve: For combustion of the 4.00-g
sample of methylhydrazine, the tem-
perature change of the calorimeter is

We can use this value and the value for
Ceal to calculate the heat of reaction
(Equation 5.24):

We can readily convert this value to

the heat of reaction for a mole of
CH6N2:

PRACTICE EXERCISE

in Figure 5.19 «. The substance to be studied is placed in a small cup within a
sealed vessel called a bomb. The bomb, which is designed to withstand high pres-
sures, has an inlet valve for adding oxygen and electrical contacts to initiate the
combustion. After the sample has been placed in the bomb, the bomb is sealed
and pressurized with oxygen. It is then placed in the calorimeter, which is essen-
tially an insulated container, and covered with an accurately measured quanti-
ty of water. When all the components within the calorimeter have come to the
same temperature, the combustion reaction is initiated by passing an electrical
current through a fine wire that is in contact with the sample. When the wire
gets sufficiently hot, the sample ignites.

Heat is released when combustion occurs. This heat is absorbed by the
calorimeter contents, causing a rise in the temperature of the water. The tem-
perature of the water is very carefully measured before reaction and then after
reaction when the contents of the calorimeter have again arrived at a common
temperature. The heat evolved in the combustion of the sample is absorbed by
its surroundings (the calorimeter contents).

To calculate the heat of combustion from the measured temperature increase
in the bomb calorimeter, we must know the heat capacity of the calorimeter, C,;.
This quantity is determined by combusting a sample that releases a known quan-
tity of heat and measuring the resulting temperature change. For example, the
combustion of exactly 1 g of benzoic acid, C;HgO,, in a bomb calorimeter pro-
duces 26.38 k] of heat. Suppose 1.000 g of benzoic acid is combusted in a calorime-
ter, and it increases the temperature by 4.857°C. The heat capacity of the
calorimeter is then given by C., = 26.38 kJ/4.857°C = 5.431 kJ/°C. Once we
know the value of C.,;, we can measure temperature changes produced by other
reactions, and from these we can calculate the heat evolved in the reaction, gy,:

Jrxn = —Ceal X AT [5.24]

Methylhydrazine (CH¢N,) is commonly used as a liquid rocket fuel. The combustion of methylhydrazine with oxygen produces

2CHNL(1) + 505(g) — 2N,(g) + 2CO5(g) + 6H,0())

When 4.00 g of methylhydrazine is combusted in a bomb calorimeter, the temperature of the calorimeter increases from 25.00°C
to0 39.50°C. In a separate experiment the heat capacity of the calorimeter is measured to be 7.794 kJ/°C. What is the heat of reaction
for the combustion of a mole of CH¢N, in this calorimeter?

Analyze: We are given a temperature change and the total heat capacity of the calorimeter. We are also given the amount of reac-
tant combusted. Our goal is to calculate the enthalpy change per mole for combustion of the reactant.
Plan: We will first calculate the heat evolved for the combustion of the 4.00-g sample. We will then convert this heat to a molar

AT = (39.50°C — 25.00°C) = 14.50°C

foxn = —Ceal X AT = —(7.794kJ/°C)(14.50°C) = —113.0k]

w (2L8CHN ) o s 107 kg mol CH
1molCHN, ) J/mol CHeN

~113.0K]

Check: The units cancel properly, and the sign of the answer is negative as it should be for an exothermic reaction.

A 0.5865-g sample of lactic acid (HC3H503) is burned in a calorimeter whose heat capacity is 4.812 kJ/°C. The temperature increases
from 23.10°C to 24.95°C. Calculate the heat of combustion of (a) lactic acid per gram and (b) per mole.
Answers: (a) —15.2k]/g; (b) —1370 kJ/mol
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& Chemistry and Life The Regulation of Human Body Temperature

For most of us, the question “Are you running a fever?” was one
of our first introductions to medical diagnosis. Indeed, a devi-
ation in body temperature of only a few degrees indicates that
something is amiss. In the laboratory you may have tried to
maintain a solution or water bath at a constant temperature,
only to find how difficult it can be to keep the solution within
a very narrow temperature range. Yet our bodies manage to
maintain a near-constant temperature in spite of widely vary-
ing weather, levels of physical activity, and periods of high
metabolic activity (such as after a meal). How does the human
body manage this task, and how does it relate to some of the
topics we have discussed in this chapter?

Maintaining a near-constant temperature is one of the pri-
mary physiological functions of the human body. Normal body
temperature generally ranges from 35.8—-37.2°C (96.5-99°F).
This very narrow temperature range is essential to proper mus-
cle function and to the control of the rates of the biochemical
reactions in the body. You will learn more about the effects of
temperature on reaction rates in Chapter 14. The temperature
is regulated by a portion of the human brain stem called the
hypothalamus. The hypothalamus acts as a thermostat for body
temperature. When body temperature rises above the high end
of the normal range, the hypothalamus triggers mechanisms to
lower the temperature. It likewise triggers mechanisms to
increase the temperature if body temperature drops too low.

To qualitatively understand how the body’s heating and
cooling mechanisms operate, we can view the body as a ther-
modynamic system. The body increases its internal energy con-
tent by ingesting foods from the surroundings. (Section 5.8).
The foods, such as glucose (C¢H1,04), are metabolized—a
process that is essentially controlled oxidation to CO, and H,O:

C6H1206(S) + 602(g) — 6C02(g) + 6H20(l)
AH = —2803K]

Roughly 40% of the energy produced is ultimately used to do
work in the form of muscle and nerve contractions. The remain-
der of the energy is released as heat, part of which is used to
maintain body temperature. When the body produces too much
heat, as in times of heavy physical exertion, it dissipates the
excess to the surroundings.

Heat is transferred from the body to its surroundings pri-
marily by radiation, convection, and evaporation. Radiation is the
direct loss of heat from the body to cooler surroundings, much
as a hot stovetop radiates heat to its surroundings. Convection
is heat loss by virtue of heating air that is in contact with the
body. The heated air rises and is replaced with cooler air, and
the process continues. Warm clothing, which usually consists of
insulating layers of material with “dead air” in between,
decreases convective heat loss in cold weather. Evaporative
cooling occurs when perspiration is generated at the skin sur-
face by the sweat glands. Heat is removed from the body as the
perspiration evaporates into the surroundings. Perspiration is
predominantly water, so the process involved is the endother-
mic conversion of liquid water into water vapor:

H,0() — H,0(5) AH = +44.0k]

The speed with which evaporative cooling occurs decreases as
the atmospheric humidity increases, which is why people seem
to be more sweaty and uncomfortable on hot and humid days.

When the hypothalamus senses that the body temperature
has risen too high, it increases heat loss from the body in two
principal ways. First, it increases the flow of blood near the sur-
face of the skin, which allows for increased radiational and con-
vective cooling. The reddish “flushed” appearance of a hot
individual is the result of this increased subsurface blood flow.
Second, the hypothalamus stimulates the secretion of perspira-
tion from the sweat glands, which increases evaporative cooling.
During periods of extreme activity, the amount of liquid secret-
ed as perspiration can be as high as 2—4 liters per hour. As a result,
water must be replenished to the body during these periods
(Figure 5.20 V). If the body loses too much fluid through per-
spiration, it will no longer be able to cool itself and blood vol-
ume decreases, which can lead to heat exhaustion or the more
serious and potentially fatal heat stroke, during which the body
temperature can rise to as high as 41-45°C (106—113°F).

When body temperature drops too low, the hypothalamus
decreases the blood flow to the surface of the skin, thereby
decreasing heat loss. It also triggers small involuntary contrac-
tions of the muscles; the biochemical reactions that generate the
energy to do this work also generate more heat for the body.
When these contractions get large enough—as when the body
feels a chill—a shiver results. If the body is unable to maintain
a temperature above 35°C (95°F), the very dangerous condition
called hypothermia can result.

The ability of the human body to maintain its temperature
by “tuning” the amount of heat it generates and transfers to its
surroundings is truly remarkable. If you take courses in human
anatomy and physiology, you will see many other applications
of thermochemistry and thermodynamics to the ways in which
the human body works.

A Figure 5.20 Marathon runners must constantly replenish
the water in their bodies that is lost through perspiration.
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|| 'fareaction is multiplied or divided

& by a number (whole or fractions),
the AH must also be multiplied or
divided by that same number.

/| Remind students that Hess's law is a
1 direct consequence of the fact that
enthalpy is a state function.

MOVIE
Nitrogen Triiodide, Thermite

Reaction

Because the reactions in a bomb calorimeter are carried out under constant-
volume conditions, the heat transferred corresponds to the change in internal
energy, AE, rather than the change in enthalpy, AH (Equation 5.14). For most reac-
tions, however, the difference between AE and AH is very small. For the reaction
discussed in Sample Exercise 5.8, for example, the difference between AE and
AH is only about 1 kJ/mol —a difference of less than 0.1%. It is possible to correct
the measured heat changes to obtain AH values, and these form the basis of the
tables of enthalpy change that we will see in the following sections. However, we
need not concern ourselves with how these small corrections are made.

5.6 Hess's Law

Many enthalpies of reaction have been measured and tabulated. In this section
and the next we will see that it is often possible to calculate the AH for a reac-
tion from the tabulated AH values of other reactions. Thus, it is not necessary to
make calorimetric measurements for all reactions.

Because enthalpy is a state function, the enthalpy change, AH, associated
with any chemical process depends only on the amount of matter that undergoes
change and on the nature of the initial state of the reactants and the final state of
the products. This means that if a particular reaction can be carried out in one step
or in a series of steps, the sum of the enthalpy changes associated with the indi-
vidual steps must be the same as the enthalpy change associated with the one-
step process. As an example, the combustion of methane gas, CH,(g), to form
CO,(g) and liquid water can be thought of as occurring in two steps: (1) the com-
bustion of CH(g) to form CO,(g) and gaseous water, H,O(g), and (2) the con-
densation of gaseous water to form liquid water, H,O(!). The enthalpy change for
the overall process is simply the sum of the enthalpy changes for these two steps:

CH,(g) + 20,(3) — CO4(g) + 2H,0(g) AH = —802K]

(Add) 2H,0(g) — 2H,0(l) AH = —88K]
CH,(g) + 20,(3) + 2H,0(g) — CO,(g) + 2H,0(l) + 2H,0(g)

AH = —890Kk]

The net equation is
CHy(g) + 20,(3) — COy(g) + 2H,0(]) AH = —890k]J

To obtain the net equation, the sum of the reactants of the two equations is placed
on one side of the arrow and the sum of the products on the other side. Because
2H,0(g) occurs on both sides, it can be canceled like an algebraic quantity that
appears on both sides of an equal sign.

Hess’s law states that if a reaction is carried out in a series of steps, AH for the reac-
tion will equal the sum of the enthalpy changes for the individual steps. The overall
enthalpy change for the process is independent of the number of steps or the par-
ticular nature of the path by which the reaction is carried out. We can therefore
calculate AH for any process, as long as we find a route for which AH is known
for each step. This means that a relatively small number of experimental meas-
urements can be used to calculate AH for a vast number of different reactions.

Hess’s law provides a useful means of calculating energy changes that are
difficult to measure directly. For instance, it is impossible to measure directly the
enthalpy of combustion of carbon to form carbon monoxide. Combustion of
1 mol of carbon with 0.5 mol of O, produces not only CO, but also CO,, leaving
some carbon unreacted. However, solid carbon and carbon monoxide can both
be completely burned in O, to produce CO,. We can use the enthalpy changes
of these reactions to calculate the heat of combustion of C to CO, as shown in
Sample Exercise 5.9.



SAMPLE EXERCISE 5.9

The enthalpy of combustion of C to CO, is —393.5 kJ/mol C, and the enthalpy of com-
bustion of CO to CO, is —283.0 kJ/mol CO:

1) C(s) + Ox(8) — COx(Q) AH = —393.5Kk]
) CO(g) +305(g) —> COxg)  AH = —283.0Kk]
Using these data, calculate the enthalpy of combustion of C to CO:
®) C(s) + 305(8) — CO(Q)

Solution

Analyze: We are given two enthalpies of combustion, and our goal is to combine them
in such a way as to obtain the enthalpy of combustion of a third process.

Plan: We will manipulate the two equations we have been given so that when added,
they yield the desired reaction. At the same time, we employ Hess’s law to keep track
of the enthalpy changes for the two reactions.

Solve: In order to use equations (1) and (2), we arrange them so that C(s) is on the
reactant side and CO(g) is on the product side of the arrow, as in the target reaction,
equation (3). Because equation (1) has C(s) as a reactant, we can use that equation just
as it is. We need to turn equation (2) around, however, so that CO(g) is a product.
Remember that when reactions are turned around, the sign of AH is reversed. We
arrange the two equations so that they can be added to give the desired equation:

C(s) + O,(g) — COx(g) AH = —393.5Kk]
CO,(g) —> CO(g) + 10,(g) AH = 283.0k]
C(s) + 305(3) — CO(g) AH = —110.5k]

When we add the two equations, CO,(g) appears on both sides of the arrow and there-
fore cancels out. Likewise, %Oz(g) is eliminated from each side.

PRACTICE EXERCISE

Carbon occurs in two forms, graphite and diamond. The enthalpy of combustion of
graphite is —393.5 kJ/mol and that of diamond is —395.4 kJ/mol:

C(graphite) + Oy(g) — CO,(g) AH = —393.5k]
C(diamond) + O,(g) —> CO,(g) AH = —395.4K]
Calculate AH for the conversion of graphite to diamond:
C(graphite) — C(diamond)
Answer: +1.9Kk]

SAMPLE EXERCISE 5.10
Calculate AH for the reaction
ZC(S) + Hz(g) -_— CZHZ(g)
given the following reactions and their respective enthalpy changes:
CoH,(g) + 205(g) — 2CO4(g) + H,O()  AH = —1299.6 kJ
C(s) + Ox(g) —> CO,(Q) AH = —3935k]
Hy(g) + 30,(g) —> H,O(l) AH = —285.8K]
Solution
Analyze: To calculate the enthalpy change for one reaction we must utilize data pro-
vided for three other processes. We utilize these data by taking advantage of Hess’s law.
Plan: We will sum the three equations or their reverses and multiply each by an appro-
priate coefficient, so that the net equation is that for the reaction of interest. At the

same time, we keep track of the AH values, reversing their signs if the reactions are
reversed and multiplying them by whatever coefficient is employed on the equation.

5.6 Hess’s Law 175

/ | If a reaction is reversed, the sign of
L AH must be switched.
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Solve: Because the target equation has C,H, as a product, we turn the first equation
around; the sign of AH is therefore changed. The desired equation has 2C(s) as a reac-
tant, so we multiply the second equation and its AH by 2. Because the target equation
has Hj as a reactant, we keep the third equation as it is. We then add the three equa-
tions and their enthalpy changes in accordance with Hess’s law:

2C0,(g) + HyO() — CoHy(g) + 30,(5) AH = 1299.6K]

2C(s) + 20,(g) — 2CO,(Q) AH = -787.0K]
H,(3) + 20,(3) —> H,O() AH = -2858Kk]
2C(s) + Hy(g) — CoH,(9) AH = 2268k]

When the equations are added, there are 2 CO,, 302, and H,O on both sides of the
arrow. These are canceled in writing the net equation.

Check: The procedure must be correct because we obtained the correct net equation.
In cases like this you should go back over the numerical manipulations of the AH val-
ues to ensure that you did not make an inadvertent error with signs.

PRACTICE EXERCISE
Calculate AH for the reaction

NO(g) + O(g) —> NO(g)

given the following information:
NO(g) + O3(g) — NOy(g) + Ox(9) AH = —1989Kk]
03(3) — 30,(9) AH = —1423K]
Oy(9) — 20(g) AH = 495.0k]

CHy(g) + 204(g)

AH, = —607 kJ

Mo COfg) + 21,00 + 1oy

Enthalpy ———

AH; = —283 K]

A Figure 5.21 The quantity of heat
generated by combustion of 1 mol CH,
is independent of whether the reaction
takes place in one or more steps:

AH] = AHZ + AH3

@

Answer: —304.1 k]

In many cases it will turn out that a given reaction could be arrived at by
more than one set of stepwise equations. Will the final value of AH for a reaction
depend on the way in which we break it down to use Hess’s law? H is a state
function, so we will always get the same value of AH for an overall reaction, regardless
of how many steps we employ to get to the final products. For example, consider the
reaction of methane (CH,) and oxygen (O,) to form CO, and H,O. We can envi-
sion the reaction forming CO, directly, as we did before, or with the initial for-
mation of CO, which is then combusted to CO,. These choices are compared in
Figure 5.21 4. Because H is a state function, both paths must produce the same
value of AH. In the enthalpy diagram, that means AH; = AH, + AHj.

5.7 Enthalpies of Formation

By using the methods we have just discussed, we can calculate the enthalpy
changes for a great many reactions from tabulated AH values. Many experi-
mental data are tabulated according to the type of process. For example, exten-
sive tables exist of enthalpies of vaporization (AH for converting liquids to gases),
enthalpies of fusion (AH for melting solids), enthalpies of combustion (AH for com-
busting a substance in oxygen), and so forth. A particularly important process
used for tabulating thermochemical data is the formation of a compound from
its constituent elements. The enthalpy change associated with this process is
called the enthalpy of formation (or heat of formation) and is labeled AH ¢, where
the subscript f indicates that the substance has been formed from its elements.
The magnitude of any enthalpy change depends on the conditions of temper-
ature, pressure, and state (gas, liquid, or solid, crystalline form) of the reactants and
products. In order to compare the enthalpies of different reactions, we must define
a set of conditions, called a standard state, at which most enthalpies are tabulated.
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The standard state of a substance is its pure form at atmospheric pressure (1 atm;
=== Section 10.2) and the temperature of interest, which we usually choose to be
298 K (25°C). The standard enthalpy of a reaction is defined as the enthalpy change
when all reactants and products are in their standard states. We denote a standard
enthalpy as AH®, where the superscript ° indicates standard-state conditions.

The standard enthalpy of formation of a compound, AHY, is the change in
enthalpy for the reaction that forms 1 mol of the compound from its elements,
with all substances in their standard states. We usually report AH values at
298 K. If an element exists in more than one form under standard conditions,
the most stable form of the element is used for the formation reaction. For exam-
ple, the standard enthalpy of formation for ethanol, C,H5OH, is the enthalpy
change for the following reaction:

2C(graphite) + 3H,(g) + ;0,(8) — CH5OH()  AH} = —277.7X] [5.25]

The elemental source of oxygen is O,, not O or O3, because O, is the stable form
of oxygen at 298 K and standard atmospheric pressure. Similarly, the elemental
source of carbon is graphite and not diamond, because graphite is more stable
(lower energy) at 298 K and standard atmospheric pressure (see Practice Exer-
cise 5.9). Likewise, the most stable form of hydrogen under standard conditions
is H,(g), so this is used as the source of hydrogen in Equation 5.25.

The stoichiometry of formation reactions always indicates that 1 mol of the
desired substance is produced, as in Equation 5.25. As a result, enthalpies of for-
mation are reported in kJ/mol of the substance. Several standard enthalpies of
formation are given in Table 5.3 ¥. A more complete table is provided in Appen-
dix C. By definition, the standard enthalpy of formation of the most stable form of any
element is zero because there is no formation reaction needed when the element
is already in its standard state. Thus, the values of AHJ‘? for C(graphite), H»(g),
0O,(g), and the standard states of other elements are zero by definition.
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The standard pressure for
J thermodynamics is now based on

the SI unit for pressure, the pascal
(Pa). Standard pressure is 10° Pa,
which equals 0.987 atm, essentially
1 atm.

For the most stable form of an
J element at standard conditions, AH?

has a value of zero.

Appendix C has an extensive list of
I standard enthalpy values.

MOVIE
Formation of Aluminum Bromide

TABLE 5.3 Standard Enthalpies of Formation, AHf, at 298 K

AHP AHf
Substance Formula (kJ/mol) Substance Formula (kJ/mol)
Acetylene CHj(9) 226.7 Hydrogen chloride HClI(g) —92.30
Ammonia NH;3(g) —46.19 Hydrogen fluoride HE(g) —268.6
Benzene CgHe() 49.0 Hydrogen iodide HI(g) 259
Calcium carbonate CaCOg3(s) —1207.1 Methane CHy(g) —74.8
Calcium oxide CaO(s) —635.5 Methanol CH;0H() —238.6
Carbon dioxide COx(9) —393.5 Propane C3Hg() —-103.85
Carbon monoxide CO(g) -110.5 Silver chloride AgCl(s) -127.0
Diamond C(s) 1.88 Sodium bicarbonate NaHCOs(s) —947.7
Ethane CoHe(g) —84.68 Sodium carbonate Na,COxs(s) —1130.9
Ethanol C,H5OH(]) —277.7 Sodium chloride NaCl(s) —410.9
Ethylene CoHy(g) 52.30 Sucrose C1pH»011(8) —2221
Glucose CgH1,04(s) -1273 Water H,0() —285.8
Hydrogen bromide HBr(g) —36.23 Water vapor H,0(g) —241.8

SAMPLE EXERCISE 5.11

For which of the following reactions at 25°C would the enthalpy change represent a
standard enthalpy of formation? For those where it does not, what changes would
need to be made in the reaction conditions?

(@) 2Na(s) + 205(g) — NayO(s)
(b) 2K(l) + Cly(g) — 2KCl(s)

() C4H1,04(s) — 6C(diamond) + 6H,(g) + 305()

<
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Solution

Analyze: The standard enthalpy of formation is represented by a reaction in which
each reactant is an element in its standard state.

Plan: To solve these problems, we need to examine each equation to determine, first
of all, whether the reaction is one in which a substance is formed from the elements.
Secondly, we need to determine whether the reactant elements in the reaction are in
their standard states at 25°C.

Solve: In (a) Na,O is formed from the elements sodium and oxygen in their proper
states, a solid and gas, respectively. Therefore, the enthalpy change for reaction (a) cor-
responds to a standard enthalpy of formation.

In (b) potassium is given as a liquid. It must be changed to the solid form, its stan-
dard state at room temperature. Furthermore, two moles of product are formed, so
the enthalpy change for the reaction as written is twice the standard enthalpy of for-
mation of KClI(s).

Reaction (c) does not form a substance from its elements. Instead, a substance
decomposes to its elements, so this reaction must be reversed. Secondly, the element
carbon is given as diamond, whereas graphite is the lowest energy solid form of car-
bon at room temperature and one atmosphere pressure. The equation that correctly rep-
resents the enthalpy of formation of glucose from its elements is

6C(graphite) + 6Hy(g) + 30,(3) —— CgH1204(s)

PRACTICE EXERCISE

Write the equation corresponding to the standard enthalpy of formation of liquid car-
bon tetrachloride (CCly).

Answer: C(s) + 2Cly(g) — CCly())

Using Enthalpies of Formation to Calculate Enthalpies of Reaction

Tabulations of AHg, such as those in Table 5.3 and Appendix C, have many
important uses. As we will see in this section, we can use Hess’s law to calculate
the standard enthalpy change for any reaction for which we know the AH? val-
ues for all reactants and products. For example, consider the combustion of
propane gas, C3Hg(g), with oxygen to form CO,(g) and H,O(l) under standard
conditions:

C3Hg(g) + 505(g) — 3CO,(g) + 4H,O())

We can write this equation as the sum of three formation reactions:

C3Hg(g) — 3C(s) + 4H(g) AH; = —AH%[C3Hg(g)] [5.26]

3C(s) + 305(g) — 3CO4(g) AH, = 3AH}[CO,(3)] [5.27]
4H,(g) + 20,(g) — 4H,0() AH; = 4AH}H,0()] [5.28]
]

C3Hg(g) + 505(9) — 3CO,(g) + 4H,0O()) AHy, = AH; + AH, + AH;  [5.29

From Hess’s law we can write the standard enthalpy change for the overall reac-
tion, Equation 5.29, as the sum of the enthalpy changes for the processes in Equa-
tions 5.26 through 5.28. We can then use values from Table 5.3 to compute a
numerical value for AHp,:

AHI(‘)XH = AHl + AHz + AH3
—AHJ?[C3H8(g)] + 3AHJ?[CO2(g)] + 4AHJ‘3[HZO(I)]
—(—103.85K]) + 3(—393.5k]) + 4(—285.8 kJ) = —2220 kJ [5.30]

Several aspects of this calculation depend on the guidelines we discussed
in Section 5.4.

1. Equation 5.26 is the reverse of the formation reaction for C3Hg(g), so the
enthalpy change for this reaction is —AH?[C3Hg(g)]-



3C (graphite) + 4H,(g) + 50,(g)
A‘ Elements |
| |
ﬁlil(%;SS i i @Decomposition i @Formation of 3CO,
|
I C3Hg(g) + 50 |
| CaHs®) + 90:3) AH, = —1181k]
Reactants }
|
|
> |
(oW |
= y 3CO,(8) + 4H;(g) + 20,(g)
= AH,,, = T
= mn I
is —2220 k] ‘
| @Formation of 4H,0
|
i AH; = —1143 kJ
. 3COx(g) +4H0()
Products

2. Equation 5.27 is the formation reaction for 3 mol of CO,(g). Because enthalpy
is an extensive property, the enthalpy change for this step is BAH[CO,(g)]-
Similarly, the enthalpy change for Equation 5.28 is 4AH7[H,O(1)]. The reac-
tion specifies that H,O(l) was produced, so be careful to use the value of
AH$ for HyO(I), not HO(g).

3. We assume that the stoichiometric coefficients in the balanced equation
represent moles. For Equation 5.29, therefore, the value AHp, = —2220 k]
represents the enthalpy change for the reaction of 1 mol C3Hg and 5 mol O,
to form 3 mol CO, and 4 mol H,O. The product of the number of moles and
the enthalpy change in kJ/mol has the units kJ: (number of
moles) X (AH} in k]J/mol) = kJ. We therefore report AHy,, in kJ.

Figure 5.22 A presents an enthalpy diagram for Equation 5.29, showing how it
can be broken into steps involving formation reactions.

We can break down any reaction into formation reactions as we have done
here. When we do, we obtain the general result that the standard heat of reaction
is the sum of the standard heats of formation of the products minus the stan-
dard heats of formation of the reactants:

AHp, = >, nAHg(products) — D mAH¢(reactants) [5.31]
The symbol X (sigma) means “the sum of,” and n and m are the stoichiometric
coefficients of the chemical equation. The first term in Equation 5.31 represents
the formation reactions of the products, which are written in the “forward” direc-
tion, that is, elements reacting to form products. This term is analogous to Equa-
tions 5.27 and 5.28 in the previous example. The second term represents the
reverse of the formation reactions of the reactants, as in Equation 5.26, which is
why the AH} values have a minus sign in front of them.

SAMPLE EXERCISE 5.12

(a) Calculate the standard enthalpy change for the combustion of 1 mol of benzene,
CeHg(l), to CO,(g) and H,O(l). (b) Compare the quantity of heat produced by com-
bustion of 1.00 g propane to that produced by 1.00 g benzene.

Solution (a) We know that a combustion reaction involves O,(g) as a reactant. Our
first step is to write a balanced equation for the combustion reaction of 1 mol C¢Hyg(I):

CeHy(l) + 5 05(8) — 6CO,(8) + 3H,O())
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« Figure 5.22 Enthalpy diagram for
the combustion of 1 mol of propane gas,
C3Hg(g). The overall reaction is

C3Hg(g) + 505(9) —

3CO,(g) + 4H,0(/). We can imagine this
reaction as occurring in three steps. First,
C3Hg(g) is decomposed to its elements,
so AH; = —AH?[C3Hg(g)]. Second,

3 mol CO,(g) are formed,

so AH, = 3AH?[CO,(g)]. Finally, 4 mol
H,O(/) are formed,

so AH; = 4AHZ[H,O(/)]. Hess’s law tells
us thatAfon = AH] + AHZ + AH3
This same result is given by Equation
5.30 because AH?[O,(g)] = O.

@

[/ | The sums must be completed before
—J subtracting.
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We can calculate AHp,, for the reaction by using Equation 5.31 and data in Table 5.3.
Remember to multiply the AH} value for each substance in the reaction by that

substance’s stoichiometric coefficient. Recall also that AHy = 0 for any element in its
most stable form under standard conditions, so AHJ?[OZ(g)] =0:
AHg = [6AHCO,) + 3AHKH0)] — [AHH(CgHq) + £ AH3(O,)]
= [6(—393.5K]) + 3(—285.8KJ)] — [(49.0K]) + 2 (0k])]
(—2361 — 857.4 — 49.0) k]
= —3267K]

(b) From the example worked in the text, AHp,, = —2220 k] for the combustion
of 1 mol of propane. In part (a) of this exercise we determined that AHp,, = —3267 K]
for the combustion of 1 mol benzene. To determine the heat of combustion per gram
of each substance, we use the molar masses to convert moles to grams:

C3Hg(9): (—2220 kJ/mol)(1 mol/44.1 g) = —50.3K]J/g
CeHg(0): (—3267 KJ/mol)(1 mol/78.1 g) = —41.8K]/g

Both propane and benzene are hydrocarbons. As a rule, the energy obtained from the
combustion of a gram of hydrocarbon is between 40 and 50 kJ.

PRACTICE EXERCISE

Using the standard enthalpies of formation listed in Table 5.3, calculate the enthalpy
change for the combustion of 1 mol of ethanol:

C,H50H(I) + 30,(g) — 2CO,(g) + 3H,0(I)
Answer: —1367 k]

SAMPLE EXERCISE 5.13
The standard enthalpy change for the reaction
CaCOgz(s) — CaO(s) + CO,(g)

is 178.1 kJ. From the values for the standard enthalpies of formation of CaO(s) and CO,(g) given in Table 5.3, calculate the stan-
dard enthalpy of formation of CaCOj3(s).

Solution
Analyze: We need to obtain
AHZ(CaCOs).

Plan: We begin by writing the expres-
sion for the standard enthalpy change

for the preceding reaction: AHZ, = [AHF(CaO) + AHF(CO,)] — AHE(CaCOy)
Solve: Inserting the known values, we

have 178.114] = ~6355k] — 3935k — AHY(CaCO3)
Solving for AH#(CaCO3) gives AHF(CaCO3) = —1207.1 kJ/mol

Check: We expect the enthalpy of formation of a stable solid such as calcium carbonate to be negative, as obtained.

