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The title of this book—Chemistry: The Central Science—reflects the fact that much of what 
goes on in the world around us involves chemistry. Everyday chemical processes include 
the changes that produce the brilliant colors of flowers, the ways our bodies process the 
food we eat, and the electrical energy that powers our cell phones.

This first chapter provides an overview of what chemistry is about and what chem-
ists do. The “What’s Ahead” list gives an overview of the chapter organization and of 
some of the ideas we will consider.

Chemistry is the study of matter, its properties, and the changes that matter 
undergoes. As you progress in your study, you will come to see how chemical principles 
operate in all aspects of our lives, from everyday activities like food preparation to more 
complex processes such as those that operate in the environment. We will also learn 
how the properties of substances can be tailored for specific applications by controlling 
their composition and structure. For example, the synthetic pigments chemists devel-
oped in the nineteenth century were used extensively by impressionist artists such as 
van Gogh.

Chemistry is at the heart of many changes we see in the world around us, and it 
accounts for the myriad different properties we see in matter. To understand how these 
changes and properties arise, we need to look far beneath the surfaces of our everyday 
observations.

By the end of this section, you should be able to 

• Appreciate the scope of chemistry

The Atomic and Molecular Perspective of Chemistry

Chemistry is the study of the properties and behavior of matter. Matter is the physical 
material of the universe; it is anything that has mass and occupies space. A property is 
any characteristic that allows us to recognize a particular type of matter and to distin-
guish it from other types. This book, your body, the air you are breathing, and the clothes 
you are wearing are all samples of matter. We observe a tremendous variety of matter in 
our world, but countless experiments have shown that all matter is comprised of com-
binations of only about 100 substances called elements. One of our major goals will be 
to relate the properties of matter to its composition, that is, to the particular elements it 
contains.

Chemistry also provides a background for understanding the properties of matter 
in terms of atoms, the almost infinitesimally small building blocks of matter. Each ele-
ment is composed of a unique kind of atom. We will see that the properties of matter 
relate to both the kinds of atoms the matter contains (composition) and the arrangements 
of these atoms (structure).

In molecules, two or more atoms are joined in specific shapes. Throughout this 
text you will see molecules represented using colored spheres to show how the atoms 
are connected (Figure 1.1). The color provides a convenient way to distinguish between 
atoms of different elements. For example, notice that the molecules of ethanol and eth-
ylene glycol in Figure 1.1 have different compositions and structures. Ethanol contains 
one oxygen atom, depicted by one red sphere. In contrast, ethylene glycol contains two 
oxygen atoms.

Even apparently minor differences in the composition or structure of molecules 
can cause profound differences in properties. For example, let’s compare ethanol and 
ethylene glycol, which appear in Figure 1.1 to be quite similar. Ethanol is the alcohol 
in beverages such as beer and wine, whereas ethylene glycol is a viscous liquid used 
as automobile antifreeze. The properties of these two substances differ in many ways, 
as do their biological activities. Ethanol is consumed throughout the world, but you 
should never consume ethylene glycol because it is highly toxic. One of the challenges 
chemists undertake is to alter the composition or structure of molecules in a controlled 
way, creating new substances with different properties. For example, the common drug 
aspirin, shown in Figure 1.1, was first synthesized in 1897 in a successful attempt to 
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▲ Figure 1.1 Molecular models. The white, black, and red spheres represent atoms of hydrogen, 
carbon, and oxygen, respectively.

Go Figure Which molecule has the most carbon atoms? How many carbon
atoms does it contain?

improve on a natural product extracted from willow bark that had long been used to 
alleviate pain.

Every change in the observable world—from boiling water to the changes that 
occur as our bodies combat invading viruses—has its basis in the world of atoms and 
molecules. Thus, as we proceed with our study of chemistry, we will find ourselves think-
ing in three realms: the macroscopic realm of ordinary-sized objects 1macro = large2, the 
microscopic realm of atoms and molecules, and the symbolic realm of how we represent 
these particles. We make our observations in the macroscopic world, but to understand 
that world, we must visualize how atoms and molecules behave at the microscopic 
level. Chemistry is the science that seeks to understand the properties and behavior of 
matter by studying the properties and behavior of atoms and molecules.

Why Study Chemistry?

Chemistry lies near the heart of many matters of public concern, such as improvement 
of health care, conservation of natural resources, protection of the environment, and 
the supply of energy needed to keep society running. Using chemistry, we have discov-
ered and continually improved upon pharmaceuticals, fertilizers and pesticides, plas-
tics, solar panels, light-emitting diodes (LEDs), and building materials. We have also 
discovered that some chemicals are harmful to our health or the environment. This 
means that we must be sure that the materials with which we come into contact are 
safe. As a citizen and consumer, it is in your best interest to understand the effects, both 
positive and negative, that chemicals can have, in order to arrive at a balanced outlook  
regarding their uses.

You may be studying chemistry because it is an essential part of your curricu-
lum. Your major might be chemistry, or it could be biology, engineering, pharmacy, 
agriculture, geology, or some other field. Chemistry is central to a fundamental 
understanding of governing principles in many science-related fields. For example, 
our interactions with the material world raise basic questions about the materials 
around us. Figure 1.2 illustrates how chemistry is central to several different realms 
of modern life.
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▲ Figure 1.2 Chemistry is central to our understanding of the world around us.

Chemistry is all around us. For example, sugar is a chemical extracted 
from natural sources, refined by industry and sold across the world 
in a highly purified form. However, few realize the size and impor-
tance of the chemical industry. The chemical industry in the United 
States is estimated to be an $800 billion enterprise that employs over 
800,000 people and accounts for 14% of all U.S. exports.

Who are chemists, and what do they do? People who have 
degrees in chemistry hold a variety of positions in industry, govern-
ment, and academia. Those in industry work as laboratory chemists, 
developing new products (research and development); analyzing mate-
rials (quality control); or assisting customers in  using products (sales and 
service). Those with more experience or training may work as managers  
or company directors. Chemists are important members of the sci-
entific workforce in government (the National Institutes of Health,  
Department of Energy, and Environmental Protection Agency all  
employ chemists) and at universities. A chemistry degree is also good 
preparation for careers in teaching, medicine, biomedical research,  
information science, environmental work, technical sales, government 
regulatory agencies, and patent law.

Fundamentally, chemists do three things: They (1) make 
new types of matter: materials, substances, or combinations of 
substances with desired properties; (2) measure the properties of 
matter; and (3) develop models that explain and/or predict the 
properties of matter. One chemist, for example, may work in the 
laboratory to discover new drugs. Another may concentrate on 
the development of new instrumentation to measure properties 
of matter at the atomic level. Other chemists may use existing 

CHEMISTRY PUT TO WORK Chemistry and the Chemical Industry

▲ Figure 1.3 Common chemicals used for household cleaning.

materials and methods to understand how pollutants are trans-
ported in the environment or how drugs are processed in the body. 
Yet another chemist will develop theory, write computer code, and 
run computer simulations to understand how molecules move and 
react. The collective chemical enterprise is a rich mix of all of these 
activities.
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Self-Assessment Exercise
(c) Antiseptic cream, pain killers, energy drinks

(d) A light-weight bicycle frame, food packaging, a car 
exhaust catalytic converter 

(e) Soap, shampoo, washing powder

 1.1 Which of the following groups of substances involve the use 
of chemicals? Indicate all that apply.

(a) Paints, printer toner, food coloring

(b) Computer displays, LED lights, barcode readers

The study of any science starts with classification. This brings order to what we study 
much as the sorting of books in a library enables you to find the book you want. 

Let’s begin our study of chemistry by examining two fundamental ways in which 
matter is classified. Matter is typically characterized by (1) its physical state (gas, liquid, 
or solid) and (2) its composition (whether it is an element, a compound, or a mixture).

By the end of this section, you should be able to

• Understand the basic classification of matter

States of Matter

A sample of matter can be a gas, a liquid, or a solid. These three forms, called the states 
of matter, differ in some of their observable properties.

•  A gas (also known as vapor) has no fixed volume or shape; rather, it uniformly fills 
its container. A gas can be compressed to occupy a smaller volume, or it can expand
to occupy a larger one.

•  A liquid has a distinct volume independent of its container, assumes the shape of the 
portion of the container it occupies, and is not compressible to any appreciable extent.

•  A solid has both a definite shape and a definite volume and is not compressible to any 
appreciable extent.

The properties of the states of matter can be understood on the molecular level (Figure 1.4). 
In a gas the molecules are far apart and moving at high speeds, colliding repeatedly with 
one another and with the walls of the container. Compressing a gas decreases the amount
of space between molecules and increases the frequency of collisions between molecules 

1.2 ∣ Classifications of Matter

Answers to Self-Assessment Exercises

1.1 All of them
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Elements

Currently, 118 elements are known, though they vary widely in abundance. 
 Hydrogen constitutes about 74% of the mass in the Milky Way galaxy, and he-
lium constitutes 24%. Closer to home, only five elements—oxygen, silicon, alu-
minum, iron, and  calcium—account for over 90% of Earth’s crust (including  
oceans and atmosphere), and only three—oxygen, carbon, and hydrogen— 
account for over 90% of the mass of the human body (Figure 1.6).

Table 1.1 lists some common elements, along with the chemical symbols used 
to denote them. The symbol for each element consists of one or two letters, with 
the first letter capitalized. These symbols are derived mostly from the English 
names of the elements, but sometimes they are derived from a foreign name 
instead (last column in Table 1.1). You will need to know these symbols and learn 
others as we encounter them in the text.

All of the known elements and their symbols are listed on the front 
inside cover of this text in a table known as the periodic table. In the periodic 
table, the elements are arranged in columns so that closely related elements  
are grouped together. We describe the periodic table in more detail in  
Section 2.5 and consider the periodically repeating properties of the ele-
ments in Chapter 7.

Compounds

Most elements can interact with other elements to form compounds. For exam-
ple, when hydrogen gas burns in oxygen gas, the elements hydrogen and oxygen 
combine to form the compound water. Conversely, water can be decomposed 
into its elements by passing an electrical current through it (Figure 1.7).

Decomposing pure water into its constituent elements shows that it 
contains 11% hydrogen and 89% oxygen by mass, regardless of its source. 
This ratio is constant because every water molecule has the same number 
of hydrogen and oxygen atoms. While the mass percentages make it seem 
that water is mostly oxygen, there are actually two hydrogen atoms and only 
one oxygen atom per molecule. The explanation for this apparent discrep-
ancy comes from the fact that hydrogen atoms are much lighter than oxygen 
atoms. The mass composition, a macroscopic determination, corresponds to 

TABLE 1.1 Some Common Elements and Their Symbols

Carbon C Aluminum Al Copper Cu (from cuprum)

Fluorine F Bromine Br Iron Fe (from ferrum)

Hydrogen H Calcium Ca Lead Pb (from plumbum)

Iodine I Chlorine Cl Mercury Hg (from hydrargyrum)

Nitrogen N Helium He Potassium K (from kalium)

Oxygen O Lithium Li Silver Ag (from argentum)

Phosphorus P Magnesium Mg Sodium Na (from natrium)

Sulfur S Silicon Si Tin Sn (from stannum)

Oxygen
65%

Other
7%

Hydrogen
10%

Carbon
18%

Human body

Oxygen
49.5%

Silicon
25.7%

Calcium
3.4%

Iron
4.7%

Other
9.2%

Aluminum
7.5%

Earth’s crust

▲ Figure 1.6 Relative abundances of elements.* 
Elements in percent by mass in Earth’s crust (including 
oceans and atmosphere) and the human body.

Go Figure

If the lower pie chart was drawn as 
the percentage in terms of number of
atoms rather than the percentage in 
terms of mass, would the hydrogen 
slice of the pie get larger or smaller?

*U.S. Geological Survey Circular 285, U.S Department of the Interior.
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The observation that the elemental composition of a compound is always the same is 
known as the law of constant composition (or the law of definite proportions). 
French chemist Joseph Louis Proust (1754–1826) first stated the law in about 1800. 
Although this law has been known for 200 years, the belief persists among some peo-
ple that a fundamental difference exists between compounds prepared in the laboratory 
and the corresponding compounds found in nature. This simply is not true. Regardless 
of its source—nature or a laboratory—a pure compound has the same composition and 
properties under the same conditions. Both chemists and nature must use the same 
elements and operate under the same natural laws. When two materials differ in com-
position or properties, either they are composed of different compounds or they differ  
in purity.

Mixtures

Most of the matter we encounter consists of mixtures of different substances. Each substance 
in a mixture retains its chemical identity and properties. In contrast to a pure substance, 
which by definition has a fixed composition, the composition of a mixture can vary. A 
cup of sweetened coffee, for example, can contain either a little sugar or a lot. The sub-
stances making up a mixture are called components of the mixture.

Some mixtures do not have the same composition, properties, and appearance 
throughout. Rocks and wood, for example, vary in texture and appearance in any typ-
ical sample. Such mixtures are heterogeneous [Figure 1.8(a)]. Mixtures that are uniform 
throughout are homogeneous. Air is a homogeneous mixture of nitrogen, oxygen, and 
smaller amounts of other gases. The nitrogen in air has all the properties of pure nitro-
gen because both the pure substance and the mixture contain the same nitrogen mol-
ecules. Salt, sugar, and many other substances dissolve in water to form solutions, 
which are homogeneous mixtures [Figure 1.8(b)]. Although the term solution conjures 
an image of a liquid, the term can also apply to solids, liquids, or gases.

Figure 1.9 summarizes the classification of matter into elements, compounds, and 
mixtures.

(b)(a)

▶ Figure 1.8 Mixtures. (a) Many 
common materials, including rocks, are 
heterogeneous mixtures. This photograph 
of granite shows a heterogeneous mixture 
of silicon dioxide and other metal oxides. 
(b) Homogeneous mixtures are called 
solutions. Many substances, including the 
blue solid shown here [copper(II) sulfate 
pentahydrate], dissolve in water to form 
solutions.

TABLE 1.2 Comparison of Water, Hydrogen, and Oxygen

Water Hydrogen Oxygen

Statea Liquid Gas Gas

Normal boiling point 100 °C -253 °C -183 °C

Densitya 1000 kg>m3 0.084 kg>m3 1.33 kg>m3

Flammable No Yes No
a At room temperature and atmospheric pressure.
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▲ Figure 1.13 Distillation. Apparatus for separating a sodium chloride solution (salt water) into  
its components.

filtration (Figure 1.12). We would have to use other chemical reactions, which we will 
learn about later, to transform the dissolved iron back into metal.

An important method of separating the components of a homogeneous mixture 
is distillation, a process that depends on the different abilities of substances to form 
gases. For example, if we boil a solution of salt and water, the water evaporates, forming a 
gas, and the salt is left behind. The gaseous water can be converted back to a liquid on the 
walls of a condenser, as shown in Figure 1.13.

The differing abilities of substances to adhere to the surfaces of solids can also be 
used to separate mixtures. This ability is the basis of chromatography, a technique shown 
in Figure 1.14.

▶ Figure 1.12 Separation by filtration.  
A mixture of a solid and a liquid is poured 
through filter paper. The liquid passes 
through the paper while the solid remains 
on the paper.
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▲ Figure 1.14 Separation of three substances using column chromatography.

Go Figure Is the separation of the mixture shown here a physical or
chemical process?

Self-Assessment Exercise
(a) a physical change

(b) a chemical change
 1.6 When water boils in a pot, bubbles of water vapor can be 

seen rising through the liquid. What type of change does 
this represent?

Exercises
chlorine to give a brittle white solid. The substance can be 
pounded into thin sheets or drawn into wires. It is a good 
conductor of electricity. Which of these characteristics are 
physical properties, and which are chemical properties?

 1.9  Label each of the following as either a physical process or a 
chemical process: (a) crushing a metal can, (b) production 
of urine in the kidneys, (c) melting a piece of chocolate, (d) 
burning fossil fuel, (e) discharging a battery.

 1.10  Which separation method is better suited for obtaining sugar 
from cane juice—filtration or evaporation?

 1.7  Zirconia, an oxide of zirconium, is often used as an afford-
able diamond substitute. Just like diamond, it is a colorless 
crystal which sparkles under sunlight. Which of the follow-
ing physical properties do you think would help in differ-
entiating between diamond and Zirconia—melting point, 
density, or physical state?

 1.8  In the process of attempting to characterize a substance, a 
chemist makes the following observations: The substance is 
a silvery white, lustrous metal. It melts at 649 °C and boils at 
1105 °C. Its density at 20 °C is 1.738 g>cm3. The substance 
burns in air, producing an intense white light. It reacts with 

Answers to Self-Assessment Exercises

1.6 (a)
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1.4 ∣ The Nature of Energy

Since the earliest time, humans have recognized fire as a form of energy. In chemistry, 
it is convenient to distinguish between different types of energy, and, by the end of this 
section, you should be able to 

• Recognize the difference between kinetic and potential energy

All objects in the universe are made of matter, but matter alone is not enough to  
describe the behavior of the world around us. The water in an alpine lake and a pot of 
boiling water are both made from the same substance, but your body will experience a 
very different sensation if you put your hand in each. The difference between the two is 
their energy content; boiling water has more energy than chilled water. To understand
chemistry, we must also understand energy and the changes in energy that accompany  
chemical processes.

Unlike matter, energy does not have mass and cannot be held in our hands, but its 
effects can be observed and measured. Energy is defined as the capacity to do work or trans-
fer heat. Work is the energy transferred when a force exerted on an object causes a displacement 
of that object, and heat is the energy used to cause the temperature of an object to increase  
(Figure 1.15). Although the temperature of an object is intuitive to most people, the defi-
nition of work is less apparent. We define work, w, as the product of the force exerted on 
the object, F, and the distance, d, that it moves:

 w = F * d [1.1]

where force is defined as any push or pull exerted on the object.* Familiar examples in-
clude gravity and the attraction between opposite poles of a bar magnet. It takes work to 
lift an object off of the floor, or to pull apart two magnets that have come together at the 
opposite poles.

Kinetic Energy and Potential Energy

To understand energy, we need to grasp its two fundamental forms, kinetic energy and 
potential energy. Objects, whether they are automobiles, soccer balls, or molecules, can 
possess kinetic energy, the energy of motion. The magnitude of kinetic energy, Ek,  
of an object depends on its mass, m, and velocity, v:

 Ek =
1
2

 mv2 [1.2]

*In using this equation, only the component of the force that is acting parallel to the dis-
tance traveled is used. That will generally be the case for problems we will encounter in this 
chapter.

Work done by player on

ball to make ball move

Heat added by burner to

water makes water

temperature rise

(a)

(b)

▲	Figure 1.15 Work and heat, two forms of 
energy. (a) Work is energy used to cause an 
object to move against an opposing force. 
(b) Heat is energy used to increase the 
temperature of an object.



High potential energy,
zero kinetic energy

Decreasing potential energy,
increasing kinetic energy

▲ Figure 1.16 Potential energy and kinetic energy. The potential energy initially stored in the 
motionless bicycle and rider at the top of the hill is converted to kinetic energy as the bicycle 
moves down the hill and loses potential energy.

**Strictly speaking, velocity is a vector quantity that has a direction; that is, it tells you how fast 
an object is moving and in what direction. Speed is a scalar quantity that tells you how fast an 
object is moving but not the direction of the motion. Unless otherwise stated, we will not 
be concerned with the direction of motion, and thus velocity and speed are interchange-
able quantities for the treatment in this book.
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Thus, the kinetic energy of an object increases as its velocity or speed** increases. For ex-
ample, a car has greater kinetic energy moving at 65 kilometers per hour (km/h) than it 
does at 25 km/h. For a given velocity, the kinetic energy increases with increasing mass. 
Thus, a large truck traveling at 65 km/h has greater kinetic energy than a motorcycle trav-
eling at the same velocity because the truck has the greater mass.

In chemistry, we are interested in the kinetic energy of atoms and molecules. 
Although these particles are too small to be seen, they have mass and are in motion, and 
therefore, possess kinetic energy. When a substance is heated, be it a pot of water on the 
stove or an aluminum can sitting in the sun, the atoms and molecules in that substance 
gain kinetic energy and their average speed increases. Hence, we see that the transfer of 
heat is simply the transfer of kinetic energy at the molecular level.

All other forms of energy—the energy stored in a stretched spring, in a weight held 
above your head, or in a chemical bond—are classified as potential energy. An object has 
potential energy by virtue of its position relative to other objects. Potential energy is, 
in essence, the “stored” energy that arises from the attractions and repulsions an object 
experiences in relation to other objects.

We are familiar with many instances in which potential energy is converted into 
kinetic energy. For example, think of a cyclist poised at the top of a hill (Figure 1.16). 
Because of the attractive force of gravity, the potential energy of the bicycle is greater at 
the top of the hill than at the bottom. As a result, the bicycle easily rolls down the hill 
with increasing speed. As it does so, potential energy is converted into kinetic energy. 
The potential energy decreases as the bicycle rolls down the hill, while at the same time 
its kinetic energy increases as it picks up speed (Equation 1.2). This example illustrates 
that kinetic and potential energy are interconvertible.

Gravitational forces play a negligible role in the ways that atoms and molecules 
interact with one another. Forces that arise from electrical charges are more important  
when dealing with atoms and molecules. One of the most important forms of 
potential energy in chemistry is electrostatic potential energy, which arises from the 
interactions between charged particles. You are probably familiar with the fact 
that opposite charges attract each other and like charges repel. The strength of this 
interaction increases as the magnitude of the charges increase, and decreases as the 



62 CHAPTER 1 Introduction: Matter, Energy, and Measurement

distance between charges increases. We will return to electrostatic energy several times 
throughout the book.

One of our goals in chemistry is to relate the energy changes seen in the macroscopic 
world to the kinetic or potential energy of substances at the molecular level. Many sub-
stances, fuels for example, release energy when they react. The chemical energy of a fuel is 
due to the potential energy stored in the arrangements of its atoms. As we will learn in later 
chapters, chemical energy is released when bonds between atoms are formed, and consumed when 
bonds between atoms are broken. When a fuel burns, some bonds are broken and others are 
formed, but the net effect is to convert chemical potential energy to thermal energy, the 
energy associated with temperature. The increase in thermal energy arises from increased 
molecular motion and hence increased kinetic energy at the molecular level.

Self-Assessment Exercise
(a) It increases

(b) It decreases

(c) It remains the same

 1.11 What happens to the chemical energy of a nickel-metal 
hydride battery as it is recharged after powering an electric 
razor?

Exercises
 1.13  For each of the following processes, does the poten-

tial energy of the object(s) increase or decrease? (a) The 
charge of two oppositely charged particles is increased.  
(b) H2O molecule is split into two oppositely charged 
ions, H+  and OH-. (c) A person skydives from a height of  
600 meters.

 1.12  Two positively charged particles are first brought close to-
gether and then released. Once released, the repulsion be-
tween particles causes them to move away from each other. 
(a) This is an example of potential energy being converted 
into what form of energy? (b) Does the potential energy of 
the two particles prior to release increase or decrease as the 
distance between them is increased.

Answers to Self-Assessment Exercises

1.11 (a)

1.5 ∣ Units of Measurement
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Many properties of matter are quantitative, that is, associated with numbers. When a 
number represents a measured quantity, the units of that quantity must be specified. The 
volume of a soft drink expressed in different units demonstrates how important this is. 
To say that the length of a pencil is 17.5 is meaningless. Expressing the number with its 
units, 17.5 centimeters (cm), properly specifies the length. The units used for scientific 
measurements are those of the metric system.

The metric system, developed in France during the late eighteenth century, is used as 
the system of measurement in most countries. By the end of this section, you should be 
able to 

• Convert between different multiples of SI units

SI Units

In 1960, an international agreement was reached specifying a particular choice of metric 
units for use in scientific measurements. These preferred units are called SI units, after the 
French Système International d’Unités. This system has seven base units from which all other 
units are derived (Table 1.3). In this section, we will consider the base units for length, mass, 
and temperature.

With SI units, prefixes are used to indicate decimal fractions or multiples of various 
units. For example, the prefix milli- represents a 10-3 fraction, one-thousandth, of a unit: 
A milligram (mg) is 10-3 gram (g), a millimeter (mm) is 10-3 meter (m), and so forth. 

Where does scientific knowledge come from? How is it acquired? 
How do we know it is reliable? How do scientists add to it, or 
modify it?

There is nothing mysterious about how scientists work. The 
first idea to keep in mind is that scientific knowledge is gained 
through observations of the natural world. A principal aim of 
the scientist is to organize these observations by identifying 
patterns and regularity, making measurements, and associating 
one set of observations with another. The next step is to ask why 
nature behaves in the manner we observe. To answer this question, 
the scientist constructs a model, known as a hypothesis, to explain 
the observations. Initially, the hypothesis is likely to be pretty ten-
tative. There could be more than one reasonable hypothesis. If a 
hypothesis is correct, then certain results and observations should 
follow from it. In this way, hypotheses can stimulate the design of 
experiments to learn more about the system being studied. Scien-
tific creativity comes into play in thinking of hypotheses that are 
fruitful in suggesting good experiments to do, ones that will shed 
new light on the nature of the system.

A CLOSER LOOK The Scientific Method

As more information is gathered, the initial hypotheses get 
winnowed down. Eventually, just one may stand out as most  
consistent with a body of accumulated evidence. We then  
begin to call this hypothesis a  theory, a model that has predictive 
powers and that accounts for all the available observations. A 
theory also generally is consistent with other, perhaps larger and 
more general theories. For example, a theory of what goes on in-
side a volcano has to be consistent with more general theories re-
garding heat transfer, chemistry at high temperature, and so forth.

We will be encountering many theories as we proceed 
through this book. Some of them have been found over and over 
again to be consistent with observations. However, no theory 
can be proven to be absolutely true. We can treat it as though it 
is, but there  always remains a possibility that there is some re-
spect in which a theory is wrong. A famous example is Isaac New-
ton’s theory of mechanics, which yielded such precise results for 
the mechanical behavior of matter that no exceptions to it were 
found before the twentieth century. But Albert Einstein showed 
that  Newton’s theory of the nature of space and time is incorrect. 

Continued

TABLE 1.3 SI Base Units

Physical Quantity Name of Unit Abbreviation

Length Meter m

Mass Kilogram kg

Temperature Kelvin K

Time Second s or sec

Amount of substance Mole mol

Electric current Ampere A or amp

Luminous intensity Candela cd
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▲ Figure 1.18 Comparison of the Kelvin and Celsius temperature scales.

Go Figure True or false: The “size” of a degree on the Celsius scale is the 
same as the “size” of a degree on the Kelvin scale.

1 cm

1 cm1 cm

1 m

1 m1 m

1 dm3 5 1 L

1 cm3 5 1 mL

▲ Figure 1.19 Volume relationships. The 
volume occupied by a cube 1 m on each 
edge is one cubic meter, 1 m3. Each  
cubic meter contains 1000 dm3, 1 m3 =  
1000 dm3. One liter is the same volume 
as one cubic decimeter, 1 L = 1 dm3. 
Each cubic decimeter contains 1000 
cubic centimeters, 1 dm3 = 1000 cm3. 
One cubic centimeter equals one 
milliliter, 1 cm3 = 1 mL.

  Go Figure

How many 1-L bottles are required to 
contain 1 m3 of liquid?

equation for a quantity and, then substitute the appropriate base units. For example, speed 
is defined as the ratio of distance traveled to elapsed time. Thus, the derived SI unit for 
speed is the SI unit for distance (length), m, divided by the SI unit for time, s, which gives 
m/s, read “meters per second.” Two common derived units in chemistry are those for vol-
ume and density.

Volume

The volume of a cube is its length cubed, length3. Thus, the derived SI unit of volume is 
the SI unit of length, m, raised to the third power. The cubic meter, m3, is the volume of a 
cube that is 1 m on each edge (Figure 1.19). Smaller units, such as cubic centimeters, cm3 
(sometimes written cc), are frequently used in chemistry. Another volume unit used in 
chemistry is the liter (L), which equals a cubic decimeter, dm3. (The liter is the first metric 
unit we have encountered that is not an SI unit.) There are 1000 milliliters (mL) in a liter, 
and 1 mL is the same volume as 1 cm3: 1 mL = 1 cm3.

 Sample Exercise 1.3
Converting Units of Temperature

A weather forecaster predicts the temperature will reach 31 °C. What is this temperature in K?

would be liquid at 525 K (assume samples are protected  
from air): (a) bismuth, Bi; (b) platinum, Pt; (c) selenium, Se;  
(d) calcium, Ca; (e) copper, Cu.

SOLUTION
Equation 1.3, we have K = 31 + 273 = 304 K.

	▶ Practice Exercise
Using Wolfram Alpha (http://www.wolframalpha.com/) or 
some other reference, determine which of these elements 
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Burette

Stopcock

controls

flow

Pipette Volumetric flask

Used to deliver variable volumes Used to deliver a

specific volume

Used to hold a

specific volume

Graduated cylinder Syringe

▲ Figure 1.20 Common volumetric glassware.

In the lab, you will likely use the devices in Figure 1.20 to measure and deliver  
volumes of liquids. Syringes, burettes, and pipettes deliver amounts of liquids with more 
precision than graduated cylinders. Volumetric flasks are used to contain specific vol-
umes of liquid.

Density

Density is defined as the amount of mass in a unit volume of a substance:

 density =
mass

volume
 [1.4]

The densities of solids and liquids are commonly expressed in either grams per 
cubic centimeter 1g>cm32 or grams per milliliter 1g>mL2. The densities of some com-
mon substances are listed in Table 1.5. It is no coincidence that the density of water 
is 1.00 g>mL; the gram was originally defined as the mass of 1 mL of water at a spe-
cific temperature. Because most substances change volume when they are heated or 
cooled, densities are temperature dependent, and so temperature should be specified 
when reporting densities. If no temperature is reported, we assume 25 °C, close to 
normal room temperature.

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

Units of Energy

The SI unit for energy is the joule (pronounced “jool”), J, in honor of James Joule (1818−1889), 
a British scientist who investigated work and heat. If we return to Equation 1.2 where kinetic 
energy was defined, we immediately see that joules are a derived unit, 1 J = 1 kg-m2/s2.  
Numerically, a 2-kg mass moving at a velocity of 1 m/s possesses a kinetic energy of 1 J:

Ek =
1
2

 mv2 =
1
2

 (2 kg) (1 m>s)2 = 1 kg@m2>s2 = 1 J

TABLE 1.5 Densities of Selected

Substances at 25 ºC

Substance Density (g/cm3)

Air 0.001

Balsa wood 0.16

Ethanol 0.79

Water 1.00

Ethylene glycol 1.09

Table sugar 1.59

Table salt 2.16

Iron 7.9

Gold 19.32
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 Sample Exercise 1.5
Identifying and Calculating Energy Changes

A standard propane (C3H8) tank used in an outdoor grill holds approximately 9.0 kg of propane. When the grill is operating, 
propane reacts with oxygen to form carbon dioxide and water. For every gram of propane that reacts with oxygen in this way, 46 kJ 
of energy is released as heat. (a) How much energy is released if the entire contents of the propane tank react with oxygen? 
(b) As the propane reacts, does the potential energy stored in chemical bonds increase or decrease? (c) If you were to store an 
equivalent amount of potential energy by pumping water to an elevation of 75 m above the ground, what mass of water would be 
needed? (Note: The force due to gravity acting on the water, which is the water’s weight, is F = m * g , where m Is the mass of 
the object and g is the gravitational constant, g = 9.8 m/s2.)

SOLUTION
(a) We can calculate the amount of energy released from the 

propane as heat by converting the mass of propane from kg 
to g and then using the fact that 46 kJ of heat are released per 
gram:

E = 9.0 kg *
1000 g

1 kg
*

46 kJ
1 g

= 4.1 * 105 kJ = 4.1 * 108 J

(b) When propane reacts with oxygen, the potential energy stored in 
the chemical bonds is converted to an alternate form of energy, 
heat. Therefore, the potential energy stored as chemical energy 
must decrease.

(c) The amount of work done to pump the water to a height of  
75 m can be calculated using Equation 1.1:

w = F * d = (m * g) * d

Because a joule is not a very large amount of energy, we often use kilojoules (kJ) in discuss-
ing the energies associated with chemical reactions. For example, the amount of heat 
released when hydrogen and oxygen react to form 1 g of water is 16 kJ.

It is still quite common in chemistry, biology, and biochemistry to find energy 
changes associated with chemical reactions expressed in the non-SI unit of calories. A 
calorie (cal) was originally defined as the amount of energy required to raise the tem-
perature of 1 g of water from 14.5 to 15.5 °C. It has since been defined in terms of a joule:

1 cal = 4.184 J (exactly)

A related energy unit that is familiar to anyone who has read a food label is the  
nutritional Calorie (note the capital C), which is 1000 times larger than calorie with a 
lowercase c: 1 Cal = 1000 cal = 1 kcal.

 Sample Exercise 1.4
Determining Density and Using Density to Determine Volume or Mass

(a) Calculate the density of mercury if 1.00 * 102 g occupies a volume of 7.36 cm3.

(b) Calculate the volume of 65.0 g of liquid methanol if its density is 0.791 g/mL.

(c) What is the mass in grams of a cube of gold (density = 19.32 g/cm3) if the length of the cube is 2.00 cm?

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

 Density =
mass

volume
=

1.00 * 102 g

7.36 cm3
= 13.6 g>cm3

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

 and density gives 

Volume =
mass

density
=

65.0 g

0.791 g>mL
= 82.2 mL

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

 Volume = 12.00 cm23 = 12.0023 cm3 = 8.00 cm3

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

 Mass = volume * density = 18.00 cm32119.32 g>cm32 = 155 g

	▶ Practice Exercise
(a) Calculate the density of a 374.5-g sample of copper if it has a 
volume of 41.8 cm3. (b) A student needs 15.0 g of ethanol for an 
experiment. If the density of ethanol is 0.789 g>mL, how many 
milliliters of ethanol are needed? (c) What is the mass, in grams, 
of 25.0 mL of mercury 1density = 13.6 g>mL2?
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  rearranging to solve for the mass of water:

m =
w

g * d
=

4.1 * 108 J

(9.8 m/s2)(75 m)
=

4.1 * 108 kg@m2/s2

(9.8 m/s2)(75 m)

= 5.6 * 105 kg

 At 25 °C, this mass of water would have a volume of 560,000 L.  
Thus, we see that large amounts of potential energy can be 
stored as chemical energy.

	▶ Practice Exercise
Which of the following objects has the greatest kinetic energy? 
 (a) a 500-kg motorcycle moving at 100 km/h (b) a 1,000-kg car 
moving at 50 km/h (c) a 1500-kg car moving at 30 km/h (d) a 5000 kg  
truck moving at 10 km/h (e) a 10,000-kg truck moving at 5 km/h

Solar Energy Steps Up. Given the chal-
lenges society faces in trying to mitigate the ef-
fects of climate change, the need for affordable 
clean energy has never been greater. Given 
the massive amount of energy our planet re-
ceives from the Sun, solar energy has long 
been touted as a technology of the future. The 
problem for decades has been the relatively 
high cost of solar power compared to energy 
generated from burning fossil fuels. How-
ever, in recent years the cost of solar energy 
has decreased more rapidly than most people 
thought possible, decreasing more than 50% 
in just the past five years (Figure 1.21). 

Not surprisingly, over the last six years 
the number of solar panel installations world-
wide has increased sixfold. Over the same pe-
riod, the number of coal plants operating in 
the United States has decreased by 38%, from 
523 to 323. China is on track to install plants 
capable of generating more than 18 gigawatts 
of solar energy in 2015, nearly equal to the en-
tire solar energy capacity of the United States. 
Furthermore, with the price of solar energy 
dropping rapidly, there is reason to believe 
that developing nations may forgo building 
fossil fuel power plants and skip straight to 
green energy technologies like solar and wind.

Recently, chemists have discovered a new 
class of materials called halide perovskites that 
have the potential to bring the cost of solar 
energy down even further. Solar cells made 
with halide perovskites have been shown to be 
nearly as efficient as single crystal silicon solar 
cells, but can be prepared from inexpensive 
solution methods that differ from the more 
costly and energy-intensive methods used to 
produce silicon solar cells. There are still many 
challenges to be overcome before halide per-
ovskite solar cells are produced commercially, 
but their future looks very promising.

CHEMISTRY PUT TO WORK Chemistry in the News

Currently, no therapies have been developed to stop the progres-
sion of prion diseases. However, there are encouraging signs that cer-
tain small molecules could disrupt propagation of the disease. They 
might be able to do this by blocking the interaction between one 
prion protein and another that causes the misfolding to propagate. So 
far, the experimental work has involved studies of mice infected with 
prions. One such molecule, called Anle-138b, is shown in Figure 1.22. 
Administration of this compound more than doubled the life spans of 
treated mice.

Compounds such as this one are not suitable for use in treating 
prion disease in humans, but studies conducted thus far point the 
way toward discovery of molecules that might in the future provide 
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▲ Figure 1.21 The cost of energy generated by photovoltaic modules. The median price per watt of 
electricity generated has dropped by two-thirds since 1998. The cost figures here include the cost 
for fully installed residential solar panels.

Slowing a Progressive Disease. Proteins are very large molecules 
that play an essential role in biology and the functioning of living organ-
isms. Out of the myriad different types of proteins, scientists have identified 
one class of proteins called prions that play an important role in certain neu-
rological diseases. We all have prion proteins in our brains, and for nearly all 
of us, they cause no harmful effects. For a small fraction of people, though, 
something causes the prions to change form and to adopt an incorrectly 
folded molecular shape. This process, once begun, is cumulative, propa-
gating throughout the brain; the misfolded proteins somehow trigger the 
same misfolding in other prion proteins. Eventually, the misfolded proteins 
aggregate into clusters that can destroy neurons, producing symptoms such 
as those seen in Alzheimer’s and Parkinson’s diseases.
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5 H 5 O

5 N 5 Br

5 C

▲ Figure 1.22 Anle-138b, a promising molecule for the treatment  
of degenerative brain diseases.

Chemical Approaches to Art Restoration. Works of art are 
made from materials that over time can undergo chemical re-
actions that alter their appearance or undermine their mechan-
ical stability. Layers of dirt and pollutants can build up on the 
surface, discoloring statues, murals, and paintings. Plasters that 
serve as the base for frescoes react with gases in the atmosphere. 
One approach to art restoration is to use selected chemical reac-
tions to undo or reverse the effects of detrimental reactions that 
have occurred over time.

One such example involves murals at the ancient Mayan ru-
ins of Mayapan in Mexico’s Yucatán peninsula. In the 1960s, poly-
mer coatings were applied to these murals in an attempt to preserve 
them, but within a decade it became clear that the polymer coatings 
were doing more harm than good. Unfortunately, years of oxida-
tion and cross-linking reactions had rendered the polymer coatings 
insoluble to nearly every type of organic solvent. In 2008, a team of 
Italian chemists found a way to remove the polymer coatings with-
out damaging the underlying fresco. They treated the murals with a 
microemulsion, a special type of mixture where molecules called sur-
factants encapsulate and carry nanometer-sized droplets of organic 
solvents through an aqueous solution to the surface of the fresco. 
Once the droplets reach the surface, they can dissolve and carry away 
the unwanted polymer coating.

effective therapies. This work illustrates the complex and sometimes 
tortuous path that takes the scientist from promising beginnings to a 
much desired goal.

Self-Assessment Exercise
(c) 2 500 m3

(d) 2 500 000 m3

 1.14 A standard Olympic-size swimming pool contains 2.5 ML 
of water. What volume is this in m3?

(a) 2.5 m3

(b) 250 m3

Exercises
a 45-mL sample of the substance. She then measured the 
mass of the sample, finding that it weighed 38.5 g. She 
knew that the sub-stance had to be either isopropyl alcohol 1density 0.785 g>mL2  or  toluene 1density 0.866 g>mL2. 
What are the calculated density and the probable identity of 
the substance? (b) An experiment requires 45.0 g of ethylene 
glycol, a liquid whose density is 1.114 g>mL. Rather than 
weigh the sample on a balance, a chemist chooses to dispense 
the liquid using a graduated cylinder. What volume of the 
liquid should he use? (c) Is a graduated cylinder such as that 
shown in Figure 1.20 likely to afford the accuracy of measure-
ment needed? (d) A cubic piece of metal measures 5.00 cm on 
each edge. If the metal is nickel, whose density is 8.90 g>cm3, 
what is the mass of the cube?

 1.19  If on a certain year, an estimated amount of 4 million met-
ric tons (1 metric ton = 1000 kg) of nitrous oxide 1N2O2 
was emitted worldwide due to agricultural activities, ex-
press this mass of  N2O in grams without exponential nota-
tion, using an appropriate metric prefix.

 1.15  Convert the following expressions into exponential notation: 
(a) 3 terameters (Tm) (b) 2.5 femtoseconds (fs) (c) 57 microm-
eters (mm) (d) 8.3 megagrams (Mg).

 1.16  Make the following conversions: (a) 25 ºC to K (b) 110 ºC to K  
(c) 300 K to ºC (d) 1100 K to ºC

 1.17  (a) A sample of tetrachloroethene, a liquid used in dry cleaning 
that is being phased out because of its potential to cause cancer, 
has a mass of 40.55 g and a volume of 25.0 mL at 25 °C. What 
is its density at this temperature? Will tetrachloroethene float 
on water? (Materials that are less dense than water will float.)  
(b) Carbon dioxide 1CO22 is a gas at room temperature and 
pressure. However, carbon dioxide can be put under pres-
sure to become a “supercritical fluid” that is a much safer 
dry-cleaning agent than tetrachloroethylene. At a certain 
pressure, the density of supercritical CO2 is 0.469 g>cm3. 
What is the mass of a 25.0-mL sample of supercritical CO2 at 
this pressure?

 1.18  (a) To identify a liquid substance, a student determined 
its density. Using a graduated cylinder, she measured out 

Answers to Self-Assessment Exercises

1.14 (c)



Weighing a single postage stamp on a pair of old-fashioned scales is unlikely to give you a 
meaningful result. As scientists, when we make measurements, we must always consider 
the appropriateness of the numbers we report. There are specific ways in which to do this 
that can give us confidence in interpreting data collected by ourselves and others. By the 
end of this section, you should be able to

• Determine the correct number of significant figures to report at the conclusion of an 
experiment

Two kinds of numbers are encountered in scientific work: exact numbers (those whose values 
are known exactly) and inexact numbers (those whose values have some uncertainty). Most of 
the exact numbers we will encounter in this book have defined values. For example, there are 
exactly 12 eggs in a dozen and exactly 1000 g in a kilogram. The number 1 in any conversion 
factor, such as 1 m = 100 cm or 1 kg = 1000 g, is an exact number. Exact numbers can also 
result from counting objects. For example, we can count the exact number of marbles in a jar 
or the exact number of people in a classroom.

Numbers obtained by measurement are always inexact. The equipment used to 
measure quantities always has inherent limitations (equipment errors), and there are 
differences in how different people make the same measurement (human errors). Sup-
pose ten students with ten balances are to determine the mass of the same coin. The 
ten measurements will probably vary slightly for various reasons. The balances might 
be calibrated slightly differently, and there might be differences in how each student 
reads the mass from the balance. Remember: Uncertainties always exist in measured 
quantities.

