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Preface

xi

We wrote Understanding Chemistry specially for students taking chemistry for the

first time, either in high school or college. It is not a textbook in the conventional

sense because it does not have the encyclopedic coverage of topics that you will find

in a general chemistry text. We have carefully selected areas that we believe are essen-

tial for building a sound foundation for learning and understanding chemistry. Because

students are often intimidated by chemistry and by chemistry textbooks, we have used

a number of strategies to make this book readable, user friendly, and pedagogically

effective: familiar analogies to help explain abstract ideas; cartoons (created and drawn

by Chip Lovett) to help students visualize chemical processes at the molecular level

and to provide some comic relief in the learning process; and portraits of scientists

describing their important discoveries to add a personal touch and to serve as a use-

ful tool for remembering facts and concepts.

Because problem-solving is a major part in learning chemistry, we have provided

a number of worked examples in the text. To learn how to solve problems you must

practice, so we have created a website (www.understandingchemistry.com) with many

worked examples and problems, as well as further discussion of topics. You will also

find numerous colored molecular models and animations on the Web that will help

you visualize the three-dimensionality of molecules and chemical reactions.

We hope you will find that this book is just what you need to get the most out

of your introductory chemistry course, to help you understand concepts and do well

on tests, and finally, to appreciate what a fascinating subject chemistry really is.

Features

• Unique cartoons lend themselves to understanding the chemistry behind the

concept they are representing. They act as visual tools to help commit a

chemical concept into memory.

• Analogies are used freely throughout the text to help understand abstract

concepts.

• Worked examples take you through a step-by-step process to build problem-

solving skills.

• A summarizing problem at the end of most chapters will tie topics together.

The problem takes you through strategizing and solving an inclusive problem.

Media

An easy-to-use website has been created to complement Understanding Chemistry as

a companion to the text.



P R E F A C Exii

• Practicing problems is a necessary requirement for succeeding in and mastering

chemistry. A multitude of various problem types are provided on the site for

student practice. 

• Answers to the questions posted in the text and on the website are provided.

• Molecular models and animations to enhance the understanding of chemical

concepts are presented.

• A periodic table with historical background is provided to understand the

naming conventions of the elements.

• A database of links to other sites is provided for further information.
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A Student Walk-Through

nderstanding Chemistry is not a textbook in the conventional sense because it does not

have the encyclopedic coverage of topics that you will find in a general chemistry text.

Carefully selected areas are presented that are essential for building a sound foundation

for learning and understanding chemistry.U

This reaction is an example of a redox reaction. The sodium metal, which has lost

an electron, is said to be oxidized, and the chlorine molecules, which accept elec-

trons, are said to be reduced. For this reason, Na is also called a reducing agent

(because it reduces Cl2 molecules), and Cl2 is called an oxidizing agent (because it

oxidizes the Na metal). This may seem confusing, but it’s simply the result of the

definitions of oxidation and reduction previously given. A useful mnemonic for redox

reactions is OILRIG: Oxidation Is Loss (of electrons) and Reduction Is Gain (of

electrons).

There are many examples of redox reactions. Calcium metal reacts with oxygen

to form calcium oxide (CaO):

2Ca(s) ⫹ O2(g) 888n 2CaO(s)

In terms of half-reactions, we write

2Ca 888n 2Ca2⫹
⫹ 4e⫺ oxidation

O2 ⫹ 4e⫺ 888n 2O2⫺ reduction

(Recall that Ca is a Group 2A element, so we expect each Ca atom to lose two elec-

trons to form the Ca2⫹ ion.) Here, Ca is the reducing agent because it loses electrons,

and O2 is the oxidizing agent because it accepts electrons.

When we add zinc metal to a copper sulfate (CuSO4) solution, we observe the

disappearance of the blue color (due to Cu2⫹ ions in water) as a result of the reaction

Zn(s) ⫹ CuSO4(aq) 888n ZnSO4(aq) ⫹ Cu(s)

or, in terms of net ionic equation

Zn(s) ⫹ Cu2⫹(aq) 888n Zn2⫹(aq) ⫹ Cu(s)

Note that SO2⫺
4 is a spectator in this reaction. The electron-transfer process can be

represented by the half-reactions

Zn 888n Zn2⫹
⫹ 2e⫺

Cu2⫹
⫹ 2e⫺ 888n Cu

So far so good. However, it turns out that the vast majority of redox reactions do

not involve the complete transfer of electrons. Consider, for example, the reaction

between hydrogen and chlorine gases:

H2(g) ⫹ Cl2(g) 888n 2HCl(g)

Major Types of Chemical Reactions 41

Unique Cartoons
Cartoons lend themselves to understanding the chemistry

behind the concept they are representing. They act as visual

tools to help commit a chemical concept into memory.

Analogies
Used freely throughout the text, analogies are another source

of learning and retaining chemical knowledge.

C H A P T E R  2 Building a Foundation28

mass number, 11

metal, 14

metalloid, 14

molecular compound, 20

molecule, 15

monatomic, 18

monoprotic acid, 24

neutron, 10

noble gas, 15

nonelectrolyte, 25

nonmetal, 14

nucleus, 9

oxoacid, 23

oxoanion, 23

period, 13

periodic table, 12

physical property, 25

polar molecule, 26

polyatomic anion, 18

polyatomic molecules, 16

proton, 9

representative element, 21

solubility, 25

solute, 25

solution, 25

solvent, 25

transition metal, 22

triporotic acid, 24

C O N C E P T S

Explain in your own words:

• The structure of an atom.

• The difference between metals and nonmetals.

• The difference between molecules and ionic compounds and how to distinguish

between the two based on their chemical formulas.

• The physical properties of boiling point, melting point, and solubility and how

these properties differ among molecular and ionic compounds.

U N D E R S T A N D I N G  C H E M I S T R Y

To test your overall understanding of the material in this chapter, use what you have

learned to answer this question: What comes to mind when you look at a chemical

formula? For example, consider the chemical formula Na2CO3.

You should immediately note that the compound is made of a metal and two non-

metals so it is probably ionic (and named accordingly). Each of the Na atoms would

have lost an electron to become a sodium ion, a cation, and the rest of the compound

must be the anion. You should recognize the anion as carbonate with a charge of ⫺2.

Thus, the name of this ionic compound is sodium carbonate. Because it’s ionic, it

must be a solid at room temperature and have a high melting point and boiling point.

You might also expect it to dissolve in a polar solvent such as water. If all this comes

to mind when you read Na2CO3, you are understanding chemistry. A useful mental

exercise to aid in your understanding of chemistry would be to go through a similar

analysis whenever you look at a chemical formula. This will help you think about

chemicals in terms of their structure and properties and not just as an abstract string

of letters.

Write a balanced equation to represent the reaction between sodium metal (Na)

and water to form sodium hydroxide (NaOH) and hydrogen gas (H2).

Answer First we write

Na ⫹ H2O 888n NaOH ⫹ H2

We see that both the Na and O atoms are balanced, but the H atoms are not.

Because the H atoms will always be even on the left of the arrow, we multiply

NaOH by 2 so that the H atoms are also even on the right of the arrow and

obtain

Na ⫹ H2O 888n 2NaOH ⫹ H2

All that is left is to add a “2” to both Na and H2O to arrive at the final equa-

tion:

2Na ⫹ 2H2O 888n 2NaOH ⫹ H2

The final tally shows that there are two Na atoms, four H atoms, and two O

atoms on both sides of the arrow.

Visit the website for more problems on balancing chemical equations.

E
X

A
M

P
L
E

3.2

Worked Examples
Worked examples take you through

a step-by-step process to guide you

through similar problems.

Synopsis Problems
A synopsis problem at the end of most

chapters tie the chapter together. The

problem takes you through strategizing

and solving an inclusive problem.
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Media Walk-Through

n easy-to-use website has been created to complement Understanding Chemistry as a com-

panion to the text.

A
Example 3.16 Titanium is a strong, lightweight, corrosion-resistant metal that is used

in rockets, aircraft, jet engines, and bicycle frames. It is prepared by the reaction of

titanium(IV) chloride with molten magnesium between 950⬚C and 1150⬚C:

TiCl4(g) ⫹ 2Mg(l) 88n Ti(s) ⫹ 2MgCl2(l)

In a certain industrial operation 3.54⫻ 107 g of TiCl4 are reacted with 1.13⫻ 107 g of

Mg. (a) Calculate the theoretical yield of Ti in grams. (b) Calculate the percent yield if

7.91 ⫻ 106 g of Ti are actually obtained.

Reasoning and Solution We follow the procedure in Example 3.15 to find out

which of the two reactants is the limiting agent. This knowledge will enable us to

calculate the theoretical yield. The percent yield can then be obtained by applying

Equation (3.4).

(a) First we calculate the number of moles of TiCl4 and Mg initially present:

Next, we must determine which of the two substances is the limiting reagent.

From the balanced equation we see that 1 mol TiCl4 ⬑ 2 mol Mg; therefore, the

number of moles of Mg needed to react with 1.87⫻ 105 moles of TiCl4 is

 moles of Mg ⫽ 1.13 ⫻ 107 g Mg ⫻
1 mol Mg

24.31 g Mg
⫽ 4.65 ⫻ 105 mol Mg

 moles of TiCl4 ⫽ 3.54 ⫻ 107 g TiCl4 ⫻
1 mol TiCl4

189.7 g TiCl4
⫽ 1.87 ⫻ 105 mol TiCl4

Practice Problems
Practicing problems is a necessary

requirement for succeeding and

mastering chemistry. A multitude of

various problem types are provided on

the site for student practice. 

Answers to the questions posted in the

text and on the website are provided.

Molecular Models/Animations
Molecular models and animations to

enhance the understanding of chemical

concepts are presented.
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In the Beginning
Read this first! 1

n the beginning there were atoms,1 molecules, and ions. After years of

thinking about the world around them, people from every corner of Earth

began to explore and discover the properties of the stuff we call matter.

From these discoveries sprung chemistry—the science of matter. The first

chemical experiments (performed thousands of years ago) probably involved

testing the properties of different metals to make better weapons or testing the ability of plant

extracts to treat illness. Priorities haven’t changed much since then. With the eventual discov-

ery of atoms and compounds, it seemed that it would be possible to actually understand why

the material components of life and Earth behave the way they do. As scientists became intent

on understanding the properties of substances, chemical experiments became more focused on

testing hypotheses about the nature of matter. Scientists and students alike were excited about

the subject of chemistry. Along the way, an enormous amount of knowledge about the struc-

ture and properties of atoms, molecules, and ions was acquired. To communicate this new-

found knowledge, new words had to be invented to describe previously unknown substances

and their behavior. Using this new chemical language, scientists began describing in textbooks

the knowledge gleaned from countless experiments—and the textbooks kept growing in size.

Textbooks for introductory chemistry are now so full of information that it would be practi-

cally impossible for anyone to learn it all in a year. This situation presents a challenge for

chemistry teachers because students can’t discern what information is essential to understand-

ing chemistry and what information is not as important. To understand chemistry, a student

needs to learn only a handful of concepts and principles that form the foundation for the sci-

ence of matter—living and nonliving alike.

We designed this book for students taking chemistry for the first time, either in high

school or college. It’s also for students who have studied some chemistry but feel they really

don’t understand it. It’s especially for students who find chemistry formidable, intimidating,

scary, difficult, or just plain impenetrable. As chemistry teachers, we’ve encountered too many

students who believe they really can’t understand chemistry—students who take the intro-

ductory course like a bitter pill, hoping to come out of it with a decent grade. Of course, many

students avoid the subject altogether. (This wasn’t possible 100 years ago when all college

students had to take chemistry!) We wrote this book because we honestly believe that every-

one can understand chemistry at the introductory level and because we want to help students

1

I

1. Words in boldface are defined in the glossary and described in later chapters.



appreciate a subject that provides the basis for understanding everything that deals

with matter.

The Three Objectives of This Book

This book was written with three objectives in mind: (1) to focus only on those top-

ics that are essential to really understand chemistry, (2) to help the readers through

the usual hurdles in a beginning chemistry course in ways that will make sense to

them, and (3) to present the subject in a way that the readers understand, remember,

and enjoy. We believe these are the most important objectives for helping everyone

who uses this book to master all of the material that we describe, to do well in his

or her chemistry course, and to be on solid ground for more advanced topics. 

The Essentials
Chemistry is the study of atoms, molecules, and ions—that is, what they look like (or

their structure) and how they behave. Understanding chemistry means having a work-

ing knowledge of the structure of these elementary particles and how (and why) they

interact with one another. The good news is that both the structure and behavior of

atoms, molecules, and ions are logical and in most cases predictable, and we will do

our best to convince you of this fact. In this book, we have chosen to present only the

information that we think is absolutely essential for you to acquire this knowledge. 

The Hurdles
Chemistry deals with a world so tiny that it’s invisible to the casual observer. Although

chemists have devised equipment and techniques to observe the atoms and molecules

that make up this tiny world, most people are still not comfortable thinking about

things that they can’t see. The first hurdle you must overcome in understanding chem-

istry is to learn to visualize these tiny particles—to think of them as objects with

shapes and sizes (all small, of course). This is particularly important because it will

help you deal with the assortment of abstract symbols, formulas, and equations—all

couched in a foreign language. Without imagining what molecules look like, chem-

istry students can only associate unfamiliar words with an unfamiliar collection of

symbols, formulas, and equations. Understanding chemistry on these terms would be

extremely difficult and definitely no fun. You have to associate the language of chem-

istry and the symbols, formulas, and equations with the images of atoms and mole-

cules themselves. Imagine trying to learn the word for “apple” in a foreign language

if you have never seen (or eaten) an apple; the word would have little meaning because

you wouldn’t know what an apple is.

Another hurdle you must overcome is looking for and focusing on the common

conceptual themes that relate all of chemistry. There is so much information in gen-

eral chemistry textbooks that it’s really hard for the beginning student to sort out

what’s essential for understanding the subject and what are merely details, trivia, and

exceptional cases. Textbook authors are obliged to provide all of the information rel-

evant to an introduction to chemistry (and we’re glad they do), but you don’t have to

know it all to understand chemistry. Despite the best efforts of textbook authors and

chemistry teachers, students often view all this information as an enormous collection

of unrelated facts. In fact, there are only a few underlying themes that form the basis

of chemistry, and once you understand them, the rest is relatively easy to add to the

foundation of this knowledge. You may even find the details, trivia, and exceptional

cases pretty interesting (as we do).

C H A P T E R  1 In the Beginning2



The third hurdle you must overcome is solving quantitative problems. Chemistry

is an experimental science based in large part on drawing conclusions from mea-

surements. Although general chemistry courses require some relatively straightforward

calculations, students often see each problem as new and different. If this were the

case, one would have to learn hundreds of different approaches to solve homework

and exam problems. Again, chemistry would be an unreasonably difficult subject if

this were the case. On the contrary, there are only a few different types of problems

in general chemistry, but many variations of each type. So you need to learn only a

few procedures (or approaches), but you also must learn to recognize the method

needed to solve a particular problem. 

Understanding, Remembering, and Enjoying Chemistry
The design of this book was inspired by our observation that students learn best when

they enjoy the process and when they can engage themselves with the subject in a

familiar and interesting context. We wanted it to be both an enjoyable read as well as

a clear and friendly guide. To accomplish this goal, we have included pictures, some

history, and many commonplace analogies to embellish the concepts.

Because chemistry deals mostly with things we can’t normally see, the use of

visual aids is especially important in understanding and remembering the subject. We

have included many figures and cartoons to elaborate the formulas, equations, and

text, and to add a human touch to the subject. These visual supplements will help you

understand the concepts, and we hope they will also help you remember them. Another

way to make chemistry memorable is to personalize it. Science is ultimately a very

personal enterprise because scientists are people with their own individual pleasures,

dreams, and biases. We have included information and pictures of some of the scien-

tists who have pioneered the study of chemistry in the hope that this, too, will help

you remember the concepts they helped develop. 

There are many concepts in chemistry that are pretty abstract, and their develop-

ment by scientists has often involved insights based on everyday experiences. Because

it’s always easier to understand something unfamiliar by relating it to something famil-

iar, we have provided common analogies to illustrate the more abstract concepts. You

may be surprised to learn that even the most brilliant scientists try to understand their

work in the simplest terms. Many scientific discoveries might never have been made

if scientists didn’t try to reduce their results to the simplest possible explanation. The

14th-century scholastic monk William of Ockam has been cited by many generations

of scientists for his insistence on economical explanations. He is often credited with

saying, “If two theories explain the facts equally well, then the simpler theory is to

be preferred.” This principle, known as Ockam’s razor, has inspired many scientists.

In this book we have reduced introductory chemistry to the simplest explanation of

the facts. We have also limited our focus on those facts that are essential to achiev-

ing a basic understanding of the structure and properties of atoms, molecules, and

ions. Most of what you will learn is just variations on a few basic themes. 

What Will You Have to Do to Understand Chemistry?

If you want to understand general chemistry (and do well on your exams), you will

have to do the following:

• Learn to speak the language.

• Learn a handful of conceptual themes.

• Learn how to recognize and solve a few different types of quantitative problems.

What Will You Have to Do to Understand Chemistry? 3



The Language
Speaking the chemical language involves learning the names of chemicals and learn-

ing the terms used to describe fundamental processes and concepts. 

Learning the names for chemicals turns out to be much easier than learning the

names of your friends, acquaintances, and teachers. (Chemists use the term nomen-

clature for the naming system; it’s from the Latin word nomenclatura, meaning “a

list of names.”) Learning the names of people is pure memorization—you have to

memorize every individual’s name because there are no rules that tell you a particu-

lar face should have a particular name (and it doesn’t make it easier that some peo-

ple have the same first name).

In chemistry there are simple rules for naming chemicals from a chemical for-

mula (e.g., CO2); without these rules, it would be impossible for anyone to learn the

name of every chemical. You will have to memorize the rules, but there aren’t very

many. You will also have to memorize the names of a relatively small number of atoms

and molecular species, and you may already know the names of some of these. The

rules are given in Chapter 2, along with some useful tricks for memorizing the names

of some molecular species. You can be sure that your first exam will have a question

or two on nomenclature, and there is no good reason to lose any points on them,

because it’s not that hard.

You probably already know the names for some fundamental processes like melt-

ing, freezing, and boiling, as well as the names of some concepts like temperature,

pressure, and heat. But you probably haven’t thought about these concepts in terms

of atoms and molecules (from which they ultimately derive their effects). Throughout

this book, we will highlight all of the terms you should know and understand. These

are words that can be found in the glossary of this book. Test yourself at the end of

each chapter by trying to explain as much as you can about the highlighted words in

the chapter. 

The Conceptual Themes
Chemists are interested in understanding three fundamental properties of chemicals—

their structure, their physical behavior, and their chemical behavior. Now that might

sound rather dry, but to appreciate the relevance of what chemists do, you only have

to realize that chemicals comprise everything—some chemists study water, some

study DNA, some study drugs, and some study molecules that may someday run our

computers. There are certain conceptual themes that underlie each of these three fun-

damental properties, and the structure and behavior of the millions of chemicals in

the world are simply variations on these themes. Your mastery of general chemistry

depends on learning these themes and how to recognize them in the chemical world.

An overarching theme is that for every substance the three fundamental prop-

erties are all interrelated. A good exercise to practice throughout your study of

chemistry is to ask how these properties are interrelated for specific substances. We

will remind you of this point throughout the book. 

Structure

What do molecules look like? The study of chemical structure in an introductory

course mainly involves small molecules, but big molecules like antibiotics, proteins,

and DNA are built with precisely the same structural features as for small molecules.

Molecular structure is nothing more than simple geometry in which atoms are con-

nected to each other by chemical bonds. There are essentially only five basic geome-

tries that govern the construction of most molecules (and a majority of the molecules
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in the world use only three of them). The key to understanding structure is learning

how atoms are connected to form a particular geometry. In general, we will be con-

cerned with only a handful of different atoms. Moreover, this process is further sim-

plified when you realize that atoms in the same vertical column in the periodic table

usually form similar geometric structures when they combine with other atoms.

Physical Behavior

The physical behavior of chemicals includes everything that happens to a substance

without changing its identity. As you will see later in this book, these are properties

that don’t involve breaking or making chemical bonds. For example, melting ice is

physical behavior (or a physical property) because you start with water molecules

in solid form and produce identical water molecules in the liquid state. Another phys-

ical property of water is its ability to dissolve sugar. A more elaborate example of a

physical property is the interaction of a protein hormone with a site on DNA to turn

on the expression of a particular gene. All of these examples, and many more, are

based on one conceptual theme: a positive charge attracts a negative charge—like

the opposite poles on a magnet. This electrostatic attraction underlies the forces that

govern the physical behavior of matter, as well as the formation of the thousands of

different ionic compounds. 

Chemical Behavior

The chemical behavior (or chemical property) of substances is usually described in

terms of chemical reactions, or what happens when one or more substances interact

to produce other substances. In a chemical reaction, the bonds that hold atoms together

in molecules are broken, and new bonds are formed. If you think of chemical reac-

tions as processes that are accompanied by flames or explosions, you are already

aware of a conceptual theme that is associated with every chemical reaction: Energy

is either produced or consumed in chemical reactions.

To understand chemical reactions, it is especially important for you to realize that

most chemical reactions involve either the transfer of protons or the transfer of

electrons—those elementary particles that you may already be familiar with as the

components of all atoms. (Chapters 2 and 6 describe these particles in the context of

atomic structure.) Thus, we have two types of processes, proton transfer and electron

transfer, that form the basis for nearly all chemical reactions. 

An important concept inherent to both physical and chemical processes is chem-

ical equilibrium. It applies to every chemical reaction that is reversible (and most of

them are). A simple example of equilibrium is a closed container filled partially with

water. Because the water molecules are constantly moving around, some at the sur-

face will have enough energy to break away from the forces holding them in the bulk

liquid. These free molecules become part of water vapor above the liquid, but the

freed molecules can collide with the water and become part of the liquid again. Even-

tually, the number of water molecules in the vapor is sufficient to cause the rate of

molecules returning to the water to equal the rate of molecules leaving the water. At

this point, the number of water vapor molecules remains constant, and the system is

at equilibrium. The situation is similar for a chemical reaction in which two mole-

cules (the reactants) collide with one another to form two different molecules (the

products). If the reaction is reversible, products can also collide with one another to

form the same reactants. The difference between the evaporation and condensation of

water and the chemical reaction is that the latter involves changing the identity of the

molecule by breaking and making chemical bonds, while the former involves only

breaking the forces that hold molecules together in the liquid or solid state. Every
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equilibrium situation involves one or the other or both—just variations on the same

themes. 

Thus, the conceptual themes that are important in general chemistry include the

following:

1. Structure, physical properties, and chemical properties are interrelated.

2. Structure is simply geometry in which atoms are connected by chemical bonds.

3. A positive charge attracts a negative charge.

4. Energy is either produced or consumed in chemical reactions.

5. Most chemical reactions involve either the transfer of protons or the transfer of

electrons.

6. Many chemical reactions reach equilibrium where the amounts of reactants and

products remain constant.

The Problems
Chemistry is an experimental science that relies heavily on taking measurements at

the macroscopic level to determine what’s happening at the molecular level. Most of

the problems you will have to solve in general chemistry involve converting macro-

scopic measurements into information about molecular details. The good news is that

you will encounter only a few different types of problems, and we will show you how

to systematically solve them using straightforward approaches. You will then need to

learn to recognize only the particular type of problem.

There are three keys to problem solving: practice, practice, practice. You should

keep at it until you are confident that you can solve any problem of each type. Your

chemistry teacher will assign plenty of problems, and if you need more practice, we

have provided lots of them on the website. To master problem solving in chemistry,

you must realize and constantly remind yourself that these are all variations on a rel-

atively small number of different problem types. 

Students have trouble with chemistry problems because they either don’t practice

and/or they treat every problem they encounter as something requiring a new and

totally different solution strategy.

Getting the Most Out of Your Chemistry Class

We assume that you are reading this book because you are taking a chemistry class.

Although the expectations and testing methods may differ somewhat among chem-

istry classes, the following suggestions should maximize both your understanding of

the course material and your performance on exams in any course.

Attend class. Get there for the start of the class when important announce-

ments are made or handouts are distributed. It’s also a good idea to sit in the

front row. You will be less distracted by others in the class, and if for some

reason your final grade ends up on the borderline between an A and a B, your

teacher is more likely to look at your case favorably.

Take careful notes and be sure you understand them. Your understanding of

the material introduced in class will be greatest if you take the time to read

through your class notes on the same day of class, when the lecture (including

any demonstrations) is still fresh in your mind. At that time you should note

points of confusion and get them cleared up (preferably, with your teacher)

before the next class period. The best way to be sure that you understand

the material is to try to explain it to someone else. The old adage that you
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never really learn something until you teach it is often true with chemistry. Not

only will explaining the material in your own words reinforce your under-

standing of it, you will easily identify the parts you don’t understand.

Read assigned sections from the textbook before the class in which the

topics will be discussed. Make notes in the margins of your text, especially for

topics that you don’t completely understand. Why do you think they put those

big margins in chemistry textbooks? Throw away your highlighters and write

extensively in your textbook. Making your own notes is a much more active

process and will prime you for getting the most out of the lecture. You might

find it helpful to refer to the text again after class to help clear up points

discussed in lecture. 

Do the assigned homework problems systematically as the material is

covered in class. Promptly work on problems that relate to material just

covered in a lecture. You should also refer to the relevant examples in your text

when working on problems. It’s often helpful to work on problems with your

classmates, provided everyone is actively engaged in the process. This practice

also gives you an opportunity to try your hand at explaining the material to

someone else. 

Don’t confuse quantity of studying with quality of studying. Going into

solitary confinement with your chemistry book for six hours or “pulling an all-

nighter” is an extremely poor way to study (and a waste of time). Most people

can’t concentrate effectively on the same subject for more than two to three

hours at one stretch. Studying chemistry for two hours on three successive days

will likely result in a much better retention than putting in six hours on a

single night (especially if the exam is the next day). 

In reviewing homework problems prior to an exam, don’t simply read

through your answers to the problems. This method is very passive and

teaches you little. Read the problem, cover your answer, and think logically

through the steps you follow to answer the problem. In some cases, drawing a

simple picture can help you organize your thoughts and better understand what

is asked of you.

Review sessions with your classmates can be very helpful. While it is

probably best to do much of your studying alone in a quiet place, review

sessions with several students preparing for a quiz or an exam can be very

effective. Students are usually more willing to expose their confusion to one

another than to a teacher. And as we’ve said before, explaining a given point to

another student is an excellent way to test and reinforce your own understand-

ing of the subject.

Take advantage of your teacher’s office hours. Your teacher is an extremely

valuable resource. If you don’t understand something, ask your teacher as soon

as possible. The parts you don’t understand will likely provide background for

later material so don’t wait to get it cleared up. Again, if for some reason your

final grade ends up on the borderline between an A and a B, your teacher will

be more likely to push it upward if you show up at office hours and demon-

strate that you are serious about learning the material. Here’s a useful hint:

Before you appear in your teacher’s office, make a list of the things that are

unclear to you so you don’t waste his or her time by flipping through pages of

your textbook or notes, frantically trying to locate places that gave you trouble.

Remember that the first step toward understanding a concept is being able to
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say what it is about the concept that you don’t understand. It’s also a good

idea to get to know your teacher because someday you may want him or her to

write a letter of recommendation on your behalf.

Your Teacher Rules
Two guys were taking chemistry at Williams College. They did well on all of the

quizzes, midterms, and labs, and had a solid “A” going into the final. They were so

confident that the weekend before finals (the chemistry final was on Monday), they

decided to go over to Amherst College and party with some friends. They had a great

time; however, they overslept on Sunday and didn’t make it back to Williams until

early Monday morning. Rather than take the final then, they found their professor

after the final and explained to him why they missed it. They told him that they had

gone to Amherst for the weekend and had planned to return in time to study, but they

had a flat tire on the way back. They didn’t have a spare and couldn’t get help for a

long time, and that’s why they were late in getting back to campus. The professor

thought this over and told them they could make up the final the following day. The

two guys were elated and relieved. They studied that night and went in the next day

to take the final. The professor placed them in separate rooms, handed each one a test

booklet, and told them to begin. They each looked at the first problem, which was

worth 5 points. It was a simple question about solution concentrations. “Cool,” they

thought. “This is going to be easy.” They answered the question and then turned the

page. They were not prepared, however, for what they saw on this page. It said: (95

points)—Which tire?
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ow many times can you divide a piece of gold wire until it isn’t gold any-

more? The 5th-century B.C. Greek philosopher Democritus (who, accord-

ing to Aristotle, “thought about everything”) proposed that you couldn’t do

this forever because all matter consists of very small, indivisible particles.

He called these particles atomos, meaning “uncuttable” or “indivisible.” It was

not until 1808 that an English scientist and school teacher, John Dalton, formulated a precise

definition of the indivisible building blocks of matter that we call atoms. While Democritus’s

idea of the atom was purely theoretical, Dalton’s formulation was based on his and other peo-

ple’s experimental work on atomic masses (also called atomic weights) and their relationships

in substances that contain different types of atoms. This combination of experiment and the-

ory marked the beginning of the modern era of chemistry, elevating the discipline to a quan-

titative science. Dalton’s atomic theory stimulated the rapid progress of chemistry during the

19th century and forms the basis of much of the chemistry we do today. The theory can be

summarized as follows:

• Elements are made of identical, tiny particles called atoms, and the atoms of one

element are different from the atoms of all other elements.

• Compounds are made of atoms of more than one element combined

in whole number ratios.

• In chemical reactions, atoms can only separate, combine, or

rearrange; they can’t be created or destroyed.

Atoms

Atoms are really small, and atoms of one element are different from

atoms of another element. But they are not indivisible (otherwise, chem-

istry as a discipline would not exist). Experimental evidence gathered

over many years (mostly by physicists) has established the following facts

about an atom. It’s shaped like a sphere but is mostly empty inside. At

the center of the sphere is a space called the nucleus that contains two

types of particles—protons and neutrons. The proton is positively charged

H
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and is assigned a charge of  1 while the neutron has no charge. These two nuclear

particles are about the same mass, with the neutron being a little heavier. The space

occupied by protons and neutrons (that is, the nucleus) is extremely small compared

to the total volume of the atom.

A third type of atomic particle is the negatively charged electron, which has a

charge of  1. The electrons are spread out around the nucleus and at some distance

from it. For now, the two things to remember about atoms are

1. Because atoms are electrically neutral, the number of protons is equal to

the number of electrons.

2. All chemical reactions involve either the loss and gain of electrons or 

the sharing of electrons between atoms. (You see, atoms are not really

indivisible.)

The mass of an electron is about 1840 times smaller than the mass of a proton. In

fact, a neutron can be split to produce a proton and an electron (but that’s another

story).
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The discovery that atoms are comprised of a nucleus containing protons and neu-

trons surrounded by electrons and a lot of empty space was made in 1910 by the

physicist Ernest Rutherford. (Although Rutherford claimed that all science was either

physics or stamp collecting, he actually won the Nobel Prize in CHEMISTRY!) This

critical discovery was made when he and his collaborator Hans Geiger (of Geiger

counter fame) and an undergraduate student named Ernst Marsden fired positively

charged alpha particles (helium atoms stripped of their electrons) into gold foil and

measured their deflection. They found that most particles went through with little or

no deflection. But once in a long while, an alpha particle would bounce back in the

direction from which it came; this really surprised Rutherford who said, “It was as

incredible as if you had fired a 15-inch shell at a piece of paper and it came back at

you.”

Rutherford reasoned the positively charged alpha particles were deflected by pos-

itive charges within the atom. The fact that most of the particles were undeflected

suggested the atom was largely empty space (sort of like firing rockets through our

solar system where only the ones that hit the sun would be deflected). Rutherford

therefore proposed that all of the atom’s positive charges (that is, the protons) were

concentrated in a very small space, which he called the nucleus.

We now know that the nucleus, where 99.99% of the mass is located, occupies

only a tiny fraction of the atom’s space. You can appreciate the relative sizes of an

atom and its nucleus by imagining that if an atom were the size of the Houston

Astrodome, the volume of the nucleus would be comparable to that of a small mar-

ble. This means that the volume of atoms is about 99.99% empty space (and because

we are made entirely of atoms, we also are about 99.99% nothing!) and that the

nucleus is really, really dense. How dense is it? Imagine squeezing about 200 mil-

lion African bull elephants, tusks and all, into the space occupied by a small mar-

ble and you’d be pretty close to the density (mass per unit volume) of the atomic

nucleus. 

The number of protons in an atom (which we call the atomic number) defines

an element because the atoms of a particular element have a specific number of pro-

tons. For example, the atoms of hydrogen have one proton or an atomic number of

1, carbon has six protons and an atomic number of 6, and uranium has 92 protons

and an atomic number of 92. The mass number of an atom is the combined number

of protons and neutrons present. Chemists use a simple shorthand notation to repre-

sent elements where the mass number (number of protons and neutrons) is a super-

script to the left of the chemical symbol and the atomic number (number of protons)

is a subscript:

1
1H 12

6C 238
92U

Why do we do this? Do we really need to identify an atom by both its number

of protons and neutrons? As it turns out, atoms of the same element usually come

in different forms where the differences are due to different numbers of neutrons.

Atoms with the same atomic number but different numbers of neutrons are called

isotopes, and some of these are radioactive because they’re not very stable (but that

again is another story). The number of neutrons present doesn’t affect the identity

of an element or its chemical properties, but it does change the mass of an atom.

What is the role of neutrons? Because the protons are packed very tightly in a

nucleus, you can imagine there would be considerable repulsion between like (pos-

itive) charges. The neutrons are there to hold things together and keep the nucleus

intact. Hydrogen has three isotopes, which contain one proton and no neutron, one

proton and one neutron, and one proton and two neutrons (Figure 2.1). So if we

know the mass number of an atom, we will know the number of neutrons present
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by subtracting the atomic number from the mass number. How do we know the num-

ber of electrons? (Remember that the number of electrons is equal to the number of

protons in an atom.)
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Figure 2.1 Nuclei of the
three isotopes of hydrogen.
Each isotope would have one
electron at some distance
away.

Radon gas has been in the news much these days because of its detrimental

effects on human health. How many neutrons are present in the radioactive iso-

tope 222
86Rn?

Answer The larger number (222) must be the mass number, and the atomic

number is 86. The number of neutrons is therefore given by (222  86)  136.
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A student wrote two incomplete symbols for an isotope of magnesium: 25Mg and

12Mg. Which symbol is the more informative? Why?

Answer Because we are given the name of the element, we can use the table

of names of elements given in the inside cover to determine the atomic number

of magnesium, which is 12. But normally we would have no idea about the num-

ber of neutrons present. Therefore, 25Mg is more informative because it tells us

that the number of neutrons is (25  12)  13.

Check out some of the sample problems on the website if you’d like some

practice.
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2.2

At the time we are writing this book, there are 113 distinct elements known—

there may be more when you read it. That may seem like a lot, but chemistry gets

much simpler when you focus on the common ones; about 95% of the compounds

on this planet contain only a small fraction of the known elements. But even if you

had to learn something about all of them (which fortunately you don’t), it is still

easier than it might seem when you realize that a lot of elements behave alike. In

fact, the biggest bonus in the study of chemistry is that the chemical properties of

elements are periodic functions of their atomic numbers. What does that mean?

Well, if you were to line up the elements in order of increasing atomic number,

you’d find that the 2nd, 10th, 18th, 36th, 54th, 86th all have similar chemical behav-

ior. This is the basis for the periodic table, the single most important tool in gen-

eral chemistry.



The Periodic Table

The periodic table is the ultimate guidebook for students of chemistry. The elements

are arranged by atomic number (the number above the element symbol) in horizon-

tal rows called periods and in vertical columns known as groups or families, accord-

ing to similarities in their chemical properties. Note that elements 110–112 and 114

have recently been synthesized, although not all of them have been named. For a while

we thought we had elements 116 and 118 too, but it turned out to be falsely claimed.

Sometimes that’s the way it goes in science.

Take a look at the periodic table on the inside cover of your book. The present form

of the periodic table was proposed by the Russian chemist Dimitri Mendeleev in 1869,

The Periodic Table 13

Mendeleev arranged cards for each of the
known elements in groups on a table as if he

were playing his favorite game of solitaire.
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although several other chemists also played around with the same idea. Mendeleev saw

that if the elements known in his time were arranged in order of increasing atomic mass,

certain properties (like corrosive metals that react violently with water) recurred at reg-

ular intervals. But he found holes in his table because some elements had not yet been

discovered. In fact, his periodic table was not widely accepted by chemists until the

missing elements—gallium, germanium, and scandium—were discovered and shown

to have the properties that Mendeleev predicted. (When Mendeleev was buried in St.

Petersburg in 1907, his students carried a chart showing the periodic table in his funeral

procession.) Discoveries made in the first half of the 20th century regarding the arrange-

ment of electrons around the nucleus make it easy to understand why the elements would

show this type of chemical periodicity. We will discuss this fact in Chapter 6.

All the elements can be divided into three categories—metals, nonmetals, and

metalloids, respectively, on your periodic table. A metal is a good conductor of heat

and electricity because the outermost electrons are mobile; a nonmetal is usually a

poor conductor of heat and electricity because the electrons in them are not free to

move around.
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A related property that distinguishes metals from nonmetals is their tendency to

lose or gain electrons. Metals have a weak hold on their outermost electrons and will

lose them easily when they react. By contrast, nonmetals hold on to their outermost

electrons very tightly, and most of them will grab electrons from metals if given a

chance.

A metalloid has properties that are intermediate between those of metals and

nonmetals. The majority of known elements are metals; only 17 elements are non-

metals, and eight elements are metalloids. From left to right across any period, the

physical and chemical properties of the elements change gradually from metallic to

nonmetallic, so a region of elements that are intermediate in properties is exactly

what you’d expect. (When you understand chemistry, you’ll see that a lot of it is

just what you’d expect.) Periodic tables will often mark a border between those ele-

ments that behave primarily as metals and those that behave primarily as nonmetals

(the dark zigzag line on your periodic table). You will find this distinction useful

later in Chapter 3 where we predict the formation of molecular and ionic com-

pounds. The notable exception is hydrogen, which is not a metal even though it’s

on the left. Hydrogen typically will gain electrons from metals and lose or share

them with nonmetals. (Check out the website for some sample problems on classi-

fication of elements.)

Elements are often referred to collectively by their periodic table group number

(Group 1A, Group 2A, and so on). However, for historical reasons, some element

groups are still known by special names. The Group 1A elements (Li, Na, K, Rb, Cs,



and Fr) are called the alkali metals, and the Group 2A elements (Be, Mg, Ca, Sr, Ba,

and Ra) are called the alkaline earth metals. Nonmetallic elements in Group 7A (F,

Cl, Br, I, and At) are known as the halogens, and those in Group 8A (He, Ne, Ar,

Kr, Xe, and Rn) are called the noble gases. (Check out the website for the historical

reasons for these names.)

The periodic table is a terrific tool because it correlates the properties of the ele-

ments in a systematic way and helps us to make predictions about chemical behav-

ior. We will frequently refer to it in this book, and it will be invaluable for homework

problems and exams in your class. The table also greatly simplifies the understand-

ing of chemistry because in most cases the elements in the same group have similar

chemical properties. As we said earlier, this is a big bonus in studying chemistry. Most

of the chemistry you will learn in general chemistry involves only a small number of

elements. You will see a number of 1A and 2A metals and aluminum, which is the

first metal in Group 3A. Because the elements in the same group have similar chem-

ical behavior, you simply need to get a solid understanding of the chemistry (that is,

how the atoms react) of H, He, Na, Mg, Al, C, N, O, F—the rest are mostly varia-

tions of each group. 

Atoms React to Form Molecules and Ions

Atoms react with one another to form molecules or ions, and these
chemical reactions and the nature of their products are the basis
of chemistry.

Atoms often like to react with one another to become more stable. We like to be

stable, but what does it mean for an atom to be stable? For now, you can think of sta-

bility (which can also be thought of as low potential energy) as the opposite of reac-

tivity. Stable atoms are not reactive, and reactive atoms are not stable. Because the

noble gases (Group 8A) exist as isolated atoms and are not typically combined with

other atoms, we infer that they do not want to react. Therefore we say they are sta-

ble. Other atoms do not exist stably on their own and they react by losing or gaining

electrons or by sharing electrons. Remember that all chemical reactions involve

either the loss and gain of electrons or the sharing of electrons between atoms.

What is it about the noble gases that makes them so stable? If we knew this, we

could understand why and how atoms react. As we will discuss later (in Chapter 6),

all of the noble gases (except helium) have eight electrons in their outer layer, or

shell, as chemists usually call it. All other atoms (except hydrogen) tend to react to

achieve a total of eight electrons in their outermost shell. Hydrogen often reacts to

get a total of two electrons, like helium; however, sometimes hydrogen also loses its

only electron.

For now, let’s just focus on the products of chemical reactions: molecules and

ions, and we’ll return to chemical reactions in Chapter 3.

Molecules

A molecule is a combination of at least two atoms in a specific spatial arrangement

held together by attractive forces called chemical bonds. This definition is a mouth-

ful, but it is really important that you understand exactly what it means: a molecule

is simply a bunch of tiny spheres (that is, atoms) stuck together with chemical glue.

Molecules form when atoms react by sharing electrons. The shared electrons are the

chemicals bonds (that is, the glue), and each bond is made up of two electrons. We
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want you to always imagine what molecules look like because not doing so means

you won’t be able to truly understand chemistry. Figure 2.2 shows pictures of some

simple molecules represented in different ways. The space-filling structure is the most

accurate representation; however, the others are useful for understanding molecular

geometry. 

A molecule may contain atoms of the same element or atoms of two or more

elements joined in a fixed ratio. If the atoms belong to different elements, then the

molecule is also known as a compound. (Remember Dalton’s atomic theory?)

Hydrogen gas, for example, is an element, not a compound, because it consists of

molecules made up of only H atoms. Water, on the other hand, is a molecule that

contains hydrogen and oxygen in a ratio of two H atoms to one O atom. Therefore,

it is a compound—a molecular compound. Like atoms, molecules are electrically

neutral.

To save time when talking and writing about chemistry, we use chemical

formulas to represent molecules and compounds. For example, instead of saying “The

hydrogen molecule contains two hydrogen atoms,” we simply write H2, where the

subscript represents the number of atoms present. To additionally provide informa-

tion about the physical state of a chemical, we can also designate whether it’s solid,

liquid, gas, or dissolved in water (aqueous) using the letters (s), (l), (g), and (aq),

respectively.

The vast majority of molecules contain more than two atoms. They can be atoms

of the same element, as in ozone (O3), which is made up of three atoms of oxygen.

Or they can be combinations of two or more different elements. Molecules contain-

ing only two atoms are called diatomic molecules, and those containing more than

two atoms are called polyatomic molecules. Like ozone, water (H2O), ammonia

(NH3), and methane (CH4) are polyatomic molecules. Note that when the number of

a particular type of atoms present is one, the subscript 1 is not shown as, for exam-

ple, the O in H2O, the N in NH3, and the C in CH4. Chemical formulas are great

tools for describing chemistry, but to understand the chemistry, you have to think

about what molecules look like. Look again at the pictures of hydrogen, water, ammo-

nia, and methane in Figure 2.2.

Which types of atoms are most likely to form molecules? For our purpose,

molecules contain mainly H, C, N, and O atoms. One especially useful piece of

information to know at this stage is the way these atoms are linked together in a
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Figure 2.2 Hydrogen, water,
ammonia, and methane
molecules.

(a) space-filling models: what
they really look like

(b) ball (atom) and stick
(bond) models

(c) structural formulas
(d) molecular formulas



molecule. Of these common elements, remember that hydrogen forms only one

bond, oxygen forms two bonds, nitrogen forms three bonds, and carbon forms

four bonds (as shown in Figure 2.2). Remember that these atoms react to be like

a noble gas, and they will share electrons in bonds to do so. Thus, hydrogen with

one electron fewer than helium will form one bond, and oxygen with two electrons

fewer than neon will form two bonds. You can always refer to the periodic table to

see how many electrons an atom would have to gain in order to have the same num-

ber of electrons as a noble gas; this number of electrons gives you the number of

bonds H, C, N, and O atoms will form. In Chapter 7 we’ll see why this is so, but

knowing it now will be very helpful.

Take a look at your periodic table again and guess how many bonds sulfur, phos-

phorus, and silicon might want to form. Because bond formation is a chemical prop-

erty, you would predict that sulfur would bond like oxygen, phosphorus like nitrogen,

and silicon like carbon (because atoms in the same periodic table group have similar

chemical properties). This is in fact the case, although phosphorus and sulfur can

sometimes form more bonds (but these variations will be easier to understand later).

As we have said, all chemical reactions involve either the loss and gain of electrons

or the sharing of electrons between atoms. Molecules form when atoms share elec-

trons through the formation of chemical bonds. What happens when an atom loses or

gains electrons?

Ions

An ion is an atom or group of atoms that has a net positive or negative charge

(because they have either lost or gained electrons). Atoms that lose electrons are

called cations (they’re positive), and those that gain electrons are called anions

(they’re negative).

Cations and anions are attracted to each other and held together by electro-

static forces (that is, forces between positive and negative charges) to form ionic

compounds. The force of attraction between oppositely charged ions is similar to the

force of attraction between opposite poles of a magnet. As we said earlier, metals

want to lose electrons and nonmetals want to grab electrons. In most cases, cations

are derived from metals and anions are derived from nonmetals. This is yet another

bonus in studying chemistry, because the zigzag line on your periodic table tells you

which atoms are metals and which are nonmetals. The ones to the left of the zigzag

line form cations, and the ones to the right form anions (usually, but we don’t have

to dwell on exceptions to understand chemistry). Listed in the following are the
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charges on some common monatomic cations and anions, that is, ions that contain

only one atom:

Group 1A 2A 3A 5A 6A 7A

Li N3 O2 F 

Na Mg2 Al3 S2 Cl 

K Ca2 Br 

Ba2 I 

Note that all the ions listed come from atoms that lose or gain electrons to have

the same number as a noble gas. After losing electrons, the resulting cations have the

same number of electrons as the preceding noble gas (e.g., Na is like Ne). Similarly,

after gaining electrons, the resulting anions have the same number of electrons as the

following noble gas (e.g., Cl is like Ar). An easy way to remember the charges on

these metal cations is to note that in each case the charge is the same as the group

number. The charges on the anions are given by the group number minus 8. For exam-

ple, the charge on the anion of chlorine is 7  8   1. The common polyatomic

anions, or anions containing more than one atom, are CO2 
3 (carbonate), OH 

(hydroxide), NO 3 (nitrate), PO3 
4 (phosphate), and SO2 

4 (sulfate). We will refer to these

five ions again in this chapter and introduce you to several others as well, so it would

be helpful to start making a collection of flash cards right now and practice saying

their names. The only important polyatomic cation you need to know in general chem-

istry is NH 4, which is called the ammonium ion. (Add this to your collection of flash

cards.) Note that this cation does not contain a metal atom. 

Ionic Compounds
Atoms don’t usually lose or gains electrons unless they interact with other atoms.

Let’s imagine adding chlorine gas, Cl2, to a piece of sodium metal, Na. The yellow-

ish gas is blown through a tube into an enclosed glass vessel containing a chunk of

dull gray metal, and there is an instant and violent reaction. After the explosive fire-

works subside, the vessel contains nothing but a pile of white powder. The white solid

is the product of this chemical reaction; what do you think it is? It’s the ionic com-

pound sodium chloride (NaCl), also known as table salt. How do we know the for-

mula is NaCl and not NaCl2 or something else? 

The key to writing chemical formulas of ionic compounds is electrical neutrality.

Because Na is a Group 1A element, which produces  1 ions (remember?), and chlo-

rine is a group 7A element, which produces  1 ions (7  8   1), the compound

that results is the simplest electrically neutral combination, NaCl. If the charges on
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the cation and anion are the same, the formula is easy to write as in the case of NaCl

(sodium chloride), CaSO4 (calcium sulfate), and AlPO4 (aluminum phosphate). If the

charges on the ions are not equal, then we need to do some simple algebra. For exam-

ple, in magnesium hydroxide (commonly known as milk of magnesia), we need two

hydroxide ions (OH ); that is, two negative charges to balance the two positive

charges on a single magnesium ion (Mg is a Group 2A element). So the formula is

Mg(OH)2. We will say more about naming ionic compounds a little later.

The way to recognize ionic compounds is to realize that metals like to lose elec-

trons and nonmetals like to gain electrons. For example, the alkali metals, most of the

alkaline earth metals, and aluminum readily lose electrons while nitrogen, oxygen,

sulfur, and the halogens readily accept electrons. Thus, a compound containing one

of these metallic elements and nonmetallic elements is very likely to be an ionic com-

pound. In most cases (the notable exception being ammonium compounds), if a com-

pound contains both metals and nonmetals, it’s ionic. Otherwise, the compound is

classified as a molecular compound because no ions are present. 

The Names of Chemical Compounds 19

E
X

A
M

P
L
E

2.3Classify the following compounds as ionic or molecular: 1. SO2, 2. LiF,

3. NH4Cl, 4. CaI2.

Answer

1. Both S and O are nonmetallic elements; therefore, this is a molecular

compound.

2. Li is an alkali metal, and F is a halogen, so LiF is an ionic compound.

3. N, H, and Cl are all nonmetals, but as we said earlier, the ammonium

ion is NH 4. This makes NH4Cl an ionic compound.

4. Ca is an alkaline earth metal and I is a halogen, so the compound is

ionic.

Check out the website for more problems.

The Names of Chemical Compounds

Naming chemical compounds is not as tedious and painful as it
may seem if you learn a few simple rules.

One of the things you have to learn in studying chemistry is what to call compounds—

you have to know the language. Formally this topic is called chemical nomencla-

ture, and while it may not be essential to understanding chemistry, you will need the

language to talk and write about what you know. There are now some 14 million

known compounds, so there is no way that anyone can memorize all the names. And

there is no need to do so either because there are systematic procedures that can help

us name all kinds of compounds. We’ll try to make it as painless as possible. Although

you will learn the names of the compounds as we go along, it’s useful to be familiar

with a few simple rules.

For starters you must learn the names of some elements and their corresponding

symbols. We recommend that you memorize those in Figure 2.3. You should check

with your teacher to see if you need to memorize more of them. For all exams in

general chemistry, you’ll probably be given a periodic table (or there may be one



hanging in your classroom), so there is no need to memorize the exact location of the

elements on the chart. (Check out the website if you’re interested in the origin of the

names of the elements. It may help you remember the symbols for some of the ele-

ments and learn some interesting history about their discoveries.)