PRACTICE EXERCISE

Given the following standard enthalpy of reaction, use the standard enthalpies of formation in Table 5.3 to calculate the standard
enthalpy of formation of CuO(s):

CuO(s) + Hy(g) — Cu(s) + H,O(I) AH°® = —129.7K]
Answer: —156.1 kJ/mol

5.8 Foods and Fuels

Most chemical reactions used for the production of heat are combustion reactions.
The energy released when 1 g of a material is combusted is often called its fuel value.
Because fuel values represent the heat released in a combustion, fuel values are pos-
itive numbers. The fuel value of any food or fuel can be measured by calorimetry.



Foods

Most of the energy our bodies need comes from carbohydrates and fats. The
forms of carbohydrate known as starch are decomposed in the intestines into
glucose, C¢H1,0¢. Glucose is soluble in blood, and in the human body it is
known as blood sugar. It is transported by the blood to cells, where it reacts with
O, in a series of steps, eventually producing CO,(g), H,O(l), and energy:

CeH1,04(s) + 604(g) — 6CO,(g) + 6H,O()  AH® = —2803 k]

The breakdown of carbohydrates is rapid, so their energy is quickly supplied to
the body. However, the body stores only a very small amount of carbohydrates.
The average fuel value of carbohydrates is 17 kJ/g (4 kcal/g).

Like carbohydrates, fats produce CO, and H,O when metabolized and when
subjected to combustion in a bomb calorimeter. The reaction of tristearin,
Cs7H 1190, a typical fat, is as follows:

2Cs7H11004(s) + 1630,(g) — 114C0O5(g) + 110H,0() AH® = —75,520 K]

The body uses the chemical energy from foods to maintain body temperature (see
the “Chemistry and Life” box in Section 5.5), to contract muscles, and to construct
and repair tissues. Any excess energy is stored as fats. Fats are well suited to serve
as the body’s energy reserve for at least two reasons: (1) They are insoluble in water,
which facilitates storage in the body, and (2) they produce more energy per gram than
either proteins or carbohydrates, which makes them efficient energy sources on a
mass basis. The average fuel value of fats is 38 kJ/g (9 kcal/g).

The metabolism of proteins in the body produces less energy than combustion
in a calorimeter because the products are different. Proteins contain nitrogen, which
is released in the bomb calorimeter as N, . In the body this nitrogen ends up main-
ly as urea, (NH,),CO. Proteins are used by the body mainly as building materials
for organ walls, skin, hair, muscle, and so forth. On average, the metabolism of
proteins produces 17 kJ/g(4 kcal/g), the same as for carbohydrates.

The fuel values for a variety of common foods are shown in Table 5.4 V.
Labels on packaged foods show the amounts of carbohydrate, fat, and protein
contained in an average serving, as well as the energy value of the serving (Figure
5.23 »). The amount of energy our bodies require varies considerably depend-
ing on such factors as weight, age, and muscular activity. About 100 kJ per kilo-
gram of body weight per day is required to keep the body functioning at a
minimal level. An average 70-kg (154-1b) person expends about 800 kJ/hr when

TABLE 5.4 Compositions and Fuel Values of Some Common Foods

Approximate Composition (% by mass) Fuel Value

Carbohydrate Fat Protein kJ/g kcal/g(Cal/g)
Carbohydrate 100 - - 17 4
Fat - 100 - 38 9
Protein - - 100 17 4
Apples 13 0.5 0.4 2.5 0.59
Beer? 1.2 - 0.3 1.8 0.42
Bread 52 3 9 12 2.8
Cheese 4 37 28 20 47
Eggs 0.7 10 13 6.0 14
Fudge 81 11 2 18 4.4
Green beans 7.0 - 1.9 15 0.38
Hamburger - 30 22 15 3.6
Milk (whole) 5.0 40 33 3.0 0.74
Peanuts 22 39 26 23 5.5

Beers typically contain 3.5% ethanol, which has fuel value.
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/| Fuel value is essentially the enthalpy

—1' of combustion expressed on a
per-gram basis.

A Figure 5.23 Labels of processed
foods have information about the
quantities of different nutrients in an
average serving.

| Entries in Table 5.4 expressed in
| kcal/g are equal to Cal/g (the
dietary calorie).
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doing light work, such as slow walking or light gardening. Strenuous activity,
such as running, often requires 2000 kJ/hr or more. When the energy content of
our food exceeds the energy we expend, our body stores the surplus as fat.

CQ| SAMPLE EXERCISE 5.14

A plant such as celery contains carbohydrates in the form of starch and cellulose. These
two kinds of carbohydrate have essentially the same fuel values when combusted in
a bomb calorimeter. When we consume celery, however, our bodies receive fuel value
from the starch only. What can we conclude about the difference between starch and
cellulose as foods?

Solution If cellulose does not provide fuel value, we must conclude that it is not con-
verted in the body into CO, and H,O, as starch is. A slight, but critical, difference in
the structures of starch and cellulose explains why only starch is broken down into
glucose in the body. Cellulose passes through without undergoing significant chemi-
cal change. It serves as roughage in the diet, but provides no caloric value.

PRACTICE EXERCISE

The nutritional label on a bottle of canola oil indicates that 10 g of the oil has a fuel value
of 86 kcal. A similar label on a bottle of pancake syrup indicates that 60 mL (about
60 g) has a fuel value of 200 kcal. Account for the difference.

Answer: The oil has a fuel value of 8.6 kcal/g, whereas the syrup has a fuel value of
about 3.3 kcal/g. The higher fuel value for the canola oil arises because the oil is es-
sentially pure fat, whereas the syrup is a solution of sugars (carbohydrates) in water.
The oil has a higher fuel value per gram; in addition, the syrup is diluted by water.

SAMPLE EXERCISE 5.15

(a) A 28-g (1-0z) serving of a popular breakfast cereal served with 120 mL of skim milk
provides 8 g protein, 26 g carbohydrates, and 2 g fat. Using the average fuel values of
these kinds of substances, estimate the amount of food energy in this serving. (b) A per-
son of average weight uses about 100 Cal/mi when running or jogging. How many
servings of this cereal provide the fuel value requirements for running 3 mi?

Solution (a) Analyze: The total food value in the serving will be the sum of the food
values of the protein, carbohydrates, and fat.

Plan: We are given the mass of protein, carbohydrates, and fat in the serving of cere-
al. We can use the data in Table 5.4 to convert these masses to their fuel values, which
we can sum to get the total food energy.

Solve:

7K

7)—%26 bhdt( 7 )
7 e (26 g carbohydrate)

® g protein) S e e

38k
g fat)(?fa]t) = 650 k] (to two significant figures)

This corresponds to 160 kcal:

1 kcal
4.18 K]

(650 k])( ) = 160 kcal

Recall that the dietary Calorie is equivalent to 1 kcal. Thus, the serving provides
160 Cal.

(b) Analyze: Here we are faced with the reverse problem, calculating the quan-
tity of food that provides a specific amount of caloric food value.
Plan: The problem statement provides a conversion factor between Calories and miles.
The answer to part (a) provides us with a conversion factor between servings and
Calories.
Solve: We can use these factors in a straightforward dimensional analysis to deter-
mine the number of servings needed, rounded to the nearest whole number:

100 Cal)( 1 serving
1mi 160 Cal

Servings = (3 mi)( ) = 2 servings




PRACTICE EXERCISE

(a) Dry red beans contain 62% carbohydrate, 22% protein, and 1.5% fat. Estimate
the fuel value of these beans. (b) Very light activity like reading or watching television
uses about 7 k]/min. How many minutes of such activity can be sustained by the
energy provided by a serving of chicken noodle soup containing 13 g protein, 15 g
carbohydrate, and 5 g fat?

Answers: (a) 15k]/g; (b) 95 min

Fuels

The elemental compositions and fuel values of several common fuels are com-
pared in Table 5.5 ¥. During the complete combustion of fuels, carbon is con-
verted to CO, and hydrogen is converted to H,O, both of which have large
negative enthalpies of formation. Consequently, the greater the percentage of
carbon and hydrogen in a fuel, the higher its fuel value. Compare, for example,
the compositions and fuel values of bituminous coal and wood. The coal has a
higher fuel value because of its greater carbon content.

TABLE 5.5 Fuel Values and Compositions of Some Common Fuels

Approximate Elemental
Composition (mass %)

C H (o) Fuel Value (k] /g)
Wood (pine) 50 6 44 18
Anthracite coal (Pennsylvania) 82 1 2 31
Bituminous coal (Pennsylvania) 77 5 7 32
Charcoal 100 0 0 34
Crude oil (Texas) 85 12 0 45
Gasoline 85 15 0 48
Natural gas 70 23 0 49
Hydrogen 0 100 0 142

In 2000 the United States consumed 1.03 X 10 k] of energy. This value cor-
responds to an average daily energy consumption per person of 1.0 X 10° kJ, which
is roughly 100 times greater than the per capita food-energy needs. We are a very
energy-intensive society. Although our population is only about 4.5% of the world’s
population, the United States accounts for nearly one fourth of the total world ener-
gy consumption. Figure 5.24 P> illustrates the sources of this energy.

Coal, petroleum, and natural gas, which are our major sources of energy, are
known as fossil fuels. All have formed over millions of years from the decomposition
of plants and animals and are being depleted far more rapidly than they are being
formed. Natural gas consists of gaseous hydrocarbons, compounds of hydrogen
and carbon. It contains primarily methane (CH,), with small amounts of ethane
(C,Hg), propane (C3Hg), and butane (C4H;g). We determined the fuel value of
propane in Sample Exercise 5.12. Petroleum is a liquid composed of hundreds of
compounds. Most of these compounds are hydrocarbons, with the remainder being
chiefly organic compounds containing sulfur, nitrogen, or oxygen. Coal, which is
solid, contains hydrocarbons of high molecular weight as well as compounds con-
taining sulfur, oxygen, or nitrogen. Coal is the most abundant fossil fuel; it constitutes
80% of the fossil fuel reserves of the United States and 90% of those of the world.
However, the use of coal presents a number of problems. Coal is a complex mixture
of substances, and it contains components that cause air pollution. When coal is
combusted, the sulfur it contains is converted mainly to sulfur dioxide, SO,, a very
troublesome air pollutant. Because coal is a solid, recovery from its underground
deposits is expensive and often dangerous. Furthermore, coal deposits are not always
close to locations of high-energy use, so there are often substantial shipping costs.
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One promising way to utilize coal reserves is to use them to produce a mix-
ture of gaseous hydrocarbons called syngas (for “synthesis gas”). In this process,
called coal gasification, the coal typically is pulverized and treated with super-
heated steam. Sulfur-containing compounds, water, and carbon dioxide can be
removed from the products, leading to a gaseous mixture of CHy, H,, and CO,
all of which have high fuel values:

conversion . purification
coal + steam ———— complex mixture ———

mixture of CHy, H,, CO (syngas)

Because it is gaseous, syngas can be easily transported in pipelines. Additionally,
because much of the sulfur in coal is removed during the gasification process, com-
bustion of syngas causes less air pollution than burning coal. For these reasons, the
economical conversion of coal and petroleum into “cleaner” fuels such as syngas and
hydrogen is a very active area of current research in chemistry and engineering.

Other Energy Sources

Nuclear energy is energy that is released in the splitting or fusion of the nuclei of
atoms. Nuclear power is currently used to produce about 22% of the electric
power in the United States and comprises about 8% of the total U.S. energy
production (Figure 5.24). Nuclear energy is, in principle, free of the polluting
emissions that are a major problem in the generation of energy from fossil fuels.
However, nuclear power plants produce radioactive waste products, and their
use has therefore been fraught with controversy. We will discuss issues related
to the production of nuclear energy in Chapter 21.

Fossil fuel and nuclear energy are nonrenewable sources of energy; the fuels
used are limited resources that we are consuming at a much greater rate than they
are regenerated. Eventually these fuels will be expended, although estimates
vary greatly as to when this will occur. Because nonrenewable sources of ener-
gy will eventually be used up, there is a great deal of research into sources of
renewable energy, energy sources that are essentially inexhaustible. Renewable
energy sources include solar energy from the Sun, wind energy harnessed by wind-
mills, geothermal energy from the heat stored in the mass of Earth, hydroelectric
energy from flowing rivers, and biomass energy from crops, such as trees and corn,
and from biological waste matter. Currently, renewable sources provide about 6.3%
of the U.S. annual energy consumption, with hydroelectric (3.7%) and biomass
(2.9%) sources as the major contributors.

Providing our future energy needs will most certainly depend on develop-
ing the technology to harness solar energy with greater efficiency. Solar energy
is the world’s largest energy source. On a clear day about 1 kJ of solar energy
reaches each square meter of Earth’s surface every second. The solar energy that
falls on only 0.1% of U.S. land area is equivalent to all the energy that this nation
currently uses. Harnessing this energy is difficult because it is dilute (it is dis-
tributed over a wide area) and it fluctuates with time and weather conditions. The
effective use of solar energy will depend on the development of some means of
storing the collected energy for use at a later time. Any practical means for doing
this will almost certainly involve use of an endothermic chemical process that can
be later reversed to release heat. One such reaction is the following:

CHy(g) + HyO(g) + heat —— CO(g) + 3H(g)

This reaction proceeds in the forward direction at high temperatures, which can be
obtained in a solar furnace. The CO and H, formed in the reaction could then be
stored and allowed to react later, with the heat released being put to useful work.
A survey taken about 20 years ago at Walt Disney’s EPCOT Center revealed
that nearly 30% of the visitors expected that solar energy would be the principal
source of energy in the United States in the year 2000. The future of solar energy



‘n Chemistry at Work The Hybrid Car

The hybrid cars now entering the automobile marketplace nice-
ly illustrate the convertibility of energy from one form to anoth-
er. Hybrid cars run on either gasoline or electricity. The so-called
“full hybrids” are cars capable of running on battery power
alone at low speeds. The Honda Insight, Figure 5.25 ¥, is a full
hybrid car that achieves 61 miles per gallon in city driving. In
the full hybrid cars, an electrical engine is capable of driving
the car at lower speeds. The “mild hybrid” cars are best
described as electrically assisted gasoline engines. Both Gener-
al Motors and Ford have announced plans to offer electrically
assisted engines for most models, beginning in about 2003.

Full hybrid cars are more efficient than the mild hybrid
designs, but they are more costly to produce, and they require
more technological advances than the mild hybrid versions.
The mild hybrids are likely to be more widely produced and
sold within the next several years. Let’s consider how they oper-
ate and some of the interesting thermodynamic considerations
they incorporate.

Figure 5.26 P> shows a schematic diagram of the power
system for a mild hybrid car. In addition to the 12-volt battery
that is standard on conventional autos, the hybrid car carries a
42-volt battery pack. The electrical energy from this battery pack
is not employed to move the car directly; an electrical engine
capable of doing that, as in the full hybrids, requires from 150
to 300 volts. In the mild hybrid cars the added electrical source
is employed to run various auxiliary devices that would oth-

A Figure 5.25 The Honda Insight, a hybrid car in which both
batteries and a gasoline engine provide power to move the car,
as well as drive ancillary devices.
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Gasoline engine

12-volt battery

42-volt battery
pack

Integrated starter
generator

Transmission

A Figure 5.26 Schematic diagram of a mild hybrid car. The
42-volt battery pack provides energy for operating several
auxiliary functions. It is recharged from the engine and through
the braking system.

erwise be run off the gasoline engine, such as water pump,
power steering, and air systems. To save on energy, when the
hybrid car comes to a stop, the engine shuts off. It restarts auto-
matically when the driver presses the accelerator. This feature
saves fuel that would otherwise be used to keep the engine
idling at traffic lights and other stopping situations.

The idea is that the added electrical system will improve
overall fuel efficiency of the car. The added battery, moreover, is
not supposed to need recharging from an external power source.
Where, then, can the improved fuel efficiency come from? Clear-
ly, if the battery pack is to continue to operate auxiliary devices
such as the water pump, it must be recharged. We can think of it
this way: The source of the voltage that the battery develops is a
chemical reaction. Recharging the battery thus represents a con-
version of mechanical energy into chemical potential energy. The
recharging occurs in part through the agency of an alternator,
which runs off the engine and provides a recharging voltage. In
the mild hybrid car, the braking system serves as an additional
source of mechanical energy for recharging. When the brakes are
applied in a conventional car, the car’s kinetic energy is converted
through the brake pads in the wheels into heat, so no useful work
is done. In the hybrid car, some of the car’s kinetic energy is used
to recharge the battery when the brakes are applied. Thus, kinet-
ic energy that would otherwise be dissipated as heat is partially
converted into useful work. Overall, the mild hybrid cars are
expected to yield 10-20% improvements in fuel economy as com-
pared with similar conventional cars.

has proven to be a lot like the Sun itself: big and bright, but further away than it
seems. Nevertheless, important progress has been made in recent years. Perhaps
the most direct way to make use of the Sun’s energy is to convert it directly into
electricity by use of photovoltaic devices, sometimes called solar cells. The
efficiencies of solar energy conversion by use of such devices have increased
dramatically during the past few years as a result of intensive research efforts.
Photovoltaics are vital to the generation of power for the space station. More
significant for our Earth-bound concerns, the unit costs of solar panels have been
steadily declining, even as their efficiencies have improved dramatically.
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As a result, photovoltaics are becoming feasible for large-scale generation of use-
ful energy at Earth’s surface. In California, businesses and homes that add solar
arrays to their rooftops can receive credit for electricity added directly to the
power grid. Now that the year 2000 has come and gone, when do you think solar
energy will become a principal source of energy in the United States?

SAMPLE INTEGRATIVE EXERCISE

Trinitroglycerin, C3HsN3Og, (usually referred to simply as nitroglycerin) has been
widely used as an explosive. Alfred Nobel used it to make dynamite in 1866. Rather
surprisingly, it also is used as a medication, to relieve angina (chest pains resulting
from partially blocked arteries to the heart), by dilating the blood vessels. The enthalpy
of decomposition at 1 atmosphere pressure of trinitroglycerin to form nitrogen gas,
carbon dioxide gas, liquid water, and oxygen gas at 25°C is —1541.4 k]/mol. (a) Write
a balanced chemical equation for the decomposition of trinitroglycerin. (b) Calculate
the standard heat of formation of trinitroglycerin. (c¢) A standard dose of trinitroglyc-
erin for relief of angina is 0.60 mg. Assuming that the sample is eventually complete-
ly combusted in the body (not explosively, though!) to nitrogen gas, carbon dioxide gas,
and liquid water, what number of calories is released? (d) One common form of trini-
troglycerin melts at about 3°C. From this information and the formula for the sub-
stance, would you expect it to be a molecular or ionic compound? Explain. (e) Describe
the various conversions of forms of energy when trinitroglycerin is used as an explo-
sive to break rockfaces in highway construction.

Solution (a) The general form of the reaction we must balance is
C3HsN3;O09(l) — Nj(g) + CO,x(Q) + Hy0() + Ox(9)

We go about balancing in the usual way. To obtain an even number of nitrogen atoms
on the left, we multiply the formula for CsH5N3Oq(s) by two. This then gives us 6 mol
of CO,(g) and 5 mol of H,O(l). Everything is balanced except for oxygen. We have
an odd number of oxygen atoms on the right. We can balance the oxygen by adding
3 mol of Oy(g) on the right:

2C;H5N306(I) — 3Nx(g) + 6CO5(g) + 5H,0(!) + 305(g)
We multiply through by two to convert all coefficients to whole numbers:
4C3H5N3O9(l) — 6Nj(g) + 12C0O5(g) + 10H,O() + O,(g)

(b) The heat of formation is the enthalpy change in the balanced chemical
equation:

3C(E) + 3Na(g) + 2Ha9) +305Q) — GHNsOo)  AHf =2
We can obtain the value of AH} by using the equation for the heat of decomposition
of trinitroglycerin:
4C3HsN;04(l) — 6N,(g) + 12C0O,(g) + 10H,O() + Ox(g)

The enthalpy change in this reaction is 4(—1541.4 k]) = —6155.6 k]. [We need to mul-
tiply by four because there are four moles of C3HsN3Oq(/) in the balanced equation.]
This enthalpy change is given by the sum of the heats of formation of the products
minus the heats of formation of the reactants, each multiplied by its coefficient in the
balanced equation:

—6155.6 k] = {6AHF(Nx(g)) + 12AHE(CO,(g)) + 10AHF(HO(1) + AHF(Ox(g))}
— 4AHH(C3H5N300(1)).
The AH} values for N,(g) and Ox(g) are zero, by definition. We look up the values for
H,0O(l) and CO,(g) from Table 5.3 and find that
—6155.6 k] = 12(—393.5k]) + 10(—285.8) — 4AH#(C3H5N304(1))
AH/?(C3H5N309(1)) = —353.6 k]/mol

(c) We know that on combustion a mol of C3H5N3O0y(!) yields 1541.4 k]. We need
to calculate the number of moles of CzH5N304(!) in 0.60 mg:

1 mol C3H5N309 15414 k]
227 g C3H5N309 1 mol C3H5N309

0.60 X 103gC3H5N309< ) =41 X% 107°KJ

=417




(d) Because trinitroglycerin melts below room temperature, we expect that it is a
molecular compound. With some exceptions, ionic substances are generally hard, crys-
talline materials that melt at high temperatures. ( Sections 2.5 and 2.6) Also, the
molecular formula suggests that it is likely to be a molecular substance. All the elements
of which it is composed are nonmetals.

(e) The energy stored in trinitroglycerin is chemical potential energy. When the
substance reacts explosively in air, it forms substances such as carbon dioxide, water,
and nitrogen gas, which are of lower potential energy. In the course of the chemical
transformation, energy is released in the form of heat; the gaseous reaction products
are very hot. This very high heat energy is transferred to the surroundings; the gases
expand against the surroundings, which may be solid materials. Work is done in mov-
ing the solid materials and imparting kinetic energy to them. For example, a chunk of
rock might be impelled upward. It has been given kinetic energy by transfer of ener-
gy from the hot, expanding gases. As the rock rises, its kinetic energy is transformed
into potential energy. Eventually, it again acquires kinetic energy as it falls to earth.
When it strikes the earth, its kinetic energy is converted largely to thermal energy,

Summary and Key Terms

187

though some work may be done on the surroundings as well.

Summary and Key Terms

Introduction and Section 5.1 Thermodynamics is the
study of energy and its transformations. In this chapter we
have focused on thermochemistry, the transformations of
energy—especially heat—during chemical reactions.

An object can possess energy in two forms: Kinetic
energy is the energy due to motion of the object, and
potential energy is the energy that an object possesses by
virtue of its position relative to other objects. An electron
in motion near a proton, for example, has kinetic energy
because of its motion and potential energy because of its
electrostatic attraction to the proton. The SI unit of energy
isthejoule (J):1] =1 kg—mz/ s2. Another common energy
unit is the calorie (cal), which was originally defined as
the quantity of energy necessary to increase the tempera-
ture of 1 g of water by 1°C: 1 cal = 4.184].

When we study thermodynamic properties, we define
a specific amount of matter as the system. Everything out-
side the system is the surroundings. A closed system can
exchange energy, but not matter, with the surroundings.
Energy can be transferred between the system and the sur-
roundings as work or heat. Work is the energy expended
to move an object against a force. Heat is the energy that
is transferred from a hotter object to a colder one. In ther-
modynamics we define energy as the capacity to do work
or to transfer heat.

Section 5.2 The internal energy of a system is the sum of
all the kinetic and potential energies of its component parts.
The internal energy of a system can change because of en-
ergy transferred between the system and the surroundings.
The first law of thermodynamics, which is also called the
law of conservation of energy, states that the change in the
internal energy of a system, AE, is the sum of the heat, g,
transferred into or out of the system and the work, w, done

on or by the system: AE = g + w. Both g and w have a sign
that indicates the direction of energy transfer. When heat is
transferred from the surroundings to the system, g > 0.
Likewise, when the surroundings do work on the system,
w > 0.In an endothermic process the system absorbs heat
from the surroundings; in an exothermic process the system
releases heat to the surroundings.

The internal energy, E, is a state function. The value of
any state function depends only on the state or condition
of the system and not on the details of how it came to be
in that state. The temperature of a substance is a state func-
tion, too. The heat, g, and the work, w, are not state func-
tions; their values depend on the particular way in which
a system changes its state.

Sections 5.3 and 5.4 When a gas is produced or con-
sumed in a chemical reaction occurring at constant pres-
sure, the system may perform pressure-volume work
against the prevailing pressure. For this reason, we define
anew state function called enthalpy, H, which is important
in thermochemistry. In systems where only pressure-
volume work due to gases is involved, the change in the
enthalpy of a system, AH, equals the heat gained or lost by
the system at constant pressure. For an endothermic
process, AH > 0; for an exothermic process, AH < 0.
Every substance has a characteristic enthalpy. In a chem-
ical process, the enthalpy of reaction is the enthalpy of the
products minus the enthalpy of the reactants:
AH,., = H(products) — H(reactants). Enthalpies of reac-
tion follow some simple rules: (1) Enthalpy is an extensive
property, so the enthalpy of reaction is proportional to the
amount of reactant that reacts. (2) Reversing a reaction
changes the sign of AH. (3) The enthalpy of reaction
depends on the physical states of the reactants and products.
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Section 5.5 The amount of heat transferred between the
system and the surroundings is measured experimentally by
calorimetry. A calorimeter measures the temperature
change accompanying a process. The temperature change of
a calorimeter depends on its heat capacity, the amount of
heat required to raise its temperature by 1 K. The heat ca-
pacity for 1 mol of a pure substance is called its molar heat
capacity; for 1 g of the substance, we use the term specific
heat. Water has a very high specific heat, 4.18 ]J/g-K. The
amount of heat, g, absorbed by a substance is the product of
its specific heat, its mass, and its temperature change:
g = (specific heat) X (grams of substance) X AT.

If a calorimetry experiment is carried out under a con-
stant pressure, the heat transferred provides a direct meas-
ure of the enthalpy change of the reaction. Constant-volume
calorimetry is carried out in a vessel of fixed volume called
a bomb calorimeter. Bomb calorimeters are used to meas-
ure the heat evolved in combustion reactions. The heat
transferred under constant-volume conditions is equal to
AE. However, corrections can be applied to AE values to
yield enthalpies of combustion.

Section 5.6 Because enthalpy is a state function, AH de-
pends only on the initial and final states of the system.
Thus, the enthalpy change of a process is the same whether
the process is carried out in one step or in a series of steps.
Hess’s law states that if a reaction is carried out in a series
of steps, AH for the reaction will be equal to the sum of
the enthalpy changes for the steps. We can therefore cal-
culate AH for any process, as long as we can write the
process as a series of steps for which AH is known.

Exercises

Section 5.7 The enthalpy of formation, AH r of a sub-
stance is the enthalpy change for the reaction in which the
substance is formed from its constituent elements. The
standard enthalpy of a reaction, AH®, is the enthalpy
change when all reactants and products are at 1 atm pres-
sure and a specific temperature, usually 298 K (25°C).
Combining these ideas, the standard enthalpy of forma-
tion, AH%, of a substance is the change in enthalpy for the
reaction that forms 1 mol of the substance from its ele-
ments with all reactants and products at 1 atm pressure
and usually 298 K. For any element in its most stable state
at 298 K and 1 atm pressure, AH} = 0. The standard en-
thalpy change for any reaction can be readily calculated
from the standard enthalpies of formation of the reactants
and products in the reaction:

AHp, = D) nAH(products) — EmAH}’(reactants)

Section 5.8 The fuel value of a substance is the heat re-
leased when 1 g of the substance is combusted. Different
types of foods have different fuel values and differing abil-
ities to be stored in the body. The most common fuels are
hydrocarbons that are found as fossil fuels, such as
natural gas, petroleum, and coal. Coal is the most abun-
dant fossil fuel, but the sulfur present in most coals caus-
es air pollution. Coal gasification is one possible way to
use existing resources as sources of cleaner energy. Sources
of renewable energy include solar energy, wind energy,
biomass, and hydroelectric energy. These energy sources
are essentially inexhaustible and will become more im-
portant as fossil fuels are depleted.

The Nature of Energy

5.1 In what two ways can an object possess energy? How do
these two ways differ from one another?

5.2 Suppose you toss a tennis ball upward. (a) Does the kinet-

CQ ic energy of the ball increase or decrease as it moves high-
er? (b) What happens to the potential energy of the ball
as it moves higher? (c) If the same amount of energy were
imparted to a ball the same size as a tennis ball, but of
twice the mass, how high would it go in comparison to
the tennis ball? Explain your answers.

5.3 (a) Calculate the kinetic energy in joules of a 45-g golf ball
moving at 61 m/s. (b) Convert this energy to calories.
(c) What happens to this energy when the ball lands in a
sand trap?

5.4 (a) What is the kinetic energy in joules of a 950-1b motor-
cycle moving at 68 mph? (b) By what factor will the kinet-
ic energy change if the speed of the motorcycle is
decreased to 34 mph? (c) Where does the kinetic energy
of the motorcycle go when the rider brakes to a stop?

5.5 In much engineering work it is common to use the British
thermal unit (Btu). A Btu is the amount of heat required
to raise the temperature of 11b of water by 1°F. Calculate
the number of joules in a Btu.

5.6 Awattis a measure of power (the rate of energy change)
equal to 1]/s. Calculate the number of joules in a kilo-
watt-hour.

5.7 An adult person radiates heat to the surroundings at
about the same rate as a 100-watt electric incandescent
light bulb. What is the total amount of energy in kcal ra-
diated to the surroundings by an adult in 24 hours?

5.8 Describe the source of the energy and the nature of the ener-

CQ gy conversions involved when a 100-watt electric lightbulb
radiates energy to its surroundings. Compare this with the
energy source and energy conversions involved when an
adult person radiates energy to the surroundings.

5.9 Suppose that a pellet is shot from an air gun straight up
CQ into the air. Why does the pellet eventually stop rising
and fall back to Earth, rather than simply moving out into



space? In principle, could the pellet ever move on out
into space?
5.10 A bowling ball is dropped from a 100-ft-high tower on
CQ Earth. Compare the change in potential energy that it
undergoes with dropping the same ball from a 100-ft-
high tower on the Moon.