Precision and Accuracy

The terms precision and accuracy are often used in discussing the uncertainties of measured 
values. Precision is a measure of how closely individual measurements agree with one 
another. Accuracy refers to how closely individual measurements agree with the correct, 
or “true,” value. The dart analogy in Figure 1.23 illustrates the difference between these two 
concepts.

In the laboratory, we often perform several “trials” of an experiment and average the 
results. The precision of the measurements is often expressed in terms of the standard 
deviation (Appendix A.5), which reflects how much the individual measurements differ 

High precision can be achieved on a scale 
like this one, which has 0.1 mg accuracy.

1.6 ∣ Uncertainty in Measurement
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notation: (a) 2048732.23 (b) 0.000292945 (c) -82454.09  
(d) 942.057024 (e) -0.00000324683.

 1.24  Carry out the following operations and express the answers 
with the appropriate number of significant numbers.

  (a) 43.029 + 0.02348   (b) 952.72 - 73.4201

  (c) 12.93 * 1032 10.7322     (d) 0.06324/0.624

 1.25  You weigh an object on a balance and read the mass in 
grams according to the picture. How many significant fig-
ures are in this measurement?

Answers to Self-Assessment Exercises

1.20 (b)

1.7 ∣ Dimensional Analysis

Anyone who has travelled to another country and looked at the price of fuel there will  
experience the need to convert from one set of units to another. Most often, this conver-
sion is between currencies but, in some cases, the standard volume may have different 
units—liters or gallons for example.

The SI system of units provides a common ‘language’ in which to communicate 
measurement. However, there are still some industries and some countries in which his-
toric units are employed. By the end of this section, you should be able to

• Convert between different units for a particular measurement

Because measured quantities have units associated with them, it is important to 
keep track of units as well as numerical values when using the quantities in calcu-
lations. Throughout the text we use dimensional analysis in solving problems. In 
dimensional analysis, units are multiplied together or divided into each other 
along with the numerical values. Equivalent units cancel each other. Using di-
mensional analysis helps ensure that solutions to problems yield the proper units. 
Moreover, it provides a systematic way of solving many numerical problems and of 
checking solutions for possible errors.
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 Sample Exercise 1.12
Converting Volume Units

Earth’s oceans contain approximately 1.36 * 109 km3 of water. Calculate the volume in liters.

SOLUTION
We know 1 L = 10-3 m3 (Figure 1.19), but there is no relationship 
listed involving km3. From our knowledge of SI prefixes, however, 
we know 1 km = 103 m and we can use this relationship between 
lengths to write the desired conversion factor  
between volumes: a103 m

1 km
b3

=
109 m3

1 km3

Thus, converting from km3 to m3 to L, we have

Volume in liters = 11.36 * 109 km32a109 m3

1 km3
b a 1 L

10-3 m3
b

= 1.36 * 1021 L How many liters of water do Earth’s oceans contain?

	▶ Practice Exercise
A barrel of oil as measured on the oil market is equal to 1.333 
U.S. barrels. A U.S. barrel is equal to 31.5 gal. If oil is on the 
market at $94.0 per barrel, what is the price in dollars per 
gallon? 

(a) $2.24/gal (b) $3.98/gal (c) $2.98/gal (d) $1.05/gal  
(e) $8.42/gal

If you have ever played a musical instrument or participated in ath-
letics, you know that the keys to success are practice and discipline. 
You cannot learn to play a piano merely by listening to music, and 
you cannot learn how to play basketball merely by watching games 
on television. Likewise, you cannot learn chemistry by merely watch-
ing your instructor give lectures. Simply reading this book, listening 
to lectures, or reviewing notes will not usually be sufficient when 
exam time comes around. Your task is to master chemical concepts 
to a degree that you can put them to use in solving problems and 
answering questions. Solving problems correctly takes practice— 
actually, a fair amount of it. You will do well in your chemistry course 
if you embrace the idea that you need to master the materials pre-
sented and then learn how to apply them in solving problems. Even 
if you’re a brilliant student, this will take time; it’s what being a stu-
dent is all about. Almost no one fully absorbs new material on a first 
reading, especially when new concepts are being presented. You are 
sure to master the content of the chapters more fully by reading 

them through at least twice, even more for passages that present you 
with difficulties in understanding.

Throughout the book, we have provided sample exercises in 
which the solutions are shown in detail. For practice exercises, we 
supply only the answer, at the back of the book. It is important that 
you use these exercises to test yourself.

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

STRATEGIES FOR SUCCESS The Importance of Practice

If, like most students, you haven’t yet read the part of the Preface to 
this text entitled TO THE STUDENT, you should do it now. In less than 
two pages of reading you will encounter valuable advice on how to 
navigate your way through this book and through the course. We’re 
serious! This is advice you can use.

The TO THE STUDENT section describes how text features such 
as “What’s Ahead,” Key Terms, Learning Outcomes, and Key Equa-
tions will help you remember what you have learned. If you have reg-
istered for MasteringChemistry®, you will have access to many helpful 
animations, tutorials, and additional problems correlated to specific 
topics and sections of each chapter. An eBook is also available on-
line. In addition, the Pearson eText brings to life the content of each 
chapter with animations and videos. Interactive end-of-section Self- 
Assessment Exercises are featured with specific wrong-answer feedback.

STRATEGIES FOR SUCCESS The Features of This Book

As previously mentioned, working exercises is very important—
in fact, essential. You will find a large variety of exercises at the end 
of each section and chapter that are designed to test your problem- 
solving skills in chemistry. Your instructor will very likely assign 
some of these exercises as homework.

•  The first few exercises called “Visualizing Concepts” are meant to test 
how well you understand a concept without plugging a lot of num-
bers into a formula.

•  Additional Exercises appear after the regular exercises; the chapter 
sections that they cover are not identified.

•  Integrative Exercises, which start appearing in Chapter 3, are prob-
lems that require skills learned in previous chapters.



•  Also first appearing in Chapter 3 are Design an Experiment exer-
cises consisting of problem scenarios that challenge you to design 
experiments to test hypotheses.

Many chemical databases are available, usually on the Web.

•  The CRC Handbook of Chemistry and Physics is the standard refer-
ence for many types of data and is available in libraries.

•  The Merck Index is a standard reference for the properties of many 
organic compounds, especially those of biological interest.

•  WebElements (http://www.webelements.com/) is a good website 
for looking up the properties of the elements.

•  Wolfram Alpha (http://www.wolframalpha.com/) can also be a 
source of useful information on substances, numerical values, and 
other data.

Self-Assessment Exercise
(c) 5.0 kcal

(d) 5019 cal

 1.26 A soft drink indicates that it contain 21 kJ of energy. Given 
1 J =  0.2390 calories, what is the energy content in calories 
(hint: mind the significant figures)?

(a) 5.0 cal

(b) 88 cal

Exercises
body mass. Calculate the dose in milligrams for a 185 lb  
person. (c) If an automobile is able to travel 400 km on 47.3 L  
of fuel, what is the gas mileage in miles per gallon?  
(d) When the coffee is brewed according to directions, a 
pound of coffee beans yields 50 cups of coffee. How many 
kg of coffee are required to produce 200 cups of coffee?

 1.31 The density of air at ordinary atmospheric pressure and 
25 °C is 1.19 g>L. What is the mass, in kilograms, of the air 
in a room that measures 4.5 m * 5.0 m * 2.5 m?

 1.32  Gold can be hammered into extremely thin sheets called 
gold leaf. An architect wants to cover a 30 m * 25 m ceil-
ing with gold leaf that is twelve-millionths of a centimeter 
thick. The density of gold is 19.32 g>cm3, and gold costs 
$1654 per troy ounce 11 troy ounce = 31.1034768 g2.  
How much will it cost the architect to buy the necessary 
gold?

 1.27  Using your knowledge of metric units and the information 
given in the chapter, write down the conversion factors 
needed to convert (a) in. to cm (b) lb to g (c) mg to g (d) 
ft2 to cm2.

 1.28  (a) A bumblebee flies with a ground speed of 15.2 m/s. Cal-
culate its speed in km/hr. (b) The lung capacity of the blue 
whale is 5.0 * 103 L. Convert this volume into gallons.  
(c) The Statue of Liberty is 151 ft tall. Calculate its height in 
meters. (d) Bamboo can grow up to 60.0 cm/day. Convert 
this growth rate into inches per hour.

 1.29  Perform the following conversions: (a) 5.00 days to s, (b) 
0.0550 miles to m, (c) $1.89/gal to dollars per liter, (d) 0.510 in/
ms to km/h, (e) 22.50 gal/min to L/s, (f) 0.02500 ft3 to cm3.

 1.30  (a) How many liters of wine can be held in a wine barrel 
whose capacity is 31 gal? (b) The recommended adult dose 
of Elixophyllin®, a drug used to treat asthma, is 6 mg/kg of 

Answers to Self-Assessment Exercises

1.26 (c)

Chapter Summary and Key Terms

THE STUDY OF CHEMISTRY (SECTION 1.1) Chemistry is the study 
of the composition, structure, properties, and changes of matter. The 
composition of matter relates to the kinds of elements it contains. The 
structure of matter relates to the ways the atoms of these elements are 
arranged. A property is any characteristic that gives a sample of matter 
its unique identity. A molecule is an entity composed of two or more 
atoms, with the atoms attached to one another in a specific way.

The scientific method is a dynamic process used to answer ques-
tions about the physical world. Observations and experiments lead 
to tentative explanations or hypotheses. As a hypothesis is tested and 
refined, a theory may be developed that can predict the results of fu-
ture observations and experiments. When observations repeatedly 
lead to the same consistent results, we speak of a scientific law, a gen-
eral rule that summarizes how nature behaves.

CLASSIFICATIONS OF MATTER (SECTION 1.2) Matter exists in 
three physical states, gas, liquid, and solid, which are known as the states 
of matter. There are two kinds of pure substances: elements and com-
pounds. Each element has a single kind of atom and is represented by 
a chemical symbol consisting of one or two letters, with the first letter 
capitalized. Compounds are composed of two or more elements joined 

chemically. The law of constant composition, also called the law of definite 
proportions, states that the elemental composition of a pure compound 
is always the same. Most matter consists of a mixture of substances. Mix-
tures have variable compositions and can be either homogeneous or het-
erogeneous; homogeneous mixtures are called solutions.

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

THE NATURE OF ENERGY (SECTION 1.4) Energy is defined as the 
capacity to do work or transfer heat. Work is the energy transferred 
when a force exerted on an object causes a displacement of that ob-
ject, and heat is the energy used to cause the temperature of an object 
to increase. An object can possess energy in two forms: kinetic energy, 
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which is the energy associated with the motion of an object, and  
potential energy, which is the energy that an object possesses by virtue 
of its position relative to other objects. Important forms of potential 
energy include gravitational energy and electrostatic energy.

UNITS OF MEASUREMENT (SECTION 1.5) Measurements in chem-
istry are made using the metric system. Special emphasis is placed on SI 
units, which are based on the meter, the kilogram, and the second as the 
basic units of length, mass, and time, respectively. SI units use prefixes to 
indicate fractions or multiples of base units. The SI temperature scale is the 
Kelvin scale, although the Celsius scale is frequently used as well. Absolute 
zero is the lowest temperature attainable. It has the value 0 K. A derived unit 
is obtained by multiplication or division of SI base units. Derived units are 
needed for defined quantities such as speed or volume. Density is an im-
portant derived unit that equals mass divided by volume.

UNCERTAINTY IN MEASUREMENT (SECTION 1.6) All measured 
quantities are inexact to some extent. The precision of a measurement 

indicates how closely different measurements of a quantity agree 
with one another. The accuracy of a measurement indicates how well 
a measurement agrees with the accepted or “true” value. The signifi-
cant figures in a measured quantity include one estimated digit, the 
last digit of the measurement. The significant figures indicate the 
extent of the uncertainty of the measurement. Certain rules must 
be followed so that a calculation involving measured quantities is re-
ported with the appropriate number of significant figures.

DIMENSIONAL ANALYSIS (SECTION 1.7) In the dimensional anal-
ysis approach to problem solving, we keep track of units as we carry 
measurements through calculations. The units are multiplied to-
gether, divided into each other, or canceled like algebraic quantities. 
Obtaining the proper units for the final result is an important means 
of checking the method of calculation. When converting units and 
when carrying out several other types of problems, conversion factors 
can be used. These factors are ratios constructed from valid relations 
between equivalent quantities.

Key Equations
• w = F * d                        [1.1] Work done by a force in the direction of displacement

• Ek =
1
2

 mv2                       [1.2] Kinetic energy

• K = °C + 273.15                     [1.3] Converting between Celsius 1°C2 and Kelvin (K) temperature scales

• Density =
mass

volume
                   [1.4] Definition of density

Learning Outcomes After studying this chapter, you should be able to:

• Distinguish among elements, compounds, and mixtures.  
(Section 1.2) Related Exercises: 1.3, 1.5, 1.45

• Identify symbols of common elements. (Section 1.2) 
Related  Exercises: 1.4, 1.46

• Distinguish between chemical and physical changes. (Section 1.3) 
Related Exercises: 1.8, 1.9, 1.47, 1.48

• Distinguish between kinetic and potential energy. (Section 1.4) 
Related Exercises: 1.12, 1.13

• Calculate the kinetic energy of an object. (Section 1.4). 
Related Exercises: 1.50, 1.51, 1.52, 1.53

• Identify common metric prefixes. (Section 1.5) 
Related Exercises: 1.15, 1.54

• Demonstrate the use of significant figures, scientific notation, and  
SI units in calculations. (Section 1.6) 
Related Exercises: 1.22, 1.24, 1.63, 1.65

• Use appropriate SI units for defined quantities, and employ 
dimensional analysis in calculations. (Sections 1.5 and 1.7)  
Related Exercises: 1.28, 1.30, 1.68, 1.70

Exercises

Visualizing Concepts

 1.33 Which of the following figures represents (a) a pure element, 
(b) a mixture of two elements, (c) a pure compound, (d) a 
mixture of an element and a compound? (More than one 
picture might fit each description.) [Section 1.2]

(ii)(i) (iii)

(iv) (v) (vi)

 1.34  Which of the following diagrams represents a chemical 
change? [Section 1.3]

(a)

(b)
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 1.43  Consider the jar of jelly beans in the photo. To get an estimate 
of the number of beans in the jar you weigh six beans and 
obtain masses of 3.15, 3.12, 2.98, 3.14, 3.02, and 3.09 g. Then 
you weigh the jar with all the beans in it, and obtain a mass of 
2082 g. The empty jar has a mass of 653 g. Based on these data,
estimate the number of beans in the jar. Justify the number of 
significant figures you use in your estimate. [Section 1.6]

 1.44  This photo shows a picture of an agate stone. Jack, who 
picked up the stone on the Lake Superior shoreline and pol-
ished it, insists that agate is a chemical compound. Ellen 
argues that it cannot be a compound. Discuss the relative 
merits of their positions. [Section 1.2]

Classification and Properties of Matter
(Sections 1.2 and 1.3)

 1.45  Classify each of the following as a pure substance or a mix-
ture. If a mixture, indicate whether it is homogeneous or het-
erogeneous: (a) milk, (b) beer, (c) diamond, (d) mayonnaise.

 1.46  Give the chemical symbol or name for each of the following 
elements, as appropriate: (a) rhenium, (b) tungsten, (c) cae-
sium, (d) hydrogen, (e) indium, (f) As, (g) Xe, (h) Kr, (i) Te, 
(j) Ge.

 1.47  (a) Read the following description of the element zinc and 
indicate which are physical properties and which are chemi-
cal properties.

  Zinc melts at 420 °C. When zinc granules are added to dilute 
sulfuric acid, hydrogen is given off and the metal dissolves. 
Zinc has a hardness on the Mohs scale of 2.5 and a density of 
7.13 g>cm3 at 25 °C. It reacts slowly with oxygen gas at ele-
vated temperatures to form zinc oxide, ZnO.

  (a) Which properties of zinc can you describe from the 
photo? Are these physical or chemical properties?

 1.48  A match is lit to light a candle. The following observations are 
made: (a) The candle burns. (b) Some wax melts. (c) Melted wax 
solidifies on the candleholder. (d) Soot (carbon) is produced by 
the burning of the match and the candle. Which of these occur-
rences are due to physical changes, and which are due to chemi-
cal changes?

 1.49  A silvery metal is put inside a beaker of water. Bubbles form 
on the surface of the metal and it dissolves gradually. (a) Is 
this an example of a chemical or a physical change? (b) Do 
you expect the remaining solution to be a pure substance or 
a mixture?

The Nature of Energy (Section 1.4)

 1.50  (a) Calculate the kinetic energy, in joules, of a 15-g bullet 
moving at 120 m/s. (b) When the bullet is stopped by a bul-
letproof vest, which form of energy does the kinetic energy of 
the bullet convert to?

 1.51  (a) A baseball weighs 145.4 g. What is the kinetic energy, in 
joules, of this baseball when it is thrown by a major league 
pitcher at 150 km/h? (b) By what factor will the kinetic 
energy change if the speed of the baseball is decreased to  
90 km/h? (c) What happens to the kinetic energy when the 
baseball is caught by the catcher? Is it converted mostly to 
heat or to some form of potential energy?

 1.52  What is the kinetic energy and velocity of the aluminum 
sphere in Problem 1.36 at the moment it hits the ground? 
(Assume that energy is conserved during the fall and that 
100% of the sphere’s initial potential energy is converted to 
kinetic energy by the time impact occurs.)

 1.53  What is the kinetic energy and velocity of the silver sphere
in Problem 1.36 at the moment it hits the ground? (Assume
that energy is conserved during the fall and that 100% of the 
sphere’s initial potential energy is converted to kinetic en-
ergy by the time impact occurs.)

Units of Measurement (Section 1.5)

 1.54  Use appropriate metric prefixes to write the following mea-
surements without use of exponents: (a) 7.29 * 106 g 
(b)  6.1 * 10-10 m (c)  1.828 * 10-3 s  (d)  3.523 * 109 m3  
(e) 9.62 * 102 m/s (f) 8.923 * 10-12 kg (g) 3.552 * 1012 L.

 1.55  Make the following conversions: (a) 83 °F to °C (b) 29 °C to °F 
(c) 294 °C to K (d) 832 K to °C (e) 721 K to °F (f) 35 °F to K.

 1.56  (a) A child has a fever of 101 °F. What is the temperature in °C? 
(b) In a desert, the temperature can be as high as 45 °C,  what 
is the temperature in °F? (c) During winter, the temperature of 
the Arctic region can drop below -50 °C, what is the tempera-
ture in degree Fahrenheit and in Kelvin? (d) The sublimation 
temperature of dry ice is -78.5 °C. Convert this temperature 
to degree Fahrenheit and Kelvin. (e) Ethanol boils at 351 K. 
Convert this temperature to degree Fahrenheit and degree 
Celsius.

 1.57  (a) What is the mass of a silver cube whose edges measure 2.00 
cm each at 25 °C? The density of silver is 10.49 g>cm3 at 25 °C. 
(b)  The density of aluminum is 2.70 g>cm3 at 25 °C. What is 
the weight of the aluminum foil with an area of 0.5 m2 and a 
thickness of 0.5 mm? (c) The density of hexane is 0.655 g/mL at 
25 °C. Calculate the mass of 1.5 L of hexane at this temperature.

 1.58  (a) After the label fell off a bottle containing a clear liquid be-
lieved to be benzene, a chemist measured the density of the 
liquid to verify its identity. A 25.0-mL portion of the liquid 
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had a mass of 21.95 g. A chemistry handbook lists the density 
of benzene at 15 °C as 0.8787 g>mL. Is the calculated density 
in agreement with the tabulated value? (b) An experiment 
requires 15.0 g of cyclohexane, whose density at 25 °C is 
0.7781 g>mL. What volume of cyclohexane should be used? 
(c) A spherical ball of lead has a diameter of 5.0 cm. What is 
the mass of the sphere if lead has a density of 11.34 g>cm3? 
(The volume of a sphere is 14>32pr 3, where r is the radius.)

 1.59  Silicon for computer chips is grown in large cylinders called 
“boules” that are 300 mm in diameter and 2 m in length, as 
shown. The density of silicon is 2.33 g>cm3. Silicon wafers 
for making integrated circuits are sliced from a 2.0 m boule 
and are typically 0.75 mm thick and 300 mm in diameter.  
(a) How many wafers can be cut from a single boule?  
(b) What is the mass of a silicon wafer? (The volume of a cyl-
inder is given by pr 2h, where r is the radius and h is its height.)

Diamond blade

Cut wafers
2 m

Si boule

0.75 mm
thickness

300 mm
diameter

 1.60  Use of the British thermal unit (Btu) is common in some 
types of engineering work. A Btu is the amount of heat  
required to raise the temperature of 1 lb of water by 1°F.  
Calculate the number of joules in a Btu.

 1.61  A watt is a measure of power (the rate of energy change) equal 
to 1 J/s. (a) Calculate the number of joules in a kilowatt-hour. 
(b) An adult person radiates heat to the surroundings at 
about the same rate as a 100-watt electric incandescent light 
bulb. What is the total amount of energy in kcal radiated to 
the surroundings by an adult over a 24 h period?

Uncertainty in Measurement (Section 1.6)

 1.62  Indicate which of the following are exact numbers: (a) the mass of 
a 945-mL can of coffee, (b) the number of students in your chem-
istry class, (c) the temperature of the surface of the Sun, (d) the 
mass of a postage stamp, (e) the number of milliliters in a cubic 
meter of water, (f) the average height of NBA basketball players.

 1.63  Indicate the number of significant figures in each of the fol-
lowing measured quantities: (a) 62.65 km/hr, (b) 78.00 K,  
(c )  3 6 .9  m L ,  (d )  2 5 0 m m , (e )  8 9.2  m etr ic  to ns ,  
(f) 6.4224 * 102 m3.

 1.64  (a) The diameter of Earth at the equator is 12756.27 km. 
Round this number to three significant figures and express it 
in standard exponential notation. (b) The circumference of 
Earth through the poles is 40,008 km. Round this number to 
four significant figures and express it in standard exponential 
notation.

 1.65  Carry out the following operations and express the answers 
with the appropriate number of significant numbers.

(a) (6.234  +  8.72)  *  0.6746

(b) 732.1  -  (892.5>8.2)

(c) [(3.696  *  105)  -  (6.234  *  103)]  *  0.0742

(d) 0.006438  *  108  -  (8.639  +  8.52)

 1.66  You have a graduated cylinder that contains a liquid (see 
photograph). Write the volume of the liquid, in milliliters, 
using the proper number of significant figures.

Dimensional Analysis (Section 1.7)

Note: 12 inches = 1 foot

 1 m = 39.37 inches

 1 mile = 1.609 km

 1 pound = 454 g

 1 gallon = 3.7854 L

 1 m3 = 264 gallon

 1.67  Using your knowledge of metric units and the given infor-
mation, write down the conversion factors needed to con-
vert (a) km/h to m/s (b) mL to mL (c) ps to s (d) m3 to gal.

 1.68  (a) The speed of light in a vacuum is 2.998 * 108 m>s. Cal-
culate its speed in miles per hour. (b) The Sears Tower in 
Chicago is 1454 ft tall. Calculate its height in meters. (c) The 
Vehicle Assembly Building at the Kennedy Space Center in 
Florida has a volume of 3,666,500 m3. Convert this volume 
to liters and express the result in standard exponential no-
tation. (d) An individual suffering from a high cholesterol 
level in her blood has 242 mg of cholesterol per 100 mL of 
blood. If the total blood volume of the individual is 5.2 L, 
how many grams of total blood cholesterol does the individ-
ual’s body contain?

 1.69  Carry out the following conversions: (a) 0.105 in. to mm, 
(b) 8.75 mm>s to km>h, (c) $3.99/lb to dollars per kg, 
(d)  8.75 lb>ft3 to g>mL.

 1.70 (a) In March 1989, the Exxon Valdez ran aground and 
spilled 240,000 barrels of crude petroleum off the coast of 
Alaska. One barrel of petroleum is equal to 42 gal. How 
many liters of petroleum were spilled?

 1.71  The indoor concentration of ozone above 300 mg>m3 is con-
sidered to be unhealthy. What mass of ozone in grams is 
present in a room measuring 3.2 m * 2.8 m * 4.1 m?

 1.72  A copper refinery produces a copper ingot weighing 70 kg. 
If the copper is drawn into wire whose diameter is 7.50 mm, 
how many meters of copper can be obtained from the ingot? 
The density of copper is 8.94 g>cm3. (Assume that the wire is 
a cylinder whose volume V = pr 2h, where r is its radius and h 
is its height or length.)
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States, 0.621% of the population has the surname Brown.  
(d) You calculate your grade point average to be 3.87562.

 1.79  What type of quantity (for example, length, volume, 
density) do the following units indicate? (a) m3, (b) ns,  
(c) mm, (d) g>dm3, (e) °C, (f) ms-1, (g) Pa.

 1.80  Give the derived SI units for each of the following quantities 
in base SI units:

(a) acceleration = distance>time2

(b) force = mass * acceleration

(c) work = force * distance

(d) pressure = force>area

(e) power = work>time

(f) velocity = distance>time

(g) energy = mass * 1velocity22

 1.81  The distance from Earth to the Moon is approximately 
240,000 mi. (a) What is this distance in meters? (b) The per-
egrine falcon has been measured as traveling up to 350 km/
hr in a dive. If this falcon could fly to the Moon at this speed, 
how many seconds would it take? (c) The speed of light is 
3.00 * 108 m>s. How long does it take for light to travel from 
Earth to the Moon and back again? (d) Earth travels around 
the Sun at an average speed of 29.783 km>s. Convert this 
speed to miles per hour.

 1.82  Which of the following would you characterize as pure 
or nearly pure substance? (a) stomach acid; (b) dry ice;  
(c) ice-cream; (d) stainless steel; (e) petroleum; (f) dis-
tilled water; (g) carbon monoxide gas; (h) compressed air in 
balloon.

 1.83  The U.S. quarter has a mass of 5.67 g and is approximately 
1.55 mm thick. (a) How many quarters would have to be 
stacked to reach 575 ft, the height of the Washington Mon-
ument? (b) How much would this stack weigh? (c) How 
much money would this stack contain? (d) The U.S. Na-
tional Debt Clock showed the outstanding public debt to 
be $16,213,166,914,811 on October 28, 2012. How many 
stacks like the one described would be necessary to pay off  
this debt?

 1.84  In the United States, water used for irrigation is measured 
in acre-feet. An acre-foot of water covers an acre to a depth 
of exactly 1 ft. An acre is 4840 yd2. An acre-foot is enough 
water to supply two typical households for 1.00 yr. (a) If de-
salinated water costs $1950 per acre-foot, how much does 
desalinated water cost per liter? (b) How much would it cost 
one household per day if it were the only source of water?

 1.85  By using estimation technique, determine which of the 
following is the heaviest and which is the lightest: a 10-lb 
bag of fertilizer, a 10-kg bag of rice, or 2 gal of olive oil 1density = 0.918 g>cm32.

 1.86  Suppose you decide to define your own temperature scale with 
units of O, using the freezing point 113 °C2 and boiling point 1360 °C2 of oleic acid, the main component of olive oil. If you 
set the freezing point of oleic acid as 0 °O and the boiling point 
as 100 °O, what is the freezing point of water on this new scale?

 1.87  Hexane 1density = 0.659 g>mL2 and acetic acid 1density =
1.0446 g>mL2  do  not  for m  a  solut io n  wh en  m ixed 
but are separate in distinct layers. A piece of oak wood1density = 900 kg>m32 is placed inside a test tube contain-
ing hexane and acetic acid solution; sketch how the three 
substances would position themselves.

Additional Exercises
 1.73  Classify each of the following as a pure substance, a solution,  

or a heterogeneous mixture: (a)  a leaf, (b) a 999 gold bar,  
(c) stainless steel.

 1.74  (a) Which is more likely to eventually be shown to be incor-
rect: an hypothesis or a theory? (b) A(n) _________ reliably 
predicts the behavior of matter, while a(n) _________ provides  
an explanation for that behavior.

 1.75  A sample of ascorbic acid (vitamin C) is synthesized in 
the laboratory. It contains 1.50 g of carbon and 2.00 g of 
oxygen. Another sample of ascorbic acid isolated from 
citrus fruits contains 6.35 g of carbon. According to the
law of constant composition, how many grams of oxygen 
does it contain?

 1.76  Ethyl chloride is sold as a liquid (see photo) under pressure 
for use as a local skin anesthetic. Ethyl chloride boils at 12 °C 
at atmospheric pressure. When the liquid is sprayed onto 
the skin, it boils off, cooling and numbing the skin as it  
vaporizes. (a) What changes of state are involved in this use 
of ethyl chloride? (b) What is the boiling point of ethyl chlo-
ride in degrees Fahrenheit? (c) The bottle shown contains 
103.5 mL of ethyl chloride. The density of ethyl chloride at 
25 °C is 0.765 g>cm3. What is the mass of ethyl chloride in 
the bottle?

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

(1) 22.52, 22.48, 22.54

(2) 22.64, 22.58, 22.62

(a) Calculate the average percentage for each set of data and 
state which set is the more accurate based on the average.  
(b) Precision can be judged by examining the average of the 
deviations from the average value for that data set. (Calcu-
late the average value for each data set; then calculate the av-
erage value of the absolute deviations of each measurement 
from the average.) Which set is more precise?

 1.78  Is the use of significant figures in each of the following state-
ments appropriate? (a) The 2005 circulation of National Geo-
graphic was 7,812,564. (b) On July 1, 2005, the population 
of Cook County, Illinois, was 5,303,683. (c) In the United 



 1.88  Two spheres of equal volume are placed on the scales as 
shown. Which one is more dense?

 1.89  Water has a density of 0.997 g>cm3 at 25 °C; ice has a density 
of 0.917 g>cm3 at -10 °C. (a) If a soft-drink bottle whose vol-
ume is 1.50 L is completely filled with water and then frozen 
to -10 °C, what volume does the ice occupy? (b) Can the ice 
be contained within the bottle?

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

 1.91  A thief plans to steal a cylindrical platinum medal with a ra-
dius of 2.3 cm and a thickness of 0.8 cm from a jewellery store. 
If the platinum has a density of 21.45 g>cm3, what is the mass 
of the medal in kg? [The volume of a cylinder is V = pr 2h.4

 1.92  Saline solution used in hospital contains 0.9% sodium chlo-
ride by mass. Calculate the number of grams of sodium chlo-
ride in 0.5 gal of saline solution if the solution has a density of 
1.01 g/mL.

 1.93  A 40-lb container of peat moss measures 14 * 20 * 30 in. A 
40-lb container of topsoil has a volume of 1.9 gal. (a) Calcu-
late the average densities of peat moss and topsoil in units of 
g>cm3. Would it be correct to say that peat moss is “lighter” 
than topsoil? (b) How many bags of peat moss are needed to 
cover an area measuring 15.0 ft * 20.0 ft to a depth of 3.0 in.?

 1.94  A 10.0 g block of gold is hammered into a thin gold sheet 
which has an area of  150 cm2. Given the density of gold is 
19.3 g>cm3, what is the approximate thickness of the gold 
sheet in millimeters?

 1.95  The total rate at which power is used by humans world-
wide is approximately 15 TW (terawatts). The solar flux av-
eraged over the sunlit half of Earth is 680 W>m2 (assuming 
no clouds). The area of Earth’s disc as seen from the Sun is 
1.28 * 1014 m2. The surface area of Earth is approximately 
197,000,000 square miles. How much of Earth’s surface 
would we need to cover with solar energy collectors to power 
the planet for use by all humans? Assume that the solar en-
ergy collectors can convert only 10% of the available sun-
light into useful power.

 1.96  In 2005, J. Robin Warren and Barry J. Marshall shared the 
Nobel Prize in Medicine for discovering the bacterium  
Helicobacter pylori and for establishing experimental proof 
that it plays a major role in gastritis and peptic ulcer disease. 
The story began when Warren, a pathologist, noticed that 
bacilli were associated with the tissues taken from patients 
suffering from ulcers. Look up the history of this case and de-
scribe Warren’s first hypothesis. What sorts of evidence did it 
take to create a credible theory based on it?

 1.97  A 30.0-cm-long cylindrical plastic tube, sealed at one end, 
is filled with acetic acid. The mass of acetic acid needed to 
fill the tube is found to be 89.24 g. The density of acetic acid 
is 1.05 g/mL. Calculate the inner diameter of the tube in 
centimeters.

 1.98  Gold is alloyed (mixed) with other metals to increase its 
hardness in making jewelry. (a) Consider a piece of gold jew-
elry that weighs 9.85 g and has a volume of 0.675 cm3. The 
jewelry contains only gold and silver, which have densities 
of 19.3 and 10.5 g>cm3, respectively. If the total volume of 
the jewelry is the sum of the volumes of the gold and silver 
that it contains, calculate the percentage of gold (by mass) 
in the jewelry. (b) The relative amount of gold in an alloy is 
commonly expressed in units of carats. Pure gold is 24 carat, 
and the percentage of gold in an alloy is given as a percent-
age of this value. For example, an alloy that is 50% gold is  
12 carat. State the purity of the gold jewelry in carats.

 1.99  Paper chromatography is a simple but reliable method for 
separating a mixture into its constituent substances. You 
have a mixture of two vegetable dyes, one red and one 
blue, that you are trying to separate. You try two different 
chromatography procedures and achieve the separations 
shown in the figure. Which procedure worked better? Can 
you suggest a method to quantify how good or poor the 
separation was?

 1.100  Judge the following statements as true or false. If you believe 
a statement to be false, provide a corrected version.

(a) Air and water are both elements.

(b)  All mixtures contain at least one element and one 
compound.

(c)  Compounds can be decomposed into two or more other 
substances; elements cannot.

(d) Elements can exist in any of the three states of matter.

(e)  When yellow stains in a kitchen sink are treated with 
bleach water, the disappearance of the stains is due to a 
physical change.

(f)  A hypothesis is more weakly supported by experimental 
evidence than a theory.

(g)  The number 0.0033 has more significant figures than 0.033.

(h)  Conversion factors used in converting units always have 
a numerical value of one.

(i)  Compounds always contain at least two different elements.

 1.101  You are assigned the task of separating a desired granular ma-
terial with a density of 3.62 g>cm3 from an undesired granu-
lar material that has a density of 2.04 g>cm3. You want to do 
this by shaking the mixture in a liquid in which the heavier 
material will fall to the bottom and the lighter material will 
float. A solid will float on any liquid that is more dense. Using 
an Internet-based source or a handbook of chemistry, find 
the densities of the following substances: carbon tetrachlo-
ride, hexane, benzene, and diiodomethane. Which of these 
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liquids will serve your purpose, assuming no chemical  
interaction takes place between the liquid and the solids?

 1.102  In 2009, a team from Northwestern University and Western 
Washington University reported the preparation of a new 
“spongy” material composed of nickel, molybdenum, and 
sulfur that excels at removing mercury from water. The den-
sity of this new material is 0.20 g>cm3, and its surface area 
is 1242 m2 per gram of material. (a) Calculate the volume 

of a 10.0-mg sample of this material. (b) Calculate the surface 
area for a 10.0-mg sample of this material. (c) A 10.0-mL sam-
ple of contaminated water had 7.748 mg of mercury in it. After 
treatment with 10.0 mg of the new spongy material, 0.001 mg 
of mercury remained in the contaminated water. What per-
centage of the mercury was removed from the water? (d) What 
is the final mass of the spongy material after the exposure to 
mercury?
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and hard whereas table salt is brittle and dissolves in water? Aluminum conducts elec-
tricity, but aluminum oxide does not. Paper burns in the presence of oxygen gas but not 
in the presence of nitrogen gas. What accounts for these differences? The answers to all 
such questions lie in the structures of atoms, which determine the physical and chemical 
properties of matter.

Although materials vary greatly in their properties, everything is formed from only 
about 100 different kinds of atoms. In a sense, these different atoms are like the 26 letters 
of the English alphabet that join in different combinations to form the immense number 
of words in our language. But what rules govern the ways in which atoms combine? How 
do the properties of a substance relate to the kinds of atoms it contains? Indeed, what is 
an atom like, and what makes the atoms of one element different from those of another?

A helicopter engine is composed of many smaller parts, just as any substance on 
Earth is composed of countless atoms and molecules to give it its unique characteristics.

In this chapter, we introduce the basic structure of atoms and discuss the formation 
of molecules and ions. This knowledge provides you with the foundation you need to 
understand the chapters that follow. 

By the end of this section, you should be able to

• Understand Dalton’s postulates.

Philosophers from the earliest times speculated about the nature of the fundamental “stuff” 
from which the world is made. Democritus (460–370 ) and other early Greek philoso-
phers described the material world as made up of tiny indivisible particles that they called 
atomos, meaning “indivisible” or “uncuttable.” Later, however, Plato and Aristotle formu-
lated the notion that there can be no ultimately indivisible particles, and the “atomic” 
view of matter faded for many centuries during which Aristotelean philosophy dominated  
Western culture.

The notion of atoms reemerged in Europe during the seventeenth century. As 
chemists learned to measure the amounts of elements that reacted with one another to 
form new substances, the ground was laid for an atomic theory that linked the idea of 
elements with the idea of atoms. That theory came from the work of John Dalton during 
the period from 1803 to 1807. Dalton’s atomic theory was based on four postulates (see 
Figure 2.1).

A good theory explains known facts; Dalton’s theory explained several laws of 
chemical combination known at the time.

•  The law of constant composition, based on  postulate 4:

In a given compound, the relative numbers and kinds of atoms are constant.

•  The law of conservation of mass, based on postulate 3:
The total mass of materials present after a chemical reaction is the same as the total 
mass present before the reaction.

A good theory also predicts new facts; Dalton used his theory to deduce

•  The law of multiple proportions:
If two elements A and B combine to form more than one compound, the masses of 
B that can combine with a given mass of A are in the ratio of small whole numbers.

We can illustrate this law by considering water and hydrogen peroxide, both of which 
consist of the elements hydrogen and oxygen. In forming water, 8.0 g of oxygen 
combines with 1.0 g of hydrogen. In forming hydrogen peroxide, 16.0 g of oxygen 
combines with 1.0 g of hydrogen. Thus, the ratio of the masses of oxygen per gram 
of hydrogen in the two compounds is 2:1. Using Dalton’s atomic theory, we conclude 
that hydrogen peroxide contains twice as many atoms of oxygen per hydrogen atom 
than does water.



*Dalton, “Atomic Theory” 1844.
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Self-Assessment Exercise
 2.1 In an experiment, 7.0 g of nitrogen reacted with exactly  

16.0 g of oxygen to form a single compound. What would be 
the total mass of the compound?

(a) 7.0 g

(b) 16 g

(c) 23 g

Exercises
 2.3  A chemist finds that 30.82 g of nitrogen will react with 17.60, 

35.20, 70.40, or 88.00 g of oxygen to form four different 
compounds. (a) Calculate the mass of oxygen per gram of  
nitrogen in each compound. (b) How do the numbers in  
part (a) support Dalton’s atomic theory?

 2.2 A 1.0-g sample of carbon dioxide (CO2) is fully decomposed 
into its elements, yielding 0.273 g of carbon and 0.727 g of 
oxygen. (a) What is the ratio of the mass of O to C? (b) If 
a sample of a different compound decomposes into 0.429 
g of carbon and 0.571 g of oxygen, what is its ratio of the 
mass of O to C? (c) According to Dalton’s atomic theory, 
what is the empirical formula of the second compound?

Answers to Self-Assessment Exercises

2.1 (c)

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

Dalton’s Atomic Theory

An atom of the element oxygen An atom of the element nitrogen

2. All atoms of a given element are identical, but the atoms of one element
 are different from the atoms of all other elements.

3. Atoms of one element cannot be changed into atoms of a different element
 by chemical reactions; atoms are neither created nor destroyed in chemical
 reactions.

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

Oxygen

Oxygen Nitrogen

Nitrogen

N

Elements Compound

O NO

1

◀ Figure 2.1 Dalton’s atomic theory.* John 
Dalton (1766–1844), the son of a poor
English weaver, began teaching at age 12. 
He spent most of his years in Manchester, 
where he taught both grammar school and 
college. His lifelong interest in meteorology 
led him to study gases, then chemistry, 
and eventually atomic theory. Despite his 
humble beginnings, Dalton gained a strong 
scientific reputation during his lifetime.
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2.2 ∣ The Discovery of Atomic Structure

Dalton based his conclusions about atoms on chemical observations made in the labora-
tory. By assuming the existence of atoms, he was able to account for the laws of constant 
composition and of multiple proportions. But neither Dalton nor those who followed 
him during the century after his work was published had any direct evidence for the ex-
istence of atoms. Today, however, we can measure the properties of individual atoms and 
even provide images of them. The picture was obtained by a technique called scanning 
tunneling microscopy. The color was added to the image by computer to help distinguish 
its features. Each gold sphere is a silicon atom.

By the end of this section, you should be able to

• Describe the main experiments that led to the discovery of the electron and to the 
nuclear model of the atom

As scientists developed methods for probing the nature of matter, the supposedly  
indivisible atom began to show signs of a more complex structure, and today we know 
that the atom is composed of subatomic particles. Before we summarize the current 
model, we briefly consider a few of the landmark discoveries that led to that model. We 
will see that the atom is composed in part of electrically charged particles, some with 
a positive charge and some with a negative charge. As we discuss the development of 
our current model of the atom, keep in mind this fact: Particles with the same charge 
repel one another, whereas particles with opposite charges attract one another.

Cathode Rays and Electrons

During the mid-1800s, scientists began to study electrical discharge through a glass 
tube pumped almost empty of air (Figure 2.2). When a high voltage was applied to the 
electrodes in the tube, radiation was produced between the electrodes. This radiation, 
called cathode rays, originated at the negative electrode and traveled to the positive 
electrode. Although the rays could not be seen, their presence was detected because they 
cause certain materials to fluoresce, or to give off light.

Experiments showed that cathode rays are deflected by electric or magnetic fields 
in a way consistent with there being a stream of negative electrical charge. The British 
scientist J. J. Thomson (1856–1940) observed that cathode rays are the same regardless of 
the identity of the cathode material. In a paper published in 1897, Thomson described 
cathode rays as streams of negatively charged particles that we now call electrons.
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Go Figure If the fluorescent screen were removed from the tube, would cathode rays still 
be generated? Would you be able to see them?

Go Figure If no magnetic field were applied, would you expect the electron beam to be 
deflected upward or downward by the electric field?