As mentioned previously, there are basically two types of chemical compounds—

molecular and ionic. Because there are straightforward, but distinct, rules for naming

each of the two types, you first have to be able to distinguish between them based

solely on the chemical formula. As you saw earlier, molecules are only made of non-

metals, whereas ionic compounds have both metal atoms and nonmetal atoms (with

the notable exception of ammonium compounds). How do you know which atoms are

metals and which are nonmetals? The dark zigzag line in the periodic table separates

the metals (on the left) from the nonmetals (on the right). If you ever happen to for-

get which side is which, you can rely on what you already know from practical expe-

rience. Elements like oxygen and nitrogen, which you know are not metals (metals

are not something you’d want to breathe in), are on the right, and the elements on the

left side include some obvious metals like sodium, aluminum, and copper.

Naming Molecular Compounds
Most molecular compounds are composed of nonmetallic elements. For now, let’s

focus on compounds containing only two elements. We place the name of the first

element in the formula first, and the second element is named by adding “-ide” to the

root of the element name. For example, HCl is called hydrogen chloride, and HBr is

called hydrogen bromide. Often we find that one pair of elements can form several

different compounds. In these cases, confusion is avoided by using Greek prefixes to

denote the number of atoms of each element present:

CO (carbon monoxide)

CO2 (carbon dioxide)

SO2 (sulfur dioxide)

SO3 (sulfur trioxide)
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NO2 (nitrogen dioxide)

N2O4 (dinitrogen tetraoxide)

Here is how Democritus would have counted from one to ten: 1 (mono), 2 (di), 3 (tri),

4 (tetra), 5 (penta), 6 (hexa), 7 (hepta), 8 (octa), 9 (nona), and 10 (deca). Have you

noticed something odd about the first five compounds shown in the previous list? We

did not use the prefix “mono-” to indicate the number of atoms present for the first

element. This is done for convenience only because using a name like “monocarbon

monoxide” to describe CO can be a mouthful. So the absence of the prefix for the

first element means there is only one atom present.
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2.4(a) Name the compound SF6, and (b) write the chemical formula of tetraphos-

phorus decaoxide.

Answer

(a) There are six fluorine (F) atoms and one sulfur (S) atom present. Using

the Greek prefixes, we call the compound sulfur hexafluoride.

(b) Tetra means 4 and deca means 10. There are four phosphorus (P) and

ten oxygen (O) atoms in this compound. Its chemical formula is P4O10.

For naming molecular compounds, that’s all there is to it—just use Greek pre-

fixes. (Check out the problems on the website, and you’ll be convinced.)

Naming Ionic Compounds
You have already seen some of the rules for naming ionic compounds, which are made

up of cations (positive ions) and anions (negative ions). As we said earlier, the key to

naming ionic compounds is knowing the charge on the ions, and the periodic table

can be used easily to determine the charge on monatomic ions of the elements in

Groups 1A–7A (the so-called representative elements). Most of these elements will

either lose or gain electrons (1, 2, or 3) in order to have the same number of elec-

trons as a noble gas, which represents stability. (Remember the general rule: metals

lose electrons, and nonmetals gain electrons.) Thus, all of the Group 1A elements lose

one electron, the Group 2A elements lose two, the Group 3A metal (Al is the only

important one) loses three, the Group 5A nonmetals gain three, the Group 6A ele-

ments gain two, and the Group 7A elements gain one. For example, Na will lose one

electron to become Na , which has the same number of electrons as the noble gas

Ne, while Cl will gain one electron to become Cl , which has the same number of

electrons as the noble gas Ar. 

To name the positive monatomic ions, simply add ion to the element’s name. For

example, Mg2 is called magnesium ion. (By convention, we write the number before

the  or  sign to indicate the charge on the ion.) To name negative monatomic ions,

add ‘-ide’ to the first part of the name. For example, N3 is nitride, O2 is oxide, and

F is fluoride. The “-ide” ending is also used for certain anion groups containing dif-

ferent elements, such as hydroxide (OH ) and cyanide (CN ). (Add CN to you col-

lection of flash cards.) The deadly poisonous compound KCN is called potassium

cyanide.

In writing the chemical formula for an ionic compound, it is essential to include

the appropriate numbers of cations and anions, indicated by a subscript, to ensure a



neutral charge. For example, sodium carbonate contains sodium ions and carbonate

ions, with charges of  1 and  2, respectively. In order to form a neutral species,

there must be two sodium ions for every carbonate ion. This can be indicated by writ-

ing the formula as Na2CO3. Some other examples are CaCl2, Mg3(PO4)2, (NH4)2SO4,

BaO, and KNO3. Naming ionic compounds follows from the formula in that the cation

precedes the anions. Thus, the names of the examples just given are calcium chloride,

magnesium phosphate, ammonium sulfate, barium oxide, and potassium nitrate. Other

examples are lithium bromide (LiBr), calcium iodide (CaI2), and aluminum oxide

(Al2O3). We do not use Greek prefixes when naming ionic compounds because the

subscripts can be inferred from the charges on the ions.

Many of the transition metals (Groups 1B, 3B–8B) can assume different charges

(all positive), and their charge can be easily inferred from the number and charge of

the anions present in the chemical formula. To indicate the charge in the name (for

metals that can have different charges only), you have to include a Roman numeral

in parenthesis after the cation’s name. For example, Fe can become Fe2 or Fe3 to

form compounds like FeCl2 or FeCl3; the names of these compounds are iron(II) chlo-

ride and iron(III) choride, respectively.
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(a) Write the formula of the compound calcium phosphate, and (b) give the name

of the compound Ba(NO3)2.

Answer

(a) The calcium ion bears a  2 charge, and the phosphate ion bears a  3

charge. To balance the charges for electrical neutrality, we need to have

three Ca2 ions and two PO3 
4 ions (2  3  3  2). Therefore, the

formula is Ca3(PO4)2.

(b) The cation is barium (Ba2 ), and the anion is nitrate (NO3
 ), so the

name is barium nitrate.

E
X

A
M

P
L
E

2.5

For naming ionic compounds, that’s all there is to it, and you can check out the

problems on the website to convince yourself. Unfortunately, the names of the poly-

atomic ions cannot be inferred from the periodic table, and you will have to do a bit

more memorization to get these down.

Naming Acids and Polyatomic Ions
For many students, the hardest part of learning much of the chemical nomenclature

in general chemistry is keeping the polyatomic ions straight. You’ll be expected to

know at least 30 of them with different numbers and types of atoms as well as charges

(although they are almost all anions). You could memorize them all, but it’s easier to

remember most of them if you know where they come from (that is, how they’re pro-

duced). They come from dissolving acids in water. 

You are no doubt familiar with the term acid (which is a substance that produces

H ions when dissolved in water), and you’ve had some practical experience with the

properties of acids, like citric acid in lemon juice or the acetic acid in vinegar. Citric

acid in water breaks down to form two ions, a hydrogen ion, H , and the polyatomic



anion citrate; acetic acid breaks down in water to form a hydrogen ion, H , and the

polyatomic anion acetate. Most acids dissolve in water to form hydrogen cations and

polyatomic anions (although some, such as hydrochloric acid, HCl, form monatomic

anions like Cl , which you already know how to name). If you’ve been reading care-

fully, you are probably thinking, “But you told me earlier that HCl is called hydro-

gen choride.” As it turns out, the molecule HCl is a colorless gas, and it’s called

hydrogen choride. When hydrogen chloride is bubbled into water, the molecule dis-

solves and ionizes as an acid into H and Cl ions. For this reason, we call the dis-

solved HCl, represented as HCl(aq), hydrochloric acid.

In order to use the acids to help remember the names of polyatomic anions, you

will first have to memorize the chemical formulas of a handful of common acids.

Let’s start with four reference acids from which many others can be derived. These

are nitric (HNO3), phosphoric (H3PO4), sulfuric (H2SO4), and chloric (HClO3). These

acids are called oxoacids because they contain oxygen. They all share the common

features in that they contain one or more H and O atoms and one central atom. If we

remove an O atom from the acid, we change the name by converting “-ic” to “-ous.”

Thus, when HNO3 becomes HNO2, it is called nitrous acid; H3PO3 from H3PO4 is

called phosphorous acid; H2SO3 from H2SO4 is called sulfurous acid; and HClO2 from

HClO3 is called chlorous acid. Things are a bit more complicated for the oxoacids

containing the halogens (Cl, Br, and I). It turns out that we can remove yet another

O atom from chlorous acid to get HClO, which is called hypochlorous acid. Further-

more, we can also add an O atom to chloric acid to get HClO4, which is called per-

chloric acid. We can now summarize all these names (which you should add to your

collection of flash cards) in the following list:

HClO4 (perchloric)

HNO3 (nitric) H3PO4 (phosphoric) H2SO4 (sulfuric) HClO3 (chloric)

HNO2 (nitrous) H3PO3 (phosphorus) H2SO3 (sulfurous) HClO2 (chlorous)

HClO (hypochlorous)

You may also encounter the oxoacids of the halogens bromine and iodine, but

these are easy to name if you know the four oxoacids of chlorine. For example, the

fully oxygenated acids of bromine and iodine are perbromic acid and periodic acid.

Two additional acids that are commonly seen in general chemistry are carbonic acid

(H2CO3) and acetic acid (HC2H3O2). Note that for acetic acid, only one of the four

hydrogens is ionizable, so it is written at the beginning of the formula. The other com-

mon acids that do not contain O atoms are hydrofluoric acid (HF), hydrochloric acid

(HCl), hydrobromic acid (HBr), hydroiodic acid (HI), and hydrocyanic acid (HCN).

The last acid produces the cyanide ion (CN ) when dissolved in water. Add these

seven acids to your collection of flash cards.

If you count them, the total number of acids you should remember is about 20

(but learning the four reference acids first will make memorizing many of them pretty

straightforward). The only acids you will ever come in contact with in a general chem-

istry laboratory are just five: nitric acid, phosphoric acid, sulfuric acid, hydrochloric

acid, and acetic acid. Then why bother to learn the names of other acids? Because

they are important in research and are often used as examples in problems. So know-

ing their names, structures, and properties will help you in problem solving.

Once we have tackled the names of acids, it’s relatively easy to learn the names

of anions derived from them. Anions derived from oxoacids are called oxoanions. The

following rules are used to name oxoanions. 
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• When all the H ions are removed from the “-ic” acid, the anion’s name ends

with “-ate.” For example, the anion SO4
2 derived from H2SO4 is called sulfate.

• When all the H ions are removed from the “-ous” acid, the anion’s name ends

with “-ite.” Thus, the anion NO2
 derived from HNO2, is called nitrite.

• The names of anions in which one or more but not all the H atoms have been

removed must indicate the number of H atoms present. For example, if an H

atom is removed from H3PO4 as H ion, we get H2PO4
 , which is called

dihydrogen phosphate.

It might help you to memorize these rules if you make a few more flash cards

with some simple reminders such as ‘ic’n ‘ate’ and ‘ous’n ‘ite’. Now we can draw

a corresponding list of oxoanions like the oxoacids shown earlier (and you can add

these to your collection of flash cards):

NO3
 (nitrate) H2PO4

 (dihydrogen HSO4
 (hydrogen CIO4

 (perchlorate)

phosphate) sulfate)

NO2
 (nitrite) HPO4

2 (hydrogen SO4
2 (sulfate) CIO3

 (chlorate)

phosphate)

PO4
3 (phosphate) HSO3

 (hydrogen CIO2
 (chlorite)

sulfite) ClO (hypochlorite)

SO3
2 (sulfite)

This list (and your flash card collection) can be expanded by adding the oxoanions

of bromine and iodine (which are named like those of chlorine), carbonate (CO3
2 ),

hydrogen carbonate (HCO3
 ), acetate (C2H3O2

 ).

We have seen that some acids, like HCl and HNO3, can lose one H ion per

molecule, while others like H2SO4 can lose up to two H ions. So HNO3 is an

example of monoprotic acid (one proton donor), and H2SO4 is a diprotic acid (two

proton donor). Because H3PO4 can lose up to three protons, it is called a triprotic

acid.

Now we come to bases. A base is a substance that produces one or more hydrox-

ide ions (OH ) when dissolved in water. Compared to acids, the naming of bases is

very simple because there are just a few of them. In fact, in the general chemistry

laboratory, the only bases you will ever work with are sodium hydroxide (NaOH) and

ammonia (NH3). Other bases that you will come across in problems and exams are

the hydroxides of Group 1A elements (the alkali metals), such as LiOH and KOH,

and the hydroxides of Group 2A elements (the alkaline earth metals), such as

Mg(OH)2, Ca(OH)2, and Ba(OH)2.

Once you’ve mastered the nomenclature rules described, you may want to be

familiar with some of the old-fashioned, but still frequently used names:

Ferric ion Fe3 

Ferrous ion Fe2 

Cupric ion Cu2 

Cuprous ion Cu 

Bicarbonate HCO3
 

Bisulfate HSO4
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Physical Properties of Compounds

You probably already know a lot about the physical properties of
compounds based on your experience with the compounds you eat
every day.

Now that you can distinguish molecules from ionic compounds (how?) and name

them, let’s start thinking a little about some of their basic physical properties using

your own practical experience as a guide. We can tell if a compound is ionic or molec-

ular by looking at its chemical formula; if it contains metals and nometals, it’s likely

to be ionic; if not, it’s a molecule. This is really helpful because knowing whether a

compound is ionic or molecular tells us a lot about its physical properties. (It also

tells us a lot about its chemical properties, but we’ll discuss those in later chapters.)

Physical properties refer to those that can be studied without changing the identity of

the substance. For example, if we say that gold has a bright yellow metallic luster,

we are referring to the gold’s physical property because the metal remains unchanged

after we made the observation. Likewise, the melting point, boiling point, and densi-

ties of a substance all refer to its physical properties. If we boil water, do we change

the identity of the molecule? No, it’s still H2O, but the molecules are no longer touch-

ing each other.

The melting point and boiling point of a compound can often be determined with

ease, and they tell us quite a bit about the forces holding the units (molecules or ions)

together. Ionic compounds generally have much higher melting points and boiling

points than molecular compounds because the electrostatic forces between cations and

anions are much stronger than those holding molecules together. Note that we are

comparing the forces that hold ions together in an ionic compound with the forces

holding molecules together in the liquid or solid state, not the chemical bonds

within a molecule that hold the atoms together. For example, the melting point of

sodium chloride (NaCl) is 801 C, whereas that of glucose (C6H12O6), blood sugar, is

only 146 C. That is, it takes more heat to separate Na and Cl ions than to sepa-

rate glucose molecules from one another. Actually, the melting points of molecular

compounds vary all over the map—at room temperature, some are solids (sugar),

some are liquids (water), and some are gases (oxygen). All ionic compounds are solids

at room temperature. You should have a pretty good sense for the high melting and

boiling points of ionic compounds if you imagine trying to melt or boil table salt

(NaCl). Most ionic compounds are also called salts, although they come in different

colors depending on the elements involved. 

Another property that we can study is solubility, with which you have probably

had lots of experience. If we add a compound to water, will it dissolve; that is, will

it disappear? If so, then water acts as the solvent, the added compound is called the

solute, and the resulting mixture is called the solution. The more a compound dis-

solves, the greater is the solubility of the compound. Unfortunately, there is no gen-

eral rule that helps us predict the solubility of a substance, whether it is molecular or

ionic (but it’s very easy to find out either by doing the experiment or by looking it

up in a handbook). However, we can investigate the resulting solution and learn some-

thing about the solute. When an ionic compound dissolves in water, the ions break

loose from one another, and the resulting solution becomes electrically conducting.

This is so because the movement of the cations and anions (in opposite directions) is

similar to the movement of electrons along a piece of copper wire. For this reason,

we call the compound an electrolyte. The vast majority of molecular compounds lack

this property and are called nonelectrolytes. (Why?) This means that water solutions

of these compounds cannot conduct electricity. 
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At this point, you may wonder that if ions are held so strongly in a solid, what

causes them to break apart when we pour salt into our soup? The answer has to do

with the nature of water as a solvent. Although water is not made up of ions, it does

have a positive end (at the H atoms) and a negative end (at the O atom), so the over-

all charge of the molecule is zero. For this reason, water is called a polar molecule

because it has the polarities of positive and negative charges. When sodium chloride

is added to water, the ions break loose and become surrounded by the polar water

molecules as shown in Figure 2.4. This interaction stabilizes the cations and anions

individually and prevents their aggregation.

Why does the water molecule have positive and negative ends? Because the prop-

erties of elements gradually change from metallic (e.g., want to lose electrons) to non-

metallic (e.g., want to gain electrons) as we move across the periodic table, you might

expect the ‘desire’ to gain electrons (or affinity for electrons) would increase as we

move from left to right on the periodic table. Moreover, you might expect that because

the zigzag line is slanted to the right, the nonmetallic properties would increase toward

the top right corner of the table. In fact, this is true, and the atom with the strongest

‘desire’ or affinity for electrons is F, followed by O, N, and Cl. 

Now think about what happens when O, with a high affinity for electrons, forms

a chemical bond (i.e., shares electrons) with H, which has a lower affinity for elec-

trons. The sharing is not likely to be equal (sort of like the sharing of toys between

a 10-year-old boy and his 2-year-old brother). Oxygen (the bigger boy) will grab the

lion’s share of the negatively charged electrons in the chemical bond, imparting a
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Figure 2.4 Water molecules surround ions and interact with them through ion-dipole
intermolecular forces (to be discussed later in the book).



partial negative charge to the oxygen end of the molecule. Because water is neutral,

the hydrogen end would have to be correspondingly positive. The unequal sharing of

electrons is the basis for polarity in molecules.

Chemical compounds can be classified as either ionic or molecular (and you now

know how to tell the difference). You should also know that molecules can be either

polar or nonpolar. In fact, all compounds can be classified as either ionic, polar, or

nonpolar. For now, it would be useful for you to remember these general rules. Ionic

compounds and polar molecules tend to dissolve in polar solvents, while nonpolar

(i.e., oily) molecules dissolve in nonpolar solvents.

You already have a lot of practical experience with this general rule of solubil-

ity. You know that oil and water don’t mix, and you have certainly observed NaCl or

the polar sugar molecule dissolving in water. What do you think would happen if you

tried to dissolve NaCl in oil or gasoline?
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2.6Water is a good solvent for ionic compounds but is a nonelectrolyte, like most

molecular compounds. Why, then, are we cautioned not to handle electrical

appliances when our hands are wet with tap water?

Answer It is true that water is a nonelectrolyte and therefore cannot conduct

electricity. But this description applies to pure water such as distilled water.

Water from a tap comes originally from underground sources and usually con-

tains enough dissolved ions to become electrically conducting.

Test your understanding of the material in this chapter

I M P O R T A N T  T E R M S

Explain the following terms in your own words:

acid, p. 22

alkali metal, p. 15

alkaline earth metal, p. 15

anion, p. 17

atom, p. 9

atomic number, p. 11

base, p. 24

cation, p. 17

chemical formula, p. 16

chemical

nomenclature, p. 19

chemical property, p. 25

chemical reaction, p. 9

compound, p. 9

diatomic molecules, p. 16

diprotic acid, p. 24

electrolyte, p. 25

electron, p. 10

element, p. 9

family, p. 13

group, p. 13

halogen, p. 15

ion, p. 17

ionic compound, p. 17
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isotope, p. 11

mass number, p. 11

metal, p. 14

metalloid, p. 14

molecular

compound, p. 20

molecule, p. 15

monatomic, p. 18

monoprotic acid, p. 24

neutron, p. 10

noble gas, p. 15

nonelectrolyte, p. 25

nonmetal, p. 14

nucleus, p. 9

oxoacid, p. 23

oxoanion, p. 23

period, p. 13

periodic table, p. 12

physical property, p. 25

polar molecule, p. 26

polyatomic anion, p. 18

polyatomic

molecules, p. 16

proton, p. 9

representative

element, p. 21

solubility, p. 25

solute, p. 25

solution, p. 25

solvent, p. 25

transition metal, 22

triporotic acid, 24

C O N C E P T S

Explain in your own words:

• The structure of an atom.

• The difference between metals and nonmetals.

• The difference between molecules and ionic compounds and how to distinguish

between the two based on their chemical formulas.

• The physical properties of boiling point, melting point, and solubility and how

these properties differ among molecular and ionic compounds.

U N D E R S T A N D I N G  C H E M I S T R Y

To test your overall understanding of the material in this chapter, use what you have

learned to answer this question: What comes to mind when you look at a chemical

formula? For example, consider the chemical formula Na2CO3.

You should immediately note that the compound is made of a metal and two non-

metals so it is probably ionic (and named accordingly). Each of the Na atoms would

have lost an electron to become a sodium ion, a cation, and the rest of the compound

must be the anion. You should recognize the anion as carbonate with a charge of  2.

Thus, the name of this ionic compound is sodium carbonate. Because it’s ionic, it

must be a solid at room temperature and have a high melting point and boiling point.

You might also expect it to dissolve in a polar solvent such as water. If all this comes

to mind when you read Na2CO3, you are understanding chemistry. A useful mental

exercise to aid in your understanding of chemistry would be to go through a similar

analysis whenever you look at a chemical formula. This will help you think about

chemicals in terms of their structure and properties and not just as an abstract string

of letters.
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Chemical Reactions
Changing partners 3

he Chinese words for chemistry are “study of change,” which quite accu-

rately describes the subject. As we saw in Chapter 2, atoms undergo chem-

ical changes when they react to form molecules and ions. Of course, mol-

ecules and ions also react with one another to form other molecules and/or

ions. Although the total number of known elements is slightly over 100, the

number of ways that atoms, molecules, and ions can react with one another is in the tens of

millions (but don’t panic—most of these reactions are just variations on a few types). Before

we discuss types of chemical changes, you should learn how to describe these changes using

chemical equations. Once you are comfortable with representing chemical reactions with

chemical equations, you will learn how to recognize and think about a few important types of

chemical changes.

Chemical Equations

In order to write about chemical reactions, chemists have devised a standard way to represent

them. Consider what happens when hydrogen gas (H2) burns in air (which contains oxygen,

O2) to form water (H2O). This reaction can be represented by the chemical equation

H2(g)  O2(g) 888n H2O(l)

where the  sign means “reacts with” and the 888n sign means “to yield”

(that is, to produce). Thus, this equation can be read: “Molecular hydro-

gen gas reacts with molecular oxygen gas to yield water.” The reaction is

assumed to proceed from left to right as the arrow indicates. But there’s a

problem with the equation as it is written (do you see what it is?). We have

two oxygens on the left side of the arrow and only one oxygen on the right.

Chemists would say that the equation is not balanced. Chemical equations

must follow an extremely important rule (so important that it’s given a

“law” status in chemistry): you can’t create matter (i.e., atoms), and you

can’t destroy it, which is one way of stating the law of conservation of

mass. To abide by the law, we have to make sure that chemical equations

have the same number of each type of atom on both sides of the arrow.

That is, we must have as many atoms after the reaction ends as we did

T

The Chinese characters for
chemistry mean “the study of

change.”



before it started. We can balance this expression by placing an appropriate coefficient

(2 in this case) in front of H2 and H2O:

2H2  O2 888n 2H2O
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Two H2 molecules collide with one O2

molecule, and two H2O molecules are made.

This balanced chemical equation shows that “two hydrogen molecules can combine

or react with one oxygen molecule to form two water molecules.” H2 and O2 in the

previous equation are the reactants, the starting materials in the reaction, and water

is the product, the substance formed as a result of the reaction. A chemical equation,

then, can be thought of as the chemist’s shorthand description of a reaction. (As we

will see later, a chemical equation is quite similar to an algebraic equation like a  

b  c.) In a chemical equation, the reactants are conventionally written on the left

and the products on the right of the arrow:

reactants 888n products

To accurately describe a reaction, it is important to use the abbreviations g, l,

s, or aq in parentheses to describe the physical state of the chemical—gas, liquid,

solid, or aqueous (which means dissolved in water, as shown in Figure 2.4). For

example,

2CO(g)  O2(g) 888n 2CO2(g)

2HgO(s) 888n 2Hg(l)  O2(g)

To describe the processes of sodium chloride dissolving in water, we write

H2O
NaCl(s) 888n NaCl(aq)

Writing H2O above the arrow symbolizes the physical process of dissolving a sub-

stance in water (which is not a chemical change), although it is sometimes left out

for simplicity.

These abbreviations not only remind us of the physical state of the reactants and

products, but they also tell us how to carry out experiments involving the chemical

reactions. For example, when aqueous solutions of potassium bromide (KBr) and sil-

ver nitrate (AgNO3) are mixed together, a solid, silver bromide (AgBr), is formed and

settles at the bottom of the container. This reaction can be represented by the equation

KBr(aq)  AgNO3(aq) 888n KNO3(aq)  AgBr(s)

The same equation omitting the physical states of reactants and products would be

KBr  AgNO3 888n KNO3  AgBr



Because no physical states are given, one might try to carry out this reaction by mix-

ing solid potassium bromide with solid silver nitrate. But solid potassium bromide

and silver nitrate, when mixed together, would react very slowly or not at all. If we

could look at the process on the microscopic level, we’d see that when dissolved, Ag 

and Br ions (from the ionic compounds AgNO3 and KBr) bump into each other to

form AgBr. In the solid state, these ions are locked in place and have little mobility. 
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Dissolved silver ions and bromide ions

combine to form insoluble silver bromide.
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3.1When iron (Fe) is exposed to moist air (which contains oxygen), it slowly forms

rust, which is Fe2O3. The same compound can be formed more rapidly by burn-

ing iron in an atmosphere of oxygen gas. Describe in words what can be

deduced from the following chemical equation:

4Fe(s)  3O2(g) 888n 2Fe2O3(s) 

Answer 1. Solid iron reacts with O2 (oxygen gas) to form solid iron oxide,

Fe2O3 (what is this called?). 2. Four iron atoms react with three oxygen mole-

cules to produce two units of Fe2O3.

A chemical equation is simple and informative in describing the overall change,

but it’s not a complete description of what actually happens during the reaction. It says

nothing about how products are formed from reactants or how long it will take for the

change to occur. The reaction discussed in Example 3.1 is a good illustration of the

limitation of chemical equations. Normally, the rusting of an iron nail would take days

or weeks. On the other hand, Fe2O3 can be formed within seconds when iron is burned

in oxygen. Yet, both of these processes are represented by the same equation.

Balancing Chemical Equations
Suppose we want to write an equation to describe a chemical reaction that we have

just carried out in the laboratory. How should we go about doing this? Because we

know the identities of the reactants, we can write the chemical formulas for them.

The identities of products are more difficult to establish. For simple reactions, it is



often possible to guess the product(s). For more complicated reactions, where there

may be three or more products, chemists may need to carry out further tests to fig-

ure out the identity of the products. As we will see later in this chapter, knowing the

type of reaction will often help us guess intelligently what products may be formed.

We can also learn a lot about a reaction by observing its progress. For example, we

can conclude that a gaseous product is formed if we see bubbles appearing in an aque-

ous reaction. Color change is another indication that a chemical reaction has occurred

and can sometimes provide clues about the nature of the products. Once we have iden-

tified all the reactants and products and have written their chemical formulas, we

assemble them in the conventional sequence—reactants on the left separated by an

arrow from products on the right. The equation written at this point is most likely to

be unbalanced, that is, the number of each type of atom on both sides of the equa-

tion is not equal. Balancing equations is just a matter of making sure that we have

the same number of each type of atoms on both sides of the arrow.

Let’s consider an example. Methane (CH4), the gas used in Bunsen burners and

gas cooking-ranges, burns in air (which contains oxygen) to form carbon dioxide

(CO2) and water (for convenience, we omit the physical states of the chemicals here).

CH4  O2 888n CO2  H2O

First we note that the C atoms are already balanced, but the H and O atoms are not.

We can deal with either one first; it really doesn’t matter. To balance the H atoms,

we put a “2” in front of H2O and get

CH4  O2 888n CO2  2H2O

All that remains is to put a “2” in front of O2 (to balance the O atoms). The final

balanced equation now looks like

CH4  2O2 888n CO2  2H2O

A quick tally shows that there are one C atom, four H atoms, and four O atoms on

both sides of the arrow.

C H A P T E R  3 Chemical Reactions32

Write a balanced equation to represent the reaction between sodium metal (Na)

and water to form sodium hydroxide (NaOH) and hydrogen gas (H2).

Answer First we write

Na  H2O 888n NaOH  H2

We see that both the Na and O atoms are balanced, but the H atoms are not.

Because the H atoms will always be even on the left of the arrow, we multiply

NaOH by 2 so that the H atoms are also even on the right of the arrow and

obtain

Na  H2O 888n 2NaOH  H2

All that is left is to add a “2” to both Na and H2O to arrive at the final equa-

tion:

2Na  2H2O 888n 2NaOH  H2

The final tally shows that there are two Na atoms, four H atoms, and two O

atoms on both sides of the arrow.

Visit the website for more problems on balancing chemical equations.
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Major Types of Chemical Reactions There are only three!

Nearly all of the chemical reactions you will see in general chemistry are one of three

types: precipitation, acid-base, and oxidation-reduction. In fact, most chemical reac-

tions are either acid-base or oxidation-reduction, which, as we will see later,

involve the transfer of protons or electrons, respectively. Imagine that! Most of the

millions of chemical reactions involve the transfer of only one or the other of these

subatomic particles. If you keep this in mind, it should prove to be another bonus for

understanding chemistry. 

Precipitation Reactions
Precipitation reactions usually occur in aqueous solution and result in the formation

of an insoluble product, or precipitate. (In chemistry, precipitation refers to the for-

mation of a solid from an aqueous or liquid environment as opposed to the precipi-

tation that weather forecasters talk about when water vapor condenses to form rain.)

Most of the precipitation reactions you will see in general chemistry involve ionic

compounds. For example, when an aqueous solution of lead nitrate [Pb(NO3)2] is

mixed with an aqueous solution of potassium iodide (KI), a yellow precipitate of lead

iodide (PbI2) is formed:

Pb(NO3)2(aq)  2KI(aq) 888n PbI2(s)  2KNO3(aq)

This balanced equation is essential if we want to actually carry out the reaction

because it tells us that we have to prepare solutions of lead nitrate and potassium

iodide and then mix them together. But it doesn’t effectively depict the reaction

because the formation of lead iodide requires only the interaction between lead and

iodide ions. There are three steps to writing an equation representing the precipitation

of lead iodide (or any other similar reaction) in a way that shows only the participants

in the reaction. The first step is to write the balanced chemical equation including all

the reactants and products as shown previously. Because the reactants are aqueous

solutions, we know that both Pb(NO3)2 and KI are dissociated into ions in water:

H2O
Pb(NO3)2(s) 888n Pb2 (aq)  2NO 3(aq)

and KI(s) 888n K (aq)  I (aq)
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Dissolved lead ions and iodide ions combine to form insoluble lead iodide.

H2O



You can imagine these ions moving randomly in the mixed solution, and the encounter

between Pb2 and I ions leads to the build up of PbI2 precipitate. The second step

is to describe the reaction in terms of the dissociated ions and the solid product:

Pb2 (aq)  2NO 3(aq)  2K (aq)  2I (aq) 888n

PbI2(s)  2K (aq)  2NO 3(aq)

This equation is called the ionic equation because the reactants and products are

shown as ions. Note that K and NO 3 are present on both sides of the equation. This

implies that nothing happens when K ions bump into NO 3 ions; that is, these ions

don’t participate in the reaction. For this reason, they are called spectator ions (very

much like what you do when you go to see a basketball game). Note that PbI2 is not

written as ions because it is a solid.

Because a chemical equation is like an algebraic equation, we can cancel the K 

and NO3
 ions on both sides of the arrow. Therefore, the third and last step of repre-

senting this reaction is to show what is actually taking place in solution:

Pb2 (aq)  2I (aq) 888n PbI2(s) 

This is called the net ionic equation because it describes only the net change of the

reaction. 

In studying precipitation reactions, you are expected to be familiar with all three

steps in writing equations. The first step is useful because it tells you which reagents

to use. The second step, the total ionic equation, gives a more accurate picture of all

the species present in the reaction mixture. Finally, the net ionic equation focuses only

on the change that occurs in solution. As we will see shortly, net ionic equations are

also helpful in following acid-base and oxidation-reduction reactions.

In the previous example, we were given the reactants and products and their phys-

ical states. But what if we were given only the starting materials? Can we tell before-

hand if a precipitate will form when we mix two solutions together? Yes, because it

is simply based on whether or not a compound is soluble, and the solubilities of thou-

sands of compounds have been determined experimentally and are compiled in con-

venient tables. Of course, you don’t have to memorize the solubilities of all these

compounds if you can look them up in a table. But it’s helpful to remember this: The

presence of certain ions in a compound will make that compound soluble in water

regardless of the nature of the counter ion in the compound. For example, the fol-

lowing generalizations are useful to keep in mind:

1. Compounds containing the alkali metal ions (for example, Li , Na , K )

are soluble regardless of what the anions are.

2. Compounds containing the ammonium ion (NH4
 ) are soluble regardless of

what the anions are.
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3. Compounds containing the nitrate (NO 3), bicarbonate (HCO 3), and

chlorate (ClO 3) ions are soluble regardless what the cations are.

As you might expect, there are also ions that usually form insoluble compounds,

and you are probably already familiar with some common examples. Have you ever

tried to dissolve a piece of chalk? Compounds containing carbonate or phosphate

(except those of alkali metal and ammonium ions) are insoluble. For example, the

ionic compound calcium carbonate (CaCO3), which is the major ingredient in black-

board chalk, is insoluble in water. The magnificent stalactites and stalagmites you may

have seen in caves are composed of calcium carbonate as well, and their formation

is simply a precipitation reaction. Our bones are made up mostly of another insolu-

ble compound, calcium phosphate [Ca3(PO4)2]. What about compounds containing all

the other types of ions? You can always look up the solubility of a compound in a

table. There are handy chemical reference books (called handbooks) and websites that

list the solubilities for countless compounds.

Acid-Base Reactions

Acids and bases are as familiar to us as aspirin and milk of magnesia. In addition to

being the basis of many medicinal and household products, acid-base chemistry is

important in industrial processes and essential in sustaining biological systems.

Acids are generally defined as substances that release H ions in solution. (Note

that the H ion is commonly referred to as a proton. When an H atom loses its elec-

tron, all that’s left is a proton in the nucleus.) They have a sour taste (examples are

vinegar, which contains acetic acid, and lemon, which contains citric acid), and they

turn blue litmus paper red. Bases are substances that produce OH ions in solution.

Some of them have a bitter taste, and they turn red litmus paper blue.

The most practical definition of acids and bases was provided by the Danish

chemist Johannes Brønsted. According to the definition, a Brønsted acid is a pro-

ton donor, and a Brønsted base is a proton acceptor. Within Brønsted’s definition,

therefore, an acid-base reaction can be viewed as a proton-transfer reaction, that is,

from a Brønsted acid to a Brønsted base.

Let’s apply this definition to hydrochloric acid—HCl(aq). In Chapter 2 we saw

that in the gas phase, HCl is called hydrogen chloride and is a molecular compound.

First, we bubble HCl gas into water so it is transferred to the aqueous environment:
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Brønsted defines acids and bases.



H2O
HCl(g) 888n HCl(aq)

Once in water, HCl ionizes into H and Cl ions

HCl(aq) 888n H (aq)  Cl (aq)

and this ability to release H in water qualifies HCl as a Brønsted acid. However, the

Brønsted definition of an acid is a proton donor. To whom does the Brønsted acid

HCl donate a proton? The only other species around is water; the proton in this case

is transferred to H2O. According to the Brønsted definition, water is acting as a base

because it is accepting a proton.

A proton is extremely small with a diameter of about 10 15 m, compared to a

diameter of 10 10 m for an average atom. To really understand acid-base chemistry,

you need to think about what happens to a proton in water. This tiny charged parti-

cle is unlike any other positively charged species you might run into in an aqueous

solution. As it turns out, the proton has such a strong attraction for the negative pole

(the O atom) of the polar water molecule that it readily sticks to any water molecule

in sight. In fact, it is known that the proton exists in an associated form with one or

more H2O molecules. For simplicity, we assume that it is only one water per proton

and write the formula as H (H2O) or simply H3O , which is called the hydronium

ion. The ionization of hydrochloric acid can now be expressed more correctly as

HCl(aq)  H2O(l) 888n H3O (aq)  Cl (aq)
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Hydrochloric acid donates a proton to water
to produce hydronium ion and chloride ion.

This is an example of an acid-base reaction in which HCl acts as a Brønsted acid to

donate a proton (H ) to water, which acts as a Brønsted base.

Acids that you will frequently encounter (carefully) in the laboratory are

hydrochloric acid (HCl), nitric acid (HNO3), acetic acid (HC2H3O2), sulfuric acid

(H2SO4), and phosphoric acid (H3PO4). The first three are examples of monoprotic

acids; that is, each unit of the acid yields one hydrogen ion upon ionization:

HCl(aq)  H2O(l) 888n H3O (aq)  Cl (aq)

HNO3(aq)  H2O(l) 888n H3O (aq)  NO 3(aq)

HC2H3O2(aq)  H2O(l) 888zy888 H3O (aq)  C2H3O2
 (aq)

Notice that we used a single arrow for the first two reactions and a double arrow

for the last one. The reason is that both HCl and HNO3 are strong electrolytes,

which means they have a tendency to completely split (or ionize) into cations and

anions when dissolved in water. When the reaction is complete, essentially all of



the acids have ionized. Because this is a one-direction process from left to right,

we used a single arrow. The double arrows used for HC2H3O2 mean this is a

reversible reaction. Initially, a number of HC2H3O2 molecules react with H2O to

form C2H3O 2 and H3O ions. As time goes on, some of the C2H3O 2 and H3O 

ions run into each other in solution and recombine to form HC2H3O2 and H2O mol-

ecules. At the same time, some other HC2H3O2 molecules react with H2O. Eventu-

ally, a state is reached in which the acid molecules ionize as fast as the ions recom-

bine. Such a chemical state, in which no net change can be observed (although there

is busy two-way traffic going on at the molecular level), is called chemical equi-

librium. Chemical equilibrium is an extremely important concept we will discuss

further in Chapter 8.

The main difference between HCl and HNO3 on one hand and HC2H3O2 on the

other is that HCl and HNO3 ionize completely and HC2H3O2 does not. HCl ionizes

completely because the H3O and Cl ions have no tendency to recombine to form

HCl and H2O. Likewise, HNO3 ionizes completely because H3O and NO3
 ions have

no tendency to recombine. In contrast, H3O and C2H3O 2 ions do have a tendency

to recombine to form acetic acid and water. So what really distinguishes the acids that

ionize completely (the strong acids) from those that do not (the weak acids) is the

anion. HCl is a strong acid because Cl simply does not want to hang on to a pro-

ton if it’s in water; in other words, Cl is a very weak base because it’s a poor pro-

ton acceptor. Similarly NO 3 will not take a proton from H3O because it is also a

very weak base. If you think about it, water must therefore be a stronger base (that

is, a better proton acceptor) than either Cl or NO 3 because all of the protons from

the corresponding acids are associated with water. The proton will stick to whichever

is the stronger base. On the other hand, only a small fraction of HC2H3O2 molecules

react to form C2H3O 2 and H3O ions and the rest of them remain intact. For exam-

ple, in vinegar (that is, aqueous HC2H3O2), only a few percent of the acetic acid mol-

ecules are ionized. Using the same reasoning as before, it follows that C2H3O 2 is a

stronger base than either Cl or NO 3. Is C2H3O 2 a stronger base than water? Yes,

because most of the protons end up associated with C2H3O 2 (as HC2H3O2) instead

of water. 

Because HCl and HNO3 ionize completely and are strong electrolytes, they are

called strong acids, whereas HC2H3O2 is called a weak acid because it ionizes par-

tially and is a weak electrolyte. We will use a single arrow for strong acids and dou-

ble arrows for weak acids. How do we know which acids are strong and which are

weak? It’s actually pretty easy because there are only six strong acids you will

encounter in general chemistry. They are H2SO4(aq), HNO3(aq), HClO4(aq),

HCl(aq), HBr(aq), and HI(aq). All the rest of the acids are weak. A general rule in

writing chemical formulas of acids is that acids have hydrogen at the beginning of the
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chemical formula. At this point, you might wonder if water is an acid because it has

hydrogen at the beginning of the formula. The answer is yes, but it’s a very weak one.

As we have seen, water can also act as a base. Water has the unusual property of

being able to act as either an acid or a base.

Sulfuric acid (H2SO4) is a diprotic acid because each unit of the acid gives up

two H ions, which we can consider as two separate steps:

H2SO4(aq)  H2O(l) 888n H3O (aq)  HSO 4(aq)

HSO 4(aq)  H2O(l) 888zy888 H3O (aq)  SO2 
4 (aq)

We use a single arrow for the first step because H2SO4 is a strong acid and double

arrows for the second step because HSO4
 (hydrogen sulfate) is a weak acid. Both

H2SO4 and HSO4
 behave as Brønsted acids because they are proton donors. 

There are very few triprotic acids, acids that yield three H ions when they ion-

ize. The only one of importance in general chemistry is phosphoric acid (H3PO4),

whose stepwise ionizations are

H3PO4(aq)  H2O(l) 888zy888 H3O (aq)  H2PO 4(aq)

H2PO 4(aq)  H2O(l) 888zy888 H3O (aq)  HPO2 
4 (aq)

HPO2 
4 (aq)  H2O(l) 888zy888 H3O (aq)  PO3 

4 (aq)

Again, the double arrows tell us that all three species, H3PO4, H2PO4
 (called dihy-

drogen phosphate), and HPO2
4
 (called hydrogen phosphate), are weak acids.

The Brønsted definition of a base is a substance that can accept a proton (H ).

We have already seen two examples of substances acting as bases—water and acetate

ion. The most common base is the hydroxide ion (OH ). Because the charged hydrox-

ide ion cannot exist alone outside of water (that is, you won’t ever see a bottle of

pure hydroxide ions), it is usually found in ionic compounds like sodium hydroxide

(NaOH), which is referred to as a strong base. Strictly speaking, NaOH itself is not

a Brønsted base because it can’t accept a proton. But NaOH dissociates completely

in water to produces OH ions

H2O
NaOH(s) 888n Na (aq)  OH (aq)

and the OH ion can accept a proton. So it’s the OH that is the base. Thus, if you

add hydroxide ions to a solution containing an acid, they will accept protons from the

acid to form water. Because an acid in water is really a solution containing H3O (aq)

ions, it is more accurate to say that a hydroxide ion can react with a hydronium ion

to produce two water molecules:

OH (aq)  H3O (aq) 888n 2H2O(l)

This equation is the net ionic equation of all acid-base reactions in the Brønsted

scheme where OH is the Brønsted base and H3O is the Brønsted acid. At this point

you may wonder if the OH ion would react with water itself. The answer is yes, and

the reaction is

OH (aq)  H2O(l) 888zy888 H2O(l)  OH (aq)

This is also a Brønsted acid-base reaction (with OH as the base and H2O as the

acid), but the products are the same as the reactants so we won’t bother with it.

Like diprotic acids, some bases contain two OH ions per unit, such as barium

hydroxide:

H2O
Ba(OH)2(s) 888n Ba2 (aq)  2OH (aq)
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Note that like NaOH, Ba(OH)2 is called a base even though it is the OH ions that

act as the Brønsted base.

Another important base is ammonia (NH3). How can it be a base if it doesn’t

contain an OH group like NaOH? Because in solution, ammonia will take a proton

from a water molecule (which acts as an acid), according to the equation

NH3(aq)  H2O(l) 888zy888 NH 4(aq)  OH (aq)

so it is a proton acceptor and therefore a Brønsted base. Note that we used the double

arrows here because NH3 is a weak base (and a weak electrolyte). In solution, very few

NH3 molecules undergo this reaction with water molecules. Most of them remain intact.

(Although ammonia is a weak base, it’s still a much stronger base than water.)

At this point we have discussed many different acids and only a few bases. Are

there other bases? As it turns out, within every weak acid lies a weak base. Consider

the example of acetic acid on p. 36. The double arrows in the equation indicate that

the reverse reaction occurs when acetate ion takes a proton from hydronium ion; there-

fore, acetate ion acts as a base.

C2H3O 2(aq)  H3O (aq) 888n HC2H3O2(aq)  H2O(l)

Similarly, all anions produced by the ionization of weak acids will accept a pro-

ton from hydronium ion. For example, SO2 
4 , H2PO 4 , HPO 4 , and PO3 

4 , are all bases

because they will accept protons from hydronium ions to form the parent acid as

shown in the reverse reactions on p. 38. There is no need to memorize these or any

other anions as long as you can recognize weak acids and you understand the nature

of acid-base reactions. 

Mixing Acids and Bases Can Produce Salts

When you mix an acid with a hydroxide compound in water, the protons from the

acid react with the hydroxide ion to form water, and you’re left with the cation from

the hydroxide compound and the anion from the acid, or an aqueous solution of salt.

Remember from Chapter 2 we said that most ionic compounds are salts. For exam-

ple, if hydrochloric acid is added to a sodium hydroxide solution, the reaction that

takes place is

HCl(aq)  NaOH(aq) 888n NaCl(aq)  H2O(l)

Sodium chloride, then, is a salt that contains the cation from the base and the anion

from the acid. Because both HCl and NaOH ionize completely in water, we can

rewrite the previous equation as

H (aq)  Cl (aq)  Na (aq)  OH (aq) 888n Na (aq)  Cl (aq)  H2O(l)

According to the equation, the only reaction that occurs is between H and OH ions:

H (aq)  OH (aq) 888n H2O(l)

Note that the H ion is actually H3O in solution (see equation on p. 38).

Therefore, whenever H and OH ions are produced by acids and bases in solu-

tion, they rapidly and completely combine to form H2O molecules. This is the essence

of an acid-base neutralization reaction, that is, the reaction between an acid and a

base to produce a salt and water. The characteristic feature of such acid-base neu-

tralization reactions is that the base is always OH .

The following are also examples of acid-base neutralization reactions:

HF(aq)  KOH(aq) 888n KF(aq)  H2O(l)

H2SO4(aq)  2NaOH(aq) 888n Na2SO4(aq)  2H2O(l)
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At this point you may be feeling a bit overwhelmed by all these reactions, so it’s

important that you understand the chemistry and not get bogged down by the differ-

ent chemical equations. There are a few important points to keep in mind that will

help you understand all acid-base reactions. 

1. When you place an acid in water, the acid molecules will ionize to give

protons to water to form hydronium ions, although the extent to which

they do this varies. With strong acids, all of the molecules give up their

protons, and with weak acids, only a small number of the molecules give

up their protons to water.

2. The most common base, the hydroxide ion, can be produced in water by

dissolving an ionic hydroxide compound such as NaOH. Weak bases, like

ammonia or the anion from any weak acid (e.g., the acetate ion), will also

produce hydroxide ions in water by taking a proton from water and

producing a OH ion, but only to a small extent.

3. If you mix an acid solution with a hydroxide solution (e.g., NaOH), the

protons from the acid will combine with the hydroxide ions to form water

molecules. This is called an acid-base neutralization reaction, which is also

characterized by the formation of a salt.

For now, it is important that you understand these three points about acid-base

chemistry. You should also be able to recognize an acid-base reaction from its chem-

ical equation—it simply requires recognizing acids and bases themselves. The exam-

ples we’ve looked at in this chapter, as well as the acids described in Chapter 2 (with

which you should be familiar by now), represent most of the ones you are likely to

encounter in general chemistry. 

Oxidation-Reduction Reactions

Whereas acid-base reactions can be characterized as proton-transfer processes, the last

of the three classes of reactions, called oxidation-reduction, or redox, reactions,

involves the transfer of electrons between two substances. One substance loses elec-

trons, called oxidation, while the other substance gains electrons, called reduction.

Which substances tend to lose electrons, and which tend to gain them? As we said in

Chapter 2, nonmetals will grab electrons if given a chance, and metals like to lose

electrons. 

Consider the reaction between sodium metal and chlorine gas, both highly reac-

tive elements. If we heat sodium in an atmosphere of chlorine, a violent reaction

occurs. After the smoke has subsided, the only substance left is sodium chloride in

the form of a white powder. Sodium chloride, as we know, is an ionic compound con-

taining Na and Cl ions. So in this reaction, the Na metal must have transferred

electrons to the Cl2 molecule. Although the electrons are transferred directly, it is often

useful to think about the transfer as the sum of two separate processes, which can be

written as half-reactions:

Na 888n Na  e 

Cl2  2e 888n 2Cl 

Note that because chlorine is a diatomic molecule, we need two electrons per mole-

cule. In order for the electrons to add up, we have to multiply the sodium half-reaction

by 2 to give the overall equation:

2Na(s)  Cl2(g) 888n 2NaCl(s)
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This reaction is an example of a redox reaction. The sodium metal, which has lost

an electron, is said to be oxidized, and the chlorine molecules, which accept elec-

trons, are said to be reduced. For this reason, Na is also called a reducing agent

(because it reduces Cl2 molecules), and Cl2 is called an oxidizing agent (because it

oxidizes the Na metal). This may seem confusing, but it’s simply the result of the

definitions of oxidation and reduction previously given. A useful mnemonic for redox

reactions is OILRIG: Oxidation Is Loss (of electrons) and Reduction Is Gain (of

electrons).

There are many examples of redox reactions. Calcium metal reacts with oxygen

to form calcium oxide (CaO):

2Ca(s)  O2(g) 888n 2CaO(s)

In terms of half-reactions, we write

2Ca 888n 2Ca2 
 4e oxidation

O2  4e 888n 2O2 reduction

(Recall that Ca is a Group 2A element, so we expect each Ca atom to lose two elec-

trons to form the Ca2 ion.) Here, Ca is the reducing agent because it loses electrons,

and O2 is the oxidizing agent because it accepts electrons.

When we add zinc metal to a copper sulfate (CuSO4) solution, we observe the

disappearance of the blue color (due to Cu2 ions in water) as a result of the reaction

Zn(s)  CuSO4(aq) 888n ZnSO4(aq)  Cu(s)

or, in terms of net ionic equation

Zn(s)  Cu2 (aq) 888n Zn2 (aq)  Cu(s)

Note that SO2 
4 is a spectator in this reaction. The electron-transfer process can be

represented by the half-reactions

Zn 888n Zn2 
 2e 

Cu2 
 2e 888n Cu

So far so good. However, it turns out that the vast majority of redox reactions do

not involve the complete transfer of electrons. Consider, for example, the reaction

between hydrogen and chlorine gases:

H2(g)  Cl2(g) 888n 2HCl(g)
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The product, hydrogen chloride (HCl), is a molecular compound and does not con-

tain any ions. Yet, this reaction is also classified as a redox reaction. Why? It’s because

the electrons in the chemical bond joining the two atoms, H—Cl, are shifted toward

the Cl atom, which has a greater attraction for them. In this sense we can say that

hydrogen is oxidized and chlorine is reduced even though there is only a partial trans-

fer of electrons from hydrogen to chlorine. Essentially anytime you produce a polar

molecule, where electrons are not shared equally, you are transferring electrons (if

only a little). 