5.11 (a) What is meant by the term system in thermodynamics?
(b) What is special about a closed system?

5.12 In a thermodynamic study a scientist focuses on the

CQ properties of a solution in a flask that is arranged as

In- I
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shown in the illustration. A solution is continuously flow-
ing into the flask at the top and out at the bottom, such
that the amount of solution in the flask is constant with
time. (a) Is the solution in the flask a closed system? Why
or why not? (b) If it is not a closed system, what could
be done with the arrangement in the figure to make a
closed system?

5.13 (a) What is work? (b) How do we determine the amount
of work done, given the force associated with the work?

5.14 (a) Not so long ago it was widely believed that heat is not

CQ aform of energy. What arguments can you give to con-
vince someone that it is? (b) Under what conditions is
heat transferred from one object to another?

5.15 Identify the force present, and explain whether work is

CQ being performed in the following cases: (a) You lift a pen-
cil off the top of a desk. (b) A spring is compressed to half
its normal length.

5.16 Identify the force present, and explain whether work is

CQ done when (a) a positively charged particle moves in a
circle at a fixed distance from a negatively charged par-
ticle; (b) an iron nail is pulled off a magnet.

The First Law of Thermodynamics

5.17 (a) State the first law of thermodynamics. (b) What is
meant by the internal energy of a system? (c) By what
means can the internal energy of a system increase?

5.18 (a) Write an equation that expresses the first law of ther-

CQ modynamics. (b) In applying the first law, do we need to
measure the internal energy of a system? Explain.
(c) Under what conditions will the quantities 4 and w be
negative numbers?

5.19 Calculate AE, and determine whether the process is en-
dothermic or exothermic for the following cases: (a) A
system releases 113 kJ of heat to the surroundings and
does 39 kJ of work on the surroundings; (b) g = 1.62 k]
and w = —874 J; (c) the system absorbs 77.5 k] of heat
while doing 63.5 k] of work on the surroundings.

5.20 For the following processes, calculate the change in inter-
nal energy of the system, and determine whether the
process is endothermic or exothermic: (a) A balloon is
heated by adding 900 J of heat. It expands, doing 422 J of
work on the atmosphere. (b) A 50-g sample of water is
cooled from 30°C to 15°C, thereby losing approximately
3140 J of heat. (c) A chemical reaction releases 8.65 kJ of
heat and does no work on the surroundings.

5.21 The closed box in each of the following illustrations rep-
CQ resents a system, and the arrows show the changes to the
system in a process. The lengths of the arrows represent
the relative magnitudes of 4 and w. (a) Which of these
processes is endothermic? (b) For which of these process-

es, if any,is AE < 0? (c) For which process, if any, is there
a net gain in internal energy?

7 < q

) (ii) (iii)

5.22 A system releases heat to its surroundings and has work

CQ done on it by the surroundings. (a) Sketch a box to
represent the system, and use arrows to represent the heat
and work transferred. (b) Is it possible for AE to be pos-
itive for this process? Explain. (c) Is it possible for AE to
be negative for this process? Explain.

5.23 A gas is confined to a cylinder fitted with a piston and

CQ an electrical heater, as shown in the illustration on the
next page. Suppose that current is supplied to the heater
so that 100 J of energy are added. Consider two different
situations. In case (1) the piston is allowed to move as the
energy is added. In case (2) the piston is fixed so that it
cannot move. (a) In which case does the gas have the
higher temperature after addition of the electrical energy?
Explain. (b) What can you say about the values of g and
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w in each of these cases? (c) What can you say about the
relative values of AE for the system (the gas in the cylin-
der) in the two cases?

|

Consider a system consisting of two oppositely charged
spheres hanging by strings and separated by a distance
11, as shown in the illustration in the next column. Sup-
pose they are separated to a larger distance ,, by moving
them apart along a track. (a) What change, if any, has

occurred in the potential energy of the system? (b) What
effect, if any, does this process have on the value of AE?
(c) What can you say about g and w for this process?

5.25

5.26

Q

Iy I

"

(a) What is meant by the term state function? (b) Give an ex-
ample of a quantity that is a state function and one that is
not. (c) Is temperature a state function? Why or why not?
Indicate which of the following is independent of the path
by which a change occurs: (a) the change in potential
energy when a book is transferred from table to shelf;
(b) the heat evolved when a cube of sugar is oxidized to
CO,(g) and H,O(g); (c) the work accomplished in burn-
ing a gallon of gasoline.

Enthalpy

5.27
cQ

5.28
cQ

5.29

5.30

5.31

5.32

(a) Why is the change in enthalpy a meaningful quantity
for many chemical processes? (b) H is a state function,
but g is not a state function. Explain. (c) For a given
process at constant pressure, AH is negative. Is the
process endothermic or exothermic?

(a) Under what condition will the enthalpy change of a
process equal the amount of heat transferred into or out of
the system? (b) Enthalpy is said to be a state function. What
is it about state functions that makes them particularly use-
ful? (c¢) During a constant-pressure process the system
absorbs heat from the surroundings. Does the enthalpy of
the system increase or decrease during the process?

The complete combustion of acetic acid, HC,H30,(I), to
form H,O(l) and CO,(g) at constant pressure releases
871.7 KJ of heat per mole of HC,H30,. (a) Write a bal-
anced thermochemical equation for this reaction.
(b) Draw an enthalpy diagram for the reaction.

The decomposition of zinc carbonate, ZnCO5(s), into zinc
oxide, ZnO(s), and CO,(g) at constant pressure requires
the addition of 71.5 kJ of heat per mole of ZnCO;.
(a) Write a balanced thermochemical equation for the
reaction. (b) Draw an enthalpy diagram for the reaction.
Consider the following reaction, which occurs at room
temperature and pressure:

2Cl(g) — Cl(g) AH = —2434k]

Which has the higher enthalpy under these conditions,

2C1(g) or Clx(g)?
Without referring to tables, indicate which of the follow-
ing has the higher enthalpy in each case: (a) 1 mol CO,(s)

5.33

2Mg(s) + Oy(g) — 2MgO(s)

5.34

CH3;0H(g) — CO(g) + 2H,(g)

5.35

or 1 mol CO,(g) at the same temperature; (b) 2 mol of
hydrogen atoms or 1 mol of Hj; (¢) 1 mol Hy(g) and
0.5 mol Oy(g) at 25°C or 1 mol H,O(g) at 25°C; (d) 1 mol
N,(g) at 100°C or 1 mol Ny(g) at 300°C.

Consider the following reaction:
AH = —1204K]

(a) Is this reaction exothermic or endothermic?
(b) Calculate the amount of heat transferred when 2.4 g
of Mg(s) reacts at constant pressure. (c) How many grams
of MgO are produced during an enthalpy change of
96.0 kJ? (d) How many kilojoules of heat are absorbed
when 7.50 g of MgO(s) are decomposed into Mg(s) and
O,(g) at constant pressure?

Consider the following reaction:

AH = +90.7 K]

(a) Is heat absorbed or evolved in the course of this reac-
tion? (b) Calculate the amount of heat transferred when
1.60 kg of CH30H(g) are decomposed by this reaction at
constant pressure. (c) For a given sample of CH3;0H, the
enthalpy change on reaction is 64.7 k]. How many grams
of hydrogen gas are produced? (d) What is the value of
AH for the reverse of the previous reaction? How many
kilojoules of heat are released when 32.0 g of CO(g) reacts
completely with H,(g) to form CH3;OH(g) at constant
pressure?

When solutions containing silver ions and chloride ions
are mixed, silver chloride precipitates:

Ag+(aq) + ClI(aq) —> AgCl(s) AH = —65.5K]
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5.39

(a) Calculate AH for formation of 0.540 mol of AgCl by
this reaction. (b) Calculate AH for the formation of 1.66 g
of AgCl. (c) Calculate AH when 0.188 mmol of AgCl dis-
solves in water.

At one time, a common means of forming small quanti-
ties of oxygen gas in the laboratory was to heat KC1O;:

2KCIO4(s) — 2KCl(s) + 30,(3)  AH = —89.4K]

For this reaction, calculate AH for the formation of
(a) 4.34 mol of O, and (b) 200.8 g of KCL. (c) The decom-
position of KClO3 proceeds spontaneously when it is
heated. Do you think that the reverse reaction, the for-
mation of KClO; from KCl and O,, is likely to be feasible
under ordinary conditions? Explain your answer.

You are given AH for a process that occurs at constant
pressure. What additional information is needed to de-
termine AE for the process?

Suppose that the gas phase reaction, 2NO(g) + O,(g) —
2NO,(g) were carried out in a constant-volume container
at constant temperature. Would the measured heat change
represent AH or AE? If there is a difference, which quan-
tity is larger for this reaction? Explain.

A gas is confined to a cylinder under constant atmos-
pheric pressure, as illustrated in Figure 5.3. When the gas
undergoes a particular chemical reaction, it releases 89 k]
of heat to its surroundings and does 36 k] of P-V work on
its surroundings. What are the values of AH and AE for
this process?

5.40

5.41

5.42
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A gas is confined to a cylinder under constant atmos-
pheric pressure, as illustrated in Figure 5.3. When 518 J of
heat is added to the gas, it expands and does 127 J of work
on the surroundings. What are the values of AH and AE
for this process?

Consider the combustion of liquid methanol, CH3;OH(I):

CH;OH(!) + 20,(g) — COx(g) + 2H,0(!)

AH = —726.5K]
(a) What is the enthalpy change for the reverse reaction?
(b) Balance the forward reaction with whole-number co-
efficients. What is AH for the reaction represented by this
equation? (c) Which is more likely to be thermodynami-
cally favored, the forward reaction or the reverse reac-
tion? (d) If the reaction were written to produce H,O(g)
instead of H,O(l), would you expect the magnitude of
AH to increase, decrease, or stay the same? Explain.
Consider the decomposition of liquid benzene, CcHg(l),
to gaseous acetylene, C,H,(g):

ICH() — CHy(g)  AH = +210k]

(a) What is the enthalpy change for the reverse reaction?
(b) What is AH for the decomposition of 1 mol of ben-
zene to acetylene? (c) Which is more likely to be thermo-
dynamically favored, the forward reaction or the reverse
reaction? (d) If C4Hg(g) were consumed instead of
CeHg(l), would you expect the magnitude of AH to
increase, decrease, or stay the same? Explain.

Calorimetry

5.43

5.44
cQ

5.45

5.46

5.47

5.48

5.49

(a) What are the units of heat capacity? (b) What are the
units of specific heat?

Two solid objects, A and B, are placed in boiling water and
allowed to come to temperature there. Each is then lifted
out and placed in separate beakers containing 1000 g
water at 10.0°C. Object A increases the water temperature
by 3.50°C; B increases the water temperature by 2.60°C.
(a) Which object has the larger heat capacity? (b) What
can you say about the specific heats of A and B?

(a) What is the specific heat of liquid water? (b) What is
the heat capacity of 185 g of liquid water? (c) How many
k] of heat are needed to raise the temperature of 10.00 kg
of liquid water from 24.6°C to 46.2°C?

(a) What is the molar heat capacity of liquid water?
(b) What is the heat capacity of 8.42 mol of liquid water?
(c) How many kJ of heat are needed to raise the temper-
ature of 2.56 kg of water from 44.8°C to 92.0°C?

The specific heat of copper metal is 0.385]/g-K. How
many ] of heat are necessary to raise the temperature of
a 1.42-kg block of copper from 25.0°C to 88.5°C?

The specific heat of toluene (C;Hg), is 1.13 J/g-K. How
many J of heat are needed to raise the temperature of 62.0 g
of toluene from 16.3°C to 38.8°C?

When a 9.55-g sample of solid sodium hydroxide dis-
solves in 100.0 g of water in a coffee-cup calorimeter

5.50

5.51

5.52

(Figure 5.18), the temperature rises from 23.6°C to 47.4°C.
Calculate AH (in kJ/mol NaOH) for the solution process

NaOH(s) — Na'(ag) + OH (aq)

Assume that the specific heat of the solution is the same
as that of pure water.

When a 3.88-g sample of solid ammonium nitrate dis-
solves in 60.0 g of water in a coffee-cup calorimeter
(Figure 5.18), the temperature drops from 23.0°C to
18.4°C. Calculate AH (in kJ/mol NH4NO3) for the solu-
tion process

NH4NO;5(s) — NH4+(uq) + NO3 (ag)

Assume that the specific heat of the solution is the same
as that of pure water.

A 2.200-g sample of quinone (C¢H4O,) is burned in a
bomb calorimeter whose total heat capacity is 7.854 kJ/°C.
The temperature of the calorimeter increases from 23.44°C
to 30.57°C. What is the heat of combustion per gram of
quinone? Per mole of quinone?

A 1.800-g sample of phenol (CqH5OH) was burned in a
bomb calorimeter whose total heat capacity is
11.66 kJ/°C. The temperature of the calorimeter plus con-
tents increased from 21.36°C to 26.37°C. (a) Write a bal-
anced chemical equation for the bomb calorimeter
reaction. (b) What is the heat of combustion per gram of
phenol? Per mole of phenol?
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5.54
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Under constant-volume conditions the heat of combus- The temperature of the calorimeter increases from
tion of glucose (CgH1,04) is 15.57 kJ/g. A 2.500-g sample 22.25°C to 27.20°C. (a) What is the total heat capacity of
of glucose is burned in a bomb calorimeter. The temper- the calorimeter? (b) A 1.320-g sample of a new organic
ature of the calorimeter increased from 20.55°C to substance is combusted in the same calorimeter. The tem-
23.25°C. (a) What is the total heat capacity of the perature of the calorimeter increases from 22.14°C to
calorimeter? (b) If the size of the glucose sample had been 26.82°C. What is the heat of combustion per gram of the
exactly twice as large, what would the temperature new substance? (c) Suppose that in changing samples, a
change of the calorimeter have been? portion of the water in the calorimeter were lost. In what
Under constant-volume conditions the heat of combus- way, if any, would this change the heat capacity of the
tion of benzoic acid (HC;H50,) is 26.38 kJ/g. A 1.640-g calorimeter?

sample of benzoic acid is burned in a bomb calorimeter.

Law calculate the enthalpy change for the reaction

State Hess’s law. Why is it important to thermochemistry? P,04(s) + 205(g) — PyO10(s)

What is the connection between Hess’s law and the fact .

. . 5.60 From the heats of reaction

that H is a state function?

Consider the following hypothetical reactions: 2H5(g) + O2(g) — 2H,0() AH = —483.6 K]
A—>B AH = +30k]J 30,(g) — 205(%) AH = +284.6 K]
B—C AH = +60Kk] calculate the heat of the reaction

(a) Use Hess’s law to calculate the enthalpy change for

the reaction A —— C. (b) Construct an enthalpy dia- 3Hj(g) + O3(g) — 3H0(g)

gram for substances A, B, and C, and show how Hess’s 5.61 From the enthalpies of reaction

law applies. . . . Ha(g) + Fy(§) — 2HF(g) ~ AH = —537K]

Suppose you are given the following hypothetical

reactions: C(s) + 2Fy(g) —> CEy ) AH = —680k]
X—Y AH= -35Kk] 2C(s) + 2Hp(g) — CoHu®)  AH = +52.3K]
X—Z AH = +90k] calculate AH for the reaction of ethylene with F,:

(a) Use Hess'’s law to calculate the enthalpy change for CoHy(g) + 6Fy(g) — 2CFy(g) + 4HF(g)

the reactionY —— Z. (b) Construct an enthalpy diagram 562 Gi he d

for substances X, Y, and Z. (c¢) Would it be valid to do : 1ven the data

what we have asked in part (a) if the first reaction had Ny(g) + Ox(9) — 2NO(g) AH = +180.7kJ

Eii)?aicr?rrled out at 25°C and the second at 240°C? 2NO(g) + O5(g) > 2NO,(g) AH = —113.1K]

Given the enthalpies of reaction N20() Na() + O2(8) AH = —1632K]

Py(s) + 30,(g) — P,O4(s)
Py(s) + 505(g) — P4Oy(s)

AH = —1640.1kJ
AH = —2940.1k]

use Hess’s law to calculate AH for the reaction
N;0(g) + NOy(g) — 3NO(g)

Enthalpies of Formation

5.63

5.64

5.65
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5.66

(a) What is meant by the term standard conditions, with
reference to enthalpy changes? (b) What is meant by the
term enthalpy of formation? (c) What is meant by the term
standard enthalpy of formation?

(a) Why are tables of standard enthalpies of formation so
useful? (b) What is the value of the standard enthalpy of
formation of an element in its most stable form?

Suppose it were decided that the standard enthalpies of
formation of all elements in their most stable forms
should be 100 kJ/mol. Would it still be possible to have
standard enthalpies of formation of compounds, as in
Table 5.3? If so, would any of the values in Table 5.3 be the
same? Explain.

Using Table 5.3, determine whether the reaction of solid
sucrose with liquid water to form solid glucose is an
endothermic or exothermic process.

5.67

5.68

5.69

For each of the following compounds, write a balanced
thermochemical equation depicting the formation of
1 mol of the compound from its elements in their standard
states and use Appendix C to obtain the value of AH}:
(a) NH;(g); (b) SO4(g); (¢) RbClO3(s); (d) NH4NO;(s).
Write balanced equations that describe the formation of
the following compounds from their elements in their
standard states, and use Appendix C to obtain the val-
ues of their standard enthalpies of formation: (a) HBr(g);
(b) AgNO;(s); (¢) HgoCly(s); (d) C;H50H().
The following is known as the thermite reaction [(Figure
5.8(b))]:

2A1(S) + Fe2O3(s) —_— A1203(S) + 2Fe(s)
This highly exothermic reaction is used for welding mas-
sive units, such as propellers for large ships. Using
enthalpies of formation in Appendix C, calculate AH® for
this reaction.
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Many cigarette lighters contain liquid butane, C4Hqo(0).
Using enthalpies of formation, calculate the quantity of
heat produced when 1.0 g of butane is completely com-
busted in air.

Using values from Appendix C, calculate the standard
enthalpy change for each of the following reactions:

(@ 250,(8) + Oi(g) — 2505(g)

(b) Mg(OH)y(s) —> MgO(s) + H;0()

(c) 4FeO(s) + Ox(g) — 2Fe;O5(s)

(d) SiCly(l) + 2H,O(l) — SiO4(s) + 4HCI(g)

Using values from Appendix C, calculate the value of
AH? for each of the following reactions:

(a) NoOy(g) + 4Hx(g) — Ny(g) + 4H,0(g)

(b) 2KOH(s) + CO,(g) — K,COs5(s) + HyO(g)

(©) SOa(g) + 2H,S(g) — ()Ss(s) + 2H0(8)

(d) Fe,O3(s) + 6HCl(g) — 2FeCl;(s) + 3H,0(g)

Complete combustion of 1 mol of acetone (C3HO) liber-
ates 1790 kJ:

C3HO(l) + 40,(g) — 3CO,(g) + 3H,O(I)
AH® = —1790 K]

Using this information together with data from Appen-
dix C, calculate the enthalpy of formation of acetone.
Calcium carbide (CaC,) reacts with water to form acety-
lene (C,H;) and Ca(OH),. From the following enthalpy
of reaction data and data in Appendix C, calculate AH}J
for CaCy(s):

CaC2(S) + 2H20(l) — Ca(OH)z(S) + C2H2(g)
AH° = —127.2K]

Calculate the standard enthalpy of formation of solid
Mg(OH),, given the following data:

2Mg(s) + O,(g) — 2MgO(s)
Mg(OH),(s) — MgO(s) + H,O(l)

AH® = —1203.6 K]
AH® = +37.1K]
AH® = —571.7 K]

5.76
cQ

5.77

5.78
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(a) Calculate the standard enthalpy of formation of
gaseous diborane (B,H) using the following thermo-
chemical information:

4B(s) + 30,(3) — 2B,05(s) AH° = —2509.1 k]

2H,(g) + Ox(g) — 2H,0() AH® = =571.7K]
ByHe(g) + 30,(8) — ByO5(s) + 3H,O()

AH° = —2147.5K]

(b) Pentaborane (BsHy) is another in a series of boron
hydrides. What experiment or experiments would you
need to perform to yield the data necessary to calculate
the heat of formation of BsHy(l)? Explain by writing out
and summing any applicable chemical reactions.
Gasoline is composed primarily of hydrocarbons, in-
cluding many with eight carbon atoms, called octanes.
One of the cleanest burning octanes is a compound called
2,3,4-trimethylpentane, which has the following struc-
tural formula:

Tere T
H,C—CH—CH—CH—CHj

The complete combustion of 1 mol of this compound to
CO,(g) and H,0O(g) leads to AH® = —5069 k]. (a) Write a
balanced equation for the combustion of 1 mol of
CgHg(]). (b) Write a balanced equation for the formation
of CgH () from its elements. (c) By using the information
in this problem and data in Table 5.3, calculate AHJ? for
2,3 4-trimethylpentane.

Naphthalene (C;yHyg) is a solid aromatic compound often
sold as mothballs. The complete combustion of this sub-
stance to yield CO,(g) and H,O(l) at 25°C yields
5154 k] /mol. (a) Write balanced equations for the forma-
tion of naphthalene from the elements and for its com-
bustion. (b) Calculate the standard enthalpy of formation
of naphthalene.

Foods and Fuels

5.79

5.80

5.81

5.82

(a) What is meant by the term fuel value? (b) What sub-
stance is often referred to as blood sugar? Why is it sig-
nificant in the discussion of human foods? (c¢) Which is
a greater source of energy as food, 5 g of fat or 9 g of
carbohydrate?

(a) Why are fats well suited for energy storage in the
human body? (b) A particular chip snack food is com-
posed of 12% protein, 14% fat, and the rest carbohydrate.
What percentage of the calorie content of this food is fat?
(c) How many grams of protein provide the same fuel
value as 25 g of fat?

Aserving of Campbell’s® condensed cream of mushroom
soup contains 7 g fat, 9 g carbohydrate, and 1 g protein.
Estimate the number of Calories in a serving.

A pound of plain M&M® candies contains 96 g fat, 320 g
carbohydrate, and 21 g protein. What is the fuel value in

5.83

5.84

5.85

k] in a 42-g (about 1.5 0z) serving? How many Calories
does it provide?

The heat of combustion of fructose, CcH 1,0, is —2812
kJ/mol. If a fresh golden delicious apple weighing 4.23 oz
(120 g) contains 16.0 g of fructose, what caloric content
does the fructose contribute to the apple?

The heat of combustion of ethanol, C,H50OH(/), is —1367
kJ/mol. A batch of sauvignon blanc wine contains 10.6%
ethanol by mass. Assuming the density of the wine to be
1.0 g/mL, what caloric content does the alcohol (ethanol)
in a 6-oz glass of wine (177 mL) have?

The standard enthalpies of formation of gaseous propyne
(C3Hy), propylene (C3Hg), and propane (CsHg) are
+185.4, +20.4, and -—103.8 kJ/mol, respectively.
(a) Calculate the heat evolved per mole on combustion
of each substance to yield CO,(g) and H,O(g).
(b) Calculate the heat evolved on combustion of 1 kg of
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each substance. (¢) Which is the most efficient fuel in
terms of heat evolved per unit mass?

It is interesting to compare the “fuel value” of a hydro-
carbon in a world where fluorine rather than oxygen is
the combustion agent. The enthalpy of formation of

CEy(g) is —679.9 k] /mol. Which of the following two reac-
tions is the more exothermic?

CHy(g) + 20,(g) — CO,(g) + 2H,0(g)
CHy(Q) + 4Fy(g) — CEy(g) + 4HF(g)

Additional Exercises

5.87

5.88

5.89
cQ

5.90
cQ

[5.91]
cQ

5.92
cQ

[5.93]
cQ

At 20°C (approximately room temperature) the average
velocity of N, molecules in air is 1050 mph. (a) What is
the average speed in m/s? (b) What is the kinetic energy
(in]) of an N, molecule moving at this speed? (c) What is
the total kinetic energy of 1 mol of N, molecules moving
at this speed?

Suppose an Olympic diver who weighs 52.0 kg executes
a straight dive from a 10-m platform. At the apex of the
dive, the diver is 10.8 m above the surface of the water.
(a) What is the potential energy of the diver at the apex
of the dive, relative to the surface of the water? (See the
caption of Figure 5.5.) (b) Assuming that all the potential
energy of the diver is converted into kinetic energy at the
surface of the water, at what speed in m/s will the diver
enter the water? (c) Does the diver do work on entering
the water? Explain.

When a mole of Dry Ice®, CO4(s), is converted to CO,(g)
at atmospheric pressure and —78°C, the heat absorbed
by the system exceeds the increase in internal energy of
the CO,. Why is this so? What happens to the remaining
energy?

The air bags that provide protection in autos in the event
of an accident expand as a result of a rapid chemical reac-
tion. From the viewpoint of the chemical reactants as the
system, what do you expect for the signs of 4 and w in
this process?

An aluminum can of a soft drink is placed in a freezer.
Later, the can is found to be split open and its contents
frozen. Work was done on the can in splitting it open.
Where did the energy for this work come from?

Aside from nuclear reactions, in which matter and ener-
gy interconvert to a measurable extent, the classical state-
ment of the first law of thermodynamics can be written
as follows: The energy of the universe is constant. Is this
statement consistent with Equation 5.5? Explain.

A sample of gas is contained in a cylinder-and-piston
arrangement. It undergoes the change in state shown in
the drawing. (a) Assume first that the cylinder and piston
are perfect thermal insulators that do not allow heat to be
transferred. What is the value of g for the state change?

[5.94]

What is the sign of w for the state change? What can be
said about AE for the state change? (b) Now assume that
the cylinder and piston are made up of a thermal conduc-
tor such as a metal. During the state change, the cylinder
gets warmer to the touch. What is the sign of ¢ for the state
change in this case? Describe the difference in the state of
the system at the end of the process in the two cases. What
can you say about the relative values of AE?

Limestone stalactites and stalagmites are formed in caves
by the following reaction:

Ca®*(aq) + 2HCO; (aq) — CaCOj4(s) + CO,(g) + H,O(l)

[5.95]
cQ

5.96

[5.97]

If 1 mol of CaCOj; forms at 298 K under 1 atm pressure,
the reaction performs 2.47 kJ of P-V work, pushing back
the atmosphere as the gaseous CO, forms. At the same
time, 38.95 k] of heat is absorbed from the environment.
What are the values of AH and of AE for this reaction?
Consider the systems shown in Figure 5.10. In one case
the battery becomes completely discharged by running
the current through a heater, and in the other by running
a fan. Both processes occur at constant pressure. In both
cases the change in state of the system is the same: The
battery goes from being fully charged to being fully dis-
charged. Yet in one case, the heat evolved is large, and in
the other it is small. Is the enthalpy change the same in the
two cases? If not, how can enthalpy be considered a state
function? If it is, what can you say about the relationship
between enthalpy change and g in this case, as compared
with others that we have considered?

Ahouse is designed to have passive solar energy features.
Brickwork is to be incorporated into the interior of the
house to act as a heat absorber. Each brick weighs approx-
imately 1.8 kg. The specific heat of the brick is 0.85J/g-K.
How many bricks must be incorporated into the interior
of the house to provide the same total heat capacity as
1.7 X 10° gal of water?

A coffee-cup calorimeter of the type shown in Figure 5.18
contains 150.0 g of water at 25.1°C. A 121.0-g block of cop-
per metal is heated to 100.4°C by putting it in a beaker of
boiling water. The specific heat of Cu(s) is 0.385]/g-K.
The Cu is added to the calorimeter, and after a time the
contents of the cup reach a constant temperature of
30.1°C. (a) Determine the amount of heat, in J, lost by the
copper block. (b) Determine the amount of heat gained by
the water. The specific heat of water is 4.18 J/g-K. (c) The
difference between your answers for (a) and (b) is due to
heat loss through the Styrofoam® cups and the heat nec-
essary to raise the temperature of the inner wall of the
apparatus. The heat capacity of the calorimeter is the
amount of heat necessary to raise the temperature of the
apparatus (the cups and the stopper) by 1 K. Calculate
the heat capacity of the calorimeter in J/K. (d) What
would be the final temperature of the system if all the
heat lost by the copper block were absorbed by the water
in the calorimeter?
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5.99

5.100
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(a) When a 0.235-g sample of benzoic acid is combusted
in a bomb calorimeter, the temperature rises 1.642°C.
When a 0.265-g sample of caffeine, CgH;qO,Ny, is
burned, the temperature rises 1.525°C. Using the value
26.38 kJ/g for the heat of combustion of benzoic acid, cal-
culate the heat of combustion per mole of caffeine at con-
stant volume. (b) Assuming that there is an uncertainty
of 0.002°C in each temperature reading and that the mass-
es of samples are measured to 0.001 g, what is the esti-
mated uncertainty in the value calculated for the heat of
combustion per mole of caffeine?

A 200-Ib man decides to add to his exercise routine by
walking up three flights of stairs (45 ft) 20 times per day.
He figures that the work required to increase his poten-
tial energy in this way will permit him to eat an extra
order of French fries, at 245 Cal, without adding to his
weight. Is he correct in this assumption?

Burning methane in oxygen can produce three different
carbon-containing products: soot (very fine particles of
graphite), CO(g), and CO5(g). (a) Write three balanced
equations for the reaction of methane gas with oxygen to
produce these three products. In each case assume that
H,0(]) is the only other product. (b) Determine the stan-
dard enthalpies for the reactions in part (a). (c) Why, when
the oxygen supply is adequate, is CO,(g) the predominant
carbon-containing product of the combustion of methane?
From the following data for three prospective fuels, calcu-
late which could provide the most energy per unit volume:

Fuel

Density
at 20°C
(g/cmd)

Molar Enthalpy
of Combustion
(kJ/mol)

Nitroethane, C,HsNO,(!)
Ethanol, C,H5OH(!)
Methylhydrazine, CH¢N,(!)