Thomson constructed a cathode-ray tube having a hole in the anode through which 
the cathode rays could pass. Electrically charged plates and a magnet were positioned per-
pendicular to the beam, and a fluorescent screen that would give off light when struck with 
a cathode ray was located at one end (Figure 2.3). Because the electron is a negatively charged 
particle, the electric field deflected the rays in one direction, and the magnetic field deflected 
them in the opposite direction. Thomson adjusted the strengths of the fields so that the 
effects balanced each other, allowing the electrons to travel in a straight path to the screen. 
Knowing the strengths that resulted in the straight path made it possible to calculate a value 
of 1.76 * 108 coulombs* per gram for the ratio of the electron’s electrical charge to its mass.

Cathode
(2)

Anode
(1)

The rays are deflected

by a magnet.

Cathode rays (electrons)

move from the negative

cathode to the positive

anode.

A fluorescent screen is placed in the

tube to show the path of the cathode

rays. The screen gives off light when

a cathode ray strikes it.

▲ Figure 2.2 Cathode-ray tube.

Anode (+)

Electrically
charged plates

Cathode (–)

Magnet

Evacuated tube

Electron path

Fluorescent
screen

Electron beam is undeflected

if electric and magnetic field

strengths exactly balance

each other.

N

S

–

+

Electric and magnetic fields

deflect the electron beam.

▲ Figure 2.3 Cathode-ray tube with perpendicular magnetic and electric fields. The cathode rays  
(electrons) originate at the cathode and are accelerated toward the anode, which has a hole in its  
center. A narrow beam of electrons passes through the hole and travels to the fluorescent screen that  
glows when struck by a cathode ray.

*The coulomb (C) is the SI unit for electrical charge.
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Once the charge-to-mass ratio of the electron was known, measuring either quan-
tity allowed scientists to calculate the other. In 1909, Robert Millikan (1868–1953) of the 
University of Chicago succeeded in measuring the charge of an electron by  performing 
the experiment described in Figure 2.4. He then calculated the mass of the electron by 
using his experimental value for the charge, 1.602 * 10-19 C, and Thomson’s charge- 
to-mass ratio, 1.76 * 108 C>g:

Electron mass =
1.602 * 10-19 C
1.76 * 108 C>g = 9.10 * 10-28 g

This result agrees well with the currently accepted value for the electron mass, 
9.10938 * 10-28 g. This mass is about 2000 times smaller than that of hydrogen, the 
lightest atom.

Radioactivity

In 1896 the French scientist Henri Becquerel (1852–1908) discovered that a compound 
of uranium spontaneously emits high-energy radiation. This spontaneous emission of 
radiation is called radioactivity. At Becquerel’s suggestion, Marie Curie (Figure 2.5) and 
her husband, Pierre, began experiments to identify and isolate the source of radioactivity 
in the compound. They concluded that it was the uranium atoms.

Further study of radioactivity, principally by the British scientist Ernest Rutherford,  
revealed three types of radiation: alpha 1a2, beta 1b2, and gamma 1g2. Rutherford  
(1871–1937) was a very important figure in this period of atomic science. After working 
at Cambridge University with J. J. Thomson, he moved to McGill University in Montreal, 
where he did research on radioactivity that led to his 1908 Nobel Prize in Chemistry. In 
1907 he returned to England as a faculty member at Manchester University, where he did 
his famous a-particle scattering experiments, described further in this chapter.

Rutherford showed that the paths of a and b radiation are bent by an electric field, 
although in opposite directions; while g radiation is unaffected by the field (Figure 2.6).  
From this finding he concluded that a and b rays consist of fast-moving electrically 

Go Figure Are the masses of the oil drops changed significantly when electrons
accumulate on them?

Oil drops

(+)

(–)

Source of X rays

Hole in plate

Microscope
view

Electrically
charged plates

1

2

X-ray irradiation

causes drops to

pick up electrons

and become

negatively charged.

The force of gravity pulls

drops downward but is

opposed by the electric field

that pushes the negatively

charged drops upward.

▲ Figure 2.4 Millikan’s oil-drop experiment to measure the charge of the electron. Small drops  
of oil are allowed to fall between electrically charged plates. Millikan measured how varying the  
voltage between the plates affected the rate of fall. From these data he calculated the negative  
charge on the drops. Because the charge on any drop was always some integral multiple of  
1.602 * 10-19 C, Millikan deduced this value to be the charge of a single electron.

▲ Figure 2.5 Marie Sklodowska Curie 
(1867–1934). In 1903, Henri Becquerel, 
Marie Curie, and her husband, Pierre, were
jointly awarded the Nobel Prize in Physics 
for their pioneering work on radioactivity 
(a term she introduced). In 1911, Marie 
Curie won a second Nobel Prize, this time in 
chemistry for her discovery of the elements 
polonium and radium.
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charged particles. In fact, b  particles are nothing more than high-speed electrons that 
can be considered the radioactive equivalent of cathode rays. Because of their negative  
charge, they are attracted to a positively charged plate. The a particles have a positive 
charge and are attracted to a negative plate. In units of the charge of the  electron,  
b  particles have a charge of 1- and a particles a charge of 2+. Each a particle has a mass 
about 7400 times that of an electron. Gamma radiation is high-energy electromagnetic 
radiation similar to X rays; it does not consist of particles and it carries no charge.

The Nuclear Model of the Atom

With growing evidence that the atom is composed of smaller particles, scientists gave at-
tention to how the particles fit together. During the early 1900s, Thomson reasoned that 
because electrons contribute only a very small fraction of an atom’s mass, they probably 
are responsible for an equally small fraction of the atom’s size. He proposed that the atom 
consists of a uniform positive sphere of matter in which the mass is evenly distributed and 
in which the electrons are embedded like raisins in a pudding or seeds in a watermelon 
(Figure 2.7). This plum-pudding model, named after a traditional English dessert, was very 
short-lived.

In 1910, Rutherford was studying the angles at which a particles were deflected, or 
scattered, as they passed through a thin sheet of gold foil (Figure 2.8). He discovered that 
almost all the particles passed directly through the foil without deflection, with a few par-
ticles deflected about 1°, consistent with Thomson’s plum-pudding model. For the sake 
of completeness, Rutherford suggested that Ernest Marsden (1889–1970), an undergrad-
uate student working in the laboratory, look for scattering at large angles. To everyone’s 
surprise, a small amount of scattering was observed at large angles, with some particles 
scattered back in the direction from which they had come. The explanation for these 
results was not immediately obvious, but they were clearly inconsistent with Thomson’s 
plum-pudding model.

Rutherford explained the results by postulating the nuclear model of the atom, 
in which most of the mass of each gold atom and all of its positive charge reside in a 
very small, extremely dense region that he called the nucleus. He postulated further 
that most of the volume of an atom is empty space in which electrons move around 
the nucleus. In the a@scattering experiment, most of the particles passed through 
the foil unscattered because they did not encounter the minute nucleus of any gold 
atom. Occasionally, however, an a particle came close to a gold nucleus. In such 

Negatively charged b rays bend

toward the positively charged plate.

(1)

(2)

g rays, which carry no charge, are

unaffected by the charged plates.

Positively charged a rays bend

toward the negatively charged

plate.

Lead block

Radioactive
substance

Electrically
charged plates

Photographic plate

▲ Figure 2.6 Behavior of alpha 1A 2 , beta 1B 2 , and gamma 1G 2  rays in an electric field.

Go Figure Which subatomic particle—proton, neutron, or electron—is equivalent to a b ray?  
b rays are deflected to a greater extent than a rays because (a) they are lighter,  
or (b) they are more highly charged.

Positive charge
spread throughout
sphere

Negative
electron

▲ Figure 2.7 J. J. Thomson’s plum-pudding 
model of the atom. Ernest Rutherford and 
Ernest Marsden proved this model wrong.
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Go Figure What is the charge on the particles that form the beam? Will they be 
attracted to or repelled from the positively charged gold nuclei?

Source of
α particles

Circular
fluorescent
screen

Beam of a particles

Gold foil

Most a particles

undergo little to no

scattering because

most of the atom

is empty.

Experiment

Incoming
a particles

Nucleus

Interpretation

Incoming
a particles

Nucleus

Interpretation

A tiny fraction of the a particles are

scattered at large angles because their

path takes them very close to an extremely

small but highly charged nucleus.

▲ Figure 2.8 Rutherford’s A-scattering experiment. When a particles pass through a gold foil,  
most pass through undeflected but some are scattered, a few at very large angles. According  
to the plum-pudding model of the atom, the particles should experience only very minor  
deflections. The nuclear model of the atom explains why a few a particles are deflected at large  
angles. Although the nuclear atom has been depicted here as a yellow sphere, it is important to  
realize that most of the space around the nucleus contains only the low-mass electrons.

Self-Assessment Exercise

 2.4 Which experiment enabled the mass of an electron to be 
calculated?

(a) J J Thompson’s cathode ray tube experiment

(b) R Millikan’s oil drop experiment

(c) E Rutherford’s gold foil experiment

encounters, the repulsion between the highly positive charge of the gold nucleus 
and the positive charge of the a particle was strong enough to deflect the particle, as 
shown in Figure 2.8. 

Subsequent experiments led to the discovery of positive particles (protons) 
and neutral particles (neutrons) in the nucleus. Protons were discovered in 1919 by  
Rutherford and neutrons in 1932 by British scientist James Chadwick (1891–1972). Thus, 
the atom is composed of electrons, protons, and neutrons.
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2.3 ∣ The Modern View of Atomic
Structure

Exercises
foil is two layers thick, as shown in Figure 2.8, and that the 
approximate diameters of a gold atom and its nucleus are  
270 pm and 1.0 * 10–2 pm, respectively. Hint: Calculate the 
cross sectional area occupied by the nucleus as a fraction of
that occupied by the atom.  Assume that the gold nuclei in 
each layer are offset from each other.

 2.5  An unknown particle is caused to move between two electri-
cally charged plates, as illustrated in Figure 2.6. You hypoth-
esize that the particle is a proton. (a) If your hypothesis is  
correct, would the particle be deflected in the same or op-
posite direction as the b rays? (b) Would it be deflected by a 
smaller or larger amount than the b rays?

 2.6  What fraction of the a particles in Rutherford’s gold foil 
experiment are scattered at large angles? Assume the gold 

Answers to Self-Assessment Exercises

2.4 (b)

Ernest Rutherford (1871–1937), whom Einstein called ‘the second Newton’, was born and 
educated in New Zealand. In 1895, he was the first overseas student ever to be awarded 
a position at the Cavendish Laboratory at Cambridge University in England, where he 
worked with J J Thompson. In 1898, he joined the faculty of McGill University in Canada, 
where he did the research on radioactivity that led to his being awarded the 1908 Nobel 
Prize in Chemistry. In 1907, he moved back to England to join Manchester University  
where, in 1910, he performed his famous a-particle scattering experiments that led to the 
nuclear model of the atom. In 1992, his native New Zealand honored Rutherford by put-
ting his likeness, along with his Nobel Prize medal, on its $100 currency note. Element 
104 is named in his honor.

By the end of this section, you should be able to 

• Describe the structure of the atom in terms of its subatomic particles
• Use symbols to indicate the composition of an isotope

Since Rutherford’s time, as physicists have learned more and more about atomic 
 nuclei, the list of particles that make up nuclei has grown and continues to increase. As 
chemists, however, we can take a simple view of the atom because only three  subatomic 
 particles—the proton, neutron, and electron—have a bearing on chemical behavior.
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As noted earlier, the charge of an electron is -1.602 * 10-19 C. The charge of a pro-
ton is opposite in sign but equal in magnitude to that of an electron: +1.602 * 10-19 C. 
The quantity 1.602 * 10-19 C is called the electronic charge. For convenience, the 
charges of atomic and subatomic particles are usually expressed as multiples of this 
charge rather than as coulombs. Thus, the charge of an electron is 1- and that of a pro-
ton is 1+. Neutrons are electrically neutral (which is how they received their name). Every 
atom has an equal number of electrons and protons, so atoms have no net electrical charge.

Protons and neutrons reside in the tiny nucleus of the atom. The vast majority of an 
atom’s volume is the space in which the electrons reside (Figure 2.9). Most atoms have diam-
eters between 30 pm and 300 pm. The diameter of a chlorine atom, for example, is 175 pm.

Electrons are attracted to the protons in the nucleus by the electrostatic force that 
exists between particles of opposite electrical charge. In later chapters, we will see that 
the strength of the attractive forces between electrons and nuclei can be used to explain 
many of the differences among different elements.

Atoms have extremely small masses. The mass of the heaviest known atom, for exam-
ple, is approximately 4 * 10-22 g. Because it would be cumbersome to express such small 
masses in grams, we use the atomic mass unit (u), where 1 u = 1.66054 * 10-24 g. A 
proton has a mass of 1.0073 u, a neutron 1.0087 u, and an electron 5.486 * 10-4 u 
(Table 2.1). Because it takes 1836 electrons to equal the mass of one proton, and 1839 
electrons to equal the mass of a single neutron, the nucleus accounts for nearly the 
entire mass of an atom.

The diameter of an atomic nucleus is approximately 1–10 fm, only a small fraction of 
the diameter of the atom as a whole. You can appreciate the relative sizes of the atom and 
its nucleus by imagining that if the hydrogen atom were as large as a football stadium, 
the nucleus would be the size of a small marble. Because the tiny nucleus carries most of 
the mass of the atom in such a small volume, it has an incredibly high density—on the 
order of 101391014 g>cm3. A matchbox full of material of such density would weigh over 
2.5 billion tons!

Figure 2.9 incorporates the features we have just discussed. Electrons play the major 
role in chemical reactions. The significance of representing the region containing elec-
trons as an indistinct cloud will become clear in later chapters when we consider the 
energies and spatial arrangements of the electrons. For now, however, we have all the 
information we need to discuss many topics that form the basis of everyday uses of 
chemistry.

Atomic Numbers, Mass Numbers, and Isotopes

What makes an atom of one element different from an atom of another element? The 
atoms of each element have a characteristic number of protons. The number of protons in 
an atom of any particular element is called that element’s atomic number. Because an 
atom has no net electrical charge, the number of electrons it contains must equal the 
number of protons. All atoms of carbon, for example, have six protons and six electrons, 
whereas all atoms of oxygen have eight protons and eight electrons. Thus, carbon has 
atomic number 6, and oxygen has atomic number 8. The atomic number of each element 
is listed with the name and symbol of the element on the front inside cover of the text.

Atoms of a given element can differ in the number of neutrons they contain and, 
consequently, in mass. For example, while most atoms of carbon have six neutrons, some 
have more and some have less. The symbol 12

6C (read “carbon twelve,” carbon-12) rep-
resents the carbon atom containing six protons and six neutrons, whereas carbon atoms 

TABLE 2.1 Comparison of the Proton, Neutron, and Electron

Particle Charge Mass (u)

Proton Positive 11+2 1.0073

Neutron None (neutral) 1.0087

Electron Negative 11-2 5.486 * 10-4

Nucleus
containing
protons and
neutrons

Volume occupied
by electrons

~1024 Å

1–5 Å

▲ Figure 2.9 The structure of the atom. 
A cloud of rapidly moving electrons 
occupies most of the volume of the atom. 
The nucleus occupies a tiny region at the 
center of the atom and is composed of 
the protons and neutrons. The nucleus 
contains virtually all the mass of the atom.

    Go Figure 

What is the approximate diameter of 
the nucleus in units of pm?
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Exercises
 2.13 How many protons, neutrons, and electrons are in the 

following atoms? (a) 84Kr, (b) 200Hg, (c) 59Co, (d) 55Mn, 
(e) 239U, (f) 181Ta.

 2.14 Fill in the gaps in the following table, assuming each column 
represents a neutral atom.

Symbol 159Tb

Protons 29 37

Neutrons 34 53

Electrons 42 34

Mass no. 79 85

 2.15 Write the correct symbol, with both superscript and sub-
script, for each of the following. Use the list of elements in 
the front inside cover as needed: (a) the isotope of hafnium 
that contains 106 neutrons, (b) the isotope of mercury 
with mass number 201, (c) the isotope of rhenium with 
mass number 187, (d) the isotope of calcium that has an 
equal number of protons and neutrons.

 2.9 The radius of an atom of tungsten (W) is about 2.10 units.  
(a) Express this distance in nanometers (nm) and in picom-
eters (pm). (b) How many tungsten atoms would have to 
be lined up to create a wire of 2.0 mm? (c) If the atom is 
assumed to be a sphere, what is the volume in m3 of a single 
W atom?

 2.10 Answer the following questions without referring to  
Table 2.1: (a) What are the main subatomic particles that 
make up the atom? (b) What is the relative charge (in mul-
tiples of the electronic charge) of each of the particles? (c) 
Which of the particles is the most massive? (d) Which is the 
least massive?

 2.11 Consider an atom of 32P. (a) How many protons, neutrons, 
and electrons does this atom contain? (b) What is the sym-
bol of the atom obtained by adding one proton to 32P?  
(c) What is the symbol of the atom obtained by adding 
one neutron to 32P? (d) Are either of the atoms obtained in 
parts (b) and (c) isotopes of 32P? If so which one?

 2.12 (a) Define atomic number and mass number. (b) Which 
of these can vary without changing the identity of the 
element?

Answers to Self-Assessment Exercises

2.7 (e)2.8 (b)

2.4 ∣ AtomicWeights

We are quite used to objects of the same shape but of different sizes—a golf ball, a tennis 
ball, and a soccer ball for example. Atoms of different elements also have a different size 
and weight. By the end of this section, you should be able to

• Calculate the atomic weight of an element from its isotopic composition.

Atoms are small pieces of matter, so they have mass. In this section, we discuss the 
mass scale used for atoms and introduce the concept of atomic weights.
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▲ Figure 2.10 A mass spectrometer. Cl atoms are first ionized to form Cl+ ions, 
accelerated with an electric field, and finally their path is directed by a magnetic field. 
The paths of the ions of the two Cl isotopes diverge as they pass through the field.
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▲ Figure 2.11 Mass spectrum of atomic chlorine. The 
fractional abundances of the isotopes 35Cl and 37Cl are 
indicated by the relative signal intensities of the beams 
reaching the detector of the mass spectrometer.

The most accurate means for determining atomic weights is pro-
vided by the mass spectrometer (Figure 2.10). There are various 
designs of mass spectrometers, but they all operate on similar prin-
ciples. The first step is to get atoms or molecules into the gas phase. 
Sometimes the sample to be analyzed is already a gas, whereas in 
other cases heating, application of an electric field, or a pulse of 
laser light may be needed to create gas-phase atoms or molecules. 
Next, the gas-phase species must be converted to positively charged 
particles called ions. There are many approaches to creating ions, 
including bombardment with beams of high-energy electrons or 
chemical reactions with other gas-phase molecules. Once gas-phase 
ions have been produced, they are accelerated toward a negatively 
charged grid. After the ions pass through the grid, they encoun-
ter two slits that allow only a narrow beam of ions to pass. This 
beam then passes between the poles of a magnet, which deflects 
the ions into a curved path. For ions with the same charge, the 
extent of deflection depends on mass—the more massive the ion, 
the less the deflection. The ions are thereby separated according 
to their masses. By changing the strength of the magnetic field or 

A CLOSER LOOK The Mass Spectrometer

the accelerating voltage on the grid, ions of various masses can be  
selected to enter the detector.

A graph of the intensity of the detector signal versus ion atomic 
mass is called a mass spectrum (Figure 2.11). Analysis of a mass spec-
trum gives both the masses of the ions reaching the detector and 
their relative abundances, which are obtained from the signal 
 intensities. Knowing the atomic mass and the abundance of each 
 isotope allows us to calculate the atomic weight of an element, as
shown in Sample Exercise 2.4.

Mass spectrometers are used extensively today to identify chemi-
cal compounds and analyze mixtures of substances. Any molecule that 
loses electrons can fall apart, forming an array of positively charged frag-
ments. The mass spectrometer measures the masses of these fragments, 
producing a chemical “fingerprint” of the molecule and providing clues 
about how the atoms were connected in the original molecule. Thus, a 
chemist might use this technique to determine the molecular structure 
of a newly synthesized compound, to analyze proteins in the human ge-
nome, or to identify a pollutant in the environment.

Related Exercises: 2.19, 2.73, 2.74, 2.99, 2.109, 2.110 

Self-Assessment Exercise

 2.16 Bromine has two main isotopes of similar abundance: 79Br 
and 81Br. Estimate (without using a calculator) the  atomic 
weight of bromine.

(a) ~79 u

(b) ~80 u

(c) ~81 u

Exercises
 2.19 (a) Thomson’s cathode-ray tube (Figure 2.3) and the mass 

spectrometer (Figure 2.10) both involve the use of electric 
or magnetic fields to deflect charged particles. What are the 
charged particles involved in each of these experiments?  
(b) What are the labels on the axes of a mass spectrum? (c) 
To measure the mass spectrum of an atom, the atom must 
first lose one or more electrons. Which would you expect 
to be deflected more by the same setting of the electric and 
magnetic fields, a Cl+ or a Cl2+ ion?

 2.17 (a) What isotope is used as the standard in establishing the 
atomic mass scale? (b) The atomic weight of boron is re-
ported as 10.81, yet no atom of boron has the mass of 10.81 u.  
Explain.

 2.18 Iron has three major isotopes: 54Fe (atomic mass 5 
53.9396 u;  abundance 5.85%),  56Fe  (atomic mass 5 
55.9349 u;  a b u n d a n c e  91.75%),  a n d  57Fe   ( a t o m i c 
mass = 56.9354 u; abundance 2.12 %). Calculate the 
atomic weight of iron.
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Isotope Abundance (%) Atomic mass (u)
207Pb 22.1 206.9759

208Pb 52.4 207.9766

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

 2.20 Naturally occurring lead has the following isotopic 
abundances:

Isotope Abundance (%) Atomic mass (u)
204Pb 1.4 203.9730

206Pb 24.1 205.9744

Answers to Self-Assessment Exercises

2.16 (b)

2.5 ∣ The Periodic Table

The shininess of metals is an obvious similarity that they share, but many elements show 
pattens in their reactivity that are not so evident from their physical appearance. One 
triumph of classification was the ordering of the elements into the Periodic Table. It en-
ables us to understand trends in the properties of the elements, make predictions about 
their chemical reactivity and even suggest the characteristics of elements that are yet to 
be discovered. 

By the end of this section, you should be able to 

• Describe the general features of the periodic table

As the list of known elements expanded during the early 1800s, attempts were made 
to find patterns in chemical behavior. These efforts culminated in the development of 
the periodic table in 1869. We will have much to say about the periodic table in later  
chapters, but it is so important and useful that you should become acquainted with it 
now. You will quickly learn that the periodic table is the most significant tool that chemists 
use for organizing and remembering chemical facts.

Many elements show strong similarities to one another. The elements lithium 
(Li), sodium (Na), and potassium (K) are all soft, very reactive metals, for example. The 
elements helium (He), neon (Ne), and argon (Ar) are all nonreactive gases. If the ele-
ments are arranged in order of increasing atomic number, their chemical and physical  
properties show a repeating, or periodic, pattern. For example, each of the soft, reactive 
metals—lithium, sodium, and potassium—comes immediately after one of the nonreac-
tive gases—helium, neon, and argon, respectively—as shown in Figure 2.12.
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▲ Figure 2.12 Arranging elements by atomic number reveals a periodic pattern of properties.  
This pattern is the basis of the periodic table.

Go Figure If F is a reactive nonmetal, which other element or elements shown here 
are likely to be reactive nonmetals?

The arrangement of elements in order of increasing atomic number, with ele-
ments having similar properties placed in vertical columns, is known as the peri-
odic table (Figure 2.13). The table shows the atomic number and atomic symbol for 
each element, and the atomic weight is often given as well, as in this typical entry for 
potassium:
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▲ Figure 2.13 Periodic table of elements.
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You might notice slight variations in periodic tables from one book to another or  
between those in the lecture hall and in the text. These are simply matters of style, or 
they might concern the particular information included. There are no fundamental 
differences.

The horizontal rows of the periodic table are called periods. The first period con-
sists of only two elements, hydrogen (H) and helium (He). The second and third periods 
consist of eight elements each. The fourth and fifth periods contain 18 elements. The 
sixth and seventh periods have 32 elements each, but, in order to fit on a page, 14 of the 
elements from each period (atomic numbers 57–70 and 89–102) appear at the bottom of 
the table.

The vertical columns are groups. These are numbered from 1 to 18, as shown in  
Figure 2.13.

We will use the IUPAC’s proposed convention and number the groups from 1  
through 18.

Elements in a group often exhibit similarities in physical and chemical properties. 
For example, the “coinage metals”—copper (Cu), silver (Ag), and gold (Au)—belong to 
Group 11. These elements are less reactive than most metals, which is why they have 
been traditionally used throughout the world to make coins. Many other groups in the 
periodic table also have names, listed in Table 2.3.

We will learn in Chapters 6  and 7  that elements in a group have similar prop-
erties because they have the same arrangement of electrons at the periphery of their 
atoms. However, we need not wait until then to make good use of the periodic table; 
after all, the chemists who developed the table knew nothing about electrons! We 
can use the table, as they intended, to correlate behaviors of elements and to help us 
remember many facts.

The color code of Figure 2.13  shows that, except for hydrogen, all the elements 
on the left and in the middle of the table are metallic elements, or metals. All the 
metallic elements share characteristic properties, such as luster and high electrical and 
heat conductivity, and all of them except mercury (Hg) are solid at room temperature.*  
The metals are separated from the nonmetallic elements, or nonmetals, by a 
stepped line that runs from boron (B) to astatine (At). (Note that hydrogen, although 
on the left side of the table, is a nonmetal.) At room temperature and pressure, some of 
the nonmetals are gaseous, some are solid, and one is liquid. Nonmetals generally differ 
from metals in appearance (Figure 2.14) and in other physical properties. Many of the 
elements that lie along the line that separates metals from nonmetals have properties 
that fall between those of metals and nonmetals. These elements are often referred to as 
metalloids.

TABLE 2.3 Names of Some Groups in the Periodic Table

Group Name Elements

1 Alkali metals Li, Na, K, Rb, Cs, Fr

2 Alkaline earth metals Be, Mg, Ca, Sr, Ba, Ra

16 Chalcogens O, S, Se, Te, Po

17 Halogens F, Cl, Br, I, At

18 Noble gases He, Ne, Ar, Kr, Xe, Rn

*All metals become liquids if heated sufficiently. Hg simply has the lowest melting point of any 
metallic element. Although sodium (Na), potassium (K), rubidium (Rb), cesium (Cs), and gal-
lium (Ga) are solids at room temperature, they all melt at temperatures below 100 °C.
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DNA, responsible for carrying the genetic instructions of all organisms, is one of the most 
complex molecules, yet it is composed of just five elements: C, H, O, N, and P. Knowing 
how the elements join together is fundamental to our understanding of chemistry. By 
the end of this section, you should be able to

• Recognize the different types of formula used to describe molecules

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

Molecules and Chemical Formulas

Several elements are found in nature in molecular form—two or more of the same type 
of atom bound together. For example, most of the oxygen in air consists of molecules 
that contain two oxygen atoms. As we saw in Section 1.2, we represent this molecular 
oxygen by the chemical formula O2 (read “oh two”). The subscript tells us that two 
oxygen atoms are present in each molecule. A molecule made up of two atoms is called a 
diatomic molecule.

Oxygen also exists in another molecular form known as ozone. Molecules of ozone 
consist of three oxygen atoms, making the chemical formula O3. Even though “normal” 
oxygen 1O22 and ozone 1O32 are both composed only of oxygen atoms, they exhibit very 
different chemical and physical properties. For example, O2 is essential for life, but O3 is 
toxic; O2 is odorless, whereas O3 has a sharp, pungent smell.

The elements that normally occur as diatomic molecules are hydrogen, oxygen, 
nitrogen, and the halogens 1H2, O2, N2, F2, Cl2, Br2, and I22. Except for hydrogen, these 
diatomic elements are clustered on the right side of the periodic table.

Compounds composed of molecules contain more than one type of atom and are 
called molecular compounds. A molecule of the compound methane, for example, 
consists of one carbon atom and four hydrogen atoms and is therefore represented 
by the chemical formula CH4. Lack of a subscript on the C indicates one atom of C 
per methane molecule. Several common molecules of both elements and compounds 
are shown in Figure 2.15. Notice how the composition of each substance is given by its 
chemical formula. Notice also that these substances are composed only of nonmetallic 
elements. 

Most of the molecular substances we will encounter contain only nonmetals.

Water, H2O

Carbon
dioxide, CO2

Carbon
monoxide, CO

Methane, CH4

Hydrogen, H2 Oxygen, O2

Hydrogen
peroxide, H2O2

Ethene, C2H4

▲ Figure 2.15 Molecular models. Notice 
how the chemical formulas of these simple 
molecules correspond to their compositions.

2.6 ∣ Molecules and Molecular
Compounds
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Molecular and Empirical Formulas

Chemical formulas that indicate the actual numbers of atoms in a molecule are called 
molecular formulas. (The formulas in Figure 2.17  are molecular formulas.) Chemical 
formulas that give only the relative number of atoms of each type in a molecule are called 
empirical formulas. The subscripts in an empirical formula are always the smallest 
possible whole-number ratios. The molecular formula for hydrogen peroxide is H2O2, for 
example, whereas its empirical formula is HO. The molecular formula for ethene is C2H4, 
and its empirical formula is CH2. For many substances, the molecular formula and the 
empirical formula are identical, as in the case of water, H2O.

Whenever we know the molecular formula of a compound, we can determine its 
empirical formula. The converse is not true, however. If we know the empirical formula of 
a substance, we cannot determine its molecular formula unless we have more information. 
So why do chemists bother with empirical formulas? As we will see in Chapter 3, certain 
common methods of analyzing substances lead to the empirical formula only. For exam-
ple, if you decomposed hydrogen peroxide H2O2 into its elements and weighed them, you 
could determine that there were equal numbers of hydrogen and oxygen atoms, but you 
would not know if the molecular formula was HO, H2O2, H3O3, or the like. Once the empir-
ical formula is known, additional experiments can give the information needed to convert 
the empirical formula to the molecular one. In addition, there are many substances that 
do not exist as isolated molecules, one example being ionic compounds that are discussed 
later in this chapter. For these substances, we must rely on empirical formulas.

Picturing Molecules

The molecular formula of a substance does not show how its atoms are joined together. 
A structural formula is needed to convey that information, as in the following 
examples:

Hydrogen peroxideWater Methane

H H

O

H

O

H

O C HH

H

H

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

 Sample Exercise 2.6 
Relating Empirical and Molecular Formulas

Write the empirical formulas for (a) glucose, a substance also known as either blood sugar or  dextrose—molecular formula 
C6H12O6; (b) nitrous oxide, a substance used as an anesthetic and commonly called laughing gas—molecular formula N2O.

	▶ Practice Exercise
Tetracarbon dioxide is an unstable oxide of carbon with the 
 following molecular structure:

What are the molecular and empirical formulas of this  
substance? (a) C2O2, CO2 (b) C4O, CO (c) CO2, CO2  
(d) C4O2, C2O (e) C2O, CO2

SOLUTION
(a)  The subscripts of an empirical formula are the smallest 

whole-number ratios. The smallest ratios are obtained  
by dividing each subscript by the largest common factor,  
in this case 6. The  resultant empirical formula for glucose  
is CH2O.

(b)  Because the subscripts in N2O are already the lowest integral 
numbers, the empirical formula for nitrous oxide is the same 
as its molecular formula, N2O.
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A structural formula does not typically depict the actual geometry of the molecule, 
that is, the actual angles at which atoms are joined; for that, more sophisticated repre-
sentations are needed (Figure  2.16).

•  Perspective drawings use wedges and dashed lines to depict bonds that are not 
in the plane of the paper. This gives a crude sense of the three-dimensional shape 
of a molecule.

•  Ball-and-stick models show atoms as spheres and bonds as sticks. This type of 
model has the  advantage of accurately representing the angles at which the atoms 
are attached to one another in a molecule (Figure 2.16). Sometimes the chemical 
symbols of the elements are superimposed on the balls, but often the atoms are 
identified simply by color.

•  Space-filling models depict what a molecule would look like if the atoms were 
scaled up in size (Figure 2.16). These models show the relative sizes of the atoms, 
but the angles between atoms, which help define their molecular geometry, are 
often more difficult to see than in ball-and-stick models. Because space-filling 
models give a good representation of the true size of a molecule, they are useful 
for picturing how two molecules might fit together or pack in the solid state. As with 
ball-and-stick models, the identities of the atoms are typically indicated by color.

Wedge is a bond
out of page.

Solid line is a bond
in plane of page.

Dashed wedge
is a bond
behind page.

Perspective drawingStructural formulaMolecular formula  Space-filling modelBall-and-stick model

H

H
H

H
C

H

H

CH4 HH C

▲ Figure 2.16 Different representations of the methane (CH4) molecule. Structural formulas,  
perspective drawings, ball-and-stick models, and space-filling models.

Go Figure Which model, the ball-and-stick or the space-filling, more effectively shows 
the angles between bonds around a central atom?

Exercises
 2.26 What are the molecular and empirical formulas for each of 

the following compounds?

NN

H

H

H

H

N

H

HH

NN

H

H

 2.27 Write the empirical formula corresponding to each of 
the following molecular formulas: (a) Al2Br6, (b) C8H10,  
(c) C4H8O2, (d) P4O10, (e) C6H4Cl2, (f) B3N3H6.

 2.28 How many hydrogen atoms are in each of the following:  
(a) C2H5OH, (b) Ca1C2H5COO22, (c) 1NH423PO4?

 2.25 The structural formulas of the compounds n-butane and 
isobutane are shown here. (a) Determine the molecular for-
mula of each. (b) Determine the empirical formula of each. 
(c) Which formulas—empirical, molecular, or structural— 
allow you determine these are different compounds?

CH

H

H

HC

H

H

C

H

C

HH
n-butane

H

CH

H

H

H

H

C

CH

H

H

C

H
isobutane

H

Self-Assessment Exercise
 2.24 Lactic acid can build up in muscle tissue during strenuous 

exercise, sometimes leading to painful ‘cramps’.  The molec-
ular formula of lactic acid is C3H6O3. What is its empirical 
formula?

(a) CHO

(b) CH2O

(c) C3H6O3
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Salt has always been an essential part of our diet. In regions where it is scarce, it com-
mands a high price. During the Roman Empire, soldiers were paid, in part, with an allo-
cation of salt (sal being the Latin word for salt) and this is the origin of our word ‘salary’. 
By the end of this section, you should be able to

• Predict the charge on the ion formed by elements of Group 1, 2, 15, 16, and 17.
• Write the formula of an ionic compound given the charges of the ions

If electrons are removed from or added to an atom, a charged particle called an ion is 
formed. An ion with a positive charge is a cation (pronounced CAT-ion); a negatively 
charged ion is an anion (AN-ion).

To see how ions form, consider the sodium atom, which has 11 protons and 11 elec-
trons. If this atom loses one electron, the  resulting cation has 11 protons and 10 electrons, 
which means it has a net charge of 1+.

Answers to Self-Assessment Exercises

2.24 (b)

P

F
F F

(a) (b)

(c) (d)

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

2.7 ∣ Ions and Ionic Compounds
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Cl atom Cl2 ion

17e2

Gains an
electron

17p1 17p1 18e2

The net charge on an ion is represented by a superscript. The superscripts + , 2+, and 
3+, for instance, mean a net charge resulting from the loss of one, two, and three electrons, 
respectively. The superscripts -, 2-, and 3- represent net charges resulting from the gain 
of one, two, and three electrons, respectively. Chlorine, with 17 protons and 17 electrons, 
for example, can gain an electron in chemical reactions, producing the Cl- ion:

In general, metal atoms tend to lose electrons to form cations and nonmetal atoms  
tend to gain electrons to form anions. Thus, ionic compounds tend to be composed  

of both metal cations and nonmetal anions, as in NaCl.

 Sample Exercise 2.7
Writing Chemical Symbols for Ions

Give the chemical symbol, including superscript indicating mass number, for (a) the ion with 22 protons, 26 neutrons,  
and 19 electrons; and (b) the ion of sulfur that has 16 neutrons and 18 electrons.

	▶ Practice Exercise
In which of the following species is the difference between  
the number of protons and the number of electrons largest?  
(a) Ti2+ (b) P3- (c) Mn (d) Se22 (e) Ce4+

SOLUTION
(a)  The number of protons is the atomic number of the ele-

ment. A periodic table or list of  elements tells us that the 
element with atomic number 22 is titanium (Ti). The mass 
number (protons plus neutrons) of this isotope of titanium is 
22 + 26 = 48. Because the ion has three more protons than 
electrons, it has a net charge of 3+ and is designated 48 Ti3+.

(b)  The periodic table tells us that sulfur (S) has an atomic number 
of 16. Thus, each atom or ion of sulfur contains 16 protons. We 
are told that the ion also has 16 neutrons, meaning the mass 

number is 16 + 16 = 32. Because the ion has 16 protons and 
18 electrons, its net charge is 2- and the ion symbol is 32S2-.

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

In addition to simple ions such as Na+ and Cl-, there are polyatomic ions, such 
as NH +

4  (ammonium ion) and SO 2-
4  (sulfate ion), which consist of atoms joined as in 

a molecule, but carrying a net positive or negative charge. Polyatomic ions will be dis-
cussed in Section 2.8.

It is important to realize that the chemical properties of ions are very different from 
the chemical properties of the atoms from which the ions are derived. The addition or 
removal of one or more electrons produces a charged species with behavior very different 
from that of its associated atom or group of atoms. For example, sodium metal reacts vio-
lently with water, but an ionic compound containing sodium ions, such as NaCl, does not.

Predicting Ionic Charges

As noted in Table 2.3, the elements of Group 18 are called the noble-gas elements. The 
noble gases are chemically nonreactive elements that form very few compounds. Many 
atoms gain or lose electrons to end up with the same number of electrons as the noble 
gas closest to them in the periodic table. We might deduce that atoms tend to acquire the 

Na atom Na1 ion

11e2

10e2
11p1

11p1

Loses an
electron



electron arrangements of the noble gases because these electron arrangements are very 
stable. Nearby elements can obtain these same stable arrangements by losing or gaining 
electrons. For example, the loss of one electron from an atom of sodium leaves it with 
the same number of electrons as in a neon atom (10). Similarly, when chlorine gains an 
electron, it ends up with 18, the same number of electrons as in argon. This simple obser-
vation will be helpful for now to account for the formation of ions. A deeper explanation 
awaits us in Chapter 8, where we discuss chemical bonding.

The periodic table is very useful for remembering ionic charges, especially those of 
elements on the left and right sides of the table. As Figure 2.17 shows, the charges of these 
ions relate in a simple way to their positions in the table: The Group 1 elements (alkali 
metals) form 1+  ions, the Group 2 elements (alkaline earth metals) form 2+ ions, the 
Group 17 elements (halogens) form 1- ions, and the Group 16 elements form 2- ions. 
As noted in the Practice Exercise of Sample Exercise 2.8, many of the other groups do not 
lend themselves to such simple rules.

H1

Li1

Na1 Mg21

Cs1 Ba21

Rb1 Sr21

K1 Ca21

1

2 13 14 15 16

17
H2

18
N
O
B
L
E

G
A
S
E
S

Al31

N32 O22

S22

Se22

Te22

F2

Cl2

Br2

I2

Transition metals

▲ Figure 2.17 Predictable charges of some common ions. Notice that the red stepped line that 
divides metals from nonmetals also separates cations from anions. Hydrogen forms both 1+  and 
1-  ions.

Go Figure The most common ions for silver, zinc, and scandium are 
Ag+, Zn2+, and Sc3+. Locate the boxes in which you would 
place these ions in this table. Which of these ions has the 
same number of electrons as a noble-gas element?

Ionic Compounds

A great deal of chemical activity involves the transfer of electrons from one substance 
to another. Figure 2.18 shows that when elemental sodium is allowed to react with el-
emental chlorine, an electron transfers from a sodium atom to a chlorine atom, form-
ing a Na+ ion and a Cl- ion. Because objects of opposite charges attract, the Na+ and the  
Cl- ions bind together to form the compound sodium chloride (NaCl). Sodium chloride, 

 Sample Exercise 2.8 
Predicting Ionic Charge

Predict the charge expected for the most stable ion of barium and the most stable ion of oxygen.

	▶ Practice Exercise
Although it is helpful to know that many ions have the electron 
arrangement of a noble gas, many elements, especially among the 
metals, form ions that do not have a noble-gas electron arrange-
ment. Use the periodic table, Figure 2.13, to determine which of 
the following ions has a noble-gas electron arrangement, and 
which do not. For those that do, indicate the noble-gas arrange-
ment they match: (a) Ti4+, (b) Mn2+, (c) Pb2+, (d) Te2- , (e) Zn2+.

SOLUTION
We will assume that barium and oxygen form ions that have the 
same number of electrons as the nearest noble-gas atom. From 
the periodic table, we see that barium has atomic number 56. The 
 nearest noble gas is xenon, atomic number 54. Barium can attain a 
stable arrangement of 54 electrons by losing two electrons, forming 
the Ba2+ cation.

Oxygen has atomic number 8. The nearest noble gas is neon, 
atomic number 10. Oxygen can  attain this stable electron arrange-
ment by gaining two electrons, forming the O2- anion.
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The elements essential to life are highlighted in color in Figure 2.19. 
More than 97% of the mass of most organisms is made up of just six 
of these elements—oxygen, carbon, hydrogen, nitrogen, phosphorus, 
and sulfur. Water is the most common compound in living organisms, 
 accounting for at least 70% of the mass of most cells. In the solid com-
ponents of cells, carbon is the most prevalent element by mass. Car-
bon atoms are found in a vast variety of organic molecules, bonded 
either to other carbon atoms or to atoms of other elements. Nearly all 
proteins, for example, contain the carbon-based group

other elements are needed in only very small quantities and con-
sequently are called trace elements. For example, trace quantities 
of copper are required in the diet of humans to aid in the synthe-
sis of hemoglobin.

Related Exercise: 2.113

CHEMISTRY AND LIFE Elements Required by Living Organisms

CN

H

O

which occurs repeatedly in the molecules. 
In addition, 23 other elements have been found in 

various living organisms. Five are ions required by all 
organisms: Ca2+, Cl-, Mg2+ , K + , and Na + . Calcium ions, 
for example, are necessary for the formation of bone 
and transmission of nervous system signals. Many 
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▲ Figure 2.19 Elements essential to life.

the charge on one ion (without its sign) will become the subscript on the other ion. For 
example, the ionic compound formed from Mg (which forms Mg2+ ions) and N (which 
forms N3- ions) is Mg3N2:

Mg Mg3N2
2 1 N 3 2

There is one caveat to using this approach. Remember that the empirical formula should 
be the smallest possible whole-number ratio of the two elements. So the empirical formula 
for the ionic compound formed between Ti4+ and O2- is TiO2 rather than Ti2O4.

 Sample Exercise 2.10 
Using Ionic Charge to Write Empirical Formulas for Ionic Compounds

Write the empirical formula of the compound formed by (a) Al3+ and Cl- ions, (b) Al3+ and O2 -  ions, (c) Mg2+ and NO3
- ions.

polyatomic ion, NO3
-, must be enclosed in parentheses so that 

it is clear that the subscript 2 applies to all the atoms  
of that ion.