To keep track of electrons in redox reactions in general, we use the term oxida-

tion number, which is the number of charges the atom would have in a molecule (or

ionic compound) if electrons were transferred completely. In an ionic compound, the

electrons are transferred completely, so the oxidation number is the same as the charge

on the ion. It is important to realize that oxidation number is simply a useful book-

keeping tool even if the atoms don’t transfer their electrons completely. The element

that shows an increase in oxidation number is oxidized, and the one that shows a

decrease in oxidation number is reduced. Referring to the formation of sodium chlo-

ride, we can now write

0 0  1  1

2Na  Cl2 888n 2NaCl

The numbers above the element symbols are the oxidation numbers. Because there is

no charge on the Na and Cl atoms in their elemental state, their oxidation number is

zero. This is a rule for all atoms in the elements. In NaCl, sodium has a charge of

 1 and therefore also an oxidation number  1. By the same token, chlorine has an

oxidation number of  1 in NaCl because it bears a negative charge. Similarly, for the

formation of HCl, we have

0 0  1  1

H2  Cl2 888n 2HCl

Thus, hydrogen has an oxidation number of  1 and chlorine an oxidation number of

 1. When assigning oxidation numbers for molecular compounds, how do we know

which atom gets the electrons? (Remember, we’re just pretending a complete trans-

fer occurs for bookkeeping purposes.) In this case, we know that Cl gets most of the

electrons because it’s farther to the right on the periodic table (remember as we move

across horizontal periods the atoms want electrons more).

In studying redox reactions, our first step is often assigning oxidation numbers

to elements because it helps us identify the oxidizing and reducing agents. It is use-

ful to remember the following rules:

1. All elements have an oxidation number of zero.

2. The oxidation number of metal ions is just their charge.

3. Hydrogen tends to lose its electron to nonmetals and take electrons from

metals. It usually has an oxidation number of  1 except when it is

combined with a metal, for example, sodium hydride (NaH). Then its

oxidation number becomes  1.

4. For the remaining elements (mostly the nonmetals), the oxidation number

depends on with whom they bond. The electrons will be assigned to the

atom that has the greater attraction for electrons, but let’s just consider C,

N, O, F, and Cl. The tendency for the element to accept electron(s) in a

bond increases as follows: C  N  Cl  O  F. Fluorine always has an

oxidation number of  1, while others may have either positive or negative

oxidation numbers, depending on the particular compound (that is, with
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what they bond). For example, O will have only a positive oxidation

number when it bonds with F. It has a negative oxidation number when it

bonds with any other atom in a compound.

Here’s a useful way to determine the oxidation number of an element. First, we

need to know how atoms are connected to one another by chemical bonds. (You will

gradually become familiar with chemical formulas showing chemical bonds as you

learn the subject.) In ammonia the bonding scheme is

Each line represents a chemical bond made up of two electrons, one from each bond-

ing atom (N and H). Because nitrogen has a greater tendency to accept electrons than

hydrogen, we can illustrate this process as follows:

Each arrow represents the transfer of both electrons in the bond to the N atom.

Remember, we’re just bookkeeping here; the electrons aren’t really transferred com-

pletely. Consequently, the N atom would have a net charge of  3 due to the three

electrons from the H atoms and hence an oxidation number of  3, while each H atom

will have a charge of  1 and an oxidation number of  1. Of course, we know that

N doesn’t really have a charge of  3 and hydrogen doesn’t really have a charge of

 1 because ammonia is a molecule, but the oxidation number tells us who gained the

lion’s share of the bonding electrons and who didn’t. 

In some molecules, atoms are joined by double bonds (two lines). An example is

carbon dioxide (CO2):

Because oxygen has a greater tendency to accept electrons than carbon, we have

In the end, each O atom will gain a net charge of  2 (oxidation number of  2),

while the C atom will have a net charge of  4 (oxidation number  4).

Understanding oxidation numbers reinforces your understanding of chemical

reactions and the fact that electrons are transferred completely to form ionic com-

pounds or just partially to produce polar molecules.

Check out the website for exercises in classifying chemical reactions.

Test your understanding of the material in this chapter
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I M P O R T A N T  T E R M S

Explain the following terms in your own words:

acid-base neutralization

reaction, p. 39

acid-base reaction, p. 33

Brønsted acid, p. 35

Brønsted base, p. 35

chemical equation, p. 29

chemical

equilibrium, p. 37

half-reactions, p. 40

hydronium ion, p. 36

ionic equation, p. 34

law of conservation of

mass, p. 29

net ionic equation, p. 34

oxidation, p. 40

oxidation number, p. 42

oxidation-reduction

reaction, p. 40

oxidizing agent, p. 41

precipitate, p. 33

H

H

HN— —

—

H

H

HN— —

—

O OC—— ——
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precipitation

reaction, p. 33

products, p. 30

reactants, p. 30

redox reaction, p. 40

reducing agent, p. 41

reduction, p. 40

salt, p. 39

strong acid, p. 37

strong base, p. 38

weak acid, p. 37

weak base, p. 39

C O N C E P T S

Explain in your own words:

• The meaning of a chemical equation and how to balance it.

• The characteristics of a precipitation reaction and the usefulness of ionic and

net ionic equations.

• Brønsted acids and Brønsted bases, weak and strong acids and bases, the

hydronium ion, acid-base reactions, and salt.

• The nature of oxidation-reduction reactions, oxidizing and reducing agents, and

oxidation number.

U N D E R S T A N D I N G  C H E M I S T R Y

To test your understanding of the material in this chapter, particularly with respect

to identifying the type of chemical reaction, you should become adept at recogniz-

ing chemical compounds. At this stage, you should know which are acids, which are

bases, and which are salts. 

Let us first focus on precipitation reactions. From the list of cations and anions

that form soluble compounds, it is relatively easy to predict the outcome of a precip-

itation reaction. When a solution of barium nitrate [Ba(NO3)2] is mixed with a solu-

tion of sodium sulfate (Na2SO4), a precipitate is formed.

Ba(NO3)2(aq)  Na2SO4(aq) 888n ?

In solution, the starting substances are dissociated into Ba2 , NO3
 , Na , and SO4

2 

ions. We know that Na and NO3
 will not form a precipitate because both ions form

soluble compounds. So the likely candidate for precipitation is BaSO4. This is indeed

the case. You may be interested to know that because BaSO4 is insoluble and Ba is

opaque to X ray, the compound is used medically to diagnose digestive tract ailments

in a process called barium enema. As mentioned earlier, the most reliable source of

the solubility of compounds is a chemistry handbook.

BaSO4 is a salt in which the cation (Ba2 ) is derived from barium hydroxide

[Ba(OH)2] and the anion is derived from sulfuric acid (H2SO4):

BaSO4

from Ba(OH)2 from H2SO4

So how would you prepare BaSO4 by an acid-base reaction? Simply by reacting

Ba(OH)2 with the acid H2SO4:

Ba(OH)2(aq)  H2SO4(aq) 888n BaSO4(s)  2H2O(l)

Finally, let’s see how the acid and the base used in these reactions are prepared.

First consider Ba(OH)2. Experiments show that when barium metal is placed in water,

hydrogen gas is produced. The reaction can be represented by

Ba(s)  2H2O(l) 888n Ba(OH)2(aq)  H2(g)

Try to determine the oxidation numbers of the elements in both the reactants and prod-

ucts. Is it a redox reaction? Is it a precipitation reaction? If you answered yes to the

first question and no to the second question, you are on the right track.

8n

8
n



How about H2SO4? This is a more complicated case as it involves several steps.

First, we burn sulfur in air to form sulfur dioxide:

S(s)  O2(g) 888n SO2(g)

Next, we react sulfur dioxide with oxygen to form sulfur trioxide:

2SO2(g)  O2(g) 888n 2SO3(g)

Finally, we bubble the SO3 gas into water to form sulfuric acid:

SO3(g)  H2O(l) 888n H2SO4(aq)

How would you characterize the first and second reaction?
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ow that you’ve learned how to interpret and balance chemical equations,

you are ready to put this knowledge to practical use. Because chemical

equations represent chemical reactions, they are used in practice to figure

out how to prepare useful compounds. It’s actually a lot like cooking. In

order to prepare a certain amount of food, you have to use ingredients in the

right proportions. In chemistry you have to use the right amount of reactants to yield a cer-

tain amount of product. In fact, a lot of cooking involves chemical reactions. For example,

NaHCO3 (baking soda) is used in baking to make bread, cookies, and cakes because it pro-

duces carbon dioxide gas when heated. You can imagine the effects of using too little or too

much baking soda. To prepare a chemical reaction in a laboratory, you have to know how much

of each reactant (that is, their masses) to add to obtain a certain amount of prod-

uct. The study of mass relationships in chemical reactions is called stoichiometry

(stoy key ah ma tree), a word coined by Jeremias Richter in 1792. This unfa-

miliar-sounding word comes from a combination of the Greek words for some-

thing that can’t be divided,          , and determining relative magnitudes,

       . In your general chemistry course, you will have to solve many stoi-

chiometric problems. Although these types of problems sometimes give begining

chemistry students a lot of trouble, the logic and the procedure for solving them

are really quite straightforward if you understand the basic ideas behind it.

The Masses of Atoms, Molecules, and Ionic Compounds

How much do they weigh, and what ’s the easiest way to weigh them?

Chemical equations tell us how many atoms, molecules, or ions react to form a certain num-

ber of atoms, molecules, or ions, but they don’t tell us anything about their masses (that

is, how much we have to weigh out to mix them together). It’s not difficult to understand

the connection between atoms and masses in chemical reactions. For example, if we wanted

to prepare water from hydrogen and oxygen, we know from the balanced equation that it

takes two hydrogen molecules to react with one oxygen molecule to produce two water

molecules:

2H2(g)  O2(g) 888n 2H2O(l) 

N



Does this mean we can simply combine 2 g of hydrogen with 1 g of oxygen to get

2 g of water? No, that would be like preparing a ham sandwich by combining 1 lb

of ham with 2 lb of bread slices. Just as the ham weighs more than the bread slices,

we know the oxygen molecule is heavier than the hydrogen molecule because it has

many more protons, neutrons, and electrons.

In order to know how much of each molecule to use, we have to know their

masses, which requires that we know the masses of the hydrogen and oxygen atoms

(that is, the atomic mass for each element). As you may have already noticed, the

atomic masses of all the elements are given in the periodic table underneath the chem-

ical symbol. But these are not the masses in grams. The mass of an individual hydro-

gen atom is 1.675  10 24 g, and the mass of an individual oxygen atom is 2.68  

10 23 g. Rather than deal with numbers this small, chemists have devised a much

more convenient way to describe atomic masses by inventing the atomic mass unit

(amu). The carbon-12 atom (with six protons, six neutrons, and six electrons) was

chosen as the standard and was assigned a mass of exactly 12 amu. The mass in amu

of each of the other atoms was then determined relative to the carbon-12 standard, using

the numbers of protons, electrons, and neutrons in other atoms relative to carbon-12.

(Can you figure out how this was done?) (Check out the website for the answer.) For

example, on this scale, the atomic mass of hydrogen is 1.008 amu and that of iron is

55.85 amu. 

Looking at the atomic mass for carbon in the periodic table, you may be puzzled

by the value of 12.01 amu. Can you guess why it’s not exactly 12 amu? It’s because

carbon has two stable isotopes: C-12 (12 amu) and C-13 (13.00335 amu), and they

exist in nature in constant proportions. Anywhere in the world a sample of carbon

contains 98.90% C-12 and 1.10% C-13. For example, if you had 10,000 carbon atoms,

on average there would be 9890 C-12 isotopes and 110 C-13 isotopes. The average

atomic mass of carbon is much closer to 12 amu because there are so many more

C-12 isotopes than C-13 isotopes. The atomic masses given in the periodic table are

the averages of all the naturally occurring isotopes of the elements.

Once you understand the basis of the atomic mass unit, you can readily calcu-

late the mass of molecules, called the molecular mass, by the following steps: (1)

write the formula of the molecule, (2) identify the elements present and count the

number of atoms of each element, and (3) add the atomic masses of each element.

For example, the molecular formula of ethanol is C2H6O. There are two C atoms, six

H atoms, and one O atom, so its molecular mass in amu is

2(12.01 amu)  6(1.008 amu)  16.00 amu  46.07 amu

The same procedure can be applied to calculate the mass of ionic compounds. Because

ionic compounds don’t exist as discrete molecules (why?), the mass would be calcu-

lated for one chemical formula unit (e.g., MgCl2) or simply one formula unit. The

formula unit mass of MgCl2 is 

24.31 amu  2(35.45 amu)  95.21 amu

Moles and Molar Mass

The amu greatly simplifies dealing with the masses of atoms, molecules, and ionic

compounds by using numbers that are easier to use than the very small numbers in

grams. However, it’s not very practical to use in the laboratory, where one usually

weighs samples in grams. Based on the amu scale, we know that by proportion 12.01 g

of carbon, 1.008 g of hydrogen, and 55.85 g of iron all should have the same number
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of atoms (why?). How many atoms would that be in each sample? You should be able

to calculate the answer because the mass in grams of the hydrogen atom was just

given. If we divide 1.008 g by 1.675  10 24 g per atom, we get 6.02  1023 atoms.

Thus, 12.01 g of carbon and 55.85 g of iron also contain 6.02  1023 atoms of car-

bon and iron, respectively. That’s a lot of atoms. If we had 6.02  1023 oranges, they

would not only cover the entire surface of Earth, but the layers of oranges would extend

over 100 miles toward outer space (imagine that!). This number is called Avogadro’s

number, after the Italian scientist Lorenzo Avogadro (actually, Lorenzo Romano

Amadeo Carlo Avogadro de Quarequa e di Cerrito). His most famous work, Avogadro’s

law, became the basis for determining atomic masses in the late 19th century.
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For doing experiments in a laboratory (where it’s easier to use quantities in grams

than amu), it would be more convenient to weigh elements and compounds in units

of Avogadro’s number just as it’s more convenient to sell eggs in units of 12, or a

dozen. By analogy with calling a unit of 12 a dozen, we call a unit of 6.02  1023

a mole. While the mole unit may seem intimidating because it represents such a huge

number, you should convince yourself that it’s just a unit representing a specific num-

ber—no different from a pair or a dozen. Whenever we have an Avogadro’s number

of something, we have a mole of that same thing. It’s obviously not convenient to use

the mole for oranges or eggs, but it is convenient for atoms because they are so small.

So 1 mole of the carbon-12 isotope contains 6.02  1023 C-12 atoms and weighs

exactly 12 g. Again, the comparison with a dozen should help you understand the

mole concept:

1 mole of C-12 atoms 1 dozen brown eggs

6  1023 C-12 atoms 12 brown eggs

12 g 600 g (an estimate, depending on the health and 

size of the hens)

Because the mass of 1 mole of the carbon-12 isotope is exactly 12 g, we say that

carbon-12 has a molar mass of 12 g. Likewise, the molar mass of hydrogen is 1.008 g

and that of iron is 55.85 g. So the molar mass of an element (in grams) is numeri-

cally equal to its atomic mass, and therefore, we can get its value from the periodic

table. Take a moment to look at the periodic table and check out the molar masses

of some of the elements. From the molar masses of the elements, we can readily



calculate the molar masses of compounds using the same procedure we saw earlier

for molecular mass and formula unit mass. Referring back to the ethanol and mag-

nesium chloride examples, we find that the molar masses of those compounds are

46.07 g and 95.21 g, respectively.

When carrying out reactions, chemists (and chemistry students) must routinely

convert grams to moles and moles to grams. Of course, you will also be asked to do

these conversions on homework problems and on exams. Let’s do some sample exer-

cises using the relationship between moles and grams. The conversion between mole

units and gram units involves a technique that you will have to use in many types of

chemistry problems. To convert one unit to another unit, you simply multiply by a

factor, a conversion factor, that equates the two units such that the units you want to

change are canceled and replaced by the units you want to obtain using simple mul-

tiplication. The equation would take the general form shown in the following, where

n and m would be numbers that make the conversion factor equal to one:

As an example of a simple unit conversion, let’s consider calculating the number of

inches in 4 feet. Because 12 in  1 ft, that is, the conversion factor is written as

we would set up the equation as 

Note that because the conversion factor, 12 in/1 ft, is equal to one, multiplication only

changes the units. You can use this method to convert between any units: miles to

meters, quarts to liters, and so on. For conversions between moles and grams, the con-

version factor is molar mass in g/mol.

4 ft  
12 in

1 ft
  48 in

12 in

1 ft

unit 1  
n unit 2

m unit 1
   a n

m
b unit 2
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4.1Calculate the number of grams in 5.32 moles of iron (Fe).

Answer The molar mass of Fe is 55.85 g, so the conversion factor is 55.85 g

Fe/mol Fe. (The unit of mole is mol.) The equation can be set up as

Note that we used only three figures in our answer because of the rules for sig-

nificant figures. (Check out the website for a discussion of significant figures.) 

5.32 mol Fe  
55.85 g Fe

1 mol Fe
  297 g Fe

You may be troubled by fractional numbers of moles if you think of the analogy

between a mole and a dozen—you wouldn’t normally consider 5.32 dozen because

it would involve splitting eggs. But remember that we are dealing with a huge num-

ber of atoms; 5.32 mole is 5.32  6.02  1023 or 3.15  1024 atoms. You should be

no more concerned with fractional numbers of moles than you would be for half-a-

dozen eggs.



Stoichiometry (                )

Once you have mastered the conversions between moles and grams, you will be ready

to deal with calculations involving chemical reactions (that is, stoichiometry). Let’s

consider the formation of water again to illustrate the procedure. When hydrogen is

burned in oxygen gas or a mixture of the gases is subject to an electric spark, the

gases react instantly (and often violently) to form water. 

2H2(g)  O2(g) 888n  2H2O(l)

2 molecules 1 molecule 2 molecules

2(6.02  1023) molecules 6.02  1023 molecules 2(6.02  1023) 

molecules

2 mol 1 mol 2 mol

As you can see, because two molecules of H2 react with one molecule of O2 to pro-

duce two molecules of H2O, the same reaction must also occur if we change the num-

bers to multiples of Avogadro’s number or number of moles. Thus, the relative numbers

of moles are identical to the relative number of molecules. This conversion allows us to

conveniently study the reaction in the laboratory in terms of measurable, macroscopic

quantities; that is, we use moles to get grams. Because 2 moles of H2 always react with

1 mole of O2 to produce 2 moles of H2O, we can represent the relationships as

2 mol H2  1 mol O2

2 mol H2  2 mol H2O

1 mol O2  2 mol H2O

where the symbol  means “stoichiometrically equivalent to.”

This stoichiometric equivalence is analogous to the equivalence we used previously

in the unit conversions and can be treated similarly. That is, the ratios of numbers of
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Calculate the number of moles in 73.96 g of calcium (Ca).

Answer Because the molar mass of Ca is 40.08 g, the conversion factor is

40.08 g Ca/mol Ca. When converting grams to moles, you have to invert the

molar mass, but that’s easy to do:

73.96 g Ca  
1 mol Ca

40.08 g Ca
  1.845 mol
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4.2

Calculate the mass of one gold (Au) atom in grams.

Answer This problem is not quite as straightforward as the gram to mole con-

versions, but as long as you keep the units straight, you’ll be okay. The unit you

want in your answer is atoms per gram. The molar mass of Au is 197.0 g, and

1 mole of Au contains 6.02  1023 Au atoms. Putting all this together, we have

(Check out the website for more problems.)

197.0 g Au

1 mol Au
  

1 mol Au

6.02  1023Au atoms
 3.27  10 22 g/atom
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4.3

Jeremias Richter



moles in the balanced equation can be used as conversion factors (Figure 4.1). All

stoichiometric calculations are based on this simple mole-to-mole relationship. Let’s

look at an example.
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Figure 4.1 The mole ratio
from the balanced equation
can be used as a conversion
factor to calculate moles for 
a reaction.
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4.4How many moles of H2O can be produced from 1.46 moles of O2, assuming

there is enough hydrogen gas present to react with all of the O2?

Answer According to the balanced equation, we see that 1 mole of O2 pro-

duces 2 moles of H2O; therefore, we can use the ratio as a conversion factor

For 1.46 moles of O2, the number of moles of H2O formed can be determined as

1.46 mol O2  

2 mol H2O

1 mol O2

  2.92 mol H2O

2 mol H2O

1 mol O2
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4.5A quantity of 0.375 g of H2 is reacted with enough O2 to form H2O. How many

grams of H2O are formed?

Answer In this problem (which is typical of many of the problems you will

encounter), you must convert the number of grams of hydrogen to moles hydro-

gen using molar mass as a conversion factor; then moles hydrogen to moles

water using the mole ratio from the balanced equation; and finally, moles water

to grams water using molar mass as a conversion factor. The molar mass of H2

is 2.016 g, and the molar mass of water is 18.02 g. It is simplest to set up the

problem as a string of unit conversions. If the units cancel out such that you end

up with the units you want in your answer (in this case, grams of water), you

—Continued next page

Analogous to the prior unit conversions, the mole ratio always takes the form such

that the final quantity we want appears in the numerator. Because we usually conduct

experiments by measuring the mass of substances (in grams), we can extend the pre-

vious procedure by including a conversion factor using molar mass (Figure 4.2).

Figure 4.2 Steps for
solving stoichiometric
problems involving grams of
reactants and products

Consider the following example.



We can summarize the steps in Example 4.5 as follows:

1. Write the balanced equation for the reaction.

2H2(g)  O2(g) 888n 2H2O(l)

2. Treat the coefficients as number of moles and set up mole ratios between

reactants and products. The conversion factor between H2O and H2 is

3. Convert the amount of the given substance in grams (which could be a reactant

or a product) into the number of moles using molar mass as a conversion factor:

4. Convert the number of moles of the given substance to the number of moles of

the substance you want using the mole ratio:

5. Convert the number of moles of the substance you want to grams using molar

mass as a conversion factor:

As indicated in Step 3, you may be given the amount of product and asked to cal-

culate the amounts of reactants needed to produce that amount. In fact, this is often what

chemists do because they are interested in obtaining a certain amount of product. In this

case, the procedure is still the same. For example, try to solve the following problem:

How many grams of O2 are needed to produce 25.2 g of H2O?

The answer is 0.70 mol O2. If you get a different answer, you can find the solution

on the website along with more problems.

Limiting Reagent

We hope at this point you are convinced that doing stoichiometric problems is really

quite straightforward. If you are not, you should try some more problems; we can

assure you that is all it will take. The key, of course, is to convert everything into

moles and then into grams or other units as needed. But the story doesn’t end here

because there’s a practical aspect of stoichiometry that we haven’t yet discussed. In

real life, chemists almost never use reactants in exactly the right proportions to carry

0.186 mol H2O  
18.02 g H2O

1 mol H2O
 3.35 g H2O

0.186 mol H2  

2 mol H2O

2 mol H2

 0.186 mol H2O

0.375 g H2  

1 mol H2

2.016 g H2

 0.186 mol H2

2 mol H2O

2 mol H2
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Continued—

can be confident that the answer is right (unless you push a wrong button on

your calculator). Of course, you can always do the calculation twice to be sure

you haven’t hit the wrong number. The number of grams of water produced is

0.375 g H2  

1 mol H2

2.016 g H2

 

2 mol H2O

2 mol H2

 

18.02 g H2O

1 mol H2O
 3.35 g H2O



out a reaction. The reason is that the goal of a reaction is to produce the largest pos-

sible quantity of a useful compound from a given quantity of the starting material. 

It is often the case that an excess of one reactant is needed to ensure that the more

expensive reactant is completely converted to the desired product. Referring to Exam-

ple 4.5, we would not use exactly 1 mole of O2 to react with exactly 2 moles of H2

to make water. One of the reactants is usually present in an amount larger than that

needed to make the exact mole ratio indicated by the balanced equation. In this case,

we would use a large amount of the less expensive O2 to completely react with H2.

There are many familiar food analogies that illustrate the principle of using an

excess of something when two or more things must combine to give a final product.

The difference in preparing food is that you usually want exactly the right amounts.

For example, if you were preparing 10 hot dogs with buns, you would need 10 hot

dogs and 10 buns. If you had 20 buns and 10 hot dogs, you still could prepare only

10 hot dogs with buns, and you’d have an excess of 10 buns. In this case, the number

of hot dogs limits the number of hot dogs with buns you can prepare. It’s exactly the

same idea in chemical reactions, except we often want to use more of one reagent to

ensure the maximum amount of product for the minimum cost as described previously.

Let’s say that at the start of the reaction between H2 and O2, we have 5.32 moles

of H2 and 4.12 moles of O2. How can we tell which of the two reactants is present

in excess, that is, in an amount more than required to react with the other reactant?

An easy way, and one that makes sense, is to ask which of the two quantities would

give a smaller amount of H2O (like we did with the hot dogs). Starting with 5.32

moles of H2, we calculate the amount of H2O produced as follows:

Similarly, we find the number of moles of H2O that can be produced from 8.76 moles

of O2 to be

Thus, a smaller amount of H2O is produced when all of H2 is reacted. At the end of

the reaction, only the product, water, and some of the original O2 remain. For this

reason, we say that O2 is the excess reagent and H2 is the limiting reagent because

it limits the amount of the product that can be obtained. In this case, the maximum

amount of water we can produce is 5.32 moles. Just like the hot dog example where

having 100 buns wouldn’t help us make more hot dogs with buns, it wouldn’t mat-

ter if we added 10 times more oxygen—the amount of water produced is limited only

by the amount of hydrogen present.

 4.12 mol O2  

2 mol H2O

1 mol O2

 8.24 mol H2O

 5.32 mol H2  

2 mol H2O

2 mol H2

 5.32 mol H2O
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Reaction of excess oxygen with hydrogen
to produce water. Hydrogen is the limiting
reagent, so unreacted oxygen is left over.



We can also determine the amount of oxygen left over by subtraction (just like we

did for the hot dog buns). First, we calculate the number of moles of O2 (buns) needed

to react with 5.32 moles of H2 (hot dogs):

Then, we subtract this number from the amount of O2 we started with. At the end of

the reaction, the number of moles of O2 left over is (8.24  2.76) mol or 5.48 mol.

The stoichiometry story is almost complete. By determining the limiting reagent,

you can calculate the maximum amount of product that could be formed, using the

basic steps for solving stoichiometric problems. Remember: First convert the amounts

of reactants into moles, then determine which reactant is the limiting reagent. Of course,

if you are told that one of the reactants is in excess, you don’t need to do this step.

Yield of a Reaction

The amount of limiting reagent present at the start of a reaction determines the max-

imum amount of product that can be obtained, which is called the theoretical yield.

This is somewhat analogous to shooting baskets when you can use only one basket-

ball per shot. If you had 10 basketballs, your theoretical yield for making baskets

would be 10, but it’s likely that you would actually make fewer than 10.

For chemical reactions, theoretical yield corresponds to the situation in which all

the limiting reagent has reacted to give product. In practice, we almost never get the

theoretical yield. The reaction may be reversible (that is, some products react to form

reactants), or the products may undergo further reactions to form other products. It

may also be impossible to recover all of the product from the reaction mixture. So

chemists often have to settle for what is actually obtainable from a reaction. In such

cases, the amount of the product obtained is called the actual yield. As a measure of

the success of an experiment, chemists calculate the percent yield, which describes

the proportion of the actual yield to the theoretical yield as follows:

Using the previous example for limiting reagent, we see that when 5.32 moles of H2

react with 4.12 moles of O2, 5.32 moles of H2O are formed. This is the theoretical yield.

If only 4.88 moles of H2O are isolated at the end, then the percent yield is given by

It’s Time to Practice!

If you don’t feel like you completely understand all of the concepts discussed so far

in this chapter, you should go back and read it again. Once you feel comfortable with

it all, it’s time to practice because, like anything else from playing the piano to play-

ing basketball, understanding how to do something isn’t enough to master it. To mas-

ter solving stoichiometric problems, you have to practice solving them (and there are

lots of them on the website). The good news is that it actually takes less time to mas-

ter solving stoichiometric problems than you think. Work on enough problems to feel

confident in your ability to solve them. At first you might want to have the book

handy as a reference, but realize that you won’t have it to use on tests.

% yield  
4.88 mol

5.32 mol
 100%  91.7%

 % yield  
actual yield

theoretical yield
 100%

5.32 mol H2  

1 mol O2

2 mol H2

 2.76 mol O2
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More Stoichiometry for the Daring

Caution: Do not read this until you have mastered the previous
material.

We have covered everything you need to know about stoichiometry when reactions

involve substances that you can weigh, which includes just about anything if you have

the right equipment. But, often it’s more convenient to measure a chemical reagent

that is not a solid using its volume (if it’s a liquid, gas, or solution) or its pressure (if

it’s a gas). The basic steps in solving stoichiometric problems still apply, but you need

to use different conversion factors for determining the number of moles. To gain fur-

ther understanding of stoichiometry problems, let’s consider cases that involve liquids,

gases, and solutions where the mass is not the measured quantity. 

Liquids
You may encounter problems in which the volume of a pure liquid is given instead

of its mass. In such a case, you would also be given the density of the liquid. Chemists

often have to deal with measuring liquids in chemical reactions, but they have to look

up the density in a handbook (unless it’s given on the reagent bottle). The density of

a liquid is given in units of grams per milliliter (g/mL). Because density tells us the

number of grams in a milliliter, it can be used as a conversion factor, like 12 in/ft,

because mL  g/mL gives the number grams. So if we know the density and the vol-

ume, we can easily calculate the mass, and once we have the mass, the problem

becomes just like the problems we have already discussed, as shown in Figure 4.3. 
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4.6How many grams of carbon dioxide gas are produced by the complete com-

bustion of 1.0 L of octane, C8H18, a typical component of gasoline that has a

density of 0.70 g/mL?

2C8H18 (l)  25O2(g) 888n 18H2O(g)  16CO2(g)

Answer Because we are told that the combustion is complete, we assume that

oxygen is in excess and we don’t have to determine the limiting reagent. The

steps in solving the problem involve converting liters of octane to grams octane

using its density as a conversion factor; then converting grams of octane to moles

octane using its molar mass as a conversion factor; then converting moles octane

to moles carbon dioxide using the mole ratio from the balanced equation; and

finally, converting moles carbon dioxide to grams using its molar mass:

Figure 4.3 Steps for solving
stoichiometric problems
involving volumes of liquid
reactants

—Continued next page

Consider the following example.



Solutions
Chemists often carry out chemical reactions involving prepared aqueous solutions con-

taining known amounts of dissolved reagents (the solute). A familiar example of such

a solution is vinegar; on average, there are 5 g of acetic acid in every 100 mL solu-

tion of water. You could easily convert a known volume of vinegar to grams acetic

acid by multiplying the number of milliliters times 5g/100 mL, just as we did with

density in Example 4.6. For this solution, we say that 5g/100mL is the concentration

of acetic acid. Concentration simply refers to the amount of a substance present in a

given amount of solution. It would be easier to do stoichiometric calculations if the

concentrations were in moles instead of grams. For this reason, chemists use a con-

centration term called molarity, which is the number of moles of a substance in a

liter of solution, or mol/L. Concentrations expressed in mol/L are called molar con-

centrations. They make stoichiometric calculations relatively easy because molarity

can be used as a conversion factor between volume (L) and moles. The abbreviation

for molarity is given as M, which means mol/L. (Check out the website for more dis-

cussion of molarity and for problems on molarity calculations.)
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Figure 4.4 Steps for solving
stoichiometric problems
involving volumes of solutions
with known molarity

Continued—

We could add the conversion of liters to milliliters in the mix, given that 1 liter

(L)  1000 mL, but it’s easier to just start with 1000 mL instead of 1.0 liter.

After checking to see that all the units cancel except g CO2, we obtain the

desired result as shown in the following:

 

44.0 g CO2

1 mol CO2

 4.3  103 g CO2

1000 mL octane  
0.70 g octane

1 mL octane
 

1 mol octane

114 g octane
 

16 mol CO2

1 mol octane

Figure 4.4 shows the steps for solving stoichiometry problems using molarity.

This procedure is illustrated in Example 4.7.
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4.7Oxalic acid (H2C2O4) is used for the removal of rust (Fe2O3). Calculate the

number of grams of rust that can be removed with 1.00 L of 0.100 M solution

of oxalic acid. The balanced equation is shown as follows.

Fe2O3(s)  6H2C2O4(aq) 888n 2Fe(C2O4)3
3 (aq)   3H2O(l)  6H (aq)

Answer The equation tells us that it takes 6 moles of H2C2O4 to consume

1 mole of Fe2O3. From the definition of molarity, we see that there is 0.100

mole of H2C2O4 in 1.00 L of the solution. Knowing the molar mass of Fe2O3,

we can set up the following chain of conversion factors:

 
159.7 g Fe2O3

1 mol Fe2O3

 2.66 g Fe2O3

1.00 L H2C2O4 soln  
0.100 mol H2C2O4

L H2C2O4 soln
 

1 mol Fe2O3

6 mol H2C2O4

Gases
We’ve already seen some reactions involving gases, and, as you might imagine, it’s

not always easy to weigh them. What can you measure to determine the number of

moles of a gas? To begin with, you should realize that gases, unlike liquids and solids,

do not possess a constant volume (V); their volume is determined by that of the con-

tainer. Therefore, a large volume of gas does not necessarily mean a lot of gas. The

amount of the gas present also depends on its temperature (T) and pressure (P). There

is a very useful equation that relates V, T, P, and the number of moles (n) for a so-

called ideal gas. It is appropriately called the ideal gas equation: PV  nRT, where

R is the gas constant. In stoichiometric problems, we usually assume the gas is ideal,

and you can use the equation even if you don’t know what an ideal gas is. (Check out

the website for a discussion of ideal gases and the ideal gas equation.) So if we are

given P, V, and T of a gas, we can rearrange the equation to get n  PV/RT. In cal-

culating n, P must be in atm (atmospheres), V in L (liters), T in K (kelvins), and R

is given by 0.0821 L  atm/K  mol. Remember to convert temperature in Celsius to

kelvins by adding 273. (Check out the website for a discussion of temperature scales.)

Figure 4.5 shows the steps for solving stoichiometric problems involving gases.

Lithium hydride (LiH) reacts with water to form hydrogen gas according to the

equation

LiH(s)  H2O(l) 888n LiOH(aq)  H2(g) 

During World War II, U.S. pilots carried LiH tablets to fill their life belts and

lifeboats with hydrogen gas in the event of a crash in the ocean. How many

grams of LiH are needed to fill a 4.10-L life belt at 0.970 atm and 12 C?

—Continued next page
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4.8

Figure 4.5 Steps for solving
stoichiometric problems
involving gases of known
volume, pressure, and
temperature



It’s time to practice again, so check out the website for a wide variety of stoi-

chiometric problems. Figure 4.6 summarizes the frequently encountered cases in sto-

ichiometric problems, but it might be helpful for you to try to construct a similar chart

without looking at this one.
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Answer In this problem, we’re given the product and asked to determine the

amount of reactant, but the general procedure is still the same. Of course, we

assume there is an excess of water in the ocean, so we don’t need to worry

about which reactant is the limiting reagent. First, we must determine the num-

ber of moles of H2 using the ideal gas equation.

n   

Now continue with the usual steps to get the amount of LiH in grams:

0.170 mol H2  
1 mol LiH

1 mol H2

 

7.95 g LiH

1 mol LiH
 1.35 g LiH

  
10.970 atm2 14.10 L2

10.0821 L  atm/K  mol2 112  2732K
 0.170 mol

PV

RT

Figure 4.6 Steps for solving stoichiometric problems involving solids, solutions, or
gases as reactants or products. First, identify the units you are given to determine
which conversion factor to use to get moles of reactant. Then, convert to moles
product. Finally, identify the units you want in your answer and choose the conversion
factor that will convert moles product to desired units.
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I M P O R T A N T  T E R M S

Explain the following terms in your own words:

actual yield, p. 54

atomic mass, p. 47

atomic mass unit, p. 47

Avogadro’s number, p. 48

concentration, p. 56

excess reagent, p. 53

formula unit mass, p. 47

ideal gas equation, p. 57

limiting reagent, p. 53

molarity, p. 56

molar mass, p. 48

mole, p. 48

molecular mass, p. 47

percent yield, p. 54

stoichiometry, p. 46

theoretical yield, p. 54

C O N C E P T S

Explain in your own words:

• The atomic mass unit, molecular mass, the mole, molar mass, and how

Avogadro’s number is used in calculations.

• The mole method in stoichiometric calculations.

• The relationships among actual yield, theoretical yield, and percent yield.

• How to calculate the number of moles using the ideal gas equation and using

the volume and molarity of a solution.

U N D E R S T A N D I N G  C H E M I S T R Y

To test your understanding of the material in this chapter, let’s consider the follow-

ing case of preparing an important industrial chemical. Fertilizers are essential for

producing large and healthy crops to feed the world’s rapidly increasing population.

Among the common fertilizers is urea [(NH2)2CO], which can be prepared by bub-

bling carbon dioxide (CO2) gas into an aqueous ammonia (NH3) solution:

CO2(g)  2NH3(aq) 888n (NH2)2CO(aq)  H2O(l)

Industrially, millions of tons of urea are manufactured every year. Here we will con-

sider the reaction on a much smaller scale carried out in the laboratory. Suppose you

are provided with the reactants in the following manner: CO2: 24.2 liters of the gas

measured at 25 C and 3.60 atm; NH3: 1.84 liters of a 0.376 M NH3 solution. How

many grams of urea will form from these two substances?

How should you proceed? In this chapter you learned the mole method for solv-

ing stoichiometric problems, so the first step is to convert the reactants into number

of moles. For CO2, we use the ideal gas equation. After converting 25 C to 298 K,

we write

   3.56 mol

  
13.60 atm2 124.2 L2

10.0821 L  atm/K  mol2 1298 K2

 n  
PV

RT

Test your understanding of the material in this chapter



For NH3, we calculate the number of moles like this:

 0.692 mol

The next step is to determine which of the two reactants is the limiting reagent.

From the balanced equation, we see that 1 mole of CO2 produces 1 mole of urea, so

3.56 moles of CO2 will yield 3.56 moles of urea. On the other hand, 2 moles of NH3

produce 1 mole of urea, so 0.692 mole of NH3 will result in or 0.346 mole of

urea. Therefore, NH3 must be the limiting reagent and CO2 the excess reagent.

(Given the fact that ammonia is about 10 times more expensive than CO2, is the

result surprising?)

Assuming all the limiting reagent is used up in the reaction, we will obtain 0.346

mole of urea, and from the molar mass of the compound (60.06 g/mol), we calculate

the number of grams as follows:

This quantity, as you recognize, is the theoretical yield of the reaction. Suppose in

practice the amount obtained is 18.7 g, which is the actual yield. The percent yield,

then, is given by

% yield   100%

 89.9%

Industrial chemists spend a great deal of effort to enhance the percent yield of a

reaction. Because huge quantities of materials are involved, even a slight improve-

ment of the reaction by 1% in the yield, say, can result in a substantial saving in cost.

18.7 g

20.8 g

 0.346 mol 1NH222CO  
60.06 g 1NH222CO

1 mol 1NH222CO
 20.8 g 1NH222CO

0.692

2

no. moles of NH3  1.84 L  
0.376 mol

1 L soln
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The Energy of Chemistry
Some like it hot 5

hen you turn on the ignition key in your car, you start a reaction between

gasoline and oxygen to produce carbon dioxide and water and a lot of

energy. In Chapters 3 and 4, you learned that atoms, molecules, and ions

recombine to form different products, and you know how to determine the

type and amount of product we can get from a reaction. If you wanted to

calculate the amount of carbon dioxide produced by the combustion of a gallon of gasoline,

you could do it if you had the appropriate conversion factors. In this chapter we will con-

sider the energy part of the equation. In the reaction between gasoline and oxygen, energy

is produced because the product molecules formed are more stable than the reactant mole-

cules. If this seems hard to imagine, consider a boulder

sitting precariously on a cliff that falls to the ground with

a crash. As it reaches its final, stable state (lower gravita-

tional potential energy), it generates a lot of energy, which

we recognize by the crashing sound and the broken pieces

of rock. Similarly, energy changes in chemical reactions

may be perceived as an explosive bang, or if the energy

change is small, you may only observe a slight change in

temperature. Some chemical reactions are more important

for the energy they produce than for the products that are

formed. They provide a source of energy for heating, cook-

ing, transportation, industrial processes, and a variety of

recreations.

Energy and Heat

Energy is a much-used term that represents a very abstract

concept. If you feel tired, you might say you haven’t any

energy, or you might eat a candy bar in order to get some

extra energy before exercising. On the other hand, people

who care about the environment say we need to find alter-

natives to nonrenewable energy sources such as oil and coal.

Is this the same kind of energy you get from a candy bar?

W



What exactly is energy? It’s not easy to define energy, but we know it when we expe-

rience it. Unlike matter, energy is known and recognized by its effects, not by any

perceptible characteristic; it can’t be seen, touched, smelled, or weighed. A useful way

to define energy is to describe its many different forms. There are three that are of

particular interest to chemists: radiant, thermal, and chemical energy. 

Radiant Energy
Microwaves, radio waves, gamma rays, X rays, light—this is the energy that travels

through space. We’ll discuss this in more detail in Chapter 6. The light emitted from

a hot object, like a piece of hot tungsten filament wire in a light bulb, is radiant energy.

The energy from the sun (a very hot object), or solar energy, is another example of

radiant energy. Solar energy heats the atmosphere and Earth’s surface, stimulates the

growth of vegetation through the process called photosynthesis, and influences global

climate patterns. 
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The energy released from some
chemical reactions is explosive.

Always wear eye protection when
working in a chemistry laboratory.

Thermal Energy
Molecules in motion—this is the energy associated with the random motion of atoms

and molecules. Imagine a water molecule in the gaseous state. It can move through space

by linear, direct movements at a certain speed; this is called translational motion. It can



also move internally because it’s not rigid. The H and O atoms rotate around the chem-

ical bonds holding them together like wheels on an axle. The molecule also vibrates as

if the bonds holding the atoms together were stiff springs. The greater the extent of

molecular motion (translational, rotational, and vibrational) in a sample of matter,

the greater is the thermal energy and the higher the temperature of the matter.
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The thermal energy of water molecules
is the sum of its translational,

rotational, and vibrational energies.

Heat, another much used term for a really abstract concept, is the transfer of ther-

mal energy between two bodies at different temperatures. For example, if we put an

ice cube in a glass of hot water, some of the thermal energy of the “hot” water mol-

ecules is transferred to the “cold” water molecules when fast-moving molecules col-

lide with slow molecules to give them some extra energy and break loose from the

rigid ice structure. Eventually, the average energy of the water molecules is some-

where between that of the ice and the hot water before they were combined. 

Chemical Energy
Bond making—this is the energy released when a bond is formed between atoms or

ions (that is, when they stick together). In Chapter 7 we will discuss chemical bonds

in more detail, but we want to say a little about bonding now so you can better under-

stand chemical energy. There are different types of forces (or bonds) that hold atoms,

molecules, and ions together in compounds. One of the strongest of these forces is

the chemical bonds (called covalent bonds) that hold atoms together by sharing

electrons—like the bonds between H and O in water. Because these are very strong

forces, the formation of these bonds releases a large amount of energy. While it may

be hard to imagine how forming bonds releases energy, it’s easier to understand the

energy associated with bond formation if you consider the reverse process—breaking

a bond. To separate the atoms held together by a chemical bond requires the input of

energy. It’s like trying to pull apart two balls that are glued together. You know from

experience that it takes a certain amount of energy to do this. Conversely, when atoms



come together to form a bond, an equal amount of energy is released. This is an impor-

tant point about energy changes: If we reverse a process, the magnitude of the

energy change is the same, but the effect is just the opposite. That is, if a process

absorbs energy in one direction, an equal amount of energy will be released if the

process goes in the other direction.

Another very strong force that results in the release of chemical energy is the

attraction between two oppositely charged ions (called an ionic bond). It requires an

input of energy to separate oppositely charged ions just as it would to separate the

opposite poles of two magnets. According to the rule, an equal amount of energy is

released when they come together.
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It takes a lot of energy to break
a bond between two atoms.

The weakest force that holds atoms and molecules together is that which typi-

cally occurs between molecules in the liquid or solid state, like the forces that hold

water molecules together in ice. These are called intermolecular forces (IMF)

because they exist between molecules. These are the forces that must be broken when

a substance goes from liquid to gas (that is, when it evaporates). For all of these chem-

ical forces, the amount of energy required to overcome them is determined by the

type and arrangement of constituent atoms, molecules, or ions. When substances

participate in chemical reactions (that is, breaking and making bonds), chemical

energy is absorbed, released, or converted to other forms of energy. Similarly, when



substances undergo phase changes (like freezing or evaporating), energy is absorbed,

released, or converted to other forms of energy because intermolecular forces are

formed or broken. 

There is another very important force involved in many chemical reactions, but

it occurs within atoms, not between them. It is the force of attraction between the

nucleus of an atom and its electrons. Recall that a major type of chemical reaction is

oxidation-reduction, or the transfer of electrons from one atom to another. As you

might imagine, it requires a lot of energy to remove an electron from an atom. This

energy is called ionization energy, and we will say more about it in Chapter 6.

Table 5.1 lists the range of energies for different types of chemical forces.

Energy Is Conserved It ’s a law!

The law of conservation of energy states that energy can be converted from one form

to another, but it can’t be created or destroyed. In other words, the energy of the uni-

verse is always the same. This is why the energy change when we reverse a process

is equal in magnitude but opposite in sign. If you eat a candy bar before jogging, the

enzymes1 in your body break down the molecules in the candy in a process called

metabolism. The energy released is mostly converted to the kinetic energy associated

with jogging. The law of conservation of energy says that the amount of energy given

off by the digestion of the candy bar must be equal to that converted to kinetic energy

as well as the energy that is simply dissipated as heat. The law of energy conserva-

tion is extremely important because it provides the basis for measuring energy

changes, an essential part of chemistry. Measuring energy changes in chemical reac-

tions, called thermochemistry, is important for understanding the nature of physical,

chemical, and biological processes; it is also of practical value if we are interested in

the industrial preparation of chemicals or in looking for new energy sources.

Before we talk about measuring energy changes, let’s consider a commonplace

example of an energy change. Imagine boiling water on a gas stove. The water mol-

ecules absorb heat energy from the stove, and they start moving faster. Eventually,

they move fast enough to overcome the forces (in this case, intermolecular forces)

holding them together in the liquid state, and they escape into the air space. The

amount of energy absorbed by the water to break intermolecular forces and increase

its thermal energy is equal to the amount of energy that the flame imparted to the

water. Where does the flame’s energy come from? It comes from the combustion reac-

tion of the gas (mostly methane) with oxygen to produce carbon dioxide and water

and a lot of energy because the products, carbon dioxide and water, have stronger

bonds and are more stable than the reactants, methane and oxygen.

If you boil water on an open stove, not all of the energy from the combustion of

methane is absorbed by the water. Some of the energy is absorbed by the pot, and

some radiates away from the pot and increases the thermal energy of the surrounding

air molecules. What if we were interested only in the energy absorbed by the water?

Chemists are faced with a similar question whenever they want to measure an energy

change. To keep track of what they are measuring, chemists define that part of the

universe that’s of interest to them as the system and the rest of the universe as the

surroundings. It’s an arbitrary designation, but a very useful one because it forms the

basis for calculating energy changes. For the pot of water on the stove, we could say

that the system is the water, or it could be the water and the pot, or we could say that

the entire kitchen, including the water, the pot, and the stove, is the system. The
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Table 5.1 Range of
Energies for Chemical
Forces

Chemical Energy
Force (kJ/mol)

Covalent bond 200–800

Ionic bond 600–4000

IMFs 10–60

Ionization 400–2400
energy

1. Enzymes are biological catalysts that increase the speed of a reaction.



system, then, can be anything we are interested in studying. In a laboratory, the sys-

tem could be a beaker of water or a mixture of oxygen and hydrogen gases in a flask.

In the previous candy bar example, the system could be a human body. In any process,

the system may gain or lose energy, and, because the total energy of the universe

remains unchanged, the surroundings must lose or gain the same amount of energy.

To help you better understand the system/surroundings designation, let’s look

more closely at the two processes involved in boiling water on a stove: the evapora-

tion of water and the burning of natural gas. The evaporation of water is an example

of a physical change, which doesn’t involve changing the identity of the water mol-

ecules. It is simply the separation of water molecules from one state to another accord-

ing to the equation

H2O(l) 888n H2O(g)

Because energy is absorbed by the system (the water) from the surroundings (the

flame), we call this an endothermic process (endo- is a prefix meaning “within”),

where heat goes into the system. As a result, the energy content of the gaseous water

molecules (also part of the system) is greater than that of the water molecules in the

liquid before heating. You may be interested to know that we use the endothermic

evaporation of water to cool off when we are overheated; that is, we perspire. The

water in your sweat absorbs heat from the surroundings in order to evaporate. In this

case, we can consider the sweat as the system. Your body, as part of the surround-

ings, supplies the heat and thus gets cooler.

Similarly, the melting of an ice cube is a physical process that absorbs heat. When

heat is supplied to an ice cube, it begins to melt:

H2O(s) 888n H2O(l)

Again, this happens because energy is supplied from the surroundings to the system

(the ice cube). The source of energy (the surroundings) can be your hand, a burning

match, the sun, or collisions with hotter air molecules. After melting, the liquid water,

which has the same mass as the original ice cube, has a higher energy content. The

energy taken up by the ice cube is used to break up the three-dimensional network

of water molecules, resulting in an increase in the thermal energy of the liquid water

molecules. 

As we mentioned earlier in the chapter, if we reverse a process, the magnitude

of energy change would be the same, but the effect would be just the opposite. There-

fore, if we freeze water at 0 C, energy in the form of heat would be released by the

system (water) to the surroundings. Here, the process is said to be exothermic (exo-

is a prefix meaning “outside”). Likewise, condensing steam to water would generate

energy, and it is also an exothermic process.

The burning of natural gas to boil the water in the pot is an example of a chem-

ical change—or chemical property. Methane (CH4), the major component of natural

gas, is produced by the bacterial decomposition of vegetable matter under water. It is

also most likely the gas you use for the Bunsen burner in the laboratory. The equa-

tion for the combustion of methane in air is

CH4(g)  2O2(g) 888n 2H2O(l)  CO2(g)

This reaction (the system in this case) gives off a lot of heat and some light (because

the products are so hot they emit radiant energy in the form of a flame). Where does

the energy come from? Originally, there are carbon-to-hydrogen and oxygen-to-oxygen

bonds in CH4 and O2. At the end, we have oxygen-to-hydrogen and carbon-to-oxygen

bonds in H2O and CO2. As mentioned earlier, to break a chemical bond, we must

supply energy to the molecule, so bond-breaking processes are always endothermic.
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Correspondingly, energy must be given off when a bond is formed, and bond-forming

processes are always exothermic. In this particular reaction, the energy released due

to bond formation in the products outweighs the energy absorbed for bond breakage

in the reactants, so the net effect is a release of heat—an exothermic reaction. The

use of “outweigh” is not strictly correct because energy doesn’t have any mass that

we can actually weigh. But thinking about energy changes in terms of a balance

between two processes—the amount needed to break bonds and the amount released

when bonds are formed—is a useful analogy. 