1.052
0.789
0.874

—1368
—1367
—1305

5.102

The hydrocarbons acetylene (C,H;) and benzene (CgHy)
have the same empirical formula. Benzene is an “aromat-
ic” hydrocarbon, one that is unusually stable because of its
structure. (a) By using the data in Appendix C, determine the
standard enthalpy change for the reaction 3C,H(g) —
CgHyg(l). (b) Which has greater enthalpy, 3 mol of acetylene
gas or 1 mol of liquid benzene? (c) Determine the fuel value
in kJ/g for acetylene and benzene.
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[5.103] Three common hydrocarbons that contain four carbons

5.104

are listed here, along with their standard enthalpies of
formation:

Hydrocarbon  Formula AHZ(kJ/mol)
1,3-Butadiene CyHg(9) 111.9
1-Butene C4Hg(g) 1.2
n-Butane C4Hqp(9) —124.7

(a) For each of these substances, calculate the molar en-
thalpy of combustion to CO,(g) and H,O(l). (b) Calculate
the fuel value in kJ/g for each of these compounds. (c) For
each hydrocarbon, determine the percentage of hydro-
gen by mass. (d) By comparing your answers for parts
(b) and (c), propose a relationship between hydrogen con-
tent and fuel value in hydrocarbons.

The two common sugars, glucose (C4H1,04) and sucrose
(C1oH»0Oq1), are both carbohydrates. Their standard
enthalpies of formation are given in Table 5.3. Using these
data, (a) calculate the molar enthalpy of combustion to
CO,(g) and H,O(l) for the two sugars; (b) calculate the
enthalpy of combustion per gram of each sugar;
(c) determine how your answers to part (b) compare to
the average fuel value of carbohydrates discussed in
Section 5.8.

[5.105] Itis estimated that the net amount of carbon dioxide fixed

cQ

by photosynthesis on land on Earth is 5.5 X 10'¢ g/yr
of CO,. All this carbon is converted into glucose.
(a) Calculate the energy stored by photosynthesis on land
per year in kJ. (b) Calculate the average rate of conversion
of solar energy into plant energy in MW (1W = 1]/s). A
large nuclear power plant produces about 10> MW. The
energy of how many such nuclear power plants is equiv-
alent to the solar energy conversion?

[5.106] Ammonia (NHj3) boils at —33°C; at this temperature it

has a density of 0.81 g/cm?®. The enthalpy of formation of
NHj5(g) is —46.2 k] /mol, and the enthalpy of vaporization
of NHj(J) is 23.2 kJ/mol. Calculate the enthalpy change
when 1L of liquid NHj3 is burned in air to give Nj(g) and
H,0(g). How does this compare with AH for the com-
plete combustion of 1 L of liquid methanol, CH3;OH(l)?
For CH3;OH()), the density at 25°C is 0.792 g/cmS, and
AH$ equals —239 kJ/mol.

Integrative Exercises

5.107

5.108
cQ

Consider the combustion of a single molecule of CH,(g).
(a) How much energy, in J, is produced during this reac-
tion? (b) A typical X-ray photon has an energy of 8 keV.
How does the energy of combustion compare to the en-
ergy of the X-ray photon?

Consider the dissolving of NaCl in water, illustrated in
Figure 4.3. Let’s say that the system consists of 0.1 mol
NaCl and 1 L of water. Considering that the NaCl readi-
ly dissolves in the water and that the ions are strongly
stabilized by the water molecules, as shown in the fig-
ure, is it safe to conclude that the dissolution of NaCl in

5.109

water results in a lower enthalpy for the system? Explain
your response. What experimental evidence would you
examine to test this question?
Consider the following unbalanced oxidation-reduction
reactions in aqueous solution:

Agt(aq) + Li(s) — Ag(s) + Li*(aq)
Fe(s) + Na'(ag) — Fe?"(aq) + Na(s)
K(s) + H,O() — KOH(aq) + Hy(g)
(a) Balance each of the reactions. (b) By using data in

Appendix C, calculate AH® for each of the reactions.
(c) Based on the values you obtain for AH®, which of the
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reactions would you expect to be favorable? Which

would you expect to be unfavorable? (d) Use the activi-

ty series to predict which of these reactions should occur.
(Section 4.4) Are these results in accord with your

conclusion in part (c) of this problem?

Consider the following acid-neutralization reactions

involving the strong base NaOH(ag):

HNO3(aq) + NaOH(aq) — NaNOj3(aq) + H,O(I)
HCl(aq) + NaOH(aq) —> NaCl(aq) + H,O())
NH,*(aq) + NaOH(aq) —> NHj(ag) + Na*(aq) + H,O()

5.111

5.115

5.116

5.117

(a) By using data in Appendix C, calculate AH® for each of
the reactions. (b) As we saw in Section 4.3, nitric acid and
hydrochloric acid are strong acids. Write net ionic equa-
tions for the neutralization of these acids. (¢) Compare the
values of AH® for the first two reactions. What can you con-
clude? (d) In the third equation NH,*(aq) is acting as an
acid. Based on the value of AH® for this reaction, do you
think it is a strong or a weak acid? Explain.

Consider two solutions, the first being 50.0 mL of 1.00 M
CuSOy and the other 50.0 mL of 2.00 M KOH. When the
two solutions are mixed in a constant-pressure calorime-
ter, a precipitate forms and the temperature of the mixture
rises from 21.5°C to 27.7°C. (a) Before mixing, how many
grams of Cu are present in the solution of CuSO,?
(b) Predict the identity of the precipitate in the reaction.
(c) Write complete and net ionic equations for the reaction
that occurs when the two solutions are mixed. (d) From the
calorimetric data, calculate AH for the reaction that occurs
on mixing. Assume that the calorimeter absorbs only a neg-
ligible quantity of heat, that the total volume of the solution
is 100.0 mL, and that the specific heat and density of the
solution after mixing are the same as that of pure water.

eMedia Exercises

5.112

[5.113]

5.114
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The metathesis reaction between AgNOs;(ag) and
NaCl(aq) proceeds as follows:

AgNOs(aq) + NaCl(aq) — NaNOs(aq) + AgCl(s)

(a) By using Appendix C, calculate AH® for the net ionic
equation of this reaction. (b) What would you expect for
the value of AH® of the overall molecular equation com-
pared to that for the net ionic equation? Explain. (c) Use
the results from (a) and (b) along with data in Appendix
C to determine the value of AH} for AgNO5(aq).

A sample of a hydrocarbon is combusted completely in
O,(g) to produce 21.83 g CO,(g), 4.47 g H,O(g), and
311 KJ of heat. (a) What is the mass of the hydrocarbon
sample that was combusted? (b) What is the empirical
formula of the hydrocarbon? (c) Calculate the value of
AH$ per empirical-formula unit of the hydrocarbon.
(d) Do you think that the hydrocarbon is one of those list-
ed in Appendix C? Explain your answer.

The methane molecule, CH,, has the geometry shown in
Figure 2.21. Imagine a hypothetical process in which the
methane molecule is “expanded,” by simultaneously
extending all four C—H bonds to infinity. We then have
the process

CH4g) — C(g) + 4H(Q)

(a) Compare this process with the reverse of the reaction
that represents the standard enthalpy of formation.
(b) Calculate the enthalpy change in each case. Which is
the more endothermic process? What accounts for the dif-
ference in AH® values? (c) Suppose that 3.45 g CH,(g) are
reacted with 1.22 g F,(g), forming CF,(g) and HF(g) as
sole products. What is the limiting reagent in this reac-
tion? Assuming that the reaction occurs at constant pres-
sure, what amount of heat is evolved?

The Enthalpy of Dissolution simulation (eChapter 5.4)
allows you to dissolve five different compounds in water.
For each compound, tell whether the process is endother-
mic or exothermic.

Using the calculated AH from Exercise 5.49, determine
how much sodium hydroxide must be dissolved in
100.0 g of water in order for the temperature to rise by
25.0°C. Use the Enthalpy of Dissolution simulation
(eChapter 5.4) to verify your answer.

(a) Which combination (what compound, mass of com-
pound, and mass of water) in the Enthalpy of Dissolu-
tion simulation produces the largest temperature change?
(eChapter 5.4) (b) Suppose a weighed quantity of a spar-
ingly soluble salt were used for a calorimetry experiment
similar to those in the simulation. After measuring the
temperature change, you discover that not all of the salt
has dissolved. Discuss the errors that would arise in the
calculated value of the molar enthalpy of solution as a
result of this complication.

5.118

5.119

(a) Using the heat of combustion given in Exercise 5.54,
calculate the temperature increase for the combustion
of a 450-mg sample of benzoic acid in a calorimeter with
a heat capacity of 420 J/°C that contains 500 g of water.
Use the Calorimetry simulation (eChapter 5.5) to check
your prediction. (b) Perform calorimetry experiments
using the other compounds available in the simulation.
For each compound (excluding nitroglycerin), deter-
mine the molar heat of combustion. (¢) Which com-
pound has the highest heat of combustion per mole?
(d) Which compound has the highest heat of combus-
tion per gram?

(a) Using the heat of combustion for sucrose determined
in the previous exercise, calculate the amount of heat that
would be evolved by the combustion of 228 mg of
sucrose. (b) What temperature change would be observed
if this combustion were carried out with 735 grams of
water in the calorimeter? Use the Calorimetry simula-
tion (eChapter 5.5) to verify your answer.
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Carry out a series of experiments with the Calorimetry
simulation (eChapter 5.5), using 500 grams of water in the
calorimeter. Vary the amount of sucrose, using values of
50 mg, 150 mg, 250 mg, and 450 mg. (a) Graph your data
with mg sucrose on the x-axis and temperature change
on the y-axis. (b) Is the temperature change proportion-
al to the mass of sucrose combusted?

Repeat the experiment of the previous exercise with a
constant 255 mg of sucrose, but vary the amount of
water, using values of 600 g, 700 g, 800 g, and 900 g.
(a) Again, graph your data with grams of water on the
x-axis and temperature change on the y-axis. (b) Is the
temperature change proportional to the mass of water in
the calorimeter? If your answer to part (b) is different

5.122

5.123
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from your answer to part (b) of the previous exercise,
explain why.

The enthalpy of combustion of nitroglycerin is
—1541 kJ/mol. (a) Using this and the data from experi-
ments conducted in the Calorimetry simulation (eChapter
5.5), determine the molar mass of nitroglycerin.
(b) Explain how your answer to part (a) would be affect-
ed by the use of a poorly insulated calorimeter.
Compare the Thermite and Formation of Water movies
(eChapter 5.7). (a) Use the information provided to calcu-
late the AH® for the formation of water, and compare it to
the AH® calculated for the thermite reaction in Exercise
5.69. (b) Comment on the apparent relationship between
the nature of a reaction and the magnitude of its AH®.
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discussed in Chapter 2, evolved
largely from experimental observations. Elements that
exhibit similar properties were placed together in the
same column of the table. But what are the fundamen-

tal reasons for these similarities? Why, for example,
are sodium and potassium both soft, reactive metals? Why are helium and neon
both unreactive gases? Why do the halogens all react with hydrogen to form
compounds that contain one hydrogen atom and one halogen atom?

When atoms react, it is the electrons that interact. Thus, the key to answer-
ing questions like those posed above lies in understanding the behavior of elec-
trons in atoms. The arrangement of electrons in an atom is called its electronic
structure. The electronic structure of an atom refers not only to the number of
electrons that an atom possesses but also to their distribution around the nucle-
us and to their energies.

As we will see, electrons do not behave like anything we are familiar with
in the macroscopic world. Our knowledge of electronic structure is the result of
one of the major developments of twentieth-century science, the quantum theo-
ry. In this chapter we will describe the development of the quantum theory and
how it led to a consistent description of the electronic structures of the elements.
We will explore some of the tools used in quantum mechanics, the new physics that
had to be developed to describe atoms correctly. In the chapters that fol-
low, we will see how these concepts are used to explain trends in the
periodic table and the formation of bonds between atoms.

» What's Ahead <«

Understanding how light (radiant
energy, or electromagnetic radiation)
interacts with matter provides
insights into the behavior of elec-
trons in atoms.

Electromagnetic radiation has
wavelike properties characterized
by its wavelength, frequency, and
speed.

Studies of the radiation given off
by hot objects and of the way in
which light striking a metal surface
can free electrons indicate that elec-
tromagnetic radiation also has par-
ticle-like character and can be
described in terms of photons.

The fact that atoms give off charac-
teristic colors of light (line spectra)
provides clues about how electrons
are arranged in atoms, leading to
two important ideas: Electrons
exist only in certain energy levels
around nuclei, and energy is
involved in moving an electron
from one level to another.

Matter also has wave properties,
and it is impossible to determine
simultaneously the exact position
and exact motion of an electron in
an atom (Heisenberg's uncertainty
principle).

How electrons are arranged in
atoms is described by quantum
mechanics in terms of orbitals.

Knowing the energies of orbitals as
well as some fundamental charac-
teristics of electrons allows us to
determine the ways in which elec-
trons are distributed among vari-
ous orbitals in an atom (electron
configurations).

The electron configuration of an
atom is related to the location of
the element in the periodic table.
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A Figure 6.1
the boat’s movement. The regular
variation of the peaks and troughs
enables us to sense the motion, or
propagation, of the waves.
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A Figure 6.2 Characteristics of water
waves. (a) The distance between
corresponding points on each wave is
called the wavelength. (b) The number of
times per second that the cork bobs up
and down is called the frequency.
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6.1 The Wave Nature of Light

Much of our present understanding of the electronic structure of atoms has come
from analysis of the light emitted or absorbed by substances. To understand the
basis for our current model of electronic structure, therefore, we must first learn
more about light. The light that we can see with our eyes, visible light, is a type
of electromagnetic radiation. Because electromagnetic radiation carries energy
through space, it is also known as radiant energy. There are many types of elec-
tromagnetic radiation in addition to visible light. These different forms—such as
the radio waves that carry music to our radios, the infrared radiation (heat) from
a glowing fireplace, and the X rays used by a dentist—may seem very different
from one another, yet they share certain fundamental characteristics.

All types of electromagnetic radiation move through a vacuum at a speed
of 3.00 X 10%m/s, the speed of light. Furthermore, all have wavelike characteris-
tics similar to those of waves that move through water. Water waves are the
result of energy imparted to the water, perhaps by the dropping of a stone or
the movement of a boat on the water surface (Figure 6.1 «). This energy is
expressed as the up-and-down movements of the water.

A cross section of a water wave (Figure 6.2 «€) shows that it is periodic: The
pattern of peaks and troughs repeats itself at regular intervals. The distance
between successive peaks (or troughs) is called the wavelength. The number of
complete wavelengths, or cycles, that pass a given point each second is the
frequency of the wave. We can measure the frequency of a water wave by count-
ing the number of times per second that a cork bobbing on the water moves
through a complete cycle of upward and downward motion.

The wave characteristics of electromagnetic radiation are due to the period-
ic oscillations of the intensities of electronic and magnetic forces associated with
the radiation. We can assign a frequency and wavelength to these electromagnetic
waves, as illustrated in Figure 6.3 ¥. Because all electromagnetic radiation moves
at the speed of light, wavelength and frequency are related. If the wavelength is
long, there will be fewer cycles of the wave passing a point per second; thus, the
frequency will be low. Conversely, for a wave to have a high frequency, the dis-
tance between the peaks of the wave must be small (short wavelength). This
inverse relationship between the frequency and the wavelength of electromag-
netic radiation can be expressed by the following equation:

VA= [6.1]

where v (nu) is the frequency, A (lambda) is the wavelength, and c is the speed
of light.

WvAvﬁ;f NN

(b) Wavelength half of that in (c) Same frequency as (b),
(a); frequency twice as smaller amplitude
great as in (a)

A Figure 6.3 Radiant energy has wave characteristics; it consists of electromagnetic
waves. Notice that the shorter the wavelength, A, the higher the frequency, v. The
wavelength in (b) is half as long as that in (a), and its frequency is therefore twice as great.
The amplitude of the wave relates to the intensity of the radiation. It is the maximum extent
of the oscillation of a wave. In these diagrams it is measured as the vertical distance from the
midline of the wave to its peak. The waves in (a) and (b) have the same amplitude. The
wave in (c) has the same frequency as that in (b), but its amplitude is lower.
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<« Figure 6.4 Wavelengths of
electromagnetic radiation characteristic
of various regions of the electromagnetic
spectrum. Notice that color can be
expressed quantitatively by wavelength.
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Figure 6.4 A shows the various types of electromagnetic radiation arranged
in order of increasing wavelength, a display called the electromagnetic spectrum.
Notice that the wavelengths span an enormous range. The wavelengths of
gamma rays are similar to the diameters of atomic nuclei, whereas those of radio
waves can be longer than a football field. Notice also that visible light, which
corresponds to wavelengths of about 400 to 700 nm, is an extremely small por-
tion of the electromagnetic spectrum. We can see visible light because of chem-
ical reactions that it triggers in our eyes. The unit of length normally chosen to
express wavelength depends on the type of radiation, as shown in Table 6.1 V.

Frequency is expressed in cycles per second, a unit also called a hertz (Hz).
Because it is understood that cycles are involved, the units of frequency are nor-
mally given simply as “per second,” which is denoted by s ! or /s. For example,
a frequency of 820 kilohertz (kHz), a typical frequency for an AM radio station,
could be written as 820,000 s .

SAMPLE EXERCISE 6.1

Two electromagnetic waves are represented in the margin. (a) Which wave has the
higher frequency? (b) If one wave represents visible light and the other represents
infrared radiation, which wave is which?

Solution (a) The wave on the left has a longer wavelength (greater distance between
peaks). The longer the wavelength the lower the frequency (v = ¢/A). Thus, the wave
on the left has the lower frequency, and the one on the right has the higher frequency.

(b) The electromagnetic spectrum (Figure 6.4) indicates that infrared radiation
has a longer wavelength than visible light. Thus, the wave on the left would be the
infrared radiation.

PRACTICE EXERCISE

If one of the waves in the margin represents blue light and the other red light, which
would be which?

Answer: The one on the left has the longer wavelength (smaller frequency) and would
be the red light.

TABLE 6.1 Common Wavelength Units for Electromagnetic Radiation

Unit Symbol Length (m) Type of Radiation
Angstrom A 10710 Xray

Nanometer nm 107 Ultraviolet, visible
Micrometer pm 10°° Infrared
Millimeter mm 1073 Infrared
Centimeter cm 1072 Microwave

Meter m 1 TV, radio

Students may be unfamiliar with the
I common symbol for wavelength (the

lowercase lambda, A) and the
common symbol for frequency
(lowercase nu, v).

Having students use s™' as the unit
I of frequency will make the units of

calculated quantities work out more
easily.

| Many students will be familiar with a
/' common mnemonic for

remembering the order of colors in
the visible spectrum: ROY G BIV,
which stands for red, orange, yellow,
green, blue, indigo, and violet.
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SAMPLE EXERCISE 6.2

this radiation?

Solution

Plan: The relationship between wave-
length and frequency is given by Equa-
tion 6.1:

We can solve for frequency, v, because
we know both A and c. (The speed of
light, ¢, is a fundamental constant
whose value is given in the text or in
the table of fundamental constants on
the back inside cover.)

Solve: Solving Equation 6.1 for fre-
quency gives:

When we insert the values for c and A,
we note that the units of length in these
two quantities are different. We can
convert the wavelength from nanome-
ters to meters, so the units cancel:

“per second” ors” .

PRACTICE EXERCISE

A Figure 6.5 The color and intensity
of light emitted by a hot object depends
on the temperature of the object. The
temperature is highest at the center of
this pour of molten steel. As a result, the
light emitted from the center is most
intense and of shortest wavelength.

The yellow light given off by a sodium vapor lamp used for public lighting has a wavelength of 589 nm. What is the frequency of

Analyze: We are given the wavelength, A, of the radiation and asked to calculate its frequency, v.

¢ =3.00 % 108m/s

v =c/A

e 3.00 X 108 m/s\( 1nm
=_ = = 5.09 X 1014g71
v=- < =59 0 5.09 X 10™s

Check: The high frequency is reasonable because of the short wavelength. The units are proper because frequency has units of

(a) A laser used in eye surgery to fuse detached retinas produces radiation with a wavelength of 640.0 nm. Calculate the frequen-
cy of this radiation. (b) An FM radio station broadcasts electromagnetic radiation at a frequency of 103.4 MHz (megahertz;
1MHz = 10°s™!). Calculate the wavelength of this radiation.

Answers: (a) 4.688 X 10*s7L; (b) 2.901 m

6.2 Quantized Energy and Photons

Although the wave model of light explains many aspects of its behavior, there
are several phenomena that it can’t explain. Three of these are particularly per-
tinent to our understanding of how electromagnetic radiation and atoms inter-
act. These three phenomena are (1) the emission of light from hot objects
(referred to as black-body radiation because the objects studied appear black before
heating), (2) the emission of electrons from metal surfaces on which light shines
(the photoelectric effect), and (3) the emission of light from electronically excited
gas atoms (emission spectra). We examine the first two here and the third in
Section 6.3.

Hot Objects and the Quantization of Energy

When solids are heated, they emit radiation, as seen in the red glow of an elec-
tric stove burner and the bright white light of a tungsten lightbulb. The wave-
length distribution of the radiation depends on temperature, a “red-hot” object
being cooler than a “white-hot” one (Figure 6.5 «). In the late 1800s a number of
physicists were studying this phenomenon, trying to understand the relationship
between the temperature and the intensity and wavelengths of the emitted radi-
ation. The prevailing laws of physics could not account for the observations.

In 1900 a German physicist named Max Planck (1858-1947) solved the prob-
lem by making a daring assumption: He assumed that energy can be released (or
absorbed) by atoms only in discrete “chunks” of some minimum size. Planck
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gave the name quantum (meaning “fixed amount”) to the smallest quantity of
energy that can be emitted or absorbed as electromagnetic radiation. He pro-
posed that the energy, E, of a single quantum equals a constant times its
frequency.

E=hv [6.2]

The constant &, known as Planck’s constant, has a value of 6.63 X 1073 joule-

seconds (J-s). According to Planck’s theory, energy is always emitted or absorbed
by matter in whole-number multiples of hv such as hv, 2hv, 3hv, and so forth. If
the quantity of energy emitted by an atom is 3hv, for example, we say that three
quanta of energy have been emitted (quanta being the plural of quantum). Fur-
thermore, we say that the allowed energies are quantized; that is, their values are
restricted to certain quantities. Planck’s revolutionary proposal that energy is
quantized was proved correct, and he was awarded the 1918 Nobel Prize in
physics for his work on the quantum theory.

If the notion of quantized energies seems strange, it might be helpful to draw
an analogy by comparing a ramp and a staircase (Figure 6.6 ¥). As you walk up
aramp, your potential energy increases in a uniform, continuous manner. When
you climb a staircase, you can step only on individual stairs, not between them,
so that your potential energy is restricted to certain values and is therefore
quantized.

If Planck’s quantum theory is correct, why aren’t its effects more obvious in
our daily lives? Why do energy changes seem continuous rather than quantized
or “grainy?” Notice that Planck’s constant is an extremely small number. Thus,
a quantum of energy, hv, will be an extremely small amount. Planck’s rules
regarding the gain or loss of energy are always the same, whether we are con-
cerned with objects on the size scale of our ordinary experience or with micro-
scopic objects. For macroscopic objects, such as humans, the gain or loss of a
single quantum of energy goes completely unnoticed. When dealing with mat-
ter at the atomic level, however, the impact of quantized energies is far more sig-
nificant.

The Photoelectric Effect and Photons

A few years after Planck presented his theory, scientists began to see its appli-
cability to a great many experimental observations. It soon became apparent that
Planck’s theory had within it the seeds of a revolution in the way the physical

fmm A historical note for students: Max

L= Planck received the 1918 Nobel Prize
in physics for his work on the
quantum theory.

« Figure 6.6 The potential energy of
a person walking up a ramp (a) increases
in a uniform, continuous manner,
whereas that of a person walking up
steps (b) increases in a step-wise,
quantized manner.
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» Figure 6.7 The photoelectric

effect. When photons of sufficiently high

energy strike a metal surface, electrons

are emitted from the metal, as in (a). The

photoelectric effect is the basis of the
photocell shown in (b). The emitted
electrons are drawn toward the positive
terminal. As a result, current flows in the
circuit. Photocells are used in
photographic light meters as well as in
numerous other electronic devices.

@

ANIMATION
Photoelectric Effect

[@l This reference includes analogies for
quantized states. Robert R. Perkins,
“Put Body to Them!” J. Chem. Educ.,
Vol. 72, 1995, 151-152.

Another historical note for students:
I Albert Einstein received the 1921
Nobel Prize in physics for his work
on the photoelectric effect, not for
his theory of relativity.
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world is viewed. In 1905 Albert Einstein (1879-1955) used Planck’s quantum the-
ory to explain the photoelectric effect, which is illustrated in Figure 6.7 A. Exper-
iments had shown that light shining on a clean metal surface causes the surface
to emit electrons. For each metal, there is a minimum frequency of light below
which no electrons are emitted. For example, light with a frequency of
4.60 X 10571 or greater will cause cesium metal to emit electrons, but light of
lower frequency has no effect.

To explain the photoelectric effect, Einstein assumed that the radiant ener-
gy striking the metal surface is a stream of tiny energy packets. Each energy
packet, called a photon, behaves like a tiny particle. Extending Planck’s quan-
tum theory, Einstein deduced that each photon must have an energy propor-
tional to the frequency of the light: E = hv. Thus, radiant energy itself is
quantized.

Energy of photon = E = hv [6.3]

When a photon strikes the metal, it may literally disappear. When this
happens, it may transfer its energy to an electron in the metal. A certain
amount of energy is required for an electron to overcome the attractive forces
that hold it within the metal. If the photons of the radiation have less energy
than this energy threshold, electrons do not acquire sufficient energy to escape
from the metal surface, even if the light beam is intense. If the photons have
sufficient energy, electrons are emitted. If the photons have more than the
minimum energy required to free electrons, the excess appears as the kinetic
energy of the emitted electrons.

To better understand what a photon is, imagine that you have a light source
that produces radiation with a single wavelength. Further suppose that you
could switch the light on and off faster and faster to provide ever-smaller bursts
of energy. Einstein’s photon theory tells us that you would eventually come to
a smallest energy burst, given by E = hv. This smallest burst of energy consists
of a single photon of light.
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SAMPLE EXERCISE 6.3
Calculate the energy of one photon of yellow light whose wavelength is 589 nm.

Solution
Analyze: Our task is to calculate the energy, E, of a photon given A = 589 nm.

Plan: We can use Equation 6.1 to con-

vert the wavelength to frequency: v =c/A

We can then use Equation 6.3 to calcu-
late energy: E=hv

The value of Planck’s constant is given
both in the text and in the table of
physical constants on the back inside
cover of the text: h =663 X% 10*]-s

Solve: The frequency, v, is calculated
from the given wavelength, as shown
in Sample Exercise 6.2: v =c/A =509 X 10s™

o
Il

Thus, we have

Comment: If one photon of radiant
energy supplies 3.37 X 1077, then
one mole of these photons will supply

(6.63 X 10734]-)(5.09 X 10s7) = 3.37 X 10719]

(6.02 X 10? photons/mol)(3.37 X 107" J/photon) = 2.03 X 10°J/mol

This is the magnitude of enthalpies of reactions (Section 5.4), so radiation can break chemical bonds, producing what are called

photochemical reactions.

PRACTICE EXERCISE

(a) Alaser emits light with a frequency of 4.69 X 10'*s7!

. What is the energy of one photon of the radiation from this laser? (b) If the

laser emits a burst or pulse of energy containing 5.0 X 10! photons of this radiation, what is the total energy of that pulse? (c) If
the laser emits 1.3 X 1072] of energy during a pulse, how many photons are emitted during the pulse?

Answers: (a) 3.11 X 107° J; (b) 0.16 J; (c) 4.2 X 1016 photons

The idea that the energy of light depends on its frequency helps us under-
stand the diverse effects that different kinds of electromagnetic radiation have
on matter. For example, the high frequency (short wavelength) of X rays
(Figure 6.4) causes photons of this kind to have high energy, sufficient to cause
tissue damage and even cancer. Thus, signs are normally posted around X-
ray equipment warning us of high-energy radiation.

Although Einstein’s theory of light explains the photoelectric effect and a
great many other observations, it does pose a dilemma. Is light a wave, or does
it consist of particles? The fact is that it possesses properties of both. It behaves
macroscopically like a wave, but it consists of a collection of photons. It is when
we examine phenomena at the atomic level that we see its particle-like proper-
ties. It's as if we move from describing an entire beach and begin to examine the
grains of sand from which it is made.

6.3 Line Spectra and the Bohr Model

The work of Planck and Einstein paved the way for understanding how electrons
are arranged in atoms. In 1913 the Danish physicist Niels Bohr (Figure 6.8 )
offered a theoretical explanation of line spectra, another phenomenon that had
puzzled scientists in the nineteenth century. Let’s first examine this phenomenon
and then consider how Bohr used the ideas of Planck and Einstein.

MOVIE
Flame Tests for Metals

A Figure 6.8 Niels Bohr (right) with
Albert Einstein. Bohr (1885-1962) made
major contributions to the quantum
theory. From 1911 to 1913 he studied in
England, working first with J. J. Thomson
at Cambridge University and then with
Ernest Rutherford at the University of
Manchester. He published his quantum
theory of the atom in 1914 and was
awarded the Nobel Prize in physics in
1922.
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A Figure 6.9 A laser beam reflected
from surface of a CD disk. CD players
and similar devices use a small laser beam
to read the information on the disk.

» Figure 6.10 A continuous visible
spectrum is produced when a narrow
beam of white light is passed through a
prism. The white light could be sunlight
or light from an incandescent lamp.

[

Line Spectra

A particular source of radiant energy may emit a single wavelength, as in the
light from a laser (Figure 6.9 «). Radiation composed of a single wavelength is
said to be monochromatic. However, most common radiation sources, including
lightbulbs and stars, produce radiation containing many different wavelengths.
When radiation from such sources is separated into its different wavelength com-
ponents, a spectrum is produced. Figure 6.10 ¥ shows how a prism disperses
light from a lightbulb. The spectrum so produced consists of a continuous range
of colors: Violet merges into blue, blue into green, and so forth, with no blank
spots. This rainbow of colors, containing light of all wavelengths, is called a
continuous spectrum. The most familiar example of a continuous spectrum is the
rainbow, produced by the dispersal of sunlight by raindrops or mist.