	▶ Practice Exercise
Which of the following nonmetals will form an ionic com-
pound with Sc3+ that has a 1:1 ratio of cations to anions?  
(a) Ne (b) F (c) O (d) N

SOLUTION
(a)  Three Cl- ions are required to balance the charge of  

one Al3+ ion, making the empirical  formula AlCl3.

(b)  Two Al3+ ions are required to balance the charge of  
three O2- ions. A 2:3 ratio is needed to balance the total  
positive charge of 6+  and the total negative charge of 6-.  
The  empirical formula is Al2O3.

(c)  Two NO3
- ions are needed to balance the charge of one  

Mg2+, yielding Mg1NO322. Note that the formula for the  
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Self-Assessment Exercises
 2.30 Which group in the periodic table contains elements that 

form  a 2- anion?

(a) Group 2

(b) Group 12

(c) Group 16

 2.31 Which is the formula of the ionic compound formed from 
sodium cations and sulfur anion?

(a) Na2S

(b) NaS

(c) NaS2

Exercises
 2.35 Using the periodic table to guide you, predict the chemical 

formula of the compound formed by the following elements: 
(a) Ga and F, (b) Li and H, (c) Al and I, (d) K and S.

 2.36 Predict the chemical formulas of the ionic compound 
formed by (a) Fe3+ and OH-, (b) Cs+ and NO3

-, (c) V2+ and 
CH3COO-, (d) Li+ and PO4

3-, (e) In3+ and O2-.

 2.37 Complete the table by filling in the formula for the ionic 
compound formed by each pair of cations and anions, as 
shown for the first pair.

Ion K+ NH4
+ Mg2+ Fe3+

Cl- KCl

OH-

CO3
2-

PO4
3-

 2.32 Predict whether each of the following compounds is molecu-
lar or ionic: (a) HClO4 (b) CH3OCH3 (c) Mg1NO322 (d) H2S  
(e) TiCl4 (f) K2O2 (g) PCl5 (h) P1OH23.

 2.33 Fill in the gaps in the following table:

Symbol 58Fe2+

Protons 50 40

Neutrons 68 78 50

Electrons 54 38

Net charge 4+ 2-

 2.34 Each of the following elements is capable of forming an ion 
in chemical reactions. By referring to the periodic table, 
predict the charge of the most stable ion of each: (a) Be,  
(b) Rb, (c) As, (d) In, (e) At.

Answers to Self-Assessment Exercises

2.30 (c)2.31 (a)

2.8 ∣ Naming Inorganic Compounds
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The names and chemical formulas of compounds are essential vocabulary in chemistry. 
The system used in naming substances is called chemical nomenclature, from the 
Latin words nomen (name) and calare (to call). By the end of this section, you should be 
able to 

• Convert between the name and formula of an inorganic compound

There are more than 50 million known chemical substances. Naming them all 
would be a hopelessly complicated task if each had a name independent of all oth-
ers. Many important substances that have been known for a long time, such as water 1H2O2 and ammonia 1NH32, do have traditional names (called common names). For 
most substances, however, we rely on a set of rules that leads to an informative and 
unique name that conveys the composition of the substance.

The rules for chemical nomenclature are based on the division of substances into 
categories. The major division is between organic and inorganic compounds. Organic 
compounds contain carbon and hydrogen, often in combination with oxygen, nitrogen, 
or other elements. All others are inorganic compounds. Early chemists associated organic 
compounds with plants and animals and inorganic compounds with the nonliving por-
tion of our world, for example minerals and water. Although this distinction is no longer 
pertinent, the classification between organic and inorganic compounds continues to be 
useful. In this section, we consider the basic rules for naming three categories of inor-
ganic compounds: ionic compounds, acids, and molecular compounds.

Names and Formulas of Ionic Compounds

Recall from Section 2.7 that ionic compounds usually consist of metal ions combined 
with nonmetal ions. The metals form the cations, and the nonmetals form the anions.

1. Cations

a. Cations formed from metal atoms have the same name as the metal:

Na+ sodium ion Zn2+ zinc ion Al3+ aluminum ion

b.  If a metal can form cations with different charges, the positive charge is indicated by a 
Roman numeral in parentheses following the name of the metal:

Fe2+ iron(II) ion Cu+ copper(I) ion

Fe3+ iron(III) ion Cu2+ copper(II) ion

Ions of the same element that have different charges have different chemical and 
physical properties, such as color (Figure 2.20).

Most metals that form cations with different charges are transition metals, 
elements that occur in the middle of the periodic table, from Group 3 to Group 
12. The metals that form only one cation (only one possible charge) are those of
Group 1 and Group 2, as well as Al3+ (Group 13) and two transition-metal ions: 
Ag+ (Group 12) and Zn2+ (Group 11). Charges are not expressed when naming 
these ions. However, if there is any doubt in your mind whether a metal forms 
more than one cation, use a Roman numeral to indicate the charge. It is never 
wrong to do so, even though it may be unnecessary.

An older method still widely used for distinguishing between differently 
charged ions of a metal uses the endings -ous and -ic added to the root of the ele-
ment’s Latin name:

Fe2+ ferrous ion Cu+ cuprous ion

Fe3+ ferric ion Cu2+ cupric ion

Although we will only rarely use these older names in this text, you might 
 encounter them elsewhere.

▲ Figure 2.20 Different ions of the same 
element have different properties. Both 
substances shown are compounds of iron.  
The grey substance on the left is Fe3O4,  
which contains Fe2 +  and Fe3 +  ions. The 
red substance on the right is Fe2O3, which 
contains Fe3 +  ions.
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c.  Cations formed from molecules composed of nonmetal atoms have names that end in 
-ium:

NH4
+ ammonium ion H3O+ hydronium ion

These two ions are the only ions of this kind that we will encounter frequently in 
the text.

The names and formulas of some common cations are shown in Table 2.4  
and on the back inside cover of the text. The ions on the left side in Table 2.4  are 
the monatomic ions that do not have more than one possible charge. Those on 
the right side are either polyatomic cations or cations with more than one possi-
ble charge. The Hg2

2+ ion is unusual because, even though it is a metal ion, it is 
not monatomic. It is called the mercury(I) ion because it can be thought of as two 
Hg+ ions bound together. The cations that you will encounter most frequently in 
this text are shown in boldface. You should learn these cations first.

TABLE 2.4 Common Cationsa

Charge Formula Name Formula Name

1+  H hydrogen ion NH4
+ ammonium ion

Li+ lithium ion Cu+ copper(I) or cuprous ion

Na sodium ion

K potassium ion

Cs+ cesium ion

Ag silver ion

2+ Mg2 magnesium ion Co2+ cobalt(II) or cobaltous ion

Ca2 calcium ion Cu2 copper(II) or cupric ion

Sr2+ strontium ion Fe2 iron(II) or ferrous ion

Ba2+ barium ion Mn2+ manganese(II) or manganous ion

Zn2 zinc ion Hg2
2+ mercury(I) or mercurous ion

Cd2+ cadmium ion Hg2+ mercury(II) or mercuric ion

Ni2+ nickel(II) or nickelous ion

Pb2 lead(II) or plumbous ion

Sn2+ tin(II) or stannous ion

3+ Al3 aluminum ion Cr3+ chromium(III) or chromic ion

Fe3 iron(III) or ferric ion
aThe ions we use most often in this course are in boldface. Learn them first.

2. Anions

a.  The names of monatomic anions are formed by replacing the ending of the name of the 
element with -ide:

H- hydride ion O2- oxide ion N3- nitride ion

A few polyatomic anions also have names ending in -ide:

OH- hydroxide ion CN- cyanide ion O2
2- peroxide ion

b.  Polyatomic anions containing oxygen have names ending in either -ate or -ite and 
are called oxyanions. The -ate is used for the most common or representative 
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c.  Anions derived by adding H+ to an oxyanion are named by adding as a prefix the word 
hydrogen or dihydrogen, as appropriate:

CO3
2- carbonate ion PO4

3- phosphate ion

HCO3
- hydrogen carbonate ion H2PO4

- dihydrogen phosphate ion

Notice that each H+ added reduces the negative charge of the parent anion by 
one. An older method for naming some of these ions uses the prefix bi-. Thus, 
the HCO3

- ion is commonly called the bicarbonate ion, and HSO4
- is sometimes 

called the bisulfate ion.
The names and formulas of the common anions are listed in Table 2.5 

and on the back inside cover of the text. Those anions whose names end in 
-ide are listed on the left portion of Table 2.5, and those whose names end 
in -ate are listed on the right. The most common of these ions are shown 
in boldface. You should learn the names and formulas of these anions first.  
The formulas of the ions whose names end with -ite can be derived from 
those ending in -ate by removing an O atom. Notice the location of the  
monatomic ions in the periodic table. Those of Group 17 always have a 
1- charge 1F-, Cl-, Br -, and I-2,  and those of Group 16 have a 2- charge 1O2- and S2-2.

 Sample Exercise 2.11 
Determining the Formula of an Oxyanion from Its Name

Based on the formula for the sulfate ion, predict the formula for (a) the selenate ion and (b) the selenite ion. (Sulfur and 
selenium are both in Group 16 and form analogous oxyanions.)

	▶ Practice Exercise
Which of the following oxyanions is incorrectly named?  
(a) ClO -

2 , chlorate (b) IO -
4 , periodate (c) SO 2 -

3 , sulfite  
(d) IO3

- , iodate (e) NO -
2 , nitrite

SOLUTION
(a)  The sulfate ion is SO4

2-. The analogous selenate ion is  
therefore SeO4

2-.

(b)  The ending -ite indicates an oxyanion with the same 
charge but one O atom fewer than the corresponding 
oxyanion that ends in -ate. Thus, the formula for the  
selenite ion is SeO3

2-.

TABLE 2.5 Common Anionsa

Charge Formula Name Formula Name

1- H- hydride ion CH3COO  1or C2H3O2
-2 acetate ion

F fluoride ion ClO3
- chlorate ion

Cl chloride ion ClO4
 perchlorate ion

Br bromide ion NO3
 nitrate ion

I iodide ion MnO4
- permanganate ion

CN- cyanide ion

OH hydroxide ion

2- O2 oxide ion CO3
2 carbonate ion

O2
2- peroxide ion CrO4

2- chromate ion

S2 sulfide ion Cr2O7
2- dichromate ion

SO4
2 sulfate ion

3- N3- nitride ion PO4
3- phosphate ion

aThe ions we use most often are in boldface. Learn them first.
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3. Ionic Compounds
Names of ionic compounds consist of the cation name followed by the anion name:

CaCl2 calcium chloride
Al1NO323 aluminum nitrate

Cu1ClO422 copper(II) perchlorate (or cupric perchlorate)

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

 Sample Exercise 2.12
Determining the Names of Ionic Compounds from Their Formulas

Name the ionic compounds (a) K2SO4, (b) Ba1OH22, (c) FeCl3.

	▶ Practice Exercise
Which of the following ionic compounds is incorrectly 
named? (a) Zn1NO322, zinc nitrate (b) TeCl4, tellurium(IV) 
chloride (c) Fe2O3, diiron oxide (d) BaO, barium oxide  
(e) Mn3(PO4)2, manganese(II) phosphate

SOLUTION
In naming ionic compounds, it is important to recognize polyatomic 
ions and to determine the charge of cations with variable charge.

(a)  The cation is K+, the potassium ion, and the anion is SO4
2-, 

the sulfate ion, making the name potassium sulfate. (If you 
thought the compound contained S2- and O2- ions, you  
failed to  recognize the polyatomic sulfate ion.)

(b)  The cation is Ba2+, the barium ion, and the anion is OH-, the 
 hydroxide ion: barium hydroxide.

(c)  You must determine the charge of Fe in this compound 
 because an iron atom can form more than one cation.  

Because the compound contains three chloride ions, Cl-, the 
cation must be Fe3+, the iron(III), or ferric, ion. Thus, the com-
pound is iron(III) chloride or ferric chloride.

Names and Formulas of Acids

Acids are an important class of hydrogen-containing compounds, and they are named 
in a special way. For our present purposes, an acid is a substance whose molecules yield  
hydrogen ions 1H+2 when dissolved in water. When we encounter the chemical formula for  
an acid at this stage of the course, it will be written with H as the first element, as in HCl 
and H2SO4.

An acid is composed of an anion connected to enough H+ ions to neutralize, or 
 balance, the anion’s charge. Thus, the SO4

2- ion requires two H+ ions, forming H2SO4. 
The name of an acid is related to the name of its anion, as summarized in Figure 2.23.

How to Name Acids
 1. Acids containing anions whose names end in -ide are named by changing the -ide ending 

to -ic, adding the prefix hydro- to this anion name, and then following with the word acid:

Anion Corresponding Acid

Cl- (chloride) HCl (hydrochloric acid)

S2- (sulfide) H2S (hydrosulfuric acid)

 2. Acids containing anions whose names end in -ate or -ite are named by changing -ate to 
-ic and -ite to -ous and then adding the word acid. Prefixes in the anion name are re-
tained in the name of the acid:

Anion Corresponding Acid

ClO4
- (perchlorate) HClO4 (perchloric acid)

ClO3
- (chlorate) HClO3 (chloric acid)

ClO2
- (chlorite) HClO2 (chlorous acid)

ClO- (hypochlorite) HClO (hypochlorous acid)





The following examples illustrate these rules:

Cl2O dichlorine monoxide NF3 nitrogen trifluoride

N2O4 dinitrogen tetroxide P4S10 tetraphosphorus decasulfide

Rule 4 is necessary because we cannot predict formulas for most molecular sub-
stances the way we can for ionic compounds. Molecular compounds that contain hydro-
gen and one other element are an important exception, however. These compounds can 
be treated as if they were neutral substances containing H+ ions and anions. Thus, you 
can predict that the substance named hydrogen chloride has the formula HCl, contain-
ing one H+ to balance the charge of one Cl-. (The name hydrogen chloride is used only for 
the pure compound; water solutions of HCl are called hydrochloric acid. The distinction, 
which is important, will be explained in Section 4.1.) Similarly, the formula for hydrogen 
sulfide is H2S because two H+ ions are needed to balance the charge on S2-.

 Sample Exercise 2.14 
Relating the Names and Formulas of Binary Molecular Compounds

Name the compounds (a) SO2, (b) PCl5, (c) Cl2O3.

	▶ Practice Exercise
Give the name for each of the following binary compounds of 
carbon: (a) CS2, (b) CO, (c) C3O2, (d) CBr4, (e) CF.

SOLUTION
The compounds consist entirely of nonmetals, so they are molec-
ular rather than ionic. Using the prefixes in Table 2.6 , we have  
(a) sulfur dioxide, (b) phosphorus pentachloride, (c) dichlorine 
trioxide.

Self-Assessment Exercise

 2.38 What is the name of NaClO2?

(a) Sodium chlorine oxide

(b) Sodium chlorite

(c) Sodium chlorate

Exercises
 2.44 Give the name or chemical formula, as appropriate, for each 

of the following binary molecular substances: (a) SF6, (b) 
IF5, (c) XeO3, (d) dinitrogen tetroxide, (e) hydrogen cyanide,  
(f) tetraphosphorus hexasulfide.

 2.45 Write the chemical formula for each substance men-
tioned in the following word descriptions (use the front 
inside cover to find the symbols for the elements you do 
not know). (a) Zinc carbonate can be heated to form zinc 
oxide and carbon dioxide. (b) On treatment with hydro-
fluoric acid, silicon dioxide forms silicon tetrafluoride and 
water. (c) Sulfur dioxide reacts with water to form sulfurous 
acid. (d) The substance phosphorus trihydride, commonly 
called phosphine, is a toxic gas. (e) Perchloric acid reacts 
with cadmium to form cadmium(II) perchlorate. (f) Vana-
dium(III) bromide is a colored solid.

 2.39 Give the chemical formula for (a) chromate ion (b) bromide 
ion (c) nitrite ion (d) sulphite ion (e) permanganate ion.

 2.40 Give the names and charges of the cation and anion in 
each of the following compounds: (a) CaO, (b) Na2SO4,  
(c) KClO4, (d) Fe1NO322, (e) Cr1OH23.

 2.41 Name the following ionic compounds: (a) Li2O, (b) FeCl3,  
( c )  N a C l O,  ( d )  CaSO3,  ( e )  Cu1OH22,  ( f )  Fe1NO322,  
( g )  Ca1CH3COO22,  ( h )  Cr21CO323,  ( i )  K2CrO4,  ( j ) 1NH422SO4.

 2.42 Write the chemical formulas for the following compounds: 
(a) aluminum hydroxide, (b) potassium sulfate, (c) copper(I)  
oxide, (d) zinc nitrate, (e) mercury(II) bromide, (f) iron(III)  
carbonate, (g) sodium hypobromite.

 2.43 Give the name or chemical formula, as appropriate, for 
each of the following acids: (a) HBrO3, (b) HBr, (c) H3PO4, (d) 
hypochlorous acid, (e) iodic acid, (f) sulfurous acid.

Answers to Self-Assessment Exercises

2.37 (b)
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Organic compounds were believed to require living cells for their synthesis, either 
plant or animal in origin. Now there are many ways in which we may synthesize  
organic compound from inorganic materials. They represent over 99% of all known 
compounds and each one has carbon as a central element. By the end of this section, 
you should be able to

• Recognize and name simple alkanes and alcohols

The study of compounds of carbon is called organic chemistry, and as noted earlier, 
compounds that contain carbon and hydrogen, often in combination with oxygen, ni-
trogen, or other elements, are called organic compounds. Organic compounds are a very 
important part of chemistry, far outnumbering all other types of chemical substances. 
We will examine organic compounds in a systematic way later on, but you will encoun-
ter many examples of them throughout the text. Here we present a brief introduction to 
some of the simplest organic compounds and the ways in which they are named.

Alkanes

Compounds that contain only carbon and hydrogen are called hydrocarbons. In the 
simplest class of hydrocarbons, alkanes, each carbon is bonded to four other atoms. 
The three smallest alkanes are methane 1CH42, ethane 1C2H62, and propane 1C3H82. The 
structural formulas of these three alkanes are as follows:

C H

H

H

Methane

C HH

H

H

Ethane

C CH

H

H

H

H

H

Propane

C CH

H

H

H

H

Although hydrocarbons are binary molecular compounds, they are not named like 
the binary inorganic compounds discussed in Section 2.8. Instead, each alkane has a 
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name that ends in -ane. The alkane with four carbons is called butane. For alkanes with 
five or more carbons, the names are derived from prefixes like those in Table 2.6. An 
alkane with eight carbon atoms, for example, is octane 1C8H182, where the octa- prefix for 
eight is combined with the -ane ending for an alkane.

Some Derivatives of Alkanes

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

1-Propanol

2-Propanol

OH group on

end carbon

OH group on

middle carbon

▲ Figure 2.24 The two forms (isomers)  
of propanol.

C OH
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C CH

H

H

H

H

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

The prefix “1” in the name 1-propanol indicates that the replacement of H with OH 
has occurred at one of the “outer” carbon atoms rather than the “middle” carbon atom. 
A different compound, called 2-propanol is obtained when the OH functional group is 
attached to the middle carbon atom (Figure 2.24).

Compounds with the same molecular formula but different arrangements of  atoms 
are called isomers. For example, 1-propanol and 2-propanol are structural isomers, com-
pounds that have the same molecular formula but different structural formulas. There 
are many different kinds of isomers, as we will discover later in this book.

As already noted, many different functional groups can replace one or more of the 
hydrogens on an alkane—for example, one or more of the halogens, or a special grouping 
of carbon and oxygen atoms, such as the carboxylic acid group, —COOH. Here are a few 
examples of functional groups you will be encountering in the chapters that lie ahead 
(the functional group is highlighted in blue):

CH

H

H

HC

H

H

C

Br

H

C

H
2-Bromobutane Butyric acid

H

CH

H

H

C O C

H

H

H

H

H

C

H

H

C

H
Methyl butyl ether

H

CH

H

H

COOHC

H

H

C

H

H

Much of the richness of organic chemistry is possible because organic compounds 
can form long chains of carbon–carbon bonds. The series of alkanes that begins with 
methane, ethane, and propane and the series of alcohols that begins with methanol, 
ethanol, and propanol can both be extended for as long as we desire, in principle. The 
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properties of alkanes and alcohols change as the chains get longer. Octanes, which are 
alkanes with eight carbon atoms, are liquids under normal conditions. If the alkane 
series is extended to tens of thousands of carbon atoms, we obtain polyethylene, a solid 
substance that is used to make thousands of plastic products, such as plastic bags, food 
containers, and laboratory equipment.

At about this time in your study of chemistry, you are likely to face 
your first examination. The best way to prepare is to study, do home-
work diligently, and get help from the instructor on any material 
that is unclear or confusing. (See the advice for learning and study-
ing chemistry presented in the preface of the book.) We present here 
some general guidelines for taking tests.

Depending on the nature of your course, the exam could consist 
of a variety of different types of questions.

1.  Multiple-choice questions In large-enrollment courses, the 
most common kind of test question is the multiple-choice ques-
tion. Many of the practice exercise problems in this book are written 
in this format to give you practice at this style of question. When 
faced with this type of problem, the first thing to realize is that the 
instructor has written the question so that at first glance all the an-
swers appear to be correct. Thus, you should not jump to the conclu-
sion that because one of the choices looks correct, it must be correct.

If a multiple-choice question involves a calculation, do the 
calculation, check your work, and only then compare your an-
swer with the choices. Keep in mind, though, that your instruc-
tor has anticipated the most common errors you might make in
solving a given problem and has probably listed the incorrect 
answers resulting from those errors. Always double-check your 
reasoning and use dimensional analysis to arrive at the correct 
numeric  answer and the correct units.

In multiple-choice questions that do not involve calcula-
tions, if you are not sure of the correct choice, eliminate all the 
choices you know for sure to be incorrect. The reasoning you use 
in eliminating incorrect choices may offer insight into which of 
the  remaining choices is correct.

2.  Calculations in which you must show your work In 
questions of this kind, you may receive partial credit even if you do
not arrive at the correct answer, depending on whether the instruc-
tor can follow your line of reasoning. It is important, therefore, to 
be neat and organized in your calculations. Pay particular atten-
tion to what information is given and to what your unknown is. 
Think about how you can get from the given information to your 
unknown.

You may want to write a few words or a diagram on the test 
paper to indicate your approach. Then write out your calcula-
tions as neatly as you can. Show the units for every number you 
write down, and use dimensional analysis as much as you can, 
showing how units cancel.

3.  Questions requiring drawings Questions of this kind will 
come later in the course, but it is useful to talk about them here. 
(You should review this box before each exam to remind your-
self of good exam-taking practices.) Be sure to label your draw-
ing as completely as possible.

STRATEGIES FOR SUCCESS How to Take a Test

 Sample Exercise 2.15
Writing Structural and Molecular Formulas for Hydrocarbons

Assuming the carbon atoms in pentane are in a linear chain, write (a) the structural formula and (b) the molecular formula for this alkane.

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

(b)  Once the structural formula is written, we determine the mo-
lecular formula by counting the atoms present. Thus, n-pen-
tane has the molecular formula C5H12.

	▶ Practice Exercise
(a) What is the molecular formula of hexane, the alkane with 
six carbons? (b) What are the name and molecular formula of 
an  alcohol derived from hexane?

SOLUTION
(a)  Alkanes contain only carbon and hydrogen, and each carbon 

is attached to four other atoms. The name pentane contains 
the prefix penta- for five (Table 2.6), and we are told that the 
carbons are in a linear chain. If we then add enough hydrogen 
atoms to make four bonds to each carbon, we obtain the struc-
tural formula

CH

H

H

HC

H

H

C

H

H

C

H

H

C

H

H



Self-Assessment Exercise

 2.46 Do isomers have the same molecular formula?

(a) Yes

(b) No

Exercises
1-pentanol, the alcohol derived from pentane by making a 
substitution on one of the carbon atoms.

 2.49 Chloropropane is derived from propane by substituting Cl 
for H on one of the carbon atoms. (a) Draw the structural 
formulas for the two isomers of chloropropane. (b) Suggest 
names for these two compounds.

 2.47 (a) What is a hydrocarbon? (b) Pentane is the alkane with 
a chain of five carbon atoms. Write a structural formula for 
this compound and determine its molecular and empirical 
formulas.

 2.48  (a) What is a functional group? (b) What functional group 
characterizes an alcohol? (c) Write a structural formula for 

Answers to Self-Assessment Exercises

2.45 (a)
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Chapter Summary and Key Terms

THE ATOMIC THEORY OF MATTER; THE DISCOVERY OF ATOMIC 
STRUCTURE (SECTION 2.1 AND 2.2) Atoms are the basic building 
blocks of matter. They are the smallest units of an element that can 
combine with other elements. Atoms are composed of even smaller 
particles, called subatomic particles. Some of these subatomic parti-
cles are charged and follow the usual behavior of charged particles: 
Particles with the same charge repel one another, whereas particles 
with opposite charges are attracted to one another. 

We considered some of the important experiments that led to 
the discovery and characterization of subatomic particles. Thom-
son’s experiments on the behavior of cathode rays in magnetic and 
electric fields led to the discovery of the electron and allowed its 
charge-to-mass ratio to be measured. Millikan’s oil-drop experi-
ment determined the charge of the electron. Becquerel’s discovery 
of radioactivity, the spontaneous emission of radiation by atoms,
gave further evidence that the atom has a substructure. Ruther-
ford’s studies of how a particles scatter when passing through thin 
metal foils led to the nuclear model of the atom, showing that the 
atom has a dense, positively charged nucleus.

THE MODERN VIEW OF ATOMIC STRUCTURE (SECTION 2.3) At-
oms have a nucleus that contains protons and neutrons; electrons  
move in the space around the nucleus. The magnitude of the charge 
of the electron, 1.602 * 10-19 C, is called the electronic charge. The 
charges of particles are usually represented as multiples of this 
charge—an electron has a 1- charge, and a proton has a 1+ charge. 
The masses of atoms are usually expressed in terms of atomic mass 
units  11 u = 1.66054 * 10-24 g2. 

Elements can be classified by atomic number, the number of pro-
tons in the nucleus of an atom. All atoms of a given element have the 
same atomic number. The mass number of an atom is the sum of the 
numbers of protons and neutrons. Atoms of the same element that 
differ in mass number are known as isotopes.

ATOMIC WEIGHTS (SECTION 2.4) The atomic mass scale is defined 
by assigning a mass of exactly 12 u to a 12C atom. The atomic weight  
(average atomic mass) of an element can be calculated from the rel-
ative abundances and masses of that element’s isotopes. The mass 
spectrometer  provides the most direct and accurate means of exper-
imentally measuring atomic (and molecular) weights.

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

MOLECULES AND MOLECULAR COMPOUNDS (SECTION 2.6)  
Atoms can combine to form molecules. Compounds composed of 
molecules (molecular compounds) usually contain only nonmetallic 
elements. A molecule that contains two atoms is called a diatomic 
molecule. The composition of a substance is given by its chemical  
formula. A molecular substance can be represented by its empirical  
formula, which gives the relative numbers of atoms of each kind, but 
is usually represented by its molecular formula, which gives the ac-
tual numbers of each type of atom in a molecule. Structural formulas   
show the order in which the atoms in a molecule are connected.  
Ball-and-stick models and space-filling models convey additional  
information about the shapes of molecules.

IONS AND IONIC COMPOUNDS (SECTION  2.7) Atoms can either 
gain or lose electrons, forming charged particles called ions. Metals tend 
to lose electrons, becoming positively charged ions (cations). Nonmetals 
tend to gain electrons, forming negatively charged ions (anions). Because
ionic compounds are electrically neutral, containing both cations and an-
ions, they usually contain both metallic and nonmetallic elements. At-
oms that are joined together, as in a molecule, but carry a net charge are 
called polyatomic ions. The chemical formulas used for ionic compounds 
are empirical formulas, which can be written readily if the charges of the 
ions are known. The total positive charge of the cations in an ionic com-
pound must equal the total negative charge of the anions.

NAMING INORGANIC COMPOUNDS (SECTION  2.8) The set of rules 
for naming chemical compounds is called chemical nomenclature. We 
studied the systematic rules used for naming three classes of inorganic 
substances: ionic compounds, acids, and binary molecular compounds. 
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Learning Outcomes After studying this chapter, you should be able to:

• List the basic postulates of Dalton’s atomic theory. (Section 2.1) 
Related Exercises: 2.2, 2.3, 2.60, 2.61

• Describe the key experiments that led to the discovery of elec-
trons and to the nuclear model of the atom. (Section 2.2)  
Related Exercises: 2.5, 2.6, 2.62, 2.63 

• Describe the structure of the atom in terms of protons, 
neutrons, and electrons and express the relative electrical 
charges and masses of these subatomic particles. (Section 2.3)  
Related Exercises: 2.10, 2.65 

• Use chemical symbols together with atomic number and mass 
number to express the subatomic composition of isotopes.  
(Section  2.3) Related Exercises: 2.11, 2.12, 2.14, 2.33

• Calculate the atomic weight of an element from the masses 
of individual atoms and a knowledge of natural abundances.  
(Section  2.4) Related Exercises: 2.18, 2.20, 2.71, 2.72 

• Describe how elements are organized in the periodic table by atomic 
number and by similarities in chemical behavior, giving rise to  
periods and groups. (Section  2.5) Related Exercises: 2.23, 2.76 

• Identify the locations of metals and nonmetals in the periodic 
table. (Section  2.5) Related Exercises: 2.22, 2.75 

• Distinguish between molecular substances and ionic sub-
stances in terms of their composition. (Section 2.6 and 2.7)  
Related Exercises: 2.32, 2.36, 2.37, 2.87 

• Distinguish between empirical formulas and molecular formulas. 
(Section  2.6) Related Exercises: 2.25, 2.26, 2.27, 2.77 

• Describe how molecular formulas and structural formulas are 
used to represent the compositions of molecules. (Section 2.6) 
Related Exercises: 2.29, 2.81 

• Explain how ions are formed by the gain or loss of electrons 
and use the periodic table to predict the charges of common 
ions. (Section 2.7) Related Exercises: 2.34, 2.82, 2.83 

• Write the empirical formulas of ionic compounds, given the 
charges of their component ions. (Section 2.7) 
Related Exercises: 2.35, 2.36, 2.37, 2.85 

• Write the name of an ionic compound given its chemical for-
mula or write the chemical formula given its name. (Section 2.8)  
Related Exercises: 2.41, 2.42, 2.90, 2.91

• Name or write chemical formulas for binary inorganic com-
pounds and for acids. (Section 2.8) Related Exercises: 2.43, 2.44, 
2.92, 2.93 

• Identify organic compounds and name simple alkanes and alco-
hols. (Section 2.9) Related Exercises: 2.47, 2.48, 2.49, 2.96 

In naming an ionic compound, the cation is named first and then the 
anion. Cations formed from metal  atoms have the same name as the 
metal. If the metal can form cations of differing charges, the charge is 
given using Roman numerals. Monatomic anions have names ending 
in -ide. Polyatomic anions containing oxygen and another element  
(oxyanions) have names ending in -ate or -ite. In naming binary molecu-
lar compounds, Greek prefixes are used to denote the number of each  
element in the molecular formula, and the element farthest to the left in 
the periodic table (closest to metallic elements) is generally written first.

SOME SIMPLE ORGANIC COMPOUNDS (SECTION  2.9) Organic 
chemistry is the study of compounds that contain carbon. The 

simplest class of organic molecules is the hydrocarbons, which con-
tain only carbon and hydrogen. Hydrocarbons in which each car-
bon atom is attached to four other atoms are called alkanes. Alkanes 
have names that end in -ane, such as methane and ethane. Other 
organic compounds are formed when an H atom of a hydrocar-
bon is replaced with a functional group. An alcohol, for example, is 
a compound in which an H atom of a hydrocarbon is replaced by 
an OH functional group. Alcohols have names that end in -ol, such 
 as methanol and ethanol. Compounds with the same molecular 
formula but different bonding arrangements of their constituent  
atoms are called isomers.

Key Equations
• Atomic weight =a31isotope mass2 * 1fractional isotope  abundance24 [2.1]

          over 
             all isotopes 

Calculating atomic weight as a fractionally weighted 
average of isotopic masses.

Exercises

Visualizing Concepts

These exercises are intended to probe your understanding of key con-
cepts rather than your ability to utilize formulas and perform calcula-
tions. Exercises with red numbers have answers in the back of the book.

 2.50 A charged particle moves between two electrically charged 
plates, as shown here.

(2)

(1)

(c) As the mass of the particle is increased while the speed of 
the particles remains the same, would you expect the bend-
ing to increase, decrease, or stay the same? [Section 2.2]

 2.51 The following diagram is a representation of 20 atoms of 
a fictitious element, which we will call nevadium (Nv). 
The red spheres are 293Nv, and the blue spheres are 295Nv.  
(a) Assuming that this sample is a statistically representa-
tive sample of the element, calculate the percent abundance 
of each element. (b) If the mass of 293Nv is 293.15 u and  
that of 295Nv is 295.15 u, what is the atomic weight of Nv? 
[Section 2.4]

  (a) What is the sign of the electrical charge on the particle?  
(b) As the charge on the plates is increased, would you ex-
pect the bending to increase, decrease, or stay the same?  
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 2.52 Four of the boxes in the following periodic table are colored. 
Which of these are metals and which are nonmetals? Which 
one is an alkaline earth metal? Which one is a noble gas? 
[Section 2.5]

 2.53 Does the following drawing represent a neutral atom or  
an ion? Write its complete chemical symbol, including  
mass number, atomic number, and net charge (if any).  
[Sections 2.3 and 2.7]

 2.54  Which of the following diagrams most likely represents an 
ionic compound, and which represents a molecular one? 
 Explain your choice. [Sections 2.6 and 2.7]

16 protons + 16 neutrons

18 electrons

(i) (ii)

 2.55 Write the chemical formula for the following compound. Is 
the compound ionic or molecular? Name the compound. 
[Sections 2.6 and 2.8]

F

F F
I

F F

 2.56  Five of the boxes in the following periodic table are colored. 
Predict the charge on the ion associated with each of these 
elements. [Section 2.7]

 2.57 The following diagram represents an ionic compound in 
which the red spheres represent cations and the blue spheres
represent anions. Which of the following formulas is con-
sistent with the drawing? KBr, K2SO4, Ca1NO322, Fe21SO423. 
Name the compound. [Sections 2.7 and 2.8]

 2.58 Are these two compounds isomers? Explain. [Section 2.9]

C
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H

H C H

Cl
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H
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H

Cl

 2.59 In the Millikan oil-drop experiment (see Figure 2.4), the tiny 
oil drops are observed through the viewing lens as rising, 
stationary, or falling, as shown here. (a) What causes their 
rate of fall to vary from their rate in the absence of an electric 
field? (b) Why do some drops move upward? [Section 2.2]

  The following exercises are divided into sections that deal 
with specific topics in the chapter. The exercises are grouped 
in pairs, with the answers given in the back of the book to 
the odd-numbered exercises, as indicated by the red exercise 
numbers. Those exercises whose numbers appear in brackets 
are more challenging than the nonbracketed exercises.

The Atomic Theory of Matter and the Discovery
of Atomic Structure (Sections 2.1 and 2.2)

 2.60  Sodium reacts with oxygen in air to form two compounds: so-
dium oxide and sodium peroxide. In forming sodium oxide, 23.0 
g of sodium combines with 8.0 g of hydrogen. In forming sodium 
peroxide, 23.0 g of sodium combines with 16.0 g of oxygen. 
(a) What are the mass ratios of oxygen in the two compounds? 
(b) What fundamental law does this experiment demonstrate?

 2.61  In a series of experiments, a chemist prepared three different 
compounds that contain only iodine and fluorine and deter-
mined the mass of each element in each compound:

Compound Mass of Iodine (g) Mass of Fluorine (g)

1 4.75 3.56

2 7.64 3.43

3 9.41 9.86
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  (a) Calculate the mass of fluorine per gram of iodine in each 
compound. (b) How do the numbers in part (a) support the 
atomic theory?

 2.62  Discovering which of the three subatomic particles proved to be 
the most difficult—the proton, neutron, or electron? Why?

 2.63  Millikan determined the charge on the electron by study-
ing the static charges on oil drops falling in an electric 
field (Figure 2.4). A student carried out this experiment us-
ing several oil drops for her measurements and calculated the 
charges on the drops. She obtained the following data:

Droplet Calculated Charge (C)

A 1.60 * 10-19

B 3.15 * 10-19

C 4.81 * 10-19

D 6.31 * 10-19

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

The Modern View of Atomic Structure;
Atomic Weights (Sections 2.3 and 2.4)

 2.64  The radius of an atom of copper (Cu) is about 140 pm. (a) 
Express this distance in millimeters (mm). (b) How many Cu  
atoms would have to be placed side by side to span a distance 
of 5.0 mm? (c) If you assume that the Cu atom is a sphere, 
what is the volume in cm3 of a single atom?

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

 2.66 Consider an atom of 58Ni. (a) How many protons, neutrons, 
and electrons does this atom contain? (b) What is the sym-
bol of the ion obtained by removing two electrons from 
58Ni? (c) What is the symbol for the isotope of 58Ni that pos-
sesses 33 neutrons?

 2.67  (a) Which two of the following are isotopes of the same el-
ement: 106

  46 X, 107
  46 X, 107

  47 X? (b) What is the identity of the ele-
ment whose isotopes you have selected?

 2.68  Each of the following isotopes is used in medicine. Indi-
cate the number of protons and neutrons in each isotope:  
(a) samarium-153, (b) lutetium-177, (c) bismuth-213, (d) molyb-
denum-99, (e) lead-212, (f) caesium-131.

 2.69  Fill in the gaps in the following table, assuming each column 
represents a neutral atom.

Symbol 89Y

Protons 78 89

Neutrons 123

Electrons 81 50

Mass no. 195 119 227

 2.70  One way in which Earth’s evolution as a planet can be under-
stood is by measuring the amounts of certain isotopes in 
rocks. One quantity recently measured is the ratio of 129Xe 

to 130Xe in some minerals. In what way do these two isotopes 
differ from one another? In what respects are they the same?

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

 2.72 Bromine has two naturally occurring isotopes, bromine-79 1atomic mass = 78.9183 u;  abundance = 50.69%2  a n d  
b r o m i n e - 81  1atomic mass = 80.9163  u ;  abundance =
49.31%2. Calculate the atomic weight of bromine.

 2.73 Consider the mass spectrometer shown in Figure 2.10. Deter-
mine whether each of the following statements is true or 
false. If false, correct the statement to make it true: (a) The 
paths of neutral (uncharged) atoms are not affected by the 
magnet. (b) The height of each peak in the mass spectrum 
is inversely proportional to the mass of that isotope. (c) For 
a given element, the number of peaks in the spectrum is 
equal to the number of naturally occurring isotopes of that 
element.

 2.74  Mass spectrometry is more often applied to molecules 
than to atoms. We will see in Chapter 3  that the molecular 
weight of a molecule is the sum of the atomic weights of the  
atoms in the molecule. The mass spectrum of H2 is taken  
under conditions that prevent decomposition into H at-
oms. The two naturally occurring isotopes of hydrogen 
are 1H (atomic mass = 1.00783 u; abundance 99.9885%) 
and 2H 1atomic mass = 2.01410 u; abundance 0.0115%2.  
(a) How many peaks will the mass spectrum have? (b) Give 
the relative atomic masses of each of these peaks. (c) Which 
peak will be the largest, and which the smallest?

The Periodic Table, Molecules, Molecular
Compounds, Ions, and Ionic Compounds
(Sections 2.5, 2.6, and 2.7)

 2.75 Locate each of the following elements in the periodic table; 
give its name and atomic number, and indicate whether it is 
a metal, metalloid, or nonmetal: (a) Hg, (b) At, (c) Mo, (d) 
W, (e) Sn, (f) V, (g) K.

 2.76 For each of the following elements, write its chemical symbol, 
determine the name of the group to which it belongs (Table 
2.3), and indicate whether it is a metal, metalloid, or non-
metal: (a) polonium, (b) strontium, (c) neon, (d) rubidium, 
(e) bromine.

 2.77 Ball-and-stick representations of benzene, a colorless liquid 
often used in organic chemistry reactions, and acetylene, a gas 
used as a fuel for high-temperature welding, are shown here. 
(a) Determine the molecular formula of each. (b) Determine 
the empirical formula of each.

benzene acetylene

 2.78 Two substances have the same molecular and empirical formu-
las. Does this mean that they must be the same compound?



 2.79  Determine the molecular and empirical formulas of the follow-
ing: (a) the organic solvent benzene, which has six carbon atoms 
and six hydrogen atoms; (b) the compound silicon tetrachloride, 
which has a silicon atom and four chlorine atoms and is used in 
the manufacture of computer chips; (c) the reactive substance 
diborane, which has two boron atoms and six hydrogen atoms; 
(d) the sugar called glucose, which has six carbon atoms, twelve 
hydrogen atoms, and six oxygen atoms.

 2.80  How many of the indicated atoms are represented by each 
chemical formula: (a) carbon atoms in C4H9COOCH3, 
(b) oxygen atoms in Ca1ClO322, (c) hydrogen atoms in 1NH422HPO4?

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

Cl
Cl

Br

N

N

(a) (b)

(c) (d)

 2.82 Fill in the gaps in the following table:

Symbol 133Cs+

Protons 35 15

Neutrons 46 16 30

Electrons 18 20

Net charge 1- 5+

 2.83 Using the periodic table, predict the charge of the most stable 
ion of the following elements: (a) Li, (b) Ba, (c) Po, (d) I, (e) Sb.

 2.84 The most common charge associated with selenium is 2- . 
Indicate the chemical formulas you would expect for com-
pounds formed between selenium and (a) barium, (b) lithium, 
(c) aluminum.

 2.85 Predict the chemical formulas of the compounds formed by the 
following pairs of ions: (a) Cr3+ and CN-, (b) Mn2+ and ClO4

-, 
(c) Na+ and Cr2O7

2-, (d) Cd2+ and CO3
2-, (e) Ti4+ and O2-.

 2.86  Complete the table by filling in the formula for the ionic 
compound formed by each pair of cations and anions, as 
shown for the first pair.

Ion Na+ Ca2+ Fe2+ Al3+

O2- Na2O

NO3
-

SO4
2-

AsO4
3-

 2.87  Predict whether each of the following compounds is molecu-
lar or ionic: (a) BI3 (b) N1CH323 (c) Zr1NO322 (d) N2H4 (e) 
OsCO3 (f) H2SO4 (g) HgS (h) IOH.

Naming Inorganic Compounds; Some Simple
Organic Compounds (Sections 2.8 and 2.9)

 2.88  Selenium, an element required nutritionally in trace quanti-
ties, forms compounds analogous to sulfur. Name the follow-
ing ions: (a) SeO4

2-, (b) Se2-, (c) HSe-, (d) HSeO3
-.