You may be wondering why we have to supply energy in the form of a burning

match to start the reaction. Many reactions require an activation energy to initiate

the process (e.g., breaking the bonds in heated molecules). But once the first mole-

cules react, the energy released provides the activation energy needed to drive the

reaction of the remaining molecules (and the release of a lot of heat energy), and the

reaction becomes self-sustaining.

An example of an endothermic reaction is the decomposition of mercury(II)

oxide, HgO. At room temperature, HgO is a stable compound. When heated above

100 C, it begins to decompose into mercury and oxygen gas:

2HgO(s) 888n 2Hg(l)  O2(g)

Because energy is absorbed by HgO (the system in this case), this is an endothermic

process. Of the many reactions you will study in chemistry courses, almost all of them

are either exothermic or endothermic. (A few special ones produce no heat effects.) 

We have now laid the groundwork for describing the measurement of energy

changes in chemical reactions. But first we should say a few words about energy units.

For many years, calorie (cal) was the unit for energy. Now, by international conven-

tion, chemists have chosen joules (J) to represent energy. The relation between these

two units is

1 cal  4.184 J

In most cases, the energy changes will be expressed as kilojoules (kJ), where 1 kJ  

1000 J. The calories we talk about in food are really kilocalories (where 1 kcal  

1000 cal). So if a candy bar is said to “contain” 200 calories, it means that the sugar

and fat molecules in the candy bar produce 200 kcal of energy when they react with

oxygen to form carbon dioxide and water—the ultimate by-products of the biochem-

ical breakdown (metabolism) in your body.

Measuring Energy Changes
Because heat changes in chemical processes tell us something about the relative stabil-

ities of compounds, the measurement of such changes has many practical applications

(for example, the cold packs and hot packs used by athletes). How might you measure

the change in heat in a chemical reaction? For a lot of reactions, you can simply use a

thermometer. Consider the acid-base reaction between a HCl solution and a NaOH solu-

tion. If you mix the two solutions together and place a thermometer in the mixture, you

would see the temperature rise because this reaction is exothermic. To accurately quan-

tify the heat change we would want to be sure the thermometer was measuring all of

the heat released. So we need to ensure that any part of this heat doesn’t escape to the

surroundings. We can minimize the heat loss to the surroundings if we conduct the

experiment in an insulated container. We call this container a calorimeter, and the

experimental measurement of heat changes in chemical reactions and physical changes

is called calorimetry. In practice, we place the reacting system in a calorimeter and

monitor the temperature rise or fall (depending on whether the reaction is exothermic
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or endothermic). A styrofoam cup with a lid actually works pretty well as a simple

calorimeter (Figure 5.1). Suppose we want to measure the energy change when 50 mL

of a 1.0 M HCl solution at 20.0 C reacts with 50 mL of a 1.0 M NaOH solution also

at 20.0 C. The chemical equation that describes the reaction is

HCl(aq)  NaOH(aq) 888n NaCl(aq)  H2O(l) 

We mix the two solutions in the calorimeter with proper stirring and note the final

maximum temperature reading to be 26.7 C. So the temperature rise is 6.7 C. 

That’s essentially all there is to the experiment, but how can we calculate the

energy change of this acid-base neutralization reaction using the temperature change?

Let’s consider exactly what we are measuring. From the temperature change of the

solution after mixing, we can determine the amount of heat released by the chemical

reaction as it is absorbed by the molecules and ions (what are they?) in the solution.

When the molecules and ions absorb the heat, their thermal energy increases and

causes an increase in temperature. Different molecules and ions require different

amounts of energy to increase their thermal energy. This behavior can be quantified

with a property called specific heat (s), which is the amount of heat required to raise

the temperature of 1 g of a substance by 1 C. Of course, the amount of the substance

present is also important. We know from experience a certain amount of heat is needed

to bring a given quantity of water to its boiling point, and it makes sense that it will

always require the same amount of heat for the same amount of water to reach 100 C.

On the other hand, every substance has its own specific heat. The specific heat (s) of

water is 4.184 J/ C  g, meaning that it takes 4.184 J of energy to raise the tempera-

ture of 1 g of water by 1 C. (Note from the conversion factor on p. 67 that this is the

same as 1 cal/ C  g.) It isn’t a coincidence that the specific heat of water is exactly

1 cal/g C. The calorie was originally defined as the amount of heat needed to raise

the temperature of 1 gram of water by 1 C.

The specific heat enables you to calculate the amount of heat (q) absorbed or

released in a calorimetric experiement if you know the mass (m) and the temperature

change. The change in heat is given by the equation

q  ms t
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Figure 5.1 A constant-
pressure calorimeter



where  t (delta t) is the change in temperature, that is

 t  tfinal  tinitial

The unit for q can be derived from the equation

To calculate the energy change for the neutralization reaction, we can use the spe-

cific heat of water as an approximation, because the final solution is mostly water.

The mixture actually contains water molecules and Na and Cl ions, but the num-

ber of water molecules is much greater than that of the ions. Therefore, the heat

absorbed by 100 mL solution or 100 g (assuming that the solution is essentially pure

water with a density of 1.0 g/mL) for the acid-base neutralization is 

If all of the heat from the reaction were absorbed by the solution, this would be the

value for the energy change for the reaction.

Is all the heat released by the reaction absorbed by the solution? No, some of the

heat will also be absorbed by the calorimeter itself. Because we are using an insu-

lated container, we assume that the heat absorbed by the calorimeter is negligible and

none is dissipated to the surroundings. The use of a styrofoam container makes the

assumption reasonably valid. 

How can we distinguish between the heat absorbed by the water and the heat

released by the reaction? According to the law of energy conservation, both are 1880 J,

but in one case, it is the heat lost, and in the other, it is the heat gained. A simple

way to distinguish the two is to assign opposite signs. By convention, we use a neg-

ative sign to indicate heat released or exothermic processes and a positive sign to indi-

cate heat absorbed or endothermic processes.

Now that you understand the quantitative basis of calorimetry, the formal calcu-

lation of the heat released in a calorimetric experiment should seem straightforward.

In this isolated (insulated) system, we know that the total heat change must be zero

because no heat is transferred from the system to the surroundings. Therefore, the

amount of heat lost by the reaction (a negative amount because the reaction is exother-

mic) plus the amount of heat gained by the solution (a positive amount because this

is an endothermic process) must be equal to zero. Or the heat gained must be equal

to the heat lost. Let the heat generated from the reaction be qrxn, where rxn denotes

reaction. Because we assume that all of the heat from the reaction is absorbed by the

water, the total energy change is given as the sum of the two distinct heat values.

According to the law of conservation of energy, their sum must be zero, that is

qrxn  qwater  0

or

qrxn   qwater

where qwater is the heat absorbed by the water. Therefore,

qrxn   2800 J

Would the change in qrxn be the same value if we had used double the amounts

of solution? No, the heat of the reaction would also be doubled because the mass is

q  100 g  
4.184 J

°C  g
 126.7  20.02°C  2800 J

  g  
J

°C  g
  °C  J

 q  ms¢t
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twice that of the original solution. So it would be best to indicate the heat of the reac-

tions in terms of the amount of substance. Chemists prefer to express such quantities

on a per mole basis. In our example, we had 50.0 mL of 1.00 M solutions of HCl

and NaOH, so there was 0.0500 L  1.00 mol/L or 0.0500 mole each of HCl and

NaOH reacting. For 1 mole of the acid and the base, then, the heat evolved would be

  56,000 J/mol

  56.0 kJ/mol

This quantity is the molar heat of neutralization.

Remember to pay attention to the important sign conventions in thermochemistry:

For exothermic reactions, such as the acid-base neutralization and combustion reac-

tions discussed here, the energy change has a negative sign. Conversely, for endother-

mic reactions, the energy change has a positive sign. (Check out the website for more

problems on calorimetry.)

Enthalpy A funny name for energy

The amount of heat released or absorbed in a chemical process can be slightly dif-

ferent depending on whether the reaction occurs under conditions where the pressure

is constant or under conditions where the volume is constant. The calorimeter

described earlier is called a constant-pressure calorimeter because the reaction is car-

ried out under constant atmospheric pressure conditions. Another common type of

calorimeter is the constant-volume calorimeter, and as the name implies, the reaction

is carried out under constant-volume conditions. This requires a strong, completely

sealed container where the reaction can occur in a fixed volume. 

Consider conducting a calorimetry experiment on a reaction that produces a net

increase in the number of gas molecules. If this is done in a sealed chamber of fixed

volume, the pressure will increase inside the chamber with the production of gas. If

the same reaction is conducted in a constant-pressure calorimeter (where the calorime-

ter is not sealed from the atmosphere), some of the gas produced will leave the

calorimeter. In this case, the amount of heat energy measured will be a bit smaller

than it would be if the reaction were carried out in a constant-volume apparatus. The

reason is that some of the energy is used by the molecules to push the atmosphere

back in order to enter the surroundings. 

In fact, the heat change measured in a constant-volume calorimeter is the

total energy change of the system_all the thermal and chemical energy of the

molecules, ions, and atoms. The concept of energy change is best understood if you

think about it in these molecular terms. That is, the total heat change calculated from

a calorimetry experiment is simply the sum of the changes in the motions of atoms,

molecules, and ions and the chemical forces that glue them together. The problem is

that the majority of the reactions studied by chemists are carried out with the react-

ing systems exposed to the atmosphere, where the heat change may not always be the

same as the total energy change in the system. To deal with the problem, chemists

introduced a special term for the heat change at constant pressure. The term is

enthalpy (H) and the change in enthalpy ( H) is equal to the heat change at constant

pressure. That is,  H  qp, where the subscript p denotes that this is a constant pres-

sure process and  H denotes the change in enthalpy.

Although the name enthalpy may sound unfamiliar to you, it is practically the

same as energy for our purpose. Of course, if a reaction does not involve a net change

in the number of moles of gases [for example, H2(g)  Cl2(g) 8n 2HCl(g)], enthalpy

 
2800 J

0.0500 mol
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change is the same as energy change. Enthalpy is often thought of as the heat con-

tent of a substance, but we can never actually determine the absolute amount of

enthalpy of a substance. In practice, we can measure only the enthalpy change in a

chemical process, as shown in the constant-pressure calorimetry example.

Enthalpy of Chemical Processes

The qrxn we determine from constant-pressure calorimetry experiments, like the one

described earlier in the chapter, is actually  Hrxn. Most energy changes associated

with chemical processes are reported as enthalpy changes, so we need to think, talk,

and write about the energetics of chemical reactions in terms of enthalpy changes.

Let’s consider the general equation

reactants 888n products

We can represent the enthalpy change of the reaction as

 Hrxn  H(products)  H(reactants)

If we knew the enthalpy values of the reactants and products, we would be able to

calculate  Hrxn and, hence, the heat change without doing an experiment. But this is

not possible because the absolute enthalpy of any substance is not known. However,

this restriction does not prevent us from determining  Hrxn, which is equal to the heat

change measured under constant-pressure conditions. For our earlier example of burn-

ing methane in air,

CH4(g)  2O2(g) 888n 2H2O(l)  CO2(g)

calorimetric measurements show that when 1 mole of methane is burned, the heat

generated is 890.4 kJ. Because this is an exothermic reaction,  Hrxn has a negative

sign, so we can write  Hrxn   890.4 kJ. We can attach this  Hrxn value to the

chemical equation and get a single equation (sometimes called a thermochemical

equation) that shows reactants, products, and enthalpy change.

CH4(g)  2O2(g) 888n 2H2O(l)  CO2(g)  Hrxn   890.4 kJ

Remember that it’s important to specify the amount of substance involved in the

enthalpy change. If we attach the  Hrxn value to the chemical equation, we infer that

the enthalpy change is associated with the number of moles indicated by the coeffi-

cients in the balanced equation. In this case, the equation is interpreted like this: When

1 mole of CH4 reacts with 2 moles of O2 to produce 2 moles of H2O and 1 mole of

CO2, 890.4 kJ of heat is released into the surroundings. Chemists typically report the

enthalpy changes for processes at a pressure of 1 atm, which they have agreed to call

the standard state. For enthalpy changes at a pressure of 1 atm, a superscipt “o” is

added to the  Hrxn. For example, the melting of ice at 1 atm is given by 

H2O(s) 888n H2O(l)  H   6.01 kJ

(Here we omit the subscript rxn because it is a physical process.) In words this would

read: When 1 mole of ice is converted to 1 mole of water at 0 C and 1 atm, 6.01 kJ

of heat is absorbed from the surroundings. 

Calculating Enthalpies
The enthalpy changes for many chemical processes have been measured experimen-

tally, and these values can be used to calculate the enthalpy changes for many other

processes. In Chapter 4, we said that chemical equations can be treated like algebraic
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equations. This means that you can add chemical equations together such that the

same species that appear on both sides of the equation cancel each other and the same

species on the same side of the arrow can be added together. For example, consider

the following three reactions:

(1) C(s)  O2(g) 888n CO(g)

(2) CO(g)  O2(g) 888n CO2(g)

(3) C(s)  O2(g) 888n CO2(g)

If you imagine adding Equation (1) and (2) as though they were algebraic equa-

tions, the CO’s would cancel each other, and the sum of the two equations would

be Equation (3). The importance of this additivity in thermochemistry is this: If

two chemical equations can be added together to give a third, the enthalpy

change of the third reaction is equal to the sum of the enthalpy changes of the

first two reactions. Because this rule has been proven to be true all of the time, it

has achieved “Law” status. It is called the law of heat summation or, more com-

monly, Hess’s law, after the 19th-century chemist Germain Hess. The law can be

stated in a theoretical way (as Hess did) that does not involve adding equations

(although it boils down to the same thing): When reactants are converted to prod-

ucts, the change in enthalpy is the same whether the reaction takes place in one step

or in a series of steps.

 12

 12
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Hess states his law of heat summation.

In our example, Equation (3) represents a reaction that can be broken down into two

steps [(1) and (2)]. A useful analogy of Hess’s law is as follows. Suppose you go from

the first floor to the sixth floor of a building by elevator. The gain in your gravita-

tional potential energy (which corresponds to the enthalpy change for the overall

process) is the same whether you go directly there or stop at each floor on your way

up (breaking the reaction into a series of steps). The algebraic additivity of thermo-

chemical equations enables us to imagine any reaction as the sum of other reactions,

which can be thought of as a series of reaction steps. Thus, we can calculate the

enthalpy changes for reactions that may be difficult to study experimentally.



The Enthalpy of Elements Is Defined as Zero

As we said earlier, there is no way to measure the absolute value of the enthalpy

of a substance. But understanding the way atoms, molecules, and ions behave

requires having some idea of the instrinsic enthalpy (that is, thermal and chemical

energy) of different substances. A way around the problem of not being able to

determine absolute enthalpy values is to establish a reference point for enthalpies

and assign enthalpy values relative to the reference. This problem is similar to the

one geographers face in expressing the elevations of specific mountains or valleys.

Rather than trying to devise some type of absolute elevation scale, by common

agreement all geographic heights and depths are expressed relative to sea level, an

arbitrary reference with a defined elevation of “zero” meter or feet. Similarly, we

can set an arbitrary reference scale for the enthalpies of chemical substances. The

“sea level” in our case (that is, zero enthalpy) is the enthalpy of all elements in

their most stable form at 1 atm (the standard state); we arbitrarily define their

enthalpy as zero. 

The assignment of zero enthalpy is given to a specific form of an element because

some elements (mostly the nonmetals) exist in different elemental forms. For exam-

ple, oxygen can exist as O atoms, O2 molecules, and O3 molecules (ozone), but the

most stable of these is O2, so we say its enthalpy is zero. According to this reference

point, the enthalpies of O and O3 are greater than zero because heat energy is absorbed

when they are made from diatomic oxygen. That is, it requires energy to make some-

thing less stable. Different forms of the same element are called allotropes. With the

exception of the noble gases, the most stable allotrope of the nonmetals that are gases

at room temperature is the diatomic molecule (e.g., H2, N2, F2, Cl2). The common

allotropes of carbon are graphite and diamond. Graphite is the more stable allotrope.

(If you wait long enough, you’d notice that a diamond ring changes into graphite. But

this conversion may take millions of years to complete.) The most stable allotropes

of some elements at 1 atm and 25 C are listed in Table 5.2.

Standard Enthalpy of Formation
With a reference scale established, we can experimentally determine the enthalpy

change when compounds are formed from the stable form of their elements at stan-

dard state. For the formation of exactly 1 mole of a substance, we define a quantity

called the standard enthalpy of formation ( H f ), which is the heat change that

results when 1 mole of a compound is formed from its elements at a pressure of 1

atm. The superscript “o” represents the standard-state condition of 1 atm, and the sub-

script f stands for formation. So  H  f is the enthalpy change when a compound is

formed from elements that we have defined as having zero enthalpy. 

Let’s say we are interested in knowing the  H  f value of carbon dioxide. Carbon

dioxide can be formed by burning elemental carbon in the form of graphite in an

excess of air or oxygen:

C(graphite)  O2(g) 888n CO2(g)

Using an appropriate calorimeter, we find that the heat evolved is 393.5 kJ for every

mole of CO2 formed. Thus,  H  f for carbon dioxide is  393.5 kJ per mole of CO2

formed.

The  H  f values for countless compounds have been determined directly by

calorimetry, but there are many compounds for which we cannot determine  H  f

directly. For example, if we tried to measure the  H  f value of carbon monoxide from

graphite and molecular oxygen using a calorimeter, we would end up producing some

carbon dioxide as well, even if we limited the amount of oxygen. However, we can
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Table 5.2 Most Stable
Allotropes of Some
Common Elements

Most Stable
Element Allotrope

H H2(g)

C C(graphite)

N N2(g)

O O2(g)

F F2(g)

P P4(s)

S S8(s)

Cl Cl2(g)

Br Br2(I)

I I2(s)



calculate the  H f of CO if we use Hess’s law. We can consider the formation of CO

as the first step in the overall formation of CO2 and the reaction of CO and O2 to

form CO2 as the second step. The  H  rxn for the latter reaction can be measured by

calorimetry, which gives a value of  283.0 kJ per mole of CO2 formed. The ther-

mochemical equations can be summed as follows:

(1) C(graphite)  O2(g) 88n CO(g)  H  rxn  ?

(2) CO(g)  O2(g) 88n CO2(g)  H  rxn   283.0 kJ

(3) C(graphite)  O2(g) 88n CO2(g)  H  rxn   393.5 kJ

As you have seen before, Equation (3) is the sum of (1) and (2). Therefore, accord-

ing to Hess’s law, we can calculate the  H rxn for reaction (1) by writing

 H  rxn (3)   H  rxn (1)   H  rxn (2)

or  H  rxn (1)   H  rxn (3)   H  rxn (2)

  393.5 kJ  ( 283.0 kJ)

  110.5 kJ

Because Equation (1) represents the standard enthalpy of formation for CO,

 H  rxn   H  f of CO   110.5 kJ/mol

 12

 12
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Calculate the standard enthalpy of formation of methane (CH4) from its

elements:

C(graphite)  2H2(g) 888n CH4(g)

Given that

(1) C(graphite)  O2(g) 888n CO2(g)  H  rxn   393.5 kJ

(2) 2H2(g)  O2(g) 888n 2H2O(l)  H  rxn   571.6 kJ

(3) CH4(g)  2O2(g) 888n CO2(g)  2H2O(l)  H  rxn   890.4 kJ

Note that Equation (1) is the standard enthalpy of formation of CO2 and Equa-

tion (2) corresponds to twice the standard enthalpy of formation of H2O because

2 moles of water are formed ( H  f of water is  285.8 kJ/mol).

Answer We cannot prepare CH4 by heating graphite in hydrogen because

many different products will be formed. So the only way to do this problem is

to apply Hess’s law. The general rule you should keep in mind is that Equa-

tions (1), (2), and (3) must be rearranged such that the reactants (graphite and

H2) appear on the left and the product (CH4) appears on the right of the arrow.

By proper manipulation, the other substances (CO2, O2, and H2O) will cancel

out. We note that graphite and H2 are already on the left but CH4 is also on

the left. So, we reverse Equation (3) to get

(4) CO2(g)  2H2O(l) 888n CH4(g)  2O2(g)  H  rxn   890.4 kJ

—Continued next page
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Calculating  H  rxn from  H  f

Over the years, chemists have compiled a large body of  H  f data of various com-

pounds. Standard enthalpies of some common compounds are listed in Table 5.3.These

data provide us with a way to calculate the  H rxn of a reaction without doing an

experiment. To see how this works, let’s apply Hess’s law to the production of glu-

cose (C6H12O6) and oxygen from carbon dioxide and water that occurs in plants:

6CO2(g)  6H2O (l) 888n C6H12O6(s)  6O2(g)

This chemical reaction is the basis for photosynthesis, in which radiant energy from

the sun drives this highly endothermic process. (Solar energy produces about 7.0  

1014 kg of glucose each year on Earth.) As you can imagine, it would not be easy to

study this reaction in a calorimeter. According to Hess’s law, we can calculate  H rxn

for the photosynthetic reaction if we break it down into several reactions of known

 H rxn that add up to the formation of glucose and oxygen from carbon dioxide and

water. Using the  H f values for the products and reactants is a convenient way to do

this. Because these values reflect the enthalpy of a compound relative to the arbitrar-

ily defined zero enthalpy state for elements in their most stable form at standard state,

it’s like comparing the heights of mountains based on their altitudes relative to sea level. 

We can consider any reaction as a series of indirect chemical steps: first, the

breakdown of the reactants to the elements in their most stable form at standard state,

then the formation of the products from the elements in their most stable form at stan-

dard state. In this case, the first two steps involve the  H  f for the reactants written in

reverse because the compounds are broken down to the elements.

(1) 6CO2(g) 88n 6C(graphite)  6O2(g) 

(2) 6H2O(l) 88n 6H2(g)  3O2(g)

The next two steps correspond to the  H  f of the products from their elements.

(3) 6C(graphite)  6H2(g)  3O2(g) 88n C6H12O6(s)

(4) 6O2(g) 88n 6O2(g)

By definition, the  H  f of O2(g) is zero, so we can ignore Equation (4). Note that addi-

tion of the other three equations places everything on the side of the arrow that we

want in the final equation. However, in order for the equations to add up correctly,
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Continued—

(Remember that when we reverse a reaction, the sign of  H  rxn must change.

This means that an exothermic reaction becomes endothermic, and vice versa.)

Now we add Equations (1), (2), and (4):

(1) C(graphite)  O2(g) 888n CO2(g)  H  rxn   393.5 kJ

(2) 2H2(g)  O2(g) 888n 2H2O(l)  H  rxn   571.6 kJ

(4) CO2(g)  2H2O(l) 888n CH4(g)  2O2(g)  H  rxn   890.4 kJ

C(graphite)  2H2(g) 888n CH4(g)  H  rxn   74.7 kJ

All the unwanted substances cancel on both sides of the equations. Thus,  H  f

of methane is  74.7 kJ/mol.

Table 5.3 Standard
Enthalpies of Formation
for Some Compounds

 H f

Compound (kJ/mol)

CO(g)  110.5

CO2(g)  393.5

H2O(I)  285.8

NH3(g)  46.3

NO2(g) 33.9

CH4(g)  74.7

C6H6(I) 49.0

C6H12O6(s)  1261



we need 6 moles of CO2 and 6 moles of H2O, so we will have to multiply the  H  f

values by 6. We must also reverse the signs of these enthalpy changes because we

have written the standard enthalpy of formation equations for CO2 and H2O in reverse.

The thermochemical equations would be written as follows (see Table 5.3):

(1) 6[CO2(g) 88n C(graphite)  O2(g)]   H  f  6  393.5 kJ  2361 kJ

(2) 6[H2O(l) 88n H2(g)  O2(g)]   H  f  6  285.8 kJ  1715 kJ

(3) 6C(graphite)  6H2(g)  3O2(g) 88n C6H12O6(s)  H  f   1261 kJ

6CO2(g)  6H2O(l) 88n C6H12O6(s)   6O2(g)  H  rxn  2815 kJ

As you may have realized, we don’t really have to go through all these steps

because we have simply subtracted the enthalpies of formation of the reactants from

the enthalpies of formation of the products. In fact, for any chemical reaction,  H  rxn

can be calculated using the formula

 H  rxn  n H  f (products)  n H  f (reactants)

where n represents the number of moles of each substance (that is, the stoichiomet-

ric coefficients) in the balanced equation. This formula also illustrates that you can

easily predict whether a reaction will be endothermic or exothermic by comparing the

magnitudes and signs of the enthalpies of formations. If  H f of the products is less

than that of the reactants, the reaction will be exothermic; if  H f of the products is

greater than that of the reactants, the reaction will be endothermic. 

Understanding Enthalpy Changes
While Hess’s law and  H  f values are very useful for calculating enthalpy changes in

chemical reactions, they don’t shed any light on the nature of enthalpy. To understand

the meaning of enthalpy changes for chemical processes, it’s important to think about

the changes in the atoms, molecules, and ions as a result of the reaction. Let’s con-

sider how we might do this for the photosynthetic reaction described earlier. First of

all, a value of 2815 kJ for  H  rxn tells us that the reactants are more stable than the

products (that is, the enthalpy, or energy, of the reactants is less than that of the prod-

ucts). We infer that the combined chemical forces holding the atoms and ions together

in the reactants are greater than that of the products. In fact, comparison of the

enthalpies of formation of the reactants and products shows that the combined forces

holding the former together are much stronger. What are these forces? 

The forces that hold atoms, molecules, and ions together were described earlier

in the chapter when we discussed chemical energy. In the photosynthetic reaction,

most of the enthalpy change is due to changes in chemical energy. If we break down

the reaction into the steps that must occur in the overall process, the nature of all of the

forces that give rise to the change in chemical energy is apparent. To imagine these

steps, you need to recognize that all of the species are molecules (all nonmetals,

remember?) held together by covalent bonds, which are either broken or formed dur-

ing the reaction. You also need to consider that the water and glucose molecules are

in the liquid and solid states, respectively, and are therefore held together by inter-

molecular forces. Now, if we think about the energy involved, the first thing that has

to happen is this: Intermolecular forces among water molecules are broken as are the

O—H covalent bonds in water and the CPO covalent bonds in carbon dioxide. The

energy used to break these bonds is provided by radiant energy from the sun. Con-

versely, energy is released when all the covalent bonds form between C, H, and O in

 12
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glucose and between O atoms in molecular oxygen. Additional energy is released

when glucose molecules stick together in the solid state.

The energy required to break covalent bonds (called bond energy) has been deter-

mined for many compounds (Table 5.4). Let’s return to the photosynthetic reaction.

Figure 5.2 lists all the covalent bonds that are broken or formed in the  reaction and

the combined energy associated with breaking or making them. (Glucose is a bigger

and more complicated molecule than those we have considered so far, but note that

every C forms four bonds, every O forms two bonds, and every H forms one bond as

you already know.) Adding these bond energy values gives a  H  rxn of 2724 kJ for

the reaction. Note that this is 91 kJ lower than the value we obtained using  H  f val-

ues of the reactants and products. One reason for the different values is that we did

not consider the energy associated with breaking and forming intermolecular forces

in water and glucose. However, a more likely explanation is that the bond energy val-

ues are approximate values obtained by averaging the values for a variety of differ-

ent compounds. (Check out the website for more problems.)

Summing Up Energy Changes

Now that we’ve covered all of the theoretical and quantitative aspects of thermo-

chemistry you should know, let’s summarize the major points you must remember.

(1) Chemical reactions are accompanied by changes in energy, which can be radiant,

thermal, or chemical. (2) Energy is conserved, so the energy released by a system is

absorbed by the surroundings, and vice versa, according to the law of conservation

of energy. (3) Based on this law, energy changes can be measured by calorimetry. (4)

We define the energy change determined by calorimetry (at constant P) as enthalpy.

(5) The enthalpy change for a process is the same if it happens in one step or several

steps: Hess’s law. (6) Based on Hess’s law, we can calculate enthalpy changes for
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Table 5.4 Bond
Energies for Some
Common Single, Double,
and Triple Bonds

Bond Bond
Type Energy (kJ/mol)

COH 414

COO 351

CPO 799

COC 347

CPC 620

CqC 812

CON 276

CPN 615

CqN 891

NOO 176

NPO 458

OOH 460

OPO 499

HOF 568

HOCl 432

HOBr 366

HOI 298

Figure 5.2 The enthalpy change for the photosynthetic formation of glucose can be
estimated using bond energies. Determine the total energy needed to break all the
bonds in the reactants and the total energy released by forming bonds in products
using Table 5.3. Subtraction of the energy of bond breaking from the energy released
is the enthalpy change.



processes that are difficult or impossible to measure directly; that is, breaking down

the overall process into a number of steps. (7) We can’t measure absolute enthalpies

of substances, but we can determine relative enthalpies of substances by defining a

reference point of zero enthalpy for all elements in their stable allotropic form at stan-

dard state (that is, 1 atm and 25 C).

Test your understanding of the material in this chapter
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I M P O R T A N T  T E R M S

Explain the following terms in your own words:

allotropes, p. 73

calorimeter, p. 67

calorimetry, p. 67

covalent bond, p. 63

endothermic

process, p. 66

energy, p. 61

enthalpy, p. 70

exothermic process, p. 66

heat, p. 63

Hess’s law, p. 72

intermolecular

forces, p. 64

ionic bond, p. 64

law of conservation of

energy, p. 65

specific heat, p. 68

standard enthalpy of

formation, p. 73

standard state, p. 71

thermochemistry, p. 65

C O N C E P T S

Explain in your own words:

• Different types of energy and their interconversions.

• The measurement of heat change using a constant-pressure calorimeter.

• Determining the standard enthalpy of formation of a compound.

• Determining the enthalpy change of a reaction using the standard enthalpies of

formation of products and reactants.
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Atomic Structure and the
Periodic Table
Peeking into the atom 6

n Chapter 2 we introduced you to the composition of atoms. You know

they contain protons, neutrons, and electrons. You know from Rutherford’s

experiments that the density of the nucleus is huge and that most of the

space in an atom is occupied by the lightweight electrons. You also know

that it’s the electrons that are involved in chemical reactions—they’re either

transferred or shared. In order to understand why and how electrons are transferred or shared

by atoms, you will need to learn something about their behavior. What exactly are those elec-

trons doing when they’re moving around the nucleus? First of all, we should tell you that no

one fully understands electrons, but we know a lot about where they spend their time and how

they behave. It’s like gravity; nobody fully understands it, but we know how it works.

Knowing the location and behavior of electrons within an atom is extremely useful because

it forms the basis for predicting chemical properties of substances. Moreover, because atoms are

grouped according to chemical properties in the periodic table, the location and behavior of elec-

trons are inherent in the layout of the periodic table—hence, the title of this chapter. Our closer

look at atoms in this chapter is really a closer look at the electrons in atoms and how their loca-

tion and behavior relate to the periodic table. To set the stage for our discussion of the proper-

ties of electrons, we’d like to give you a little history about the properties of radiant energy (e.g.,

light) because electrons and light behave similarly, although light is a bit easier to understand.

Light

In Chapter 5 we told you that hot objects emit light. When you turn on a lightbulb, it emits

radiant energy because the tungsten filament is heated to about 3000 C by electrical energy.

Experiments have shown that radiant energy is transmitted through space in periodic waves,

not unlike sound or the waves that are transmitted through water.

Light Is a Wave
To understand that light travels as a wave, you have to understand the basic properties of waves.

Imagine two people holding the ends of a stretched piece of string. If one person moves his

I



end up and down quickly, a pulse is sent along the string—this is a wave. If the end

is repeatedly moved up and down, a periodic wave is generated. Now if both people

move their ends by the same amount at the same time such that the waves overlap

when they meet, the size of the wave, or the displacement of the string, at this point

is doubled. These waves are said to be in phase with one another. On the other hand,

if the waves are generated from each end such that they are completely out of phase

(that is, the hump of one overlaps with the trough of the other), there is no string dis-

placement where they meet.
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Young saw light . . .
and proved it was a wave.

The ability of waves to interfere with one another constructively when they are in

phase and destructively when they are out of phase provided the basis for the proof

that light has wave properties. In 1801 the English scientist and physician Thomas

Young performed the classic double-slit experiment in which he shined light against

a surface through two adjacent slits and observed a pattern of alternating bright and

dark lines. (Try this out at home with a flashlight.) If the light is shined through only

one slit, the entire surface is lighted. Young explained his results by saying that the

dark lines were produced when the light from the two sources interfered with each

other destructively and the bright lines were due to constructive interference—exactly

what you’d expect if light travels in waves.

Waves can be represented very simply as shown in Figure 6.1 by oscillating lines

and can be described by two features—wavelength ( ) and frequency ( ). One wave-



length can be thought of as the horizontal displacement in one complete oscillation.

Note that the two waves in Figure 6.1 differ in their length, with the one on the top

being three times as long as the one on the bottom. Radiant energy is transmitted in

an infinitely large number of different wavelengths ranging from 10 14 m for gamma

rays to 1000 m for radio waves. If you hold a prism in front of a lightbulb, you will

see all the colors of the rainbow (that is, the entire spectrum of visible light). The

prism separates the light into its component colors, which correspond to the many dis-

tinct wavelengths of light. For example, blue light has a wavelength of about 4 10 7

m, or 400 nm (1 nm  1  10 9 m; see back endpaper for prefixes), and red light

has a wavelength nearly twice as long (about 700 nm). The frequency of a wave is the

number of oscillation cycles per second and has the unit of s 1. If the waves in Fig-

ure 6.1 were propagated at the same speed, the frequency of the wave on the bottom

would be three times that of the wave on the top. Waves with short wavelengths have

a high frequency. The speed at which a wave travels is the product of the wavelength

times the frequency (m  s 1
 m/s). This should make sense if you think about the

oscillating string. Let’s say the string oscillates at a frequency of one oscillation per

second (that is, the string goes up and down and returns to its original position in one

second). If the length of the wave were 10 cm, the wave will travel 10 cm per sec-

ond, which is its speed. An important point about radiant energy is that all radiation

waves travel at the same speed—the speed of light (3.0  108 m/s). For all radiant

energy, the product of the wavelength (in meters) times the frequency (in s 1) is

3.0  108 m/s in a vacuum. For our purposes, we can assume the speed of light is a

constant and assign the symbol c for it, so its relationship to wavelength and frequency

is given by the equation: c    .

But what exactly is traveling in these waves of radiant energy? Light is not a tan-

gible substance like matter, but it is measurable. Imagine our lightbulb is on a dimmer

switch. If you adjust the switch so that the light is about half as bright—midway between

completely on and off—you would expect the energy emitted would be half as much.

But, if you were to hold up your prism to the dimmed light, all the same colors (that is,

wavelengths) would be there. We haven’t changed the speed, wavelength, or frequency,

but the radiant energy given off is obviously less. To understand how this might work,

it’s useful to think about reducing the amount of matter as an analogy. Remember in

Chapter 2 we said you can go only so far in dividing a piece of gold wire. When you

reach the size of a single atom, you can’t divide it anymore and still have gold. Imag-

ine there is a similar point for radiant energy, the smallest unit of radiant energy, where

you can’t reduce the energy anymore (by dimming the light) and still have radiant energy.

Light 81

Figure 6.1 Two waves
having the same amplitude
but different wavelengths and
frequencies



This turns out to be the case, and we owe our understanding of this property of

radiant energy to two German physicists who pioneered what we call quantum

theory_Max Planck and Albert Einstein. Because quantum theory can’t be explained

in a way that makes sense in our view of the “macroscopic real” world, it is best under-

stood by following its development from the beginning. It all started when these two

brilliant scientists proposed a radical idea to explain experimental results with light that

could not be explained by classical physics. The experiments dealt with two light-

related phenomena called black-body radiation and the photoelectric effect.

Planck Explains Black-Body Radiation: Energy Is Quantized

It has been known for a long time that hot objects emit light. Hundreds of years ago,

potters used color to determine the temperature of their hot kilns; red is 700 C and

yellow is 1000 C (no matter what the kiln is made of). Experiments at the end of the

19th century dealing with so-called black-body radiation involved measuring the fre-

quency of light emitted from a black object (or body) when it’s heated. Things are

black because they absorb all the radiation that falls on them. Things that are colored

don’t absorb all wavelengths of radiation, but reflect back the colors we see; white

objects reflect all of the visible light. So using a black object (or body) ensures that

a maximum number of visible wavelengths are absorbed. The apparatus used was a

lot like a black oven with a slit for light to come out. The oven was heated, and the

frequencies and intensity of light coming from the slit were measured. When the inten-

sity of the light was plotted against wavelength, the data looked like bell-shaped

curves that were bigger and shifted toward shorter wavelengths at higher temperatures.

Early attempts to derive equations for the curve based on classical physics

approaches failed to account for all the data. For example, if you considered that

the waves simply got more intense as their wavelength decreased, the curve would

keep going up indefinitely (and short-wavelength light could be very dangerous). In

1900 Max Planck tried his hand at explaining the black-body radiation results that

confounded the scientific community and colleagues. He proposed that the energy

radiated from a black body is not continuous, but exists as discrete energy packets

whose energy is proportional to its frequency (E ∝  ). He called the packets quanta

and determined the proportionality constant (h, now called Planck’s constant) to be

a very small number, 6.626  10 34 J s, (E  h ). Thus, radiant energy is said to

be quantized; that is, it is limited to amounts that are whole number multiples of
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Planck proposes that radiant
energy is quantized.



the basic unit h (1 h , 2 h , 3 h , . . .). If we invoke the matter analogy, h is to

energy what the atom is to matter, and just as there are different types of elements,

radiant energy comes in different colors and forms. The energy of a quantum of

blue light would be higher than that of red light because blue light has a higher fre-

quency. Although most things we are familiar with are quantized—from atoms to

people (you can’t divide either of them), it had never before been considered for

something with wave properties. While Planck’s equation fit the experimental data

perfectly, neither he nor anybody else really believed it for a long time. The idea

of quantization of energy, that is, energy changes only in discrete amounts, will take

you a while to get used to.

Einstein Explains the Photoelectric Effect: Light Is a Particle

A few years later, Einstein elaborated on Planck’s quantum theory by proposing that

radiant energy is emitted in discrete units, or light particles (called photons). The basis

for his proposal was the so-called photoelectric effect, the experimental observation

that electrons can be ejected from a metal by light if the frequency of the light is high

enough. For example, you can shine intense red light on potassium metal in a vac-

uum for hours without ejecting a single electron, but as soon as you shine yellow light

(shorter wavelength, higher frequency and higher energy) on the metal, electrons are

easily knocked out of the atoms. If you use blue light, the electrons are also ejected,

but with a lot more kinetic energy. This behavior perplexed physicists because the

classical view held that even low-energy red light should eject electrons if the inten-

sity of the light were high enough.

Einstein explained the phenomenon as follows: The removal of an electron from

the metal requires a finite amount of energy. When a photon having enough energy

(h ) collides with an atom in the metal, it transfers all of its energy to the most loosely

held electron. If the energy of the photon is higher than the amount needed to knock

the electron out of the atom, the extra energy is absorbed by the electron in the form

of kinetic energy. Every metal has a threshold frequency of radiation below which an

electron cannot be removed no matter how intense the light. The notion that light pos-

sesses both wave and particle properties was a very radical idea at the time, and few

scientists bought into it. The explanation was consistent with Planck’s notion of energy

quanta and eventually proved to be correct by a classical physicist, Robert Millikan,

who conducted painstaking experiments trying to prove Einstein wrong.
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Electrons

When Einstein proposed his idea of light particles transferring their energy to elec-

trons in atoms, a model of atomic structure had been proposed by J.J. Thomson (who

discovered the electron and showed it to be a particle with mass and charge) and Lord

Kelvin. They suggested an atom was a positive sphere with negative electrons embed-

ded in it, like plums in pudding. A few years later, Rutherford’s experiments with

alpha particles (recall from Chapter 2) led him to propose his model of a mostly empty

atom where electrons moved around the very small, positive nucleus, like planets

around the sun. But there were problems with this view of electrons. According to

classical physics, the electron should eventually collapse into the nucleus. A major

breakthrough in our understanding of electrons came when the Danish physicist Neils

Bohr developed a model to explain the emission spectrum of gases, another seem-

ingly inexplicable experimental result. In so doing, Bohr extended quantum theory to

the realm of the atom.

Bohr Explains Emission Spectra: The Energies of Electrons Are Quantized
Since the middle of the 18th century, scientists have studied the emission of light from

heated gases. Unlike the emission from a lightbulb, which can be separated into a

continuous spectrum of visible wavelengths with a prism, the emission of hot gases

through a prism gives a small number of distinct lines at specific wavelengths. It’s as

if large chunks of the visible spectrum were blacked out, as shown in Figure 6.2. In

1885 a Swiss mathematician, Johann Balmer, discovered a simple formula that

accounted for the frequencies of the distinct colored lines of the hydrogen spectrum

that involved small whole numbers:

 

For the four visible lines in the hydrogen spectrum, the value of nf (for nfinal) is 2,

and the values of ni (for ninitial) are 3, 4, 5, and 6. He determined the value of R,

called the Rydberg constant, to be 3.29163  1015 s 1. This remarkably simple equa-

tion gives the frequencies of the visible spectral lines to an amazing degree of accu-

racy and predicts many other frequencies outside the visible region.

Bohr learned about Balmer’s equation at a time when he was already thinking

about the arrangement of electrons in an atom. Inspired by Rutherford’s atomic model
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and the quantum ideas of Planck and Einstein, he developed a model of the hydrogen

atom that would account for the hydrogen emission spectrum. He reasoned that the

spectral lines represent photons with specific energies that are emitted when an elec-

tron loses the energy it gained when the gas was heated. Accordingly, the electron must

be able to exist for some finite period of time in different energy states within the atom.

A high-energy-state electron will eventually want to lose energy to return to its most

stable lower-energy state, called the ground state or ground level. An electron having

more energy than its most stable state is said to be in an excited state or excited level.
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Figure 6.2 Emission
spectrum of hydrogen atoms

Bohr proposes a model for the hydrogen
atom based on its emission spectrum.

Bohr proposed that the emission from hydrogen atoms was restricted to certain fre-

quencies because the lone electron can possess only certain energies, each of which cor-

responds to a particular orbit around the nucleus. In other words, the energy of the sin-

gle electron orbiting the nucleus in the H atom is quantized. A useful analogy for Bohr’s

hydrogen atom is a multistory building where the floors (energy levels) can be reached

only by an electron using the elevator. The ground floor corresponds to the ground state,

and the upper floors are excited states. Energy must be supplied to raise the elevator to

the higher floors, and energy is released when the elevator goes down. The elevator can

remain at a particular floor momentarily (but not between floors). Now, if the energy

were released in the form of photons, a drop from the 10th floor to the ground floor

would produce a photon with higher frequency (and lower wavelength) than the pho-

ton emitted in going from the second floor to the ground floor.

Figure 6.3 shows a diagram of the Bohr model. In the model, an electron emits

a photon when it drops from a higher-energy orbit (an excited state) to a lower-energy



orbit (a less excited state or the ground state). This model accounts for the specific

energies represented by the lines in the hydrogen emission spectrum. In a broader

sense, the model also suggests an explanation for the light emitted from hot objects:

The electrons are excited by the heat and emit photons when they drop to lower-

energy states. Because many more energy states are available in solids with lots of

electrons, their spectrum appears to contain all frequencies of visible light.
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Figure 6.3 According to the
Bohr model of the hydrogen
atom, the electron can be
promoted to a higher energy
level by absorbing a discrete
amount of energy. The
electron will then drop to a
lower energy level, emitting a
photon that has a specific
wavelength corresponding to
the energy change.

However, one of the major shortcomings of the Bohr model was that it could not

explain the emission spectra of atoms with more than one electron (not even the

helium atom). The fundamental problem with the model is that electrons do not cir-

cle the nucleus in predictable paths or orbits. Describing the behavior of electrons

would require thinking about electrons in a different way altogether.

Electrons Are Waves
In 1924 a graduate student in Paris, Prince Louis de Broglie, astounded his Ph.D.

review committee when he presented a thesis (about three pages in length) on the

wave properties of particles. Using photons as a model, he started with Einstein’s

famous mass-energy relationship equation: E  mc2, where c is the speed of light.

He then substituted the momentum, p (which is mass times velocity):

E  pc  p(  ) (remember c    )

Because E  h ,

h  p(  )

then

  h/p or   h/mu



where  is the wavelength, m the mass of the system, and u the velocity. de Broglie

proposed that this relationship applies to all matter in motion, from electrons to ten-

nis balls. That is, a moving object oscillates with a wavelength that depends on both

its velocity and its mass—the larger the mass or the velocity, the smaller the wave-

length. This was such a radical idea that the scientists who reviewed de Broglie’s the-

sis sent a copy to Einstein for his opinion. Impressed with de Broglie’s work, Einstein

told them to give de Broglie his degree. So both light and electrons behave as waves

and particles (sometimes called wave-particle duality), and their energies are

quantized.
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de Broglie’s Ph.D. thesis may
be the shortest in history.

Figure 6.4 Allowed (top)
and nonallowed (bottom)
orbits

de Broglie’s theory provides the needed explanation for the quantized energy

states of electrons in atoms. Consider a circular orbit like the one shown in Figure

6.4. If the circumference of the orbit is equal to a whole number multiple of a cer-

tain wavelength, an electron having that wavelength (and the corresponding energy)

is allowed. Thus, an electron with a wavelength as shown on top is allowed. How-

ever, an electron could not have the energy corresponding to the wavelength in the

figure on the bottom because in going around the orbit, the waves would be out of

phase and therefore couldn’t exist. Ironically, the wavelike nature of electrons was

later proven by G.P. Thomson, 30 years after his father (J.J. Thomson) showed that

electrons are particles. 

Electrons Inhabit Orbitals
Inspired by de Broglie’s notion of the wave properties of electrons, the Austrian physi-

cist Erwin Schrödinger derived an equation in 1926 that describes electrons as waves

in three-dimensional space. The Schrödinger wave equation is the basis of quantum

mechanics, which describes the behavior of electrons as effectively as Newtonian

mechanics describes the orbits of planets around the sun. It is not an easy subject.

Bohr reportedly said that if you weren’t confused by quantum mechanics, then you

didn’t really understand it. Understanding quantum mechanics is well beyond the

scope of an introductory chemistry course, but you can understand what it tells us

about atomic structure. If the Schrödinger equation is solved for the hydrogen atom,

which requires some advanced calculus, you get a set of so-called wave functions with

energies that agree with the energies calculated by Bohr. In principle, this equation

works for multielectron atoms and molecules as well.

The most important outcome from solving the Schrödinger equation for atoms is

the description of orbitals. Atomic orbitals come in different sizes, shapes, and orien-

tations. They are well-defined regions of three-dimensional space that can be inhabited



by an electron, but it’s not possible to know exactly where the electron will be in that

space at a particular time, just like it is not possible to describe the “location” of a

wave in space. We just know that it will most probably (better than a 90% chance) be

somewhere within the boundaries of the orbital space. If you could take a movie of the

electron and overlap all of the frames (that is, average its location over time), it would

look like a cloud of dust distributed throughout the orbital. In fact, electron orbitals are

often referred to as electron clouds or electron densities. Because orbitals come in dif-

ferent sizes, shapes, and orientations, the location of any electron inhabiting an orbital

could be identified by assigning specific designations for these three parameters. Solv-

ing the Schrödinger equation gives three quantum numbers, which do just that.

Quantum Numbers Describe Orbitals
To understand the meaning of quantum numbers, let’s consider another building anal-

ogy. In this case, the atom is a hotel with several rooms of different types on each

floor—some regular rooms, some suites, and some deluxe suites. Depending on the

atom, the building could be filled with any number of electrons, from one (like hydro-

gen) to one in every room. A particular electron can be found in the building if you

have an address identifying the specific room. For example, to identify a third-floor

room, you might give it the address 3SW, where 3 refers to the floor, S stands for

suite, and W means it’s on the west side of the building.

Similarly, an electron in an orbital can be identified by a distinct set of three quan-

tum numbers, one to indicate the orbital’s energy level (or size, as in the Bohr model),

another to indicate its shape, and a third to indicate its spatial orientation. A fourth

quantum number was proposed by the Swiss physicist Wolfgang Pauli. Pauli suggested

that each orbital can hold two, and only two, electrons, each one spinning on it’s own

axis in clockwise and counterclockwise directions. Experimental evidence has since

shown this to be correct. Pauli introduced the spin of an electron as a fourth quantum

number, and his idea was extended to the assignment of quantum numbers as the Pauli

exclusion principle: No two electrons in an atom can have the same four quan-

tum numbers.

The three values that come from Schrödinger’s wave equations are called the prin-

cipal (n), angular momentum (l), and magnetic (ml) quantum numbers. They designate

the size, shape, and special orientation of the orbitals in an atom. The combination of

these three numbers gives the address of an electron. For example, an address of 211

would correspond to n  2, l  1, and ml  1. The possible values for each quantum

number and their meaning are given by some simple rules.
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Schrödinger’s equation describes
electron behavior in atomic orbitals.



n

The principal quantum number (n) describes the size and energy level of the orbital

and can have integral values of 1, 2, 3, and so on, where higher numbers mean big-

ger size of the orbital and higher energy. It’s analogous to the energy levels in Bohr’s

hydrogen atom. For example, orbitals for which n  2 are larger and have higher

energy than those for which n  1 (which is the ground state). The principal quan-

tum number is the first number in the electronic address, so any electron in the n  3

level, for example, will have 3 as its first number in the address. As with the Bohr

model, energy must be absorbed to excite an electron from a lower-energy orbital to

a higher one. The different energy levels in atoms are often called shells, where each

n value corresponds to a distinct shell.

l

The angular momentum quantum number (l) describes the shape of the orbital

and can have integral values of 0, 1, 2, 3, and so on; however, the value of l depends

on the value of n. For a particular value of n, l can have values only up to n  1.

Figure 6.5 shows the shapes of the so-called s, p, and d orbitals; these orbital types

have l values of 0, 1, and 2, respectively. Orbitals come in more complex shapes (and

too hard to draw) as the value of l gets larger, but we don’t need to concern ourselves

with the shape of anything above l  2, which is the angular momentum quantum

number for d orbitals. However, in theory, they could go on . . .

l 0 1 2 3 4 5

Name of orbital s p d f g h

At each energy level (n), there can be one or more types of orbitals. For exam-

ple, at n  1, l  0, so only s orbital exists; at n  2, l  0 and 1, so s and p orbitals

are present; at n  3, l  0, 1, or 2, so s, p, and d orbitals are present; and at n  4,

l  0, 1, 2, or 3, so s, p, d, and f orbitals are all present. As the n number increases,
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Pauli’s exclusion principle: 
No two electrons in an atom can 

have the same four quantum numbers.