Not all radiation sources produce a continuous spectrum. When different
gases are placed under reduced pressure in a tube and a high voltage is applied,
the gases emit different colors of light (Figure 6.11 »). The light emitted by neon
gas is the familiar red-orange glow of many “neon” lights, whereas sodium vapor
emits the yellow light characteristic of some modern streetlights. When light
coming from such tubes is passed through a prism, only lines of a few wave-
lengths are present in the resultant spectra, as shown in Figure 6.12 ». The col-
ored lines are separated by black regions, which correspond to wavelengths that
are absent in the light. A spectrum containing radiation of only specific wave-
lengths is called a line spectrum.

When scientists first detected the line spectrum of hydrogen in the mid-
1800s, they were fascinated by its simplicity. In 1885 a Swiss schoolteacher named
Johann Balmer observed that the wavelengths of the four lines of hydrogen
shown in Figure 6.12 fit an intriguingly simple formula. Additional lines were
found to occur in the ultraviolet and infrared regions. Soon Balmer’s equation
was extended to a more general one, called the Rydberg equation, which allowed
the calculation of the wavelengths of all the spectral lines of hydrogen:

1 1 1
— = (R — = — 6.4
A ( H) <1’l% ﬂ%) [ ]
Screen
Prism\

y

Slit

Light

source
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« Figure 6.11 Different gases emit
light of different characteristic colors
upon excitation in an electrical
discharge: (a) hydrogen; (b) neon.

(b)
« Figure 6.12 The line spectrum of
Nam (a) Na’ (b) "
¢
400 450 500 550 600 650 700 nm /C
(@)
H
400 450 500 550 600 650 700 nm
(b)

In this formula A is the wavelength of a spectral line, Ry is the Rydberg constant
(1.096776 X 10" m™1), and 1; and n, are positive integers with 1, being larger than
n1. How could the remarkable simplicity of this equation be explained? It took

nearly 30 more years to answer this question, as we will see in the next section. @ Presenting the role of the Bohr

theory within the framework of the

Bohr’s Model development of quantum
mechanics. Bianca L. Haendler,

After Rutherford discovered the nuclear nature of the atom (Section 2.2), scien- “Presenting the Bohr Atom,”

tists thought of the atom as a “microscopic solar system” in which electrons orbit- J- Chem. Educ., Vol. 59, 1982,

ed the nucleus. To explain the line spectrum of hydrogen, Bohr started by assuming 3727376,

that electrons move in circular orbits around the nucleus. According to classical
physics, however, an electrically charged particle (such as an electron) that moves
in a circular path should continuously lose energy by the emission of electromag-
netic radiation. As the electron loses energy, it should spiral into the nucleus. Bohr
approached this problem in much the same way that Planck had approached the
problem of the nature of the radiation emitted by hot objects: He assumed that the
prevailing laws of physics were inadequate to describe all aspects of atoms. Fur-
thermore, he adopted Planck’s idea that energies are quantized.
Bohr based his model on three postulates:

1. Only orbits of certain radii, corresponding to certain definite energies, are
permitted for electrons in an atom.

2. An electron in a permitted orbit has a specific energy and is in an “allowed”
energy state. An electron in an allowed energy state will not radiate energy
and therefore will not spiral into the nucleus.

3. Energy is only emitted or absorbed by an elec.tron as it changes from one [E7T Niels Bohr received the 1922 Nobel
allowed energy state to another. This energy is emitted or absorbed as a  [Y.| pjisc in physics for his model of the
photon, E = hv. hydrogen atom.
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A Figure 6.13 Energy levels in the
hydrogen atom from the Bohr model.
The arrows refer to the transitions of the
electron from one allowed energy state
to another. The states shown are those
for which n = 1 through n = 6, and the
state for n = oo, for which the energy, £,
equals zero.

| Students often have difficulty with
J sign conventions in chemistry. By
convention, differences of energies
in chemistry (AH, AE, etc.) are
always the value at the final state
minus the value at the initial state.
This is necessary for the arithmetic
sign of the result to be correct.

The Energy States of the Hydrogen Atom

Starting with his three postulates and using classical equations for motion and
for interacting electrical charges, Bohr calculated the energies corresponding to
each allowed orbit. These energies fit the following formula:

n

E = (-218 X 1018])<12> [6.5]

The integer 1, which can have values from 1 to infinity, is called a quantum number.
Each orbit corresponds to a different value of 1, and the radius of the orbit gets
larger as n increases. Thus, the first allowed orbit (the one closest to the nucle-
us) has n = 1, the next allowed orbit (the one second closest to the nucleus) has
n = 2, and so forth.

The energies of the electron of a hydrogen atom given by Equation 6.5 are
negative for all values of n. The lower (more negative) the energy is, the more sta-
ble the atom will be. The energy is lowest (most negative) for n = 1. As n gets
larger, the energy becomes successively less negative and therefore increases.
We can liken the situation to a ladder in which the rungs are numbered from the
bottom rung on up. The higher one climbs the ladder (the greater the value of n),
the higher the energy. The lowest energy state (n = 1, analogous to the bottom
rung) is called the ground state of the atom. When the electron is in a higher
energy (less negative) orbit—n = 2 or higher—the atom is said to be in an excited
state. Figure 6.13 € shows the energy of the electron in a hydrogen atom for sev-
eral values of .

What happens to the orbit radius and the energy as n becomes infinitely
large? The radius increases as 1%, so we reach a point at which the electron is
completely separated from the nucleus. When n = 00, the energy is zero.

E=(-218 x 1018 ])<;2> =0

Thus, the state in which the electron is removed from the nucleus is the reference,
or zero-energy, state of the hydrogen atom. This zero-energy state is higher in
energy than the states with negative energies.

In his third postulate, Bohr assumed that the electron could “jump” from
one allowed energy state to another by absorbing or emitting photons whose
radiant energy corresponds exactly to the energy difference between the two
states. Energy must be absorbed for an electron to move to a higher energy state
(one with a higher value of n1). Conversely, radiant energy is emitted when the
electron jumps to a lower energy state (one with a lower value of ). Thus, if the
electron jumps from an initial state with energy E; to a final state with energy Ey,
the change in energy is given by the following relationships:

AE = Ef - Ei = Ephoton = hy [66]

Bohr’s model of the hydrogen atom states, therefore, that only the specific fre-
quencies of light that satisfy Equation 6.6 can be absorbed or emitted by the atom.

Substituting the energy expression in Equation 6.5 into Equation 6.6 and
recalling that v = ¢/A, we have

AE = hy = he _ (—2.18 x 10718 ])<12 - 12> [6.7]
A ny on

In this equation n; and 1 ¢ are the principal quantum numbers of the initial and
final states of the atom, respectively. If n1¢ is smaller than n;, the electron moves
closer to the nucleus, and AE is a negative number, indicating that the atom
releases energy. For example, if the electron moves from n; = 3 to ny = 1,
we have
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L 1> = (-2.18 X 1078 ])(Z) = —1.94 X 10718

_ —18
AE = (—2.18 X 10 ])(12 %

Knowing the energy for the emitted photon, we can calculate either its fre-
quency or wavelength. For the wavelength, we have

L€ ke _ (663X 107]-5)(3.00 X 10° m/s)
1.94 X 10718]

=1.03 X 1077
» AE 1.03 X 107" m

We have not included the negative sign of the energy in this calculation because
wavelength and frequency are always reported as positive quantities. The direc-
tion of energy flow is indicated by saying that a photon of wavelength
1.03 X 1077 has been emitted.

If we solve Equation 6.7 for 1/A and exclude the negative sign, we find that
this equation derived from Bohr’s theory corresponds to the Rydberg equation,
Equation 6.4, which was obtained using experimental data:

1 218 X 10‘18]< 1 1)

A he

2w

Indeed, the combination of constants, (2.18 X 107 '8])/hc, equals the Rydberg
constant, Ry, to three significant figures, 1.10 X 10’ m™ . Thus, the existence of
spectral lines can be attributed to the quantized jumps of electrons between
energy levels.

SAMPLE EXERCISE 6.4

Using Figure 6.13, predict which of the following electronic transitions produces the
longest wavelength spectral line:n = 2ton = 1,n = 3ton = 2,orn = 4ton = 3.

Solution The wavelength increases as frequency decreases (A = c¢/v). Hence the
longest wavelength will be associated with the smallest frequency. According to
Planck’s equation, E = hv, the lowest frequency is associated with the lowest energy.
In Figure 6.13 the shortest line represents the smallest energy change. Thus, then = 4
ton = 3 transition produces the longest wavelength (lowest frequency) line.

PRACTICE EXERCISE

Indicate whether each of the following electronic transitions emits energy or requires
the absorption of energy: (@) n = 3ton = 1;(b) n = 2ton = 4.

Answers: (a) emits energy; (b) requires absorption of energy

Limitations of the Bohr Model

While the Bohr model offers an explanation for the line spectrum of the hydro-
gen atom, it cannot explain the spectra of other atoms, except in a rather crude
way. Furthermore, there is a problem with describing an electron merely as a
small particle circling about the nucleus. As we will see in Section 6.4, the elec-
tron exhibits properties of waves, a fact that our model of electronic structure
must accommodate. The Bohr model is only an important step along the way
toward the development of a more comprehensive model. What is most signif-
icant about Bohr’s model is that it introduces two important ideas that are also
incorporated into our current model: (1) Electrons exist only in certain discrete
energy levels, which are described by quantum numbers. (2) Energy is involved
in moving an electron from one level to another. In addition, some of the vocab-
ulary associated with our new model goes back to the Bohr model. For example,
we still use the idea of ground states and excited states to describe the electron-
ic structures of atoms.

s
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| Louis Victor de Broglie received the
1929 Nobel Prize in physics for his
work on the wave nature of the
electron.

[/ Yetanother Nobel Prize! Werner
L—1 Heisenberg received the 1932 Nobel
Prize in physics for his uncertainty
principle.

@ Pedro L. Muino, “Introducing the
Uncertainty Principle Using
Diffraction of Light Waves,” J. Chem.
Educ., Vol. 77, 2000, 1025-1027.

6.4 The Wave Behavior of Matter

In the years following the development of Bohr’s model for the hydrogen atom,
the dual nature of radiant energy became a familiar concept. Depending on the
experimental circumstances, radiation appears to have either a wavelike or a
particle-like (photon) character. Louis de Broglie (1892-1987), who was working
on his Ph.D. thesis in physics at the Sorbonne in Paris, boldly extended this idea.
If radiant energy could, under appropriate conditions, behave as though it were
a stream of particles, could matter, under appropriate conditions, possibly show
the properties of a wave? Suppose that the electron orbiting the nucleus of a
hydrogen atom could be thought of as a wave, with a characteristic wavelength.
De Broglie suggested that the electron in its movement about the nucleus has
associated with it a particular wavelength. He went on to propose that the char-
acteristic wavelength of the electron or of any other particle depends on its mass,
m, and velocity, v.

A=— [6.8]

(h is Planck’s constant.) The quantity mv for any object is called its momentum.
De Broglie used the term matter waves to describe the wave characteristics of
material particles.

Because de Broglie’s hypothesis is applicable to all matter, any object of mass
m and velocity v would give rise to a characteristic matter wave. However, Equa-
tion 6.8 indicates that the wavelength associated with an object of ordinary size,
such as a golf ball, is so tiny as to be completely out of the range of any possible
observation. This is not so for an electron because its mass is so small, as we see
in Sample Exercise 6.5.

SAMPLE EXERCISE 6.5

What is the wavelength of an electron with a velocity of 5.97 X 10° m/s? (The mass of
the electron is 9.11 X 1078 g.)

Solution

Analyze: We are given the mass, m, and velocity, v, of the electron, and we must cal-
culate its de Broglie wavelength, A.

Plan: The wavelength of a moving particle is given by Equation 6.8, so A is calculated
by merely plugging in the known quantities, /, m, and v. In doing so, however, we
must pay attention to units.

Solve: Using2 the value of Planck’s constant, i = 6.63 X 10734 J-s, and recalling that
1] = 1kg-m?/s?, we have

_ (6.63 X 10747-s) ( 1kg-m?/s®\[10°g
(911 X 108 g)(5.97 X 10°m/s)\ 1] 1kg
=122 X 100%m = 0.122 nm

Comment: By comparing this value with the wavelengths of electromagnetic radia-
tion shown in Figure 6.4, we see that the wavelength of this electron is about the same
as that of X rays.

PRACTICE EXERCISE

Calculate the velocity of a neutron whose de Broglie wavelength is 500 pm. The mass
of a neutron is given in the table on the back inside cover of the text.
Answer: 7.92 X 10> m/s

Within a few years after de Broglie published his theory, the wave proper-
ties of the electron were demonstrated experimentally. Electrons were diffract-



ed by crystals, just as X rays are diffracted. Thus, a stream of moving electrons
exhibits the same kinds of wave behavior as electromagnetic radiation.

The technique of electron diffraction has been highly developed. In the elec-
tron microscope the wave characteristics of electrons are used to obtain pictures
of tiny objects. This microscope is an important tool for studying surface phe-
nomena at very high magnifications. Figure 6.14 P> is a photograph of an electron
microscope image, which demonstrates that tiny particles of matter can behave
as waves.

The Uncertainty Principle

The discovery of the wave properties of matter raised some new and interesting
questions about classical physics. Consider, for example, a ball rolling down a
ramp. By using classical physics, we can calculate its position, direction of motion,
and speed at any time, with great accuracy. Can we do the same for an electron
that exhibits wave properties? A wave extends in space, and its location is not pre-
cisely defined. We might therefore anticipate that it is impossible to determine
exactly where an electron is located at a specific time.

The German physicist Werner Heisenberg (Figure 6.15 ») concluded that
the dual nature of matter places a fundamental limitation on how precisely we
can know both the location and the momentum of any object. The limitation
becomes important only when we deal with matter at the subatomic level (that
is, with masses as small as that of an electron). Heisenberg’s principle is called
the uncertainty principle. When applied to the electrons in an atom, this prin-
ciple states that it is inherently impossible for us to know simultaneously both
the exact momentum of the electron and its exact location in space.

Heisenberg mathematically related the uncertainty of the position (Ax) and
the uncertainty in momentum (Amv) to a quantity involving Planck’s constant:

Ax-Amv = % [6.9]

Abrief calculation illustrates the dramatic implications of the uncertainty princi-
ple. The electron has a mass of 9.11 X 107°! kg and moves at an average speed of
about5 X 10° m/s in a hydrogen atom. Let’s assume that we know the speed to an
uncertainty of 1% [that is, an uncertainty of (0.01)(5 X 10°m/s) = 5 X 10*m/s]
and that this is the only important source of uncertainty in the momentum so that
Amv = mAv. We can then use Equation 6.9 to calculate the uncertainty in the
position of the electron:

I (6.63 X 1073*]-s)
Ax = = 31 4
drmAv  47(9.11 X 10731 kg)(5 X 10* m/s)

=1xX10?m

Because the diameter of a hydrogen atom is only about 2 X 107! m, the uncer-
tainty is many times greater than the size of the atom. Thus, we have essential-
ly no idea of where the electron is located within the atom. On the other hand,
if we were to repeat the calculation with an object of ordinary mass such as a
tennis ball, the uncertainty would be so small that it would be inconsequential.
In that case, m is large, and Ax is out of the realm of measurement and therefore
of no practical consequence.

De Broglie’s hypothesis and Heisenberg’s uncertainty principle set the stage
for a new and more broadly applicable theory of atomic structure. In this new
approach, any attempt to define precisely the instantaneous location and momen-
tum of the electron is abandoned. The wave nature of the electron is recognized,
and its behavior is described in terms appropriate to waves. The result is a model
that precisely describes the energy of the electron while describing its location
in terms of probabilities.
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A Figure 6.14 Color enhanced
electron microscope image of human
immunodeficiency virus (HIV) at a
magnification of 240,000. In an electron
microscope, the wave behavior of a
stream of electrons is utilized in the same
way that a conventional microscope uses
the wave behavior of a beam of light.

A Figure 6.15 Werner Heisenberg
(1901-1976). During his postdoctoral
assistantship with Niels Bohr, Heisenberg
formulated his famous uncertainty principle.
At the age of 25, he became the chair in
theoretical physics at the University of
Leipzig. At 32 he was one of the youngest
scientists to receive the Nobel Prize.

@ This reading contains some practical
applications of the uncertainty
principle. Lawrence S. Bartell,
“Perspectives on the Uncertainty
Principle and Quantum Reality,”

J. Chem. Educ., Vol. 62, 1985,
192-196.

@ Oliver G. Ludwig, “On a Relation
Between the Heisenberg and de
Broglie Principles,” J. Chem. Educ.,
Vol. 70, 1993, 28.
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“ A Closer Look Measurement and the Uncertainty Principle

Whenever any measurement is made, some uncertainty exists.
Our experience with objects of ordinary dimensions, like balls
or trains or laboratory equipment, indicates that the uncertain-
ty of a measurement can be decreased by using more precise
instruments. In fact, we might expect that the uncertainty in a
measurement can be made indefinitely small. However, the
uncertainty principle states that there is an actual limit to the
accuracy of measurements. This limit is not a restriction on how
well instruments can be made; rather, it is inherent in nature.
This limit has no practical consequences when dealing with
ordinary-sized objects, but its implications are enormous when
dealing with subatomic particles, such as electrons.

To measure an object, we must disturb it, at least a little,
with our measuring device. Imagine using a flashlight to locate
a large rubber ball in a dark room. You see the ball when the
light from the flashlight bounces off the ball and strikes your
eyes. When a beam of photons strikes an object of this size, it
does not alter its position or momentum to any practical extent.
Imagine, however, that you wish to locate an electron by simi-
larly bouncing light off it into some detector. Objects can be
located to an accuracy no greater than the wavelength of the
radiation used. Thus, if we want an accurate position meas-

urement for an electron, we must use a short wavelength. This
means that photons of high energy must be employed. The
more energy the photons have, the more momentum they
impart to the electron when they strike it, which changes the
electron’s motion in an unpredictable way. The attempt to meas-
ure accurately the electron’s position introduces considerable
uncertainty in its momentum; the act of measuring the elec-
tron’s position at one moment makes our knowledge of its
future position inaccurate.

Suppose, then, that we use photons of longer wavelength.
Because these photons have lower energy, the momentum of
the electron is not so appreciably changed during measurement,
but its position will be correspondingly less accurately known.
This is the essence of the uncertainty principle: There is an uncer-
tainty in knowing either the position or the momentum of the electron
that cannot be reduced beyond a certain minimum level. The more
accurately one is known, the less accurately the other is known.
Although we can never know the exact position and momen-
tum of the electron, we can talk about the probability of its being
at certain locations in space. In Section 6.5 we introduce a model
of the atom that provides the probability of finding electrons
of specific energies at certain positions in atoms.

Picture a busy intersection
photographed at night. With a short
exposure, you can get a clear image
of the position of every car, but you
cannot tell how fast they are going or
whether they are going forward or
backward or are about to swerve

or turn. With a time-lapse exposure,
you can tell from the streaks of light
the speed and direction of each car,
but you cannot tell where each one
currently is. You can know position or
path, but not both.

Unlike Bohr and his predecessors,
who started with a preconceived
notion of atomic shape in their
models, Schrodinger started with the
measurable energies of the atom and
worked toward the description of the
atom. In a very real way, Schrédinger
worked the problem backward.

This reference includes an analogy
dealing with the probability model
of the atom. Goeff Rayner-Canham,
“A Student’s Travels, Close Dancing,
Bathtubs, and the Shopping Mall:
More Analogies in Teaching
Introductory Chemistry,” /. Chem.
Educ., Vol. 71, 1994, 943-944.

6.5 Quantum Mechanics and Atomic Orbitals

In 1926 the Austrian physicist Erwin Schrodinger (1887-1961) proposed an equa-
tion, now known as Schrodinger’s wave equation, that incorporates both the
wavelike and particle-like behavior of the electron. His work opened a new way
of dealing with subatomic particles known as quantum mechanics or wave mechan-
ics. The application of Schrodinger’s equation requires advanced calculus, and
we will not be concerned with the details of his approach. We will, however,
qualitatively consider the results he obtained, because they give us a powerful
new way to view electronic structure. Let’s begin by examining the electronic
structure of the simplest atom, hydrogen.

Solving Schrodinger’s equation leads to a series of mathematical functions
called wave functions that describe the electron’s matter wave. These wave func-
tions are usually represented by the symbol ¢ (the Greek lowercase letter psi).
Although the wave function itself has no direct physical meaning, the square of
the wave function, 11/2, provides information about an electron’s location when
it is in an allowed energy state.

For the hydrogen atom, the allowed energies are the same as those predict-
ed by the Bohr model. However, the Bohr model assumes that the electron is in
a circular orbit of some particular radius about the nucleus. In the quantum
mechanical model, the electron’s location cannot be described so simply. Accord-
ing to the uncertainty principle, if we know the momentum of the electron with
high accuracy, our simultaneous knowledge of its location is very uncertain.
Thus, we cannot hope to specify the exact location of an individual electron
around the nucleus. Rather, we must be content with a kind of statistical knowl-
edge. In the quantum mechanical model, we therefore speak of the probability
that the electron will be in a certain region of space at a given instant. As it turns
out, the square of the wave function, wz, at a given point in space represents the
probability that the electron will be found at that location. For this reason, 1/12 is
called the probability density.
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One way of representing the probability of finding the electron in various
regions of an atom is shown in Figure 6.16 ». In this figure the density of the
dots represents the probability of finding the electron. The regions with a high
density of dots correspond to relatively large values for y>. Electron density is
another way of expressing probability: Regions where there is a high probability
of finding the electron are said to be regions of high electron density. In Section
6.6 we will say more about the ways in which we can represent electron density.

Orbitals and Quantum Numbers

The solution to Schrédinger’s equation for the hydrogen atom yields a set of
wave functions and corresponding energies. These wave functions are called
orbitals. Each orbital describes a specific distribution of electron density in space,
as given by its probability density. Each orbital therefore has a characteristic ener-
gy and shape. For example, the lowest energy orbital in the hydrogen atom has
an energy of —2.18 X 1078 J and the shape illustrated in Figure 6.16. Note that
an orbital (quantum mechanical model) is not the same as an orbit (Bohr model).
The quantum mechanical model doesn’t refer to orbits because the motion of
the electron in an atom cannot be precisely measured or tracked (Heisenberg
uncertainty principle).

The Bohr model introduced a single quantum number, #, to describe an orbit.
The quantum mechanical model uses three quantum numbers, 7, I, and m;, to
describe an orbital. Let’s consider what information we obtain from each of these
and how they are interrelated.

1. The principal quantum number, n, can have positive integral values of 1,2, 3, and
so forth. As n increases, the orbital becomes larger, and the electron spends
more time farther from the nucleus. An increase in # also means that the elec-
tron has a higher energy and is therefore less tightly bound to the nucleus.
For the hydrogen atom, E, = —(2.18 X 107181 / 1n?), as in the Bohr model.

2. The second quantum number—the azimuthal quantum number, —can have
integral values from 0 ton — 1 for each value of n. This quantum number de-
fines the shape of the orbital. (We will consider these shapes in Section 6.6.)
The value of | for a particular orbital is generally designated by the letters s,
p, d, and f,* corresponding to [ values of 0, 1, 2, and 3, respectively, as sum-
marized here.

Value of 0|1121]3

Letterused | s | p | d | f

3. The magnetic quantum number, m;, can have integral values between [ and
—1, including zero. This quantum number describes the orientation of the
orbital in space, as we will discuss in Section 6.6.

The collection of orbitals with the same value of 7 is called an electron shell.
For example, all the orbitals that have n = 3 are said to be in the third shell. Fur-
ther, the set of orbitals that have the same n and [ values is called a subshell.
Each subshell is designated by a number (the value of 1) and a letter (s, p, d, or
f, corresponding to the value of I). For example, the orbitals that have n = 3 and
I = 2 are called 34 orbitals and are in the 3d subshell.

* The letters s, p, d, and f come from the words sharp, principal, diffuse, and fundamental, which
were used to describe certain features of spectra before quantum mechanics was developed.

A Figure 6.16 Electron-density
distribution in the ground state of the
hydrogen atom.

i

| The wave equation does not give a
Jtrajectory for the electron, only the
regions around the nucleus where it
is most likely to be found.

@ Mali Yin and Raymond S. Ochs, “The
Mole, the Periodic Table, and
Quantum Numbers: An Introductory
Trio,” |. Chem. Educ., Vol. 78, 2001,
1345-1347.

| The azimuthal quantum number is
I also known as the angular
momentum quantum number.
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% TABLE 6.2 Relationship Among Values of n, [, and m; Through n = 4

Number of Total Number

Possible Subshell Possible Orbitals in of Orbitals in
n Values of I Designation  Values of m; Subshell Shell
1 0 1s 0 1 1
2 0 2s 0 1
1 2p 1,0, -1 3 4
3 0 3s 0 1
1 3p 1,0, -1 3
2 3d 2,1,0,—-1,-2 5 9
4 0 4s 0 1
1 4p 1,0, -1 3
2 4d 2,1,0,—-1,-2 5
3 4f 3,210, -1,-2,-3 7 16
Table 6.2 A summarizes the possible values of the quantum numbers / and
my for values of n through n = 4. The restrictions on the possible values of the
quantum numbers give rise to the following very important observations:
1. The shell with principal quantum number n will consist of exactly 7 subshells.
Each subshell corresponds to a different allowed value of / from 0 to n — 1.
Thus, the first shell (n = 1) consists of only one subshell, the 1s (I = 0); the sec-
ond shell (n = 2) consists of two subshells, the 2s (I = 0) and 2p (I = 1); the
third shell consists of three subshells, 3s, 3p, and 3d, and so forth.
ACTIVITY 2. Each subshell consists of a specific number of orbitals. Each orbital corre-
Quantum Numbers sponds to a different allowed value of m;. For a given value of /, there are

2] + 1allowed values of m;, ranging from —I to +1. Thus, each s (I = 0) sub-
shell consists of one orbital; each p (I = 1) subshell consists of three orbitals;
each d (I = 2) subshell consists of five orbitals, and so forth.

3. The total number of orbitals in a shell is n%, where 7 is the principal quantum
number of the shell. The resulting number of orbitals for the shells—1, 4, 9,
16—is related to a pattern seen in the periodic table: We see that the number
of elements in the rows of the periodic table—2, 8, 18, and 32—equal twice
these numbers. We will discuss this relationship further in Section 6.9.

Figure 6.17 » shows the relative energies of the hydrogen atom orbitals through
n = 3. Each box represents an orbital; orbitals of the same subshell, such as the 2p,
are grouped together. When the electron is in the lowest energy orbital (the 1s orbital),
the hydrogen atom is said to be in its ground state. When the electron is in any other
orbital, the atom is in an excited state. At ordinary temperatures essentially all hydro-
gen atoms are in their ground states. The electron can be excited to a higher-energy
orbital by absorption of a photon of appropriate energy:.

SAMPLE EXERCISE 6.6

(a) Without referring to Table 6.2, predict the number of subshells in the fourth shell,
that is, for n = 4. (b) Give the label for each of these subshells. (¢) How many orbitals
are in each of these subshells?

Solution (a) There are four subshells in the fourth shell, corresponding to the four
possible values of I (0, 1, 2, and 3).

(b) These subshells are labeled 4s, 4p, 4d, and 4f. The number given in the desig-
nation of a subshell is the principal quantum number, #; the following letter desig-
nates the value of the azimuthal quantum number, /.

(c) There is one 4s orbital (when | = 0, there is only one possible value of m;: 0).
There are three 4p orbitals (when I = 1, there are three possible values of m;: 1, 0, and
—1). There are five 4d orbitals (when | = 2, there are five allowed values of m;: 2,1, 0,
—1, —2). There are seven 4f orbitals (when | = 3, there are seven permitted values of
m;:3,2,1,0, -1, =2, =3).
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PRACTICE EXERCISE

(a) What is the designation for the subshell with n = 5 and I = 1? (b) How many
orbitals are in this subshell? (c) Indicate the values of m; for each of these orbitals.

Answers: (a) 5p; (b) 3;(¢) 1,0, —1

6.6 Representations of Orbitals

In our discussion of orbitals we have so far emphasized their energies. But the
wave function also provides information about the electron’s location in space
when it is in a particular allowed energy state. Let’s examine the ways that we
can picture the orbitals.

The s Orbitals

The lowest energy orbital, the 1s, is spherical, as shown in Figure 6.16. Figures of
this type, showing electron density, are one of the several ways we use to help us
visualize orbitals. This figure indicates that the probability of finding the electron
decreases as we move away from the nucleus in any particular direction. When the
probability function, ¢, for the 1s orbital is graphed as a function of the distance
from the nucleus, 7, it rapidly approaches zero, as shown in Figure 6.18(a) ». This
effect indicates that the electron, which is drawn toward the nucleus by electrostatic
attraction, is unlikely to be found very far from the nucleus.

If we similarly consider the 2s and 3s orbitals of hydrogen, we find that they
are also spherically symmetrical. Indeed, all s orbitals are spherically symmetri-
cal. The manner in which the probability function, /%, varies with r for the 2s and
3s orbitals is shown in Figure 6.18(b) and (c). Notice that for the 2s orbital, 2 goes
to zero and then increases again in value before finally approaching zero at a larg-
er value of . The intermediate regions where /> goes to zero are called nodes. The
number of nodes increases with increasing value for the principal quantum num-
ber, n. The 3s orbital possesses two nodes, as illustrated in Figure 6.18(c). Notice
also that as # increases, the electron is more and more likely to be located farther
from the nucleus. That is, the size of the orbital increases as n increases.
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« Figure 6.17 Orbital energy levels
in the hydrogen atom. Each box
represents an orbital. Note that all
orbitals with the same value for the
principal quantum number, n, have the
same energy. This is true only in one-
electron systems.