 2.89 Give the names and charges of the cation and anion in 
each of the following compounds: (a) CuS, (b) Ag2SO4, 
(c) Al1ClO323, (d) Co1OH22, (e) PbCO3.

 2.90  Name the following ionic compounds: (a) KCN, (b) NaBrO2,  
( c )  Sr1OH22,  ( d )  C o Te ,  ( e )  Fe21CO323,  ( f )  Cr1NO323,  
(g) 1NH422SO3, (h) NaH2PO4, (i) KMnO4, (j) Ag2Cr2O7.

 2.91 Give the chemical formula for each of the following ionic com-
pounds: (a) sodium phosphate, (b) zinc nitrate, (c) barium 
bromate, (d) iron(II) perchlorate, (e) cobalt(II) hydrogen car-
bonate, (f) chromium(III) acetate, (g) potassium dichromate.

 2.92 Provide the name or chemical formula, as appropriate, for 
each of the following acids: (a) hydroiodic acid, (b) chloric 
acid, (c) nitrous acid, (d) H2CO3, (e) HClO4, (f) CH3COOH.

 2.93 The oxides of nitrogen are very important components in  
urban air pollution. Name each of the following compounds: 
(a) N2O, (b) NO, (c) NO2, (d) N2O5, (e) N2O4.

 2.94 Assume that you encounter the following sentences in your 
reading. What is the chemical formula for each substance men-
tioned? (a) Sodium hydrogen carbonate is used as a deodorant. 
(b) Calcium hypochlorite is used in some bleaching solutions. 
(c) Hydrogen cyanide is a very poisonous gas. (d) Magnesium
hydroxide is used as a cathartic. (e) Tin(II) fluoride has been 
used as a fluoride additive in toothpastes. (f) When cadmium 
sulfide is treated with sulfuric acid, fumes of hydrogen sulfide 
are given off.

 2.95 (a) What is meant by the term isomer? (b) Among the four 
alkanes, ethane, propane, butane, and pentane, which is ca-
pable of existing in isomeric forms?

 2.96 Consider the following organic substances: ethylethanoate, 
ethylmethylether, hexanol, and propanone. (a) Which of 
these molecules contains three carbons? (b) Which of these 
molecules contain a C = O group?

 2.97 Draw the structural formulas for four structural isomers of 
C4H9Br.

Additional Exercises
These exercises are not divided by category, although they are 
roughly in the order of the topics in the chapter.

 2.98 Suppose a scientist repeats the Millikan oil-drop experiment 
but reports the charges on the drops using an unusual (and 
imaginary) unit called the warmomb (wa). The scientist ob-
tains the following data for four of the drops:

Droplet Calculated Charge (wa)

A 3.84 * 10-8

B 4.80 * 10-8

C 2.88 * 10-8

D 8.64 * 10-8

 Additional Exercises 131
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A B

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

 2.102  (a) Assuming the dimensions of the nucleus and atom 
shown in Figure 2.9, what fraction of the volume of the atom 
is taken up by the nucleus? (b) Using the mass of the proton 
from Table 2.1 and assuming its diameter is 1.0 * 10-15 m, 
calculate the density of a proton in g>cm3.

 2.103  Identify the element represented by each of the following 
symbols and give the number of protons and neutrons in 
each: (a) 11

5 X (b) 75
33X (c) 86

36X (d) 67
30X.

 2.104  The nucleus of 6Li is a powerful absorber of neutrons. It 
exists in the naturally occurring metal to the extent of 
7.5%. In the era of nuclear deterrence, large quantities 
of lithium were processed to remove 6Li for use in hydro-
gen bomb production. The lithium metal remaining after 
removal of 6Li was sold on the market. (a) What are the
compositions of the nuclei of 6Li and 7Li? (b) The atomic 
masses of 6Li and 7Li are 6.015122 and 7.016004 u, respec-
tively. A sample of lithium depleted in the lighter isotope 
was found on analysis to contain 1.442% 6Li. What is the 
average atomic weight of this sample of the metal?

 2.105 The element argon has three naturally occurring isotopes, with 
18, 20, and 22 neutrons in the nucleus, respectively. (a) Write the 
full chemical symbols for these three isotopes. (b) Describe the
similarities and differences between the three kinds of atoms 
of argon.

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

 2.99 The natural abundance of 3He is 0.000137%. (a) How many 
protons, neutrons, and electrons are in an atom of 3He?  
(b) Based on the sum of the masses of their subatomic parti-
cles, which is expected to be more massive, an atom of 3He or 
an atom of 3H (which is also called tritium)? (c) Based on your 
answer to part (b), what would need to be the precision of a 
mass spectrometer that is able to differentiate between peaks 
that are due to 3He+ and 3H+?

 2.100 A cube of gold that is 1.00 cm on a side has a mass of 19.3 g.  
A single gold atom has a mass of 197.0 u. (a) How many gold 
atoms are in the cube? (b) From the information given, 
 estimate the diameter in Å of a single gold atom. (c) What as-
sumptions did you make in arriving at your answer for part (b)?

 2.101 The diameter of a rubidium atom is 495 pm We will consider 
two different ways of placing the atoms on a surface. In ar-
rangement A, all the atoms are lined up with one another 
to form a square grid. Arrangement B is called a close-packed 
arrangement because the atoms sit in the “depressions” 
formed by the previous row of atoms:

 2.106  The element chromium (Cr) consists of four naturally occur-
ring isotopes with atomic masses 49.9460, 51.9405, 52.9407, 
and 53.9389 u. The relative abundances of these four iso-
topes are 4.3, 83.8, 9.5, and 2.4%, respectively. From these 
data, calculate the atomic weight of chromium.

 2.107 Copper (Cu) consists of two naturally occurring isotopes with 
masses of 62.9296 and 64.9278 u. (a) How many protons and 
neutrons are in the nucleus of each isotope? Write the com-
plete atomic symbol for each, showing the atomic number and 
mass number. (b) The average atomic mass of Cu is 63.55 u.  
Calculate the abundance of each isotope.

 2.108  Using a suitable reference such as the CRC Handbook of 
Chemistry and Physics or http://www.webelements.com, 
look up the following information for nickel: (a) the num-
ber of known isotopes, (b) the atomic masses (in u), (c) the 
natural abundances of the five most abundant isotopes.

 2.109  There are two different isotopes of bromine atoms. Under 
normal conditions, elemental bromine consists of Br2 mole-
cules, and the mass of a Br2 molecule is the sum of the masses 
of the two atoms in the molecule. The mass spectrum of Br2 
consists of three peaks:

Mass (u) Relative Size

157.836 0.2569

159.834 0.4999

161.832 0.2431

  (a) What is the origin of each peak (of what isotopes does 
each consist)? (b) What is the mass of each isotope? (c) 
Determine the average molecular mass of a Br2 molecule.  
(d) Determine the average atomic mass of a bromine atom. 
(e) Calculate the abundances of the two isotopes.

 2.110 It is common in mass spectrometry to assume that the mass 
of a cation is the same as that of its parent atom. (a) Using data 
in Table 2.1, determine the number of significant figures that 
must be reported before the difference in masses of 1H and 
1H+ is significant. (b) What percentage of the mass of an 1H 
atom does the electron represent?

 2.111  From the following list of elements—Mg, Li, Tl, Pb, Se, Cl, Xe, Si, 
C—pick the one that best fits each description. Use each element 
only once: (a) an alkali metal, (b) an alkaline earth metal, (c) a 
noble gas, (d) a halogen, (e) a metalloidin Group 14, (f) a non-
metal listed in Group 14, (g) a metal that forms a 3+  ion, (h) a 
nonmetal that forms a 2- ion, (i) an element that is used as radi-
ation shielding.

 2.112  The first atoms of seaborgium (Sg) were identified in 1974. 
The longest-lived isotope of Sg has a mass number of 266.  
(a) How many protons, electrons, and neutrons are in an 
266Sg atom? (b) Atoms of Sg are very unstable, and it is there-
fore difficult to study this element’s properties. Based on the 
position of Sg in the periodic table, what element should it 
most closely resemble in its chemical properties?

 2.113  The explosion of an atomic bomb releases many radioactive 
isotopes, including strontium-90. Considering the location of 
strontium in the periodic table, suggest a reason for the fact 
that this isotope is particularly dangerous for human health.

 2.114  A U.S. 1-cent coin (a penny) has a diameter of 19 mm and a 
thickness of 1.5 mm. Assume the coin is made of pure copper, 
whose density and approximate market price are 8.9 g/cm3  
and $2.40 per pound, respectively. Calculate the value of 
the copper in the coin, assuming its thickness is uniform.

 2.115  The U.S. Mint produces a dollar coin called the American Sil-
ver Eagle that is made of nearly pure silver. This coin has a  
diameter of 41 mm and a thickness of 2.5 mm. The density 
and approximate market price of silver are 10.5 g/cm3 and 
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$0.51 per gram, respectively. Calculate the value of the silver 
in the coin, assuming its thickness is uniform.

 2.116  From the molecular structures shown here, identify the one 
that corresponds to each of the following species: (a) chlo-
rine gas; (b) propane; (c) nitrate ion; (d) sulfur trioxide; 
(e) methyl chloride, CH3Cl.

 2.117 Name each of the following chlorides. Assuming that the 
compounds are ionic, what charge is associated with the 
metallic element in each case? (a) AgCl, (b) TiCl4, (c) IrC13,  
(d) LiCl.

 2.118  Fill in the blanks in the following table:

Cation Anion Formula Name

Sodium carbonate

Ni2+ CH3COO-

Cu(ClO4)2

Ca2+ F-

NaMnO4

Zinc sulfide

Mg3N2

OS

O
N Cl

Cl

(iii)

(v)

(iv)

(i) (ii)

H H
H

H H

H
C

C

C

  Cyclopropane was at one time used as an anesthetic, but its 
use was discontinued, in part because it is highly flammable.  
(a) What is the empirical formula of cyclopropane? How 
does it differ from that of propane? (b) The three carbon at-
oms are necessarily in a plane. What do the different wedges 
mean? (c) What change would you make to the structure 
shown to illustrate chlorocyclopropane? Are there isomers of 
chlorocyclopropane?

 2.120 Elements in the same group of the periodic table often form 
oxyanions with the same general formula. The anions are 
also named in a similar fashion. Based on these observations, 
suggest a chemical formula or name, as appropriate, for each 
of the following ions: (a) BrO4

-, (b) SeO3
2-, (c) arsenate ion, 

(d) hydrogen tellurate ion.

 2.121 Carbonic acid occurs in carbonated beverages. When al-
lowed to react with lithium hydroxide, it produces lithium 
carbonate. Lithium carbonate is used to treat depression and 
bipolar disorder. Write chemical formulas for carbonic acid, 
lithium hydroxide, and lithium carbonate.

 2.122  Give the chemical names of each of the following familiar 
compounds: (a) NaCl (table salt), (b) NaHCO3 (baking soda), 
(c) NaOCl (in many bleaches), (d) NaOH (caustic soda),  
(e) (NH4)2CO3 (smelling salts), (f) CaSO4 (plaster of Paris).

 2.123  Many familiar substances have common, unsystematic 
names. For each of the following, give the correct systematic 
name: (a) salt peter, KNO3; (b) soda ash, Na2CO3; (c) lime, 
CaO; (d) muriatic acid, HCl; (e) Epsom salts, MgSO4; (f) milk 
of magnesia, Mg1OH22.

 2.124  Because many ions and compounds have very similar names, 
there is great potential for confusing them. Write the correct 
chemical formulas to distinguish between (a) sodium carbonate 
and sodium bicarbonate, (b) potassium peroxide and potassium 
oxide, (c) calcium sulfide and calcium sulfate, (d) manganese (II) 
oxide and manganese (III) oxide, (e) hydride ion and hydroxide 
ion, (f) magnesium nitride and magnesium nitrite, (g) silver ni-
trate and silver nitrite, (h) cuprous oxide and  cupric oxide.

 2.125  In what part of the atom does the strong nuclear force operate?

 2.119  Cyclopropane is an interesting hydrocarbon. Instead of hav-
ing three carbons in a row, the three carbons form a ring, as 
shown in this perspective drawing (see Figure 2.16  for a prior 
example of this kind of drawing):
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to accurately determine how many molecules of hydrocarbon and oxygen are consumed 
and how many molecules of byproducts are generated.

When you finish this section, you should be able to:

• Explain the law of conservation of mass in terms of reactants and products in a chem-
ical equation 

• Balance chemical equations by writing out the chemical formulas (and appropriate 
coefficients) of the reactants and products in chemical reactions

Stoichiometry (pronounced stoy-key-OM-uh-tree, roughly meaning “element mea-
sure” in Greek) is the area of study that examines the quantities of substances consumed 
and produced in chemical reactions. Chemists and chemical engineers use stoichiome-
try every day in running the reactions of the worldwide chemical industry.

Stoichiometry is built on an understanding of atomic weights (Section 2.4), chem-
ical formulas, and the law of conservation of mass (Section 2.1). This important 
principle tells us that: Atoms are neither created nor destroyed during a chemical reaction. The 
changes that occur during any reaction merely rearrange the atoms. The same collection 
of atoms is present both before and after the reaction.

We represent chemical reactions by chemical equations. When the gas hydrogen 
(H2) burns, for example, it reacts with oxygen (O2) in the air to form water, H2O. We write 
the chemical equation for this reaction as

 2 H2 + O2 ¡  2 H2O [3.1] 

We read the +  sign as “reacts with” and the arrow as “produces.” The chemical for-
mulas on the left side of the arrow represent the starting substances, called reactants. 
The chemical formulas on the right side of the arrow represent substances produced in 
the reaction, called products. The numbers in front of the formulas, called coefficients, 
indicate the relative numbers of molecules of each kind involved in the reaction. (As in 
algebraic equations, the coefficient 1 is usually not written).

Because atoms are neither created nor destroyed in any chemical reaction, a bal-
anced chemical equation must have an equal number of atoms of each element on 
each side of the arrow. On the right side of Equation 3.1, for example, there are two 
molecules of H2O, each composed of two atoms of hydrogen and one atom of oxygen 
( Figure 3.1). Thus, 2 H2O (read “two molecules of water”) contains 2 * 2 = 4 H atoms 
and 2 * 1 = 2 O atoms. Notice that the number of atoms is obtained by multiplying each 
subscript in a chemical formula by the coefficient for the formula. Because there are four 
H atoms and two O atoms on each side of the equation, the equation is balanced.

How to Balance Chemical Equations

Chemists write chemical equations to identify the reactants and products in a reaction. 
To determine the amount of product that can be made, or the amount of a reactant that 
is required, the equation needs to be balanced using stochiometry.

To construct a balanced chemical equation, we start by writing the formulas for 
the reactants on the left-hand side of the arrow and the products on the right-hand side. 
We balance the equation by determining the coefficients that provide equal numbers of 
each type of atom on both sides of the equation. For most purposes, a balanced equation 
should contain the smallest possible whole-number coefficients.

In balancing an equation, you need to understand the difference between coeffi-
cients and subscripts. As Figure 3.2 illustrates, changing a subscript in a formula—from
H2O to H2O2, for example—changes the identity of the substance. The substance H2O2, 
hydrogen peroxide, is quite different from the substance H2O, water. Never change sub-
scripts when balancing an equation. In contrast, placing a coefficient in front of a formula 
changes only the amount of the substance and not its identity. Thus, 2 H2O means two 
molecules of water, 3 H2O means three molecules of water, and so forth.

1

2 H2O2 H2 1 O2

ProductsReactants

▲ Figure 3.1 A balanced chemical equation.
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A Step-by-Step Example of Balancing a Chemical Equation

To illustrate the process of balancing an equation, consider the reaction that occurs 
when methane 1CH42, the principal component of natural gas, burns in air to produce 
carbon dioxide gas 1CO22 and water vapor 1H2O2 (Figure 3.3). Both products contain 
 oxygen atoms that come from O2 in the air. Thus, O2 is a reactant, and the unbalanced 
equation is:

 CH4 + O2 ¡ CO2 + H2O 1unbalanced2 [3.2] 

It is usually best to first balance those elements that occur in the fewest chemical
formulas in the equation. In our example, C appears in only one reactant, CH4, and one
product, CO2. The same is true for H 1CH4 and H2O2. Notice, however, that O appears in
one reactant 1O22 and two products 1CO2 and H2O2. So, let’s begin with C. Because one
molecule of CH4 contains the same number of C atoms as one molecule of CO2, the coef-
ficients for these substances must be the same in the balanced equation. Therefore, we 
start by choosing the coefficient 1 (unwritten) for both CH4 and CO2.

Next we focus on H. On the left side of the equation we have CH4, which has four H
atoms, whereas on the right side of the equation we have H2O, containing two H atoms.
To balance the H atoms in the equation we place the coefficient 2 in front of H2O. Now
there are four H atoms on each side of the equation:

 CH4 + O2 ¡ CO2 + 2 H2O 1unbalanced2  [3.3] 

While the equation is now balanced with respect to hydrogen and carbon, it is not yet 
balanced for oxygen: there are 2 O atoms on the left-hand side, and a total of 4 O atoms 
on the right-hand side. Adding the coefficient 2 in front of O2 balances the equation by 
giving four O atoms on each side: 

 CH4 + 2 O2 ¡ CO2 + 2 H2O 1balanced2  [3.4] 

We can provide even more information in a chemical equation: the physical state of the 
reactants, products, and more details about what conditions are required for the reaction 
to proceed. We use the symbols (g), (l), (s), and (aq) for substances that are gases, liquids, 
solids, and dissolved in aqueous (water) solution, respectively. Thus, Equation 3.4 is fully 
written as:

 CH41g2 + 2 O21g2 ¡  CO21g2 + 2 H2O1g2 [3.5] 

Symbols that represent the conditions under which the reaction proceeds can appear 
above or below the reaction arrow. One example that we will encounter later in this 
chapter involves the symbol ∆ (Greek uppercase delta); a delta above the reaction arrow 
indicates the addition of heat. 

For Equation 3.5, Figures 3.3 and 3.4 provide molecular views of the reaction as it 
would happen in a Bunsen burner and the balanced reaction, respectively.

H2O

2 H2O

H2O2

Changing coefficient

changes amount.

Changing subscript

changes identity

and properties.

Two molecules of water
(contain four H atoms
and two O atoms)  

One molecule of hydrogen
peroxide (contains two H
atoms and two O atoms)  

▶ Figure 3.2 The difference 
between changing subscripts 
and changing coefficients in 
chemical equations.
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Exercises
 3.6 Balance the following equations:

(a) CaS1s2 + H2O1l2 ¡ Ca1HS221aq2 + Ca(OH)21aq2
(b) NH31g2 + O21g2 ¡ NO1g2 + H2O1g2
(c) FeCl31s2 + Na2CO31aq2 ¡ Fe2(CO3)31s2 + NaCl1aq2
(d) FeS21s2 + O21g2 ¡ Fe2O31s2 + SO21g2

 3.7 Write balanced chemical equations corresponding to each 
of the following descriptions: (a) Potassium cyanide reacts 
with an aqueous solution of sulfuric acid to form hydrogen 
cyanide gas. (b) When an aqueous solution of ammonium 
 nitrite (NH4NO2) reacts with an aqueous solution of po-
tassium hydroxide, ammonia gas, water and metal nitrate 
is formed. (c) When hydrogen gas is passed over solid hot 
iron(III) oxide, the resulting reaction produces iron and gas-
eous water. (d) When liquid ethanoic acid (CH3COOH) is 
combusted, carbon dioxide and water are formed.

 3.4 Write “true” or “false” for each statement. (a) We balance 
chemical equations as we do because energy must be con-
served. (b) If the reaction 2 O3(g) S 3 O2(g) goes to comple-
tion and all O3 is converted to O2, then the mass of O3 at 
the beginning of the reaction must be the same as the mass 
of O2 at the end of the reaction. (c) You can balance the  
“water-splitting” reaction H2O(l) S H2(g) + O2(g) by writing 
it this way: H2O2(l) S H2(g) + O2(g).

 3.5 Balance the following equations:

(a) SiCl41l2 + H2O1l2 ¡ Si1OH24(s) +  HCl(aq)

(b) CO21g2 + H2O ¡ C6H12O6(s) +  O2(g)

(c) Al(OH)31s2 + H2SO41l2 ¡ Al2(SO4)3(s) +  H2O(l)

(d) H3PO41aq2 ¡ H4P2O7(aq) +  H2O(l)

Answers to Self-Assessment Exercises

3.1 (e)3.2 (d)3.3 (d)

3.2 ∣ Simple Patterns of Chemical
Reactivity: Combination,
Decomposition, and Combustion

?

  The two reactants combine to form a single product, 
ammonia, NH3, which is not shown. Write a balanced 
chemical equation for the reaction. Based on the equa-
tion and the contents of the left (reactants) box, how 

many NH3 molecules should be shown in the right 
(products) box?

(a) 2 (b) 3 (c) 4 (d) 6 (e) 9

 3.3 The unbalanced equation for the reaction between 
methane and bromine is

__ CH41g2 + __Br21l2 ¡ __CBr41s2 + __HBr1g2
  Once this equation is balanced with the smallest pos-

sible integers, what is the value of the coefficient in 
front of bromine, Br2?

(a) 1 (b) 2 (c) 3 (d) 4 (e) 6
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TABLE 3.1 Combination and Decomposition Reactions

Combination Reactions

A + B ¡ C Two or more reactants combine to form a single 
product. Many elements react with one another 
in this fashion to form compounds.

C1s2 + O21g2 ¡ CO21g2
N21g2 + 3 H21g2 ¡ 2 NH31g2
CaO1s2 + H2O1l2 ¡ Ca1OH221aq2
Decomposition Reactions

C ¡ A + B A single reactant breaks apart to form two or 
more substances. Many compounds react this 
way when heated.

2 KClO31s2 ¡ 2 KCl1s2 + 3 O21g2
PbCO31s2 ¡ PbO1s2 + CO21g2
Cu1OH221s2 ¡ CuO1s2 + H2O1g2

Other examples of combination reactions include the formation of small gaseous 
molecules such as CO2 and NH3 from their elements; and the reaction of calcium oxide 
with water to produce calcium hydroxide:

 C1s2 + O21g2 ¡ CO21g2 [3.8] 

 N21g2 + 3 H21g2 ¡ 2 NH31g2 [3.9] 

 CaO1s2 + H2O1l2 ¡ Ca1OH221aq2 [3.10] 

In a decomposition reaction, a single substance undergoes a reaction to produce two 
or more products:

 C ¡ A + B  [3.11] 

An example of a decomposition reaction is when a metal carbonate decomposes to a 
metal oxide and carbon dioxide upon heating:

 CaCO31s2 ¡∆
CaO1s2 + CO21g2  [3.12] 

Industrially, the decomposition of calcium carbonate at high temperatures is quite im-
portant. Limestone and seashells, natural sources of calcium carbonate, are heated to pre-
pare calcium oxide, known as “quicklime” or “lime.” Tens of millions of tons of CaO are 
used each year in making glass, in metallurgy to isolate metals from ores, in cement, and 
in steel manufacturing to remove impurities.

Another important example of a decomposition reaction is the decomposition of 
sodium azide, NaN3, to form sodium metal and nitrogen gas:

 2 NaN31s2 ¡ 2 Na1s2 + 3 N21g2  [3.13] 

This reaction is what you find in automobile airbags (Figure 3.6). Approximately 100 g of 
NaN3, upon physical impact, will explosively produce about 50 L of nitrogen gas.

Combustion Reactions

Combustion reactions are rapid reactions that produce a flame. Most combustion re-
actions involve O2 from air as a reactant. The combustion of hydrocarbons (compounds 
that contain only carbon and hydrogen) in air, illustrated in Equation 3.5, is a major en-
ergy-producing process in our world.

Hydrocarbons combusted in air react with O2 to form CO2 and H2O. The number of 
molecules of O2 required, as well as the number of product molecules formed, depend on 
the composition of the hydrocarbon, which acts as the fuel in the reaction. For example, 
the combustion of propane (C3H8, Figure 3.7), a gas used for cooking and home heating, is 
described by the chemical equation

 C3H81g2 + 5 O21g2 ¡ 3 CO21g2 + 4 H2O1g2  [3.14] 

▲ Figure 3.6 Decomposition of sodium 
azide, NaN3(s), produces N2(g) that inflates 
air bags in automobiles.

 

▲ Figure 3.7 Propane burning in air. 
Liquid propane in the tank, C3H8, vaporizes 
and mixes with air as it escapes through the 
nozzle. The combustion reaction of C3H8 
and O2 produces a blue flame.

Go Figure 

Does this reaction produce or 
consume thermal energy (heat)?
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The state of the water in this reaction is listed as gas here, since the propane flame burns 
at a high temperature; but depending on conditions, the water molecules that are pro-
duced could be in the gas or liquid phase.

Millions of compounds are made only of carbon, hydrogen, and oxygen.  Notable 
classes of such molecules are sugars and alcohols. Combustion of these oxygen- 
containing derivatives of hydrocarbons in air also produces CO2, H2O and energy. Many 
of the substances that function as energy sources in metabolism, such as the sugar glucose 1C6H12O62, react with O2 to ultimately form CO2 and H2O. In our bodies, however, the 
reactions take place in a series of intermediate steps that occur at body temperature. These 
reactions that involve intermediate steps are called oxidation reactions rather than combus-
tion reactions.

 
Sample Exercise 3.4
Writing Balanced Equations for Combustion Reactions

Write the balanced equation for the reaction that occurs when methanol, CH3OH(l ), is burned in air.

	▶ Practice Exercise
Write the balanced equation for the reaction that occurs when 
ethylene glycol, C2H41OH22, burns in air.

(a) C2H41OH221l2 +  5 O21g2 ¡  2 CO21g2 +  3 H2O1g2
(b) 2 C2H41OH221l2 +  5 O21g2 ¡  4 CO21g2 +  6 H2O1g2
(c)  C2H41OH221l2 +  3 O21g2 ¡  2 CO21g2 +  3 H2O1g2
(d) C2H41OH221l2 +  5 O1g2 ¡  2 CO21g2 +  3 H2O1g2
(e) 4 C2H41OH221l2 +  10 O21g2 ¡  8 CO21g2 +  12 H2O1g2

SOLUTION
When any compound containing C, H, and O is combusted, it re-
acts with the O21g2 in air to produce CO21g2 and H2O1g2. Thus, the 
unbalanced equation is

CH3OH1l2 + O21g2 ¡ CO2(g) + H2O1g2
The C atoms are balanced, one on each side of the arrow. Because 
CH3OH has four H atoms, we place the coefficient 2 in front of 
H2O to balance the H atoms:

CH3OH1l2 + O21g2 ¡ CO21g2 + 2 H2O1g2
Adding this coefficient balances H but gives four O  atoms in the 
products. Because there are only three O atoms in the reactants, 
we are not finished. We can place the coefficient 32 in front of O2 
to give four O atoms in the reactants 132 * 2 = 3 O atoms in 32 O22:

CH3OH1l2 + 3
2 O21g2 ¡ CO21g2 + 2 H2O1g2

Although this equation is balanced, it is not in its most conven-
tional form because it contains a fractional coefficient. However, 
multiplying through by 2 removes the fraction and keeps the 
equation balanced:

2 CH3OH1l2 + 3 O21g2 ¡ 2 CO21g2 + 4 H2O1g2

 Sample Exercise 3.3
Writing Balanced Equations for Combination and Decomposition Reactions

Write a balanced equation for (a) the combination reaction between lithium metal and fluorine gas and (b) the decomposition 
reaction that occurs when solid barium carbonate is heated (two products form, a solid and a gas).

	▶ Practice Exercise
Which of the following reactions is the balanced equation  
that represents the decomposition reaction that occurs when  
silver(I) oxide is heated? 
(a) AgO1s2 ¡ Ag1s2 + O1g2 (b) 2 AgO1s2 ¡ 2 Ag1s2 + O21g2 
(c) Ag2O1s2 ¡ 2 Ag1s2 + O1g2  (d) 2 Ag2O1s2 ¡ 4 Ag1s2 + O21g2 
(e)Ag2O1s2 ¡ 2 Ag1s2 + O21g2

SOLUTION
(a) With the exception of mercury, all metals are solids at 

room temperature. Fluorine occurs as a diatomic molecule. 
Thus, the reactants are Li(s) and F21g2. The product will be 
composed of a metal and a nonmetal, so we expect it to be 
an ionic solid. Lithium ions have a 1+  charge, Li+, whereas 
fluoride ions have a 1-  charge, F-. Thus, the chemical  
formula for the product is LiF. The balanced chemical 
equation is

2 Li1s2 + F21g2 ¡ 2 LiF1s2
(b) The chemical formula for barium carbonate is BaCO3. As  

mentioned, many metal carbonates decompose to metal  
oxides and carbon dioxide when heated. In Equation 3.7,  

for example, CaCO3 decomposes to form CaO and CO2.  
Thus, we expect BaCO3 to decompose to BaO and CO2. 
 Barium and calcium are both in Group 2 in the periodic  
table, which further suggests they react in the same way:

BaCO3(s) ¡ BaO(s) + CO2(g)
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Exercises
combusted in air; (d) dimethylether, CH3OCH31g2, is com-
busted in air.

 3.13 Balance the following equations and indicate whether 
they are combination, decomposition, or combustion 
reactions:

(a) C7H161s2 + O21g2 ¡ CO21g2 + H2O1l2 
(b) Li3N1s2 + BN1s2 ¡ Li3BN21s2 
(c) Zn(OH)21s2 ¡ ZnO1s2 +  H2O(l) 

(d) Ag2O1s2 ¡ Ag1s2 +  O2(g)

 3.11 (a) When the metallic element lithium combines with the 
nonmetallic element chlorine, Cl2(g), what is the chemical 
formula of the product? (b) Is the product a solid, liquid, or 
gas at room temperature? (c) In the balanced chemical equa-
tion for this reaction, what is the coefficient in front of the 
product if the coefficient in front of Cl2(g) is 1?

 3.12 Write a balanced chemical equation for the reaction that 
 occurs when (a) Mg(s) reacts with Cl21g2; (b) barium car-
bonate decomposes into barium oxide and carbon dioxide 
gas when heated; (c) the hydrocarbon styrene, C8H81l2, is 

Answers to Self-Assessment Exercises

3.8 (b)3.9 (d)3.10 (b)

3.3 ∣ FormulaWeights and Elemental
Compositions of Substances

Self-Assessment Exercises
Here are a few problems designed to test your understanding of the material.

 3.8 When Na and S undergo a combination reaction, what is the 
chemical formula of the product?

(a) NaS

(b) Na2S

(c) NaS2

(d) Na2S3

(e) Na3S2

 3.9 Which of the following reactions is the balanced equation 
for the decomposition of silver(I) oxide?

(a) AgO1s2 ¡ Ag1s2 + O1g2
(b) 2 AgO1s2 ¡ 2 Ag1s2 + O21g2
(c) Ag2O1s2 ¡ 2 Ag1s2 + O1g2
(d) 2 Ag2O1s2 ¡ 4 Ag1s2 + O21g2
(e) Ag2O1s2 ¡ 2 Ag1s2 + O21g2

 3.10 Write the balanced equation for the reaction that occurs 
when ethylene glycol, C2H41OH22, burns in air.

(a) C2H41OH221l2 +  5 O21g2 ¡  2 CO21g2 +  3 H2O1g2
(b) 2 C2H41OH221l2 +  5 O21g2 ¡  4 CO21g2 +  6 H2O1g2
(c) C2H41OH221l2 +  3 O21g2 ¡  2 CO21g2 +  3 H2O1g2
(d) C2H41OH221l2 +  5 O1g2 ¡  2 CO21g2 +  3 H2O1g2
(e) 4 C2H41OH221l2 +  10 O21g2 ¡  8 CO21g2 +  12 H2O1g2
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Sulfuric acid, H2SO41l2, is a common laboratory chemical that is used by the metric ton 
in many reactions in the chemical industry. We can see from the molecular model on the 
left that one molecule of H2SO4 contains one sulfur atom (yellow), four oxygen atoms 
(red), and two hydrogen atoms (white). But in the lab, we dispense milliliters of liquid 
H2SO4, or more commonly, milliliters of its aqueous solution, H2SO41aq2. How can we 
connect the chemical equations that we write, which represent individual molecules, 
to the reactions we do in the lab, where quantities are measured in grams or milliliters? 
That is the topic we explore in this section.

When you finish this section, you should be able to:

• Calculate the formula weight of a substance from its empirical formula or it’s molec-
ular weight from its molecular formula

• Calculate the elemental composition of a substance from the mass percentages of the 
elements that make up the substance

Formula and Molecular Weights

The formula weight (FW) of a substance is the sum of the atomic weights (AW) of the
 atoms in the chemical formula of the substance. Using the atomic weights from the pe-
riodic table, we find, for example, that the formula weight of sulfuric acid, H2SO4, is 98.1
u (atomic mass units):

FW of H2SO4 = 21AW of H2 + 1AW of S2 + 41AW of O2
  = 211.0 amu2 + 132.1 amu2 + 4116.0 amu2
 = 98.1 amu

For convenience, we have rounded off the atomic weight to one decimal place, a practice 
we will follow in most calculations in this book.

If the chemical formula is the chemical symbol of an element, such as Na, the for-
mula weight equals the atomic weight of the element (for Na, this would be 23.1 amu). 
If the chemical formula is that of a molecule, like H2SO4, the formula weight can also be 
called the molecular weight (MW).

Not all substances, though, are molecules. For instance, ionic substances such as cal-
cium chloride exist as three-dimensional arrays of ions (see Figure 2.18). In these cases, 
the empirical formula is used as the formula unit, and the formula weight is the sum of 
the atomic weights of the atoms in the empirical formula. For example, the formula unit 
of CaCl2 consists of one Ca2 +  ion and two Cl- ions. Thus, the formula weight of CaCl2 is

FW of CaCl2 = (AW Ca) + 2 (AW Cl) = 40.1 amu + 2(35.5 amu) = 111.1 amu

Elemental Compositions of Substances

Let’s say you are a forensic chemist, working in a crime lab. Your colleagues find a mys-
terious white powder at a crime scene. Is it salt, sugar, methamphetamine, cocaine or 
something else?

One way to determine the identity of a substance is to measure its elemental 
 composition and compare it to the calculated elemental compositions of possible can-
didate substances. We do these calculations based on the masses of each element in the 
compound:

     =
anumber of atoms

of element
b a AW

of element
b

FW of substance
* 100% [3.15] 

The sum of all the mass percentages of each element in the compound must add up to 
100%.

As an example, let’s calculate the mass percentage of sulfur in sulfuric acid. Based 
on atoms we can see that for each H2SO4 molecule, one atom out of seven is sulfur. But 
that does not mean that 1/7 of the mass of the compound is sulfur, since the atoms weigh 
different amounts:

% mass composition  
of element
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3.4 ∣ Avogadro’s Number and
the Mole; Molar Mass

Exercises

(b) HO C

O

H3CO H

H H

Vanillin
(vanilla flavor)H

C

C C

C

C C

Isopentyl acetate
(banana flavor)

(c) H3C

H3C

CH3C

H

H

C

H

H

C O C

H O

 3.17 Determine the formula weights of each of the following 
compounds: (a) lead (IV) chloride; (b) copper(II) oxide; 
(c) iodic acid, HIO3; (d) sodium perchlorate, NaClO4;  
(e) indium nitride, (f) phosphorus pentoxide, P4O10;  
(g) boron trichloride.

 3.18 Calculate the percentage by mass of oxygen in the following 
compounds: (a) vanillin, C8H8O3; (b) isopropyl alcohol, C3H8O; 
(c) acetaminophen, C8H9NO2; (d) cyclopropanone, C3H4O;  
(e) dioxin, C12H4Cl4O2; (f) penicillin, C16H18N2O4S.

 3.19 Based on the following structural formulas, calculate the  
percentage of carbon by mass present in each compound:

H C

O

H H

H H

Benzaldehyde
(almond fragrance)H

C

C C

C

C C

(a)

Self-Assessment Exercises
Here are a few problems designed to test your understanding of the material.

 3.14 Which of the following is the correct formula weight for cal-
cium phosphate?

(a) 310.2 amu (b) 135.1 amu 

(c) 182.2 amu (d) 278.2 amu

(e) 175.1 amu

 3.15 What is the percentage of nitrogen, by mass, in calcium nitrate?

(a) 8.54% (b) 17.1%

(c) 13.7% (d) 24.4%

(e) 82.9%

 3.16 A mysterious white powder found at a crime scene is ana-
lyzed and contains 66.8 ; 0.5% carbon by mass. One of the 
investigators hypothesizes that the substance is cocaine 
(C17H21NO4). What percent carbon, by mass, is in cocaine? 

(a) 39.5% (b) 64.3%

(c) 67.3 % (d) 70.6%

(e) 72.5%

Answers to Self-Assessment Exercises

3.14 (a)3.15 (b)3.16 (c)
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Even the smallest samples in the laboratory contain enormous numbers of atoms, ions 
or molecules.For example, a teaspoon (about 5 mL) of water contains 2 * 1023 water 
molecules, a number so large it defies comprehension. Chemists, therefore, have devised 
a way to conveniently count such enormous numbers.

When you finish this section, you should be able to:

• Explain the mole and the origin of Avogadro’s number

• Calculate the molar mass for a compound and relate this to its formula weight

• Convert between grams, molecules, and moles of a substance

The Mole and Avogadro’s Number

In everyday life, we use counting units such as dozen (12 objects), score (20 objects), gross 
(144 objects) or ream (500 objects).In chemistry, the counting unit for numbers of atoms, 
ions, or molecules in a laboratory-size sample is the mole, abbreviated mol.One mole is 
the amount of matter that contains as many objects as the number of atoms in exactly 
12 g of isotopically pure 12C. From experiments, scientists have determined this number 
to be 6.0221415 * 1023, which we usually round to 6.02 * 1023. Scientists call this value 
Avogadro’s number, NA, in honor of the Italian scientist Amedeo Avogadro (1776–
1856), and it is often cited with units of reciprocal moles, 6.02 * 1023 mol-1.* The unit 
(read as either “inverse mole” or “per mole”) reminds us that there are 6.02 * 1023 objects 
per one mole.A mole of atoms, a mole of molecules, or a mole of anything else all contain 
Avogadro’s number of objects:

 1 mol 12C atoms = 6.02 * 1023 12C atoms 

 1 mol H2O molecules = 6.02 * 1023 H2O molecules 

 1 mol NO3
- ions = 6.02 * 1023 NO3

- ions

Avogadro’s number is so large that it is difficult to imagine.Spreading 6.02 * 1023 
marbles over the Earth’s surface would produce a layer about 3 miles thick.Avogadro’s 
number of pennies placed side by side in a straight line would encircle the Earth 300 tril-
lion13 * 10142 times.

Molar Mass

A dozen is the same number, 12, whether we have a dozen eggs or a dozen elephants.
Clearly, however, a dozen eggs does not have the same mass as a dozen elephants. Sim-
ilarly, a mole is always the same number 16.02 * 10232, but 1 mol samples of different 
substances have different masses.

Compare, for example, 1 mol of 12C and 1 mol of 24Mg. A single 12C atom has a mass 
of 12 amu, whereas a single 24Mg atom is twice as massive, 24 amu (to two significant fig-
ures).Because a mole of anything always contains the same number of particles, a mole 
of 24Mg must be twice as massive as a mole of 12C. Because 1 mol of 12C has a mass of 12 g 
(by definition), 1 mol of 24Mg must have a mass of 24 g.This example illustrates a general 
rule relating the mass of an atom the mass of Avogadro’s number (1 mol) of these atoms: 
The atomic weight of an element in atomic mass units is numerically equal to the mass in grams 
of 1 mol of that element.

 For example, Cl has an atomic weight of 35.5 amu; therefore, 1 mol of Cl atoms has a 
mass of 35.5 g.

 Au has an atomic weight of 197 amu; therefore, 1 mol of Au atoms has a mass of 197 g.

The same relationship holds for the formula weight or molecular weight of a sub-
stance and the mass of 1 mol of that substance:

 H2O has a molecular weight of 18.0 amu; therefore, 1 mol of H2O has a mass of 18.0 g

 NaCl has a formula weight of 58.5 amu; therefore 1 mol of NaCl has a mass of 58.5 g.

The mass in grams of one mole of a substance is called the molar mass of the sub-
stance.The units of molar mass are g/mol, or g mol-1.The molar mass in grams per mole of 
any substance is numerically equal to its formula weight in atomic mass units.For NaCl, for 
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Single molecule

1 molecule H2O
(18.0 u)

1 mol H2O
(18.0 g)

Laboratory-size
sample

Avogadro’s number of water

molecules in a mole of water

▲ Figure 3.8 Comparing the mass of  
1 molecule and 1 mol of H2O. Both masses 
have the same number but different units 
(atomic mass units and grams). Expressing 
both masses in grams indicates their huge 
difference: 1 molecule of H2O has a mass  
of 2.99 * 10-23 g, whereas 1 mol H2O 
has a mass of 18.0 g.

Go Figure 

What number do you get if you 
divide the mass of 1 mol of water
by the mass of 1 molecule of water?

1 mol O2(g) has a mass of 32.0 g.

1 mol H2O(l ) has a mass of 18.0 g.

1 mol NaCl(s) has a mass of 58.45 g.

▲ Figure 3.9 One mole each of a solid (NaCl), a liquid (H2O), and a gas (O2). In each case, the 
mass in grams of 1 mol—that is, the molar mass—is numerically equal to the formula weight in 
atomic mass units. Each of these samples contains 6.02 * 1023 formula units.

TABLE 3.2 Mole Relationships

Name of  
Substance

 
Formula

Formula 
Weight (amu)

Molar Mass 
(g/mol)

Number and Kind of  
Particles in One Mole

Atomic nitrogen N  14.0  14.0 6.02 * 1023 N atoms

Molecular nitrogen 
or “dinitrogen” N2  28.0  28.0 e 6.02 * 1023 N2 molecules

216.02 * 10232 N atoms

Silver Ag  107.9  107.9 6.02 * 1023 Ag atoms

Silver ions Ag+  107.9a  107.9 6.02 * 1023 Ag+ ions

Barium chloride BaCl2 208.2 208.2 • 6.02 * 1023 BaCl2 formula units
6.02 * 1023 Ba2+ ions

216.02 * 10232 Cl- ions

aRecall that the mass of an electron is more than 1800 times smaller than the masses of the proton and the 
neutron; thus, ions and atoms have essentially the same mass.

instance, the formula weight is 58.5 amu and therefore its molar mass is 58.5 g/mol.Mole 
relationships for several substances are shown in Table 3.1, and Figures 3.8 and 3.9 illus-
trate 1 mol quantities of common substances.

The entries in Table 3.2 for N and N2 point out the importance of stating the chem-
ical form of a substance when using the mole concept. For instance, suppose you read 
that 1 mol of nitrogen is used to make ammonia.You might interpret this statement to 
mean that 1 mol of nitrogen atoms was used (14.0 g). Unless otherwise stated, however, 
what is meant is 1 mol of nitrogen molecules, N2 (28.0 g), was used, because N2 is the 
naturally occurring form of the element. To avoid ambiguity, it is important to explic-
itly state the chemical form being discussed.Using the chemical formula—N or N2, for 
instance—avoids any confusion.