Figure 6.5 Shapes of
orbitals. The nucleus is
indicated by a black dot.



the number of types of orbitals increases as well. The value of l and orbital names

(which are simply letters) can go on indefinitely, but the only ones that are relevant

to us at this level are the s, p, d, and f orbitals.

As mentioned previously, a collection of orbitals with the same value of n is called

a shell. One or more orbitals with the same n and l values (that is, the same orbital

type) are referred to as subshells. For example, the shell with n  2 is composed of

two subshells, l  0 and 1 (the allowed values for n  2). These are the 2s and 2p

subshells, where 2 denotes the value of n, and s and p correspond to l  0 and 1.

ml

The magnetic quantum number (ml) describes the orientation of the orbital in space

and has values that go from  l to 0 to  l. It’s called the magnetic quantum number

because the effect of different orbital orientations was first observed in the presence

of a magnetic field. Although there is only one way in which a spherical s orbital

(l  0) can be oriented in space, p (l  1) and d (l  2) orbitals can point in dif-

ferent directions. There is only one s orbital per energy level, and its ml value is 0.

There are three different orientations for p orbitals and five orientations for d orbitals

(see Figures 6.7 and 6.8). In fact, the number of orientations depends on the type of

orbital. For a given value of l, there are (2l  1) integral values of ml, as follows:

 l, ( l  1), ...0, ...( l  1),  l

How many different orientations, or ml values, are there when l  2 (that is, how

many different l orbitals)? If l  2, then there are [(2  2)  1], or five values of

ml, namely,  2,  1, 0, 1, and 2. The number of ml values indicates the number of

orbitals in a subshell with a particular l value. In other words, there are five orbitals

in the 3d subshell (and the 4d and 5d subshell, and so on). Because, according to

Pauli, each orbital can hold two electrons, we need one last quantum number to dis-

tinguish their electronic addresses.

ms

The electron spin quantum number (ms) describes the spin of an electron in an

orbital and can have values of only  1/2 and  1/2. Experiments on the emission

spectra of hydrogen and sodium atoms indicated that lines in the emission spectra

could be split by the application of an external magnetic field. Physicists explained

these results by assuming that electrons act like tiny magnets. If electrons are thought

of as spinning on their own axes, as Earth does, their magnetic properties can be

accounted for. According to electromagnetic theory, a spinning charge generates a

magnetic field, and it is this motion that causes an electron to behave like a magnet.
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List the values of n, l, and ml for orbitals in the 4d subshell.

Answer As we saw earlier, the number given in the designation of the sub-

shell is the principal quantum number, and d orbital corresponds to the angu-

lar momentum quantum number

n l  2

4d

The values of ml can vary from  l to l. Therefore, ml can be  2,  1, 0, 1, or

2 (which correspond to the five d orbitals).
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More About Orbital Shapes
Let’s not forget that the quantum numbers represent addresses for electrons in orbitals.

They are important because they tell us where the electrons are in an atom, and where

an electron is in an atom is largely determined by the shape of its orbital. Strictly

speaking, an orbital does not have a well-defined shape because the wave function

characterizing the orbital extends from the nucleus to infinity. In that sense, it is dif-

ficult to say what an orbital looks like. On the other hand, it is certainly convenient

to think of orbitals in terms of specific shapes, particularly in discussing the forma-

tion of chemical bonds between atoms.

Although in principle an electron can be found anywhere, we know that most of

the time it is quite close to the nucleus. For example, solving the Schrödinger equa-

tion for an electron in the 1s orbital gives roughly 90% probability of finding the elec-

tron within a sphere of radius 100 pm (1 pm  1  10 12 m) surrounding the nucleus.

Thus, we can represent the 1s orbital by drawing a boundary surface diagram that

encloses about 90% of the total electron density in an orbital as shown in Figure 6.6.

A 1s orbital represented in this manner is merely a sphere.
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6.2What is the total number of orbitals associated with the principal quantum num-

ber n  3?

Answer For n  3, the possible values of l are 0, 1, and 2. Therefore, there

is one 3s orbital (n  3, l  0, and ml  0); there are three 3p orbitals (n  3,

l  1, and ml   1, 0, 1); there are five 3d orbitals (n  3, l  2, and ml  

 2,  1, 0, 1, 2). So the total number of orbitals is 1  3  5  9.

There’s a short cut to this problem. The total number of orbitals is always

given by n2. You should check the validity of this formula by calculating the

total number of orbitals for n  1, 2, 3, and 4.

Figure 6.6 Top panel:

(a) Plot of electron density in
the hydrogen 1s orbital as
a function of the distance
from the nucleus. 

(b) Boundary surface diagram
of the hydrogen 1s orbital.

Bottom panel: Boundary
surface diagrams of the 1s,
2s, and 3s orbitals. Each
sphere contains about 90%
of the total electron density.



s (l  0)

All s orbitals are spherical in shape but differ in size, which increases as the principal

quantum number increases (that is, the size increases as follows: 1s  2s  3s ...).

Although the details of electron density variation within each boundary surface are

lost, there is no serious disadvantage. For us, the most important features of atomic

orbitals are their shapes and relative sizes, which are adequately represented by bound-

ary surface diagrams.

p (l  1)

You should know that the p orbitals start with the principal quantum number n  2.

If n  2, then the angular momentum quantum number l can have values of 0 and 1.

As we saw earlier, when l  1, the magnetic quantum number ml can have values of

 1, 0, 1. Starting with n  2 and l  1, we therefore have three 2p orbitals (Figure

6.7), which are oriented along the three axes: 2px, 2py, and 2pz. The letter subscripts

indicate the axes along which the orbitals are oriented. These three p orbitals are iden-

tical in size, shape, and energy; they differ from one another only in orientation. Note,

however, that there is no simple relation between the values of ml and the x, y, and z

directions. For our purpose, you need only remember that because there are three pos-

sible values of ml, there are three p orbitals with different orientations.

The boundary surface diagrams of p orbitals show that each p orbital can be

thought of as two lobes; the nucleus is at the center of the p orbital. Like s orbitals,

p orbitals increase in size from 2p to 3p to 4p orbital, and so on.
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Figure 6.7 The shapes of p orbitals

d (l   2)

You should know that the d orbitals start with the principal quantum number n  3.

If n  3, then the angular momentum quantum number l has values of 0, 1, and 2.

When l  2, there are five values of ml ( 2,  1, 0, 1, 2), which correspond to five

d orbitals: 3dxy, 3dyz, 3dxz, 3dx
2
 y

2, and 3dz
2 (Figure 6.8). As in the case of the p

orbitals, the different orientations of the d orbitals correspond to the different values

of ml, but again there is no direct correspondence between a given orientation and a

particular ml value. All the 3d orbitals in an atom are identical in energy. The d orbitals

for which n is greater than 3 (4d, 5d, . . .) have similar shapes.

Although there are other types of orbitals, the s, p, and d orbitals are the only

ones you need to know about the shapes and orientations. Try not to be intimidated

by the strange shapes of orbitals, especially the d orbitals.

You have seen that quantum numbers are important for determining the sizes (and

energies) of orbitals, their shapes, as well as the number of orbitals in a particular shell.

Our next step is to see how the electrons are distributed among the various orbitals for



a given atom. Our earlier analogy of the atomic hotel shows that each orbital, or room,

can accommodate a total of 2 electrons. Therefore, we know that 2 electrons can be

housed on the first floor (the 1s orbital), 8 electrons on the second (the 2s and 2p

orbitals), and 18 on the third (that is, 2 in the 3s orbital, 6 in the 3p orbitals, and 10

in the 3d orbitals). We can use quantum numbers to describe the location of the elec-

trons in an atom just like we can list the addresses of the hotel occupants. But describ-

ing an atom with a lot of electrons using a list of the four quantum numbers for each

electron would be unnecessarily cumbersome. There is an easier way. . . .

Which Orbitals Are Occupied in Atoms?
Now that you know about the types of atomic orbitals, we are ready to discuss how

they are filled in atoms. Let’s consider the hydrogen atom first. Which orbital do you

think will be occupied by the lone electron? You know that this electron would want

to be in the lowest-energy state, or level, if it isn’t excited by an external source.

Because there is only one orbital, 1s, in the lowest level, this is where you will find

the electron. A hydrogen atom with its electron in the 1s orbital is called the ground-

state H atom, because the energy of the electron is at its minimum. For atoms hav-

ing more than one electron, called many-electron atoms, we can again obtain the

ground-state arrangement if we place the electrons in the order of increasing energy,

that is, from the lowest-energy level up to higher ones. Referring again to our atomic

hotel analogy, the hotel manager fills the rooms on the ground floor first and then

fills the rooms on the second, third . . . floors in that order. An atom with its electrons

filled in this way will be in its most stable state because the total energy of the elec-

trons is at its minimum. 

It should make sense then that an electron will not occupy the fourth shell, for

example, if there are empty orbitals in the third shell. But, which orbital would have

an electron if the shell contains different types of orbitals? The one with the lowest

energy, of course. So we need to know the relative energies of the different types of

orbitals. For a many-electron atom, the order within a given shell is exactly what you

might expect: s  p  d, and so on. One way to think about this order is to consider

that the average distance of the electrons increases as you go from s to p to d, and

so forth. So in the third shell, the 3s orbital has lower energy than each of the three

3p orbitals, which have lower energy than each of the five 3d orbitals. Let’s consider

the ground-state sodium atom with 11 electrons. To identify the locations of the elec-

trons, we can list the atomic orbitals in order of increasing energy and add two elec-

trons to each orbital, starting with the lowest-energy 1s orbital and filling them until

all 11 are distributed. So there would be 2 electrons in the 1s orbital, 2 electrons in

the 2s orbital, 6 electrons in the three 2p orbitals, and 1 electron in the 3s orbital—

that’s 11 in all (Figure 6.9).
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Figure 6.8 The shapes of d orbitals



Electron Configuration The atomic census

For convenience, chemists use a shorthand method, called electron configuration, for

describing the location of electrons in atoms and ions. The electron configuration is

a list of all the occupied orbitals with a superscript after each indicating the number

of electrons. For hydrogen, the ground-state electron configuration is 1s1, and for

sodium, it’s 1s22s22p63s1. Isn’t this a lot easier than writing out all of the quantum

numbers? As you move to larger atoms, it gets a little more complicated, but the eas-

iest way to figure out the electron configuration of an atom is to use the periodic table.

The Periodic Table Is Based on Electron Configurations
Although Bohr is best known for his model of the hydrogen atom, what he was espe-

cially interested in was the relationship between the periodic table and the arrange-

ment of electrons in atoms. Bohr suggested that the chemical and physical properties

of atoms depend on the way electrons are arranged around the nucleus. Long before

the discovery of electrons or the nucleus, Mendeleev had already arranged the ele-

ments according to their chemical properties and molar masses (as you saw in Chap-

ter 2). So Bohr thought there must be a connection between the arrangement of elec-

trons in atoms and the periodic table. It turns out that the elements in the same group

on the periodic table have the same electron configuration in their outermost shell. In

fact, it was Bohr who first used the term shell to describe the energy levels of an

atom. He proposed that each shell can accommodate a certain number of electrons,

and the degree to which a shell is filled determines an atom’s chemical properties; a

filled shell gives chemical stability. According to Bohr, the stable noble gases should

have fully filled shells.

Let’s explore Bohr’s idea of full shells by considering the number of electrons in

the noble gases in the context of what we know about the number of subshells. The

number of electrons in He, Ne, Ar, and Kr are 2, 10, 18, and 36, respectively. If these

atoms have all their shells filled, we would infer that the first shell holds 2 electrons;

the second, 8; the third, 8; and the fourth, 18. Although the numbers 2, 8, and 18 are

consistent with the number of electrons predicted by quantum mechanics, we would

expect argon to have 36 electrons. That is, there should be 2 in the first shell (in the

1s), 8 in the second shell (in the 2s and 2p’s), and 18 in the third shell (in the 3s,

3p’s, and 3d’s). 

A likely explanation for argon having only 8 in its third shell instead of 18 is

that its 3s and 3p orbitals are filled, but not the 3d. Apparently krypton, with 18 elec-

trons more than argon, has a filled d subshell in addition to the filled 4s and 4p sub-

shell. However, this filled d subshell must be the 3d subshell because quantum

mechanics tells us that the 3d is the lowest-energy d subshell available. This doesn’t
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Figure 6.9 Left: Orbital
energy levels for a many-
electron atom. Right:
Occupation of orbitals in a
sodium atom. Electrons are
indicated as arrows pointing
up or down, corresponding to
the opposite spins they have
when paired in an orbital.



present any problems in terms of the order in which orbitals are filled until you con-

sider the potassium atom with 19 electrons. Potassium is in the same group (1A) as

Li and Na—all having one electron in an outermost s orbital; Li is 1s22s1, and Na is

1s22s22p63s1. It follows that the chemically similar K would have an electron con-

figuration of 1s22s22p63s23p64s1. The outermost electron is in the 4s orbital, and the

3d subshell is empty! This changes our rules regarding the order of filling orbitals

and this isn’t the only case. For example, the 6s orbital is filled before the 5d and the

4f orbitals. The good news is that you don’t have to memorize a complicated filling

order because it’s all laid out in the periodic table.

Let’s start by breaking the periodic table into four parts (s, p, d, f) as shown in

Figure 6.10. Note that the number of elements in each horizontal row is 2, 6, 10, 14.

That’s exactly the number of available spots in the subshells s, p, d, and f. It turns

out that Groups 1A and 2A atoms have an s as their outer subshell, Groups 3A–8A

have p as their outer subshell, the transition metals have a d as their outer subshell,

and the inner transition metals (Z  58 71 and 90 103) have an f as their outer

subshell. Moreover, atoms in the same groups have the same number of electrons in

their outer subshell (as Bohr suggested), and that number increases across the peri-

odic table. For example, the outer subshell configurations for the second period ele-

ments are 2s1, 2s2, 2p1, 2p2, 2p3, 2p4, 2p5, and 2p6. So the periodic table is a map of

electron configurations as shown in Figure 6.11.
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Figure 6.10 All of the elements in each section of the periodic table have their
outermost electrons in the same type of orbital.



Electron Configurations of Ions
In addition to writing ground-state electron configurations of elements, you should

also learn to do the same for ions. There is an easy way to do this for representative

elements. When the atom of a representative element is converted to an anion, it wants

to look just like the noble gas immediately following it. For example, when fluorine

is converted to fluoride (F ), its electron configuration becomes the same as that for

Ne (1s22s22p6). This is also true for O2 and N3 . The ions F , O2 , and N3 and

the atom Ne are said to be isoelectronic because they have the same (iso) number of

electrons and therefore must have the same ground-state electron configuration. On

the other hand, when the atom of a representative element is converted to a cation, it

becomes isoelectronic with the noble gas immediately preceding it. Examples are

Na , Mg2 , and Al3 (1s22s22p6). Again, these ions and Ne all have the same ground-

state electron configuration.
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Figure 6.11 Periodic guide for writing electron configurations

Write the electron configuration of sulfur (Z  16).

Answer Sulfur has 16 electrons. It takes 10 electrons to complete the first and

second periods (1s22s22p6). This leaves 6 electrons to fill the 3s orbital and par-

tially fill the 3p orbitals. Thus, the electron configuration of S is

1s22s22p63s23p4

(Check the website for more problems on writing electron configurations.)
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The situation is more involved for transition metals. We will just focus on the

first row transition metals (Sc to Cu). When such a metal forms a cation, it does not

become isoelectronic with the noble gas preceding it. And it can form different cations

like Fe2 and Fe3 . Furthermore, although the order of filling electrons is from 4s to

3d, the order of removing electrons from the atom is not the reverse (3d 88n 4s),

but instead, the 4s electrons are removed before the 3d electrons. For example, Mn

is [Ar]4s23d5, and Mn2 is not [Ar]4s23d3 but [Ar]3d5. (Note that [Ar] is called the

argon core, which is a shorthand notation for the electron configuration of argon.)

Remember this when you write the electron configuration of a transition metal cation:

The 4s electrons are removed before the 3d electrons in forming a cation. 

How Are the Electrons Arranged in Partially Filled Subshells?
Electron configurations tell us a lot about the number of electrons in the different

orbitals (subshells) of an atom. But, they don’t tell us anything about how the elec-

trons are distributed in the subshells. For example, consider the nitrogen atom with

seven electrons. Its electron configuration is 1s22s22p3. The p subshell is not filled—

it has three vacancies. Where are those vacancies? Where are the three electrons, and

what are their spins? There are several possibilities. There could be two in any of the

three p orbitals and the third in either of the remaining orbitals, or there could be one

in each orbital. The number of possibilities grows when you consider the three elec-

trons could have any combination of spins. It turns out there is one electron in each

2p orbital and all three electrons have the same spin. This mode of filling orbitals fol-

lows a general rule that applies to all atoms: The most stable arrangement of elec-

trons in subshells is the one with the greatest number of parallel spins. This rule

was proposed by the German physicist Frederick Hund and is appropriately named

Hund’s rule. Hund’s rule dictates that all three 2p electrons have spins parallel to

one another.

Hund’s rule can be tested experimentally because spinning electrons are like lit-

tle magnets. The test is simple: see if an atom is attracted to a magnet. To understand

the test, you have to know that a spinning electron generates a magnetic field and that

a pair of electrons with opposite spins cancel each other’s magnetic field; unpaired

electrons do not. As a result, atoms with all their electrons paired are not attracted to

a magnet, and they are said to be diamagnetic. Atoms with unpaired electrons are

attracted to a magnet and are called paramagnetic. Now you might say that this

doesn’t prove that nitrogen has three unpaired electrons; because there is an odd num-

ber of electrons, nitrogen would be paramagnetic no matter how the 2p orbitals are

filled. You would be right, but the amount of attraction can be quantified. Consider

boron (1s22s22p1) and carbon (1s22s22p2) with one and two electrons in their 2p sub-

shell, respectively. Both are paramagnetic, but carbon is attracted to a magnet more

strongly than boron, and nitrogen is attracted more than carbon. So in a quantitative

way, we can establish the number of unpaired spins in an atom experimentally. The

fact that some atoms have magnetic properties also supports the Pauli exclusion prin-

ciple. Can you explain why? 

Diagramming Orbitals
What if we wanted to give a representation of all the electrons in an atom, including

the distribution of electrons in individual orbitals? Drawing the orbitals for atoms with

a lot of electrons would be very messy. Chemists have devised a very simple depic-

tion called the orbital diagram. In an orbital diagram, the orbitals are drawn as boxes

arranged vertically so that those with higher energy are above those with lower energy,
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and the electrons are drawn as arrows pointing up or down to indicate the opposite

spins. Consider the examples in Figure 6.12. We’ve indicated the unpaired electrons

all pointing up, but you could have them all point down. It doesn’t matter as long as

they are all parallel to one another according to Hund’s rule. 

The Periodic Table Is a Tool for Predicting Atomic Properties
The number of electrons in an atom’s outermost shell (or valence shell) tells us a lot

about its properties and behavior. For example, the alkali metals (Group 1A) will read-

ily lose its single electron in the outermost shell (ns
1) to become a  1 cation and

have an electron configuration like a noble gas preceding it. On the other hand, the

halogens want to gain an electron to be like a noble gas. The basic idea is this:

Atoms of representative elements react chemically to have an electron configu-

ration like a noble gas.

We have already seen in a very broad sense how the periodic table can be used

to predict chemical and physical properties. For example, we know that everything to

the left of the zigzag line behaves like a metal and everything to the right behaves

like a nonmetal. As we mentioned in Chapter 2, there is not an abrupt change in prop-

erties at the line, but rather a gradual decrease in metallic properties (and a corre-

sponding increase in nonmetallic properties) as you move across and up the periodic

table. 

As you already know, the metals and nonmetals can best be distinguished chem-

ically by whether they like to lose or gain electrons. Metals like to lose electrons, and

nonmetals like to gain electrons. It turns out that the ability to lose or gain electrons

can be quantified. The quantitative measure of the abiltiy to lose electrons is called

ionization energy, and the quantitative measure of the ability to gain electrons is

called electron affinity. Not surprisingly, there is a trend in these two properties as

you move across and down the periodic table. But in order to understand these trends,

you must first learn how the size of an atom relates to its position on the periodic

table. The size of an atom, measured by its radius, is an important factor in assess-

ing the trends in ionization energy and electron affinity.

Atomic Radius

The size of an atom, measured either by its volume or simply the radius, influences

properties such as density and melting point, as well as shape of molecules. The

atomic radius measured in metals is one-half the distance between the centers of two
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adjacent atoms; for nonmetals, it’s one-half the distance between centers of atoms in

a diatomic molecule (Figure 6.13). It’s useful for our purpose here to think about the

radius as the distance between the nucleus and the outermost electron. Generally, the

size of an atom decreases as we move from left to right in a particular period. This

is not what you would expect because atoms get heavier as you move across a period,

but let’s examine this trend a little more closely. 

To understand the trend in atomic radius across a period, we have to consider

what actually determines the size of an atom. As you already know, the negatively

charged electrons are attracted to the positive nucleus; this attraction is the primary

basis for an atom’s size. The more positive the nucleus, the stronger the pull on the

electrons, and the smaller the radius. This attraction can be attenuated by a couple of

factors. First, completely filled inner shells will act like a shield to reduce the elec-

trostatic attraction between protons in the nucleus and the electrons in the outer shells.

In other words, the pull of the nucleus on electrons in, say, the 3s orbital, is less if

the first and second shells are filled with electrons than if there were no electrons in

the inner shells. In this hypothetical case, the atom with the filled shells would be

larger because the electrons are not pulled in as strongly. This effect also occurs to a

lesser degree when subshells are filled. That is, a filled subshell will reduce some-

what the electrostatic attraction between the nucleus and the electrons in higher-energy

subshells. For example, a filled 2s orbital has a small shielding effect on the electrons

in the 2p orbitals. The electrostatic pull by the nucleus is also reduced slightly by the

repulsion from electrons in the same subshell. But the overriding effect is the num-

ber of protons in the nucleus. 

Let’s consider the elements in the second period. Starting with lithium, we have

three protons in the nucleus and three electrons—two in the 1s orbital and one in the

2s orbital. The electron in the 2s orbital largely determines the size of lithium. That

is, its distance from the nucleus is the atomic radius. Now let’s consider beryllium

with four protons and four electrons. Here we have two electrons in the 2s orbital

feeling a pull of four protons. Because the fourth electron is added to the same shell

(and the same subshell), there is no additional shielding of the nuclear charge, so both

electrons in the 2s orbital are feeling the pull of  4 from the nucleus (shielded in

part by the filled 1s orbital). By contrast, the 2s electron in lithium feels  3 (75% of

the pull felt by the beryllium atoms). Therefore, the lithium electron will be farther

away from the nucleus than the 2s electrons in beryllium and will have a larger radius.

As we continue to move across the second period, we are adding more positive charge

to the nucleus, while electrons are added to the same shell. More nuclear pull with-

out any additional shell shielding means the atomic radius gets smaller as we move

across the period. Moving down a particular group, we see the atomic size increases.

This is not surprising because the principal quantum number n increases and the outer

shell continues to expand. The sizes of the representative elements and the general

trends are shown in Figure 6.14.

Ionic Radius

Ionic radius is the radius of a cation or an anion. When an atom is converted to an

ion, we expect the size of the ion to be different from that of the parent atom. If the

atom is converted to a cation, the cation will be smaller than the atom because the

nuclear charge remains the same but there is now a decrease in electron-electron repul-

sion. On the other hand, an anion will be larger than the parent atom because the extra

electron(s) will expand the domain of the electron density. Figure 6.15 shows the ionic

radii of a number of ions. Moving down a group, the size of the ions increases, which

is analogous to the trends observed for atoms. No clear trends exist as we move across

a period because both cations and anions are involved.
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Figure 6.14 Atomic radii (in picometers) of representative elements

Ionization Energy

Chemical properties of any atom are determined by the configuration of the atom’s

outer electrons, called valence electrons. This makes sense because when atoms

approach each other, it is these electrons that feel each other’s presence. The stabil-

ity of these outermost electrons is reflected directly in the atom’s ionization energy.

Ionization energy is the minimum energy required to remove an electron from a

gaseous atom in its ground state. The magnitude of ionization energy is a measure of

the effort required to force an atom to give up an electron, or of how “tightly” the

electron is held in the atom. The higher the ionization energy, the more tightly held

is the electron and the more difficult it is to remove the electron.

For a many-electron atom, the amount of energy required to remove the first elec-

tron from the atom in its ground state

energy  X(g) 888n X (g)  e I1

is called the first ionization energy (I1). In the preceding equation, X represents a

gaseous atom of any element, and e is an electron. The second ionization energy (I2)

and the third ionization energy (I3) are shown in the following equations:

energy  X (g) 888n X2 (g)  e I2
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energy  X2 (g) 888n X3 (g)  e I3

The pattern continues for the removal of subsequent electrons.

When an electron is removed from a neutral atom, the repulsion among the

remaining electrons decreases, and the atomic radius also decreases. Because the

nuclear charge remains constant, more energy is needed to remove another electron

from the positively charged ion. Thus, for the same element, ionization energies

always increase in the following order:

I1  I2  I3  ...

Table 6.1 lists the ionization energies of a number of elements.

By convention, energy absorbed by atoms (or ions) in the ionization process has

a positive value. Thus, ionization energies are all positive quantities. This should make

sense when you realize that the energy absorbed is measured as the enthalpy change,

 H. Because the atomic radius decreases across a period, the ionization energy

increases from left to right due the increasing nuclear attraction for the electrons; that

is, the electrons are held tighter.

The Group 1A elements (the alkali metals) have the lowest ionization energies.

Each of these metals has one valence electron (the outermost electron configuration

is ns1) that is effectively shielded by the completely filled inner shells. Consequently,

it is energetically easy to remove an electron from the atom of an alkali metal to form

a unipositive ion (Li , Na , K , . . .). 

The Group 2A elements (the alkaline earth metals) have higher first ionization

energies than the alkali metals do. The alkaline earth metals have two valence elec-

trons (the outermost electron configuration is ns2). Because these two s electrons do

not shield each other well, the effective nuclear charge (that is, the charge felt by an

electron) for an alkaline earth metal atom is larger than that for the preceding alkali
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Figure 6.15 Radii of ions (in picometers) of familiar elements
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metal atom. Alkaline earth compounds contain dipositive ions (Mg2 , Ca2 , Sr2 ,

Ba2 ), which are isoelectronic with the unipositive alkali metal ions preceding them

in the same period (and they are all isoelectronic with the noble gases preceding them).

From the preceding discussion, we see that metals have relatively low ionization

energies, whereas nonmetals possess much higher ionization energies. The ionization

energies of the metalloids usually fall between those of metals and nonmetals. The

difference in ionization energies suggests why metals always form cations and non-

metals form anions in ionic compounds. For a given group, the ionization energy

decreases with increasing atomic number (that is, as we move down the group). Ele-

ments in the same group have similar outer electron configurations. However, as the

principal quantum number n increases, so does the average distance of a valence elec-

tron from the nucleus. A greater separation between the electron and the nucleus

means a weaker attraction, so the electron becomes increasingly easier to remove as

we go from element to element down a group. Thus, the metallic character of the ele-

ments within a group increases from top to bottom. This trend is particularly notice-

able for elements in Groups 3A to 7A. For example, in Group 4A we note that car-

bon is a nonmetal, silicon and germanium are metalloids, and tin and lead are metals.

Electron Affinity

Atoms can also gain one or more electrons to become anions, and the tendency for

them to do so is measured by their electron affinity. Because metals tend to form

cations, we expect them to have little or no affinity for electrons; that is, they should

have a small electron affinity. Atoms of nonmetallic elements like N, O, F, and Cl,

on the other hand, can readily form anions (N3 , O2 , F , and Cl ), so these ele-

ments have a high electron affinity. 
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Table 6.1 Ionization Energies (kJ/mol) of the First 20 Elements

Z Element First Second Third Fourth Fifth Sixth

1 H 1,312

2 He 2,373 5,251

3 Li 520 7,300 11,815

4 Be 899 1,757 14,850 21,005

5 B 801 2,430 3,660 25,000 32,820

6 C 1,086 2,350 4,620 6,220 38,000 47,261

7 N 1,400 2,860 4,580 7,500 9,400 53,000

8 O 1,314 3,390 5,300 7,470 11,000 13,000

9 F 1,680 3,370 6,050 8,400 11,000 15,200

10 Ne 2,080 3,950 6,120 9,370 12,200 15,000

11 Na 495.9 4,560 6,900 9,540 13,400 16,600

12 Mg 738.1 1,450 7,730 10,500 13,600 18,000

13 Al 577.9 1,820 2,750 11,600 14,800 18,400

14 Si 786.3 1,580 3,230 4,360 16,000 20,000

15 P 1,012 1,904 2,910 4,960 6,240 21,000

16 S 999.5 2,250 3,360 4,660 6,990 8,500

17 Cl 1,251 2,297 3,820 5,160 6,540 9,300

18 Ar 1,521 2,666 3,900 5,770 7,240 8,800

19 K 418.7 3,052 4,410 5,900 8,000 9,600

20 Ca 589.5 1,145 4,900 6,500 8,100 11,000



Consider the process in which a gaseous fluorine atom accepts an electron:

F(g)  e 888n F (g)  H   328 kJ/mol

This is an exothermic process, as indicated by the negative sign for the enthalpy

change. The electron affinity of flourine, however, is assigned a positive value of

 328 kJ/mol. Table 6.2 lists the electron affinity values of a number of elements.

Note that the more positive the electron affinity, the greater is the tendency for the

atom of the element to accept an electron.

Now the formation of an ionic compound like NaCl begins to make sense. Sodium

has a low ionization energy (readily gives up its 3s1 electron) and a low electron affin-

ity (little tendency to gain an electron), and chlorine has a high ionization energy (its

3p electrons are tightly held) and a high electron affinity (wants to take up an elec-

tron to fill its 3p subshell). If we heat sodium metal in chlorine gas, the product NaCl

contains Na and Cl ions:

2Na(l)  Cl2(g) 888n 2NaCl(s)

See website for a discussion of the energetics of the formation of ionic compounds.

Test your understanding of the material in this chapter
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Table 6.2 Electron Affinities (kJ/mol) of Representative Elements

1A 2A 3A 4A 5A 6A 7A 8A

H He

73  0

Li Be B C N O F Ne

60  0 27 122 0 141 328  0

Na Mg Al Si P S Cl Ar

53  0 44 134 72 200 349  0

K Ca Ga Ge As Se Br Kr

48 2.4 29 118 77 195 325  0

Rb Sr In Sn Sb Te I Xe

47 4.7 29 121 101 190 295  0

Cs Ba TI Pb Bi Po At Rn

45 14 30 110 110 ? ?  0

I M P O R T A N T  T E R M S

Explain the following terms in your own words:

angular momentum

quantum number, p. 89

atomic radius, p. 98

diamagnetic, p. 97

electron affinity, p. 98

electron

configuration, p. 94

electron spin quantum

number, p. 90

excited level, p. 85

excited state, p. 85

ground level, p. 85

ground state, p. 85

Hund’s rule, p. 97

ionic radius, p. 99

ionization energy, p. 98

isoelectronic, p. 96

magnetic quantum

number, p. 90

orbital, p. 87

orbital diagram, p. 97

paramagnetic, p. 97

Pauli exclusion 

principle, p. 88

principal quantum

number, p. 89

quanta, p. 82

quantum mechanics, p. 87

quantum numbers, p. 88

quantum theory, p. 82

valence electron, p. 100

valence shell, p. 98
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Chemical Bonding
The glue that holds atoms
together
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n Chapter 6 you learned that atomic properties such as size and the abil-

ity to lose or gain electrons are determined by the way electrons are

arranged in atoms. In this chapter you will see how knowing the arrange-

ment of electrons in atoms enables us to understand how and why atoms

of different elements react to form chemical bonds. We will focus mostly on

covalent bonds, the attractive forces that hold atoms together in molecules. As a starting point,

you can think of the covalent bond as a kind of “chemical glue” involving a pair of electrons

shared by two atoms. 

Of course, electrons are not glued together, so this analogy doesn’t really help us under-

stand anything more than the fact that atoms are joined together. It doesn’t help us predict

anything about the behavior of molecules. Knowing how atoms actually form covalent bonds

is very important because it helps us predict the way atoms are arranged in molecules and

how the molecules fill space. If we can visualize this arrangement, we can understand the

shape or geometry of molecules. Just as knowing the shape of a macroscopic object can

tell us how the object will behave (e.g., a spherical ball will roll if given a push), knowing

the shape of molecules suggests how they will behave. Throughout this book, we have

encouraged you to imagine atoms, molecules, and ions as objects that have well-defined

shapes. Understanding how bonding determines the three-dimensional shapes of molecules

is one of the most important keys to understanding chem-

istry because it allows us to visualize the virtually

invisible world of molecules. In this chapter we will

study how atoms are joined together to form a hand-

ful of basic geometric shapes, and we will describe

the way these shapes help us predict some funda-

mental molecular properties like solubility and the

forces that hold molecules together in liquid and solid

states. Figure 7.1 shows the structures of some molecules

whose shapes give rise to very complex properties. One of

the most empowering aspects of learning chemistry is that

you can understand these complex properties at a fundamen-

tal level by knowing a few basic bonding concepts we will

describe in this chapter.

I

Electronic hand-holding links 
atoms in a stable union.



Before we begin our study of chemical bonding, let’s first review what you

already know:

1. Atoms, ions, and molecules react by transferring or sharing electrons (p. 15).

2. Atoms react to achieve electron configurations like noble gases in their valence

shells (p. 98).

3. Metals readily lose electrons to electron-hungry nonmetals; the resultant cations

and anions are attracted to each other by ionic bonds in ionic compounds 

(p. 18).

4. Nonmetals share electrons with other nonmetals to form covalent bonds in

molecules (p. 16).

5. Electron affinity, the attraction an atom has for electrons outside the atom,

increases as you move across the periods and decreases as you move down

groups on the periodic table. 

6. Electrons in a bond between atoms with different electron affinities are not

shared equally, and this causes some molecules to be polar (p. 103).

So you already know all of the basic features of bonding, but not quite enough to

really understand how and why it happens.

The Nature of Chemical Bonding

To begin to understand the nature of bonding, let’s think about the implications for

bonding suggested by the periodic trends in electron affinity. Because there is a grad-

ual increase in electron affinity across a particular period, the extent of electron shar-

ing between atoms varies quite a bit. For this reason, one can think of chemical bond-

ing as a continuum, ranging from the purely covalent bond in which the electrons are

equally shared, as in H2, to the ionic bond between atoms with vastly different elec-

tron affinities, like CsF (with atoms from opposite ends of the periodic table). Some-

where between these extreme cases are polar molecules, like HCl, where the bond

is said to be polarized. In H2, the electrons from the two atoms are shared equally

because both atoms have exactly the same affinity for electrons. In HCl, the chlorine

atom, having a greater attraction for electrons, pulls the two shared electrons (its own

and the one from hydrogen) toward itself. Such a bond is called a polar covalent bond.

In CsF, the electron from cesium is completely transferred to the fluorine atom, yield-

ing a pair of oppositely charged ions that attract one another just like opposite poles

of a magnet.
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Figure 7.1 Structures of
some cool molecules.

(a) The structure of transfer
RNA (tRNA) provides for
reading the genetic code
on one end and making
proteins on the other
end.

(b) The kinked structure of
phosphatidyl choline
maintains the fluidity of
cell membranes.

(c) The structure of DNA
provides for a copying
mechanism.

(d) The structure of the pro-
teins actin and myosin
provide for muscle con-
traction.



Can we quantify the difference in electron affinity in bonded atoms? If we wanted

to predict the extent to which a bond is polarized (or to what extent the shared elec-

trons are pulled toward one atom in a chemical bond), it would be useful to have a

way to quantify the attraction an atom has for electrons in a bond. 

Electronegativity: The Appetite for Electrons

In 1939 the great American chemist Linus Pauling introduced a property called elec-

tronegativity as a quantitative measure of an atom’s tendency to attract electrons in

a chemical bond. The concept of electronegativity is extremely important in under-

standing the chemical and physical properties of compounds. It determines the types

of bonds that are formed—covalent, polar covalent, or ionic—and it helps us pre-

dict the way molecules will react. Like electron affinity, which is the energy change

when an isolated atom grabs an electron to become an anion, electronegativity is

also a measure of an atom’s attraction for electrons, but it pertains to the attraction

within a molecule. On the electronegativity scale shown in Figure 7.2, fluorine has

an electronegativity of 4.0, making it the most electronegative element. Oxygen

(3.5), nitrogen (3.0), and chlorine (3.0) are also highly electronegative. The elec-

tronegativities of the alkali metals and most of the alkaline earth metals are around

1.0 or less.

The larger the electronegativity of an element, the greater the tendency of an atom

of that element to pull electrons toward itself in a bond. Earlier in this book, we used

C H A P T E R  7 Chemical Bonding106

Polarized covalent
bond in HCl molecule

Fluorine grabs an
electron from cesium

Ionic bond



the analogy of children playing with toys to describe the sharing of electrons. A big

kid will take toys away from a little kid, but two big kids will agree to share the toys

because they can’t take them away from each other. The nonmetals are the big kids,

the ones with the high electronegativities, while the metals, with the low electroneg-

ativities, are the little kids.

The Ionic Bond Positive attracts negative

When atoms of the elements with large differences in electronegativity are brought

together, ionic compounds are usually formed:

The Ionic Bond 107

In addition to his pioneering work
on the nature of chemical bonding,
Pauling revolutionized the study of

chemistry by building models of molecules.

Figure 7.2 Electronegativities of common elements



2Na(s)  Cl2(g) 888n 2NaCl(s)

2Ca(s)  O2(g) 888n 2CaO(s)

In an ionic compound, the forces that hold the ions together are the strong electro-

static forces between the cations and anions. For this reason, ionic compounds are

always solids at room temperature, and their melting points are in the high hundreds

and even over a thousand degrees Celsius. To maximize net attraction in solid NaCl,

each cation is surrounded by six Cl ions, and vice versa, as shown in Figure 7.3.

Similar arrangements are found for other ionic compounds. Of course, an ionic com-

pound may contain polyatomic cations or polyatomic anions such as CaSO4 and

NH4Cl. In all cases, the structure of the compound is simply a basic unit of oppo-

sitely charged ions repeated indefinitely in a three-dimensional array. 

The Covalent Bond The glue between atoms

In 1916 the American chemist Gilbert Lewis introduced the concept of the covalent bond

to explain the stability of molecules. He defined the covalent bond as the sharing of

electrons between atoms. Lewis suggested that atoms share electrons in order to have a

more stable electron configuration, namely that of a noble gas. The electrons involved

in forming covalent bonds are valence electrons, those in the outermost shell of the atom.
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Figure 7.3 Na and Cl 

ions in the solid state shown
as a single layer (left) and as
they would be arranged in
three dimensions (right)

Lewis first sketched his idea about the
octet rule on the back of an envelope.



In Chapter 2 we told you to remember that carbon forms four bonds, nitrogen

forms three bonds, oxygen forms two bonds, and hydrogen forms only one bond. Now

that you know something about electron configurations and the way electrons are

paired in orbitals, it will be easy to understand why atoms form a specific number of

bonds. Lewis introduced a convenient way to represent valence electrons in atoms—

as dots around the four sides of the chemical symbol for the element, as shown in

Figure 7.4. Inspection of the electron dot symbols suggests that for every atom except

hydrogen, a specific number of electrons must pair up in order to have the same num-

ber of valence electrons as a noble gas, that is, eight. 
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Figure 7.4 Electron dot
symbols for some common
nonmetals

For example, two hydrogen atoms readily react to form a hydrogen molecule

where each hydrogen feels like it has two electrons, the same as helium; each dot

denotes the lone electron on the H atom.

H•  •H 888n H2

The covalent bond in H2 is represented by a single line joining the two H atoms:

HOH. (Covalent bonds are sometimes shown as two dots instead of a line, like H:H,

but we will use lines for covalent bonds to emphasize the difference between the elec-

trons in a bond and pairs of electrons that are not involved in bonding.) Thus, the

lone electrons of the two hydrogen atoms are paired to form a covalent bond. Although

the electrons would repel each other because they bear the same charge, they are also

attracted by the positively charged nuclei. This attractive force is the “chemical glue”

that holds atoms together and is the basis of stability in molecules. 

Inspection of the dot symbols for O, N, and C in Figure 7.4 reveals that for each

of them to feel like it has as many electrons as neon (the noble gas that follows them



at the end of the second period), oxygen would have to form two bonds (as it does

in water), nitrogen would have to form three bonds (as it does in ammonia), and car-

bon would have to form four bonds (as it does in methane) (Figure 7.5). The dot sym-

bols also show the valence electrons that are not involved in bonding. 

The structures shown in Figure 7.5 are called Lewis structures. A Lewis structure

is a representation of covalent bonding in which shared electron pairs are shown as

lines and electrons that are not shared (called nonbonding electrons or lone pairs) are

shown as pairs of dots on individual atoms. For example, in the Lewis structure of

water, the O atom has two lone pairs, while the H atom has no lone pairs because its

only electron is used to form a covalent bond. 

There are some simple rules for writing Lewis structures that we will describe

later in the chapter. Although these rules enable you to predict the bonding arrange-

ment in molecules, structures with lines and dots don’t provide a complete descrip-

tion of bond formation. For example, consider the Lewis structures for O2 and N2

in Figure 7.5, both of which are constructed by simply pairing the unpaired dots. To

pair all the unpaired dots, you need to make two bonds in O2 and three bonds in

N2. What does it mean to have three bonds? Is it possible to have four bonds between

two atoms? How many bonds can one atom have? In order to understand the answers

to these questions, you have to learn something more about covalent bonds. Under-

standing the nature of covalent bonds—how they’re formed and what they look

like—will help you visualize molecules so that when you draw Lewis structures,

you can think of them as representing real objects, not just a bunch of lines and

dots. 

What Is a Covalent Bond?
Representing a covalent bond with a single line between two atoms indicates, in the

simplest possible way, a connection between the two atoms, but it doesn’t tell us any-

thing about the nature of the connection. What exactly is a covalent bond? We know

it contains two electrons, and these electrons are being shared by two atoms, each

with its own positively charged nucleus. It should be fairly intuitive that the electrons

will occupy a space between the two nuclei. In Chapter 6 you learned about spaces

occupied by electrons—they’re called atomic orbitals, and you have seen that quan-

tum mechanics describes their shapes. If two electrons are in a region of space within

a molecule, this is also called an orbital, but it’s called a molecular orbital. So if a

covalent bond is two electrons shared by two atoms in a space between the nuclei

and if a molecular orbital is the region of space occupied by two electrons shared

between two nuclei, it follows that a covalent bond can be described as a molecular

orbital containing two electrons. The good news is that there are only two types of

molecular orbitals, which we will now describe in more detail.
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Figure 7.5 Lewis structures
of some simple molecules



Covalent Bonds Form When Atomic Orbitals Overlap

To better understand the nature of a covalent bond, let’s imagine how it forms between

two hydrogen atoms. Imagine two hydrogen atoms approaching each other as shown

in Figure 7.6. Both atoms have their lone electron in a 1s atomic orbital. Now imag-

ine the orbitals as spherical clouds, with a positive proton in the center (remember

the nucleus of hydrogen is just a proton). Because they are clouds (like rain clouds

or dust clouds), the orbitals would not stop when they touch each other; instead they

would overlap and blend together such that there would be a region of space shared

by both clouds. Once the hydrogen clouds have overlapped, you can imagine that an

electron in this overlapped region would feel the force of attraction from both nuclei.

This is the essence of the formation of a covalent bond, that is, such a bond forms

when the atomic orbitals of valence electrons overlap. The idea is that there is an opti-

mal overlap between the two atomic orbitals where there is a balance between the

attraction of the electrons and the two nuclei and the repulsion between the two nuclei

and two electrons. This overlap gives rise to the covalent bond—the electrons are now

most likely to be found in the region between the two nuclei. 

Electrons in Covalent Bonds Occupy Molecular Orbitals

The theory that describes the space occupied by electrons in a covalent bond in terms

of molecular orbitals is called molecular orbital theory. As shown in Figure 7.6, the

electron density, which corresponds to the molecular orbital formed in H2, looks like

a sausage between the two nuclei. This is called a sigma molecular orbital and plac-

ing two electrons in such an orbital gives rise to a sigma bond. To help you remem-

ber this, sigma ( ) is the Greek letter for s, the first letter in sausage. The situation

is simplest for the hydrogen molecule. Two 1s orbitals overlap and form a sigma
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Figure 7.6 Two hydrogen
atoms overlap to form a
covalent bond.

Two overlapped s orbitals become a sigma bond.



molecular orbital. It gets a little more complicated when we describe bonds that are

formed from the overlap of p orbitals and when we describe molecules that have dou-

ble and triple bonds. But remember this about covalent bond formation: Atomic

orbitals each containing an electron overlap and change into a molecular orbital

containing a pair of electrons. The transformation of atomic orbitals to molecular

orbitals is a quantum mechanical process, the details of which need not concern us

here. 

Most bonds are formed from the overlap of p orbitals, which you know from

Chapter 6 to have the dumbbell shapes shown in Figure 7.7. Let’s consider molecular

fluorine as another example. The electron configuration of F is 1s22s22p5. The valence

electrons in this case are in the second shell (principal quantum number n  2), so

there are a total of seven valence electrons on each F atom (two 2s and five 2p elec-

trons). Because one of the p orbitals contains an unpaired electron, two F atoms will

readily react to form an F2 molecule, in which one covalent bond—a sigma bond,

that is, a sigma molecular orbital containing the two electrons from the 2p orbitals—

is formed. 

To understand how two p orbitals can form a sigma bond, let’s consider two fluo-

rine atoms, each with an electron in its 2px orbital, approaching the other F atom along

the x axis. Because the p orbital lies along the internuclear axis (as we have arbitrar-

ily defined it), the orbitals will overlap as shown in Figure 7.8. Now, just as we did

for the overlap of s orbitals, imagine the p orbitals changing into a sigma molecular

orbital. Thus, two px orbitals can overlap to form a sigma bond. What happens to the

rest of the valence electrons already paired up in atomic orbitals? These lone pairs of

electrons stay on the individual F atoms in 2s, 2py, and 2pz orbitals, which also must

undergo some sort of shape change when the molecule forms. We will simply refer

to these as nonbonding or lone pair orbitals. 

What other types of orbitals can form sigma bonds? Consider the formation of

the HF molecule. As the H and F atoms approach each other, imagine the 1s orbital

of H overlapping with the 2px orbital of F, and (poof) a sigma molecular orbital is

formed. Again, we have defined the x axis as the internuclear axis. 
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Figure 7.7 The shapes of p
orbitals

Figure 7.8 Two fluorine
atoms overlap to form a
covalent bond.



So we’ve seen that two s orbitals can overlap to form a sigma bond, two px orbitals

can overlap to form a sigma bond, and an s and a px can also form a sigma bond. Note

also that these orbitals can come from any shell. For example, 2px and 4px orbitals can

overlap, 1s and 2px orbitals can overlap, 3px and 4s orbitals can overlap, and so on.

Any of these combinations will produce a sigma bond, but sigma bonds cannot be

formed from the overlap of py and pz orbitals because of their different orientations. 

To understand how electrons in py and pz orbitals can be involved in bonding, we

have to consider the second type of molecular orbital, the one that is involved in dou-

ble and triple bonds. Let’s consider the formation of molecular oxygen, O2. The elec-

tron configuration of O is 1s22s22p4, so there are a total of six valence electrons on

each O atom (two 2s and four 2p electrons). Because two of the p orbitals contain

unpaired electrons, we expect the two O atoms will react to form an O2 molecule with

two covalent bonds. 

How does each O atom form two bonds? Consider two O atoms, each with an elec-

tron in the 2px and 2py orbital, approaching each other along the x axis. While we

expect the 2px orbitals to overlap to form a sigma bond, it’s not obvious what hap-

pens to the 2py orbitals. Imagine the orbitals continuing their movement toward each

other until the 2py orbitals overlap as shown in Figure 7.9. The orbitals make contact

at two places above and below the sigma bond. At this point, the two 2py orbitals

change into a molecular orbital in which the electron density is concentrated in two

lobes above and below the sigma molecular orbital. (They’re pretty weird, but a lot

of things about electrons are weird.) 
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Two overlapped px orbitals become a sigma bond.

Overlapped s and px orbitals become a sigma bond.



The molecular orbital formed by the sideways overlap of p orbitals is called a pi

molecular orbital. Pi bonds usually accompany sigma bonds, and they normally occur in

molecules with multiple (double or triple) bonds. Anytime there is a single bond between

two atoms, it will most likely be a sigma bond, not a pi bond. To help you remember

pi bonds, imagine the pi symbol,  , where the two legs represent the two lobes of the

orbital and the bar across the top signifies the sigma bond that must also be present. 

At this point, you may already suspect the origin and nature of the triple bond.

Consider the formation of molecular nitrogen, N2. The electron configuration of N is

1s22s22p3, so there are a total of five valence electrons on each N atom (two 2s and

three 2p electrons). Because all three of the 2p orbitals contain unpaired electrons,

two N atoms will readily react to form an N2 molecule with three covalent bonds. 

In this case, the two N atoms have unpaired electrons in their 2px, 2py, and 2pz

orbitals. Approaching each other along the x axis, the 2px orbitals overlap to form a

sigma bond, the 2py orbitals overlap to form a pi bond, and the 2pz orbitals will over-

lap in the same way that the 2py orbitals do except they will be 90 away from the

2py orbitals. Thus, the 2pz orbitals overlap to form a second pi bond, as shown in

Figure 7.10. Whenever a molecule contains a triple bond, it comprises one sigma

bond and two pi bonds, or a total of six electrons in three molecular orbitals. 

As you might expect, triple bonds are stronger than double bonds, and double

bonds are stronger than single bonds. That is, it takes more energy to pull the atoms

apart if there are more covalent bonds—there is simply more chemical glue holding

them together. Another feature of multiple bonds is that they are shorter than single

bonds when atoms of similar sizes are involved. The additional chemical glue pulls
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Figure 7.9 The two 2p
orbitals on oxygen atoms
overlap to form a double
bond.

Two overlapped py orbitals become a pi bond.



the atoms closer together. Table 7.1 shows the lengths of some common bonds and

the amount of energy needed to break these bonds on a molar basis. 

So far, the description of chemical bond formation in terms of orbital overlaps

works well for diatomic molecules. The situation is not quite so straightforward for

polyatomic molecules. Consider the methane (CH4) molecule. How are the four COH

bonds formed? The valence electron configuration of carbon is 2s22p2, so there are

only two unpaired electrons in the 2p orbitals (say, 2px and 2py). We would therefore

expect carbon to form only two sigma bonds with hydrogen, resulting in a CH2 mol-

ecule. In order for carbon to form four sigma bonds with hydrogen, the two 2s elec-

trons must first become unpaired, and then the four unpaired electrons are distributed

among the 2s and three 2p orbitals. The source of energy needed for this to happen

is part of the activation energy, that is, energy input to promote a chemical reaction.