<

@ Maria Gabriela Lagorio, “Electron
Densities: Pictorial Analogies for
Apparent Ambiguities in Probablility
Calculations,” J. Chem. Educ., Vol. 77,
2000, 1444-1445.

| Because an s orbital is spherically
—J symmetric, its nodes are spherical
surfaces with certain specific radii.

f i
[/ Other than s orbitals, all orbitals
—J have nodes at the nucleus.
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» Figure 6.18 Electron-density

distribution in 1s, 25, and 3s orbitals. The

lower part of the figure shows how the
electron density, represented by 2,

varies as a function of distance r from the

nucleus. In the 2s and 3s orbitals the

electron-density function drops to zero at

certain distances from the nucleus. The
surfaces around the nucleus at which 2
is zero are called nodes.

<

ANIMATION
Radial Electron Distribution

1s

2s

o 3s

A Figure 6.19 Contour
representations of the 1s, 2s, and 3s
orbitals. The relative radii of the spheres
correspond to a 90% probability of
finding the electron within each sphere.

» Figure 6.20 (a) Electron-density
distribution of a 2p orbital.

(b) Representations of the three p
orbitals. Note that the subscript on the
orbital label indicates the axis along
which the orbital lies.
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One widely used method of representing orbitals is to display a boundary
surface that encloses some substantial portion, say 90%, of the total electron den-
sity for the orbital. For the s orbitals, these contour representations are merely
spheres. The contour or boundary surface representations of the 1s, 2s, and 3s
orbitals are shown in Figure 6.19 4. They have the same shape, but they differ
in size. Although the details of how the electron density varies within the sur-
face are lost in these representations, this is not a serious disadvantage. For more
qualitative discussions, the most important features of orbitals are their relative
sizes and their shapes. These features are adequately displayed by contour rep-
resentations.

The p Orbitals

The distribution of electron density for a 2p orbital is shown in Figure 6.20(a) ¥. As
we can see from this figure, the electron density is not distributed in a spherically
symmetric fashion as in an s orbital. Instead, the electron density is concentrated
on two regions on either side of the nucleus, separated by a node at the nucleus.
We say that this dumbbell-shaped orbital has two lobes. It is useful to recall that we
are making no statement of how the electron is moving within the orbital; Figure
6.20(a) portrays the averaged distribution of the electron density in a 2p orbital.
Each shell beginning with n = 2 has three p orbitals: Thus, there are three 2p
orbitals, three 3p orbitals, and so forth. The orbitals of a given value of n (that is,
of a given subshell) have the same size and shape but differ from one another in

i — N

() (b)
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spatial orientation. We usually represent p orbitals by drawing the shape and
orientation of their wave functions, as shown in Figure 6.20(b). It is convenient
to label these as the p,, p,, and p, orbitals. The letter subscript indicates the axis
along which the orbital is oriented.* Like s orbitals, p orbitals increase in size as
we move from 2p to 3p to 4p, and so forth.

The d and f Orbitals

When 7 is 3 or greater, we encounter the d orbitals (for which | = 2). There are
five 3d orbitals, five 4d orbitals, and so forth. The different d orbitals in a given
shell have different shapes and orientations in space, as shown in Figure 6.21 A.
Four of the d-orbital contours have “four-leaf clover” shapes, and each lies pri-
marily in a plane. The d,,, d,,, and d,, lie in the xy, xz, and yz planes, respec-
tively, with the lobes oriented between the axes. The lobes of the d,2_ 2 orbital also
lie in the xy plane, but the lobes lie along the x and y axes. The d,2 orbital looks
very different from the other four: It has two lobes along the z axis and a “dough-
nut” in the xy plane. Even though the d,2 orbital looks different, it has the same
energy as the other four d orbitals. The representations in Figure 6.21 are com-
monly used for all d orbitals, regardless of principal quantum number.

When 1 is 4 or greater, there are seven equivalent f orbitals (for which I = 3).
The shapes of the f orbitals are even more complicated than those of the d orbitals.
We will not present the shapes of the f orbitals. As you will see in the next section,
however, you must be aware of f orbitals as we consider the electronic structure
of atoms in the lower part of the periodic table.

In many instances later in the text you will find that knowing the number and
shapes of atomic orbitals will help you understand chemistry at the molecular
level. You will therefore find it useful to memorize the shapes of the orbitals
shown in Figures 6.19 through 6.21.

* We cannot make a simple correspondence between the subscripts (x, y, and z) and the allowed m;
values (1, 0, and —1). To explain why this is so would be beyond the scope of an introductory text.
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« Figure 6.21 Representations of the
five d orbitals.

@

[/ The point on the plot of 2 versus r
—1 where y? goes to zero as r gets very
large is not a node. Only those
points where W2 rises on both sides

of 2 = 0 are nodes.

[/ The sign of the wave function
—J changes when crossing a node.

/| Thenodein a p orbital is the plane

L—J containing the nucleus that is
perpendicular to the axis on which
the orbital lies.
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A Figure 6.22 Ordering of orbital
energy levels in many-electron atoms,
through the 4p orbitals. As in Figure
6.17, which shows the orbital energy
levels for the hydrogen atom, each box
represents an orbital. Note that orbitals
in different subshells differ in energy.

ACTIVITY
Line Spectrum of Sodium

6.7 Many-Electron Atoms

One of our goals in this chapter has been to determine the electronic structures
of atoms. So far we have seen that quantum mechanics leads to a very elegant
description of the hydrogen atom. The hydrogen atom, however, has only one
electron. How must our description of atomic electronic structure change when
we consider atoms with two or more electrons (a many-electron atom)? To describe
these atoms, we must consider not only the nature of orbitals and their relative
energies but also how the electrons populate the available orbitals.

Orbitals and Their Energies

The quantum mechanical model would not be very useful if we could not extend
what we have learned about hydrogen to other atoms. Fortunately, the atomic
orbitals in a many-electron atom are like those of the hydrogen atom. Thus we
can continue to designate orbitals as 1s, 2p,, and so forth. Further, these orbitals
have the same general shapes as the corresponding hydrogen orbitals.

Although the shapes of the orbitals for many-electron atoms are the same as
those for hydrogen, the presence of more than one electron greatly changes the
energies of the orbitals. In hydrogen the energy of an orbital depends only on its
principal quantum number, n (Figure 6.17); the 3s, 3p, and 3d subshells all have
the same energy, for instance. In a many-electron atom, however, the electron-
electron repulsions cause the different subshells to be at different energies, as
shown in Figure 6.22 4. For example, the 2s subshell is lower in energy than the
2p subshell. To understand why this is so, we must consider the forces between
the electrons and how these forces are affected by the shapes of the orbitals. We
will, however, forgo this analysis until Chapter 7.

The important idea is this: In a many-electron atom, for a given value of n, the
energy of an orbital increases with increasing value of I. You can see this illustrated
in Figure 6.22. Notice, for example, that the n = 3 orbitals (red) increase in ener-
gy in the order s < p < d. Figure 6.22 is a qualitative energy-level diagram; the
exact energies and their spacings differ from one atom to another. Notice that
all orbitals of a given subshell (such as the 3d orbitals) still have the same ener-
gy, just as they do in the hydrogen atom. Orbitals with the same energy are said
to be degenerate.

Electron Spin and the Pauli Exclusion Principle

We have now seen that we can use hydrogen-like orbitals to describe many-elec-
tron atoms. What, however, determines the orbitals in which electrons reside? That
is, how do the electrons of a many-electron atom populate the available orbitals?
To answer this question, we must consider an additional property of the electron.

When scientists studied the line spectra of many-electron atoms in great
detail, they noticed a very puzzling feature: Lines that were originally thought
to be single were actually closely spaced pairs. This meant, in essence, that there
were twice as many energy levels as there were “supposed” to be. In 1925 the
Dutch physicists George Uhlenbeck and Samuel Goudsmit proposed a solution
to this dilemma. They postulated that electrons have an intrinsic property, called
electron spin. The electron apparently behaves as if it were a tiny sphere spin-
ning on its own axis.

By now it probably does not surprise you to learn that electron spin is quan-
tized. This observation led to the assignment of a new quantum number for the
electron, in addition to n, I, and m; that we have already discussed. This new
quantum number, the spin magnetic quantum number, is denoted 1 (the sub-
script s stands for spin). Only two possible values are allowed for 1, +3 or —3,
which was first interpreted as indicating the two opposite directions in which the



S <« Figure 6.23 The electron behaves
as if it were spinning about an axis
through its center, thereby generating a
magnetic field whose direction depends
on the direction of spin. The two
directions for the magnetic field
correspond to the two possible values
for the spin quantum number, mgs.
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electron can spin. A spinning charge produces a magnetic field. The two oppo-
site directions of spin produce oppositely directed magnetic fields, as shown in
Figure 6.23 A.* These two opposite magnetic fields lead to the splitting of spec-
tral lines into closely spaced pairs.

Electron spin is crucial for understanding the electronic structures of atoms.
In 1925 the Austrian-born physicist Wolfgang Pauli (1900-1958) discovered the
principle that governs the arrangements of electrons in many-electron atoms.
The Pauli exclusion principle states that no two electrons in an atom can have the
same set of four quantum numbers n, I, m;, and m,. For a given orbital (1s, 2p,, and
so forth), the values of #, |, and m; are fixed. Thus, if we want to put more than
one electron in an orbital and satisfy the Pauli exclusion principle, our only choice
is to assign different m values to the electrons. Because there are only two such
values, we conclude that an orbital can hold a maximum of two electrons, and they
must have opposite spins. This restriction allows us to index the electrons in an
atom, giving their quantum numbers and thereby defining the region in space
where each electron is most likely to be found. It also provides the key to one of
the great problems in chemistry—understanding the structure of the periodic
table of the elements. We will discuss these issues in the next two sections.

* As we discussed earlier, the electron has both particle-like and wavelike properties. Thus, the pic-
ture of an electron as a spinning charged sphere is, strictly speaking, just a useful pictorial repre-
sentation that helps us understand the two directions of magnetic field that an electron can possess.

“ A Closer Look Experimental Evidence for Electron Spin

Even before electron spin had been proposed, there was exper-
imental evidence that electrons had an additional property that
needed explanation. In 1921 Otto Stern and Walter Gerlach suc-
ceeded in separating a beam of neutral atoms into two groups
by passing them through a nonhomogeneous magnetic field.
Their experiment is diagrammed in Figure 6.24 P>. Let’s assume
that they used a beam of hydrogen atoms (in actuality, they
used silver atoms, which contain just one unpaired electron).
We would normally expect that neutral atoms would not be
affected by a magnetic field. However, the magnetic field aris-
ing from the electron’s spin interacts with the magnet’s field,
deflecting the atom from its straight-line path. As shown in

Beam collector
plate
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Figure 6.24, the magnetic field splits the beam in two, suggest- o

ing that there are two (and only two) equivalent values for the
electron’s own magnetic field. The Stern—-Gerlach experiment
could be readily interpreted once it was realized that there are
exactly two values for the spin of the electron. These values will
produce equal magnetic fields that are opposite in direction.

A Figure 6.24 |llustration of the Stern—Gerlach experiment.
Atoms in which the electron spin quantum number (mj) of the
unpaired electron is are +% deflected in one direction, and those
in which myg is —3 are deflected in the other.
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‘ Chemistry and Life Nuclear Spin and Magnetic Resonance Imaging

A major challenge facing medical diagnosis is seeing inside the
human body from the outside. Until recently, this was accom-
plished primarily by using X rays to image human bones, mus-
cles, and organs. However, there are several drawbacks to using
X rays for medical imaging. First, X rays do not give well-
resolved images of overlapping physiological structures. More-
over, because damaged or diseased tissue often yields the same
image as healthy tissue, X rays frequently fail to detect illness
or injuries. Finally, X rays are high-energy radiation that can
cause physiological harm, even in low doses.

In the 1980s a new technique called magnetic resonance imag-
ing (MRI) moved to the forefront of medical imaging technolo-
gy. The foundation of MRI is a phenomenon called nuclear
magnetic resonance (NMR), which was discovered in the mid-
1940s. Today NMR has become one of the most important spec-
troscopic methods used in chemistry. It is based on the
observation that, like electrons, the nuclei of many elements pos-
sess an intrinsic spin. Like electron spin, nuclear spin is quan-
tized. For example, the nucleus of 'H (a proton) has two possible
magnetic nuclear spin quantum numbers, +3 and —3. The
hydrogen nucleus is the most common one studied by NMR.

A spinning hydrogen nucleus acts like a tiny magnet. In
the absence of external effects, the two spin states have the
same energy. However, when the nuclei are placed in an exter-
nal magnetic field, they can align either parallel or opposed
(antiparallel) to the field, depending on their spin. The paral-
lel alignment is lower in energy than the antiparallel one by a
certain amount, AE (Figure 6.25 P>). If the nuclei are irradiated
with photons with energy equal to AE, the spin of the nuclei
can be “flipped,” that is, excited from the parallel to the
antiparallel alignment. Detection of the flipping of nuclei
between the two spin states leads to an NMR spectrum. The
radiation used in an NMR experiment is in the radiofrequency
range, typically 100 to 500 MHz.

Because hydrogen is a major constituent of aqueous body
fluids and fatty tissue, the hydrogen nucleus is the most con-
venient one for study by MRI. In MRI a person’s body is placed
in a strong magnetic field. By irradiating the body with pulses
of radiofrequency radiation and using sophisticated detection
techniques, tissue can be imaged at specific depths within the
body, giving pictures with spectacular detail (Figure 6.26 ).
The ability to sample at different depths allows medical tech-
nicians to construct a three-dimensional picture of the body.

MRI has none of the disadvantages of X rays. Diseased tis-
sue appears very different from healthy tissue, resolving over-

6 Joel A. Olson, Karen |. Nordell, Marla
A. Chesnik, Clark R. Landis, Arthur B.
Ellis, M.S. Rzchowski, S. Michael
Condren, George C. Lisensky, and
James W. Long, “Simple and

lapping structures at different depths in the body is much eas-
ier, and the radiofrequency radiation is not harmful to humans
in the doses used. The major drawback of MRI is expense: The
current cost of a new MRI instrument for clinical applications
is over $1.5 million.
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A Figure 6.25 Like electron spin, nuclear spin generates a
small magnetic field and has two allowed values. In the absence of
an external magnetic field (left), the two spin states have the same
energy. If an external magnetic field is applied (right), the parallel
alignment of the nuclear magnetic field is lower in energy than the
antiparallel alignment. The energy difference, AE, is in the
radiofrequency portion of the electromagnetic spectrum.

<« Figure 6.26 An MRI
image of a human head,
showing the structures of a
normal brain, airways, and
facial tissues.
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ANIMATION
Electron Configurations

Armed with a knowledge of the relative energies of orbitals and the Pauli exclu-
sion principle, we are now in a position to consider the arrangements of elec-
trons in atoms.The way in which the electrons are distributed among the various
orbitals of an atom is called its electron configuration. The most stable, or ground
state, electron configuration of an atom is that in which the electrons are in the
lowest possible energy states. If there were no restrictions on the possible values



for the quantum numbers of the electrons, all the electrons would crowd into
the 1s orbital because it is the lowest in energy (Figure 6.22). The Pauli exclusion
principle tells us, however, that there can be at most two electrons in any single
orbital. Thus, the orbitals are filled in order of increasing energy, with no more than two
electrons per orbital. For example, consider the lithium atom, which has three elec-
trons. (Recall that the number of electrons in a neutral atom equals its atomic
number.) The 1s orbital can accommodate two of the electrons. The third one
goes into the next lowest energy orbital, the 2s.

We can summarize any electron configuration by writing the symbol for the
occupied subshell and adding a superscript to indicate the number of electrons
in that subshell. For example, for lithium we write 15225 (read “1s two, 2s one”).
We can also show the arrangement of the electrons as

Li )]

1s 2s

In this kind of representation, which we will call an orbital diagram, each orbital
is denoted by a box and each electron by a half arrow. A half arrow pointing
upward () represents an electron with a positive spin magnetic quantum num-
ber (mg = +3), and a half arrow pointing downward ( | ) represents an electron
with a negative spin magnetic quantum number (m, = —3). This pictorial
representation of electron spin is quite convenient. In fact, chemists and physi-
cists often refer to electrons as “spin-up” and “spin-down” rather than specify-
ing the value for m;.

Electrons having opposite spins are said to be paired when they are in the
same orbital (1| ). An unpaired electron is not accompanied by a partner of oppo-
site spin. In the lithium atom the two electrons in the 1s orbital are paired, and
the electron in the 2s orbital is unpaired.

Hund'’s Rule

Consider now how the electron configurations of the elements change as we
move from element to element across the periodic table. Hydrogen has one elec-
tron, which occupies the 1s orbital in its ground state.

H 11:1st

1s

The choice of a spin-up electron here is arbitrary; we could equally well show the
ground state with one spin-down electron in the 1s orbital. It is customary, how-
ever, to show the unpaired electrons with their spins up.

The next element, helium, has two electrons. Because two electrons with
opposite spins can occupy an orbital, both of helium’s electrons are in the 1s
orbital.

He 1] 182

1s

The two electrons present in helium complete the filling of the first shell. This
arrangement represents a very stable configuration, as is evidenced by the chem-
ical inertness of helium.

6.8 Electron Configurations 221

@ The use of experimental data to

investigate electron configurations is
presented in this reference. Ronald ).
Gillespie, James N. Spencer, and
Richard S. Moog, “Demystifying
Introductory Chemistry; Part 1.
Electron Configurations from
Experiment,” J. Chem. Educ., Vol 73,
1996, 617-622.

A series of analogies useful in
teaching concepts of quantum
chemistry are introduced in these
references. Ngai Ling Ma, “Quantum
Analogies on Campus,” /. Chem.
Educ., Vol. 73, 1996, 1016-1017.
Anthony Garofalo, “Housing
Electrons: Relating Quantum
Numbers, Energy Levels, and
Electron Configurations,” J. Chem.
Educ., Vol. 74, 1997, 709-719. John
J. Fortman, “Pictorial Analogies VII:
Quantum Numbers and Orbitals, “
J. Chem. Educ., Vol. 70, 1993,
649-650. M. Bonneau, “The
Quantum Shoe Store and Electron
Structure,” J. Chem. Educ., Vol. 68,
1991, 837.

Some readings involving the Aufbau
principle. Robert D. Freeman, “‘New
Schemes for Applying the Aufbau
Principle,” J. Chem. Educ., Vol. 67,
1990, 576. James R. Hanley, lll, and
James R. Hanley, Jr., “A Low-Cost
Classroom Demonstration of the
Aufbau Principle,” J. Chem. Educ.,
Vol. 56, 1979, 747.

’



222

g

e

Chapter 6 Electronic Structure of Atoms

<

Analogies for orbitals, Hund's rule,
and the four quantum numbers are
included in this reference.

Ngoh Khang Goh, Lian Sai Chia, and
Daniel Tan, “Some Analogies for
Teaching Atomic Structure at the
High School Level,” J. Chem. Educ.,
Vol. 71, 1994, 733-734.

ACTIVITY
Electron Configurations
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77, 2000, 1056-1061.

TABLE 6.3 Electron Configurations of Several Lighter Elements

Total
Electrons

Electron

Element Orbital Diagram Configuration

1s 2s 2p 3s
Li 3 11 1

1s22s!

12252

Be 4 RN

1s22s22p!

15225%2p?

1s22s22p°

1s225%2p®

Ne 10 (ARNARR RN

1s225%2p%3s!

Na 1 AERARRARARANN

The electron configurations of lithium and several elements that follow it in
the periodic table are shown in Table 6.3 A. For the third electron of lithium, the
change in principal quantum number represents a large jump in energy and a cor-
responding jump in the average distance of the electron from the nucleus. It rep-
resents the start of a new shell of electrons. As you can see by examining the
periodic table, lithium starts a new row of the periodic table. It is the first mem-
ber of the alkali metals (group 1A).

The element that follows lithium is beryllium; its electron configuration is 1s%2s>
(Table 6.3). Boron, atomic number 5, has the electron configuration 1s22s%2p'. The
fifth electron must be placed in a 2p orbital because the 2s orbital is filled. Because all
the three 2p orbitals are of equal energy, it doesn’t matter which 2p orbital is occupied.

With the next element, carbon, we encounter a new situation. We know that the
sixth electron must go into a 2p orbital. However, does this new electron go into the
2p orbital that already has one electron, or into one of the others? This question is
answered by Hund’s rule, which states that for degenerate orbitals, the lowest energy
is attained when the number of electrons with the same spin is maximized. This means
that electrons will occupy orbitals singly to the maximum extent possible, with the
same spin magnetic quantum number. Electrons arranged in this way are said to
have parallel spins. For a carbon atom to achieve its lowest energy, therefore, the two
2p electrons will have the same spin. In order for this to happen, the electrons must
be in different 2p orbitals, as shown in Table 6.3. Thus, a carbon atom in its ground
state has two unpaired electrons. Similarly, for nitrogen in its ground state, Hund'’s
rule requires that the three 2p electrons singly occupy each of the three 2p orbitals.
This is the only way that all three electrons can have the same spin. For oxygen and
fluorine, we place four and five electrons, respectively, in the 2p orbitals. To achieve
this, we pair up electrons in the 2p orbitals, as we will see in Sample Exercise 6.7.

Hund’s rule is based in part on the fact that electrons repel one another. By
occupying different orbitals, the electrons remain as far as possible from one
another, thus minimizing electron-electron repulsions.

SAMPLE EXERCISE 6.7

Draw the orbital diagram representation for the electron configuration of oxygen,
atomic number 8. How many unpaired electrons does an oxygen atom possess?
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Solution

Analyze and Plan: Because oxygen has an atomic number of 8, the atom has 8 elec-
trons. Figure 6.22 shows the ordering of orbitals. The electrons (represented as arrows),
are placed in the orbitals (represented as boxes) beginning with the lowest energy 1s
orbital. Each orbital can hold a maximum of two electrons (the Pauli exclusion prin-
ciple). Because the 2p orbitals are degenerate, we place one electron in each of these
orbitals (spin-up) before pairing any electrons (Hund’s rule).

Solve: Two electrons each go into the 1s and 2s orbitals with their spins paired. This
leaves four electrons for the three degenerate 2p orbitals. Following Hund’s rule, we
put one electron into each 2p orbital until all three have one each. The fourth electron
is then paired up with one of the three electrons already in a 2p orbital, so that the rep-
resentation is

W] (1]

1s 2s 2p

The corresponding electron configuration is written 1s>2s22p*. The atom has two
unpaired electrons.

PRACTICE EXERCISE

(a) Write the electron configuration of phosphorus, element 15. (b) How many unpaired
electrons does a phosphorus atom possess?

Answers: (a) 1s22522p®3s23p; (b) three

Condensed Electron Configurations

The filling of the 2p subshell is complete at neon (Table 6.3), which has a stable
configuration with eight electrons (an octet) in the outermost shell. The next ele-
ment, sodium, atomic number 11, marks the beginning of a new row of the peri-
odic table. Sodium has a single 3s electron beyond the stable configuration of
neon. We can abbreviate the electron configuration of sodium as follows:

Na: [Ne]3s?

The symbol [Ne] represents the electron configuration of the ten electrons of
neon, 1s22s22p°. Writing the electron configuration in this manner helps focus
attention on the outermost electrons of the atom. The outer electrons are the ones

largely responsible for the chemical behavior of an element. _—

In writing the condensed electron configuration of an element, the electron con- [ /] Itisimportant to emphasize that
figuration of the nearest noble-gas element of lower atomic number is repre- ~ — mostimportant chemical
sented by its chemical symbol in brackets. For example, we can write the electron phenomena and reactions make use

X R S of only the outermost (valence)
configuration of lithium as electrons.

Li: [He]2s?

We refer to the electrons represented by the symbol for a noble-gas as the [ /| The observed stability of a full octet

noble-gas core of the atom. More usually, these inner-shell electrons are referred =~ —' of electrons in the sand p orbitals is

the basis of important bonding

to merely as the core electrons. The electrons given after the noble gas core are descriptions (Chapter 8).

referred to as the outer-shell electrons, or valence electrons.

By comparing the electron configuration of lithium with that of sodium,
we can appreciate why these two elements are so similar chemically: They
have the same type of outer-shell electron configuration. Indeed, all the mem-
bers of the alkali metal group (1A) have a single s electron beyond a noble-gas
configuration.

Transition Metals

The noble-gas element argon marks the end of the row started by sodium. The
configuration for argon is 1s225*2p®3s23p°. The element following argon in the
periodic table is potassium (K), atomic number 19. In all its chemical properties,
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potassium is clearly a member of the alkali metal group. The experimental facts
about the properties of potassium leave no doubt that the outermost electron of
this element occupies an s orbital. But this means that the highest energy electron
has not gone into a 34 orbital, which we might have expected it to do. Here the
ordering of energy levels is such that the 4s orbital is lower in energy than the 34
(Figure 6.22). Hence the condensed electron configuration of potassium is

K: [Ar]4s’

Following complete filling of the 4s orbital (this occurs in the calcium atom), the
next set of equivalent orbitals to be filled is the 3d. (You will find it helpful as we
go along to refer often to the periodic table on the front inside cover.) Beginning
with scandium and extending through zinc, electrons are added to the five 34
orbitals until they are completely filled. Thus, the fourth row of the periodic table
is ten elements wider than the two previous rows. These ten elements are known
as transition elements, or transition metals. Note the position of these elements
in the periodic table.

In accordance with Hund’s rule, electrons are added to the 34 orbitals singly
until all five orbitals have one electron each. Additional electrons are then placed
in the 3d orbitals with spin pairing until the shell is completely filled. The con-
densed electron configurations and the corresponding orbital diagram repre-
sentations of two transition elements are as follows:

4s 3d

Mn: [Ar]4sz3d5 or[Ar] | 1 111111111

/n: [Ar]4523d10 or [Ar] 1l (IARIERARIAR

Upon completion of the 3d transition series, the 4p orbitals begin to be
occupied until the completed octet of outer electrons (4s%4p°) is reached with
krypton (Kr), atomic number 36, another of the noble gases. Rubidium (Rb)
marks the beginning of the fifth row. Refer again to the periodic table on the
front inside cover. Notice that this row is in every respect like the preceding one,
except that the value for 7 is greater by 1.

The Lanthanides and Actinides

The sixth row of the periodic table begins similarly to the preceding one: one
electron in the 6s orbital of cesium (Cs) and two electrons in the 6s orbital of bar-
ium (Ba). Notice however, that the periodic table then has a break, and the sub-
sequent set of elements (elements 57-70) is placed below the main portion of the
table. It is at this place that we begin to encounter a new set of orbitals, the 4f.

There are seven degenerate 4f orbitals, corresponding to the seven allowed
values of m;, ranging from 3 to —3. Thus, it takes 14 electrons to fill the 4f orbitals
completely. The 14 elements corresponding to the filling of the 4f orbitals are
known as the lanthanide (or rare earth) elements. The lanthanide elements are
set below the other elements to avoid making the periodic table unduly wide. The
properties of the lanthanide elements are all quite similar, and they occur togeth-
er in nature. For many years it was virtually impossible to separate them from
one another.

Because the energies of the 4f and 5d orbitals are very close, the electron
configurations of some of the lanthanides involve 5d electrons. For example, the
elements lanthanum (La), cerium (Ce) and praseodymium (Pr) have the follow-
ing electron configurations:

La: [Kr]6s?54!  Ce: [Krl6s®5d'4f!  Pr: [Kr]6s?4f®

Because La has a single 54 electron, it is sometimes placed below yttrium
(Y) as the first member of the third series of transition elements, and Ce is then
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placed as the first member of the lanthanides. Based on their chemistry, howev-
er, La can be considered the first element in the lanthanide series. Arranged this
way, there are fewer apparent exceptions to the regular filling of the 4f orbitals
among the subsequent members of the series.

After the lanthanide series, the third transition element series is completed
by the filling of the 5d orbitals, followed by the filling of the 6p orbitals. This
brings us to radon (Rn), heaviest of the known noble-gas elements. The final row
of the periodic table begins by filling the 7s orbitals. The actinide elements, of
which uranium (U, element 92) and plutonium (Pu, element 94) are the best
known, are then built up by completing the 5f orbitals. The actinide elements are
radioactive, and most of them are not found in nature.

6.9 Electron Configurations and the Periodic Table

Our rather brief survey of electron configurations of the elements has taken us
through the periodic table. We have seen that the electron configurations of ele-
ments are related to their locations in the periodic table. The periodic table is
structured so that elements with the same pattern of outer-shell (valence) elec-
tron configuration are arranged in columns. For example, the electron configu-
rations for the elements in groups 2A and 3A are given in Table 6.4 ». We see that
the 2A elements all have 15> outer configurations, while the 3A elements have
ns?np! configurations.

Earlier, in Table 6.2, we saw that the total number of orbitals in each shell is
equal to n?:1,4,9, or 16. Because each orbital can hold two electrons, each shell
can accommodate up to 212 electrons: 2, 8, 18, or 32. The structure of the periodic
table reflects this orbital structure. The first row has two elements, the second and
third rows have eight elements, the fourth and fifth rows have 18 elements, and
the sixth row has 32 elements (including the lanthanide metals). Some of the
numbers repeat because we reach the end of a row of the periodic table before a
shell completely fills. For example, the third row has eight elements, which cor-
responds to filling the 3s and 3p orbitals. The remaining orbitals of the third shell,
the 3d orbitals, do not begin to fill until the fourth row of the periodic table (and
after the 4s orbital is filled). Likewise, the 4d orbitals don’t begin to fill until the
fifth row of the table, and the 4f orbitals don’t begin filling until the sixth row.

All these observations are evident in the structure of the periodic table. For
this reason, we will emphasize that the periodic table is your best guide to the order
in which orbitals are filled. You can easily write the electron configuration of an
element based on its location in the periodic table. The pattern is summarized
in Figure 6.27 ¥. Notice that the elements can be grouped by the type of orbital
into which the electrons are placed. On the left are two columns of elements.

2 2p
3 3p
i ! "
b |~ 4d . o >
65 od 6p
7 |~ o - 7p
&
of >
[ Representative s-block [ Representative p-block
elements elements

[ Transition metals 1 f-Block metals

@ Judith A. Strong, “The Periodic Table
and Electron Configurations,”
J. Chem. Educ., Vol. 63, 1986, 834.

TABLE 6.4 Electron

Configurations of the Group 2A
and 3A Elements

Group 2A

Be [He]2s>

Mg [Ne]3s?

Ca [Ar]4s?