Converting Between Masses, Moles, and

Atoms/Molecules/Ions

Now we are ready to learn how to relate chemical equations to the amounts of chemicals 
used and produced in reactions.We will use the mole concept with dimensional analysis 
(Section 1.7) to help us (Figure 3.10).
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 Sample Exercise 3.7 
Estimating Numbers of Atoms

Without using a calculator, arrange these samples in order of increasing numbers of carbon atoms: 
12 g 12C, 1 mol C2H2, 9 * 1023 molecules of CO2.

	▶ Practice Exercise
Which of the following samples contains the fewest sodium atoms? 
(a) 1 mol sodium oxide (b) 45 g sodium fluoride  
(c) 50 g sodium chloride (d) 1 mol sodium nitrate

SOLUTION
Analyze We are given amounts of three substances expressed in 
grams, moles, and number of molecules and asked to arrange the 
samples in order of increasing numbers of C atoms.

Plan To determine the number of C atoms in each sample, we 
must convert 12 g 12C, 1 mol C2H2, and 9 * 1023 molecules CO2 to 
numbers of C atoms. To make these conversions, we use the defi-
nition of mole and Avogadro’s number.

Solve One mole is defined as the amount of matter that
contains as many units of the matter as there are C atoms 
in exactly 12 g of 12C. Thus, 12 g of 12C contains 1 mol of 
C atoms = 6.02 * 1023 C atoms. 

One mol of C2H2 contains 6.02 * 1023 C2H2 molecules. Because 
there are two C atoms in each molecule, this sample contains 
12.04 * 1023 C atoms. 

Because each CO2 molecule contains one C atom, the CO2 sample 
contains 9 * 1023 C atoms. 

Hence, the order is 12 g 12C 16 * 1023 C atoms2 6 9 * 1023 CO2 
molecules 19 * 1023 C atoms2 6 1 mol C2H2 112 * 1023 C atoms2.
Check We can check our results by comparing numbers of moles 
of C atoms in the samples because the number of moles is propor-
tional to the number of atoms. Thus, 12 g of 12C is 1 mol C, 1 mol 
of C2H2 contains 2 mol C, and 9 * 1023 molecules of CO2 contain 
1.5 mol C, giving the same order as stated previously.

 Sample Exercise 3.8
Converting Grams to Moles

Calculate the number of moles of glucose (C6H12O6) in a 5.380 g sample.

SOLUTION
Analyze We are given the number of grams of a substance and its 
chemical formula and asked to calculate the number of moles.

Plan The molar mass of a substance provides the factor for 
converting grams to moles. The  molar mass of C6H12O6 is 
180.0 g>mol (Sample Exercise 3.9).

Solve Using 1 mol C6H12O6 = 180.0 g C6H12O6 to write the appro-
priate conversion factor, we have

Moles C6H12O6 = 15.380 g C6H12O62a 1 mol C6H12O6

180.0 g C6H12O6
b

= 0.02989 mol C6H12O6

Check Because 5.380 g is less than the molar mass, an answer less 
than 1 mol is reasonable. The unit mol is appropriate. The original 
data had four significant figures, so our answer has four significant 
figures.

	▶ Practice Exercise
How many moles of water are in 1.00 L of water, whose den-
sity is 1.00 g/mL?

 Sample Exercise 3.9
Converting Moles to Grams

Calculate the mass, in grams, of 0.433 mol of calcium nitrate.

SOLUTION

Analyze We are given the number of moles and the name of a 
substance and asked to calculate the number of grams in the
substance.

Plan To convert moles to grams, we need the molar mass, 
which we can calculate using the chemical formula and 
atomic weights.

Solve Because the calcium ion is Ca2 +  and the nitrate ion is NO3
-, 

the chemical formula for calcium nitrate is Ca1NO322. Adding the 
atomic weights of the elements in the compound gives a formula 
weight of 164.1 u. Using 1 mol Ca1NO322 = 164.1 g Ca1NO322 to 
write the appropriate conversion factor, we have

Grams Ca1NO322 = 10.433 mol Ca(NO322)a164.1 g Ca1NO322
1 mol Ca1NO322 b

= 71.1 g Ca1NO322
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 Check The number of moles is less than 1, so the number of grams 
must be less than the molar mass, 164.1 g. Using rounded num-
bers to estimate, we have 0.5 * 150 = 75 g, which means the 
magnitude of our answer is reasonable. Both the units (g) and the 
number of significant figures (3) are correct.

	▶ Practice Exercise
What is the mass, in grams, of (a) 6.33 mol of NaHCO3 and  
(b) 3.0 * 10-5 mol of sulfuric acid?

Self-Assessment Exercises
Here are a few problems designed to test your understanding of the material.

 3.20 Which of the following samples contains the fewest sodium 
atoms?

(a) 1.0 mol sodium oxide

(b) 45 g sodium fluoride

(c) 50 g sodium chloride

(d) 1.0 mol sodium nitrate

 3.21 A sample of an ionic compound containing iron and  chlorine 
is analyzed and found to have a molar mass of 126.8 g/mol. 
What is the charge of the iron in this compound?
(a) 1+   (b) 2+   (c) 3+   (d) 4+

 3.22 How many chlorine atoms are in 12.2 g of CCl4?

(a) 4.77 * 1022

(b) 7.34 * 1024

(c) 1.91 * 1023

(d) 2.07 * 1023

 Sample Exercise 3.10
Calculating Numbers of Molecules and Atoms from Mass

(a) How many glucose molecules are in 5.23 g of C6H12O6?
(b) How many oxygen atoms are in this sample?

SOLUTION

Analyze We are given the number of grams and the chemical  
formula of a substance and asked to calculate (a) the number  
of molecules and (b) the number of O atoms in the substance.

Plan (a) The strategy for determining the number of molecules in 
a  given quantity of a substance is summarized in Figure 3.12. We 
must convert 5.23 g to moles of C6H12O6 and then convert moles to 

molecules of C6H12O6. The first conversion uses the molar mass of 
C6H12O6, 180.0 g/mol, and the second conversion uses Avogadro’s 
number.
(b) To determine the number of O atoms, we use the fact that there are 
six O atoms in each C6H12O6 molecule. Thus, multiplying the number 
of molecules we calculated in (a) by the factor (6 atoms O>1 molecule 
C6H12O6) gives the number of O atoms.

Solve 

(a)  Convert grams C6H12O6 to 
molecules C6H12O6.

Molecules C6H12O6 = 15.23 g C6H12O62a 1 mol C6H12O6

180.0 g C6H12O6
b a6.02 * 1023 molecules C6H12O6

1 mol C6H12O6
b  

 = 1.75 * 1022 molecules C6H12O6

(b)  Convert molecules C6H12O6 
to atoms O.

Check 
(a) Because the mass we began with is less than a mole, there 
should be fewer than 6.02 * 1023 molecules in the sample,  
which means the magnitude of our answer is reasonable.  
A ballpark estimate of the answer comes reasonably close to the 
answer we derived in this exercise: 5>200 = 2.5 * 10-2 mol; 
(2.5 * 10-2)(6 * 1023) = 15 * 1021 = 1.5 * 1022 molecules.  
The units (molecules) and the number of significant figures 
(three) are appropriate.
(b) The answer is six times as large as the answer to part (a),  
exactly what it should be. The number of significant  
figures (three) and the units (atoms O) are correct.

 Atoms O = 11.75 * 1022 molecules C6H12O62a 6 atoms O
molecule C6H12O6

b  

 = 1.05 * 1023 atoms O

	▶ Practice Exercise
How many chlorine atoms are in 12.2 g of CCl4?  
(a) 4.77 * 1022 
(b) 7.34 * 1024  
(c) 1.91 * 1023 
(d) 2.07 * 1023
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3.5 ∣ FormulaWeights and Elemental
Compositions of Substances

The empirical formula for a substance tells us the relative number of atoms of each ele-
ment in the substance. (Section 2.6) The empirical formula H2O shows that water con-
tains two H atoms for each O atom. This ratio also applies on the molar level: 1 mol of 

Exercises

  (c)  What is the mass, in grams, of 7.70 * 1020 molecules of 
caffeine, C8H10N4O2?

  (d)  What is the molar mass of cholesterol if 0.00105 mol has 
a mass of 0.406 g?

 3.27 The molecular formula of saccharin, an artificial sweetener, is 
C7H5NO3S. (a) What is the molar mass of saccharin? (b) How 
many moles of sachharin are in 2.00 mg of this substance?  
(c) How many molecules are in 2.00 mg of this substance?  
(d) How many C atoms are present in 2.00 mg of saccharin?

 3.28 A sample of glucose, C6H12O6, contains 1.250 * 1021 carbon 
atoms. (a) How many atoms of hydrogen does it contain? 
(b) How many molecules of glucose does it contain? (c) How 
many moles of glucose does it contain? (d) What is the mass 
of this sample in grams?

 3.29 The allowable concentration level of vinyl chloride, C2H3Cl, 
in the atmosphere in a chemical plant is 2.0 * 10-6 g>L. 
How many moles of vinyl chloride in each liter does this rep-
resent? How many molecules per liter?

 3.23 (a) Write “true” or “false” for each statement. (a) A mole of 
ducks contain a mole of feathers. (b) A mole of ammonia gas 
has a mass of 17.0 g. (c) The mass of 1 ammonia molecule is 
17.0 g. (d) A mole of MgSO4(s) contains 4 moles of oxygen 
atoms.

 3.24 Without doing any detailed calculations (but using a peri-
odic table to give atomic weights), rank the following sam-
ples in order of increasing numbers of atoms: 0.5 mol BCl3 
molecules, 197 g gold, 6.0 * 1023 CCl4 molecules.

 3.25 Calculate the following quantities:

(a) mass, in grams, of 0.105 mol sucrose 1C12H22O112
(b) moles of Zn1NO322 in 143.50 g of this substance

(c) number of molecules in 1.0 * 10-6 mol CH3CH2OH

(d) number of N atoms in 0.410 mol NH3

 3.26 (a)  What is the mass, in grams, of 2.50 * 10-3 mol of 
 ammonium phosphate?

  (b)  How many moles of chloride ions are in 0.2550 g of 
 aluminum chloride?

Answers to Self-Assessment Exercises

3.20 (c)3.21 (b)3.22 (c)
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For example, the empirical formula of ascorbic acid (vitamin C) is C3H4O3.. This means 
the empirical formula weight is 3(12.0 amu) + 4(1.0 amu) + 3(16.0 amu) = 88.0 amu. 
The experimentally determined molecular weight is 176 amu. Thus, we find the whole- 
number multiple that converts the empirical formula to the molecular formula by 
dividing

Whole@number multiple =
molecular weight

empirical formula weight
=

176 amu
88.0 amu

= 2

Consequently, we multiply the subscripts in the empirical formula by this multiple, 
 giving the molecular formula: C6H8O6.

 Sample Exercise 3.12
Determining a Molecular Formula

Mesitylene, a hydrocarbon found in crude oil, has an empirical formula of C3H4 and an experimentally determined molecular 
weight of 121 amu. What is its molecular formula?

SOLUTION
Analyze We are given an empirical formula and a molecular  
weight of a compound and asked to determine its molecular 
formula.

Plan The subscripts in a compound’s molecular formula are 
whole-number multiples of the subscripts in its empirical 
 formula. We find the appropriate multiple by using Equation 3.11.

Solve The formula weight of the empirical formula C3H4 is

3112.0 amu2 + 411.0 amu2 = 40.0 amu

Next, we use this value in Equation 3.11 :

Whole@number multiple =
molecular weight

empirical formula weight

=
121
40.0

= 3.03

Only whole-number ratios make physical sense because molecules 
contain whole atoms. The 3.03 in this case could result from a 
small  experimental error in the molecular weight. We therefore 
multiply each subscript in the empirical formula by 3 to give the 
molecular formula: C9H12.

Check We can have confidence in the result because dividing 
 molecular weight by empirical formula weight yields nearly a 
whole number.

	▶ Practice Exercise
Cyclohexane, a commonly used organic solvent, is 85.6% C 
and 14.4% H by mass with a molar mass of 84.2 g>mol.  
What is its  molecular formula?  
(a) C6H (b) CH2 (c) C5H24 (d) C6H12 (e) C4H8

Combustion Analysis

One technique for determining empirical formulas in the laboratory is combustion 
 analysis, commonly used for compounds containing principally carbon and hydrogen.

When a compound containing carbon and hydrogen is completely combusted in 
an apparatus such as that shown in Figure 3.13, the carbon is converted to CO2 and the 
hydrogen is converted to H2O. (Section 3.2). From the masses of CO2 and H2O we can cal-
culate the number of moles of C and H in the original sample and thereby the empirical 
formula. If a third element is present in the compound, its mass can be determined by 
subtracting the measured masses of C and H from the original sample mass.

◀ Figure 3.13 Apparatus for combustion 
analysis.

O2
Sample

Furnace
H2O absorber CO2 absorber

Sample combusted,
producing CO2 and H2O

Mass gained by each absorber corresponds to mass of

CO2 or H2O produced.

H2O and CO2 are trapped
in separate absorbers
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Self-Assessment Exercises
Here are a few problems designed to test your understanding of the material.

 3.30 A 2.144-g sample of phosgene, a compound used as a chem-
ical warfare agent during World War I, contains 0.260 g of 
carbon, 0.347 g of oxygen, and 1.537 g of chlorine. What is 
the empirical formula of this substance?

(a) CO2

(b) COCl2

(c) C0.022O0.022Cl0.044

(d) C2OCl2

 3.31 Cyclohexane, a commonly used organic solvent, is 85.6% 
carbon and 14.4% hydrogen by mass, with a molar mass of 
84.2 g/mol. What is its molecular formula?
(a) C6H
(b) CH2
(c) C5H24
(d) C6H12
(e) C4H8

 3.32 The compound dioxane, which is used as a solvent in vari-
ous industrial processes, is composed of C, H, and O atoms. 
Combustion of a 2.203-g sample of this compound produces 
4.401 g CO2 and 1.802 g H2O. A separate experiment shows 
that it has a molar mass of 88.1 g/mol. Which of the follow-
ing is the correct molecular formula for dioxane?

(a) C2H4O

(b) C4H4O2

(c) CH2

(d) C4H8O2

Exercises
(c) Monosodium glutamate (MSG), a flavor enhancer in  

certain foods, contains 35.51% C, 4.77% H, 37.85% O,  
8.29% N, and 13.60% Na, and has a molar mass of 
169 g>mol.

 3.38 (a) Combustion analysis of toluene, a common organic 
solvent, gives 5.86 mg of CO2 and 1.37 mg of H2O. If the 
compound contains only carbon and hydrogen, what is its 
empirical formula? (b) Menthol, the substance we can smell 
in mentholated cough drops, is composed of C, H, and O. 
A 0.1005-g sample of menthol is combusted, producing 
0.2829 g of CO2 and 0.1159 g of H2O. What is the empiri-
cal formula for menthol? If menthol has a molar mass of 
156 g>mol, what is its molecular formula?

 3.39 Valproic acid, used to treat seizures and bipolar disorder, is 
composed of C, H, and O. A 0.165-g sample is combusted 
to produce 0.166 g of water and 0.403 g of carbon dioxide. 
What is the empirical formula for valproic acid? If the molar 
mass is 144 g>mol, what is the molecular formula?

 3.40 Washing soda, a compound used to prepare hard water for 
washing laundry, is a hydrate, which means that a certain 
number of water molecules are included in the solid struc-
ture. Its formula can be written as Na2CO3

# xH2O, where x is 
the number of moles of H2O per mole of Na2CO3. When a 
2.558-g sample of washing soda is heated at 125 °C, all the 
water of hydration is lost, leaving 0.948 g of Na2CO3. What is 
the value of x?

 3.33 Give the empirical formula of each of the following com-
pounds if a sample contains (a) 0.052 mol C, 0.103 mol 
H, and 0.017 mol O; (b) 2.10 g nickel and 0.58 g oxygen;  
(c) 26.56% K, 35.41% Cr, and 38.03% O by mass.

 3.34 Determine the empirical formulas of the compounds with 
the following compositions by mass:

(a) 74.0% C, 8.7% H, and 17.3% N

(b) 57.5% Na, 40.0% O, and 2.5% H

(c) 41.1% N, 11.8% H, and the remainder S

 3.35 A compound whose empirical formula is XF3 consists of 65% 
F by mass. What is the atomic mass of X?

 3.36 What is the molecular formula of each of the following 
compounds?

(a) empirical formula CH, molar mass 5 78.0 g/mol

(b) empirical formula OH, molar mass 5 34.0 g/mol

 3.37  Determine the empirical and molecular formulas of each of 
the following substances:

(a) Styrene, a compound used to make Styrofoam® cups and 
insulation, contains 92.3% C and 7.7% H by mass and 
has a molar mass of 104 g>mol.

(b) Caffeine, a stimulant found in coffee, contains 49.5% C, 
5.15% H, 28.9% N, and 16.5% O by mass and has a molar 
mass of 195 g>mol.

Answers to Self-Assessment Exercises

3.30(b)3.31(d)3.32(d)
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3.6 ∣ Reaction Stoichiometry

When a chemical reaction is carried out, it’s vital to understand how much of each 
product will be produced and how much of each reactant will be consumed. To carry 
out chemical reactions without this knowledge can lead to unintended consequences.
Maybe an expensive reactant will be wasted because much more of it was added than was 
needed. A reaction might generate more gas than the reaction container can hold, lead-
ing to an explosion. In some reactions, particularly those involving solids, it can be diffi-
cult to separate the desired product from excess reactants. In this section, you will learn 
how to calculate the quantities of reactants consumed and products produced, given a 
balanced chemical equation representing the reaction.

When you finish this section, you should be able to:

• Determine the number of grams (or moles) of a product formed in a chemical reaction 
given the number of grams (or moles) of the reactants, and vice versa

The coefficients in a chemical equation represent the relative numbers of molecules in 
a reaction. The mole concept allows us to convert this information to the masses of the 
substances in the reaction. For instance, the coefficients in the balanced equation:

 2 H21g2 + O21g2 ¡ 2 H2O1l2  [3.16] 

indicate that two molecules of H2 react with one molecule of O2 to form two  molecules 
of H2O. It follows that the relative numbers of moles are identical to the relative numbers 
of molecules:

2 H21g2 + O21g2 ¡ 2 H2O1l2
2 molecules 1 molecule 2 molecules

216.02 * 1023 molecules2 116.02 * 1023 molecules2 216.02 * 1023 molecules2
2 mol 1 mol 2 mol

We can generalize this observation to all balanced chemical equations: The coefficients in a 
balanced chemical equation indicate both the relative numbers of molecules (or formula units) in 
the reaction and the relative numbers of moles. Figure 3.14 shows how this result corresponds 
to the law of conservation of mass.
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The quantities 2 mol H2, 1 mol O2, and 2 mol H2O given by the coefficients in 
 Equation 3.16 are called stoichiometrically equivalent quantities. The relationship 
between these quantities can be represented as

2 mol H2 ] 1 mol O2 ] 2 mol H2O

where the ] symbol means “is stoichiometrically equivalent to.” Stoichiometric relations 
such as these can be used to convert between quantities of reactants and products in a chemi-
cal reaction. For example, the number of moles of H2O produced from 1.57 mol of O2 is

Moles H2O = 11.57 mol O22a2 mol H2O
1 mol O2

b = 3.14 mol H2O

As an additional example, consider the combustion of butane 1C4H102, the fuel in 
disposable lighters:

 2 C4H101l2 + 13 O21g2 ¡ 8 CO21g2 + 10 H2O1g2  [3.17] 

Let’s calculate the mass of CO2 produced when 1.00 g of C4H10 is burned. The coefficients 
in Equation 3.17 tell us how the amount of C4H10 consumed is related to the amount of 
CO2 produced: 2 mol C4H10 ] 8 mol CO2. To use this stoichiometric relationship, we 
must convert grams of C4H10 to moles using the molar mass of C4H10, 58.0 g>mol:

 Moles C4H10 = 11.00 g C4H102a 1 mol C4H10

58.0 g C4H10
b

  = 1.72 * 10-2 mol C4H10

We then use the stoichiometric factor from the balanced equation to calculate moles of CO2:

 Moles CO2 = 11.72 * 10-2 mol C4H102a 8 mol CO2

2 mol C4H10
b

 = 6.88 * 10-2 mol CO2

Finally, we use the molar mass of CO2, 44.0 g>mol, to calculate the CO2 mass in grams:

 Grams CO2 = 16.88 * 10-2 mol CO22a44.0 g CO2

1 mol CO2
b

 = 3.03 g CO2

This conversion sequence involves three steps, as illustrated in Figure 3.15. These three 
conversions can be combined in a single equation:

 Grams CO2 = 11.00 g C4H102a 1 mol C4H10

58.0 g C4H10
b a 8 mol CO2

2 mol C4H10
b a44.0 g CO2

1 mol CO2
b  

 = 3.03 g CO2

◀ Figure 3.14 Interpreting a balanced 
chemical equation quantitatively.

Chemical
equation: 12 H2(g) 2 H2O(l)O2(g)

Convert to grams (using molar masses)

Molecular
interpretation:

Mole-level
interpretation:

2 molecules H2 1 molecule O2 2 molecules H2O

2 mol H2 1 mol O2 2 mol H2O

4.0 g H2 32.0 g O2 36.0 g H2O

Notice the conservation of mass

(4.0 g + 32.0 g = 36.0 g)
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Exercises
(a) How many moles of N2 are produced by the decomposi-

tion of 1.50 mol of NaN3?

(b) How many grams of NaN3 are required to form 10.0 g of 
nitrogen gas?

(c) How many grams of NaN3 are required to produce 
10.0 ft3 of nitrogen gas, about the size of an automotive 
air bag, if the gas has a density of 1.25 g/L?

 3.49 A piece of aluminum foil 1.00 cm2 and 0.550-mm thick is 
 allowed to react with bromine to form aluminum bromide.

  (a) How many moles of aluminum were used? (The  density of 
aluminum is 2.699 g>cm3.) (b) How many grams of  aluminum 
bromide form, assuming the aluminum reacts completely?

 3.50  The complete combustion of octane, C8H18, produces 5470 kJ 
of heat. Calculate how many grams of octane is required to 
produce 20,000 kJ of heat.

 3.45 Hydrofluoric acid, HF(aq), cannot be stored in glass bottles 
because compounds called silicates in the glass are attacked 
by the HF(aq). Sodium silicate 1Na2SiO32, for example, reacts 
as follows: 

Na2SiO31s2 + 8 HF1aq2 ¡  H2SiF61aq2 + 2 NaF1aq2 + 3 H2O1l2
(a) How many moles of HF are needed to react with 0.300 

mol of Na2SiO3?

(b) How many grams of NaF form when 0.500 mol of HF 
reacts with excess Na2SiO3?

(c) How many grams of Na2SiO3 can react with 0.800 g of HF?

 3.46 Several brands of antacids use Al1OH23 to react with stomach 
acid, which contains primarily HCl:

  Al1OH231s2 + HCl1aq2 ¡ AlCl31aq2 + H2O1l2
(a) Balance this equation.

(b) Calculate the number of grams of HCl that can react 
with 0.500 g of Al1OH23.

(c) Calculate the number of grams of AlCl3 and the number 
of grams of H2O formed when 0.500 g of Al1OH23 reacts.

(d) Show that your calculations in parts (b) and (c) are con-
sistent with the law of conservation of mass.

 3.47 Aluminum sulfide reacts with water to form aluminum hydr-
oxide and hydrogen sulfide. (a) Write the balanced  chemical 
equation for this reaction. (b) How many grams of aluminum 
hydroxide are obtained from 14.2 g of aluminum sulfide?

 3.48 Automotive air bags inflate when sodium azide, NaN3, 
 rapidly decomposes to its component elements:

  2 NaN31s2 ¡ 2 Na1s2 + 3 N21g2

Answers to Self-Assessment Exercises

3.41 True3.42 (a)3.43 (d)3.44 (c)

3.7 ∣ Limiting Reactants
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Often, the reactants used in a chemical reaction are not present in precise stoichiometric 
amounts. For example, a natural gas-fired power plant generates electricity by produc-
ing hot gases that drive turbines, predominantly through the following combustion 
reaction:

 CH41g2 + 2 O21g2 ¡ CO21g2 + 2 H2O1g2  [3.18] 

Power plants typically operate with an excess of O2(g) to achieve the maximum energy 
from the hydrocarbon fuel and minimize production of harmful byproducts, like car-
bon monoxide, that result from incomplete combustion. Consequently, the amount of 
CH4 introduced determines how much CO2 and H2O water are produced, as well as the 
amount of energy released. In this section, we will learn how to do quantitative calcula-
tions for reactions where the reactants are not present in stoichiometrically equivalent 
quantities.

When you have completed this section, you should be able to:

• Identify limiting reactants and calculate amounts, in grams or moles, of reactants 
consumed and products formed in chemical reactions.

• Calculate the percent yield of a chemical reaction from the actual yield and the quan-
tities of each reactant.

Suppose you wish to make several sandwiches using one slice of cheese and two slices of 
bread for each. Using Bd = bread, Ch = cheese, and Bd2Ch = sandwich, we can repre-
sent the recipe for making a sandwich like a chemical equation:

 2 Bd + Ch ¡ Bd2Ch [3.19]

If you have ten slices of bread and seven slices of cheese, you can make only five sand-
wiches and will have two slices of cheese left over. The amount of bread available limits 
the number of sandwiches.

An analogous situation occurs in chemical reactions when one reactant is used up 
before the others. The reaction stops as soon as any reactant is totally consumed, leaving 
the excess reactants as leftovers. Suppose, for example, we have a mixture of 10 mol H2

and 7 mol O2, which react to form water:

 2 H21g2 + O21g2 ¡ 2 H2O1g2 [3.20]

Because 2 mol H2 ] 1 mol O2, the number of moles of O2 needed to react with all the H2 is

Moles O2 = 110 mol H22a1 mol O2

2 mol H2
b = 5 mol O2

Because 7 mol O2 is available at the start of the reaction, 7 mol O2 - 5 mol O2 =  2 mol O2 
is still present when all the H2 is consumed.

The reactant that is completely consumed in a reaction is called the limiting 
 reactant because it determines, or limits, the amount of product formed. The other 
reactants are sometimes called excess reactants. In our example, shown in Figure 3.16, H2 
is the limiting reactant, which means that once all the H2 has been consumed, the reac-
tion stops. At that point some of the excess reactant O2 is left over.

There are no restrictions on the starting amounts of reactants in any reaction. 
Indeed, many reactions are carried out using an excess of one reactant. The quantities 
of reactants consumed and products formed, however, are restricted by the quantity of 
the limiting reactant. For example, when a combustion reaction takes place in the open 
air, oxygen is plentiful and is therefore the excess reactant. If you run out of fuel while 
driving, the car stops because the fuel is the limiting reactant in the combustion reaction 
that moves the car. Before we leave the example illustrated in Figure 3.16, let’s summarize 
the data:

 2 H21g2   O21g2 i  2 H2O1g2
Before reaction: 10 mol  7 mol  0 mol

Change (reaction): -10 mol -5 mol +10 mol

After reaction: 0 mol  2 mol  10 mol
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SOLUTION
Analyze We are asked to calculate the amount of a product, 
 given the amounts of two reactants, so this is a limiting reactant 
problem.

Plan To identify the limiting reactant, we can calculate the 
 number of moles of each reactant and compare their ratio with 
the ratio of coefficients in the balanced equation. We then use the 
quantity of the limiting reactant to calculate the mass of water 
that forms.

Solve From the balanced equation, we have the stoichiometric 
relations

2 mol H2 ] 1 mol O2 ] 2 mol H2O

Using the molar mass of each substance, we calculate the number 
of moles of each reactant:

 Moles H2 = 1150 g H22a 1 mol H2

2.02 g H2
b = 74 mol H2  

 Moles O2 = 11500 g O22a 1 mol O2

32.0 g O2
b = 47 mol O2

The coefficients in the balanced equation indicate that the reaction 
requires 2 mol of H2 for every 1 mol of O2. Therefore, for all the 
O2 to completely react, we would need 2 * 47 = 94 mol of H2. 
Since there are only 74 mol of H2, all of the O2 cannot react, so it is 
the excess reactant, and H2 must be the limiting reactant. (Notice 
that the limiting reactant is not necessarily the one present in the 
lowest amount.)

We use the given quantity of H2 (the limiting reactant) to calcu-
late the quantity of water formed. We could begin this calculation 

Sample Exercise 3.17
Calculating the Amount of Product Formed from a Limiting Reactant

	▶ Practice Exercise
Molten gallium reacts with arsenic to form the semiconductor, 
gallium arsenide, GaAs, used in light–emitting diodes and 
solar cells:

Ga1l2 + As1s2 ¡ GaAs1s2
If 4.00 g of gallium is reacted with 5.50 g of arsenic, how many 
grams of the excess reactant are left at the end of the reaction? 
(a) 1.20 g As (b) 1.50 g As (c) 4.30 g As (d) 8.30 g Ga

with the given H2 mass, 150 g, but we can save a step by starting 
with the moles of H2, 74 mol, we just calculated:

 Grams H2O = 174 mol H22a2 mol H2O
2 mol H2

b a18.0 g H2O

1 mol H2O
b  

 = 1.3 * 102  g  H2O 

Check The magnitude of the answer seems reasonable based on 
the amounts of the reactants. The units are correct, and the  
number of significant figures (two) corresponds to those in the 
values given in the problem statement.

Comment The quantity of the limiting reactant, H2, can also be 
used to determine the quantity of O2 used:

 Grams O2 = 174 mol H22a1 mol O2

2 mol H2
b a32.0 g O2

1 mol O2
b  

 = 1.2 * 103 g O2

The mass of O2 remaining at the end of the reaction equals the 
starting amount minus the amount consumed:

1500 g - 1200 g = 300 g.

 

The reaction

2 H21g2 + O21g2 ¡ 2 H2O1g2
is used to produce electricity in a hydrogen fuel cell. Suppose a fuel cell contains 150 g of H21g2 and 1500 g of O21g2 (each 
measured to two significant figures). How many grams of water can form?

Theoretical and Percent Yields

The quantity of product calculated to form when all the limiting reactant is consumed 
is called the theoretical yield. The amount of product actually obtained, called the 
actual yield, is almost always less than (and can never be greater than) the theoretical 
yield. There are many reasons for this difference. Some of the reactants may not react, 
for example, or they may react in a way different from that desired (side reactions). In 
addition, it is not always possible to recover all of the product from the reaction  mixture. 
The percent yield of a reaction is the actual yield divided by the theoretical yield, mul-
tiplied by 100 to convert to percent:

 Percent yield =
actual yield

theoretical yield
* 100% 

	▶ Practice Exercise
When 24 mol of methanol and 15 mol of oxygen combine 
in the combustion reaction 2 CH3OH1l2 + 3 O21g2 ¡
2 CO21g2 + 4 H2O1g2, what is the excess reactant and how  

 many moles of it remains at the end of the reaction?  
(a) 9 mol CH3OH1l2 (b) 10 mol CO21g2 (c) 10 mol CH3OH1l2  
(d) 14 mol CH3OH1l2 (e) 1 mol O21g2
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One of the most important skills you can learn in school is how to 
think like a scientist. Questions such as: “What experiment might 
test this hypothesis?”, “How do I interpret these data?”, and “Do 
these data support the hypothesis?” are asked every day by chemists 
and other scientists as they go about their work.

We want you to become a good critical thinker as well as an 
 active, logical, and curious learner. For this purpose, starting in this 
chapter, we include at the end of each chapter a special exercise 
called “Design an Experiment.” Here is an example:

Is milk a pure liquid or a mixture of chemical components in water? 
Design an experiment to distinguish between these two possibilities.

You might already know the answer—milk is indeed a mixture 
of components in water—but the goal is to think of how to demon-
strate this in practice. Upon thinking about it, you will likely realize 
that the key idea for this experiment is separation: You can prove 
that milk is a mixture of chemical components if you can figure out 
how to separate these components.

Testing a hypothesis is a creative endeavor. While some exper-
iments may be more efficient than others, there is often more than 
one good way to test a hypothesis. Our question about milk, for 
example, might be explored by an experiment in which you boil a 
known quantity of milk until it is dry. Does a solid residue form in 
the bottom of the pan? If so, you could weigh it and calculate the per-
centage of solids in milk, which would offer good evidence that milk 
is a mixture. If there is no residue after boiling, then you still cannot 
distinguish between the two possibilities.

What other experiments might you do to demonstrate that milk 
is a mixture? You could put a sample of milk in a centrifuge, which 

you might have used in a biology lab, spin your sample, and observe 
if any solids collect at the bottom of the centrifuge tube; large mole-
cules can be separated in this way from a mixture. Measurement of 
the mass of the solid at the bottom of the tube is a way to obtain a 
value for the % solids in milk and also tells you that milk is indeed a 
mixture.

Keep an open mind: Lacking a centrifuge, how else might you 
separate solids in the milk? You could consider using a filter with re-
ally tiny holes in it or perhaps even a fine strainer. You could propose 
that if milk were poured through this filter, some (large) solid com-
ponents should stay on the top of the filter, while water (and really 
small molecules or ions) would pass through the filter. That result 
would be evidence that milk is a mixture. Does such a filter exist? Yes! 
But for our purposes, the existence of such a filter is not the point: 
The point is, can you use your imagination and your knowledge of 
chemistry to design a reasonable experiment? Don’t worry too much 
about the exact apparatus you need for the Design an Experiment ex-
ercises. The goal is to imagine what you would need to do, or what 
kind of data you would need to collect, in order to answer the ques-
tion. If your instructor allows it, you can collaborate with others in 
your class to develop ideas. Scientists discuss their ideas with other 
scientists all the time. We find that discussing ideas, and refining 
them, makes us better scientists and helps us collectively answer im-
portant questions.

The design and interpretation of scientific experiments is at the 
heart of the scientific method. Think of the Design an Experiment 
exercises as puzzles that can be solved in various ways, and enjoy 
your explorations!

STRATEGIES FOR SUCCESS Design an Experiment

Solve

(a) The theoretical yield is:

	▶ Practice Exercise
If 3.00 g of titanium metal is reacted with 6.00 g of chlorine 
gas, Cl2, to form 7.7 g of titanium(IV) chloride in a combina-
tion reaction, what is the percent yield of the product? 
(a) 65% (b) 96% (c) 48% (d) 86%

Check We can check our answer in (a) by doing a ballpark calcula-
tion. From the balanced equation we know that each mole of cy-
clohexane gives 1 mol adipic acid. We have 25>84 ≈ 25>75 = 0.3 
mol hexane, so we expect 0.3 mol adipic acid, which equals about 
0.3 * 150 = 45 g, about the same magnitude as the 43.5 g  
obtained in the more detailed calculation given previously. In 
 addition, our answer has the appropriate units and number of sig-
nificant figures. In (b) the answer is less than 100%, as it must be 
from the definition of percent yield.

    

 Grams H2C6H8O4 = 125.0 g C6H122a 1 mol C6H12

84.0 g C6H12
b a2 mol H2C6H8O4

2 mol C6H12
b a146.0 g H2C6H8O4

1 mol H2C6H8O4
b  

       = 43.5 g H2C6H8O4

(b) The percent yield is: Percent yield =
actual yield

theoretical yield
* 100% =

33.5 g

43.5 g
* 100% = 77.0%

Sample Exercise 3.18
Calculating Theoretical Yield and Percent Yield

Adipic acid, H2C6H8O4, used to produce nylon, is made commercially by a reaction between cyclohexane 1C6H122 and O2:

2 C6H121l2 + 5 O21g2 ¡ 2 H2C6H8O41l2 + 2 H2O1g2
(a) Assume that you carry out this reaction with 25.0 g of cyclohexane and that cyclohexane is the limiting reactant. What is the 
theoretical yield of adipic acid? (b) If you obtain 33.5 g of adipic acid, what is the percent yield for the reaction?

SOLUTION
Analyze We are given a chemical equation and the quantity of the 
limiting reactant (25.0 g of C6H12). We are asked to calculate the 
theoretical yield of a product H2C6H8O4 and the percent yield if 
only 33.5 g of product is obtained.

Plan

(a)  The theoretical yield, which is the calculated quantity of 
adipic acid formed, can be calculated using the sequence of 
conversions shown in Figure 3.15.

(b)  The percent yield is calculated by using Equation 3.14 to com-
pare the given actual yield (33.5 g) with the theoretical yield.
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Exercises
limiting reactant? (b) How many grams of carbon dioxide 
form? (c) How many grams of the excess reactant remain 
 after the limiting reactant is completely consumed?

 3.58 Solutions of sodium carbonate and silver nitrate react to 
form solid silver carbonate and a solution of sodium nitrate. 
A solution containing 3.50 g of sodium carbonate is mixed 
with one containing 5.00 g of silver nitrate. How many 
grams of sodium carbonate, silver nitrate, silver carbonate, 
and  sodium nitrate are present after the reaction is complete?

 3.59 When benzene 1C6H62 reacts with bromine 1Br22, bromo-
benzene 1C6H5Br2 is obtained:

  C6H6 + Br2 ¡ C6H5Br + HBr

  (a) When 30.0 g of benzene reacts with 65.0 g of bromine, what 
is the theoretical yield of bromobenzene? (b) If the  actual yield 
of bromobenzene is 42.3 g, what is the percentage yield?

 3.60  Hydrogen sulfide is an impurity in natural gas that must be 
removed. One common removal method is called the Claus 
process, which relies on the reaction:

  8 H2S1g2 + 4 O21g2 ¡ S81l2 + 8 H2O1g2
  Under optimal conditions the Claus process gives 98% yield of S8 

from H2S. If you started with 30.0 g of H2S and 50.0 g of O2, how 
many grams of S8 would be produced, assuming 98% yield?

 3.54 (a) Define the terms limiting reactant and excess reactant. 
(b) Why are the amounts of products formed in a reaction 
determined only by the amount of the limiting reactant?  
(c) Why should you base your choice of which compound is 
the limiting reactant on its number of initial moles, not on 
its initial mass in grams?

 3.55 Consider the mixture of ethanol, C2H5OH, and O2 shown in 
the accompanying diagram. (a) Write a balanced equation 
for the combustion reaction that occurs between ethanol 
and oxygen. (b) Which reactant is the limiting reactant?  
(c) How many molecules of CO2, H2O, C2H5OH, and O2 will 
be present if the reaction goes to completion?

 3.56 Sodium hydroxide reacts with carbon dioxide as follows:

 2 NaOH1s2 + CO21g2 ¡ Na2CO31s2 + H2O1l2
  Which is the limiting reactant when 1.85 mol NaOH and 

1.00 mol CO2 are allowed to react? How many moles of 
Na2CO3 can be produced? How many moles of the excess 
 reactant  remain after the completion of the reaction?

 3.57 The fizz produced when an Alka-Seltzer tablet is dissolved 
in water is due to the reaction between sodium bicarbonate 1NaHCO32 and citric acid 1H3C6H5O72:

  3 NaHCO31aq2 + H3C6H5O71aq2 ¡  

  3 CO21g2 + 3H2O1l2 + Na3C6H5O71aq2
  In a certain experiment 1.00 g of sodium bicarbonate and 

1.00 g of citric acid are allowed to react. (a) Which is the 

Answers to Self-Assessment Exercises

3.51 (d)3.52 (a)3.53 (b)

Self-Assessment Exercises
Here are a few problems designed to test your understanding of the material.

 3.51 When 24 mol of methanol and 15 mol of oxygen combine 
in the combustion reaction 2 CH3OH1l2 + 3 O21g2 ¡
2 CO21g2 + 4 H2O1g2, what is the excess reactant and how 
many moles of it remains at the end of the reaction?

(a) 9 mol CH3OH1l2
(b) 10 mol CO21g2
(c) 10 mol CH3OH1l2
(d) 14 mol CH3OH1l2
(e) 1 mol O21g2

 3.52 Molten gallium reacts with arsenic to form the semiconduc-
tor, gallium arsenide, GaAs, used in light–emitting diodes 
and solar cells:

Ga1l2 + As1s2 ¡ GaAs1s2

  If 4.00 g of gallium reacted with 5.50 g of arsenic, how many 
grams of the excess reactant are left at the end of the reaction? 

(a) 1.20 g As

(b) 1.50 g As

(c) 4.30 g As

(d) 8.30 g Ga

 3.53 If 3.00 g of titanium metal is reacted with 6.00 g of chlorine 
gas, Cl2, to form 7.7 g of titanium(IV) chloride in a combina-
tion reaction, what is the percent yield of the product? 

(a) 65%
(b) 96%
(c) 48%
(d) 86%
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Chapter Summary and Key Terms

CHEMICAL EQUATIONS (INTRODUCTION AND SECTION 3.1)  
The study of the quantitative relationships between chemical  
formulas and chemical equations is known as stoichiometry. One of 
the  important concepts of stoichiometry is the law of conservation 
of mass, which states that the total mass of the products of a chem-
ical reaction is the same as the total mass of the reactants. The same 
numbers of atoms of each type are present before and after a chem-
ical  reaction. A balanced chemical equation shows equal numbers of 
atoms of each element on each side of the equation. Equations are 
balanced by placing coefficients in front of the chemical formu-
las for the reactants and products of a reaction, not by changing the 
 subscripts in  chemical formulas.

SIMPLE PATTERNS OF CHEMICAL REACTIVITY (SECTION 3.2)  
Among the reaction types described in this chapter are (1) combination  
reactions, in which two reactants combine to form one product;  
(2) decomposition reactions, in which a single reactant forms two or 
more products; and (3) combustion reactions in oxygen, in which a 
substance, typically a hydrocarbon, reacts rapidly with O2 to form 
CO2 and H2O.

FORMULA WEIGHTS (SECTION 3.3) Much quantitative infor-
mation can be determined from chemical formulas and balanced
chemical equations by using atomic weights. The formula weight of a 
compound equals the sum of the atomic weights of the atoms in its 
formula. If the formula is a molecular formula, the formula weight is 
also called the molecular weight. Atomic weights and formula weights 
can be used to determine the elemental composition of a compound.

AVOGADRO’S NUMBER AND THE MOLE (SECTION 3.4) A mole of 
any substance contains Avogadro’s number 16.02 * 10232 of formula 

units of that substance. The mass of a mole of atoms, molecules, or ions 
(the molar mass) equals the formula weight of that material expressed 
in grams. The mass of 1 molecule of H2O, for example, is 18.0 u,  
so the mass of 1 mol of H2O is 18.0 g. That is, the molar mass of 
H2O is 18.0 g>mol.

EMPIRICAL FORMULAS FROM ANALYSIS (SECTION 3.5) The em-
pirical formula of any substance can be determined from its percent
composition by calculating the relative number of moles of each 
atom in 100 g of the substance. If the substance is molecular in na-
ture, its molecular formula can be determined from the empirical 
formula if the molecular weight is also known. Combustion analysis 
is a special technique for determining the empirical formulas of com-
pounds containing only carbon, hydrogen, and/or oxygen.