To account for the fact that the four COH bonds are equivalent in length and strength,

imagine an additional step in which the four orbitals are mixed or “hybridized” to

generate four equivalent orbitals. These orbitals are called sp3 (pronounced s-p three)

hybrid orbitals because they arise as a result of the mixing of one s and three p

orbitals. The only difference between these orbitals is that they point in different direc-

tions. (See website for a general discussion of hybridization in chemistry.)
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Figure 7.10 The three 2p
orbitals on nitrogen atoms
overlap to form a triple bond.

Table 7.1 Average Bond Lengths and Bond Energies for Some Common
Single , Double, and Triple Bonds

Bond Bond Length Bond Energy
Type (pm)* (kJ/mol)

COH 107 414

COO 143 351

CPO 121 799

COC 154 347

CPC 133 620

CqC 120 812

CON 143 276

CPN 138 615

CqN 116 891

NOO 136 176

NPO 122 458

OOH 96 460

*1 pm  1  10 12 m



The carbon atom can readily form single, double, and triple bonds. In methane

(CH4), the C atom forms four single bonds with H atoms. In ethylene (C2H4), each

C atom forms a double bond with another carbon atom and two single bonds with

hydrogen. Carbon can also form a triple bond, as in acetylene (C2H2), where each

carbon atom forms a triple bond with the other carbon atom and a single bond with

a hydrogen atom. What kinds of molecular orbitals are involved in these bonds?

Figure 7.11 shows Lewis structures for ethylene and acetylene and pictures of the

molecular orbitals.
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Figure 7.11 Lewis structures
and orbital pictures for
ethylene and acetylene

Lewis Structures Depicting molecules with lines and dots

Now that you understand the nature of covalent bonds, we will return to our discus-

sion of Lewis structures. Based on his idea that atoms form covalent bonds to achieve

a noble gas electron configuration, Lewis formulated the octet rule to guide the draw-

ing of Lewis structures. According to this rule, an atom other than hydrogen tends to

form bonds until it is surrounded by eight valence electrons. We imagine that each of

the two atoms joined in a covalent bond feels like it has both of the electrons. By shar-

ing electrons in covalent bonds, the individual atoms can complete their octets. Review-

ing the Lewis structures of CH4, NH3, H2O, N2, O2, and F2, we see that the C, N, O,

and F atoms all satisfy the octet rule. In all of the preceding cases involving multiple

bonds, the octet rule is satisfied for the C, N, and O atoms. Note that Lewis structures

also apply to polyatomic ions in which the atoms are held together by covalent bonds.

We hope that you will eventually be able to draw Lewis structures based on your

knowledge of the way specific atoms form bonds. In the meantime, the following steps

and hints will help you draw Lewis structures for any molecule or polyatomic ion in

a systematic way.

1. Write the skeletal structure of the compound. For simple compounds where

there is a central atom surrounded by one or more atoms, this is pretty

straightforward. Arrange the chemical symbols for the atoms such that a central

atom is surrounded by the other atoms and draw a single line between the central

atom and each of the surrounding atoms. In general, the least electronegative

atom occupies the central position, and hydrogen and fluorine always occupy the

terminal (end) positions. For more complex compounds, you either need more

information than just the chemical formula or you make an intelligent guess. To

make an intelligent guess, you’ll need to become familiar with patterns of



bonding for specific atoms. The good news is that in the vast majority of cases,

you have to do this for only H, C, N, O, F, P, S, and Cl. It’s easy to predict how

the rest of the nonmetallic elements will bond because atoms in the same group

often bond in a similar way. For example, Br and I form bonds with other atoms

exactly like chlorine does. We will come back to bonding patterns later. 

2. Count the total number of valence electrons present, keeping in mind that

this number is equal to the element’s group number. For polyatomic anions,

add the number of negative charges to the total number. (For example, for the

CO3
2 ion, we add two electrons to the total number of valence electrons in

one C and three O atoms because the  2 charge indicates there are two more

electrons than are provided by the atoms.) For polyatomic cations, we subtract

the number of positive charges from this total. (Thus, for the NH 

4 ion, we

subtract one electron from the total number of valence electrons because the

 1 charge indicates a loss of one electron from the group of neutral atoms.)

3. Subtract two electrons for each bond from the total number of valence

electrons and distribute the remaining electrons as lone pairs around the

atoms to achieve an octet for each atom (except H). 

4. If the octet rule is not satisfied for all atoms, try adding double or triple

bonds between the surrounding atoms and the central atom, using the lone

pairs to form additional bonds.

Of course, the only way you will learn to draw Lewis structures is practice, prac-

tice, practice. Let’s try some examples. 
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7.1Draw the Lewis structure for the NF3 (nitrogen trifluoride) molecule.

Answer

Step 1: Draw the skeletal structure and place N in the center because it’s less elec-

tronegative than F. Remember that the F atom always occupies an end position.

Step 2: The outer-shell electron configurations of N and F are 2s22p3 and

2s22p5, respectively. Therefore, N has 5 valence electrons and F has 7 valence

electrons, and there are a total of 3   7  5 or 26 electrons to account for. Of

course, you could also get the number of valence electrons directly from the

group numbers on the periodic table. 

Step 3: Subtract 6 electrons for the three NOF bonds from the 26 and distrib-

ute the remaining electrons, trying to complete the octets for the F and N atoms.

It’s usually best to try filling the octets of the surrounding atoms first before the

central atom.

Because this structure satisfies the octet rule for all the atoms, Step 4 is not

required. To check, count the valence electrons in NF3 (in covalent bonds and

in lone pairs). The result is 26, the same as the total number of valence elec-

trons we had to start with.
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Draw the Lewis structure for HNO3 (nitric acid). 

Answer

Step 1: In drawing the skeletal structure, we note that N is less electronegative

than O, so it should occupy the central position, and that H occupies an end

position. If there is a choice, H will often be bonded to the more electronega-

tive atom, which is O in this case:

Step 2: The number of valence electrons in N, O, and H are 5, 6, and 1, respec-

tively, corresponding to their periodic group numbers. Therefore, there are a

total of 5  (3  6)  1 or 24 valence electrons to account for.

Step 3: Subtract 8 electrons for the four bonds and distribute the remaining

electrons to try to complete the octets for O first, then N:

There are not enough electrons to give every atom (but H) an octet—nitrogen

only has six electrons around it—so we need to go to Step 4.

Step 4: Move a lone pair from one of the end O atoms to form another bond

with N. Now the octet rule is also satisfied for the N atom:

Thus, the Lewis structure that satisfies the octet rule for N and O predicts a dou-

ble bond between N and O. What does this double bond look like? If we draw

the molecular orbitals, we can depict what it would look like, as in Figure 7.12.
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Figure 7.12 Picture of

molecular orbitals in nitric

acid if there is one double

bond

It turns out that there is a problem with this picture. According to Table 7.1, we

would expect that the NPO bond would be shorter and stronger than the NOO bond.

However, that’s not the case. Experiments show that both NOO bonds (the two that

don’t have H bonded to the O) are equal in length and strength. In fact, they have

lengths and strengths that are intermediate between a single and a double bond, while

that of the NOO bond in NOOOH is equal to a single bond. How can we explain

this unusual bonding behavior?



Delocalized Pi Orbitals

Pi bonds can spread out

The explanation for the bonding in HNO3 is that the pi orbitals spread out over the

N and two O atoms. You can understand how this might happen if you imagine the

2py orbitals of the N and O atoms, each with one electron in it, overlapping to form

two banana-shaped regions covering all three atoms above and below the sigma bond

(Figure 7.13).
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Figure 7.13 Picture of
delocalized pi molecular
orbitals in nitric acid

Figure 7.14 Resonance
structures for nitric acid

According to our rules for orbitals, we are likely to find the three valence elec-

trons somewhere in this spread-out region, which we refer to as delocalized orbitals.

Recall that an orbital is defined as a space where there is a 90% chance of finding

an electron at any time. In this unusual case, there are three electrons in a space dou-

ble the size of a normal pi orbital. We say that the electrons are delocalized because

they are not confined between two atoms like in normal bonds. Delocalized orbitals

also make molecules more stable because the chemical glue is distributed over more

atoms. How do we know if a molecule has delocalized electrons? It turns out that it

is often apparent when we draw the Lewis structure. But how can we represent delo-

calized electrons with a Lewis structure? 

Resonance

Moving electrons in Lewis structures

Because we are limited to lines between two atomic symbols for covalent bonds, a

single Lewis structure cannot represent the actual bonding arrangement in molecules

with delocalized pi orbitals. Faced wih this dilemma, chemists devised a procedure

called resonance, which means using two or more Lewis structures to represent a par-

ticular molecule or ion. Figure 7.14 shows two resonance structures for nitric acid.

Note that the two structures have the same arrangement of atoms. Atoms must not

be moved when drawing resonance structures; only electron pairs can be moved.

The structures in Figure 7.14 are called equivalent resonance structures because they

have the same number of bonds to the same atoms. The idea is that the actual struc-

ture is an average or composite of the two resonance structures. For example, if you

averaged the two NOO bonds without H attached from the two structures, they would

each have the equivalent of 1.5 bonds. This is essentially the case when the pi bond



is delocalized around both NOO sigma bonds. The double-headed arrow is used to

indicate that the structures shown are resonance structures. 

A common misconception about resonance is that a molecule or ion somehow

shifts quickly back and forth from one resonance structure to the other. This does not

happen. Each resonance structure is a nonexistent species. The following analogy may

help you understand the concept of resonance. A medieval European traveler to Africa

returns home and describes a rhinoceros as a cross between a griffin and a unicorn,

two familiar-looking but imaginary animals. In the same way, we describe the nitric

acid molecule, a real species, in terms of two familiar-looking but nonexistent struc-

tures. Of course, the picture with the banana-shaped pi orbital is the rhinoceros in this

case, but we can’t depict it with a single Lewis structure.

We said earlier that it is often apparent from the Lewis structure if a molecule

has delocalized electrons. Let’s look at another example to see how this works. 
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Draw the Lewis structure for CO3
2 (carbonate ion).

Although the carbonate ion is a charged species, the atoms within the ion are

joined by covalent bonds. For this reason, we can draw a Lewis structure for

the ion just as we do for molecules. 

Answer

Step 1: You can deduce the skeletal structure of the carbonate ion by recogniz-

ing that C is less electronegative than O. Therefore, it is most likely to occupy

a central position as follows:

Step 2: The number of valence electrons in C and O are 4 and 6, respectively,

corresponding to their group numbers, and the ion has two negative charges.

Therefore, the total number of electrons is 4  (3  6)  2 or 24.

Step 3: Subtract 6 electrons for the three bonds and distribute the remaining

electrons to try to complete octets for O first, then C:

This structure shows all 24 electrons [9 lone pairs (18 electrons) and 3 bonds 

(6 electrons)]; however, the octet rule is not satisfied for C. We must go to Step 4. 

Step 4: Move a lone pair from one of the O atoms to form another bond with

C. Now the octet rule is also satisfied for the C atom:

By now, it should have occurred to you that the double bond could be drawn

to any of the oxygens, and all of the structures would be equivalent. Whenever

—Continued next page
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The useful feature about resonance structures is that they suggest the possibility

of delocalized pi orbitals in molecules. If you can draw equivalent Lewis structures

by moving double bonds around, it’s a good indication that the pi electrons are delo-

calized in the actual molecule or ion. 

At this point, there are several questions we could ask: Are all resonance struc-

tures equivalent? If not, are some resonance structures better than others? If so, how

can we tell? To answer these questions, we have to introduce you to one more fea-

ture of Lewis structures—the concept of formal charge. 

Formal Charge and Lewis Structures
Did you notice anything unusual about the Lewis structure for nitric acid? There are

four bonds to nitrogen; however, we told you that N forms three bonds and has a

lone pair, which is consistent with its having five valence electrons. What are the
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Continued—

this is the case, you should draw resonance structures. For the carbonate ion,

you can draw three of them:
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Figure 7.15 Picture of
delocalized pi molecular
orbitals in carbonate ion

Nitrogen with three bonds and a lone pair has no formal charge, but
nitrogen with four bonds and no lone pair has a formal charge of  1.

What do you think the carbonate ion would look like? The Lewis structure indicates

that the pi orbital is delocalized over the entire ion. This turns out to be the case, and

Figure 7.15 shows the 2py orbitals involved and the delocalized orbital formed by them.



implications of a nitrogen atom with four bonds? Compared to the way N normally

bonds, with three of its valence electrons shared in three bonds and one lone pair of

electrons all to itself, the N with four bonds and no lone pairs seems to be short of

one electron. If it actually were one electron short, it would have a  1 charge. 

The concept of formal charge, which is simply assigning charges according to

how valence electrons are used (like we did earlier), is a way to keep track of how

the valence electrons are distributed in Lewis structures. An atom’s formal charge is

the electrical charge difference between the number of valence electrons of an atom

and the number of electrons assigned to that atom in a Lewis structure. For purposes

of bookkeeping, we assign all of the bonding electrons and lone pairs in a molecule

to specific atoms. This means we have to imagine splitting the bonds and giving one

electron to each of the bonded atoms. Any lone pairs of electrons on atoms are

assigned to them solely as their own. 
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Figure 7.16 Resonance
structures for nitric acid with
formal charges

Thus, to assign the number of electrons on a particular atom in a Lewis structure,

we simply add all the nonbonding (or lone pair) electrons and one electron for each

covalent bond formed by the atom. For the nitric acid molecule, the formal charge on

nitrogen is  1 because it started with 5 valence electrons and is assigned only 4 elec-

trons from the Lewis structure, one electron for each bond. The formal charge is the

number of valence electrons minus the number of assigned electrons, which in this case

is 5  4 or  1. For the oxygen with one bond to nitrogen, the formal charge is 6  7

or  1. For single positive and negative charges, we normally omit the numeral 1 as

shown in Figure 7.16. The formal charges on the other two O atoms are 6  6 or zero.

Note that the sum of the formal charges is equal to zero for nitric acid because

it’s a neutral molecule. For cations, the sum of the formal charges must equal the pos-

itive charge on the cation. For anions, the sum of the formal charges must equal the



negative charge on the anion. Remember that nitrogen with four bonds and no lone

pairs will always have a  1 formal charge and oxygen with one bond and three lone

pairs will always have a  1 formal charge. These are good rules to know because

they occur fairly often.

Let’s review the process of determining formal charge using the ozone molecule

(O3) as an example. Proceeding by steps, as we did earlier, we arrive at the follow-

ing two equivalent Lewis resonance structures:

The formal charge on each atom in O3 can now be calculated according to the fol-

lowing scheme,

where the wavy lines denote the breaking of the bonds. Note that the breaking of a

double bond results in a transfer of two electrons to each of the bonding atoms, one

for each covalent bond. Thus the formal charges of the atoms in O3 are

Keep in mind that formal charges don’t represent actual charge separation within

the molecule. In the O3 molecule, for example, there is no evidence that the central

atom bears a net  1 charge or that one of the end atoms bears a  1 charge. Writing

these charges on the atoms in the Lewis structure merely helps us keep track of the

valence electrons in the molecule. In this case, the pi electrons would be delocalized

so the electron density would be the same at the two end O atoms.

Now let’s get back to the questions we raised earlier. 

1. Are all resonance structures equivalent? The answer is no (although so far, all

of the resonance structures we have drawn are equivalent). 

2. If not, are some resonance structures better (that is, chemically more plausible)

than others? The answer is yes.

3. If so, how can we tell? The better resonance structures are usually the ones

with minimal formal charge. Resonance structures having large formal charges

(equal to or greater than  2 or  2) are less plausible, meaning that those

structures contribute less to the overall properties of the molecule.
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7.4Draw three resonance structures of the nitrous oxide molecule (N2O) in which

the atoms are arranged as NNO. Rank the resonance structures in increasing

order of importance.

Answer By following the preceding procedures, we arrive at a Lewis structure

for N2O

(A)

However, we can draw another Lewis strcture like

—Continued next page

NOQ OQ
  

ONP P



Exceptions to the Octet Rule
The octet rule works particularly well for elements in the second period of the peri-

odic table. This is because the atoms of these elements have 2s and 2p subshells,

accounting for a maximum of eight electrons. When an atom has fewer than eight

electrons, it would pair up with some other atom or atoms to achieve the octet con-

figuration. But there are three exceptions to the octet rule that you should know.

In particular, you should also know that the first two apply only to a limited num-

ber of molecules, while the third, the expanded octet, is quite common in many

molecules.

1. The Incomplete Octet

In some compounds, the number of electrons surrounding the central atom in a sta-

ble molecule is fewer than eight. Consider, for example, beryllium, which is a Group

2A (and a second-period) element with two valence electrons in the 2s orbital. In the

gas phase, beryllium hydride (BeH2) exists as discrete molecules. The Lewis struc-

ture of BeH2 is

HOBeOH

As you can see, only four electrons surround the Be atom, and there is no way to sat-

isfy the octet rule for beryllium in this molecule.

Elements in Group 3A, particularly boron and aluminum, also tend to form com-

pounds in which they are surrounded by fewer than eight electrons. Boron, with three

valence electrons (2s22p1), reacts with the halogens to form a class of compounds

having the general formula BX3, where X is a halogen atom. Thus, in boron trifluo-

ride, there are only six electrons around the boron atom:

The only elements that may form compounds with incomplete octets are Be,

B, and Al. (Note that it is possible for metals such as Be and Al to form covalent

compounds.)

FSOQ FSOQ

FSSQ

BO

O

O
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Continued—

(B)

Note that all we have done is to shift the electrons so that there is now a triple

bond between the N atoms and a single bond between N and O. We can draw

yet a third resonance structure:

(C)

How do we rank these three resonance structures? (C) should be the least plau-

sible because it involves a large formal charge ( 2 on the end N). There is not

much to choose between (A) and (B) except that the negative charge is on the

more electronegative O atom in (B), as it should be. Therefore, we rank these

resonance structures in increasing order of importance as

(C)  (A)  (B)

(Check the website for more problems on writing resonance structures.)
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2. Odd-Electron Molecules

Some molecules contain an odd number of electrons. Among them are nitric oxide

(NO) and nitrogen dioxide (NO2):

Because we need an even number of electrons for complete pairing (to reach eight),

the octet rule clearly cannot be satisfied for all the atoms in any of these molecules.

There are very few stable molecules with an odd number of electrons.

3. The Expanded Octet

As mentioned earlier, atoms of the second-period elements cannot have more than

eight valence electrons around the central atom, but atoms of elements in and beyond

the third period of the periodic table readily form compounds in which more than

eight electrons surround the central atom. How can this happen? We have seen that

the first-period element hydrogen can have only two electrons because the first shell

is 1s. The second shell has two subshells of 2s and 2p, which together limit the num-

ber of electrons around second-period elements to eight. How many electrons can the

third shell hold? In addition to the 3s and 3p subshells, these elements in the third

period also have the 3d subshell that can be used in bonding. The presence of a 3d

subshell enables an atom to form an expanded octet. The commonly encountered ele-

ments that form expanded octets are P, S, Cl, Br, and I. 

One compound in which there is an expanded octet is sulfur hexafluoride (SF6),

a very stable compound. In SF6, each of sulfur’s six valence electrons forms a cova-

lent bond with a fluorine atom, so there are 12 electrons around the central sulfur atom:

Keep in mind that sulfur also forms many compounds in which it obeys the octet rule.

In these cases, it often bonds like oxygen to form two bonds and two lone pairs as

in sulfur dichloride:
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7.5Draw the Lewis structure of phosphorus pentachloride (PCl5).

Answer The outer-shell electron configurations of P and Cl are 3s23p3 and

3s23p5, respectively, and so the total number of valence electrons is 5  (5  7)

 40. Phosphorus is a third-period element, and therefore it can have an

expanded octet. The Lewis structure of PCl5 is

Note that there are five bonds and hence 10 valence electrons around the P atom.

Cl

P
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ClSOQ

ClSOQ
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ClSOQ
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Table 7.2 Bonding Patterns for C, N, and O

Bonding Pattern Examples
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Now you’re ready to try your hand at drawing Lewis structures on your own.

Remember, the only way you will learn to draw Lewis structures is practice, and there

are lots of examples on the website. As you practice drawing Lewis structures, try to

look for patterns of bonding. You already know that H, O, N, and C only form 1, 2,

3, and 4 bonds, respectively (that is, when they don’t have a formal charge). Table 7.2

shows examples of Lewis structures for molecules containing C, N, and O that illus-

trate their typical bonding patterns. Note that O has two bonds and two lone pairs and

N has three bonds and one lone pair. This will always be the case unless the atom has

a formal charge. You have seen examples of this in CO2 
3 and HNO3, where O with

one bond and three lone pairs has a formal charge of  1 and N with four bonds and

no lone pairs has a formal charge of  1.

In addition to the normal ways in which specific atoms bond, there are patterns

that apply to certain types of molecules such as oxoacids. As we saw in Chapter 2,

there are many oxoacids (like nitric acid) and oxoanions (like carbonate). It turns out

that there is a bonding pattern for these acids and anions that should help you in draw-

ing Lewis structures. There is always a central atom, less electronegative than O,

which is surrounded by a combination of O atoms (anywhere from 0–3 of them) and

OH groups (from 1–3 of them). See how this pattern is followed in the structures in

Table 7.3. 



Try drawing the Lewis structures for the oxoanions of the acids. In every case,

you will be removing an H without its electron, so the oxygen will have a negative

formal charge because it keeps the departed hydrogen’s electron. How many reso-

nance structures can you draw for each of theses anions? On the other hand, we can’t

draw any reasonable resonance structures for the oxoacids shown in Table 7.3 (except

HNO3). We conclude that the pi electrons are more delocalized in the anion than in

the acid. If you remember that delocalization of pi electrons has a stabilizing effect,

you should understand why these acids want to donate protons if they bump into an

appropriate proton acceptor or base.

Molecular Geometry The shape of molecules

One of the most important scientific discoveries of the 20th century was the elucida-

tion of the structure of one molecule, DNA, the molecule that contains the blueprint

for life. The knowledge about life’s chemistry that has been acquired based on this

structure fills hundreds of books and will likely lead to the cure for thousands of dis-

eases. Knowing the three-dimensional shape of molecules is essential to under-

standing the properties of molecules. 

Lewis structures of molecules and polyatomic ions show us that atoms are sur-

rounded by covalent bonds and lone pairs. However, being restricted to two dimen-

sions, Lewis structures cannot tell us how molecules fill three-dimensional space.

Actually, the way in which atoms and lone pairs are arranged around atoms is fairly

intuitive. Let’s consider methane with four hydrogen atoms bonded to a central car-

bon. Figure 7.17 shows two different arrangements of the hydrogens around carbon.

Can you guess which is the correct arrangement? 
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Table 7.3 Lewis Structures of Oxoacids
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Chloric acid Chlorous acid Hypochlorous acid



If you guessed the one on the right, you already have a good feel for molecular geom-

etry. You might even think the other arrangement is unreasonable because the covalent

bonds containing the negatively charged electrons are too close together. (Remember that

covalent bonds contain negatively charged electrons.) As you would expect, the bonds

repel each other such that the most stable arrangement is one that places the bonds as

far apart from one another as possible. For methane, the geometry is called tetrahedral,

which is based on the tetrahedron, a four-sided triangular pyramid. The farthest apart that

four atoms bonded to a central atom can be is at the four corners of a tetrahedron, with

the central atom in the center of the pyramid. In this arrangement, the angles between

the four bonds are all about 109 , as shown in Figure 7.18. Here’s an important tip:

Models are very helpful for visualizing molecules in three dimensions, and we

encourage you to try building models of molecules. You can either buy a molecular

model kit or you can make your own models with toothpicks and Styrofoam balls.

Now let’s consider the Lewis structures of ammonia and water, also shown in

Figure 7.18. In ammonia, there are three covalent bonds and a lone pair; in water,
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Figure 7.17 Two possible
arrangements of hydrogen
atoms around carbon in
methane

Figure 7.18 Four pairs of
electrons around a central
atom will be as far apart as
possible, pointing to the
corners of a four-sided
tetrahedron.



there are two bonds and two lone pairs. In both cases, the central atom is surrounded

by four pairs of electrons although they are not all involved in bonding. As you would

expect, electrons in lone pairs exert a repulsive force just like those in covalent bonds.

So the four pairs of electrons (bonding and nonbonding) in ammonia and water want

to be as far apart as possible; for four electron pairs, this would be a tetrahedral

arrangement just like methane. 

This approach to understanding molecular geometry is called the valence-shell

electron-pair repulsion (VSEPR) model because it describes the arrangement of

electron pairs around a central atom based on electrostatic repulsion between pairs of

valence electrons. How many different types of arrangements are possible? There are

only five. The type of arrangement depends on the number of electron pairs sur-

rounding a central atom. As you have seen from drawing Lewis structures, there can

be two, three, four, five, or six pairs of electrons (bonding or nonbonding) around a

central atom. For each of these arrangements, the electron pairs are kept as far apart

as possible. Table 7.4 shows the five basic geometries.

Most molecules are based on the trigonal planar and tetrahedral geometries. In

fact, the billions of atoms in a DNA molecule are all centered within either a trigo-

nal planar or tetrahedral geometry. An example of trigonal planar geometry is the car-

bonate ion, CO2 
3 . Because the atoms all lie in the same plane, its geometry is two

dimensional and hence easily represented on paper, as shown in Figure 7.19. Note

that carbonate has a double bond, but the extra bond doesn’t affect the geometry

because the pi bond is simply an additional connection to atoms already linked by a

sigma bond. Even though the pi electrons in carbonate are delocalized over the entire

ion, they still have no effect on the geometry; pi bonds are not taken into account

when we determine molecular geometry—all that matters is the number of bonded

atoms and lone pairs around a central atom. 

What about molecules that contain more than one “central” atom? You can use

the VSEPR model to predict the geometry around any atom bonded to more than one

atom in a molecule or polyatomic ion. Let’s consider the geometry of carbonic acid

(H2CO3), which is the carbonate ion with two protons. With the additional hydrogens,

we can consider the geometry around the oxygens that are bonded to hydrogen. Of

course, the geometry around carbon is the same as in carbonate, which is trigonal pla-

nar. Do you notice anything familiar about the oxygens? They both look like the O

atom in water except one of the hydrogens is replaced by carbon. Like in water, these

oxygens are surrounded by two bonded atoms and two lone pairs. So the arrangement

of the electron pairs around them is tetrahedral. Figure 7.19 also shows what carbonic

acid would look like with the respective geometries around C and O.

Figure 7.20 shows some common molecules containing C, H, O, and N atoms.

(Recall we mentioned in Chapter 2 that most of the molecules in the world are com-

prised of these four atoms.) Take a minute and try to identify the geometry around

each of the atoms bonded to more than one other atom. This turns out to be fairly
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Figure 7.19 Geometric
arrangement of atoms in
carbonate ion and carbonic
acid
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Table 7.4 Arrangement of Electron Pairs About a Central Atom (A) in a
Molecule and Geometry of Some Simple Molecules and Ions in Which the
Central Atom Has No Lone Pairs

Number of Arrangement of Molecular
Electron Pairs Electron Pairs Geometry Examples

2 BeCl2, HgCl2

3 BF3

4 CH4, NH4
 

5 PCl5

6 SF6

A
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Q Q
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Q

Q

Q

A
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Q
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Trigonal planar Trigonal planar

Tetrahedral Tetrahedral

Trigonal bipyramidal Trigonal bipyramidal

Octahedral Octahedral
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Figure 7.20 Lewis structures, ball-and-stick models, and space-filling models of some
common molecules



straightforward if you think of all of these molecules as having architecture built from

units derived from methane, ammonia, water, and carbonic acid.

Let’s start with octane (C8H18), which is a component of gasoline. It looks like

it was made by stringing together eight methane molecules. The difference in the car-

bon bonding in octane relative to methane is that each carbon is bonded to either three

hydrogens and one carbon (on the ends) or two hydrogens and two carbons between

the ends. Every carbon will therefore have the same tetrahedral geometry as the car-

bon in methane. By the way, the CH3 group at the ends of octane is called a methyl

group. The ethanol molecule, the active ingredient in beer, wine, and booze, looks

like methane on the left and water on the right, except the O is bonded to hydrogen

and carbon instead of two hydrogens. Thus, the arrangement of electron pairs around

the two carbons and the oxygen is tetrahedral. The CH3CH2 group in ethanol is called

an ethyl group, and this molecule is often referred to as ethyl alcohol. Diethyl ether,

an anesthetic that was commonly used to knock out patients before surgery, can be

thought of as a water molecule in which the hydrogens have been replaced by two

ethyl groups.

Now look at acetic acid, the acid in vinegar. It looks like carbonic acid where

one of the OH groups (called hydroxyl groups) is replaced by a methyl group. Like

carbonic acid, the carbon with the double bond is trigonal planar; the arrangements

of electron pairs around the other carbon and the oxygen are tetrahedral. Earlier, we

showed the formula of acetic acid as HC2H3O2 (see p. 36). From now on, we will

write its formula as CH3COOH because it more correctly represents the bonding

between the atoms.

The molecule urea is a major component in urine and other bodily fluids. With

its trigonal planar carbon, it looks like carbonic acid in which the two OH groups

have been replaced by NH2 groups (which are often called amino groups because

they’re derived from ammonia). The arrangement of electron pairs around each nitro-

gen is tetrahedral just like that in ammonia because the bonding is essentially the same

except a hydrogen is replaced by a carbon. The amino acid alanine (can you guess

why it’s called an amino acid?) is one of the 20 common amino acids that serve as

the building blocks of proteins. You should be able to see the basic units derived from

methane, ammonia, water, and carbonic acid in this molecule and identify the corre-

sponding geometries. 

The last molecule in Figure 7.20 is the sugar glucose, which has a ring structure.

What are the geometries around all of the atoms bonded to more than one atom in

this molecule? All of the carbons are tetrahedral like that in methane, and all of the

oxygens are like the oxygen in water.

Note the models of the compounds in Figure 7.20 do not show the lone pairs,

they just show the atoms oriented in a way that is predicted by the VSEPR model. If

we depict the structure of water and ammonia without the electron pairs, we see the

actual shape of the molecules are those shown in Figure 7.21. The bond angles in

ammonia and water are all about 109 because this places the four electron pairs far-

thest apart, but the geometries of the two molecules are different. Ammonia is shaped

like a pyramid, and water is bent. 

In addition to the five basic geometries, there are several other geometries pos-

sible depending on the number of lone pairs surrounding a central atom. Table 7.5

shows all of the possible shapes when lone pairs are present. Because most molecules

have either trigonal planar or tetrahedral electron arrangements, we will focus only

on examples with geometries related to these basic arrangements. These geometries

are: tetrahedral, trigonal planar, pyramidal, or bent. Note that if there are no lone pairs,

the geometry is the same as the arrangement of electron pairs. So the shape of methane

is tetrahedral. 
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The following steps summarize our approach to determining molecular geometry.

1. Draw the Lewis structure of the molecule.

2. Determine the number and hence the arrangement of electron pairs around the

central atom.

3. If the central atom does not possess lone pairs, then the geometry of the

molecule, which is determined only by the positions of the atoms, is the same

as the electron arrangement. 

4. If the central atom possesses one or more lone pairs, then the geometry of the

molecule corresponds only to the portion of the electron arrangement involving

bonding pairs. 
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Figure 7.21 The bent shape
of water and pyramidal shape
of ammonia are due to the
tetrahedral arrangement of
the bonding and nonbonding
electrons.
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7.6Indicate the geometry for each of the following molecules. (a) H2S, (b) AsH3,

and (c) BF3.

Answer (a) The Lewis structure of H2S is

Because there are two lone pairs on the S atom, the H2S molecule has a bent

geometry, like that of H2O.

(b) The Lewis structure of AsH3 is

This molecule has three bonding pairs and one lone pair, a combination similar to

that of ammonia. Therefore, the geometry of AsH3 is trigonal pyramidal, like NH3.

(c) The Lewis structure of BF3 is 

There are no lone pairs on the B atom. (BF3 is an example of the incomplete

octet discussed earlier. For simplicity, we omit the lone pairs on F atoms.) Thus

the geometry of the molecule is the same as the arrangement of the electron

pairs, trigonal planar.

(Check the website for more problems on molecular geometry.)
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Table 7.5 Geometry of Some Simple Molecules and Ions in Which the Central Atom Has One or More
Lone Pairs

Class of Total Number of Number of Number of Arrangement of 
Molecule Electron Pairs Bonding Pairs Lone Pairs Electron Pairs Geometry Examples

AB2E 3 2 1 Bent

AB3E 4 3 1

AB2E2 4 2 2 Bent

AB4E 5 4 1

AB3E2 5 3 2 T-shaped

AB2E3 5 2 3 Linear

AB5E 6 5 1

AB4E2 6 4 2 Square planar

Trigonal planar

Tetrahedral

Tetrahedral

Trigonal bipyramidal

Trigonal bipyramidal

Trigonal bipyramidal

Octahedral

Octahedral

Trigonal
pyramidal

Square
pyramidal

Distorted
tetrahedron
(or seesaw)

A

Q

B B

A

Q

B B

B

A

Q

Q

B
B

A

B

B

B

B

Q

A

B

B

B

Q

Q

Q

A

B

B

Q

Q

A

B

B

B

B

B
Q

A

Q

B

B

B

B
Q

SO2

Q

NH3

Q

H2O

Q

Q

SF4

Q

CIF3

Q

Q

I3
-

Q

Q

Q

BrF5

Q

XeF4

Q

Q



Molecular Geometry 135

Predicting Polarity Based on Molecular Geometry
In Chapter 2 you saw that molecules can be classified as either polar or nonpolar. By

now you should be able to better understand the basis of polarity in molecules. If two

atoms joined in a covalent bond have different electronegativities, the more electroneg-

ative atom pulls the electrons toward itself. In a diatomic molecule like HF, the result

is a molecule that is slightly negative on the F end and slightly positive on the H end.

Polarized covalent

bond in HF molecule

We call a polar molecule like HF a dipole because it has two poles—a positive pole

and a negative pole. These poles are analogous to the north and south poles of a bar

magnet. Using electronegativities, we can assess the degree of polarity (that is, how

much the electron density is shifted) in a molecule, and knowing the polarity of a

molecule helps us understand and predict molecular behavior. 

It should make sense to you that the degree of polarity in a bond depends on the

amount of charge at the ends of the molecule—the bigger the charge, the more polar

the bond. The charge at both ends would have the same magnitude, but one end would

be positive and the other negative. The charge would also be less than one; if they

were  1 and  1, they’d become a cation and an anion. The degree of polarity also

depends on the distance between the charges (that is, the distance between the nuclei

of the atoms). A convenient measure of the polarity of a molecule is called the dipole

moment, and it is simply the product of the charge times the distance. Dipole

moments have been measured for some molecules, and they are expressed in debye
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(D) units, named after the Dutch-American chemist and physicist Peter Debye. For

example, the dipole moment of HF, where the electronegativity difference between H

and F is 1.9 (see Figure 7.2), is 1.92 D. As you can see in Table 7.6, there is a strong

correlation between electronegativity difference and dipole moment.

Dipole moments are represented by arrows with the arrowhead pointing toward the

more electronegative atom, as shown in Figure 7.22, which makes it easy to represent

the dipole moments in diatomic molecules. Of course, diatomic molecules containing

two atoms of the same element have no difference in electronegativity (that is, the elec-

trons are shared equally), so there is no dipole moment and they are nonpolar. 

But how do we predict the polarity of a polyatomic molecule? To do so, we need

to know the geometry of the molecule. Consider the water molecule with its bent

geometry. Because oxygen is more electronegative than H, electrons will be pulled

toward O. In Figure 7.22, the electron pull in each OOH bond is indicated by an

arrow with the arrowhead pointing toward the O. The overall direction of the electron

Table 7.6 Dipole Moments of Some Polar Molecules

Dipole Electronegativity
Molecule Moment (D) Difference

HF 1.92 1.9

HCl 1.08 1.1

HBr 0.78 0.7

HI 0.38 0.4

H2O 1.87 1.4

H2S 1.10 0.4

NH3 1.46 0.9

SO2 1.60 1.0

Figure 7.22 Bond moments
and resultant dipole moments
for some common molecules
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pull or the shift in electron density would be represented by an arrow pointing straight

up. Mathematically, the overall dipole moment is the vector sum of the dipole

moments of the individual bonds. 

This approach will also tell us that a molecule can be nonpolar even if the indi-

vidual bonds are polar. Consider the linear carbon dioxide (CO2) molecule (OPCPO).

(Why is CO2 linear?) Because oxygen is more electronegative than carbon, electrons

will be pulled toward O, as shown in Figure 7.22. The electron pull in each CPO

bond is the same in magnitude but opposite in direction so they cancel each other out.

Thus, the overall dipole moment is zero, making CO2 a nonpolar molecule. 
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7.7Predict whether the following compounds possess a dipole moment: (a) NF3,

(b) CH4, (c) H2S, (d) CS2, (e) BF3, (f) CH2Cl2.

Answer (a) NF3 has a trigonal pyramidal shape, and the N atom has a lone pair.

The electron density is pulled toward the more electronegative F atom, and the

resultant dipole moment is along the lone pair. Therefore, NF3 is a polar molecule.

(b) The C atom is only slightly more electronegative than H. Because of the

tetrahedral geometry of CH4, the four bond moments exactly cancel one another.

Thus, CH4 is a nonpolar molecule.

(c) H2S has a bent shape just like water. Therefore, the two bond moments give

rise to a resultant dipole moment and the molecule is polar.

(d) CS2 has a linear shape just like CO2. Therefore, although S is more elec-

tronegative than C, the two bond moments cancel each other, making it a non-

polar molecule.

(e) The geometry of BF3 was shown to be trigonal planar in Example 7.6.

Because of its symmetrical shape, the three BOF bond moments cancel one

another, and the molecule is nonpolar.

—Continued next page
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Determining experimentally whether or not a molecule has a dipole moment is

the best way to predict if a molecule is polar or nonpolar. However, a general rule is

that most hydrocarbons (that is, compounds containing only C and H atoms) are non-

polar. Knowing whether a molecule is polar or nonpolar has a lot of practical appli-

cations based on solubility. For example, the extraction of molecules with medicinal

properties from plants requires the systematic use of solvents with different polarities.

At the molecular level, the basis for solubility is the nature of the forces that hold

molecules together, collectively called intermolecular forces.

Intermolecular Forces The glue between molecules

Now that you understand the nature of the bonds between atoms, we will look at the

forces that hold molecules together in the liquid or solid state. In order for substances

to exist as a liquid or a solid, the molecules must stick to one another. This sticki-

ness is what we call intermolecular forces or IMFs. You already have some practi-

cal experience with IMFs if you have ever touched maple syrup, glue, or Scotch tape.

These substances owe their stickiness at the macroscopic level to the microscopic

IMFs acting between molecules. (Knowing chemistry enables you to understand all

sorts of commonplace phenomena at the most fundamental level.)

All IMFs are electrostatic forces, like the attractive forces between two ions. To

understand how this works, let’s consider the interaction between an ion and a polar mol-

ecule. A familiar example of this is when NaCl dissolves in water. As you already know

from Chapter 2, water molecules surround dissociated Na and Cl ions in a process

called hydration. But why do the water molecules surround these ions? There must be a

stabilizing force to compensate for breaking the ionic bonds in NaCl. The stabilizing

force is essentially the same as that in an ionic bond: positive attracts negative. Because

water has a dipole moment, it has a positive end (the hydrogens) and a negative end (the

oxygen). In an aqueous NaCl solution, water molecules arrange themselves around Na 

ions such that their negative ends point to the ion and are attracted by an electrostatic

force. This attraction is not as strong as that in an ionic bond because the oxygen end

of the molecule has only a partial charge (that is, it’s less than  1). Conversely, the water

molecules surrounding Cl ions point their positive ends toward the negative ion. These

attractive interactions are called ion-dipole forces, which are the type of IMF that exist

between all ions and water molecules in an aqueous solution (Figure 7.23).
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Continued—

(f) CH2Cl2 has a tetrahedral geometry similar to that of CH4. However, because

the substituents (end atoms) are not all identical, the bond moments do not can-

cel one another. Consequently, the molecule has a resultant dipole moment, and

it is polar.

(Check the website for more problems on polarity of molecules.)
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By the same token, we can see how polar molecules can stick together among

themselves because the attractive forces here are also electrostatic in origin. Consider

the HCl molecule with a boiling point of  85 C. That’s pretty cold. At temperatures

below the boiling point, HCl will exist as a liquid due to attractive forces between

the molecules. In fact, boiling point is a measure of the amount of energy needed to

break the IMFs in a substance. At  85 C, the HCl molecules have enough thermal

energy to overcome the IMF. Below  85 C, most of the molecules remain in the liq-

uid state and align themselves as shown in Figure 7.24. This type of IMF is called a

dipole-dipole force, and it occurs between all polar molecules. Like ion-dipole forces,

it is simply a case of positive attracts negative. As you might guess, dipole-dipole

forces are weaker than ion-dipole forces, which, in turn, are much weaker than ionic

and covalent bonds (see Table 5.2). Indeed, the low boiling point of HCl is evidence

that these forces are relatively weak.

There is, however, a special type of dipole-dipole force that is unusually strong. It

occurs in many substances—water, ammonia, alcohols, acids, and most of the mole-

cules in your body. This extra-strong dipole-dipole force is called hydrogen bonding,

and, as the name implies, it involves hydrogen. It turns out that molecules containing

H covalently bonded to N, O, or F have considerably higher boiling points compared

with other polar molecules. Compare the boiling points for the simple hydrogen-

containing compounds in Table 7.7. Note that they are arranged according to group

numbers so you can easily compare the differences between similar compounds. For

the Group 4A elements, we see that the compound containing Si (silane, SiH4) has a

higher boiling point than the one containing C (methane, CH4). Therefore, the IMFs

of the former are stronger. As we will describe, the boiling points of similar compounds

tend to increase as the size and mass of the molecule increase. According to this trend,

we would expect that all of the compounds containing second-period elements in

Groups 5A–7A would have lower boiling points than their third-period counterparts.

Instead, we see that the boiling points (and therefore the magnitude of the IMFs) of

the compounds containing N, O, or F bonded to H are unusually high. There are count-

less examples of other molecules containing NOH, OOH, or FOH bonds with unusu-

ally high boiling points (as well as other properties that depend on the strength of

IMFs). In particular, complex biological molecules owe their stability and many of their
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Figure 7.23 Water molecules
surround ions and interact
with them through ion-dipole
intermolecular forces.

Figure 7.24 HCI molecules
interact with each other
through dipole-dipole forces.
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Table 7.7 Boiling Points of Hydrogen-Containing 
Compounds of the Group 4A, 5A, 6A, and 7A Elements

Group Compound B.P. ( C)

4A CH4  161

SiH4  111

5A NH3  33

PH3  88

6A H2O 100

H2S  61

7A HF 20

HCl  85

biochemical properties to hydrogen bonding. Perhaps the most well known example is

the hydrogen bonding that holds the double helix together in DNA. 

Because the force is so strong between molecules containing hydrogen bonded

to N, O, or F, and because such molecules are prevalent, they have been given a spe-

cial name. But don’t let the name hydrogen bond confuse you; hydrogen bonds are a

type of IMF, different and weaker than ionic and covalent bonds. You can think of

them as really strong dipole-dipole forces. Although the force is electrostatic, the

importance of hydrogen bonding has led to the use of dotted lines to indicate their

presence, as shown in figure 7.25.

The hydrogen bonding arrangement for water molecules in ice is shown in Fig-

ure 7.26. Each water molecule forms four hydrogen bonds with four other water mol-

ecules. This is a very stable structure, but there is a void space. Why does ice float

in water? Water is the only common substance whose liquid state is denser than its

solid state. (And if it weren’t for this property, life as we know it would not exist.)

Imagine the disruption of some hydrogen bonds during melting, which frees some

water molecules from the three-dimensional network. These freed molecules can fit

in the holes in the lattice resulting in more molecules per unit volume; it becomes

more dense.

Figure 7.25 Hydrogen
bonding in HF and H2O



Why is the hydrogen bond so strong? One contributing factor is the exposed

nucleus (a proton) of the hydrogen atom when it’s bonded to N, O, or F. With its only

electron pulled toward the other end of the molecule, the hydrogen end is essentially

a naked proton. The effective charge of the H is substantially greater than it would be

on other nonmetals with complete inner shells of electrons shielding the nuclear charge. 

The Rest of the IMF Story
So far, the discussion of IMFs has been pretty straightforward: positive attracts neg-

ative. The situation gets more complicated when we try to understand the way non-

polar molecules interact. If there is no dipole moment, what is there for one nonpo-

lar molecule to attract another nonpolar molecule? For example, what holds N2

molecules together in liquid nitrogen? There must be some attractive force because

nonpolar substances also exist as solids and liquids. Table 7.8 shows the boiling points

of some simple nonpolar molecules. As we saw earlier, there is a clear trend: the

strength of the IMFs increases with the size of molecules and number of electrons.

What could be the nature of such a force? 

The origin of the IMFs that exists between nonpolar molecules is based on the

ability of these molecules to create a temporary dipole in another nonpolar molecule.

To understand how this works, let’s first see how a temporary dipole can be created

in a nonpolar molecule. Imagine a sodium ion approaching an I2 molecule as shown

in Figure 7.27. When Na is near the end of the nonpolar iodine molecule, the valence

electrons of nearby I would be attracted to the positive ion. The result is an unequal

distribution of electrons leading to a dipole moment in I2. We call this an induced

dipole, and we say that the sodium ion induces a dipole in iodine. The word induce

is appropriate because it means to “move by persuasion or influence.” You can also

imagine that a polar molecule with its positive end pointing toward a nonpolar mol-

ecule would also induce a dipole in the nonpolar molecule.

So how does this apply to nonpolar molecules when there are no ions or polar

molecules around? According to the accepted model, nonpolar molecules can have
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Figure 7.26 Hydrogen
bonding in ice

Table 7.8 Boiling
Points of Simple
Nonpolar Molecules

Molecule B.P. ( C)

H2  253

N2  196

O2  183

F2  145

Cl2  34

Br2 59

I2 183



temporary dipoles, which, in turn, induce dipoles in neighboring molecules. There are

two ways that a molecule could become temporarily polarized. Because electrons are

always moving around, at some instant there may be a shift in electron density to one

end of a nonpolar molecule, causing a temporary dipole. A collision between two non-

polar molecules could also cause a momentary shift in electron density. In either case,

the temporary dipole could induce a dipole in a nearby molecule, and the induced

dipole would interact electrostatically with the original temporary dipole. Of course,

other nearby molecules would also be affected similarly, and eventually instantaneous

dipoles are dispersed throughout all the molecules. But collisions between molecules

are constantly destroying old temporary dipoles and creating new ones. This type of

IMF is called a dispersion force. The strength of dispersion forces depends on size,

as shown in Table 7.8. Bigger molecules have more electrons, and their electron den-

sity is more easily distorted, leading to larger temporary dipoles.

The strength of dispersion forces also depends on the shape of molecules. Com-

parison of boiling points for molecules with the same molar mass, but different shapes,

indicates the amount of surface area that can come in contact with other molecules is

important. As shown in Figure 7.28, the molecule with the more compact shape,

neopentane (C5H12), has the lower boiling point, and the one with the elongated shape

(and greatest surface area), n-pentane (also C5H12), has the higher boiling point.
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Figure 7.27 A dipole can be
induced in a nonpolar
molecule by the proximity of
a charged species.

Figure 7.28 Structures and
boiling points of nonpolar
hydrocarbons with the same
mass



The dependence of boiling point on size and shape applies to polar molecules as

well. This is because all molecules, polar and nonpolar alike, have dispersion forces,

which can be fairly strong if the molecule is large.

Let’s summarize the important points about IMFs:

• IMFs are electrostatic interactions between molecules: positive attracting negative.

• IMFs are weaker than ionic bonds and covalent bonds.

• IMFs must be broken to melt and boil compounds.

• Ion-dipole forces occur when ionic compounds dissolve in water.

• Dipole-dipole forces occur between polar molecules.

• Hydrogen bonds are especially strong dipole-dipole forces that occur between

polar molecules containing NOH, OOH, or FOH bonds.

• Dispersion forces occur in all compounds, but they are the only IMF between

nonpolar molecules.
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7.8Predict the types of intermolecular forces present in the following compound:

(a) HBr, (b) CS2, and (c) CH3OH.

Answer (a) HBr is a polar molecule. Therefore, the forces present are dipole-

dipole and dispersion forces. (b) CS2 is a nonpolar molecule. The only forces

present are dispersion forces. (c) The predominant forces present are due to

hydrogen bonding. There are also dispersion forces.

(Check the website for more problems on IMFs.)

Solubility and IMFs
Now that you know about IMFs, you can better understand solubility. You already

know how ionic compounds dissolve in water. The ion-ion forces between the cations

and anions in the solid are replaced by ion-dipole forces between water and the ions.

What happens when polar molecules are dissolved in water? A familiar example is the

dissolution of sugar in water. Figure 7.20 shows the structure of the sugar glucose,

which is very soluble in water. (Table sugar, sucrose, looks like two glucose molecules

bonded together and is also very soluble in water.) What kinds of IMFs contribute to

the solubility of glucose in water? There are five OH groups in glucose, all capable

of hydrogen bonding. In the solid state, these hydrogen bonds require a lot of energy

to break as evidenced by glucose’s high m.p. of about 150 C (compare with Br2, which

has a similar mass but only a m.p. of  7 C because it is nonpolar). When glucose is

added to water, the hydrogen bonds between the glucose molecules are replaced by

equally strong hydrogen bonds with water molecules. This interaction enables water

molecules to surround the individual sugar molecules and keep them in solution. 

The dissolution of both ionic compounds and molecules like sugars in water

requires that water molecules surround the dissolved species. As such, there is a limit

to their solubility, which is why you can’t dissolve a cup of salt or sugar in a tea-

spoon of water. There are, however, some compounds that are completely soluble in

water. Such compounds in water are said to be miscible, which means they and water

are soluble in each other in all proportions. An example is ethanol, which looks like

water where a hydrogen atom is replaced by an ethyl group, as shown in Figure 7.20.

Ethanol is miscible with water because a drop of ethanol will dissolve in a liter of

water, a drop of water will dissolve in a liter of ethanol, and every proportion in



between is completely soluble—they’re soluble in all proportions. Like water, ethanol

can form hydrogen bonds and easily replaces water molecules in its network of hydro-

gen bonds. Similarly, water can replace ethanol molecules in liquid ethanol.