Sr [Kr]5s>

Ba [Xe]6s”

Ra [Rn]7s>
Group 3A

B [He]2s%2p"

Al [Ne]3s 23;91

Ga [Ar]3d104524p]
In [Kr]4d°55%5p 1
Tl [Xe]4f 4541065 %6p!

<« Figure 6.27 Block diagram of the
periodic table showing the groupings of
the elements according to the type of
orbital being filled with electrons.

<@
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SAMPLE EXERCISE 6.8

Solution

Solve: The first member of the halogen
group is fluorine, atomic number 9.
The abbreviated form of the electron
configuration for fluorine is

Similarly, the abbreviated form of the
electron configuration for chlorine, the
second halogen, is

PRACTICE EXERCISE

Answer: group 4A

These elements, known as the alkali metals (group 1A) and alkaline earth met-
als (group 2A), are those in which the outer-shell s orbitals are being filled. On
the right is a block of six columns. These are the elements in which the outer-
most p orbitals are being filled. The s block and the p block of the periodic table
contain the representative (or main-group) elements. In the middle of the table
is a block of ten columns that contain the transition metals. These are the ele-
ments in which the d orbitals are being filled. Below the main portion of the
table are two rows that contain 14 columns. These elements are often referred
to as the f-block metals because they are the ones in which the f orbitals are
being filled. Recall that the numbers 2, 6, 10, and 14 are precisely the number of
electrons that can fill the s, p, d, and f subshells, respectively. Recall also that the 1s
subshell is the first s subshell, the 2p is the first p subshell, the 3d is the first 4 sub-
shell, and the 4f is the first f subshell.

What is the characteristic outer-shell electron configuration of the group 7A elements, the halogens?

Analyze and Plan: We first locate the halogens in the periodic table, write the electron configurations for the first two elements,
and then determine the general similarity between them.

F: [He]2s%2p®

Cl: [Ne]3s23p°

From these two examples, we see that the characteristic outer-shell electron configuration of a halogen is ns*np°®, where 1 ranges
from 2 in the case of fluorine to 6 in the case of astatine.

What family of elements is characterized by having an ns?np? outer-electron configuration?

SAMPLE EXERCISE 6.9

(a) Write the complete electron configuration for bismuth, element number 83. (b) Write
the condensed electron configuration for this element, showing the appropriate noble-
gas core. () How many unpaired electrons does each atom of bismuth possess?

Solution (a) We write the complete electron configuration by simply moving across
the periodic table one row at a time and writing the occupancies of the orbital corre-
sponding to each row (refer to Figure 6.27).

First row 152

Second row  2s522p°

Third row 3s23p°

Fourth row  4s23d'%4p°

Fifth row 5524d'%5p°

Sixth row 6s%4f145406p°

Total: 1522522p®3523p°3d104524p®4d 104 1455250541065 % 6p>
Note that 3 is the lowest possible value that n may have for a d orbital and that 4 is the
lowest possible value of n for an f orbital.

The total of the superscripted numbers should equal the atomic number of bis-
muth, 83. The electrons may be listed, as shown here, in the order of increasing
major quantum number. However, it is equally correct to list the orbitals in an elec-
tron configuration in the order in which they are read from the periodic table:
15225%2p°3523p®4523d104p°5524d105p0 6524 f 1454 6p°.

(b) We can use the periodic table to write the condensed electron configuration of
an element. First locate the element of interest (in this case element 83) and then move
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backward until the first noble gas is encountered (in this case Xe, element 54). Thus the
noble gas core is [Xe]. The outer electrons are then read from the periodic table as
before. Moving from Xe to Cs, element 55, we find ourselves in the sixth row. Moving
across this row to Bi gives us the outer electrons. Thus the abbreviated electron con-
figuration is as follows: [Xe]6s%4f45d'%6p> or [Xe]df 14540 6s%6p°.

(c) We can see from the abbreviated electron configuration that the only partially
occupied subshell is the 6p. The orbital diagram representation for this subshell is as
follows:

of bismuth.

PRACTICE EXERCISE

Use the periodic table to write the condensed electron configurations for the follow-
ing atoms: (a) Co (atomic number 27); (b) Te (atomic number 52).

Answers: (a) [Ar]4s23d” or [Ar]3d”4s%; (b) [Kr]552451105p4 or [Kr]4d105525p4

1

6p

In accordance with Hund'’s rule, the three 6p electrons occupy three 6p orbitals
singly, with their spins parallel. Thus, there are three unpaired electrons in each atom

Figure 6.28 ¥ gives the outer-shell ground-state electron configurations of the
elements. You can use this figure to check your answers as you practice writing

1A 8A
1 18
1 2
H | 2A 3A 4A 5A 6A 7A | He
Core | 15 | 2 13 14 15 16 17 | s
3 4 5 6 7 8 9 10
Li Be B C N () F Ne
[He] 2s! 2¢% 25%2p" | 25%2p7 | 25%2p° | 25%2p* | 25%2p° | 25%2p°
1 | 12 8B 13|14 | 15| 16 | 17 | 18
Na | Mg |35 48 58 6B 7B 8 9 10 1B 2B |Al|Si| P} S| Cl | Ar
[Ne] 3s 3s 3 4 5 6 7 A .11 12 | 3s3p | 3s73p” | 3s3p” [ 3s73p” | 3s3p” | 3s°3p
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca | Sc | Ti v Cr |[Mn| Fe [ Co [ Ni [ Cu | Zn | Ga | Ge | As | Se | Br | Kr
[Ar] 45t | 4s? | 3dl4s? | 3d%4s? | 3d%4s? | 3d%4s! | 3d%4s? | 3d%4s? | 3d74s? | 3dB4s? | 3d104s! | 3410457 | 3d"4s? | 3d"*4s? | 3d1%4s” | 3d'%4s” | 3d 0457 | 3d'04s”
4p! 4p? 4p° 4t 4p° 4p°
37 38 39 40 41 42 43 44 45 46 47 | 48 49 50 51 52 53 54
Rb | St | Y | Zr |[Nb (Mo | Tc | Ru | Rh | Pd [ Ag [Cd | In | Sn | Sb | Te I Xe
[Kr] 5s' | 552 |4d'5s? | 442557 | 445 | 4d%5s' | 4d%5s> | 4d75s' | 4d%5s' | 440 |4d'05s" |4d1055? [4d %55 |4d %557 | 4d'05s” | 4d 557 | 4d'5s? | 4d 1557
5pt | 5 | 59 | Spt | 5P | 5p°
55 | 56 71| 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs | Ba Lu| Hf | Ta [ W | Re | Os | Ir | Pt | Au | Hg | Tl | Pb | Bi | Po | At | Rn
[Xe] 651 652 4f145d1 4f145d2 4f145d3 4f145d4 4f145d5 4f145d6 4f145d7 4f145d9 4f145d10 4f145d10 4f145d10 4f145d10 4f145d10 4f145d10 4f145d10 4f145d10
6s* | 65 65> 65° 65° 652 65° 65! 65! 65> | 6s%6p! | 65%6p” | 65°6p° | 65°6p™ | 65%6p° | 65%6p°
87 | 88 103 | 104 | 105 | 106 | 107 | 108 | 109 | 110 | 111 | 112 114 116
Fr | Ra Lr | Rf | Db | Sg | Bh | Hs | Mt
[Rn] 75t | 782 | 5fMed!| 5 6d>| 5 6d% | 5f146d* | 5 *6d° | 5f146d® | 5 6d”
75> | 752 75* 75> 752 75 75>
57 58 59 60 61 62 63 64 65 66 67 68 69 70
Lanthanide La | Ce | Pr [Nd ([Pm |Sm | Eu | Gd [ Tb | Dy | Ho | Er | Tm | Yb
[Xe] series 5d'6s2 4f6152d1 4f%s? | 4f76s% | 4f%6s? | 4f%s> | 4f76s 4](6752‘11 4% | 406> | 4f6s” | 4f 265 | 4f 657 | 4f 14657
S S’
89 90 91 92 93 94 95 96 97 98 99 | 100 | 101 | 102
Actinide series Ac | Th | Pa| U [Np|Pu |[Am |Cm | Bk | Cf | Es | Fm | Md | No
[Rn] 6d4'7s% | 64%75 5f%ed" | 5f%d" | 5f*6d" | 5f°7s” | 5f77s | 5f7ed" | 5f°7s | 51075 |5f 11757 | 5f 1277 | 5f1°7s% | 51475
7s 7s 7s 7s

@

I:I Metals I:I Metalloids I:I Nonmetals

A Figure 6.28 Outer-shell ground-state electron configurations.
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electron configurations. We have written these configurations with orbitals list-
ed in order of increasing principal quantum number. As we have seen in Sam-
ple Exercise 6.9, the orbitals can also be listed in order of filling, as they would
be read off the periodic table.

Anomalous Electron Configurations

If you inspect Figure 6.28 closely, you will see that the electron configurations of
certain elements appear to violate the rules we have just discussed. For example,
the electron configuration of chromium is [Ar]3d°4s? rather than [Ar]3d*4s?, as we
might have expected. Similarly, the configuration of copper is [Ar]3d1%4s! instead
of [Ar]3d%4s?. This anomalous behavior is largely a consequence of the closeness
of the 3d and 4s orbital energies. It frequently occurs when there are enough elec-
trons to lead to precisely half-filled sets of degenerate orbitals (as in chromium)
or to a completely filled d subshell (as in copper). There are a few similar cases
among the heavier transition metals (those with partially filled 4 or 5d orbitals)
and among the f-block metals. Although these minor departures from the expect-
ed are interesting, they are not of great chemical significance.

SAMPLE INTEGRATIVE EXERCISE 6: Putting Concepts Together

Boron, atomic number 5, occurs naturally as two isotopes, 10B and "B, with natural
abundances of 19.9% and 80.1%, respectively. (a) In what ways do the two isotopes
differ? Do the electronic configurations of 1°B and ''B differ? (b) Draw the complete
orbital diagram representation for an atom of ''B. Which electrons are the valence
electrons (the ones involved in chemical reactions)? (c) Indicate three major ways in
which the 1s and 2s electrons in boron differ. (d) Elemental boron reacts with fluorine
to form BF;, a gas. Write a balanced chemical equation for the reaction of solid boron
with fluorine gas. (e) AH} for BF3(g) is —1135.6 k] mol L. Calculate the standard
enthalpy change in the reaction of boron with fluorine. (f) When BCl3, also a gas at
room temperature, comes into contact with water, it reacts to form hydrochloric acid
and boric acid, H3BO3, a very weak acid in water. Write a balanced net ionic equation
for this reaction.

Solution (a) The two nuclides of boron differ in the number of neutrons in the nucleus.
(Sections 2.3 and 2.4) Each of the nuclides contains five protons, but 108 con-
tains five neutrons, whereas !B contains six neutrons. The two isotopes of boron have
identical electron configurations, 1522522p1, because each has five electrons.
(b) The complete orbital diagram is

W] |1

1s 2s 2p

The valence electrons are the outer-shell ones, the 25 and 2p1 electrons. The 152 elec-
trons constitute the core electrons, which we represent as [He] when we write the con-
densed electron configuration, [He]2s2p.

() The 1s and 2s orbitals are both spherical, but they differ in three important
respects: First, the 1s orbital is lower in energy than the 2s orbital. Second, the average
distance of the 2s electrons from the nucleus is greater than that of the 1s electrons, so
the 1s orbital is smaller than the 2s. Third, the 2s orbital has one radial node, whereas
the 1s orbital has no nodes (Figure 6.18).

(d) The balanced chemical equation is as follows:

2B(s) + 3K(g) — 2BF5(g)

(e) AH® = 2(—1135.6) — [0 + 0] = —2271.2 K]. The reaction is strongly exothermic.

(f) BCl3(g) + 3H,0O(!) —> H3BOs(aq) + 3H"(ag) + 3Cl (ag). Note that be-
cause H3BOj is a very weak acid, its chemical formula is written in molecular form,
as discussed in Section 4.4.
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Introduction and Section 6.1 The electronic structure
of an atom describes the energies and arrangement of elec-
trons around the atom. Much of what is known about the
electronic structure of atoms was obtained by observing
the interaction of light with matter. Visible light and other
forms of electromagnetic radiation (also known as radiant
energy) move through a vacuum at the speed of light,
¢ = 3.00 X 108 m/s. Electromagnetic radiation has both
electric and magnetic components that vary periodically in
wavelike fashion. The wave characteristics of radiant en-
ergy allow it to be described in terms of wavelength, A,
and frequency, v, which are interrelated: Av = c.

Section 6.2 Planck proposed that the minimum amount
of radiant energy that an object can gain or lose is related
to the frequency of the radiation: E = hv. This smallest
quantity is called a quantum of energy. The constant / is
called Planck’s constant; i = 6.63 X 10* J-s. In the quan-
tum theory, energy is quantized, meaning that it can have
only certain allowed values. Einstein used the quantum
theory to explain the photoelectric effect, the emission of
electrons from metal surfaces by light. He proposed that
light behaves as if it consisted of quantized energy pack-
ets called photons. Each photon carries energy E = hv.

Section 6.3 Dispersion of radiation into its component
wavelengths produces a spectrum. If the spectrum con-
tains all wavelengths, it is called a continuous spectrum;
if it contains only certain specific wavelengths, the spec-
trum is called a line spectrum. The radiation emitted by
excited hydrogen atoms forms a line spectrum; the fre-
quencies observed in the spectrum follow a simple math-
ematical relationship that involves small integers.

Bohr proposed a model of the hydrogen atom that
explains its line spectrum. In this model the energy of the
hydrogen atom depends on the value of a number #, called
the quantum number. The value of n must be a positive
integer (1,2, 3,...), and each value of n corresponds to a
different specific energy, E,. The energy of the atom
increases as n increases. The lowest energy is achieved for
n = 1; this is called the ground state of the hydrogen atom.
Other values of n correspond to excited states of the atom.
Light is emitted when the electron drops from a higher
energy state to a lower energy state; light must be absorbed
to excite the electron from a lower energy state to a high-
er one. The frequency of light emitted or absorbed must
be such that iiv equals the difference in energy between
two allowed states of the atom.

Section 6.4 De Broglie proposed that matter, such as
electrons, should exhibit wavelike properties; this hy-
pothesis of matter waves was proven experimentally by
observing the diffraction of electrons. An object has a char-
acteristic wavelength that depends on its momentum,
muv: A = h/mv. Discovery of the wave properties of the

electron led to Heisenberg’s uncertainty principle, which
states that there is an inherent limit to the accuracy with
which the position and momentum of a particle can be
measured simultaneously.

Section 6.5 In the quantum mechanical model of the hy-
drogen atom, the behavior of the electron is described by
mathematical functions called wave functions, denoted
with the Greek letter . Each allowed wave function has a
precisely known energy, but the location of the electron can-
not be determined exactly; rather, the probability of its being
at a particular point in space is given by the probability
density, ¢s>. The electron density distribution is a map of
the probability of finding the electron at all points in space.

The allowed wave functions of the hydrogen atom are
called orbitals. An orbital is described by a combination of
an integer and a letter, corresponding to values of three
quantum numbers for the orbital. The principal quantum
number, 1, is indicated by the integers 1, 2, 3, .. .. This quan-
tum number relates most directly to the size and energy of
the orbital. The azimuthal quantum number, J, is indicated
by the letters s, p, d, f, and so on, corresponding to the val-
ues of 0,1,2,3,.... The | quantum number defines the
shape of the orbital. For a given value of 7, I can have inte-
ger values ranging from 0 ton — 1. The magnetic quantum
number, 1, relates to the orientation of the orbital in space.
For a given value of [, m; can have integral values ranging
from —I to I. Cartesian labels can be used to label the orien-
tations of the orbitals. For example, the three 3p orbitals are
designated 3p,,, 3py, and 3p,, with the subscripts indicating
the axis along which the orbital is oriented.

An electron shell is the set of all orbitals with the same
value of n, such as 3s, 3p, and 3d. In the hydrogen atom all
the orbitals in an electron shell have the same energy. A
subshell is the set of one or more orbitals with the same n
and / values; for example, 3s, 3p, and 34 are each subshells
of then = 3 shell. There is one orbital in an s subshell, three
inap subshell, five in a d subshell, and seven in an f subshell.

Section 6.6 Contour representations are useful for visu-
alizing the spatial characteristics (shapes) of the orbitals.
Represented this way, s orbitals appear as spheres that in-
crease in size as n increases. The wave function for each p
orbital has two lobes on opposite sides of the nucleus. They
are oriented along the x-, y-, and z-axes. Four of the d or-
bitals appear as shapes with four lobes around the nucle-
us; the fifth one, the d,2 orbital, is represented as two lobes
along the z-axis and a “doughnut” in the xy plane. Regions
in which the wave function is zero are called nodes. There
is zero probability that the electron will be found at a node.

Section 6.7 In many-electron atoms, different subshells
of the same electron shell have different energies. The en-
ergy of the subshells increases in the order

1s,2s,2p, 3s,3p, 4s,3d, 4p, . ..
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Orbitals within the same subshell are still degenerate,
meaning they have the same energy.

Electrons have an intrinsic property called electron spin,
which is quantized. The spin magnetic quantum number,
m;, can have two possible values, +3 and —3, which can be
envisioned as the two directions of an electron spinning
about an axis. The Pauli exclusion principle states that no
two electrons in an atom can have the same values for 7, |,
my, and my. This principle places a limit of two on the num-
ber of electrons that can occupy any one atomic orbital. These
two electrons differ in their value of m,.

Sections 6.8 and 6.9 The electron configuration of an
atom describes how the electrons are distributed among
the orbitals of the atom. The ground-state electron config-
urations are generally obtained by placing the electrons in
the atomic orbitals of lowest possible energy with the re-
striction that each orbital can hold no more than two elec-
trons. When electrons occupy a subshell with more than
one degenerate orbital, such as the 2p subshell, Hund’s
rule states that the lowest energy is attained by maximiz-
ing the number of electrons with the same electron spin.
For example, in the ground-state electron configuration of
carbon, the two 2p electrons have the same spin and must
occupy two different 2p orbitals.

Exercises

Elements in any given group in the periodic table have
the same type of electron arrangements in their outermost
shells. For example, the electron configurations of the
halogens fluorine and chlorine are [He]2s%2p® and
[Ne]3s23p°, respectively. The outer-shell electrons, those that
lie outside the orbitals occupied in the next lowest noble-gas
element, are called its valence electrons, whereas the elec-
trons in the inner shells are called the core electrons.

The periodic table is partitioned into different types
of elements, based on their electron configurations. Those
elements in which the outermost subshell is an s or p sub-
shell are called the representative (or main-group)
elements. The alkali metals (group 1A), halogens (group
7A), and noble gases (group 8A) are representative ele-
ments. Those elements in which a d subshell is being filled
are called the transition elements (or transition metals).
The elements in which the 4f subshell is being filled are
called the lanthanide elements. The actinide elements are
those in which the 5f subshell is being filled. The lan-
thanide and actinide elements are collectively referred to
as the f-block metals. These elements are shown as two
rows of 14 elements below the main part of the periodic
table. The structure of the periodic table, summarized in
Figure 6.27, allows us to write the electron configuration of
an element from its position in the periodic table.

Radiant Energy

6.1 What are the basic SI units for (a) the wavelength of light,
(b) the frequency of light, (c) the speed of light?

6.2 (a) What is the relationship between the wavelength and
the frequency of radiant energy? (b) Ozone in the upper
atmosphere absorbs energy in the 210-230 nm range of
the spectrum. In what region of the electromagnetic spec-
trum does this radiation occur?

6.3 Label each of the following statements as true or false.

CQ For those that are false, correct the statement. (a) Visible
light is a form of electromagnetic radiation. (b) The fre-
quency of radiation increases as the wavelength increas-
es. (c) Ultraviolet light has longer wavelengths than
visible light. (d) Electromagnetic radiation and sound
waves travel at the same speed.

6.4 Determine which of the following statements are false,

CQ and correct them. (a) Electromagnetic radiation is inca-
pable of passing through water. (b) Electromagnetic radi-
ation travels through a vacuum at a constant speed,
regardless of wavelength. (c) Infrared light has higher
frequencies than visible light. (d) The glow from a fire-
place, the energy within a microwave oven, and a
foghorn blast are all forms of electromagnetic radiation.

6.5 Arrange the following kinds of electromagnetic radiation
in order of increasing wavelength: infrared, green light,
red light, radio waves, X rays, ultraviolet light.

6.6 List the following types of electromagnetic radiation in
order of increasing wavelength: (a) the gamma rays pro-
duced by a radioactive nuclide used in medical imaging;
(b) radiation from an FM radio station at 93.1 MHz on
the dial; (c¢) a radio signal from an AM radio station at
680 kHz on the dial; (d) the yellow light from sodium
vapor streetlights; (e) the red light of a light-emitting
diode, such as in a calculator display.

6.7 (a) What is the frequency of radiation that has a wave-
length of 0.452 pm? (b) What is the wavelength of radia-
tion that has a frequency of 2.55 X 10512 (c) Would
the radiations in part (a) or part (b) be visible to the
human eye? (d) What distance does electromagnetic ra-
diation travel in 7.50 ms?

6.8 (a) What is the frequency of radiation whose wavelength
is 589 nm? (b) What is the wavelength of radiation that
has a frequency of 1.2 X 10%% 5712 (c) Would the radia-
tions in part (a) or part (b) be detected by an infrared radi-
ation detector? (d) What distance does electromagnetic
radiation travel in 10.0 ws?

6.9 Excited mercury atoms emit light strongly at a wave-
length of 436 nm. What is the frequency of this radiation?
Using Figure 6.4, predict the color associated with this
wavelength.

6.10 An argon ion laser emits light at 489 nm. What is the fre-
quency of this radiation? Is this emission in the visible
spectrum? If yes, what color is it?



Quantized Energy and Photons

6.11
cQ

6.12
cQ

6.13

6.14

6.15

6.16

6.17

(a) What does it mean when we say energy is quantized?
(b) Why don’t we notice the quantization of energy in
everyday activities?

Einstein’s 1905 paper on the photoelectric effect was the
first important application of Planck’s quantum hypoth-
esis. Describe Planck’s original hypothesis, and explain
how Einstein made use of it in his theory of the photo-
electric effect.

(a) Calculate the smallest increment of energy (a quan-
tum) that can be emitted or absorbed at a wavelength of
812 nm. (b) Calculate the energy of a photon of frequen-
cy 2.72 X 102571, (¢) What wavelength of radiation has
photons of energy 7.84 X 10718 J? In what portion of the
electromagnetic spectrum would this radiation be found?
(a) Calculate the smallest increment of energy that can be
emitted or absorbed at a wavelength of 3.80 mm.
(b) Calculate the energy of a photon of frequency
80.5 MHz. (c) What frequency of radiation has photons of
energy 1.77 X 107'%]? In what region of the electromag-
netic spectrum would this radiation be found?

(a) Calculate and compare the energy of a photon of
wavelength 3.3 um with that of wavelength 0.154 nm.
(b) Use Figure 6.4 to identify the region of the electro-
magnetic spectrum to which each belongs.

An AM radio station broadcasts at 1440 kHz, and its FM
partner broadcasts at 94.5 MHz. Calculate and compare
the energy of the photons emitted by these two radio
stations.

One type of sunburn occurs on exposure to UV light of
wavelength in the vicinity of 325 nm. (a) What is the en-
ergy of a photon of this wavelength? (b) What is the

6.18

6.19

6.20

6.21

6.22
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energy of a mole of these photons? (c) How many pho-
tons are in a 1.00 m]J burst of this radiation?

The energy from radiation can be used to cause the rup-
ture of chemical bonds. A minimum energy of 495 kJ/mol
is required to break the oxygen—oxygen bond in O,. What
is the longest wavelength of radiation that possesses the
necessary energy to break the bond? What type of elec-
tromagnetic radiation is this?

A diode laser emits at a wavelength of 987 nm. All of its
output energy is absorbed in a detector that measures a
total energy of 0.52 ] over a period of 32 s. How many
photons per second are being emitted by the laser?

A stellar object is emitting radiation at 1350 nm. If the
detector is capturing 8 X 107 photons per second at this
wavelength, what is the total energy of the photons
detected in one hour?

Molybdenum metal must absorb radiation with a mini-
mum frequency of 1.09 X 10'°s™! before it can emit an
electron from its surface via the photoelectric effect.
(a) What is the minimum energy needed to produce this
effect? (b) What wavelength radiation will provide a pho-
ton of this energy? (c) If molybdenum is irradiated with
light of wavelength of 120 nm, what is the maximum pos-
sible kinetic energy of the emitted electrons?

It requires a photon with a minimum energy of
441 X 1077 to emit electrons from sodium metal.
(a) What is the minimum frequency of light necessary to
emit electrons from sodium via the photoelectric effect?
(b) What is the wavelength of this light? (c) If sodium is
irradiated with light of 439 nm, what is the maximum
possible kinetic energy of the emitted electrons? (d) What
is the maximum number of electrons that can be freed by
a burst of light whose total energy is 1.00 uJ?

Bohr’s Model; Matter Waves

6.23
cQ

6.24
cQ

6.25
cQ

6.26

cQ

6.27

6.28

Explain how the existence of line spectra is consistent
with Bohr’s theory of quantized energies for the electron
in the hydrogen atom.

(a) In terms of the Bohr theory of the hydrogen atom, what
process is occurring when excited hydrogen atoms emit
radiant energy of certain wavelengths and only those wave-
lengths? (b) Does a hydrogen atom “expand” or “contract”
as it moves from its ground state to an excited state?

Is energy emitted or absorbed when the following elec-
tronic transitions occur in hydrogen? (a) from n = 4 to
n = 2; (b) from an orbit of radius 2.12 A to one of radius
8.48 A; (c) an electron adds to the H' ion and ends up in
the n = 3 shell.

Indicate whether energy is emitted or absorbed when the
following electronic transitions occur in hydrogen: (a) from
n = 2ton = 6; (b) from an orbit of radius 4.77 A to one of
radius 0.530 A; (c) from the n = 6 to the n = 9 state.
Using Equation 6.5, calculate the energy of an electron in the
hydrogen atom when n = 2, and when n = 6. Calculate
the wavelength of the radiation released when an electron
moves fromn = 6ton = 2.Is this line in the visible region
of the electromagnetic spectrum? If so, what color is it?
For each of the following electronic transitions in the
hydrogen atom, calculate the energy, frequency, and

6.29

6.30

[6.31]

[6.32]

wavelength of the associated radiation, and determine
whether the radiation is emitted or absorbed during the
transition: (a) from n =5 ton = 1; (b) from n = 4 to
n = 2;(c) fromn = 4 ton = 6. Does any of these transi-
tions emit or absorb visible light?

The visible emission lines observed by Balmer all in-
volved ny = 2. (a) Explain why only the lines withn; = 2
were observed in the visible region of the electromagnetic
spectrum. (b) Calculate the wavelengths of the first three
lines in the Balmer series—those for which n; = 3, 4, and
5—and identify these lines in the emission spectrum
shown in Figure 6.12.

The Lyman series of emission lines of the hydrogen atom
are those for which ¢ = 1. (a) Determine the region of
the electromagnetic spectrum in which the lines of the
Lyman series are observed. (b) Calculate the wavelengths
of the first three lines in the Lyman series—those for
which n; = 2,3, and 4.

One of the emission lines of the hydrogen atom has a
wavelength of 93.8 nm. (a) In what region of the electro-
magnetic spectrum is this emission found? (b) Determine
the initial and final values of n associated with this
emission.

The hydrogen atom can absorb light of wavelength
4055 nm. (a) In what region of the electromagnetic
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6.33

6.34

6.35

6.36
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spectrum is this absorption found? (b) Determine the ini-
tial and final values of n associated with this absorption.

Use the de Broglie relationship to determine the wave-
lengths of the following objects: (a) an 85-kg person ski-
ing at 50 km/hr; (b) a 10.0-g bullet fired at 250 m/s; (c) a
lithium atom moving at 2.5 X 10° m/s.

Among the elementary subatomic particles of physics is
the muon, which decays within a few nanoseconds after
formation. The muon has a rest mass 206.8 times that of
an electron. Calculate the de Broglie wavelength associated
with a muon traveling at a velocity of 8.85 X 10° cm/s.
Neutron diffraction is an important technique for deter-
mining the structures of molecules. Calculate the veloci-
ty of a neutron that has a characteristic wavelength of
0.955 A. (Refer to the back inside cover for the mass of the
neutron.)

The electron microscope has been widely used to obtain
highly magnified images of biological and other types of

6.37

6.38

materials. When an electron is accelerated through a par-
ticular potential field, it attains a speed of 5.93 X 100 m/s.
What is the characteristic wavelength of this electron? Is
the wavelength comparable to the size of atoms?

Using Heisenberg’s uncertainty principle, calculate the
uncertainty in the position of (a) a 1.50-mg mosquito
moving at a speed of 1.40 m/s if the speed is known to
within £0.01 m/s; (b) a proton moving at a speed of
(5.00 + 0.01) X 10* m/s. (The mass of a proton is given
in the table of fundamental constants in the back inside
cover of the text.)

Calculate the uncertainty in the position of (a) an elec-
tron moving at a speed of (3.00 + 0.01) X 10°m/s; (b) a
neutron moving at this same speed. (The masses of an
electron and a neutron are given in the table of funda-
mental constants in the back inside cover of the text.)
(c) What are the implications of these calculations to our
model of the atom?

Quantum Mechanics and Atomic Orbitals
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According to the Bohr model, an electron in the ground
state of a hydrogen atom orbits the nucleus at a specific
radius of 0.53 A. In the quantum mechanical description
of the hydrogen atom, the most probable distance of the
electron from the nucleus is 0.53 A. Why are these two
statements different?

(a) In the quantum mechanical description of the hydro-
gen atom, what is the physical significance of the square
of the wave function, /?? (b) What is meant by the expres-
sion “electron density”? (c) What is an orbital?

(a) For n = 4, what are the possible values of I? (b) For
I = 2, what are the possible values of m;?

How many possible values for I and m; are there when
(@n=3{b)n=>5?

Give the numerical values of n and I corresponding to
each of the following designations: (a) 3p; (b) 2s; (c) 4f;
(d) 5d.