QUANTITATIVE INFORMATION FROM BALANCED EQUATIONS 
AND LIMITING REACTANTS (SECTIONS 3.6 AND 3.7) The mole
concept can be used to calculate the relative quantities of reactants 
and products in chemical reactions. The coefficients in a balanced 
equation give the relative numbers of moles of the reactants and 
products. To calculate the number of grams of a product from the 
number of grams of a reactant, first convert grams of reactant to 
moles of reactant. Then use the coefficients in the balanced equa-
tion to convert the number of moles of reactant to moles of product. 
 Finally, convert moles of product to grams of product.

A limiting reactant is completely consumed in a reaction. When 
it is used up, the reaction stops, thus limiting the quantities of prod-
ucts formed. The theoretical yield of a reaction is the quantity of prod-
uct calculated to form when all of the limiting reactant reacts. The
actual yield of a reaction is always less than the theoretical yield. The 
percent yield compares the actual and theoretical yields.

Key Equations

•      =
anumber of atoms

of element
b aatomic weight

of element
b

formula weight of compound
* 100% [3.15] 

% mass composition  
of element This is the formula to calculate the mass percentage 

of each element in a compound. The sum of all the 
percentages of all the elements in a  compound should 
add up to 100%.

• Percent yield =
actual yield

theoretical yield
* 100% This is the formula to calculate the percent yield of a 

reaction. The percent yield can never be more than 
100%.

Learning Outcomes After studying this chapter, you should be able to:

• Balance chemical equations. (Section 3.1)  
Related Exercises: 3.5, 3.70

• Predict the products of simple combination, decomposition, and 
combustion reactions. (Section 3.2) Related Exercises: 3.12, 3.74

• Calculate formula weights. (Section 3.3) Related Exercises: 3.17, 3.76

• Convert grams to moles and vice versa using molar masses. 
(Section 3.4) Related Exercises: 3.25, 3.81

• Convert number of molecules to moles and vice versa using 
Avogadro’s number. (Section 3.4) Related Exercises: 3.27, 3.83

• Calculate the empirical and molecular formulas of a com-
pound from percentage composition and molecular weight. 
(Section 3.5) Related Exercises: 3.37, 3.90

• Identify limiting reactants and calculate amounts, in grams or 
moles, of reactants consumed and products formed for a reac-
tion. (Section 3.6) Related Exercises: 3.47, 3.96

• Calculate the percent yield of a reaction. (Section 3.7)  
Related Exercises: 3.59, 3.105
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  Based on this diagram, which equation best describes the 
 reaction? [Section 3.1 ]

(a) A2 + B ¡ A2B

(b) A2 + 4 B ¡ 2 AB2

(c) 2 A + B4 ¡ 2 AB2

(d) A + B2 ¡ AB2

 3.62 The following diagram shows the combination reaction 
 between hydrogen, H2, and carbon monoxide, CO, to 
 produce methanol, CH3OH (white spheres are H, black spheres 
are C, red spheres are O). The correct number of CO molecules 
 involved in this reaction is not shown. [Section 3.1]

(a) Determine the number of CO molecules that should be 
shown in the left (reactants) box.

(b) Write a balanced chemical equation for the reaction.

Exercises

Visualizing Concepts

 3.61 The reaction between reactant A (blue spheres) and reactant 
B (red spheres) is shown in the following diagram: 

CO molecules

not shown

 3.63 The following diagram represents the collection of elements 
formed by a decomposition reaction. (a) If the blue spheres 
represent N atoms and the red ones represent O atoms, 
what was the empirical formula of the original compound?  
(b) Could you draw a diagram representing the molecules 
of the compound that had been decomposed? Why or why 
not? [Section 3.2 ]

 3.64  The following diagram represents the collection of CO2 and 
H2O molecules formed by complete combustion of a hydro-
carbon. What is the empirical formula of the hydrocarbon? 
[Section 3.2]

 3.65 Glycine, an amino acid used by organisms to make proteins, 
is represented by the following molecular model.

(a) Write its molecular formula.

(b) Determine its molar mass.

(c) Calculate how many moles of glycine are in a 100.0-g 
sample of glycine.

(d) Calculate the percent nitrogen by mass in glycine.  
[Sections 3.3 and 3.5]

 3.66  The following diagram represents a high-temperature 
 reaction between CH4 and H2O. Based on this reaction, find 
how many moles of each product can be obtained starting 
with 4.0 mol CH4. [Section 3.6]

 3.67 Nitrogen 1N22 and hydrogen 1H22 react to form ammonia 1NH32. Consider the mixture of N2 and H2 shown in the 
 accompanying diagram. The blue spheres represent N, and 
the white ones represent H. (a) Write the balanced chemical 
equation for the reaction. (b) What is the limiting reactant? 
(c) How many molecules of ammonia can be made, assum-
ing the reaction goes to completion, based on the diagram?  
(d) Are any reactant molecules left over, based on the diagram? 
If so, how many of which type are left over? [Section 3.7]
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 3.68 Nitrogen monoxide and oxygen react to form nitrogen dioxide. 
Consider the mixture of NO and O2 shown in the accompany-
ing diagram. The blue spheres represent N, and the red ones 
represent O. (a) How many molecules of NO2 can be formed, 
assuming the reaction goes to completion? (b) What is the lim-
iting reactant? (c) If the actual yield of the reaction was 75% 
instead of 100%, how many molecules of each kind would be 
present after the reaction was over?

 3.75 Balance the following equations and indicate whether 
they are combination, decomposition, or combustion 
reactions:

(a) NaClO31s2 ¡ NaCl1s2 +  O2(g)

(b) NH4OH1aq2 ¡ H2O1l2 +  NH3(g)

(c) K1s2 +  Cl2(g) ¡ KCl(s)

(d) C2H5OH1l2 +  O2(g) ¡ CO2(g) +  H2O(l)

Formula Weights (Section 3.3)

 3.76 Determine the formula weights of each of the following 
compounds: (a) Butyric acid, CH3CH2CH2COOH, which is 
responsible for the rotten smell of spoiled food; (b) sodium 
perborate, NaBO3, a substance used as bleach; (c) calcium 
carbonate, CaCO3, a substance found in marble. (c) CF2Cl2, 
a refrigerant known as Freon; (d) NaHCO3, known as baking 
soda and used in bread and pastry baking; (e) iron pyrite, FeS2, 
which has a golden appearance and is known as “Fool’s Gold.”

 3.77 Calculate the percentage by mass of the indicated element in the 
following compounds: (a) hydrogen in methane, CH4, the major 
hydrocarbon in natural gas; (b) oxygen in vitamin E, C29H50O2; 
(c) sulphur in magnesium sulphate, MgSO4, a substance used 
as a drying agent; (d) nitrogen in epinephrine, C9H13NO3 , also 
known as adrenalin, a hormone that is important for the fight-
or-flight response; (e) oxygen in the insect pheromone sulcatol, 
C8H16O; (f) carbon in sucrose, C12H22O11, the compound that is 
responsible for the sweet taste of table sugar.

 3.78 Calculate the percentage of carbon by mass in each of the 
compounds represented by the following models:

Avogadro’s Number and the Mole (Section 3.4)

 3.79 (a) What is the mass, in grams, of one mole of 79Br? (b) How 
many bromine atoms are present in one mole of 79Br?

 3.80 Without doing any detailed calculations (but using a periodic 
table to give atomic weights), rank the following samples in 
order of increasing numbers of atoms: 0.2 mol PCl5 mole-
cules, 80 g Fe2O3, 3.0 3 1023 CO molecules.

 3.81 Calculate the following quantities:

(a) mass, in grams, of 1.50 * 10-2 mol CdS

(b) number of moles of NH4Cl in 86.6 g of this substance

(c) number of molecules in 8.447 * 10-2 mol C6H6

(d) number of O atoms in 6.25 * 10-3 mol Al1NO323
 3.82  (a)  What is the mass, in grams, of 1.223 mol of iron(III) 

sulfate?

  (b)  How many moles of ammonium ions are in 6.955 g of 
ammonium carbonate?

N

(a) (b)

(d)(c)

S

Chemical Equations and Simple Patterns
of Chemical Reactivity (Section 3.1)

 3.69 A key step in balancing chemical equations is correctly iden-
tifying the formulas of the reactants and products. For exam-
ple, consider the reaction between calcium oxide, CaO(s), and 
H2O1l2 to form aqueous calcium hydroxide. (a) Write a bal-
anced chemical equation for this combination reaction, hav-
ing correctly identified the product as Ca1OH221aq2. (b) Is it 
possible to balance the equation if you incorrectly identify the 
product as CaOH1aq2, and if so, what is the equation?

 3.70 Balance the following equations:

(a) HClO41aq2 + P4O101s2 ¡ HPO31aq2 +  Cl2O7(l)

(b) Au2S31s2 + H21g2 ¡ Au1s2 + H2S1g2
(c) Ba3N21s2 + H2O1aq2 ¡ Ba(OH)21aq2 + NH31g2
(d) Na2CO31aq2 + HCl1aq2¡ NaCl1aq2 + H2O1l2 +  CO2(g)

 3.71 Balance the following equations:

(a) CF41l2 + Br21g2 ¡ CBr41l2 + F21g2
(b) Cu1s2 + HNO31aq2 ¡ Cu(NO3)21aq2 + NO21g) +  H2O(l)

(c) MnO21s2 + HCl1aq2 ¡ MnCl21s2 + H2O1l2 +  Cl2(g)

(d) KOH1aq2 + H3PO41aq2 ¡ K3PO41aq2 + H2O1l2 
 3.72 Write balanced chemical equations to correspond to each

of the following descriptions: (a) When sulfur trioxide gas 
 reacts with water, a solution of sulfuric acid forms.(b) Boron 
sulfide, B2S31s2, reacts violently with water to form dissolved 
boric acid, H3BO3, and hydrogen sulfide gas. (c) Phosphine, 
PH31g2, combusts in oxygen gas to form water vapor and 
solid tetraphosphorus decaoxide. (d) When solid mercury(II) 
nitrate is heated, it decomposes to form solid mercury(II) 
 oxide, gaseous nitrogen dioxide, and oxygen. (e) Copper 
metal reacts with hot concentrated sulfuric acid solution to 
form aqueous copper(II) sulfate, sulfur dioxide gas, and water.

Patterns of Chemical Reactivity (Section 3.2)

 3.73 (a) When a compound containing C, H, and O is completely 
combusted in air, what reactant besides the hydrocarbon 
is involved in the reaction? (b) What products form in this 
reaction? (c) What is the sum of the coefficients in the bal-
anced chemical equation for the combustion of one mole of 
acetone, C3H6O1l2, in air?

 3.74 Write a balanced chemical equation for the reaction that oc-
curs when (a) titanium metal reacts with O21g2; (b) silver(I) 
oxide decomposes into silver metal and oxygen gas when 
heated; (c) propanol, C3H7OH1l2 burns in air; (d) methyl 
tert-butyl ether, C5H12O1l2, burns in air.
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  (c)  What is the mass, in grams, of 1.50 * 1021 molecules of 
aspirin, C9H8O4?

  (d)  What is the molar mass of diazepam (Valium®) if 0.05570 
mol has a mass of 15.86 g?

 3.83 The molecular formula of salicylic acid, a compound com-
monly found in facial cleanser, is C7H6O3. (a) What is the 
molar mass of salicylic acid? (b) How many moles of  salicylic 
acid are present in 0.5 mg of this substance? (c) How many 
molecules of salicylic acid are in 0.5 mg of this substance? 
(d) How many oxygen atoms are present in 0.5 mg of  salicylic 
acid?

 3.84 A sample of the male sex hormone testosterone, C19H28O2, 
contains 3.88 * 1021 hydrogen atoms. (a) How many  atoms 
of carbon does it contain? (b) How many molecules of 
 testosterone does it contain? (c) How many moles of testos-
terone does it contain? (d) What is the mass of this sample in 
grams?

 3.85 At least 25 mg of tetrahydrocannabinol (THC), the active 
 ingredient in marijuana, is required to produce intoxi-
cation. The molecular formula of THC is C21H30O2. How 
many moles of THC does this 25 mg represent? How many 
molecules?

Empirical Formulas from Analyses (Section 3.5)

 3.86  Determine the empirical formula of each of the following 
compounds if a sample contains (a) 3.92 mol C, 5.99 mol H, 
and 2.94 mol O; (b) 12.0 g calcium and 2.8 g nitrogen; (c) 
89.14% Au and 10.86% O by mass.

 3.87  Determine the empirical formulas of the compounds with 
the following compositions by mass:

(a) 42.1% Na, 18.9% P, and 39.0% O

(b) 18.7% Li, 16.3% C, and 65.0% O

(c) 60.0% C, 4.4% H, and the remainder O

 3.88  The compound XCl4 contains 75.0% Cl by mass. What is the 
element X?

 3.89  What is the molecular formula of each of the following 
compounds?

(a) empirical formula CH3O, molar mass 5 62.0 g/mol

(b) empirical formula NH2, molar mass 5 32.0 g/mol

 3.90  Determine the empirical and molecular formulas of each  
of the following substances:

(a) Ibuprofen, a headache remedy, contains 75.69% C, 
8.80% H, and 15.51% O by mass and has a molar mass  
of 206 g>mol.

(b) Cadaverine, a foul-smelling substance produced by 
the action of bacteria on meat, contains 58.55% C, 
13.81% H, and 27.40% N by mass; its molar mass is 
102.2 g>mol.

(c) Epinephrine (adrenaline), a hormone secreted into the 
bloodstream in times of danger or stress, contains 59.0% 
C, 7.1% H, 26.2% O, and 7.7% N by mass; its molar mass 
is about 180 u.

 3.91  (a) The characteristic odor of pineapple is due to ethyl butyr-
ate, a compound containing carbon, hydrogen, and oxygen. 
Combustion of 2.78 mg of ethyl butyrate produces 6.32 mg 
of CO2 and 2.58 mg of H2O. What is the empirical formula 
of the compound? (b) Nicotine, a component of tobacco, is 
composed of C, H, and N. A 5.250-mg sample of nicotine was 
combusted, producing 14.242 mg of CO2 and 4.083 mg of 
H2O. What is the empirical formula for nicotine? If nicotine 
has a molar mass of 160 { 5 g>mol, what is its molecular 
formula?

 3.92  Propenoic acid, C3H4O2, is a reactive organic liquid that is used 
in the manufacturing of plastics, coatings, and adhesives. 
An unlabeled container is thought to contain this liquid. 
A 0.275-g sample of the liquid is combusted to produce 0.102 g 
of water and 0.374 g carbon dioxide. Is the unknown liquid 
propenoic acid? Support your reasoning with calculations.

 3.93  Epsom salts, a strong laxative used in veterinary medicine, is 
a hydrate, which means that a certain number of water mol-
ecules are included in the solid structure. The formula for 
 Epsom salts can be written as MgSO4

# xH2O, where x indicates 
the number of moles of H2O per mole of MgSO4. When 5.061 g 
of this  hydrate is heated to 250 °C, all the water of hydration is 
lost, leaving 2.472 g of MgSO4. What is the value of x?

Reaction Stoichiometry (Section 3.6)

 3.94  The reaction between potassium superoxide, KO2, and CO2,

  4 KO2 + 2 CO2 ¡ 2K2CO3 + 3 O2

  is used as a source of O2 and absorber of CO2 in self- 
contained breathing equipment used by rescue workers.

(a) How many moles of O2 are produced when 0.400 mol of 
KO2 reacts in this fashion?

(b) How many grams of KO2 are needed to form 7.50 g of O2?

(c) How many grams of CO2 are used when 7.50 g of O2 are 
produced?

 3.95 An iron ore sample contains Fe2O3 together with other sub-
stances. Reaction of the ore with CO produces iron metal:

  Fe2O31s2 + CO1g2 ¡ Fe1s2 + CO21g2
(a) Balance this equation.

(b) Calculate the number of grams of CO that can react 
with 0.350 kg of Fe2O3.

(c) Calculate the number of grams of Fe and the number of 
grams of CO2 formed when 0.350 kg of Fe2O3 reacts.

(d) Show that your calculations in parts (b) and (c) are con-
sistent with the law of conservation of mass.

 3.96  Calcium hydride reacts with water to form calcium hy-
droxide and hydrogen gas. (a) Write a balanced chemical 
equation for the reaction. (b) How many grams of calcium 
hydride are needed to form 4.500 g of hydrogen?

 3.97 The complete combustion of octane, C8H18, a  component of 
gasoline, proceeds as follows:

  2 C8H181l2 + 25 O21g2 ¡ 16 CO21g2 + 18 H2O1g2
(a) How many moles of O2 are needed to burn 1.50 mol of 

C8H18?

(b) How many grams of O2 are needed to burn 10.0 g of C8H18?

(c) Octane has a density of 0.692 g>mL at 20 °C. How many 
grams of O2 are required to burn 15.0 gal of C8H18 (the 
capacity of an average fuel tank)?

(d) How many grams of CO2 are produced when 15.0 gal of 
C8H18 are combusted?
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 3.98 Detonation of nitroglycerin proceeds as follows:

  4 C3H5N3O91l2 ¡   

       12 CO21g2 + 6 N21g2 + O21g2 + 10 H2O1g2
  (a) If a sample containing 2.00 mL of nitroglycerin 1density =

1.592 g>mL2 is detonated, how many moles of gas are pro-
duced? (b) If each mole of gas occupies 55 L under the condi-
tions of the explosion, how many liters of gas are produced? 
(c) How many grams of N2 are produced in the detonation?

 3.99  The combustion of one mole of liquid octane, CH3(CH2)6CH3,  
produces 5470 kJ of heat. Calculate how much heat is pro-
duced if 1.000 gallon of octane is combusted. See Exercise 3.97 
for necessary information about octane.

Limiting Reactants (Section 3.7)

 3.100  Define the terms theoretical yield, actual yield, and percent 
yield. (b) Why is the actual yield in a reaction almost always 
less than the theoretical yield? (c) Can a reaction ever have 
110% actual yield?

 3.101  Consider the mixture of propane, C3H8, and O2 shown here. 
(a) Write a balanced equation for the combustion reaction that 
occurs between propane and oxygen. (b) Which reactant is the 
limiting reactant? (c) How many molecules of CO2, H2O, C3H8, 
and O2 will be present if the reaction goes to completion?

 3.102  Aluminum hydroxide reacts with sulfuric acid as follows:

  2 Al1OH231s2 + 3 H2SO41aq2 ¡ Al21SO4231aq2 + 6 H2O1l2
  Which is the limiting reactant when 0.500 mol Al1OH23 and 

0.500 mol H2SO4 are allowed to react? How many moles of 
Al21SO423 can form under these conditions? How many moles of 
the excess reactant remain after the completion of the reaction?

 3.103  One of the steps in the commercial process for converting 
ammonia to nitric acid is the conversion of NH3 to NO:

  4 NH31g2 + 5 O21g2 ¡ 4 NO1g2 + 6 H2O1g2
  In a certain experiment, 2.00 g of NH3 reacts with 2.50 g of 

O2. (a) Which is the limiting reactant? (b) How many grams 
of NO and H2O form? (c) How many grams of the excess re-
actant  remain after the limiting reactant is  completely con-
sumed? (d) Show that your calculations in parts (b) and (c) 
are consistent with the law of conservation of mass.

 3.104  Solutions of sulfuric acid and lead(II) acetate react to form solid 
lead(II) sulfate and a solution of acetic acid. If 5.00 g of sulfuric 
acid and 5.00 g of lead(II) acetate are mixed, calculate the num-
ber of grams of sulfuric acid, lead(II) acetate, lead(II) sulfate, and 
acetic acid present in the mixture after the  reaction is complete.

 3.105  When ethane 1C2H62 reacts with chlorine 1Cl22, the main 
product is C2H5Cl, but other products containing Cl, such 
as C2H4Cl2, are also obtained in small quantities. The for-
mation of these other products reduces the yield of C2H5Cl.  
(a) Calculate the theoretical yield of C2H5Cl when 125 g of 
C2H6 reacts with 255 g of Cl2, assuming that C2H6 and Cl2 
react only to form C2H2Cl and HCl. (b) Calculate the percent 
yield of C2H5Cl if the reaction produces 206 g of C2H5Cl.

 3.106 When hydrogen sulfide gas is bubbled into a solution of 
 sodium hydroxide, the reaction forms sodium sulfide and 
water. How many grams of sodium sulfide are formed if 
1.25 g of hydrogen sulfide is bubbled into a solution contain-
ing 2.00 g of sodium hydroxide, assuming that the sodium 
sulfide is made in 92.0% yield?

Additional Exercises
 3.111 Very small semiconductor crystals, composed of approx-

imately 1000 to 10,000 atoms, are called quantum dots. 
Quantum dots made of the semiconductor CdSe are now 
being used in electronic reader and tablet displays because 
they emit light efficiently and in multiple colors, depending 
on dot size. The density of CdSe is 5.82 g/cm3.

(a) What is the mass of one 2.5-nm CdSe quantum dot? 

(b) CdSe quantum dots that are 2.5 nm in diameter emit 
blue light upon stimulation. Assuming that the dot is a 
perfect sphere and that the empty space in the dot can 
be neglected, calculate how many Cd atoms are in one 
quantum dot of this size. 

(c) What is the mass of one 6.5-nm CdSe quantum dot? 

(d) CdSe quantum dots that are 6.5 nm in diameter emit 
red light upon stimulation. Assuming that the dot is a 
perfect sphere, calculate how many Cd atoms are in one 
quantum dot of this size. 

(e) If you wanted to make one 6.5-nm dot from multiple 
2.5-nm dots, how many 2.5-nm dots would you need, 
and how many CdSe formula units would be left over, 
if any?

 3.107 Write balanced chemical equations for (a) the complete 
combustion of acetone (CH3COCH3), a common or-
ganic solvent; (b) the decomposition of solid mercury (I) 
carbonate into carbon dioxide gas, mercury, and solid mer-
cury oxide; (c) the combination reaction between sulphur 
dioxide gas and liquid water to produce sulfurous acid.

 3.108 If 2.0 mol CH3CH2CH2COOH, 2.0 mol C4H10, and 2.0 mol 
C6H6 are completely combusted in oxygen, which one 
produces the largest number of moles of H2O? Which one 
produces the least? Explain.

 3.109 Calcium is an essential nutrient in our body. It is important for 
bone health. Four common calcium-containing supplements 
are calcium carbonate (CaCO3), calcium citrate (Ca3C12H10O14), 
calcium gluconate (CaC12H22O14), and calcium lactate  
(CaC6H10O6). Rank these calcium supplements in terms of the 
mass percentage of calcium they contain.

 3.110 (a) Ibuprofen is a common over-the-counter analgesic with 
the formula C13H18O2. How many moles of C13H18O2 are in a 
500-mg tablet of ibuprofen? Assume the tablet is composed 
entirely of ibuprofen. (b) How many molecules of C13H18O2 
are in this tablet? (c) How many oxygen atoms are in the 
tablet?
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  (a) How many moles of sodium iodide are needed to remove 
5.95 * 10-6 mol of O3? (b) How many grams of sodium 
 iodide are needed to remove 1.3 mg of O3?

 3.120 A chemical plant uses electrical energy to decompose aque-
ous solutions of NaCl to give Cl2, H2, and NaOH:

  2 NaCl1aq2 + 2 H2O1l2 ¡ 2 NaOH1aq2 + H21g2 + Cl21g2
  If the plant produces 1.5 * 106  kg (1500 metric tons) of Cl2 

daily, estimate the quantities of H2 and NaOH produced.

 3.121 The fat stored in a camel’s hump is a source of both energy and 
water. Calculate the mass of H2O produced by the metabolism 
of 1.0 kg of fat, assuming the fat consists entirely of tristearin 1C57H110O62, a typical animal fat, and assuming that during me-
tabolism, tristearin reacts with O2 to form only CO2 and H2O.

 3.122 When hydrocarbons are burned in a limited amount of air, both 
CO and CO2 form. When 0.450 g of a particular hydrocarbon was
burned in air, 0.467 g of CO, 0.733 g of CO2, and 0.450 g of H2O 
were formed. (a) What is the empirical formula of the compound? 
(b) How many grams of O2 were used in the reaction? (c) How 
many grams would have been required for complete combustion?

 3.123 A mixture of N21g2 and H21g2 reacts in a closed container 
to form ammonia, NH31g2. The reaction ceases before 
 either reactant has been totally consumed. At this stage 
3.0 mol N2, 3.0 mol H2, and 3.0 mol NH3 are present. How 
many moles of N2 and H2 were present originally?

 3.124  A mixture containing KClO3, K2CO3, KHCO3, and KCl was 
heated, producing CO2, O2, and H2O gases according to the 
following equations:

       2 KClO31s2 ¡ 2 KCl1s2 + 3 O21g2 
   2 KHCO31s2 ¡ K2O1s2 + H2O1g2 + 2 CO21g2 
       K2CO31s2 ¡ K2O1s2 + CO21g2
  The KCl does not react under the conditions of the reaction. If 

100.0 g of the mixture produces 1.80 g of H2O, 13.20 g of CO2, 
and 4.00 g of O2, what was the composition of the original 
mixture? (Assume complete decomposition of the mixture.)

 3.125 When a mixture of 10.0 g of acetylene 1C2H22 and 10.0 g of 
oxygen 1O22 is ignited, the resulting combustion reaction 
produces CO2 and H2O. (a) Write the balanced chemical 
equation for this reaction. (b) Which is the limiting reac-
tant? (c) How many grams of C2H2, O2, CO2, and H2O are 
present after the reaction is complete?

 3.112 (a) One molecule of the antibiotic penicillin G has a mass 
of 5.342 * 10-21 g. What is the molar mass of penicillin G?  
(b) Hemoglobin, the oxygen-carrying protein in red blood cells, 
has four iron atoms per molecule and contains 0.340% iron by 
mass. Calculate the molar mass of hemoglobin.

 3.113 Cinnamaldehyde is a compound that is responsible for the 
characteristic aroma of cinnamon. It contains 81.79% C, 
6.10% H, and the remaining is oxygen. Its molar mass is 
132 g/mol. Determine its molecular formula.

 3.114 Fructose, commonly called fruit sugar, is a monosaccha-
ride found in many plants. It contains 40% C, 6.71% H, 
and the remainder O. (a) What is the empirical formula 
for fructose? (b) A mass spectrum of fructose shows a 
peak at about 180 u. What is the molecular formula of the 
substance?

 3.115 Vanillin, the dominant flavoring in vanilla, contains C, H, 
and O. When 1.05 g of this substance is completely com-
busted, 2.43 g of CO2 and 0.50 g of H2O are produced. What 
is the empirical formula of vanillin?

 3.116 An organic compound was found to contain only C, H, and Cl. 
When a 1.50-g sample of the compound was completely com-
busted in air, 3.52 g of CO2 was formed. In a separate experi-
ment, the chlorine in a 1.00-g sample of the compound was 
converted to 1.27 g of AgCl. Determine the empirical formula 
of the compound.

 3.117 A compound, Na2Cr2Ox, where x is unknown, is analyzed 
and found to contain 39.70% Cr. What is the value of x?

 3.118 An element X forms an iodide 1XI32 and a chloride 1XCl32. 
The iodide is quantitatively converted to the chloride when 
it is heated in a stream of chlorine:

  2 XI3 + 3 Cl2 ¡ 2 XCl3 + 3 I2

  If 0.5000 g of XI3 is treated with chlorine, 0.2360 g of XCl3 is 
obtained. (a) Calculate the atomic weight of the element X. 
(b) Identify the element X.

 3.119 A method used by the U.S. Environmental Protection Agency 
(EPA) for determining the concentration of ozone in air is to pass 
the air sample through a “bubbler” containing sodium iodide, 
which removes the ozone according to the following equation:

   O31g2 + 2 NaI1aq2 + H2O1l2 ¡
 O21g2 + I21s2 + 2 NaOH1aq2

Integrative Exercises
 3.129  (a) You are given a cube of silver metal that measures 1.000 

cm on each edge. The density of silver is 10.5 g>cm3. How 
many atoms are in this cube? (b) Because atoms are spher-
ical, they cannot occupy all of the space of the cube. The 
silver atoms pack in the solid in such a way that 74% of the 
volume of the solid is actually filled with the silver atoms. 
Calculate the volume of a single silver atom. (c) Using the 
volume of a silver atom and the formula for the volume of a 
sphere, calculate the radius in angstroms of a silver atom.

 3.130  (a) If an automobile travels 350 km with a gas mileage of 9.0 
km/L, how many kilograms of CO2 are produced? Assume 
that the gasoline is composed of octane, C8H181l2, whose 
density is 0.692 g>mL. (b) Repeat the calculation for a truck 
that has a gas mileage of 2 km/L.

 3.131   Section 2.9 introduced the idea of structural isomerism, with 
1-propanol and 2-propanol as examples. Determine which 
of these properties would distinguish these two substances: 
(a) boiling point, (b) combustion analysis results, (c) molec-
ular weight, (d) density at a given temperature and pressure. 
You can check on the properties of these two compounds in 

These exercises require skills from earlier chapters as well as skills 
from the present chapter.

 3.126 Boron nitride, BN, is an electrical insulator with remarkable 
thermal and chemical stability. Its density is 2.1 g/cm3. It can 
be made by reacting boric acid, H3BO3, with ammonia. The 
other product of the reaction is water. (a) Write a balanced 
chemical equation for the synthesis of BN. (b) If you made 
225 g of boric acid react with 150 g ammonia, what mass of 
BN could you make? (c) Which reactant, if any, would be 
left over, and how many moles of leftover reactant would re-
main? (d) One application of BN is as thin film for electrical 
insulation. If you take the mass of BN from part (a) and make a  
0.4 mm thin film from it, what area, in cm2, would it cover?

 3.127 Viridicatumtoxin B, C30H31NO10, is a natural antibiotic com-
pound. It requires a synthesis of 12 steps in the laboratory. 
Assuming all steps have equivalent yields of 85%, which is 
the final percent yield of the total synthesis?

 3.128 Consider a sample of calcium carbonate in the form of a cube 
measuring 2.005 in. on each edge. If the sample has a density 
of 2.71 g>cm3, how many oxygen atoms does it contain?
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Design an Experiment

You will learn later in this book that sulfur is capable of forming two 
common oxides, SO2 and SO3. One question that we might ask is 
whether the direct reaction between sulfur and oxygen leads to the 
formation of SO2, SO3, or a mixture of the two. This question has prac-
tical significance because SO3 can go on to react with water to form 
sulfuric acid, H2SO4, which is produced industrially on a very large 
scale. Consider also that the answer to this question may depend on 
the relative amount of each element that is present and the tempera-
ture at which the reaction is carried out. For example, on the one 
hand, carbon and oxygen normally react to form CO2, but when 
not enough oxygen is present, CO can form. On the other hand, 
under normal reaction conditions H2 and O2 react to form water, 
H2O (rather than hydrogen peroxide H2O2), regardless of the starting 
 ratio of hydrogen to oxygen.

Suppose you are given a bottle of sulfur, which is a yellow solid, 
a cylinder of O2, a transparent reaction vessel that can be evacu-
ated and sealed so that only sulfur, oxygen, and the product(s) of 
the reaction between the two are present, an analytical balance so

that you can determine the masses of the reactants and/or products, 
and a furnace that can be used to heat the reaction vessel to 200 °C 
where the two elements react. (a) If you start with 0.10 mol of sulfur 
in the reaction vessel how many moles of oxygen would need to be 
added to form SO2, assuming SO2 forms  exclusively? (b) How many 
moles of oxygen would be needed to form SO3, assuming SO3 forms 
exclusively? (c) Given the available equipment, how would you de-
termine you had added the correct number of moles of each reac-
tant to the reaction vessel? (d) What observation or experimental 
technique would you use to determine the identity of the reaction 
product(s)? Could differences in the physical properties of SO2 and 
SO3 be used to help identify the product(s)? Have any instruments 
been described in Chapters 1–3 that would allow you to identify the 
product(s)? (e) What experiments would you conduct to determine 
if the product(s) of this reaction (either SO2 or SO3 or a mixture of 
the two) can be controlled by varying the ratio of sulfur and oxygen 
that are added to the reaction vessel? What ratio(s) of S to O2 would 
you test to answer this question?

Wolfram Alpha (http://www.wolframalpha.com/) or the CRC 
Handbook of Chemistry and Physics.

 3.132 NOx is a generic term for the nitrogen oxides, NO and NO2. 
NOx gases are air pollutants that react to form smog and acid 
rain. In order to reduce NOx emission from vehicle, catalytic
converters are installed in car exhausts to decompose NO 
and NO2 respectively into N2 and O2 (a) Write the balanced 
chemical equations for the decomposition of NO and NO2 
respectively. (b) If the car produces 100 g NOx a day, with 
equal mole ratio of NO and NO2, how many grams of NO 
and NO2 are produced respectively?

 3.133  Hydrogen cyanide, HCN, is a poisonous gas. The lethal dose is 
approximately 300 mg HCN per kilogram of air when inhaled. 
(a) Calculate the amount of HCN that gives the lethal dose 
in a small laboratory room measuring 3.5 * 4.5 * 2.5 m. 
The density of air at 26 °C is 0.00118 g>cm3. (b) If the HCN 
is formed by reaction of NaCN with an acid such as H2SO4, 
what mass of NaCN gives the lethal dose in the room?

  2 NaCN1s2 + H2SO41aq2 ¡ Na2SO41aq2 + 2 HCN1g2
  (c) HCN forms when synthetic fibers containing Orlon®  or Ac-

rilan®  burn. Acrilan®  has an empirical formula of CH2CHCN, 
so HCN is 50.9% of the formula by mass. A rug measures 
3.5 * 4.5 m and contains 850 g of Acrilan®   fibers per square 
yard of carpet. If the rug burns, will a lethal dose of HCN be 
generated in the room? Assume that the yield of HCN from 
the fibers is 20% and that the carpet is 50% consumed.

 3.134  The source of oxygen that drives the internal combustion 
engine in an automobile is air. Air is a mixture of gases, prin-
cipally N21∼79%2 and O2120%2. In the cylinder of an au-
tomobile engine, nitrogen can react with oxygen to produce 
nitric oxide gas, NO. As NO is emitted from the tailpipe of 
the car, it can react with more oxygen to produce nitrogen 
dioxide gas. (a) Write balanced chemical equations for both 
reactions. (b) Both nitric oxide and nitrogen dioxide are 
pollutants that can lead to acid rain and global warming; 
collectively, they are called “NOx” gases. In 2009, the United 
States emitted an estimated 19 million tons of nitrogen di-
oxide into the atmosphere. How many grams of nitrogen 
dioxide is this? (c) The production of NOx gases is an un-
wanted side reaction of the main engine combustion pro-
cess that turns octane, C8H18, into CO2 and water. If 85% of 
the oxygen in an engine is used to combust octane and the 

remainder used to produce nitrogen dioxide, calculate how 
many grams of nitrogen  dioxide would be produced during 
the combustion of 500 g of octane.

 3.135 The thermite reaction, 

  Fe2O3 + Al S Al2O3 + Fe 

  produces so much heat that the Fe product melts. This re-
action is used industrially to weld metal parts under water, 
where a torch cannot be employed. It is also a favorite chem-
ical demonstration in the lecture hall (on a small scale).
(a) Balance the chemical equation for the thermite reaction, 

and include the proper states of matter.
(b) Calculate how many grams of aluminum are needed to 

completely react with 500.0 g of Fe2O3 in this reaction.
(c) This reaction produces 852 kJ of heat per mole of Fe2O3  

reacted. How many grams of Fe2O3 are needed to pro-
duce 1.00 * 104 kJ of heat?

(d) If you performed the reverse reaction— aluminum oxide 
plus iron makes iron oxide plus aluminum—would that 
reaction have heat as a reactant or a product?

 3.136 One of the most bizarre reactions in chemistry is called the 
Ugi reaction: 

  R1C(=O)R2 + R3 - NH2 + R4COOH + R5NC S  
R4C(=O)N(R3)C(R1R2)C=ONHR5 + H2O

  (a) Write out the balanced chemical equation for the Ugi re-
action, for the case where R = CH3CH2CH2CH2CH2CH2—  
(this is called the hexyl group) for all compounds. (b) What 
mass of the “hexyl Ugi product” would you form if 435.0 mg of  
CH3 CH2CH2CH2CH2CH2NH2 was the limiting reactant?
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Water is the most abundant liquid on our planet. It covers nearly two-thirds of our planet, 
and this simple substance has been the key to much of Earth’s evolutionary history. Life 
almost certainly originated in water, and the need for water by all forms of life has helped 
determine diverse biological structures. Indeed, most of the mass of our bodies is water, 
and it has a composition close to that of seawater. The chemical reactions responsible for 
life occur in water. By the end of this section, you should be able to

• Identify what occurs when a substance dissolves in water

A solution is a homogeneous mixture of two or more substances. The substance present 
in the greatest quantity is usually called the solvent, and the other substances are called 
solutes; they are said to be dissolved in the solvent. When a small amount of sodium 
chloride (NaCl) is dissolved in a large quantity of water, for example, water is the solvent 
and sodium chloride is the solute.

Electrolytes and Nonelectrolytes

At a young age we learn not to bring electrical devices into the bathtub so as not to elec-
trocute ourselves. That is a useful lesson because most of the water we encounter in daily 
life is electrically conducting. Pure water, however, is a very poor conductor of electricity. 
The conductivity of bathwater originates from the substances dissolved in the water, not 
from the water itself.

Not all substances that dissolve in water make the resulting solution conducting. 
Figure 4.1 shows a simple experiment to test the electrical conductivity of three solu-
tions: pure water, a solution of table sugar (sucrose) in water, and a solution of table salt 
(sodium chloride) in water. A light bulb is connected to a battery-powered electrical cir-
cuit that contains two electrodes submerged in a beaker of each solution. In order for the 
light bulb to turn on, there must be an electrical current (that is, a flow of electrically 
charged particles) between the two electrodes immersed in the solution. Because the 
light bulb does not turn on in pure water, we conclude that there are not enough charged 
particles in pure water to create a circuit; water must then mostly exist as H2O molecules. 
The solution containing sucrose 1C12H22O112 also does not turn on the light bulb; there-
fore, we conclude that the sucrose molecules in solution are uncharged. But the solution 
containing NaCl does provide enough charged particles to create an electrical circuit and 
turn on the light bulb. This is experimental evidence that Na+ and Cl- ions are formed in 
aqueous solution.

A substance (such as NaCl) whose aqueous solutions contain ions is called an 
electrolyte. A substance (such as C12H22O112 that does not form ions in solution is 
called a nonelectrolyte. The different classifications of NaCl and C12H22O11 arise 
largely because NaCl is an ionic compound, whereas C12H22O11 is a molecular compound.

Pure water,
H2O(l)

Sucrose solution,
C12H22O11(aq)

Sodium chloride solution,
NaCl(aq)

Pure water does not

conduct electricity.

A nonelectrolyte solution

does not conduct electricity.

An electrolyte solution

conducts electricity.

▲ Figure 4.1 Completion of an electrical circuit with an electrolyte turns on the light.
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How Compounds Dissolve inWater

Recall from Figure 2.17 that solid NaCl consists of an orderly arrangement of Na+ and Cl- 
ions. When NaCl dissolves in water, each ion separates from the solid structure and disperses 
throughout the solution [Figure 4.2(a)]. The ionic solid dissociates into its component 
ions as it dissolves.

Water is a very effective solvent for ionic compounds. 
Although H2O has no overall charge, the O atom is rich in elec-
trons and has a partial negative charge relative to the H atoms, 
while each H atom has a partial positive charge. The lowercase 
Greek letter delta 1d2 is used to denote partial charge: A partial neg-
ative charge is denoted d- (“delta minus”), and a partial positive 
charge is denoted by d+ (“delta plus”). Cations are attracted by the 
negative end of H2O, and anions are attracted by the positive end.

As an ionic compound dissolves, the ions become surrounded by H2O molecules, as 
shown in Figure 4.2(a). The ions are said to be solvated. In chemical equations, we denote 
solvated ions by writing them as Na+1aq2 and Cl-1aq), where aq is an abbreviation for 
“aqueous.” Solvation helps stabilize the ions in solution and prevents cations and 
anions from recombining. Furthermore, because the ions and their shells of surrounding 
water molecules are free to move about, the ions become dispersed uniformly through-
out the solution.

We can usually predict the nature of the ions in a solution of an ionic compound 
from the chemical name of the substance. Sodium sulfate 1Na2SO4), for example, 

d1

d1

d2

Go Figure Do both, just one, or neither of the following solutions conduct 
electricity? If just one, which one?

(a) Ionic compounds like sodium chloride,
 NaCl, form ions when they dissolve.

Na1
Cl2

Methanol

(b) Molecular substances like methanol,
 CH3OH, dissolve without forming ions.

H2O molecules

separate Na1 and Cl2

ions from solid NaCl.

H2O molecules surround

Na1 and Cl2 ions.

Na1 and Cl2

ions disperse

throughout the

solution.

1

2

3

▲ Figure 4.2 Dissolution in water. (a) When an ionic compound, such as sodium chloride,  
NaCl, dissolves in water, H2O molecules separate, surround, and uniformly disperse the ions  
into the liquid. (b) Molecular substances that dissolve in water, such as methanol, CH3OH,  
usually do so without forming ions. We can think of methanol in water as a simple mixing of two  
molecular species. In both (a) and (b) the water molecules have been moved apart so that the  
solute particles can be seen clearly.
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dissociates into sodium ions 1Na+2 and sulfate ions 1SO4
2-2. You must remember the 

formulas and charges of common ions (Tables 2.4 and 2.5) to understand the forms in 
which ionic compounds exist in aqueous solution.

When a molecular compound such as sucrose or methanol [Figure 4.2(b)] dissolves 
in water, the solution usually consists of intact molecules dispersed throughout the solu-
tion. Consequently, most molecular compounds are nonelectrolytes. A few molecular 
substances do have aqueous solutions that contain ions. Acids are the most important of 
these solutions. For example, when HCl(g) dissolves in water to form HCl(aq), the mole-
cule ionizes; that is, it dissociates into H+1aq2 and Cl-1aq2 ions.

Strong andWeak Electrolytes

Electrolytes differ in the extent to which they conduct electricity. Strong electrolytes 
are those solutes that exist in solution completely or nearly completely as ions. Essen-
tially all water-soluble ionic compounds (such as NaCl) and a few molecular compounds 
(such as HCl) are strong electrolytes. Weak electrolytes are those solutes that exist in 
solution mostly in the form of neutral molecules with only a small fraction in the form 
of ions. For example, in a solution of acetic acid 1CH3COOH2, most of the solute is pres-
ent as CH3COOH1aq2 molecules. Only a small fraction (about 1%) of the CH3COOH has 
dissociated into H+1aq2 and CH3COO-1aq2 ions.*

We must be careful not to confuse the extent to which an electrolyte dissolves (its 
solubility) with whether it is strong or weak. For example, CH3COOH is extremely solu-
ble in water but is a weak electrolyte. Ca1OH22, in contrast, is not very soluble in water, 
but the amount that does dissolve dissociates almost completely. Thus, Ca1OH22 is a 
strong electrolyte.