Nonpolar compounds are generally very soluble in nonpolar solvents because they

all stick together with the same IMFs—dispersion forces. The word solvent is some-

times used to describe smelly and nasty liquids used as cleaning fluids such as tur-

pentine, which are often nonpolar liquids. One reason that their odor is so noticeable

is that these nonpolar compounds have only weak dispersion forces holding the mol-

ecules in the liquid state. As a result, there is a high rate of escape from the liquid

state, and many solvent molecules will find the sensory molecules in your nose. The

reason nonpolar solvents are good for tough cleaning jobs is that usually the easy-to-

clean dirt is water soluble and the hard-to-clean dirt is nonpolar oil and grease.
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Predict whether the following compounds would be soluble in water: (a) KBr,

(b) CCl4, and (c) CH3OCH3.

Answer (a) KBr is an ionic compound. The K and Br ions will be hydrated

in solution. Therefore, it is soluble in water. (b) CCl4 (carbon tetrachloride) is

a nonpolar molecule. There are only weak dipole-induced dipole and dispersion

forces between CCl4 and H2O. Thus, CCl4 is not soluble in water. (c) CH3OCH3

(dimethyl ether) can form hydrogen bonds with water molecules. Therefore, it

should be (and indeed it is) soluble in water.

(Check the website for more problems on solubility.)
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7.9

Test your understanding of the material in this chapter

I M P O R T A N T  T E R M S

Explain the following terms in your own words:

dipole-dipole forces, p. 139

dipole moment, p. 135

dispersion forces, p. 142

electronegativity, p. 106

expanded octet, p. 125

formal charge, p. 122

hydrogen bonding, p. 139

induced dipole, p. 141

intermolecular forces

(IMFs), p. 138

ion-dipole forces, p. 138

Lewis structure, p. 110

lone pair, p. 110

miscible, p. 143

molecular orbital 

theory, p. 111

octet rule, p. 116

polar molecule, p. 105

resonance, p. 119

resonance structure,

p. 119

valence-shell electron-

pair repulsion 

(VSEPR), p. 129

U N D E R S T A N D I N G  C H E M I S T R Y

Summarizing Problem
The molecule benzene has the chemical formula C6H6 and has a ring structure. 

(a) Draw the Lewis structure for benzene including any resonance structures that obey

the octet rule. 

(b) Predict the geometry around all of the carbon atoms.

(c) Describe the overall shape of the molecule.

(d) Describe the molecular orbitals in benzene.

(e) Predict whether or not the following compounds would be soluble in benzene:

(1) NaCl, (2) CH3OH, and (3) C8H18.



Answers: (a) The Lewis structure of benzene is

A simpler way of drawing the structure of the benzene molecule and other compounds

containing the “benzene ring” is to show only the skeleton and not the carbon and

hydrogen atoms. By this convention, the resonance structures are represented by

Note that the C atoms at the corners of the hexagon and the H atoms are all omitted,

although they are understood to exist. Only the bonds between the C atoms are shown.

Remember this important rule for drawing resonance structures: The positions

of electrons, but not those of atoms, can be rearranged in different resonance

structures. In other words, the same atoms must be bonded to one another in all

the resonance structures for a given species.

(b) If we ignore the pi bond, then each C atom has three bonding pairs. Therefore,

it has a trigonal planar geometry.

(c) The overall geometry is planar. 

(d) Each C atom forms three sigma bonds with two C atoms and one H atom. In

addition, the pi bonds between the C atoms are delocalized over the entire mol-

ecule (Figure 7.29).

(e) (1) NaCl is an ionic compound and is not soluble in benzene. The ion-induced

dipole forces are too weak. (2) CH3OH is a polar molecule capable of forming

hydrogen bonds. It is not soluble in benzene because the dipole-induced dipole

forces are too weak. (3) C8H18 (octane) is a nonpolar molecule. As a result, the

strong dispersion forces between octance and benzene make C8H18 soluble in C6H6.
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Figure 7.29 Delocalized pi
orbitals in benzene
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Chemical Equilibrium
Back and forth, back and
forth
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n this chapter you will build on your knowledge of chemical reactions

(Chapters 3 and 4), energy changes (Chapter 5), and chemical bonding

(Chapter 7) to learn one of the most important concepts in chemistry—

chemical equilibrium. We introduced you to chemical equilibrium in

Chapter 3 when we described the behavior of acetic acid in water (p. 36).

Recall that we used a double arrow (888zy888) in the chemical equation to show that

the reaction is reversible.

CH3COOH(aq)  H2O(l) 888zy888 CH3COO (aq)  H3O (aq)

The double arrows mean that both the forward and reverse reactions are occurring simultane-

ously. As such, it actually describes two chemical reactions:

CH3COOH(aq)  H2O(l) 888n CH3COO (aq)  H3O (aq)

CH3COO (aq)  H3O (aq) 888n CH3COOH(aq)  H2O(l)

Reversible Chemical Reactions

Most chemical reactions are reversible, at least to some extent. At the start of a reversible

process, the reaction proceeds toward the formation of products. As soon as some product mol-

ecules are formed, the reverse process begins to take place, and reactant molecules are formed

from product molecules. Chemical equilibrium is reached when the rates of both the forward

and reverse reactions are equal, that is, when the amount of product formed per unit time is

the same as the amount of reactant formed by the reverse reaction per unit time (that is, every

second or every minute). When a system is at equilibrium, the amounts of all species involved

in the reaction remain constant. But it is very important to remember that although there

is no net change in the amounts of reacting species, molecules are constantly reacting.

Chemical equilibrium is a dynamic process because molecules are being formed and being con-

sumed at every instant. Because the opposing processes are happening at the same rate, the

amounts of the reactants and products never change.

The defining feature of chemical equilibrium is that the rates of two opposing processes are

equal. Therefore, to understand chemical equilibrium, you must first know how the rates become

I



equal. Let’s consider a macroscopic example of two opposing processes reaching a

dynamic equilibrium. Imagine a room filled with thousands of bumblebees randomly

flying around. Adjacent to the room is an identical room, and the wall separating the

two rooms has a very small window. We’ll call them rooms 1 and 2, where room 1

contains all the bees in the beginning. When the window is opened, the bees can pass

from room 1 into room 2 (the forward reaction) and back again (the reverse reaction).

bees in room 1 888zy888 bees in room 2

The rate of bees going into room 2 is dependent on the number of bees in room 1.

If there were 10,000 bees, the number of bees moving through the window per unit

time would be about 10 times faster than if there were only 1000 bees. Of course,

the rate of bees moving from room 2 → room 1 is initially zero because there were

no bees in the empty room.
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So initially the rate of bee movement from room 1 → room 2 is much greater

than the rate of bee movement from room 2 → room 1. As time passes, the num-

ber of bees in room 2 increases, and some of these bees will move back into room

1; as the number of bees increases in room 2, the rate of bee movement into room

1 also increases. Meanwhile, the rate of bee movement from room 1 to room 2 is



decreasing because the number of bees is decreasing. As a result, the faster rate for

1 → 2 is decreasing, and the slower rate for 2 → 1 is increasing. The two rates will

eventually be equal. When the rates are equal, there can be no net change in the num-

ber of bees in each room. But there is constant movement—bees coming and going

all the time. In this particular case, the rates will be equal when the numbers of bees

in both rooms are the same because the rooms are identical. If the rooms were dif-

ferent sizes, this would not be the case. This analogy cannot be taken too far, how-

ever, because the amounts of reactants and products are rarely equal when a chemi-

cal reaction reaches equilibrium.

If you understand the bee analogy, you have grasped the essential ideas of chem-

ical equilibrium. Let’s look at a simple example of a reversible physical process—the

equilibrium between liquid water and water vapor:

H2O(l) 888zy888 H2O(g)

Imagine the following situation in which some liquid water is placed in a closed con-

tainer. Initially the space above the water is empty. (This condition can be created if

a barrier was first used to cover the water and all the air and water molecules above

it are pumped away.) The water molecules in the liquid state are constantly colliding

with one another. Every now and then a molecule will gain sufficient kinetic energy

to break away from the intermolecular forces (mostly hydrogen bonding) to enter the

empty space. Soon there will be enough molecules in the space above the liquid, and

a vapor phase is established. The process is called vaporization or evaporation. The

rate at which water molecules leave the liquid (that is, the rate of evaporation) depends

on the surface area of the liquid and the temperature. A larger area will allow more

molecules to escape, and a higher temperature will increase the average kinetic energy

of the molecules so the rate will also increase. Because the container is closed, the

molecules in the vapor will eventually collide with the water surface, and in so doing,

some of the molecules will become trapped in the liquid state. The rate of molecules

returning to the liquid state (a process called condensation) will depend on the num-

ber of water molecules in the vapor and the surface area of the water.

As with the bumblebees, the rate of evaporation at the beginning of the process

is much greater than the rate of condensation because there aren’t many water mole-

cules in the vapor phase. As time goes on, however, the concentration of water mol-

ecules in the vapor phase increases and, hence, so does the rate of condensation. Even-

tually the rate of evaporation becomes equal to the rate of condensation, and the

system reaches a dynamic equilibrium. Under this condition, the pressure exerted by

the molecules in the vapor state is called the equilibrium vapor pressure, or simply

vapor pressure. Because the system is at equilibrium, the vapor pressure does not

change with time even though there is much back-and-forth molecular movement

C H A P T E R  8 Chemical Equilibrium148



between the liquid and the vapor states. As you might expect, the vapor pressure of

water (or any other liquid) increases with temperature. On the other hand, the surface

area of the water does not affect the magnitude of the vapor pressure. The reason is

that a larger surface area allows more molecules to escape from the liquid state, but

it also lets more molecules return to the liquid state, so the two effects balance out.

The bumblebees and the liquid-gas equilibrium for water are useful ways to

understand three fundamental features of chemical equilibrium:

1. Molecules are always reacting.

2. The rate of a reaction depends on the number of molecules.

3. Once the rates of opposing reactions are equal, there can be no net change

despite the fact that reactions are occurring in both the forward and reverse

directions.

Let’s look at our example from Chapter 3 (p. 36)—the ionization of acetic acid

in water.

CH3COOH(aq)  H2O(l) 888zy888 CH3COO (aq)  H3O (aq)

Unlike the previous examples involving movement between two rooms or two phases,

this process takes place in aqueous solution where all of the reacting species are mixed

together in water (which is itself a reactant). The chemistry is straightforward: a pro-

ton is transferred from acetic acid to water in the forward reaction, and a proton is

transferred from a hydronium ion to acetate ion in the reverse reaction. In order for

a reaction to occur, molecules must collide, so the rate of the reaction depends on the

concentration of molecules. It’s analogous to the collision between blindfolded swim-

mers in a swimming pool—the rate of contact increases as the number of swimmers

increases.

It’s easy to understand the swimming pool analogy because we can envision peo-

ple bumping into each other in a pool. Likewise, it’s important to imagine molecules

colliding with one another in solution to understand how they react. To help you imag-

ine the reaction of acetic acid and water, let’s choose a specific concentration of acetic

acid and determine the relative amounts of acetic acid and water molecules present.

Suppose we have 1 liter of a 1 M solution of acetic acid, which could be prepared by

adding 60 grams of acetic acid (1 mole, or 6.02  1023 molecules) to 1 L of water

(which corresponds to 55.5 moles; see p. 152). Once mixed, there is an average of

about 55 water molecules for every acetic acid molecule, and the molecules are all
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Acetic acid donates a proton to water
to produce hydronium ion and acetate ion.



constantly moving and bumping into each other. In order for the reaction to occur, an

acetic acid molecule must bump into a water molecule with the right orientation. That

is, the acidic proton must bump into a lone pair on a water molecule.

Although the proper orientation is necessary, it doesn’t guarantee that a reaction

will occur because the molecules must also possess the right amount of energy. The

reverse reaction can occur when a hydrogen from hydronium ion bumps into the oxy-

gen on the acetate ion. Initially the rate of the forward reaction is faster because the

concentrations of acetic acid and water are high and there is no acetate around to react

in the reverse direction. As time passes, the concentrations of both acetate and hydro-

nium ions increase due to the forward reaction, and thus the rate of the reverse reac-

tion increases. At the same time, the forward reaction rate will decrease because the

concentrations of reactants are decreasing (although the decrease in water’s concen-

tration is negligible) until the reverse rate is equal to the forward rate and the reac-

tion is at chemical equilibrium.

The concentration of acetic acid in our example is about the same as it is in vine-

gar, which is simply a 1 M solution of acetic acid in water. In every bottle of vine-

gar, acetic acid is at chemical equilibrium with its conjugate base acetate ion, and the

two opposing reactions we previously described are all happening at the same rate.

The next time you see a bottle of vinegar, imagine the dynamic molecular process we

have just described occurring endlessly inside the bottle.

An example of a reversible reaction that occurs in the gas phase is the formation

of dinitrogen tetroxide (N2O4) from nitrogen dioxide (NO2):

2NO2(g) 888zy888 N2O4(g)

Unlike the reaction of colorless acetic acid with colorless water, we can actually see

the progress of this reaction because N2O4 is colorless and NO2 has a dark brown

color (which makes it sometimes visible in polluted air). If we inject NO2 into an

evacuated flask, the dark brown color gets lighter as the reactant is converted to col-

orless product. The intensity of the brown color decreases because we are replacing

the colored molecules with colorless ones. At the molecular level, the reaction occurs

when two NO2 molecules, each with an unpaired electron, collide such that the two

electrons form a covalent bond (Figure 8.1). The reverse reaction occurs when N2O4

collides with another molecule with enough energy to break the bond between the

two nitrogens. Eventually the rate of the reverse reaction catches up to the rate of the

forward reaction, and the system reaches equilibrium. At this point, there is no net

change in the concentrations of the two species, and the color stays the same—a

lighter shade of brown.

What do you think would happen if we injected N2O4 into an evacuated flask?

Some brown color appears immediately, indicating the formation of NO2 molecules.

The color intensifies as the dissociation of N2O4 continues until equilibrium is

reached. Beyond that point, no further change in color is evident because the con-

centrations of both N2O4 and NO2 remain constant. The reaction is clearly reversible

because a pure component (N2O4 or NO2) reacts to give the other gas. Another way
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Figure 8.1 Formation of

N2O4.



to create an equilibrium state is to start with a mixture of NO2 and N2O4 and moni-

tor the system until the color stops changing. Again, it’s important to keep in mind

that at equilibrium, the conversion of N2O4 to NO2 and that of NO2 to N2O4 is still

going on. The reason we do not see a color change is that the two rates are equal—

the removal of NO2 molecules takes place as fast as the production of NO2 mole-

cules, and N2O4 molecules are formed as quickly as they dissociate.

The Equilibrium Constant The big K

Depending on the initial conditions, the concentrations of NO2 and N2O4 can vary

greatly at equilibrium. Table 8.1 shows experimental data for the NO2-N2O4 system

at 25 C. The gas concentrations are given in molarity, which can be calculated from

the number of moles of the gases present initially and at equilibrium and the volume

of the flask in liters. Inspection of the data reveals no obvious relationship between

the amounts of the two reacting species, and the ratio of their concentrations is highly

variable. However, regardless of the initial concentrations of the gases, at equilibrium

the ratio of the N2O4 concentration over the NO2 concentration squared gives a nearly

constant value that averages 216:

 216  K

We call this quotient that has a constant value at equilibrium the equilibrium con-

stant, and it is denoted with a capital K. Although both  NO2 and  N2O4 have units

of mol/L, by convention, K is treated as a dimensionless quantity. We will adhere to

this practice for all cases involving chemical equilibrium.

While it’s not obvious why the concentration of NO2 must be squared to give this

constant relationship, note that the superscript 2 comes from the stoichiometric coef-

ficient for NO2 in the balanced equation. It turns out that for the countless reversible

reactions that have been studied, a constant value is obtained when the product of the

equilibrium concentrations of the products, each raised to a power equal to its coef-

ficient in the balanced equation, is divided by the product of the equilibrium concen-

trations of reactants, each raised to a power equal to its coefficient. Although there

can be any number of reactants and products in a reaction, the relationship between

a chemical equation and the equilibrium constant can be effectively described by con-

sidering the generalized equation:

aA  bB 888zy888 cC  dD

 N2O4 

 NO2 
2
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Table 8.1 Experimental Data for the NO2-N2O4 System at 25 C

INITIAL EQUILIBRIUM RATIO OF CONCENTRATIONS

CONCENTRATIONS (M) CONCENTRATIONS (M) AT EQUILIBRIUM

[NO2] [N2O4] [NO2] [N2O4]

0.000 0.670 0.0547 0.643 11.7 215

0.0500 0.446 0.0457 0.448 9.80 215

0.0300 0.500 0.0475 0.491 10.3 217

0.0400 0.600 0.0523 0.594 11.4 217

0.200 0.000 0.0204 0.0898 4.41 216

 
[N2O4]

[NO2]2
 
[N2O4]

[NO2]



where A and B are reactants, C and D are products, and a, b, c, and d are the coef-

ficients in the balanced equation. By definition, the equilibrium constant expression

is given by

K  

This equation is the mathematical expression of the law of mass action, formulated

by the Norwegian chemists Cato Guldberg and Peter Waage in 1864.

Writing the equilibrium constant expressions for chemical reactions is straight-

forward, although there is one important rule to know. The concentrations of pure

liquids and pure solids are not included in the equilibrium constant expression.

Consider the situation in which we heat solid ammonium chloride (NH4Cl) in a

closed container. The compound decomposes to produce two gases, ammonia (NH3)

and hydrogen chloride (HCl). At a given temperature, the following equilibrium is

established:

NH4Cl(s) 888zy888 NH3(g)  HCl(g)

The equilibrium constant (K ) may be expressed as

(You will see why we have called this quotient K .) Note that the  NH4Cl term rep-

resents the concentration of a solid in moles per liter, which may seem a bit strange

to you. It turns out that a solid’s concentration, like its density (measured in g/cm3),

is itself a constant. This is so because no matter how much or how little of the solid

is present, the ratio

is always the same. Because the product of two constants, K and  NH4Cl , is also a

constant, it is convenient to rewrite the equilibrium constant as 

K  NH4Cl  K   NH3  HCl 

where the concentration of the solid is omitted from the expression. As you will see,

the applications of the equilibrium constant deal only with the concentrations of

species whose concentration can vary (that is, gases and aqueous solutions).

Most of the chemical equilibria you will encounter in introductory chemistry

involve water, either in acid-base reactions or precipitation reactions. It’s possible to

calculate the molar concentration of water using its density. Assuming a density of 1

g/mL, 1 liter of water weighs 1000 g. From the molar mass of water (18.02 g/mol),

the number of moles of water is 1000 g/(18.02 g/mol) or 55.5 mol. Therefore, the

concentration in moles per liter is 55.5 mol/L, or 55.5 M.

Consider the ionization of acetic acid in water:

CH3COOH(aq)  H2O(l) 888zy888 CH3COO (aq)  H3O (aq)

According to the law of mass action, we write the expression for K as

K  

Because the concentration of water is so much greater than all of the other species,

it is essentially constant at 55.5 M. This is generally true for all acid-base reactions,

 H3O
   CH3COO  

 CH3COOH  H2O 

moles of NH4Cl

volume of NH4Cl

K¿  
 NH3  HCl 

 NH4Cl 

 C c D d

 A a B b
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so we treat the concentration of water as a constant as we did for solid ammonium

chloride and omit it in the equilibrium constant expression:

K  K  H2O  

Table 8.2 gives some examples of the equilibrium constant expressions for a variety

of chemical reactions.

You may wonder why the concentrations of reacting species are raised to a power

equal to their coefficients in the balanced equation. As it turns out, this rule comes

from the dependence of reaction rate on concentration, a concept you should be famil-

iar with by now. Let’s first consider a general reaction where the coefficients in the

balanced equation are all one. Suppose in a certain reaction, molecule A collides and

reacts with molecule B to give molecules C and D:

A  B 888zy888 C  D

The forward rate is proportional to the concentrations of A and B, and the reverse

rate is proportional to the concentrations of C and D:

ratef ∝  A  B and rater ∝  C  D 

We can substitute proportionality constants kf and kr, which we will call rate con-

stants, to get the equations

ratef  kf A  B and rater  kr C  D 

At equilibrium, we know the rates of the two opposing reactions are equal:

kf A  B  kr C  D 

Rearranging to get the concentrations of products in the numerator and the concen-

trations of reactants in the numerator,

  K

Thus, the ratio of the forward and reverse rate constants is the same as the equilib-

rium constant, K.

 C  D 

 A  B 

kf

kr

 H3O
   CH3COO  

 CH3COOH 
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Table 8.2 Some Equilibrium Constant Expressions

Reaction K Expression

2CO2(g) 888nm888 2CO(g)  O2(g)

N2(g)  3H2(g) 888nm888 2NH3(g)

HF(aq)  H2O(I) 888nm888 H3O (aq)  F (aq)

NH3(aq)  H2O(I) 888nm888 NH4
 (aq)  OH (aq)

Ag (aq)  CI (aq) 888nm888 AgCI(s)

CaCO(s) 888nm888 CaO(s)  CO2(g) K  [CO2]

K  
1

3Ag 4 3Cl 4

K  
3NH 4 4 3OH 4

3NH3 4

K  
3H3O

 4 3F 4

3HF 4

K  
3NH3 4 2

3N2 4 3H2 4 3

K  
3CO 4 2 3O2 4

3CO2 4 2



Now let’s look at a general reaction in which the coefficients are not all one:

A  A 888zy888 C  D or 2A 888zy888 C  D

In this reaction, the reverse rate is the same as in the previous example, but the for-

ward rate is given by

ratef  kf A  A or ratef  kf A 2

Because two molecules of A must react, the rate depends on the concentration of A

raised to the power of 2, the coefficient in the balanced equation. Treating the for-

ward and reverse rates as we did previously for the equilibrium condition, we see that

the equilibrium constant shows the same dependence on the concentration of A:

  K

Knowing the relationship between the equilibrium constant and the rates of the

opposing processes should give you a better understanding of the equilibrium con-

stant, but this knowledge is not needed to write the expression for K for chemical

reactions or to solve equilibrium problems.

Here is some additional information you should know about writing equilibrium

constant expressions. First, the terms reactants and products for a reversible reaction

are arbitrary. It depends on how the equation is written. Therefore, NO2 is viewed as

reactant if the equation is

2NO2(g) 888zy888 N2O4(g) K1  

and product if we reverse the equation

N2O4(g) 888zy888 2NO2(g) K2  

As you can see, the two equilibrium constants are related by the equation K1K2  1

or K1  1 K2.

Determining K
How does one determine the value of the equilibrium constant for a particular reac-

tion? As you might expect, you must have a way to measure the amount of at least

one of the reacting species. There are countless methods for doing this, depending on

the nature of reacting species involved. For reactions in which either the reactants or

products are colored (that is, they absorb visible light of a certain wavelength), the

amount of light absorbed can be quantified using an instrument called a spectropho-

tometer. The amount of light absorbed by a substance is directly proportional to its

concentration (more molecules absorb more photons). In the N2O4 888zy888 2NO2 reac-

tion, a spectrophotometer can be used to measure the concentration of NO2 over time.

As the reaction proceeds, the absorbance reading on the spectrophotometer would con-

tinue to increase (if initially only N2O4 was present) over time until equilibrium is

reached, at which point there is no further change in the concentration and the

absorbance remains constant. The absorbance at this point will give the equilibrium

concentration of NO2. Using simple algebra, the equilibrium concentration of N2O4

can be calculated if you know its initial concentration. The equilibrium constant is

then readily determined by plugging the equilibrium concentrations into the expres-

sion for K, as shown in the following example.

 NO2 
2

 N2O4 

 N2O4 

 NO2 
2

 C  D 

 A 2

kf

kr
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Go to the website to practice solving more problems.

Applications of the Equilibrium Constant
If the equilibrium constant has been determined for a particular reaction, chemists

studying the reaction can use it to predict

• The net direction the reaction will move toward equilibrium if the initial

concentrations of reacting species are known. 

• The concentrations of the reacting species at equilibrium. 

• The effects of changing concentrations, pressure, or temperature on a system

already at equilibrium.

Predicting the direction of reaction not at equilibrium

Which way will it go—left to right or right to left?

We can easily determine if a reaction is at equilibrium if we know the concentrations of

reacting species by plugging the concentrations into the equilibrium constant expression.

If the quotient is not numerically equal to the value of K, then it’s not at equilibrium,

and therefore the reaction will proceed from left to right or in the reverse direction until

the quotient equals K. Although mathematically the quotient has the same form as that

for the equilibrium constant, we can’t call the quotient K because the reaction is not at

equilibrium. Therefore, we use the letter Q, for reaction quotient. By comparing the

numerical values of K and Q, we can predict which way the reaction will go.

Suppose we have a flask containing two gases at the following initial concentrations:

 NO2 0  0.018 M and  N2O4 0  0.16 M at 25 C. The subscript 0 denotes the initial

concentrations. To see if the reaction  N2O4 888zy888 2NO2 has reached equilibrium, we

can plug these concentrations into the reaction quotient and compare the value with K.

Q  

  2.0  10 3
10.01822

0.16

 
 NO2 

2
0

 N2O4 0
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8.1Calculate the equilibrium constant for the N2O4 888zy888 2NO2 reaction at 25 C

if the initial concentration of N2O4 in a 1-liter flask was 0.600 M and the

absorbance of the light brown mixture at equilibrium indicated a NO2 concen-

tration of 0.0516 M.

Answer To solve this problem, we calculate the equilibrium concentration of N2O4

and then plug the equilibrium concentrations of both species into the expression

for K. According to the balanced equation, 2 moles of NO2 are produced for each

mole of N2O4 that reacts. Thus, the amount of N2O4 that reacted was one-half of

the 0.0516 mole of NO2 produced, or 0.0258 mole of N2O4. The equilibrium con-

centration of N2O4 is then 0.600  0.0258, or 0.574 M. Solving for K, we get

K    4.63  10 3 0.0516 2

0.574
 
 NO2 

2

 N2O4 



Because Q is smaller than the value for K (4.63  10 3), we conclude that the reac-

tion is not at equilibrium. To reach equilibrium, the reaction will go from left to right

to produce more NO2.

Remember that the only difference between Q and K is that the former is used

when the concentrations are not at equilibrium. In comparing Q with K, there are three

possibilities:

1. Q  K. The product:reactant ratio is greater than it is at equilibrium, so the

reaction must produce more reactants to reach equilibrium. In the preceding

reaction, there is too much NO2 or not enough N2O4 in the reacting mixture. To

reach equilibrium, the net reaction will be from right to left, depleting NO2 and

forming N2O4 until equilibrium is reached. At that point, the forward and reverse

rates will be equal, and there will be no net reaction in either direction.

2. Q  K. The reaction is at equilibrium. In this case, nothing happens.

3. Q  K. The product: reactant ratio is smaller than it is at equilibrium, so

the reaction must produce more products to reach equilibrium. This is the

opposite of Case 1. For the preceding reaction, this would mean we have too

much N2O4 (or not enough NO2), so the net reaction will be from left to right,

depleting N2O4 and forming NO2 until equilibrium is reached.

Calculating Equilibrium Concentrations

How much reactant and product will there be at equilibrium?

Knowing the equilibrium constant enables us to calculate the concentrations of the

reacting species at equilibrium if we know the initial concentrations. Let’s again use

the previous example, that is, the initial concentrations of  NO2 0  0.018 M, and

 N2O4 0  0.16 M. From the reaction quotient, we already saw that to reach equi-

librium, the concentration of NO2 will increase and that of N2O4 will decrease. If we

assume the concentration of N2O4 is decreased by x M at equilibrium, then it follows

that the concentration of NO2 must increase by 2x M (because for every N2O4 mole-

cule decomposed, two molecules of NO2 are formed). The coefficient for x will always

be the same as the corresponding coefficient in the balanced equation. There is an easy

way to keep track of how concentrations change to reach equilibrium. We set up a table

to show the initial conditions, changes, and the final (equilibrium) conditions:

N2O4(g) 888zy888 2NO2(g)

Initial (M): 0.16 0.018

Change (M):  x  2x

Equilibrium (M): 0.16  x 0.018  2x

A minus sign denotes a decrease and a plus sign denotes an increase in the concen-

tration. So if we can solve for x, we will know the equilibrium concentrations of NO2

and N2O4. This we can do because we know the value of K, so we write

K  

4.63  10 3
 

or 7.41  10 4
 4.63  10 3x  3.24  10 4

 0.072x  4x2

4x2
 0.0766x  4.17  10 4

 0

 0.018  2x 2

 0.16  x 

 NO2 
2

 N2O4 
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As you may have noticed, this is a quadratic equation of the form

ax2
 bx  c  0

The formula for solving for x is

x  

Here we have a  4, b  0.0766, and c   4.17  10 4 so that

x  

and x   0.024 M or   x  0.0044 M

The first answer is physically impossible because it predicts the equilibrium concen-

tration of N2O4 will be greater than the initial concentration. From the second answer

for x, we calculate the equilibrium concentrations as follows:

 NO2  (0.018  2x) M

 (0.018  2  0.0044) M  0.027 M

 N2O4  (0.16  x) M

 (0.16  0.0044) M ≈ 0.16 M

where the ≈ sign means “approximately equal to.” This method is sometimes referred

to as the ICE method, where the acronym stands for Initial, Change, and Equilibrium.

You can use the ICE method to solve all equilibrium problems you encounter. 

Go to the website to practice solving more problems.

Le Chatelier’s Principle

What happens when we disturb a system at equilibrium?

Chemists often want to know what happens to an equilibrium mixture if it is disturbed

in some way. The disturbance can be the addition or removal of some reacting species,

heating or cooling, or a change in pressure and volume. As you will see, knowing

how an equilibrium state responds to such disturbances can help chemists determine

the conditions that will optimize the yield of a desired compound.

 
 0.0766   310.076622

 4142 1  4.17  10 42

2142

 
 b ;  3b2

 4ac

2a
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Le Chatelier describes his principle.



The French chemist Henri Louis Le Chatelier proposed a general rule that

helps us to predict the direction toward which an equilibrium reaction will move

when a change in concentration, pressure, volume, or temperature occurs. This rule,

known as Le Chatelier’s principle, states that if an external stress is applied to

a system at equilibrium, the system adjusts in a way to relieve the stress as the

system reaches a new equilibrium position. The word “stress” here means a

change in concentration, pressure, volume, or temperature that removes the system

from the equilibrium state. To illustrate the principle, let’s continue to focus on the

same reaction:

N2O4(g) 888zy888 2NO2(g)

Changes in Concentration. Suppose initially we have a mixture of NO2 and N2O4

gases at equilibrium in a flask. Now we inject some N2O4 into the mixture. (What

happens to the color?) Instantly, the equilibrium condition is destroyed because the

concentration of N2O4 is increased. Knowing the amount of N2O4 added, we can cal-

culate the reaction quotient Q to show that it is smaller than K

Q   K

because the denominator is larger than the equilibrium concentration. The subscript 0

refers to the concentrations right after some N2O4 has been added to the flask. To off-

set this stress—that is, the addition of extra N2O4—some N2O4 will decompose to

form NO2 until the concentrations of the gases are such that the following ratio is

equal to K:

 K

So an addition of N2O4 will shift the equilbrium to the right, forming more NO2

molecules. 

Eventually, both the concentrations of NO2 and N2O4 will be higher, but the ratio

 NO2 
2  N2O4 is such that it is again equal to K at equilibrium. Conversely, an addi-

tion of NO2 will shift the equilibrium to the left, forming more N2O4 molecules. By

the same token, if we remove some N2O4 from the equilibrium mixture, more NO2

molecules will combine to form N2O4 as a way to offset the stress, and the net reac-

tion will shift to the left. What would happen if we remove some of the NO2 mole-

cules from the equilibrium mixture? In each case, you can predict the direction of the

net reaction by comparing Q with K.

Changes in Pressure and Volume. Consider the following set up in which a mix-

ture of NO2 and N2O4 gases at equilibrium is placed in a cylinder fitted with a mov-

able piston. The upward or downward movement of the piston will increase or

decrease the volume of the cylinder. Suppose the piston is pushed downward and the

volume decreases. Because the numbers of moles of the gases remain the same at that

instant but the volume has shrunk, the concentrations (in moles per liter) of both gases

will go up.

How will the system adjust to this stress? According to Le Chatelier, the system

should respond to an increase in pressure (the stress) by moving in a direction that

will reduce pressure (stress relief). The only way that a reaction can cause a decrease

in pressure is if it proceeds to the side with fewer moles of gas. From the balanced

equation, we see that it takes two molecules of NO2 to produce one molecule of N2O4.

Therefore, we have a net reaction from right to left. This will produce fewer gas mol-

ecules and, therefore, less pressure. Only reactions involving unequal numbers of

 NO2 
2

 N2O4 

 NO2 0

 N2O4 0

C H A P T E R  8 Chemical Equilibrium158



moles of gases on the left and right sides of the equation are affected by changes in

pressure and volume. Changes in pressure and volume will have no effect on a reac-

tion that produces equal numbers of molecules in either direction (left to right and

right to left); for example,

H2(g)  I2(g) 888zy888 2HI(g)

In addition, reactions in condensed phases (liquids and solids) are unaffected by pres-

sure because solids and liquids are highly incompressible, so their volumes remain

the same.

As with the stress of changing concentration, the response to the pressure and

volume change is to restore K. You can understand why this is the case if you con-

sider what happens to Q when the pressure and volume are changed. For example,

doubling the pressure (by halving the volume) would double the concentrations of

both gases in the NO2-N2O4 system. Because the doubled concentration of NO2 is

squared in the numerator and the doubled N2O4 concentration is not, Q  K. The

reaction must proceed to the right, that is, 2NO2 → N2O4 until Q  K and a new

equilibrium state is reached. Conversely, raising the piston will increase the volume

and decrease the concentrations of the gases. In that case, the equilibrium will shift

from left to right, that is, N2O4 → 2NO2 to produce more gas molecules (and greater

pressure) until a new equilibrium state is reached. Try doubling or halving some of

the equilibrium concentrations from Table 8.1 to prove to yourself that the value of

K is destroyed.

Changes in Temperature. This time we have the NO2-N2O4 equilibrium mixture in

a glass flask of constant volume. What happens when the mixture is heated? Accord-

ing to Le Chatelier, the system should respond to the stress (an increase in tempera-

ture) by absorbing the heat. You know from Chapter 5 that for reversible reactions,

heat is released in one direction and an equal amount of heat is absorbed in the oppo-

site direction. We know that the decomposition of N2O4 to form NO2 molecules

requires the breaking of a chemical bond, so energy must be supplied from an out-

side source. Thus, the following reaction is endothermic:

heat  N2O4(g) 888n 2NO2(g)  H   58.0 kJ

Conversely, the formation of N2O4 when two NO2 molecules combine is a bond-

forming and hence exothermic process:

2NO2(g) 888n N2O4(g)  heat  H   58.0 kJ

As a way to relieve the stress (heating), the net reaction will be from left to right

(the endothermic direction) to absorb the added heat until a new equilibrium is

reached at a higher temperature. The important thing to note is that, unlike Cases 1
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and 2, not only will we have a new equilibrium position in this case (meaning altered

concentrations for NO2 and N2O4), but the value of the equilibrium constant itself is

changed (increased in this case. Why?). If the equilibrium mixture is cooled, then we

predict the stress (cooling) will favor the exothermic reaction and hence the forma-

tion of N2O4. Again, we will have a different (decreased) equilibrium constant at a

lower temperature.

(Check the website for problems on factors affecting the equilibrium position.)

Acid-Base Equilibria

One of the most important topics in chemistry is acid-base equilibria. Knowing the

fundamentals of acid-base equilibria enables us to understand natural phenomena such

as the effects of acid rain on both living and nonliving matter or the chemistry of the

molecules that create and maintain life. An acid-base equilibrium is a bit more com-

plicated than the gas-phase equilibrium we just studied because it always involves

more than one reversible reaction occurring simultaneously. In addition to the equi-

libria that directly involves the acids or bases themselves, there is also the equilib-

rium involving water. Before you read any further, it might be helpful to reread the

section in Chapter 3 on acid-base reactions (pp. 35–40).

The Water Equilibrium

Water ionizes with itself.

Water is involved in all aqueous acid-base equilibria because it can act as either a

weak acid or a weak base. If an acid is added to water, water molecules can accept

protons donated by the acid, that is, they behave as a Brønsted base. Once water

accepts a proton, it becomes a hydronium ion (H3O ), as shown in the generalized

equation

HB(aq)  H2O(l) 888zy888 H3O (aq)   B (aq)

acid1 base2 acid2 base1

In this equation, HB represents any acid, and B represents the base that is produced

after the acid has donated its proton. We call the base in this case the conjugate base

of the acid HB (although it’s just a base like any other base). The subscripts 1 and 2

help us keep track of an acid and its conjugate base.

If a base is added to water, water molecules will donate a proton to the base, that

is, they behave as a Brønsted acid, and become the hydroxide ion (OH ), as shown

in the generalized equation

B (aq)  H2O(l) 888zy888 OH (aq)  HB(aq)

base1 acid2 base2 acid1

where B represents any base, which usually has a negative charge, and HB is the

acid formed after the base accepts a proton from water. We call the acid thus

formed the conjugate acid of the base B (although it’s just an acid like any other

acid).

Because water can either donate or accept a proton, a certain amount of proton

transfer occurs even in pure water where one water molecule bumps into another with

enough energy and the right orientations and donates a proton:

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq)
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We will refer to this reversible reaction as the water equilibrium, for which the equi-

librium constant is given by

K   H3O   OH  

Remember that because the concentration of water (55.5 M) is very large, we treat it

as a constant and don’t include it in the equilibrium constant expression. The water

equilibrium is so important that it has been given its own special K, which we denote

as Kw. At 25 C,

Kw   H3O   OH   1.0  10 14

(As stated on p. 151, by convention the equlibrium constants for acid-base reactions

have no units.) From the stoichiometry, we see that  H3O    OH  , so in water

we have

 H3O   1.0  10 7 M

 OH   1.0  10 7 M

These are very low concentrations; in fact, only one in 10 million water molecules

undergoes ionization. For this reason, pure water is an extremely poor electrical con-

ductor because it contains very few ions.

One of the most important features of acid-base equilibria is that the addition of

acid or base to water affects the water equilibrium. For example, if an acid is added,

the hydronium ion concentration increases, resulting in a situation where Qw  Kw.

According to Le Chatelier’s principle, the increase in  H3O  will cause the water

equilibrium to move to the left to consume the added H3O ions, thereby relieving

the stress. The shift towards reactants must also reduce the hydroxide ion concentra-

tion until a new equilibrium is reached when we again have

 H3O   OH   1.0  10 14

But here we have  H3O    OH  . We can change the concentration of either

H3O or OH ions in solution (by adding acid or base), but we cannot vary both

of them independently. If we add enough acid to the solution so that  H3O   1.0

 10 6 M, say, then the OH concentration must change to

 OH    1.0  10 8 M

What happens to the hydronium ion concentration when a base is added to water?

Whenever  H3O    OH  , as in pure water, the aqueous solution is said to be

neutral. As you have seen, an acidic solution contains an excess of H3O ions, and

 H3O    OH  . In a basic solution, there is an excess of hydroxide ions, so  H3O  

  OH  .

pH the negative log of [H3O ]

Because  H3O  is usually very small in water or even in acid solutions, the Danish

biochemist Soren Sorensen introduced a quantity called pH, which he called the

“hydrogen ion exponent.” It is defined as the negative logarithm of the hydronium ion

concentration:

pH   log  H3O  

KW

 H3O
  
 

1.0  10 14

1.0  10 6

pH 161
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Tired of dealing with very small numbers,
Sorensen introduced pH and defined it as the 

negative log of the hydronium ion concentration.

The concentration of H3O ions in a bottle of wine that has been exposed to

air for several weeks is 2.5  10 3 M. Calculate the pH of the solution.

Answer The pH of the wine is

pH   log  H3O  

  log (2.5  10 3)

 2.60

This “acidic” wine is due to the conversion of ethanol to acetic acid.
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In pure water, then, the pH is given by

pH   log (1.0  10 7)

 7.00

Note that in calculating the pH of a solution, we use only the numerical part of  H3O  

because we cannot take the logarithm of units. Depending on the relative amounts of

H3O and OH present, a solution can be labeled as acidic, basic, or neutral accord-

ing to the following:

Acidic solution:  H3O   1.0  10 7 M pH  7.00

Basic solution:  H3O   1.0  10 7 M pH  7.00

Neutral solution:  H3O   1.0  10 7 M pH  7.00

pH values usually range from 0 to 15, although it is possible to have solutions with

a negative pH (like a highly concentrated solution of a strong acid). Remember that

pH decreases (becoming more acidic) as  H3O  increases. So a low pH means the

solution is very acidic.



Solving Acid-Base Problems It’s just equilibria

You now have the foundation needed for solving acid-base problems (most of which

involve calculating the pH of a particular solution). As we mentioned earlier, acid-

base problems are generally more involved than the gas-phase equilibria because there

is more than one type of equilibrium in an aqueous solution. A key step in learning

how to solve these problems is knowing which of the species are important and which

can be ignored. A systematic way to do this is to first list the major species in solu-

tion and then examine the influence each of them has on the pH of the solution.

Strong Acids and Strong Bases
As far as calculating the pH of a solution is concerned, strong acids and strong bases

are easier to deal with than weak acids and weak bases because we assume they ion-

ize completely. (Strong acid ionizations are actually reversible to a very small extent,

but it’s negligible.) Suppose we wish to calculate the pH of a 0.20 M HCl solution.

How should we go about it? The following steps provide a systematic approach to

solving the problem.

Step 1: List the species present initially, before ionization has begun. Here we

have HCl and H2O.

Step 2: Write the reactions that occur in solution. There are two:

HCl(aq)  H2O(l) 888n H3O (aq)  Cl (aq) K  very large

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq) Kw  1.0  10 14

Note that because HCl is a strong acid, its ionization is complete, and we use

the single arrow.

Step 3: What are the species in solution at equilibrium? The species are H3O ,

Cl , OH , and H2O. Note that no HCl is left at this point. Both of the

preceding reactions contribute to H3O ion concentration, but because the

amount of hydronium ion produced by the ionization of water is negligible

compared with that produced by HCl, we can ignore it. The Cl ion is the

conjugate base of a strong acid and therefore has no tendency to take a proton

from any acid. It certainly will not react with the weak acid water, and

therefore it is present only as a spectator ion; that is, it does not affect the pH
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8.3The pH of rainwater collected in a certain region of Massachusetts on a partic-

ular day was 4.82. Calculate the H3O ion concentration of the rainwater.

Answer Here we are given the pH of a solution and asked to calculate  H3O  .

Because pH is defined as pH   log  H3O  , we can solve for  H3O  by tak-

ing the antilog of the pH. We write

pH   log  H3O   4.82

Therefore,

log  H3O    4.82

 H3O   10 4.82
 1.5  10 5 M

(Check the website for more problems on pH.)



of the solution. The OH ion is present in very small quantity and can also be

ignored for now.

Step 4: Solve for  H3O  by using the ICE method shown earlier. Here we

have

HCl(aq)  H2O(l) 888n H3O (aq)  Cl (aq)

Initial (M): 0.20 0 0

Change (M):  0.20 0.20 0.20

Equilibrium (M): 0 0.20 0.20

The pH of the solution is given by

pH   log (0.20)

 0.70

As you can see, this systematic approach wasn’t really necessary for HCl

because the hydronium ion concentration at equilibrium is equal to the initial con-

centration of the acid. In fact, for all the strong monoprotic acids (there are five,

remember?), the pH of the solution is therefore the negative logarithm of the initial

acid concentration.

To calculate the pH of basic solution, you must first determine the hydrox-

ide ion concentration and then calculate the hydronium ion concentration

using Kw as previously shown. As we mentioned in Chapter 3, there is only one

strong base that you will encounter, the hydroxide ion. Let’s say we are interested

in the pH of a 3.6 M NaOH solution. Remember that the negatively charged

hydroxide ion must be accompanied by a cation. NaOH is very soluble in water,

and an aqueous solution of NaOH contains only aqueous Na and OH ions. The

sodium ion will not react with water to accept or donate a proton—it has no hydro-

gen to donate, and if it accepted a proton from water, it would become NaH2 ,

which is highly improbable because like charges repel each other. So like the chlo-

ride ion, the sodium ion is just a spectator here. In this case, the only equilibrium

is that of water:

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq)

According to Le Chatelier’s principle, the added hydroxide ion causes a shift to the

left until

 H3O   OH   1.0  10 14

Because the initial concentration of hydroxide is very large compared to that provided

by the ionization of water, we can assume that its equilibrium concentration is the

same as the initial concentration of 3.6 M. From the water equilibrium, we write

 H3O   

 

 2.8  10 15 M

so the pH is 

pH   log (2.8  10 15)

 14.55

1.0  10 14

3.6

KW

 OH  
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Weak Acids and Weak Bases

As mentioned earlier, the ionizations of weak acids and weak bases are more involved

because their ionizations are not complete. Let’s first tackle the problem of calculat-

ing the pH of a 0.10 M CH3COOH (acetic acid) solution. Acetic acid ionizes in solu-

tion as follows:

CH3COOH(aq)  H2O(l) 888zy888 H3O (aq)  CH3COO (aq)

As previously shown, the equilibrium constant for this reaction, assuming the water

concentration is essentially unaffected, is given by

K  

Because all acids react with water to produce hydronium ion and the conjugate base, we

give the equilibrium constant a special subscript like we did with the water equilibrium:

K  Ka   1.8  10 5 at 25 C

where Ka is called the acid ionization constant. Remember that Ka is simply the equi-

librium constant for the reaction of an acid with water. As such, it’s a quantitative

measure of acid strength—the larger the Ka value, the stronger the acid. Table 8.3

lists the Ka values for some common acids.

We can now proceed to solve for  H3O  and pH using the following steps.

Step 1: Initially we have CH3COOH and H2O present.

Step 2: The reactions that occur in solution are

CH3COOH(aq)  H2O(l) 888zy888 H3O (aq)  CH3COO (aq) Ka  1.8  10 5

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq) Kw  1.0  10 14

Step 3: At equilibrium, the major species in solution are CH3COOH, H3O ,

CH3COO , and H2O. Note that even though CH3COOH is a weak acid, it is

the main source of H3O ions, and we can again ignore the ionization of water.

Step 4: We now solve for  H3O  using the ICE method. Let x M be the

amount of CH3COOH that undergoes ionization so that

CH3COOH(aq)  H2O(l) 888zy888 H3O (aq)  CH3COO (aq)

Initial (M): 0.10 0 0

Change (M):  x  x  x

Equilibrium (M): 0.10   x x x

The acid ionization constant is given by

Ka  

1.8  10 5
 

x2
 1.8  10 5 x  1.8  10 6

 0

This is a quadratic equation in x and can be solved as before. There is a short

cut, however. Because CH3COOH ionizes only to a slight extent, x must be

small compared to 0.10. Therefore, we can make the approximation

0.10  x ≈ 0.10

x2

0.10  x

 H3O
   CH3COO  

 CH3COOH 

 H3O
   CH3COOH  

 CH3COOH 

 H3O
   CH3COO  

 CH3COOH 
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Now the acid ionization constant expression becomes

1.8  10 5
 

Rearranging, we get

x2
 (0.10)(1.8  10 5)

x   1.3  10 3 M

At equilibrium, the pH of the solution is

pH   log (1.3  10 3)  2.89

so the solution is acidic, as we would expect.

How good is the approximation? Because Ka values for weak acids are generally

known to an accuracy of only  5%, it is reasonable to require x to be less than 5%

of 0.10, the number from which it is subtracted. In other words, the approximation is

valid if the following expression is equal to or less than 5%:

 100%  1.3%
1.3  10 3M

0.10 M

31.8  10 6

x2

0.10
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Table 8.3 Ionization Constants of Some Weak Acids and Their Conjugate Bases at 25 C

Name of Acid Formula Structure Ka Conjugate Base Kb

Hydrofluoric acid HF 7.1  10 4 F 1.4  10 11

Nitrous acid HNO2 4.5  10 4 NO2 2.2  10 11

Acetylsalicylic acid C9H8O4 3.0  10 4 C9H7O4
 3.3  10 11

(aspirin)

Formic acid HCOOH 1.7  10 4 HCOO 5.9  10 11

Ascorbic acid* C6H8O6 8.0  10 5 C6H7O6
 1.3  10 10

Benzoic acid C6H5COOH 6.5  10 5 C6H5COO 1.5  10 10

Acetic acid CH3COOH 1.8  10 5 CH3COO 5.6  10 10

Hydrocyanic acid HCN 4.9  10 10 CN 2.0  10 5

Phenol C6H5OH 1.3  10 10 C6H5O 7.7  10 5

*For ascorbic acid it is the upper left OH group that is associated with this ionization constant.

OC H

CH3CO

O

O

OC HH

O

O

O

C

C C

C O

H OH
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OC H
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OCCH3 H

O

C NH

O H
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NO O H



Thus, the approximation we made is acceptable. In general, you should always take

the short cut in solving this kind of problem. But be sure to check the validity of the

assumption. If the assumption does not hold, then you must solve for x using the

quadratic equation.

Essentially the same approach can be used for weak bases. As another exercise,

we will calculate the pH of a 0.20 M ammonia solution. As a weak base, ammonia

ionizes in solution as follows:

NH3(aq)  H2O(l) 888zy888 NH 

4(aq)  OH (aq)

and the equilibrium constant for the reaction, again assuming that the water concen-

tration is largely unaffected, is given by

K Kb   1.8  10 5 at 25 C

where Kb is called the base ionization constant. (As with Ka, Kb is simply the equi-

librium constant for the reaction of a base with water to produce hydroxide ion and

its conjugate acid.) Kb is a quantitative measure of base strength—the larger the Kb

value, the stronger the base. Table 8.4 lists the Kb values for some common bases.

(Note that by coincidence, the Kb for NH3 is the same as the Ka for CH3COOH.) 

 NH 

4   OH  

 NH3 

Solving Acid-Base Problems 167

Table 8.4 Ionization Constants of Some Weak Bases and Their Conjugate Acids at 25 C

Name of Base Formula Structure Kb* Conjugate Acid Ka

Ethylamine C2H5NH2 5.6  10 4 C2H5N
 

H3 1.8  10 11

Methylamine CH3NH2 4.4  10 4 CH3N
 

H3 2.3  10 11

Caffeine C8H10N4O2 4.1  10 4 C8H11N
 

4O2 2.4  10 11

Ammonia NH3 1.8  10 5 NH4
 5.6  10 10

Pyridine C5H5N 1.7  10 9 C5H5N
 

H 5.9  10 6

Aniline C5H5NH2 3.8  10 10 C6H5N
 

H3 2.6  10 5

Urea N2H4CO 1.5  10 14 H2NCON
 

H3 0.67

*The nitrogen atom with the lone pair accounts for each compound’s basicity.
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We now proceed as follows.

Step 1: Initially we have NH3 and H2O.