Give the values for 1, [, and m; for (a) each orbital in the
2p subshell; (b) each orbital in the 54 subshell.

Which of the following represent impossible combina-
tions of n and I: (a) 1p, (b) 4s; (c) 5f; (d) 2d?

Which of the following are permissible sets of quantum
numbers for an electron in a hydrogen atom:
@n=21=1m=,Mbn=11=0,m=-1;
@n=41=2m=-2,(dn=3,1=3,m=0?
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For those combinations that are permissible, write the
appropriate designation for the subshell to which the
orbital belongs (that is, 1s, and so on).

Sketch the shape and orientation of the following types of
orbitals: (a) s; (b) p_; (c) dy,.

Sketch the shape and orientation of the following types of
orbitals: (a) p,; (b) d,2; (c) d 2_2.

(a) What are the similarities and differences between the
hydrogen atom 1s and 2s orbitals? (b) In what sense does
a 2p orbital have directional character? Compare the “di-
rectional” characteristics of the p, and d,2_,2 orbitals (that
is, in what direction or region of space is the electron den-
sity concentrated?). (c) What can you say about the aver-
age distance from the nucleus of an electron in a 2s orbital
as compared with a 3s orbital? (d) For the hydrogen atom,
list the following orbitals in order of increasing energy
(that is, most stable ones first): 4f, 6s, 3d, 1s, 2p.

(a) With reference to Figure 6.18, what is the relationship
between the number of nodes in an s orbital and the value
of the principal quantum number? (b) Identify the number
of nodes; that is, identify places where the electron densi-
ty is zero, in the 2p, orbital; in the 3s orbital. (c) The nodes
in s orbitals are spherical surfaces (Figure 6.18). What kind
of surface do you expect the nodes to be in the p orbitals
(Figure 6.20)? (d) For the hydrogen atom, list the following
orbitals in order of increasing energy: 3s, 2s, 2p, 5s, 4d.

Many-Electron Atoms and Electron Configurations
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For a given value of the principal quantum number, 7,
how do the energies of the s, p, d, and f subshells vary for
(a) hydrogen; (b) a many-electron atom?

(a) The average distance from the nucleus of a 3s electron
in a chlorine atom is smaller than that for a 3p electron. In

6.53

light of this fact, which orbital is higher in energy?
(b) Would you expect it to require more or less energy to
remove a 3s electron from the chlorine atom, as compared
with a 2p electron? Explain.

(a) What are the possible values of the electron spin quan-
tum number? (b) What piece of experimental equipment
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can be used to distinguish electrons that have different
values of the electron spin quantum number? (c) Two
electrons in an atom both occupy the 1s orbital. What
quantity must be different for the two electrons? What
principle governs the answer to this question?

(a) State the Pauli exclusion principle in your own words.
(b) The Pauli exclusion principle is, in an important sense,
the key to understanding the periodic table. Explain why.
What is the maximum number of electrons that can oc-
cupy each of the following subshells: (a) 3d; (b) 4s; (c) 2p;
(d) 5/

What is the maximum number of electrons in an atom
that can have the following quantum numbers:
(@n=2m,=-1®n=51=3;
@n=41=3m=-3,dn=41=1m =1

(a) What does each box in an orbital diagram represent?
(b) What quantity is represented by the direction (either
up or down) of the half arrows in an orbital diagram?
(c) Is Hund’s rule needed to write the electron configu-
ration of beryllium? Explain.

(a) What are “outer-shell electrons”? (b) What are
“unpaired electrons”? (c) How many outer-shell electrons
does an Si atom possess? How many of these are unpaired?
Write the condensed electron configurations for the fol-
lowing atoms, using the appropriate noble-gas core ab-
breviations: (a) Cs; (b) Ni; (c) Se; (d) Cd; (e) Ac; (f) Pb.
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Exercises

Write the condensed electron configurations for the fol-
lowing atoms: (a) AL (b) Sc; (c) Co; (d) Br; (e) Ba (f) Re;
(g) Lu.

Draw the orbital diagrams for the valence electrons of
each of the following elements, and indicate how many
unpaired electrons each has: (a) S; (b) Sr; (c) Fe; (d) Zr;
(e) Sb; (f) U.

Using orbital diagrams, determine the number of
unpaired electrons in each of the following atoms: (a) Ti;
(b) Ga; (c) Rh; (d) I; (e) Po.

Identify the specific element that corresponds to each of
the followmg electron confi 5gura’clons (a) 15%2522p%3s%;
(b) [Ne]3s23p’; (c) [Ar]4s'3d°; (d) [Kr]5s24d'O5p*.

Identify the group of elements that corresponds to each
of the following generalized electron configurations:

(a) [noble gas] ns’np®

(b) [noble gas] ns*(n — 1)d>

(¢) [noble gas] ns?(n — 1)d'Vnp?

(d) [noble gas] ns?(n — 2)f°

What is wrong with the following electron configurations
for atoms in their ground states? (a) 152252351,
(b) [Ne]2522p%; (c) [Ne]3s23d°.

The following electron configurations represent excited
states. Identify the element and write its ground-state
condensed electron configuration. (a) 1s22s%3p24p’;
(b) [Ar]3d04s'4p*5sY; (c) [Kr]4d®5s25p.

Additional Exercises

6.67

6.68

Consider the two waves shown here, which we will con-
sider to represent two electromagnetic radiations:

NANVANVANVANVA
\VERVERVERVEN

. N\
‘ NN

(a) What is the wavelength of wave A? Of wave B?

(b) What is the frequency of wave A? Of wave B?

(c) Identify the regions of the electromagnetic spectrum
to which waves A and B belong,.

Certain elements emit light of a specific wavelength when
they are burned. Historically, chemists used such emis-
sion wavelengths to determine whether specific elements
were present in a sample. Some characteristic wave-
lengths for some of the elements are

1.6 X107 m

Ag 3281 nm Fe 372.0 nm
Au 267.6 nm K 404.7 nm
Ba 4554 nm Mg 285.2nm
Ca 422.7nm Na 589.6 nm
Cu 324.8nm Ni 341.5nm

(a) Determine which elements emit radiation in the visi-
ble part of the spectrum. (b) Which element emits pho-
tons of highest energy? Of lowest energy? (c) When
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burned, a sample of an unknown substance is found to
emit light of frequency 6.59 X 10™s™!. Which of these
elements is probably in the sample?

Images of Ganymede, Jupiter’s largest moon, were trans-
mitted from Galileo, the unmanned spacecraft, when its
distance from Earth was 522 million miles. How long did
it take for the transmitted signals to travel from the space-
craft to Earth?

The rays of the Sun that cause tanning and burning are in
the ultraviolet portion of the electromagnetic spectrum.
These rays are categorized by wavelength: So-called UV-
A radiation has wavelengths in the range of 320-380 nm,
whereas UV-B radiation has wavelengths in the range of
290-320 nm. (a) Calculate the frequency of light that has
a wavelength of 320 nm. (b) Calculate the energy of a mole
of 320-nm photons. (¢) Which are more energetic, photons
of UV-A radiation or photons of UV-B radiation? (d) The
UV-B radiation from the Sun is considered a greater cause
of sunburn in humans than is UV-A radiation. Is this
observation consistent with your answer to part (c)?

The watt is the derived SI unit of power, the measure of
energy per unit time: 1 W = 1]/s. A semiconductor laser
in a CD player has an output wavelength of 780 nm and a
power level of 0.10 mW. How many photons strike the CD
surface during the playing of a CD 69 minutes in length?
Carotenoids, present in all organisms capable of photo-
synthesis, extend the range of light absorbed by the
organism. They exhibit maximal capacity for absorption
of light in the range of 440470 nm. Calculate the energy
represented by absorption of an Avogadro’s number of
photons of wavelength 455 nm.
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Chapter 6 Electronic Structure of Atoms

A photocell, such as the one illustrated in Figure 6.7(b), is
a device used to measure the intensity of light. In a cer-
tain experiment, when light of wavelength 550 nm is
directed on to the ghotocell, electrons are emitted at the
rate of 5.8 X 1079 C/s. Assume that each photon that
impinges on the photocell emits one electron. How many
photons per second are striking the photocell? How much
energy per second is the photocell absorbing?

The light-sensitive substance in black-and-white photo-
graphic film is AgBr. Photons provide the energy neces-
sary to transfer an electron from Br™ to AgJr to produce
Ag and Br and thereby darken the film. (a) If a minimum
energy of 2.00 X 10°J/mol is needed for this process,
what is the minimum energy needed by each photon?
(b) Calculate the wavelength of the light necessary to pro-
vide photons of this energy. (c) Explain why this film can
be handled in a darkroom under red light.

When the spectrum of light from the Sun is examined in
high resolution in an experiment similar to that illustrat-
ed in Figure 6.10, dark lines are evident. These are called
Fraunhofer lines, after the scientist who studied them
extensively in the early nineteenth century. Altogether,
about 25,000 lines have been identified in the solar spec-
trum between 2950 A and 10,000 A. The Fraunhofer lines
are attributed to absorption of certain wavelengths of the
Sun’s “white” light by gaseous elements in the Sun’s
atmosphere. (a) Describe the process that causes absorp-
tion of specific wavelengths of light from the solar spec-
trum. (b) If a scientist wanted to know which Fraunhofer
lines belonged to a given element, say neon, what exper-
iments could she conduct here on Earth to provide data?
Bohr’s model can be used for hydrogen-like ions—ions
that have only one electron, such as He" and Li%*".
(a) Why is the Bohr model applicable to He* ions but not
to neutral He atoms? (b) The ground-state energies of H,
He", and Li2" are tabulated as follows:

Atom
or ion H

He" Li%*

Ground-
state
energy

—218 %1078 | —8.72x 10718 | —1.96x107V]

By examining these numbers, propose a relationship
between the ground-state energy of hydrogen-like sys-
tems and the nuclear charge, Z. (c) Use the relationship
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you derive in part (b) to predict the ground-state energy
of the C>* ion.

Under appropriate conditions, molybdenum emits X rays
that have a characteristic wavelength of 0.711 A. These X
rays are used in diffraction experiments to determine the
structures of molecules. How fast would an electron have
to be moving in order to have the same wavelength as
these X rays?

An electron is accelerated through an electric potential to
a kinetic energy of 82.4 keV. What is its characteristic
wavelength? (Hint: Recall that the kinetic energy of a
moving object is E = ;mv?, where m is the mass of the
object and v is the speed of the object.)

Which of the quantum numbers governs (a) the shape of
an orbital; (b) the energy of an orbital; (c) the spin prop-
erties of the electron; (d) the spatial orientation of the
orbital?

Give the subshell designation for each of the following
cases: (@ n=3,l=1,b)n=6Il=4()n=2,1=0;
(dn=41=3.

How many orbitals in an atom can have each of the fol-
lowing designations? (a) 3s, (b) 2p; (c) 4d; (d) n = 3?
The “magic numbers” in the periodic table are the atom-
ic numbers of elements with high stability (the noble
gases): 2,10, 18, 36, 54, and 86. In terms of allowed values
of orbitals and spin quantum numbers, explain why these
electron arrangements correspond to special stability.
For non-spherically symmetric orbitals, the contour rep-
resentations (as in Figures 6.20 and 6.21) suggest where
nodal planes exist (that is, where the electron density is
zero). For example, the p, orbital has a node wherever
x = 0; this equation is satisfied by all points on the yz
plane, so this plane is called a nodal plane of the p,
orbital. (a) Determine the nodal plane of the p, orbital.
(b) What are the two nodal planes of the d,, orbital?
(c) What are the two nodal planes of the d,2_2 orbital?
Using only a periodic table as a guide, write the con-
densed electron configurations for the following atoms:
(a) Se; (b) Rh; (c) Si; (d) Hg; (e) Hf.

Meitnerium, Mt, element 109, named after Lisa Meitner,
is a transition metal expected to have the same outer-elec-
tron configuration as iridium. By using this observation
(and without looking at Figure 6.28), write the electron
configuration of meitnerium. Use [Rn] to represent the
first 86 electrons of the electron configuration.

Scientists have speculated that element 126 might have a
moderate stability allowing it to be synthesized and char-
acterized. Predict what the condensed electron configu-
ration of this element might be.

Integrative Exercises

[6.87]

Microwave ovens use microwave radiation to heat food.
The microwaves are absorbed by moisture in the food,
which is transferred to other components of the food. As
the water becomes hotter, so does the food. Suppose that
the microwave radiation has a wavelength of 11.2 cm.
How many photons are required to heat 200 mL of coffee
from 23°C to 60°C?

6.88

The stratospheric ozone (O3) layer helps to protect us from
harmful ultraviolet radiation. It does so by absorbing
ultraviolet light and falling apart into an O, molecule and
an oxygen atom, a process known as photodissociation.

O3(8) — 02(8) + O(g)
Use the data in Appendix C to calculate the enthalpy
change for this reaction. What is the maximum wave-
length a photon can have if it is to possess sufficient ener-
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gy to cause this dissociation? In what portion of the spec-
trum does this wavelength occur?

The discovery of hafnium, element number 72, provid-
ed a controversial episode in chemistry. G. Urbain, a
French chemist, claimed in 1911 to have isolated an ele-
ment number 72 from a sample of rare earth (elements
58-71) compounds. However, Niels Bohr believed that
hafnium was more likely to be found along with zirconi-
um than with the rare earths. D. Coster and G. von
Hevesy, working in Bohr’s laboratory in Copenhagen,
showed in 1922 that element 72 was present in a sample
of Norwegian zircon, an ore of zirconium. (The name
hafnium comes from the Latin name for Copenhagen,
Hafnia). (a) How would you use electron configuration
arguments to justify Bohr’s prediction? (b) Zirconium,
hafnium’s neighbor in group 4B, can be produced as a
metal by reduction of solid ZrCl; with molten sodium
metal. Write a balanced chemical equation for the reac-
tion. Is this an oxidation-reduction reaction? If yes, what
is reduced and what is oxidized? (c) Solid zirconium diox-
ide, ZrO,, is reacted with chlorine gas in the presence of
carbon. The products of the reaction are ZrCl, and two
gases, CO, and CO in the ratio 1:2. Write a balanced
chemical equation for the reaction. Starting with a 55.4-g
sample of ZrO,, calculate the mass of ZrCl, formed,
assuming that ZrO, is the limiting reagent and assuming
100% yield. (d) Using their electron configurations,
account for the fact that Zr and Hf form chlorides MCly
and oxides MO,.

eMedia Exercises
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eMedia Exercises

(a) Account for formation of the following series of oxides
in terms of the electron configurations of the elements
and the discussion of ionic compounds in Section 2.7:
K,0, Ca0, Sc,03, TiO,, V,05, CrO3. (b) Name these
oxides. (¢) Consider the metal oxides whose enthalpies
of formation (in k] mol™") are listed here.

Oxide K,0(s) CaO(s)  TiO(s) V,05(s)

AHJ? —363.2 —635.1 —938.7 —1550.6

Calculate the enthalpy changes in the following general
reaction for each case:

M,,0,,(s) + Hy(g) — nM(s) + mH,O(g)

(You will need to write the balanced equation for each
case, then compute AH®.) (d) Based on the data given,
estimate a value of AH ;5 for Sc,O5(s).

The first 25 years of the twentieth century were momen-
tous for the rapid pace of change in scientists” under-
standing of the nature of matter. (a) How did Rutherford’s
experiments on the scattering of « particles by a gold foil
set the stage for Bohr’s theory of the hydrogen atom?
(b) In what ways is de Broglie’s hypothesis, as it applies
to electrons, consistent with J. J. Thomson’s conclusion
that the electron has mass? In what sense is it consistent
with proposals that preceded Thomson’s work, that the
cathode rays are a wave phenomenon?

The Electromagnetic Spectrum activity (eChapter 6.2)
allows you to choose a color in the visible spectrum and
see its wavelength, frequency, and energy per photon.
(a) What is the wavelength range of blue light? (b) What
are the ranges of its frequency and energy per photon?
(c) Exercise 6.17 indicates that a type of sunburn is caused
by light with wavelength ~325nm. Would you expect
any of the visible wavelengths to cause sunburn?
Explain.

In the Flame Tests for Metals movie (eChapter 6.3) the
characteristic color of the flame is produced by emissions
at several visible wavelengths, with the most intense
spectral lines dominating the color. For instance, the most
intense visible lines in the spectrum of lithium occur at
~671nm. (a) What color is light of this wavelength?
(b) At what approximate wavelength would you expect
to find the most intense lines in the visible spectrum of
potassium? (c) Based on the movie, how would you
expect the intensity of visible lines in the spectrum of
potassium to compare to those in the spectrum of lithi-
um? (d) Would it be possible to verify the presence of
individual metals using flame color if several metal salts
were mixed together? If not, explain why not.
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In the Radial Electron Distribution movie (eChapter 6.6)
the radial electron density plots of helium, neon, and argon
are all placed on the same graph. (a) Explain why the max-
imum for the helium plot and the first maximum for each
of the other two occur at significantly different distances
from the nucleus. (b) Based on how far the outermost max-
imum for each plot is from the nucleus, predict which pair
would have the greater difference between their first ion-
ization energies (the energy required to remove completely
an electron from the outermost shell): helium and neon,
or neon and argon. Explain your reasoning,.

The electron configuration given in Exercise 6.63(c) is one
of a handful of examples of an s electron being “stolen”
in order to fill or half-fill a d subshell. (As seen in the
Electron Configurations movie (eChapter 6.7), there is
special stability associated with filled and half-filled sub-
shells.) (a) Using the Electron Configuration activity
(eChapter 6.8), identify at least three more examples like
this. (b) Are there any instances of both s electrons being
stolen in order to fill a d subshell? If so, name the ele-
ment(s). (¢) Why is this phenomenon not observed in
p-block elements? That is, why is chlorine’s electron con-
figuration [Ne]3523;75 rather than [Ne]3sl3p6?
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oral reef in the Red Sea, Egypt.
Corals are composed mainly of calci-
um carbonate, CaCOj. They absorb
and release carbon dioxide gas and
serve as regulators of the amount of
dissolved CO; in the oceans.
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is the most significant tool that
chemists use for organizing and remembering chem-
ical facts. As we saw in Chapter 6, the periodic table
arises from the periodic patterns in the electron con-
figurations of the elements. Elements in the same col-

umn contain the same number of electrons in their outer-shell orbitals, or valence
orbitals. For example, O ([He]2522p4) and S ([Ne]3sz3p4) are both members of
group 6A; the similarity in the occupancies of their valence s and p orbitals leads
to similarities in their properties.

When we compare O and S, however, it is apparent that they exhibit differ-
ences as well (Figure 7.1 »). One of the major differences between the elements
is their electron configurations: The outermost electrons of O are in the second
shell, whereas those of S are in the third shell. We will see that electron configu-
rations can be used to explain differences as well as similarities in the properties
of elements.

In this chapter we explore how certain properties of elements change as
we move across a row or down a column of the periodic table. In many
cases the trends within a row or column form patterns that allow us to
make predictions about physical and chemical properties.

» What's Ahead <«

Our discussion begins with a brief
history of the periodic table.

We will see that many properties of
atoms depend on both the net
attraction between the nucleus and
the outer electrons (due to the
effective nuclear charge) and on the
average distance of those electrons
from the nucleus.

We will examine periodic trends of
three key properties of atoms:
atomic size, ionization energy, (the
energy required to remove elec-
trons), and the electron affinity (the
energy associated with adding
electrons).

As part of these discussions, we
will also examine the sizes of ions
and their electron configurations.

The metallic character of an element
is demonstrated by the tendency of
the element to form cations and by
the basicity of its metal oxide.

We will examine some differences
in the physical and chemical prop-
erties of metals and nonmetals.

Finally, we discuss some periodic
trends in the chemistry of the
active metals (groups 1A and 2A)
and of several nonmetals (hydro-
gen and groups 6A to 8A).
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A Figure 7.1 Oxygen and sulfur are
both group 6A elements. As such, they
have many chemical similarities.
However, they also have many
differences, including the forms they take
as elements at room temperature.
Oxygen consists of O, molecules that
appear as a colorless gas (shown here
enclosed in a glass container). In
contrast, sulfur consists of Sg molecules
that form a yellow solid.

Mendeleev’s predictions of the
I properties of elements not yet
discovered led to his receiving
principal credit for the periodic law.

[ﬂl Eric R. Scerri, “The Evolution of the
Periodic System,” Scientific American,
September 1998, 78-83.

ACTIVITY
Periodic Table

» Figure 7.2 Periodic table showing
the dates of discovery of the elements.
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7.1 Development of the Periodic Table

The discovery of new chemical elements has been an ongoing process since
ancient times (Figure 7.2 ¥). Certain elements, such as gold, appear in nature in
elemental form and were thus discovered thousands of years ago. In contrast,
some elements are radioactive and intrinsically unstable. We know about them
only because of twentieth-century technology.

The majority of the elements, although stable, are dispersed widely in nature
and are incorporated into numerous compounds. For centuries, therefore, sci-
entists were unaware of their existence. In the early nineteenth century, advances
in chemistry made it easier to isolate elements from their compounds. As a result,
the number of known elements more than doubled from 31 in 1800 to 63 by 1865.

As the number of known elements increased, scientists began to investigate
the possibilities of classifying them in useful ways. In 1869 Dmitri Mendeleev in
Russia and Lothar Meyer in Germany published nearly identical classification
schemes. Both scientists noted that similar chemical and physical properties recur
periodically when the elements are arranged in order of increasing atomic weight.
Scientists at that time had no knowledge of atomic numbers. Atomic weights,
however, generally increase with increasing atomic number, so both Mendeleev
and Meyer fortuitously arranged the elements in proper sequence. The tables of
elements advanced by Mendeleev and Meyer were the forerunners of the mod-
ern periodic table.

Although Mendeleev and Meyer came to essentially the same conclusion
about the periodicity of the properties of the elements, Mendeleev is given cred-
it for advancing his ideas more vigorously and stimulating much new work in
chemistry. His insistence that elements with similar characteristics be listed in the
same families forced him to leave several blank spaces in his table. For example,
both gallium (Ga) and germanium (Ge) were at that time unknown. Mendeleev
boldly predicted their existence and properties, referring to them as eka-alu-
minum and eka-silicon, after the elements they appear under in the periodic
table. When these elements were discovered, their properties were found to close-
ly match those predicted by Mendeleev, as illustrated in Table 7.1 .

In 1913, two years after Rutherford proposed the nuclear model of the atom,
an English physicist named Henry Moseley (1887-1915) developed the concept

H

He
Li | Be B|C|N|[O|F |Ne
Na (Mg Al|Si| P | S |Cl|Ar

K|Ca|Sc|Ti|V |Cr|Mn|Fe |Co|Ni|[Cu|Zn|Ga|Ge|As|Se | Br|Kr

Rb|Sr|Y [Zr [Nb|Mo| Tc |Ru|Rh|Pd ([Ag|Cd|In [Sn|Sb|Te| I | Xe

Cs|Ba|La|Hf | Ta| W [Re|Os| Ir [ Pt |[Au|Hg| Tl | Pb | Bi | Po | At [Rn

Fr |Ra | Ac||Rf |Db | Sg | Bh | Hs | Mt

Ce | Pr INd |(Pm |Sm| Eu |Gd|Tb [ Dy |Ho | Er [Tm|Yb | Lu

Th|Pa| U |[Np|Pu|Am|Cm|Bk | Cf | Es |Fm|Md|No | Lr

Ancient Times 1735-1843 1894-1918

Middle Ages—1700 1843-1886 1923-1961 1965-




TABLE 7.1 Comparison of the Properties of Eka-Silicon Predicted by Mendeleev

with the Observed Properties of Germanium

Mendeleev’s Predictions
for Eka-Silicon

Observed Properties
of Germanium

Property (made in 1871) (discovered in 1886)
Atomic weight 72 72.59

Density (g/cm?) 55 5.35

Specific heat (J/g-K) 0.305 0.309

Melting point (°C) High 947

Color Dark gray Grayish white
Formula of oxide X0, GeO,

Density of oxide (g/cm?) 47 4.70

Formula of chloride XCly GeCly

Boiling point of chloride (°C) A little under 100 84

of atomic numbers. Moseley determined that the frequencies of X rays emitted
as different elements were bombarded with high-energy electrons. He found
that each element produces X rays of a unique frequency; furthermore, he found
that the frequency generally increased as the atomic mass increased. He arranged
the X-ray frequencies in order by assigning a unique whole number, called an
atomic number, to each element. Moseley correctly identified the atomic number
as the number of protons in the nucleus of the atom and the number of electrons
in the atom. === (Section 2.3)

The concept of atomic number clarified some problems in the early version
of the periodic table, which was based on atomic weights. For example, the atom-
ic weight of Ar (atomic number 18) is greater than that of K (atomic number 19).
However, when the elements are arranged in order of increasing atomic number,
rather than increasing atomic weight, Ar and K appear in their correct places in
the table. Moseley’s studies also made it possible to identify “holes” in the peri-
odic table, which led to the discovery of new elements.

7.2 Effective Nuclear Charge

To understand the properties of atoms, we must be familiar not only with elec-
tron configurations, but also with how strongly outer electrons are attracted to
the nucleus. Coulomb’s law of attraction indicates that the strength of the inter-
action between two electrical charges depends on the magnitude of the charges
and the distance between them. === (Section 2.3) Thus, the force of attraction
between an electron and the nucleus depends on the magnitude of the net nuclear
charge acting on the electron and the average distance between the nucleus and
the electron. The force of attraction increases as the nuclear charge increases, and
it decreases as the electron moves farther from the nucleus.

In a many-electron atom, each electron is simultaneously attracted to the
nucleus and repelled by the other electrons. In general, there are so many
electron-electron repulsions that we cannot analyze the situation exactly. We
can, however, estimate the energy of each electron by considering how it inter-
acts with the average environment created by the nucleus and the other electrons
in the atom. This approach allows us to treat each electron individually as if it
were moving in the electric field created by the nucleus and the surrounding
electron density of the other electrons. This electric field is equivalent to one gen-
erated by a charge located at the nucleus, called the effective nuclear charge.
The effective nuclear charge, Z.g, acting on an electron equals the number of
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| In a multielectron system an electron
in any orbital will partially shield an
electron in any other orbital. Thus,
Zos is always less than Z.

[/ Screening isn’t as straightforward as

t—J this discussion assumes, but this
description suffices for the current
purpose.
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» Figure 7.3 (a) The effective nuclear
charge experienced by the valence
electrons in magnesium depends mostly
on the 12+ charge of the nucleus and
the 10— charge of the neon core. If the
neon core were totally effective in
shielding the valence electrons from the
nucleus, each valence electron would
experience an effective nuclear charge of
2+. (b) The 3s electrons have some
probability of being inside the Ne core.
As a consequence of this “penetration,”
the core is not totally effective in
screening the 3s electrons from the
nucleus. Thus, the effective nuclear
charge experienced by the 3s electrons is
greather than 2+.

protons in the nucleus, Z, minus the average number of electrons, S, that are
between the nucleus and the electron in question:

Zeff =7Z-S [71]

Because S represents an average, it need not be an integer.

Many of an atom’s properties are determined by the effective nuclear charge
experienced by its outer, or valence, electrons. Any electron density between the
nucleus and an outer electron decreases the effective nuclear charge acting on that
outer electron. The electron density due to the inner electrons is said to shield, or
screen, the outer electrons from the full charge of the nucleus. Because the core
electrons are located mainly between the nucleus and the outer electrons, they
are very efficient in shielding the outer electrons. On the other hand, electrons in
the same shell hardly shield each other at all from the nucleus. As a result, the
effective nuclear charge experienced by the outer electrons is determined primarily by the
difference between the charge on the nucleus and the charge of the core electrons.

We can crudely estimate the effective nuclear charge using the nuclear charge
and the number of core electrons. Magnesium (atomic number 12), for example,
has an electron configuration of [Ne]3s2. The nuclear charge of the atom is 12+,
and the Ne inner core consists of 10 electrons. Very roughly then, we would
expect each outer-shell electron to experience an effective nuclear charge of about
12 — 10 = 2+ as pictured in a simplified way in Figure 7.3(a) ¥. This calculation
underestimates the effective nuclear charge, however, because the outer elec-
trons of an atom have some probability of being inside the core, as shown in
Figure 7.3(b). Indeed, more detailed calculations indicate that the effective nuclear
charge acting on the outer electrons in Mg is actually 3.3+.

The effective nuclear charge experienced by outer electrons increases as we
move from element to element across any row (period) of the table. Although the
number of core electrons stays the same as we move across a period, the actual
nuclear charge increases. The outer-shell electrons added to counterbalance the
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increasing nuclear charge shield each other very ineffectively. Thus, the effec-
tive nuclear charge increases steadily. For example, the inner 1s? electrons of
lithium (1s22s) shield the outer 2s electron from the 3+ charged nucleus fairly
efficiently. Consequently, the outer electron experiences an effective nuclear
charge of roughly 3 — 2 = 1+. For beryllium (1s%2s?) the effective nuclear charge
experienced by each outer 2s electron is larger; in this case, the inner 1s2 electrons
are shielding a 4+ nucleus, and each 2s electron only partially shields the other
from the nucleus. Consequently, the effective nuclear charge experienced by each
2s electron is about 4 — 2 = 2+.

Going down a family, the effective nuclear charge experienced by outer-shell
electrons changes far less than it does across a period. For example, we would
expect the effective nuclear charge for the outer electrons in lithium and sodium
to be about the same, roughly 3 — 2 = 1+ for lithium and 11 — 10 = 1+ for
sodium. In fact, however, the effective nuclear charge increases slightly as we
go down a family because larger electron cores are less able to screen the outer
electrons from the nuclear charge. Nevertheless, the slight change in effective
nuclear charge that occurs moving down a family is of far less importance than
the increase that occurs across a period.

7.3 Sizes of Atoms and lons

One of the important properties of an atom or ion is its size. We often think of
atoms and ions as hard, spherical objects. According to the quantum mechani-
cal model, however, atoms and ions do not have sharply defined boundaries at
which the electron distribution becomes zero. === (Section 6.5) The edges of
atoms and ions are therefore a bit “fuzzy.” Nevertheless, we can define their
sizes in several different ways based on the distances between atoms in various
situations.

I