Step 2: The reactions that occur in solution are

NH3(aq)  H2O(l) 888zy888 NH 4(aq)  OH (aq)

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq)

Step 3: At equilibrium, the major species in solution are NH3, NH 4, OH , and

H2O. Note that even though NH3 is a weak base, it is the main source of OH 

ions, and we can again ignore the ionization of water.

Step 4: Let x M be the amount of NH3 ionized. Using the ICE method, we

write

NH3(aq)  H2O(l) 888zy888 NH 4(aq)  OH (aq)

Initial (M): 0.20 0 0

Change (M):  x  x  x

Equilibrium (M): 0.20  x x x

The base ionization constant is given by

Kb   

1.8  10 5
 

We assume that 0.20  x ≈ 0.20 so that

x2
 (0.20)(1.8  10 5)  3.6  10 6

or

x  1.9  10 3 M   OH  

Now we need to test the approximation by writing

 100%  0.95%

so the approximation is valid.

Next we calculate  H3O  using the ion product of water:

 H3O   

  5.3  10 12 M

The pH of the solution is therefore

pH   log (5.3  10 12)  11.28

and the solution is basic as we would expect.

As you can see in Table 8.5, most weak bases are anions, so, like hydroxide ion,

they must be accompanied by a cation. In fact, most bases exist as the anion compo-

nents of salts, which you will recall are ionic compounds. When a salt dissolves in water,

the pH of the solution may change from 7. This happens when the cation or anion, or

1.0  10 14

1.9  10 3

KW

 OH  

1.9  10 3 M

0.20 M

x2

0.20  x

 NH 4  OH  

 NH3 



both, react with water. This type of acid-base reaction is often called salt hydrolysis.

But remember that it is simply acid-base equilibria and therefore problems involving

salt hydrolysis are solved exactly as we have done previously for weak acids and weak

bases. The key is identifying which species will react with water and which will not.

To illustrate salt hydrolysis, consider what happens when sodium acetate

(CH3COONa) is added to water. Being a strong electrolyte, the salt is completely dis-

sociated in solution:

CH3COONa(aq) 888n CH3COO (aq)  Na (aq)

The Na ion does not react with water and is present as a spectator ion. The acetate

ion (CH3COO ), on the other hand, is the conjugate base of the weak acid,

CH3COOH. As a weak base, the acetate ion will react with water, forming acetic acid

and hydroxide ions:

CH3COO (aq)  H2O(l) 888zy888 CH3COOH(aq)  OH (aq)

This reaction shows that a sodium acetate solution is basic. The equilibrium constant

for this reaction, which can be treated as the base ionization constant (Kb) for

CH3COO , is given by

Kb   5.6  10 10
 CH3COOH  OH  

 CH3COO  
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Table 8.5 Relative Strengths of Conjugate Acid-Base Pairs

Acid Conjugate Base

HCIO4 (perchloric acid) CIO4
 (perchlorate ion)

Hl (hydroiodic acid) I (iodide ion)

HBr (hydrobromic acid) Br (bromide ion)

HCl (hydrochloric acid) CI (chloride ion)

H2SO4(sulfuric acid) HSO4
  (hydrogen sulfate ion)

HNO3 (nitric acid) NO3
 (nitrate ion)

H3O (hydronium ion) H2O (water)

HSO4
 (hydrogen sulfate ion) SO2 

4 (sulfate ion)

HF (hydrofluoric acid) F (fluoride ion)

HNO2 (nitrous acid) NO2
 (nitrate ion)

HCOOH (formic acid) HCOO (formate ion)

CH3COOH (acetic acid) CH3COO (acetate ion)

NH4
 (ammonium ion) NH3 (ammonia)

HCN (hydrocyanic acid) CN (cyanide ion)

H2O (water) OH (hydroxide ion)

NH3 (ammonia) NH2
 (amide ion)
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8.4Calculate the pH of a 0.34 M CH3COONa solution.

Answer We follow the same procedure used for the ammonia solution shown

earlier.

Step 1: Initially we have CH3COONa and H2O.

e

e
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Step 2: The reactions that occur in solution are

CH3COONa(aq) 888n CH3COO (aq)  Na (aq)

CH3COO (aq)  H2O(l) 888zy888 CH3COOH(aq)  OH (aq)

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq)

Step 3: At equilibrium, the major species in solution are CH3COO ,

CH3COOH, OH , Na , and H2O. The Na ion is a spectator ion, and

we ignore the ionization of water.

Step 4: Let x M be the amount of the acetate ion that undergoes

hydrolysis. We write

CH3COO (aq)  H2O(l) 888zy888 CH3COOH(aq)  OH (aq)

Initial (M): 0.36 0 0

Change (M):  x  x  x

Equilibrium (M) 0.36  x x x

The base ionization constant is given by

Kb  

5.6  10 10
 

Applying the assumption 0.36  x ≈ 0.36, we write

x2
 (0.36)(5.6  10 10)  2.0  10 10

x  1.4  10 5 M   OH  

To check the validity of our approximation, we write

 100%  3.9  10 3%

which is well within the acceptable limit.

Next,

 H3O   

  7.1  10 10 M

Finally,

pH   log (7.1  10 10)

 9.1

1.0  10 14

1.4  10 5

KW

 OH  

1.4  10 5 M

0.36 M

x2

0.36  x

 CH3COOH  OH  

 CH3COO  

As predicted, a sodium acetate solution is basic. Anytime you have a solution con-

taining a salt in which the cation is a spectator ion and the anion is the conjugate base

of a weak acid, you will solve for pH exactly as we did for sodium acetate.

A common cation that is not a spectator ion in water is the ammonium ion, NH 4,

because it is the conjugate acid of the weak base ammonia NH3. Let’s consider what



happens when ammonium chloride (NH4Cl) is dissolved in water. The first step

involves the dissociation of the salt in solution:

NH4Cl(aq) 888n NH 4(aq)  Cl (aq) 

The Cl ion is the conjugate base of the strong acid HCl. As a result, it does not react

with water and is present as a spectator ion. The ammonium ion (NH 4) does react

with water to a certain extent:

NH 4(aq)  H2O(l) 888zy888 NH3(aq)  H3O (aq)

and the acid ionization constant is given by

Ka  

Thus, an ammonium chloride solution is acidic due to the reaction of the ammonium

ion with water.

A more complicated, but not commonly encountered, case is when both the cation

and the anion of a salt react with water. Consider ammonium cyanide (NH4CN). The

cation (NH 4 ) is the conjugate acid of the weak base (NH3), and the anion (the cyanide

ion, CN ) is the conjugate base of the weak acid (hydrocynaic acid, HCN). In solu-

tion, NH4CN dissociates into NH 4 and CN ions

NH4CN(aq) 888n NH 4(aq)  CN (aq)

which then react with water as follows:

NH 4(aq)  H2O(l) 888zy888 NH3(aq)  H3O (aq)

CN (aq)  H2O(l) 888zy888 HCN(aq)  OH (aq)

Because both H3O and OH ions are produced, how will the pH of the solution

change? To answer this question, we need to look at the Ka value for NH 4 (5.6  

10 10) and the Kb value for CN , which is 2.0  10 5. Because Kb  Ka, we con-

clude that the CN ions will hydrolyze to a greater extent than the NH 4 ions, so there

will be more OH ions present than H3O ions at equilibrium. Consequently, the

solution will be basic, with a pH  7.

An important relationship exists between the Kb of a conjugate base and the Ka

of the acid. In the case of the acetic acid/acetate pair, for the acid we have

CH3COOH(aq)  H2O(l) 888zy888 H3O (aq)  CH3COO (aq)

and

Ka  

And for the base we have

CH3COO (aq)  H2O(l) 888zy888 CH3COOH(aq)  OH (aq)

and

Kb  

Now if we multiply the two expressions together

KaKb  

 H3O
   CH3COO  

 CH3COOH 
 

 CH3COOH  OH  

 CH3COO  

 CH3COOH   OH  

 CH3COO  

 H3O
   CH3COO  

 CH3COOH 

 NH3  H3O
  

 NH 4  
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KaKb   H3O   OH  

 Kw

Thus, a knowledge of Ka enables us to calculate Kb, and vice versa. Here the base

ionization constant of the acetate ion is given by

Kb  

  5.6  10 10

Similarly, using the Kb expression for NH3 and the Ka expression for its conjugate

acid, NH 4, we write

KaKb  

  H3O   OH   Kw

So for any conjugate acid-base pair, the product KaKb is always equal to Kw. You can

see this is the case by examining the Ka and Kb values of conjugate pairs in Tables

8.4 and 8.5.

(Check the website for problems on acid and base ionizations.)

Buffer Solutions

A buffer solution is a solution that resists changes in pH upon the addition of small

amounts of either acid or base. Buffers are very important to chemical and biologi-

cal systems. The pH in the human body varies greatly from one fluid to another. For

example, the pH of blood is about 7.4, whereas the gastric juice in the stomach has

a pH of about 1.5, which may decrease even further during the exam period. These

pH values, which are crucial for biological functions, are maintained by buffers in

most cases.

A buffer solution must contain a relatively large concentration of acid to react

with any OH ions that are added to it and must contain a similar concentration of

base to react with any added H3O ions. Furthermore, the acid and the base compo-

nents of the buffer must not consume each other in a neutralization reaction. These

requirements are satisfied by an acid-base conjugate pair; for example, a weak acid

and its conjugate base (supplied by a salt) or a weak base and its conjugate acid (sup-

plied by a salt).

A simple buffer solution can be prepared by adding comparable amounts of acetic

acid (CH3COOH) and its salt sodium acetate (CH3COONa) to water. The conjugate

base is the acetate ion, CH3COO , formed by the dissociation of sodium acetate:

CH3COONa(aq) 888n CH3COO (aq)  Na (aq)

There are two things to note about this buffer system. First, the acid and the base do

not neutralize each other because such a “neutralization” produces the same sub-

stances:

CH3COOH(aq)  CH3COO (aq) 888zy888 CH3COO (aq)  CH3COOH(aq)

so no net change occurs. Second, the ionization of the acid 

CH3COOH(aq)  H2O(l) 888zy888 H3O (aq)  CH3COO (aq)

 NH3  H3O
  

 NH 4  
 

 NH 4   OH  

 NH3 

1.0  10 14

1.8  10 5

Kw

Ka
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and the hydrolysis of the acetate ion

CH3COO (aq)  H2O(l) 888zy888 CH3COOH(aq)  OH (aq)

can generally be ignored. According to Le Chatelier’s principle, the presence of the

CH3COO ions (from CH3COONa) would shift the ionization reaction from right to

left, and the presence of CH3COOH (from the original acid) would shift the hydrol-

ysis reaction also from right to left. Consequently, we can treat the equilibriun con-

centrations of acetic acid and acetate ions as the initial concentrations. This approach

greatly simplifies calculations involving buffers.

How does such a buffer solution work? Suppose we add some NaOH to it. As

you know, the presence of NaOH in solution produces OH ions. These ions will be

neutralized by the acid present, that is

CH3COOH(aq)  OH (aq) 888n CH3COO (aq)  H2O(l)

Such a reaction will decrease the concentration of CH3COOH and increase the con-

centration of CH3COO . But as we will demonstrate shortly, it will not significantly

affect the pH of the solution as long as the amount of NaOH added is not too great.

Similarly, if we add a small amount of HCl to the buffer, the excess H3O ions pro-

vided by the hydrochloric acid will be neutralized by the acetate ions:

CH3COO (aq)  H3O (aq) 888n CH3COOH(aq)  H2O(l)

In this case, there will be a decrease in the CH3COO concentration and an increase

in the CH3COOH concentration. The pH of the solution, however, will remain largely

unchanged.
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8.5(a) Calculate the pH of a buffer system containing 1.0 M CH3COOH and 1.0 M

CH3COONa. (b) Calculate the pH after the addition of 0.10 mole of HCl to 1

liter of the buffer solution. 

Answer (a) To calculate the pH of the buffer solution, note that we can treat

the equilibrium concentrations of the acid and the base as the initial concen-

trations. Therefore, at equilibrium,

 CH3COOH  1.0 M and  CH3COO   1.0 M

Next, we write the acid ionization constant for acetic acid

Ka  

and rearrange to get  H3O  

 H3O   

 

 1.8  10 5 M

—Continued next page

 
 1.8  10 5  1.0 

 1.0 

Ka  CH3COOH 

 CH3COO  

 H3O
   CH3COO  

 CH3COOH 



To see how effective this buffer solution is in maintaining a fairly constant pH,

we can compare the changes in  H3O  as follows:

before addition of HCl:  H3O   1.8  10 5 M

after addition of HCl:  H3O   2.2  10 5 M

Thus, the H3O ion concentration increases by a factor of

2.2  10 5 M

1.8  10 5 M
 1.2
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Continued—

Therefore,

pH   log (1.8  10 5)

 4.74

Note that because Ka is an equilibrium constant, its value is unchanged whether

CH3COOH and CH3COO come from the same source (the acid) or two dif-

ferent sources (the acid and sodium acetate), as in a buffer solution.

(b) From the initial concentrations, we see that in 1 liter of the solution,

there is 1.0 mole of CH3COOH and 1.0 mole of CH3COO . The addition of

HCl produces 0.10 mole of H3O ions:

HCl(aq)  H2O(l) 888n H3O (aq)  Cl (aq)

0.10 mol 0.10 mol 0.10 mol

The Cl ion is a spectator ion. The H3O ions produced are neutralized by the

conjugate base acetate ion as follows:

CH3COO (aq)  H3O (aq) 888n CH3COOH(aq)  H2O(l)

0.10 mol 0.10 mol 0.10 mol

At equilibrium, the adjusted moles of the acid and base are

CH3COOH: 1.0 mol  0.10 mol  1.1 mol

CH3COO : 1.0 mol  0.10 mol  0.90 mol

Using the expression in (a), we calculate  H3O  by writing

Note that because both CH3COOH and CH3COO are in the same solution,

their concentration (moles per liter) ratio is the same as the ratio of number of

moles. The pH of the solution is

pH   log (2.2  10 5)

 4.66

Thus, the decrease in pH unit is 4.74  4.66  0.08.

 
 1.8  10 5  1.1 

0.90
 2.2  10 5 M

 H3O
   

Ka  CH3COOH 

 CH3COO  



What would be the change in pH and  H3O  if 0.10 mole of HCl were added to 1

liter of pure water? In this case, we have

before addition of HCl:  H3O   1.0  10 7 M pH  7.00

after addition of HCl:  H3O   0.10 M pH  1.00

so there will be a change in pH of six units and the  H3O  would increase by a fac-

tor of

amounting to a million-fold increase!

Here are some facts about buffer solutions you should understand:

1. A buffer solution must contain a weak acid and its conjugate base. Strong

acids would not function in a buffer system. Consider a solution of HCl and

NaCl (containing the conjugate base Cl ). The H3O ions derived from HCl

would neutralize an added base,

H3O (aq)  OH (aq) 888n 2H2O(l)

but the conjugate base cannot neutralize an added acid,

Cl (aq)  H3O (aq) m888 HCl(aq)  H2O(l)

because HCl is a strong acid and therefore the reaction would not proceed

from left to right.

2. An effective buffer must have comparable amounts of the acid and base

components, and the concentrations must be sufficiently high (0.1 M or higher).

Preparing a Buffer Solution with a Specific pH
Now the question arises. How does one go about preparing a buffer at a specific pH?

In other words, of the many weak acids and their conjugate bases, which combina-

tion should one choose? Consider the ionization of the weak acid HB:

HB(aq)  H2O(l) 888zy888 H3O (aq)  B (aq)

The ionization constant is given by

Rearranging, we get

 H3O   

We now take the negative of the logarithm of the equation

 log  H3O    log Ka  log 

pH  pKa  log (8.1)

where 

pKa   log Ka

 B  

 HB 

 HB 

 B  

Ka 
 

 HB 

 B  

Ka  

 H3O
   B  

 HB 

0.10 M

1.0  10 7M
 1.0  106
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Equation (8.1) is called the Henderson-Hasselbalch equation. It holds whether

we just have the pure acid or a mixture of the acid and the conjugate base (from a

salt like NaA) in solution. In general, we can write

pH  pKa  log (8.2)

Recall that for a buffer to function effectively, the concentration of the acid and its

conjugate base must be roughly the same, that is,  conjugate base ≈  acid . Because

log 1  0, this means that 

log ≈ 0

so that

pH ≈ pKa

It follows, therefore, that whenever we wish to prepare a buffer solution of a desired

pH, we must choose an acid whose pKa value closely matches the pH value.

 conjugate base 

 acid 

 conjugate base 

 acid 
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A student is asked to prepare a buffer solution at pH  8.60, using one of the

following weak acids: HA (Ka  2.7  10 3), HB (Ka  4.4  10 6), HC (Ka

 2.6  10 9). Which acid should she choose? Why?

Answer We want an acid whose pKa value is roughly equal to the desired pH.

Therefore, the first step is to convert the Ka values to pKa:

HA pKa   log 2.7  10 3
 2.57

HB pKa   log 4.4  10 6
 5.36

HC pKa   log 2.6  10 9
 8.59

It is clear, then, the buffer system should consist of HC and its salt (NaC)

because the pKa and pH values are nearly the same.
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8.6

As an exercise, let’s see what would happen if we had chosen HA and NaA to

prepare the buffer solution at pH  8.60. From the Henderson-Hasselbalch equation,

we write

8.60  2.57  log 

log  6.03

 antilog 6.03  10 6.03
 9.3  10 7

or

 conjugate base  9.3  10 7 acid 

Thus the concentration of the acid is about a million times that of the conjugate base.

Such a “buffer solution” would be totally ineffective toward an added acid because

the concentration of the conjugate base would be too small.

(Check the website for more problems on buffer solutions.)

 conjugate base 

 acid 

 conjugate base 

 acid 

 conjugate base 

 acid 



Test your understanding of the material in this chapter
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I M P O R T A N T  T E R M S

Explain the following terms in your own words:

acid ionization constant

(Ka), p. 165

base ionization constant

(Kb), p. 167

buffer solution, p. 172

chemical 

equilibrium, p. 146

conjugate acid, p. 160

conjugate base, p. 160

equilibrium 

constant (K), p. 151

law of mass

action, pp. 152, 158

Le Chatelier’s principle

pH, p. 161

reaction quotient, p. 155

salt hydrolysis, p. 169

U N D E R S T A N D I N G  C H E M I S T R Y

Summarizing Problem
(a) Calculate the pH of a 0.10 M nitrous acid (HNO2) solution. (b) What is the pH

after the addition of 0.10 mole of sodium nitrite (NaNO2) to 1 liter of the acid solu-

tion? (c) What is the pH of the solution in (b) after the addition of 0.050 mole of

sodium hydroxide (NaOH)? Assume no change in volume in both (b) and (c). The

ionization constant of HNO2 is 4.5  10 4.

Answers: (a) We follow Steps 1–4 to solve for the pH of the solution.

Step 1: Initially we have HNO2 and H2O present.

Step 2: The reactions that occur in solution are

HNO2(aq)  H2O(l) 888zy888 H3O (aq)  NO2
 (aq)

H2O(l)  H2O(l) 888zy888 H3O (aq)  OH (aq)

Step 3: At equilibrium, the major species in solution are HNO2, H3O , NO 2, and

H2O. Note that even though HNO2 is a weak acid, it is the main source of

H3O ions, and we can ignore the ionization of water.

Step 4: We now solve for  H3O  using the ICE method. Let x M be the amount of

HNO2 that undergoes ionization so that

HNO2(aq)  H2O(l) 888zy888 H3O (aq)  NO 2 (aq)

Initial (M): 0.10 0 0

Change (M):  x  x  x

Equilibrium (M): 0.10  x x x

The acid ionization constant is given by

Ka  

4.5  10 4
 

Remember that in solving problems like this, we always try the shortcut first.

Because HNO2 ionizes only to a slight extent, x must be small compared to

0.10. Therefore, we can make the approximation

0.10  x ≈ 0.10

Now the acid ionization constant expression becomes

4.5  10 4
  

x2

0.10

x2

0.10  x

 H3O
   NO2

  

 HNO2 



Rearranging, we get

x2
 (0.10)(4.5  10 4)

x   6.7  10 3 M

Checking the validity of our approximation, we write

As you can see, the answer is greater than 5%, so the approximation does

not hold. Next, we write the quadratic equation as

x2
 4.5  10 4x  4.5  10 5

 0

Solving, we get

x   6.9  10 3 M or x  6.5  10 3 M

The first answer is physically impossible (why?), so the pH of the solution is

given by

pH   log 6.5  10 3

 2.19

(b) According to Le Chatelier’s principle, the increase in the nitrite ion concentration

will suppress the ionization of HNO2. Therefore, we expect an increase in the pH of

the solution. In fact, we have a buffer system at this point. Rearranging the ioniza-

tion expression for HNO2 shown previously, we write

If we treat the equilibrium concentrations of HNO2 and NO 2 the same as their initial

concentrations, then

 4.5  10 4 M

Finally, the pH is given by

pH   log 4.5  10 4

 3.35

(You may remember that when the concentration of the acid is equal to the concen-

tration of its conjugate base, the pH of the solution is numerically equal to the pKa

of the acid.)

(c) NaOH is a strong electrolyte and dissociates completely in solution. Therefore, the

initial amount of the hydroxide ions in solution is 0.050 mole, and the neutralization

reaction that occurs is

HNO2  OH 888n H2O  NO 2
0.050 mol 0.050 mol 0.050 mol

At equilibrium, the concentrations of the acid and conjugate base are  HNO2  0.050

M and  NO 2  0.15 M. Using the Henderson-Hasselbalch equation, we calculate the

pH of the solution

 H3O
   

 4.5  10 4  0.10 

0.10

 H3O
   

Ka 
 HNO2 

 NO2
  

6.7  10 3 M

0.10 M
 100%  6.7%

34.5  10 5
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pH  3.35  log 

 3.83

As we would expect, the pH of the solution increases because a base has been added

to it, although the change is relatively small considering half of the acid has been con-

sumed in the neutralization reaction.

0.15

0.050
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base ionization constant. The equilibrium constant for the

ionization of a base. (p. 167)

Bohr, Niels. Danish physicist who proposed a model for the

hydrogen atom to explain its emission spectra. (p. 85)

Brønsted, Johannes. Danish chemist who defined acids as

proton donors and bases as proton acceptors. (p. 35)

Brønsted acid. A substance capable of donating a proton in a

reaction. (p. 35)

Brønsted base. A substance capable of accepting a proton in a

reaction. (p. 35)

buffer solution. A solution of (a) a weak acid or base and (b)

its salt; both components must be present. A buffer solution

has the ability to resist changes in pH when small amounts of

either acid or base are added to it. (p. 172)

C
calorimeter. A device for measuring the heat change of a

chemical reaction or a physical process. (p. 67)

calorimetry. The measurement of heat changes. (p. 67)

cation. An ion with a net positive charge. (p. 17)

chemical equation. An equation that uses chemical symbols to

show what happens during a chemical reaction. (p. 29)

chemical equilibrium. A state in which the rates of the

forward and reverse reactions are equal and no net changes

can be observed. (pp. 37, 146)

chemical formula. An expression showing the chemical

composition of a compound in terms of the symbols for the

atoms of the elements involved. (p. 16)

chemical nomenclature. Naming of chemical compounds. (p. 19)

chemical property. Any property of a substance that cannot be

studied without converting the substance into some other

substance. (p. 25)

chemical reaction. Chemical change. (p. 9)

compound. A substance composed of atoms of two or more

elements chemically united in fixed proportions. (p. 9)

concentration. The amount of solute present in a given

quantity of solution. (p. 56)

conjugate acid. The acid formed when a base accepts a

proton. (p. 160)

conjugate base. The base formed when an acid loses a

proton. (p. 160)

covalent bond. A bond in which two electrons are shared by

two atoms. (p. 63)

A
acid. A substance that yields hydrogen ions (H ) when

dissolved in water. (p. 22)

acid-base reaction. Reaction between an acid and a base. Also

called acid-base neutralization if the reaction leads to the

formation of a salt and water. (p. 39)

acid-base neutralization reaction. A reaction between an acid

and a base to produce a salt and water. (p. 39)

acid ionization constant. The equilibrium constant for acid

ionization. (p. 165)

actual yield. The amount of product actually obtained in a

reaction. (p. 54)

alkali metals. The Group 1A elements (Li, Na, K, Rb, Cs,

and Fr). (p. 15)

alkaline earth metals. The Group 2A elements (Be, Mg, Ca,

Sr, Ba, and Ra). (p. 15)

allotropes. Two or more forms of the same element that differ

significantly in chemical and physical properties. (p. 73)

angular momentum quantum number. Designates the number

of atomic orbitals associated with a given principal quantum

number n. (p. 89)

anion. An ion with a net negative charge. (p. 17)

atom. The basic unit of an element that can enter into chemical

combination. (p. 9)

atomic mass. The mass of an atom in atomic mass units. (p. 47)

atomic mass unit (amu). A mass exactly equal to one-twelfth

the mass of one carbon-12 atom. (p. 47)

atomic number. The number of protons in the nucleus of an

atom. (p. 11)

atomic radius. One-half the distance between the two nuclei in

two adjacent atoms in a metal or one-half the distance

between the nuclei of two atoms of the same element in a

diatomic molecule. (p. 98)

Avogadro, Lorenzo. Italian scientist whose law formed the

basics for determining atomic masses of the elements. (p. 48)

Avogadro’s number. 6.022  1023; the number of particles in

a mole. (p. 48)

B
Balmer, Johann. Swiss mathematician who formulated an

equation for analyzing the hydrogen emission spectra. (p. 84)

base. A substance that yields hydroxide ions (OH ) when

dissolved in water. (p. 24)
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D
Dalton, John. English scientist and school teacher who first

formulated a precise definition for atoms. (p. 9)

de Broglie, Louis. French physicist who proposed that matter

and radiation have both wave and particle properties. (p. 86)

Debye, Peter. American chemist and physicist of Dutch origin

who made significant contributions to the study of molecular

structure. (p. 135)

Democritus. Greek philosopher who first gave a description for

atoms. (p. 9)

diamagnetic. A substance containing only paired electrons.(p. 97)

diatomic molecule A molecule that consists of two atoms. (p. 16)

dipole-dipole forces. Forces that act between polar molecules.

(p. 139)

dipole moment. The product of charge and the distance

between the charges in a molecule. (p. 135)

diprotic acid. An acid in which each unit of the acid yields

two hydrogen ions. (p. 24)

dispersion forces. The attractive forces that arise as a result of

temporary dipoles induced in the atoms or molecules. (p. 142)

E
Einstein, Albert. German-born American physicist who

introduced the particle concept of light (photons) to explain

the photoelectric effect. (p. 82)

electrolyte. A substance that, when dissolved in water, results

in a solution that can conduct electricity. (p. 25)

electron. A subatomic particle that has a very low mass and

carries a single negative electric charge. (p. 10)

electron affinity. A measure of the affinity of a gaseous atom

for an electron. (p. 98)

electron configuration. The distribution of electrons among the

various orbitals in an atom or molecule. (p. 94)

electronegativity. The ability of an atom to attract electrons

toward itself in a chemical bond. (p. 106)

electron spin quantum number. A number ( 1–2) or ( 1–2) that

describes the spinning motion of the electron. (p. 90)

element. A substance that cannot be separated into simpler

substances by chemical means. (p. 9)

endothermic processes. Processes that absorb heat from the

surroundings. (p. 66)

energy. The capacity to do work or to produce change. (p. 61)

enthalpy. A thermodynamic quantity used to describe heat

changes taking place at constant pressure. (p. 70)

equilibrium constant (K). A number equal to the ratio of the

equilibrium concentrations of products to the equilibrium

concentrations of reactants, each raised to the power of its

stoichiometric coefficient. (p. 151)

excess reagent. A reactant present in a quantitiy greater than

necessary to react with the amount of the limiting reagent

present. (p. 53)

excited level. An energy level that has higher energy than the

ground level. (p. 85)

excited state. A state that has higher energy than the ground

state. (p. 85)

exothermic processes. Processes that give off heat to the

surroundings. (p. 66)

expanded octet. The number of valence electrons surrounding

a central atom exceeds eight. (p. 125)

F
family. The elements in a vertical column of the periodic 

table. (p. 13)

formal charge. The difference between the valence electrons in

an isolated atom and the number of electrons assigned to that

atom in a Lewis structure. (p. 122)

formula unit mass. The mass in amu of one unit of an ionic

compound. (p. 47)

G
Geiger, Hans. German physicist who worked with Rutherford on

atomic structure. He also invented a device for measuring

radiation that is now commonly called the Geiger counter.(p. 11)

ground level. The lowest-energy level of a system. (p. 85)

ground state. The lowest-energy state of a system. (p. 85)

group. The elements in a vertical column of the periodic 

table. (p. 13)

Guldberg, Cato. Norwegian chemist who formulated the law

of mass action with Peter Waage. (p. 152)

H
half-reaction. Reaction showing either the oxidation or

reduction of the redox process. (p. 40)

halogens. The nonmetallic elements in Group 7A (F, Cl, Br, I,

and At). (p. 15)

heat. Transfer of energy between two bodies that are at

different temperatures. (p. 63)

Hess, Germain. Swiss chemist who formulated the law of heat

summation, which is now known as Hess’s law. (p. 72)

Hess’s law. When reactants are converted to products, the

change in enthalpy is the same whether the reaction takes

place in one step or in a series of steps. (p. 72)

Hund, Frederick. German physicist who formulated the rule

for predicting the number of parallel electron spins in an

atom. (p. 97)

Hund’s rule. The most stable arrangement of electrons in

atomic subshells is the one with the greatest number of

parallel spins. (p. 97)

hydrogen bonding. A special type of dipole-dipole interaction

between the hydrogen atom bonded to an atom of a very

electronegative element (F, N, O) and another atom of one of

the three electronegative elements. (p. 139)

hydronium ion. H3O . (p. 36)

I
ideal gas equation. An equation expressing the relationships

among pressure, volume, temperature, and amount of gas 

(PV  nRT, where R is the gas constant). (p. 57)

induced dipole. The separation of positive and negative charges

in an atom (or a nonpolar molecule) caused by the proximity

of an ion or a polar molecule. (p. 141)
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intermolecular forces (IMFs). Attractive forces that exist

among molecules. (pp. 64, 138)

ion. A charged particle formed when a neutral atom or group

of atoms gains or loses one or more electrons. (p. 17)

ion-dipole forces. Forces that operate between an ion and a

dipole. (p. 138)

ionic bond. The electrostatic force that holds ions together in

an ionic compound. (p. 64)

ionic compound. Any neutral compound containing cations and

anions. (p. 17)

ionic equation. An equation that shows dissolved ionic

compounds in terms of their free ions. (p. 34)

ionic radius. The radius of a cation or an anion. (p. 99)

ionization energy. The minimum energy required to remove 

an electron from an isolated atom (or an ion) in its ground

state. (p. 98)

isoelectronic. Having the same number of electrons. (p. 96)

isotope. Atoms having the same atomic number but different

mass numbers. (p. 11)

K
Kelvin, Lord William Thomson. Scottish physicist who

worked on atomic structure and introduced the absolute

temperature scale. (p. 84)

L
law of conservation of energy. The total quantity of energy in

the universe is constant. (p. 65)

law of conservation of mass. Matter can be neither created nor

destroyed. (p. 29)

law of mass action. For a reversible reaction at equilibrium

and constant temperature, a certain ratio of product and

reaction concentrations has a constant value, called the

equilibrium constant. (p. 152)

Le Chatelier, Henri. French chemist who formulated the

principle for predicting how a system at equilibrium would

respond to a stress applied to the system. (p. 157)

Le Chatelier’s principle. If an external stress is applied to a

system at equilibrium, the system will adjust itself in such a

way as to partially offset the stress as it reaches a new

equilibrium position. (p. 158)

Lewis, Gilbert. American chemist who formulated the covalent

bond and the octet rule. (p. 108)

Lewis structure. A representation of covalent bonding using

Lewis symbols. Shared electron pairs are shown either as

lines or as pairs of dots between two atoms, and lone pairs

are shown as pairs of dots on individual atoms. (p. 110)

limiting reagent. The reactant used up first in a reaction. 

(p. 53)

lone pair. Valence electrons that are not involved in covalent

bond formation. (p. 110)

M
magnetic quantum number. A quantum number that describes

the orientation of orbitals in space. (p. 90)

Marsden, Ernest. English physicist who, as an undergraduate,

worked with Rutherford on atomic structure. (p. 11)

mass number. The total number of neutrons and protons in the

nucleus of an atom. (p. 11)

Mendeleev, Dmitri. Russian chemist who devised the periodic

classification of elements. (p. 13)

metal. An element that is a good conductor of heat and

electricity and has the tendency to form positive ions in ionic

compounds. (p. 14)

metalloid. An element with properties intermediate between

those of metals and nonmetals. (p. 14)

Millikan, Robert. American physicist who determined the

charge of an electron. (p. 83)

miscible. Two liquids that are completely soluble in each other

in all proportions. (p. 143)

molarity. The number of moles of solute in 1 liter of

solution. (p. 56)

molar mass. The mass (in grams or kilograms) of 1 mole of

atoms, molecules, or other particles. (p. 48)

mole. The amount of substance that contains as many

elementary entities (atoms, molecules, or other particles) as

there are atoms in exactly 12 grams (or 0.012 kilograms) of

the carbon-12 isotope. (p. 48)

molecular compound. A molecule composed of atoms of two

or more elements. (p. 20)

molecular mass. The sum of the atomic masses (in amu)

present in a given molecule. (p. 47)

molecular orbital theory. A theory of chemical bond

formation. (p. 111)

molecule. An aggregate of at least two atoms in a definite

arrangement held together by chemical forces. (p. 15)

monatomic ion. An ion that contains only one atom. (p. 18)

monoprotic acid. An acid in which each unit of the acid yields

one hydrogen ion. (p. 24)

N
net ionic equation. An equation that includes only the ionic

species that actually take part in the reaction. (p. 34)

neutron. A subatomic particle that bears no net electric charge.

Its mass is slightly greater than a proton’s. (p. 10)

noble gases. Nonmetallic elements in Group 8A (He, Ne, Ar,

Kr, Xe, and Rn). (p. 15)

nonelectrolyte. A substance that, when dissolved in water,

gives a solution that is not electrically conducting. (p. 25)

nonmetal. An element that is usually a poor conductor of heat

and electricity. (p. 14)

nucleus. The central core of an atom. (p. 9)

O
octet rule. An atom other than hydrogen tends to form 

bonds until it is surrounded by eight valence electrons. 

(p. 116)

orbital. Quantum mechanical description of region where an

electron in an atom can be found. (p. 87)

orbital diagram. A diagram showing the placement of

electrons in various atomic orbitals. (p. 97)
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oxidation. A loss of electrons or an increase in oxidation 

number. (p. 40)

oxidation number. The number of charges an atom would have

in a molecule if electrons were transferred completely in the

direction indicated by the difference in electronegativity. (p. 42)

oxidation-reduction reaction. A reaction involving gain and

loss of electrons or decrease and increase in oxidation number

of the elements. (p. 40)

oxidizing agent. A substance that can accept electrons from

another substance or increase the oxidation numbers of

another substance. (p. 41)

oxoacid. An acid containing hydrogen, oxygen, and another

element (the central element). (p. 23)

oxoanion. An anion derived from an oxoacid. (p. 23)

P
paramagnetic. A paramagnetic substance contains one or more

unpaired electrons. (p. 97)

Pauli, Wolfgang Austrian physicist who formulated the

exclusion principle that restricts the quantum numbers an

electron can possess in an atom. (p. 88)

Pauli exclusion principle. No two electrons in an atom can

have the same four quantum numbers. (p. 88)

Pauling, Linus. American chemist who introducted the concept

of electronegativity and worked on the nature of chemical

bonding. (p. 106)

percent yield. The ratio of the actual yield of a reaction to the

theoretical yield, multiplied by 100%. (p. 54)

period. A horizontal row of the periodic table. (p. 13)

periodic group. A vertical column of the periodic table. (p. 12)

periodic table. A tabular arrangement of the elements by

similarities in properties and by increasing atomic

number. (p. 12)

pH. The negative logarithm of the hydrogen ion concentration

in an aqueous solution. (p. 161)

photon. A particle of light. (p. 83)

physical property. Any property of a substance that can be

observed without transforming the substance into some other

substance. (p. 25)

Planck, Max. German physicist whose work on black-body

radiation (quantization of energy) marked the beginning of

quantum theory. (p. 82)

polar molecule. A molecule that possesses a dipole moment.

(pp. 26, 105)

polyatomic ion. An ion that contains more than one atom. (p. 18)

polyatomic molecule. A molecule that consists of more than

two atoms. (p. 16)

precipitate. An insoluble solid that separates from a 

solution. (p. 33)

precipitation reaction. A reaction characterized by the

formation of a precipitate. (p. 33)

principal quantum number. A quantum number that

determines the size of an orbital and its energy. (p. 89)

product. The substance formed as a result of a chemical 

reaction. (p. 30)

proton. A subatomic particle having a single positive electric

charge. The mass of a proton is about 1840 times that of an

electron. (p. 9)

Q
quanta. The smallest quantity of energy that can be emitted or

absorbed in the form of electromagnetic radiation. (p. 82)

quantum mechanics. A scientific discipline that deals with the

behavior of atoms and molecules. (p. 87)

quantum number. Numbers that describe the distribution of

electrons in atoms. (p. 88)

quantum theory. A theory that deals with the behavior of light

and atomic behavior. (p. 82)

R
reactant. The starting substances in a chemical reaction. (p. 30)

reaction quotient. A number equal to the ratio of product

concentrations to reactant concentrations, each raised to the

power of its stoichiometric coefficient at some point other

than equilibrium. (p. 155)

redox reaction An oxidation-reduction reaction. (p. 40)

reducing agent. A substance that can donate electrons to

another substance or decrease the oxidation numbers in

another substance. (p. 41)

reduction. A gain of electrons or a decrease in oxidation

number. (p. 40)

representative elements. Elements in Groups 1A through 7A,

all of which have at least one incompletely filled s or p

subshell of the highest principal quantum number. (p. 21)

resonance. The use of two or more Lewis structures to

represent a particular molecule. (p. 119)

resonance structure. One of two or more alternative Lewis

structures for a molecule that cannot be described fully with a

single Lewis structure. (p. 119)

Richter, Jeremias. German chemist who coined the term

stoichiometry for the study of mass relationships of chemical

reactions. (p. 46)

Rutherford, Ernest New Zealand physicist whose experiments

show that an atom is comprised of a dense nucleus containing

protons and neutrons and the rest of the atom is mostly

empty space. (p. 11)

S
salt. An ionic compound made up of a cation other than H 

and an anion other than OH or O2 . (p. 39)

salt hydrolysis. The reaction of the cation or anion, or both, of

a salt with water. (p. 169)

Schrödinger, Erwin. Austrian physicist who formulated an

equation for studying the properties of electrons. (p. 87)

solubility. The maximum amount of solute that can be dissolved

in a given quantity of solvent at a specific temperature. (p. 25)

solute. The substance present in the smaller amount in a

solution. (p. 25)

solution. A homogeneous mixture of two or more

substances. (p. 25)

solvent. The substance present in the larger amount in a

solution. (p. 25)

Sorensen, Soren. Danish biochemist who introduced the pH

scale. (p. 161)
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specific heat. The amount of heat energy required to raise the

temperature of 1 gram of the substance by 1 degree

Celsius. (p. 68)

standard enthalpy of formation. The heat change that results

when 1 mole of a compound is formed from its elements in

their standard states. (p. 73)

standard state. The condition of 1 atm of pressure. (p. 71)

stoichiometry. The mass relationships among reactants and

products in chemical reactions. (p. 46)

strong acid. An acid that is a strong electrolyte. (p. 37)

strong base. A base that is a strong electrolyte. (p. 38)

T
theoretical yield. The amount of product predicted by the

balanced equation when all of the limiting reagent has

reacted. (p. 54)

thermochemistry. The study of heat changes in chemical

reactions. (p. 65)

Thomson, George. British physicist whose experiments

demonstrated the wave properties of electrons. (p. 87)

Thomson, Joseph John. British physicist who measured the

charge-to-mass ratio of the electron. (p. 84)

transition metals. Elements in Group 1B and 3B–8B. (p. 22)

triprotic acid. An acid in which each unit of the acid yields

three hydrogen ions. (p. 24)

V
valence electrons. Electrons in the outer-shell of an atom that

take part in chemical bonding. (p. 100)

valence shell. The outermost shell of an atom. (p. 98)

valence-shell electron-pair repulsion (VSEPR). A model that

accounts for the geometrical arrangements of shared and

unshared electron pairs around a central atom in terms of the

repulsive forces between electron pairs. (p. 129)

W
Waage, Peter. Norwegian chemist who formulated the law of

mass action with Cato Guldberg. (p. 152)

weak acid. An acid that is a weak electrolyte. (pp. 37, 165)

weak base. A base that is a weak electrolyte. (pp. 37, 165)

Y
Young, Thomas. English scientist and physician who

demonstrated the wave properties of light. (p. 80)
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A
Acetate ion, 39

as buffer component, 172

in salt hydrolysis, 169

Acetic acid, 37

as buffer component, 172

ionization, 149, 152

Acetylene, 116

Acid, 22, 163, 165, 166 (table)

Acid ionization constant (Ka), 165,

166 (table)

Acid-base equilibria, 160

Acid-base neutralization, 39

energy changes of, 68

Acid-base reaction, 33

Activation energy, 67

Actual yield, 54

Alkali metals, 15

Alkaline earth metals, 15

Allotropes, 73

Amide, 169

Amino acid, 132

Ammonia, 39

geometry of, 128

as weak base, 167

Ammonium chloride, 171

Ammonium ion, 170

Angular momentum quantum 

number (l), 89

Anion, 17

Atom, 9

Bohr’s model, 84

Thomson’s model, 84

Atomic mass, 47

Atomic mass unit (amu), 47

Atomic number, 11

Atomic radius, 98

periodic trends, 100

Average atomic mass, 47

Avogadro, Lorenzo, 48   

Avogadro’s number, 48

B
Balancing chemical equations, 31

Ball-and-stick model, 16

Balmer, John, 84

Base, 24, 163, 165

Base ionization constant (Kb), 167

Benzene, 145

Blackbody radiation, 82

Bohr, Niels, 85

Bond energy, 115

Bond length, 115

Boundary surface diagram, 91

Brønsted acid, 35

Brønsted base, 35

Brønsted, Johannes, 35

Buffer solution, 172, 177

preparation of, 175

C
Calorie, 67

Calorimeter, 67

Calorimetry, 67

Carbon

allotropes, 73

Carbon-12, 47

Carbon-13, 47

Carbonate ion, 121, 129

Carbonic acid, 129

Cation, 17

Chemical energy, 63

Chemical equation, 29

balancing, 31

Chemical equilibrium, 37, 146

Chemical formula, 16

Chemical nomenclature, 19

Chemical property, 25

Chemical reaction, 9, 15, 29

Compound, 9

Concentration, 56

Condensation, 148

Conjugate acid, 160

Conjugate acid-base pair, 160

relationship with Kw, 172

relative strengths of, 169

Conjugate base, 160

Covalent bond, 63, 108

D
d Orbitals, 89, 92

Dalton, John, 10 

Dalton’s atomic theory, 10

de Broglie, Louis, 86

Debye, Peter, 135 

Delocalized molecular orbitals, 119

Democritus, 9

Deuterium, 12

Diamagnetic, 97

Diatomic molecule, 16

Dinitrogen tetroxide, 150

Dipole moment, 135, 136 (table)

and electronegativity, 136

Dipole-dipole forces, 139

Dipositive ions, 102

Diprotic acid, 24

Dispersion forces, 142

Dynamic equilibrium, 148

E
Einstein, Albert, 83

mass-energy relationship, 86 

Electrolyte, 25

Electron, 10

Electron affinity, 98

of familiar elements, 103

Electron configuration, 94

of ions, 96    

and periodic table, 94

Electron spin quantum 

number (ms), 90

Electronegativity, 106

Element, 9

Emission spectra, 84

Index



Endothermic process, 66

Energy, 61

Chemical energy, 63

Radiant energy, 62

Enthalpy, 70

Enthalpy of reaction, 71

Equilibrium constant, 151

applications of, 155

determination of, 154

expressions for, 153

and rate constants, 153

Equilibrium vapor pressure, 148

Ethylene, 116

Evaporation, 148

Excess reagent, 53

Excited level, 85

Excited state, 85

Exothermic process, 66

Expanded octet, 125

F
f Orbitals, 89

Family, 13

Formal charge, 122

Formula unit mass, 47

Frequency ( ), 81

G
Gas constant (R), 57

Geiger, Hans, 11 

Glucose, 75

Ground level, 85

Ground state, 85

Group, 13

Guldberg, Cato, 152 

H
Half-reaction, 40

Halogens, 15

Heat, 63

Hess, Germain, 72

Hess’s law, 72

Hund, Frederick, 97   

Hund’s rule, 97

Hydration, 26, 138

Hydrogen bonding, 139

Hydrogen emission spectra, 85

Hydrogen fluoride, 140

Hydrogen isotopes, 12

Hydronium ion, 36

I
Ice, 141

ICE method, 157

Ideal gas equation, 57

Incomplete octet, 124

Induced dipole, 141

Interference of light, 80

Intermolecular forces (IMFs), 64, 138

and solubility, 143

Ion, 17

electron configurations of, 96

Ion-dipole forces, 26, 138

Ionic bond, 64, 107

Ionic compound, 17

Ionic equation, 34

Ionic radius, 99

of familiar elements, 101

Ionization energy, 65, 98

values of, 102

Isoelectronic, 96

Isotope, 11

J
Joule, 67

K
Ka, 165

Kb, 167

Kw, 161

Kevin, Lord, 84

Kelvin temperature scale, 67

L
Law of conservation of energy, 65

Law of conservation of mass, 29

Law of mass action, 152, 158

Le Châtelier, Henri, 157

Le Châtelier’s principle, 157

chemical equilibrium and, 158

changes in concentration, 158

changes in pressure and volume, 158

changes in temperature, 159

Lewis dot symbols, 109

Lewis, Gilbert, 108

Lewis structure, 110

rules for writing, 116

Light, 79

frequency, 81

particle properties of, 83

speed of, 81

wave length, 81

wave properties of, 80

Limiting reagent, 53

Lone pair, 110

M
Magnetic quantum number, 90

Many-electron atoms, 93

Marsden, Ernest, 11

Mass number, 11

Mendeleev, Dmitri, 13

Metal, 14

Metalloid, 14

Methane

combustion, 66, 71

geometry of, 127

Millikan, Robert, 83

Miscible, 143

Molar mass, 48

Molarity (M), 56

Mole, 48

Molecular compound, 20

Molecular compounds, 20

Molecular formula, 16

Molecular geometry, 127

Molecular mass, 47

Molecular models, 16

Molecular orbital theory, 111

Molecular orbitals, 111

Molecule, 15

Monatomic ion, 18

Monoprotic acid, 24

N
Neopentane, 142

Net ionic equation, 34

Neutron, 10

Nitrate ion, 177

Nitric acid, 118

delocalized pi molecular 

orbitals, 119

Lewis structure, 118

resonance structures of, 119, 122

Nitrogen

Lewis structure, 114

Nitrogen dioxide, 150

Nitrous acid, 177

Noble gas, 15, 94

Nonelectrolyte, 25

Nonmenclature 

acids, 22

ionic compounds, 21

molecular compounds, 20

polyatomic ions, 22

Nonmetal, 14

Nucleus, 9

O
Octet rule, 116

exceptions of, 124

Orbital, 87

energies, 94

Orbital diagram, 97

Orbital energy levels, 94

Oxidation, 40

Oxidation number, 42

assignment of, 42

Oxidation-reduction reaction, 40

Oxidizing agent, 41

Oxoacid, 23

Oxoanion, 23
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Oxygen

allotropes, 73

Lewis structure, 113

Ozone, 123

P
p Orbitals, 89, 92

Paramagnetic, 97

Pauli exclusion principle, 88

Pauli, Wolfgang, 88

Pauling, Linus, 106 

Pentane, 142

Percent yield, 54

Period, 13

Periodic group, 13

Periodic table, 12 

and electron configuration, 95

pH, 161

Phosphoric acid, 38

Photoelectric effect, 83

Photon, 83

Photosynthesis, 75

Physical property, 25

Planck constant, 82

Planck, Max, 82

Polar molecule, 26, 105

Polyatomic anions, 18

Polyatomic molecule, 16

Precipitate, 33

Precipitation reaction, 33

Principal quantum number, 89

Product, 30

Proton, 9

size of, 36

Q
Quanta, 82

Quantum mechanics, 87

Quantum number, 88

Quantum theory, 82

R
Radiant energy, 62

Reactant, 30

Reaction quotient, 155

comparison with equilibrium 

constant, 156

Reaction yield, 54

Redox reaction, 40

Reducing agent, 41

Reduction, 40

Representative elements, 21

Resonance, 119

Resonance structure, 119

Reversible chemical reactions, 146

Richter, Jeremias, 50 

Rotational motion, 63

Rutherford, Ernest, 11 

Rydberg, 84

S
s Orbitals, 89, 91

Salt, 39

Salt hydrolysis, 169

Schrödinger, Erwin, 87 

Schrödinger wave equation, 87

Shell, 89

Sodium acetate, 169

Solar energy, 62

Solubility, 25

and intermolecular forces, 143

general rules, 34

Solute, 25

Solution, 25

Solvent, 25

Sorensen, Soren, 161

Space-filling model, 16

Specific heat, 68

of water, 68

Spectrometer, 154

Standard enthalpy of formation, 73

Standard state, 71

Stoichiometric calculations, 51

involving gases, 57

involving liquids, 55

involving solutions, 56

Stoichiometric equivalence, 50

Stoichiometry, 46

involving gases, 57

involving liquids, 55

involving solutions, 56

Strong acid, 37, 163

Strong base, 38, 163

Structural formula, 16

Subshells, 90

Sulfur hexafluoride, 125

Sulfuric acid, 38

Surroundings, 65

System, 65

T
Temporary dipole, 141

Theoretical yield, 54

Thermal energy, 62

Thermochemistry, 65

Thomson, George, 87 

Thomson, Joseph, 84

Transition metals, 22

Translational motion, 63

Triprotic acid, 24

Tritium, 12

U
Unipositive ions, 101

Urea, 59

V
Valence electron, 100

Valence shell, 98

Valence-shell electron-pair repulsion

(VSEPR), 129

Vapor pressure, 148

Vaporization, 148

Velocity of light, 81

Vibrational motion, 63

Vinegar, 150

VSEPR, 129

W
Waage, Peter, 152

Water

acid-base properties, 160

geometry of, 128

hydrogen bonding, 140

liquid-vapor equilibrium, 148

phase change, 71

specific heat of, 68

Water equilibrium, 161

Wave functions, 87

Wavelength ( ), 81

Waves, 81

Weak acid, 37, 165

Weak base, 39, 165

Y
Young, Thomas, 80
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