When a weak electrolyte, such as acetic acid, ionizes in solution, we write the reac-
tion in the form

 CH3COOH1aq2 ∆  CH3COO-1aq2 + H+1aq2 [4.1]

The half-arrows pointing in opposite directions mean that the reaction is significant in 
both directions. At any given moment some CH3COOH molecules are ionizing to form 
H+ and CH3COO- ions, and some of the H+ and CH3COO- ions are recombining to form 
CH3COOH. The balance between these opposing processes determines the relative num-
bers of ions and neutral molecules. This balance produces a state of chemical equilib-
rium in which the relative numbers of each type of ion or molecule in the reaction are 
constant over time. Chemists use half-arrows pointing in opposite directions to represent 
reactions that go both forward and backward to achieve equilibrium, such as the ioniza-
tion of weak electrolytes. In contrast, a single reaction arrow is used for reactions that 
largely go forward, such as the ionization of strong electrolytes. Because HCl is a strong 
electrolyte, we write the equation for the ionization of HCl as

 HCl1aq2 ¡ H+1aq2 + Cl-1aq2 [4.2]

The absence of a left-pointing half-arrow indicates that the H +  and Cl -  ions have no ten-
dency to recombine to form HCl molecules in aqueous solution.

In the following sections, we will look at how a compound’s composition lets us pre-
dict whether it is a strong electrolyte, weak electrolyte, or nonelectrolyte. For the moment, 
you need only to remember that water-soluble ionic compounds are strong electrolytes. Ionic 
compounds can usually be identified by the presence of both metals and nonmetals [for 
example, NaCl, FeSO4, and Al(NO3234. Ionic compounds containing the ammonium ion, 
NH4

+  [for example, NH4Br and 1NH422CO34, are exceptions to this rule of thumb.

*The chemical formula of acetic acid is sometimes written HC2H3O2 so that the formula looks 
like that of other common acids such as HCl. The formula 1CH3COOH2 conforms to the molec-
ular structure of acetic acid, with the acidic H on the O atom at the end of the formula.
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4.2 ∣ Precipitation Reactions

“Hard” water contains calcium and magnesium ions. These ions can react with soap to 
form a white solid that forms around baths, showers and basins. This is an example of 
a chemical reaction between two soluble materials to form an insoluble product. Scum, 
as it is called, is harmless, though unsightly, and there are many cleaning products de-
signed to remove it. 

By the end of this section, you should be able to

• Predict if a precipitate forms when two aqueous solutions are mixed

Figure 4.3 shows two clear solutions being mixed. One solution contains potassium 
iodide, KI, dissolved in water, and the other contains lead nitrate, Pb1NO322, dis-
solved in water. The reaction between these two solutes produces a water-insoluble 
yellow solid. Reactions that result in the formation of an insoluble product are called 
precipitation reactions. A precipitate is an insoluble solid formed by a reaction 
in solution. In Figure 4.3 the precipitate is lead iodide 1PbI22, a compound that has a very 
low solubility in water:

 Pb1NO3221aq2 + 2 KI1aq2 ¡ PbI21s2 + 2 KNO31aq2 [4.3]

The other product of this reaction, potassium nitrate 1KNO32, remains in solution.
Precipitation reactions occur when pairs of oppositely charged ions attract each 

other so strongly that they form an insoluble ionic solid. To predict whether certain 
combinations of ions form insoluble compounds, we must consider some guidelines 
concerning the solubilities of common ionic compounds.

Solubility Guidelines for Ionic Compounds

The solubility of a substance at a given temperature is the amount of the substance 
that can be dissolved in a given quantity of solvent at that temperature. Any substance 
with a solubility less than 0.01 mol>L will be considered insoluble. In these cases,  
the attraction between the oppositely charged ions in the solid is too great for the water 
molecules to separate the ions to any significant extent; the substance remains largely 
undissolved.

Unfortunately, there are no rules based on simple physical properties such as ionic 
charge to guide us in predicting whether a particular ionic compound will be soluble. 
Experimental observations, however, have led to guidelines for predicting solubility for 
ionic compounds. For example, experiments show that all common ionic compounds 
that contain the nitrate anion, NO3

-, are soluble in water. Table 4.1 summarizes the 
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How to Predict Whether a Precipitate Forms When Strong Electrolytes Mix
 1. Note the ions present in the reactants.

 2. Consider the possible cation–anion combinations.

 3. Use Table 4.1 to determine if any of the combinations is insoluble.

For example, will a precipitate form when solutions of Mg1NO322 and NaOH are 
mixed? Both substances are soluble ionic compounds and strong electrolytes. Mixing 
the solutions first produces a solution containing Mg2+, NO3

-, Na+, and OH- ions. Will 
either cation interact with either anion to form an insoluble compound? Knowing from 
Table 4.1 that Mg(NO322 and NaOH are both soluble in water, our only possibilities are 
Mg2+ with OH- and Na+ with NO3

-. From Table 4.1 we see that hydroxides are generally 
insoluble. Because Mg2+ is not an exception, Mg(OH22 is insoluble and thus forms a pre-
cipitate. NaNO3, however, is soluble, so Na+ and NO3

- remain in solution. The balanced 
equation for the precipitation reaction is

 Mg1NO3221aq2 + 2 NaOH1aq2 ¡ Mg1OH221s2 + 2 NaNO31aq2 [4.4]

Exchange (Metathesis) Reactions

Notice in Equation 4.4 that the reactant cations exchange anions—Mg2+ ends up with 
OH-, and Na+ ends up with NO3

-. The chemical formulas of the products are based on 
the charges of the ions—two OH-  ions are needed to give a neutral compound with 
Mg2+, and one NO3

- ion is needed to give a neutral compound with Na+. The equation can be 
balanced only after the chemical formulas of the products have been determined.

Reactions in which cations and anions appear to exchange partners conform to the 
general equation
  AX + BY ¡ AY + BX  [4.5]

Example:   AgNO31aq2 + KCl1aq2 ¡ AgCl1s2 + KNO31aq2
Such reactions are called either exchange reactions or metathesis reactions (meh-
TATH-eh-sis, Greek for “to transpose”). Precipitation reactions conform to this pattern, as 
do many neutralization reactions between acids and bases, as we will see in Section 4.3.

How To Balance a Metathesis Reaction
 1. Use the chemical formulas of the reactants to determine which ions are present.

 2. Write the chemical formulas of the products by combining the cation from one 
reactant with the anion of the other, using the ionic charges to determine the sub-
scripts in the chemical formulas.

 3. Check the water solubilities of the products. For a precipitation reaction to occur,  
at least one product must be insoluble in water.

 4. Balance the equation.

 Sample Exercise 4.2 
Using Solubility Rules

Classify these ionic compounds as soluble or insoluble in water: (a) sodium carbonate, Na2CO3, (b) lead sulfate, PbSO4.

 ▶ Practice Exercise
Which of the following compounds is insoluble in water?  
(a) 1NH422S (b) CaCO3 (c) NaOH (d) Ag2SO4 (e) Pb1CH3COO22

SOLUTION
Analyze We are given the names and formulas of two ionic com-
pounds and asked to predict whether they are soluble or insoluble 
in water.

Plan We can use Table 4.1 to answer the question. Thus, we need 
to focus on the anion in each compound because the table is orga-
nized by anions.

Solve
(a)  According to Table 4.1, most carbonates are insoluble. But car-

bonates of the alkali metal cations (such as sodium ion) are an 

exception to this rule and are soluble. Thus, Na2CO3 is soluble 
in water.

(b)  Table 4.1 indicates that although most sulfates are water soluble, 
the sulfate of Pb2+ is an exception. Thus, PbSO4 is insoluble  
in water.







Exercises
 4.10 Separate samples of a solution of an unknown salt are 

treated with dilute solutions of HBr, H2SO4, and NaOH. A 
precipitate forms in all three cases. Which of the follow-
ing cations could be present in the unknown salt solution: 
K+, Pb2+, Ba2+?

 4.11 You know that an unlabeled bottle contains an aqueous solu-
tion of one of the following: AgNO3, CaCl2, or Al21SO423. A 
friend suggests that you test a portion of the solution with 
Ba1NO322 and then with NaCl solutions. According to your 
friend’s logic, which of these chemical reactions could occur, 
thus helping you identify the solution in the bottle? (a) Bar-
ium sulfate could precipitate. (b) Silver chloride could precipi-
tate. (c) Silver sulfate could precipitate. (d) More than one, but 
not all, of the reactions described in answers a–c could occur. 
(e) All three reactions described in answers a–c could occur.

 4.7 Using solubility guidelines, predict whether each of the 
following compounds is soluble or insoluble in water: 
(a) Hg2SO4, (b) NH4OH, (c) Ni1CH3COO22, (d) AgNO3,  
(e) FeCO3.

 4.8 Will precipitation occur when the following solutions are 
mixed? If so, write a balanced chemical equation for the reac-
tion. (a) Ca(CH3COO)2 and NaOH, (b) K2CO3 and NH4NO3,  
(c) Na2S and FeCl3.

 4.9 Write balanced net ionic equations for the reactions that 
occur in each of the following cases. Identify the spectator 
ion or ions in each reaction.

  (a)  Ba1OH221aq2 + FeCl31aq2 ¡
  (b)  ZnCl21aq2 + Cs2CO31aq2 ¡
  (c)  Na2S1aq2 + CoSO41aq2 ¡

Answers to Self-Assessment Exercises

4.6 (a)

4.3 ∣ Acids, Bases, and Neutralization
Reactions

Many acids and bases are industrial and household substances, and some are import-
ant components of biological fluids. Hydrochloric acid, for example, is an important 
industrial chemical and the main constituent of gastric juice in your stomach. Vinegar 
and lemon juice are common household acids. Ammonia and baking soda (sodium 
hydrogen carbonate) are common household bases. Acids and bases are also common 
electrolytes.

By the end of this section, you should be able to

• Recognize the common types of reaction that acids and bases undergo
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Acids

As noted in Section 2.8, acids are substances that ionize in aqueous solution to form 
hydrogen ions H + 1aq2. Because a hydrogen atom consists of a proton and an electron, 
H+ is simply a proton. Thus, acids are often called proton donors. Molecular models of four 
common acids are shown in Figure 4.4.

Protons in aqueous solution are solvated by water molecules, just as other cations 
are [Figure 4.2(a)]. In writing chemical equations involving protons in water, therefore, 
we write H+1aq2.

Molecules of different acids ionize to form different numbers of H+ ions. Both HCl 
and HNO3 are monoprotic acids, yielding one H+  per molecule of acid. Sulfuric acid, 
H2SO4, is a diprotic acid, one that yields two H+ per molecule of acid. The ionization of 
H2SO4 and other diprotic acids occurs in two steps:

 H2SO41aq2 ¡ H+1aq2 + HSO4
-1aq2 [4.8]

 HSO4
- 1aq2 ∆  H+1aq2 + SO4

2-1aq2 [4.9]

Although H2SO4 is a strong electrolyte, only the first ionization (Equation 4.8) is com-
plete. Thus, aqueous solutions of sulfuric acid contain a mixture of H+1aq), HSO4

-1aq), 
and SO4

2-1aq2.
The molecule CH3COOH (acetic acid) that we have mentioned previously is the 

primary component in vinegar. Acetic acid has four hydrogens, as Figure 4.4 shows, but 
only one of them, the H that is bonded to an oxygen in the —COOH group, is ionized 
in water. Thus, the H in the COOH group breaks its O¬H bond in water. The three 
other hydrogens in acetic acid are bound to carbon and do not break their C¬H bonds 
in water. The reasons for this difference are very interesting and will be discussed in 
Chapter 16.

Bases

Bases are substances that accept (react with) H+  ions. Bases produce hydroxide ions 1OH-2 when they dissolve in water. Ionic hydroxide compounds, such as NaOH, KOH, 
and Ca1OH22, are among the most common bases. When dissolved in water, they disso-
ciate into ions, introducing OH- ions into the solution.

Compounds that do not contain OH- ions can also be bases. For example, ammonia 1NH32 is a common base. When added to water, it accepts an H+ ion from a water mole-
cule and thereby produces an OH- ion (Figure 4.5):

 H2O1l2 + NH31aq2 ∆  OH-1aq2 + NH4
+1aq2 [4.10]

H2O OH2NH3

1 1

NH4
1

Acetic acid,
CH3COOH

Sulfuric acid,
H2SO4

Nitric acid,
HNO3

Hydrochloric
acid, HCl

H

Cl

N

O

C

S
▶ Figure 4.4 Molecular models of four 
common acids.

▶ Figure 4.5 Proton transfer. An H2O 
molecule acts as a proton donor (acid), 
and NH3 acts as a proton acceptor (base). 
In aqueous solutions, only a fraction 
of the NH3 molecules react with H2O. 
Consequently, NH3 is a weak electrolyte.
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Ammonia is a weak electrolyte because only about 1% of the NH3 forms NH4
+  and 

OH-  ions.

Strong andWeak Acids and Bases

Acids and bases that are strong electrolytes (completely ionized in solution) are strong 
acids and strong bases. Those that are weak electrolytes (partly ionized) are weak  
acids and weak bases. When reactivity depends only on H+1aq2 concentration, strong 
acids are more reactive than weak acids. The reactivity of an acid, however, can depend 
on the anion as well as on H+1aq2 concentration. For example, hydrofluoric acid (HF) is a 
weak acid (only partly ionized in aqueous solution), but it is very reactive and vigorously 
attacks many substances, including glass. This reactivity is due to the combined action of 
H+1aq2 and F-1aq2.

Table 4.2 lists the strong acids and bases we are most likely to encounter. You 
need to commit this information to memory in order to correctly identify strong 
electrolytes and write net ionic equations. The brevity of this list tells us that most 
acids are weak. (For H2SO4, as we noted earlier, only the first proton completely ion-
izes.) The only common strong bases are the common soluble metal hydroxides. 
The most common weak base is NH3, which reacts with water to form OH-  ions 
(Equation 4.10).

Identifying Strong andWeak Electrolytes

If we remember the common strong acids and bases (Table 4.2) and also remember that 
NH3 is a weak base, we can make reasonable predictions about the electrolytic strength of 

TABLE 4.2 Common Strong Acids and Bases

Strong Acids Strong Bases

Hydrochloric acid, HCl

Hydrobromic acid, HBr

Group 1 metal hydroxides  
[LiOH, NaOH, KOH, RbOH, CsOH]

Hydroiodic acid, HI

Chloric acid, HClO3

Some Group 2 metal hydroxides 3Ca1OH22, Sr1OH22, Ba1OH224
Perchloric acid, HClO4

Nitric acid, HNO3

Sulfuric acid (first proton), H2SO4

 Sample Exercise 4.5 
Comparing Acid Strengths

The following diagrams represent aqueous solutions of acids HX, HY, and HZ, with water molecules omitted for clarity. Rank the 
acids from strongest to weakest.
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 ▶ Practice Exercise
A set of aqueous solutions are prepared containing different 
acids at the same concentration: acetic acid, chloric acid, and 
hydrobromic acid. Which solution(s) are the most electrically 
conductive? (a) chloric acid (b) hydrobromic acid (c) acetic 
acid (d) both chloric acid and hydrobromic acid (e) all three 
solutions have the same electrical conductivity

SOLUTION
Analyze We are asked to rank three acids from strongest to weakest, 
based on schematic drawings of their solutions.

Plan We can determine the relative numbers of uncharged molecular 
species in the diagrams. The strongest acid is the one with the most 
H+ ions and fewest undissociated molecules in solution. The weakest 
acid is the one with the largest number of undissociated molecules.

Solve The order is HY 7 HZ 7 HX. HY is a strong acid because 
it is totally ionized (no HY molecules in solution), whereas both 
HX and HZ are weak acids, whose solutions consist of a mixture 

TABLE 4.3  Summary of the Electrolytic Behavior of Common Soluble

Ionic and Molecular Compounds

Strong Electrolyte Weak Electrolyte Nonelectrolyte

Ionic All None None

Molecular Strong acids (see Table 4.2) Weak acids, weak bases All other compounds

 Sample Exercise 4.6
Identifying Strong, Weak, and Nonelectrolytes

Classify these dissolved substances as a strong electrolyte, weak electrolyte, or nonelectrolyte: CaCl2, HNO3, C2H5OH (ethanol), 
HCOOH (formic acid), KOH.

 ▶ Practice Exercise
Which of these substances, when dissolved in water, is a strong 
electrolyte? (a) ammonia (b) hydrofluoric acid (c) folic acid  
(d) sodium nitrate (e) sucrose

SOLUTION
Analyze We are given several chemical formulas and asked to clas-
sify each substance as a strong electrolyte, weak electrolyte, or 
nonelectrolyte.

Plan The approach we take is outlined in Table 4.3. We can predict 
whether a substance is ionic or molecular based on its composi-
tion. As we saw in Section 2.7, most ionic compounds we encoun-
ter in this text are composed of a metal and a nonmetal, whereas 
most molecular compounds are composed only of nonmetals.

Solve Two compounds fit the criteria for ionic compounds: CaCl2 
and KOH. Because Table 4.3 tells us that all ionic compounds are 
strong electrolytes, that is how we classify these two substances. 
The three remaining compounds are molecular. Two of these 
molecular substances, HNO3 and HCOOH, are acids. Nitric acid, 
HNO3, is a common strong acid, as shown in Table 4.2, and there-
fore is a strong electrolyte. Because most acids are weak acids, our 

best guess would be that HCOOH is a weak acid (weak electrolyte), 
which is in fact the case. The remaining molecular compound, 
C2H5OH, is neither an acid nor a base, so it is a nonelectrolyte.

Comment Although ethanol, C2H5OH, has an OH group, it is not 
a metal hydroxide and therefore not a base. Rather, ethanol is a 
member of a class of organic compounds that have C¬OH bonds,  
which are known as alcohols. Organic compounds containing the 
COOH group are called carboxylic acids (Chapter 16). Molecules 
that have this group are weak acids.

a great number of water-soluble substances. Table 4.3 summarizes our observations about 
electrolytes. We first ask whether the substance is ionic or molecular. If it is ionic, it is a 
strong electrolyte. If the substance is molecular, we ask whether it is an acid or a base. (It 
is an acid if it either has H first in the chemical formula or contains a COOH group.) If 
it is an acid, we use Table 4.2 to determine whether it is a strong or weak electrolyte: All 
strong acids are strong electrolytes, and all weak acids are weak electrolytes. If an acid is 
not listed in Table 4.2, it is probably a weak acid and therefore a weak electrolyte.

If our substance is a base, we use Table 4.2 to determine whether it is a strong base. 
NH3 is the only molecular base that we consider in this chapter, and it is a weak base; 
Table 4.3 tells us it is therefore a weak electrolyte. Finally, any molecular substance that 
we encounter in this chapter that is not an acid or NH3 is probably a nonelectrolyte.

of molecules and ions. Because HZ contains more H+ ions and fewer 
molecules than HX, it is a stronger acid.
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Neutralization Reactions and Salts

The properties of acidic solutions are quite different from those of basic solutions. Acids 
have a sour taste, whereas bases have a bitter taste.* Acids change the colors of certain 
dyes in a way that differs from the way bases affect the same dyes. This is the principle 
behind the indicator known as litmus paper (Figure 4.6). Acid–base chemistry is an im-
portant theme throughout all of chemistry that we begin to explore here.

When a solution of an acid and a solution of a base are mixed, a neutralization 
reaction occurs. The products of the reaction have none of the characteristic properties 
of either the acidic solution or the basic solution. For example, when hydrochloric acid is 
mixed with a solution of sodium hydroxide, the reaction is

 HCl1aq2 + NaOH1aq2 ¡ H2O1l2 + NaCl1aq2   [4.11]
 (acid)  (base)  (water)  (salt)

Water and table salt, NaCl, are the products of the reaction. By analogy to this reaction, the 
term salt has come to mean any ionic compound whose cation comes from a base (for exam-
ple, Na+ from NaOH) and whose anion comes from an acid (for example, Cl- from HCl). In 
general, a neutralization reaction between an acid and a metal hydroxide produces water and a salt.

Because HCl, NaOH, and NaCl are all water-soluble strong electrolytes, the complete 
ionic equation associated with Equation 4.11 is

H+1aq2 + Cl-1aq2 + Na+1aq2 + OH-1aq2 ¡  

 H2O1l2 + Na+1aq2 + Cl-1aq2 [4.12]
Therefore, the net ionic equation is

 H+1aq2 + OH-1aq2 ¡ H2O1l2 [4.13]

Equation 4.13 summarizes the main feature of the neutralization reaction between any 
strong acid and any strong base: H+1aq2 and OH-1aq2 ions combine to form H2O1l2.

Figure 4.7 shows the neutralization reaction between hydrochloric acid and the 
water-insoluble base Mg1OH22:

Molecular equation:

 Mg1OH221s2 + 2 HCl1aq2 ¡ MgCl21aq2 + 2 H2O1l2 [4.14]

Net ionic equation:

 Mg1OH221s2 + 2 H+1aq2 ¡ Mg2+1aq2 + 2 H2O1l2 [4.15]

Base turns litmus

paper blue.

Acid turns litmus

paper red.

▲ Figure 4.6 Litmus paper. Litmus paper 
is coated with dyes that change color in 
response to exposure to either acids or 
bases.

 Sample Exercise 4.7 
Writing Chemical Equations for a Neutralization Reaction

For the reaction between aqueous solutions of acetic acid 1CH3COOH2 and barium hydroxide, Ba1OH22, write (a) the balanced 
molecular equation, (b) the complete ionic equation, (c) the net ionic equation.

SOLUTION
Analyze We are given the chemical formulas for an acid and a base 
and asked to write a balanced molecular equation, a complete 
ionic equation, and a net ionic equation for their neutralization 
reaction.

Plan As Equation 4.11 and the italicized statement that follows it 
indicate, neutralization reactions form two products, H2O and a 
salt. We examine the cation of the base and the anion of the acid 
to determine the composition of the salt.

Solve
(a)  The salt contains the cation of the base 1Ba2+2 and the 

anion of the acid 1CH3COO-2. Thus, the salt formula is 
Ba1CH3COO22. According to Table 4.1, this compound is 
soluble in water. The unbalanced molecular equation for the 
neutralization reaction is: 

CH3COOH1aq2 + Ba1OH221aq2
¡ H2O1l2 + Ba1CH3COO221aq2

*Tasting chemical solutions is not a good practice. However, we have all had acids such as ascor-
bic acid (vitamin C), acetylsalicylic acid (aspirin), and citric acid (in citrus fruits) in our mouths, 
and we are familiar with their characteristic sour taste. Soaps, which are basic, have the charac-
teristic bitter taste of bases.
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Notice that the OH- ions (this time in a solid reactant) and H+ ions combine to form H2O. 
Because the ions exchange partners, neutralization reactions between acids and metal hy-
droxides are metathesis reactions.

Neutralization Reactions with Gas Formation

Many bases besides OH-  react with H+  to form molecular compounds. Two of these 
that you might encounter in the laboratory are the sulfide ion and the carbonate 
ion. Both of these anions react with acids to form gases that have low solubilities in 
water.

Hydrogen sulfide 1H2S), the substance that gives rotten eggs their foul odor, forms 
when an acid such as HCl(aq) reacts with a metal sulfide such as Na2S:

Molecular equation:

 2 HCl1aq2 + Na2S1aq2 ¡ H2S1g2 + 2 NaCl1aq2 [4.16]

Net ionic equation:

 2 H+1aq2 + S2-1aq2 ¡ H2S1g2 [4.17]

Carbonates and hydrogen carbonates react with acids to form CO21g2. Reaction 
of CO3

2- or HCO3
- with an acid first gives carbonic acid 1H2CO32. For example, when 

hydrochloric acid is added to sodium hydrogen carbonate, the reaction is

 HCl1aq2 + NaHCO31aq2 ¡ NaCl1aq2 + H2CO31aq2 [4.18]

Carbonic acid is unstable. If present in solution in sufficient concentrations, it decom-
poses to H2O and CO2, which escapes from the solution as a gas:

 H2CO31aq2 ¡ H2O1l2 + CO21g2 [4.19]

The overall reaction is summarized by the following equations:

Molecular equation:

 HCl1aq2 + NaHCO31aq2 ¡ NaCl1aq2 + H2O1l2 + CO21g2 [4.20]

Net ionic equation:

 H+1aq2 + HCO3
-1aq2 ¡ H2O1l2 + CO21g2 [4.21]

Both NaHCO31s) and Na2CO31s2 are used as neutralizers in acid spills; either salt is 
added until the fizzing caused by CO21g2 formation stops. Sometimes sodium hydrogen car-
bonate is used as an antacid to soothe an upset stomach. In that case the HCO3

- reacts with 
stomach acid to form CO21g2.

Your stomach secretes acids to help digest foods. These acids, 
which include hydrochloric acid, contain about 0.1 mol of H+ 
per liter of solution. The stomach and digestive tract are nor-
mally protected from the corrosive effects of stomach acid by a 
mucosal lining. Holes can develop in this lining, however, al-
lowing the acid to attack the underlying tissue, causing pain-
ful damage. These holes, known as ulcers, can be caused by the 
secretion of excess acids and/or by a weakness in the digestive 
lining. Many peptic ulcers are caused by infection by the bac-
terium Helicobacter pylori. Many people suffer from ulcers at 
some point in their lives. Many others experience occasional 

CHEMISTRY PUT TO WORK Antacids

indigestion, heartburn, or reflux due to digestive acids entering 
the esophagus.

The problem of excess stomach acid can be addressed by (1) re-
moving the excess acid or (2) decreasing the production of acid. Sub-
stances that remove excess acid are called antacids, whereas those 
that decrease acid production are called acid inhibitors. Figure 4.8 
shows several common over-the-counter antacids, which usually con-
tain hydroxide, carbonate, or bicarbonate ions (Table 4.4). Antiulcer 
drugs, such as Tagamet® and Zantac®, are acid inhibitors. They act on 
acid-producing cells in the lining of the stomach. Formulations that 
control acid in this way are now available as over-the-counter drugs.

Related Exercise: 4.99
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▲ Figure 4.8 Antacids. These products all serve as acid-neutralizing 
agents in the stomach.

TABLE 4.4 Some Common Antacids

Commercial Name Acid-Neutralizing Agents

Alka-Seltzer® NaHCO3

Amphojel® Al1OH23
Di-Gel® Mg1OH22 and CaCO3

Milk of Magnesia Mg1OH22
Maalox® Mg1OH22 and Al1OH23
Mylanta® Mg1OH22 and Al1OH23
Rolaids® Mg1OH22 and CaCO3

Tums® CaCO3

Exercises
  (a)  HBr1aq2 + Ca1OH221aq2 ¡
  (b)  Cu1OH221s2 + HClO41aq2 ¡
  (c)  Al1OH231s2 + HNO31aq2 ¡

 4.17 Write balanced molecular and net ionic equations for the 
following reactions, and identify the gas formed in each:  
(a) solid cadmium sulfide reacts with an aqueous solution 
of sulfuric acid; (b) solid magnesium carbonate reacts with 
an aqueous solution of perchloric acid.

 4.18 Magnesium carbonate, magnesium oxide, and magne-
sium hydroxide are all white solids that react with acidic
solutions. (a) Write a balanced molecular equation and a 
net ionic equation for the reaction that occurs when each 
substance reacts with a hydrochloric acid solution. (b) By 
observing the reactions in part (a), how could you distin-
guish any of the three magnesium substances from the 
other two?

 4.13 State whether each of the following statements is true or 
false. Justify your answer in each case.

  (a)  Sulfuric acid is a monoprotic acid.

  (b)  HCl is a weak acid.

  (c)  Methanol is a base.

 4.14 Label each of the following substances as an acid, base, salt, 
or none of these. Indicate whether the substance exists in 
aqueous solution entirely in molecular form, entirely as 
ions, or as a mixture of molecules and ions. (a) HF, (b) ace-
tonitrile, CH3CN, (c) NaClO4, (d) Ba1OH22.

 4.15 Classify each of the following substances as a nonelectro-
lyte, weak electrolyte, or strong electrolyte in water:  (a) HF,  
(b) C6H5COOH (benzoic acid), (c) C6H6 (benzene), (d) CoCl3, 
(e) AgNO3.

 4.1 6 Complete and balance the following molecular equations, 
and then write the net ionic equation for each:

Answers to Self-Assessment Exercises

4.12 (c)

Self-Assessment Exercise
 4.12 What is the net ionic equation for the reaction between 

stomach acid and an antacid containing Al(OH)3?

(a) HCl(aq) + Al(OH)3(s) S H2O(l) + AlCl3(aq)

(b) 3HCl(aq) + Al(OH)3(s) S 3H2O(l) + AlCl3(aq)

(c) 3H+(aq) + Al(OH)3(s) S 3H2O(l) + Al3+(aq)
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Almost all metals will corrode when exposed to the atmosphere, a process in which the 
metal reacts to form a compound and loses its characteristic luster. Gold and platinum are 
exceptions, making these metals highly prized for jewelry. In a few cases, a surface coat-
ing of corrosion is just unsightly, but in many cases, it is associated with an undesirable 
economic impact. Forming a compound from a metal is nearly always accompanied by an 
increase in volume that can compromise the integrity of a structure. In extreme situations, 
this has resulted in the catastrophic failure of the structure: the collapse of the Morandi 
bridge in Genova, Italy on 14 August 2018 resulted in 43 fatalities.

By the end of this section, you should be able to

• Understand the processes involved in redox reactions

In precipitation reactions, cations and anions come together to form an insoluble ionic 
compound. In neutralization reactions, protons are transferred from one reactant to an-
other. Now let’s consider a third kind of reaction, one in which electrons are transferred 
from one reactant to another. Such reactions are called either oxidation-reduction  
reactions or redox reactions. In this section, we concentrate on redox reactions where 
one of the reactants is a metal in its elemental form. Redox reactions are critical in under-
standing many biological and geological processes in the world around us; they also form 
the basis for energy-related technologies such as batteries and fuel cells (Chapter 20).

Oxidation and Reduction

One of the most familiar redox reactions is corrosion of a metal (Figure 4.9). In some instances, 
corrosion is limited to the surface of the metal, as is the case with the green coating that 
forms on copper roofs and statues. In other instances, the corrosion goes deeper, eventually 
compromising the structural integrity of the metal, as happens with the rusting of iron.

Corrosion is the conversion of a metal into a metal compound, by a reaction between 
the metal and some substance in its environment. When a metal corrodes, each metal 
atom loses one or more electrons to form a cation, which can combine with an anion to 
form an ionic compound. The green coating on the Statue of Liberty contains Cu2+ com-
bined with carbonate and hydroxide anions; rust contains Fe3+ combined with oxide 
and hydroxide anions; and silver tarnish contains Ag+ combined with sulfide anions.

When an atom, ion, or molecule becomes more positively charged (that is, when 
it loses electrons), we say that it has been oxidized. Loss of electrons by a substance is 
called oxidation. The term oxidation is used because the first reactions of this sort to 
be studied were reactions with oxygen. Many metals react directly with O2 in air to form 
metal oxides. In these reactions, the metal loses electrons to oxygen, forming an ionic 

4.4 ∣ Oxidation–Reduction Reactions
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and polyatomic ions, the oxidation number of a given atom is a hypothetical charge. 
This charge is assigned by artificially dividing up the electrons among the atoms in the 
molecule or ion. We use the following rules for assigning oxidation numbers:

1. For an atom in its elemental form, the oxidation number is always zero. Thus, each H 
atom in the H2 molecule has an oxidation number of 0, and each P atom in the P4 
molecule has an oxidation number of 0.

2. For any monatomic ion, the oxidation number equals the ionic charge. Thus, K+ has an 
oxidation number of +1, S2- has an oxidation number of -2, and so forth.
In ionic compounds the alkali metal ions (Group 1) always have a 1+  charge and 
therefore an oxidation number of +1. The alkaline earth metals (Group 2) are always 
+2, and aluminum (Group 13) is always +3 in ionic compounds. (In writing oxida-
tion numbers, we will write the sign before the number to distinguish them from 
the actual electronic charges, which we write with the number first.)

3. Nonmetals usually have negative oxidation numbers, although they can some-
times be positive:

(a)  The oxidation number of oxygen is usually -2 in both ionic and molecular com-
pounds. The major exception is in compounds called peroxides, which contain 
the O2

2- ion, giving each oxygen an oxidation number of -1.

(b)  The oxidation number of hydrogen is usually +1 when bonded to nonmetals and -1 
when bonded to metals (for example, metal hydrides such as sodium hydride, NaH).

(c)  The oxidation number of fluorine is -1 in all compounds. The other halogens 
have an oxidation number of -1 in most binary compounds. When combined 
with oxygen, as in oxyanions, however, they have positive oxidation states.

4. The sum of the oxidation numbers of all atoms in a neutral compound is zero. The sum 
of the oxidation numbers in a polyatomic ion equals the charge of the ion. For example, in the 
hydronium ion H3O+, which is a more accurate description of H +1aq2, the oxidation 
number of each hydrogen is +1 and that of oxygen is -2. Thus, the sum of the oxida-
tion numbers is 31+12 + 1-22 = +1, which equals the net charge of the ion. This rule 
is useful in obtaining the oxidation number of one atom in a compound or ion if you 
know the oxidation numbers of the other atoms, as illustrated in Sample Exercise 4.8.

 Sample Exercise 4.8 
Determining Oxidation Numbers

Determine the oxidation number of sulfur in (a) H2S, (b) S8, (c) SCl2, (d) Na2SO3, (e) SO4
2-.

 ▶ Practice Exercise
In which compound is the oxidation state of oxygen -1?  
(a) O2 (b) H2O (c) H2SO4 (d) H2O2 (e) KCH3COO

SOLUTION
Analyze We are asked to determine the oxidation number of sulfur 
in two molecular species, in the elemental form, and in two  
substances containing ions.

Plan In each species, the sum of oxidation numbers of all the  
atoms must equal the charge on the species. We will use the rules 
outlined previously to assign oxidation numbers.

Solve
(a)  When bonded to a nonmetal, hydrogen has an oxidation 

number of +1. Because the H2S molecule is neutral, the sum 
of the oxidation numbers must equal zero. Letting x equal the 
oxidation number of S, we have 21+12 + x = 0. Thus, S has 
an oxidation number of -2.

(b)  Because S8 is an elemental form of sulfur, the oxidation num-
ber of S is 0.

(c)  Because SCl2 is a binary compound, we expect chlorine to 
have an oxidation number of -1. The sum of the oxidation 
numbers must equal zero. Letting x equal the oxidation num-
ber of S, we have x + 21-12 = 0. Consequently, the oxidation 
number of S must be +2.

(d)  Sodium, an alkali metal, always has an oxidation number of 
+1 in its compounds. Oxygen commonly has an oxidation 
number of -2. Letting x equal the oxidation number of S, we 
have 21+12 + x + 31-22 = 0. Therefore, the oxidation num-
ber of S in this compound 1Na2SO32 is +4.

(e)  The oxidation number of O is -2. The sum of the oxidation 
numbers equals -2, the net charge of the SO4

2- ion. Thus, we 
have x + 41-22 = -2. From this relation we conclude that 
the oxidation number of S in this ion is +6.

Comment These examples illustrate that the oxidation number of 
a given element depends on the compound in which it occurs. 
The oxidation numbers of sulfur, as seen in these examples, range 
from -2 to +6.
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been reduced. Chlorine has an oxidation number of -1 both before and after the reac-
tion, indicating that it is neither oxidized nor reduced. In fact, the Cl- ions are spectator 
ions, dropping out of the net ionic equation:

 Mg1s2 + 2 H+1aq2 ¡ Mg2+1aq2 + H21g2 [4.25]

Metals can also be oxidized by aqueous solutions of various salts. Iron metal, for 
example, is oxidized to Fe2+ by aqueous solutions of Ni2+ such as Ni1NO3221aq2:
Molecular equation: Fe1s2 + Ni1NO3221aq2 ¡ Fe(NO3221aq2 + Ni1s2 [4.26]

Net ionic equation: Fe1s2 + Ni2+1aq2 ¡ Fe2+1aq2 + Ni1s2 [4.27]

The oxidation of Fe to Fe2+ in this reaction is accompanied by the reduction of Ni2+ to Ni. 
Remember: Whenever one substance is oxidized, another substance must be reduced.

 Sample Exercise 4.9 
Writing Equations for Oxidation-Reduction Reactions

Write the balanced molecular and net ionic equations for the reaction of aluminum with hydrobromic acid.

 ▶ Practice Exercise
Which of the following statements is true about the reaction 
between zinc and copper sulfate? (a) Zinc is oxidized, and 
copper ion is reduced. (b) Zinc is reduced, and copper ion is 
oxidized. (c) All reactants and products are soluble strong elec-
trolytes. (d) The oxidation state of copper in copper sulfate is 0. 
(e) More than one of the previous choices are true.

SOLUTION
Analyze We must write two equations—molecular and net ionic—
for the redox reaction between a metal and an acid.

Plan Metals react with acids to form salts and H2 gas. To write the 
balanced equations, we must write the chemical formulas for the two 
reactants and then determine the formula of the salt, which is com-
posed of the cation formed by the metal and the anion of the acid.

Solve The reactants are Al and HBr. The cation formed by Al is Al3+, 
and the anion from hydrobromic acid is Br-. Thus, the salt formed 
in the reaction is AlBr3. Writing the reactants and products and 
then balancing the equation gives the molecular equation:

 2 Al1s2 + 6 HBr1aq2 ¡ 2 AlBr31aq2 + 3 H21g2
Both HBr and AlBr3 are soluble strong electrolytes. Thus, the com-
plete ionic equation is

 2 Al1s2 + 6 H+1aq2 + 6 Br-1aq2 ¡  

 2 Al3+1aq2 + 6 Br-1aq2 + 3 H21g2

Because Br- is a spectator ion, the net ionic equation is

2 Al1s2 + 6 H+1aq2 ¡ 2 Al3+1aq2 + 3 H21g2
Comment The substance oxidized is the aluminum metal because 
its oxidation state changes from 0 in the metal to +3 in the cat-
ion, thereby increasing in oxidation number. The H+ is reduced 
because its oxidation state changes from +1 in the acid to 0 in H2.

The Activity Series

Can we predict whether a certain metal will be oxidized either by an acid or by a partic-
ular salt? This question is of practical importance as well as chemical interest. According 
to Equation 4.26, for example, it would be unwise to store a solution of nickel nitrate in 
an iron container because the solution would dissolve the container. When a metal is ox-
idized, it forms various compounds. Extensive oxidation can lead to the failure of metal 
machinery parts or the deterioration of metal structures.

Different metals vary in the ease with which they are oxidized. Zn is oxidized by 
aqueous solutions of Cu2+, for example, but Ag is not. Zn, therefore, loses electrons more 
readily than Ag; that is, Zn is easier to oxidize than Ag.

A list of metals arranged in order of decreasing ease of oxidation, such as in Table 4.5, 
is called an activity series. The metals at the top of the table, such as the alkali metals 
and the alkaline earth metals, are most easily oxidized; that is, they react most readily 
to form compounds. They are called the active metals. The metals at the bottom of the 
activity series, such as the transition elements from Groups 8 to 11, are very stable and 
form compounds less readily. These metals, which are used to make coins and jewelry, 
are called noble metals because of their low reactivity.
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The activity series can be used to predict the outcome of reactions between metals and 
either metal salts or acids. Any metal on the list can be oxidized by the ions of elements below it. 
For example, copper is above silver in the series. Thus, copper metal is oxidized by silver 
ions:

 Cu1s2 + 2 Ag+1aq2 ¡ Cu2+1aq2 + 2 Ag1s2 [4.28]

The oxidation of copper to copper ions is accompanied by the reduction of silver ions to 
silver metal. The silver metal is evident on the surface of the copper wire in Figure 4.12. 
The copper(II) nitrate produces a blue color in the solution, as can be seen most clearly in 
the photograph on the right of Figure 4.12.

Only metals above hydrogen in the activity series are able to react with acids to form H2. 
For example, Ni reacts with HCl(aq) to form H2:

 Ni1s2 + 2 HCl1aq2 ¡ NiCl21aq2 + H21g2 [4.29]

Because elements below hydrogen in the activity series are not oxidized by H+, Cu 
does not react with HCl(aq). Interestingly, copper does react with nitric acid, as shown 
in Figure 1.11, but the reaction is not oxidation of Cu by H+ ions. Instead, the metal is 
oxidized to Cu2+ by the nitrate ion, accompanied by the formation of brown nitrogen 
dioxide, NO21g2:
 Cu1s2 + 4 HNO31aq2 ¡ Cu1NO3221aq2 + 2 H2O1l2 + 2 NO21g2 [4.30]

As the copper is oxidized in this reaction, NO3
-, where the oxidation number of 

nitrogen is +5, is reduced to NO2, where the oxidation number of nitrogen is +4. We will 
examine reactions of this type in Chapter 20.

TABLE 4.5 Activity Series of Metals in Aqueous Solution

Metal Oxidation Reaction

Lithium Li1s2 ¡ Li+1aq2 + e-

Potassium K1s2 ¡ K+1aq2 + e-

Barium Ba1s2 ¡ Ba2+1aq2 + 2e-

Calcium Ca1s2 ¡ Ca2+1aq2 + 2e-

Sodium Na1s2 ¡ Na+1aq2 + e-

Magnesium Mg1s2 ¡ Mg2+1aq2 + 2e-

Aluminum Al1s2 ¡ Al3+1aq2 + 3e-

Manganese Mn1s2 ¡ Mn2+1aq2 + 2e-

Zinc Zn1s2 ¡ Zn2+1aq2 + 2e-

Chromium Cr1s2 ¡ Cr3+1aq2 + 3e-

Iron Fe1s2 ¡ Fe2+1aq2 + 2e-

Cobalt Co1s2 ¡ Co2+1aq2 + 2e-

Nickel Ni1s2 ¡ Ni2+1aq2 + 2e-

Tin Sn1s2 ¡ Sn2+1aq2 + 2e-

Lead Pb1s2 ¡ Pb2+1aq2 + 2e-

Hydrogen H21g2 ¡ 2 H+1aq2 + 2e-

Copper Cu1s2 ¡ Cu2+1aq2 + 2e-

Silver Ag1s2 ¡ Ag+1aq2 + e-

Mercury Hg1l2 ¡ Hg2+1aq2 + 2e-

Platinum Pt1s2 ¡ Pt2+1aq2 + 2e-

Gold Au1s2 ¡ Au3+1aq2 + 3e-
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In this chapter, you have been introduced to a great number of chem-
ical reactions. It’s not easy to get a “feel” for what happens when 
chemicals react. One goal of this textbook is to help you become 
more adept at predicting the outcomes of reactions. The key to gain-
ing this “chemical intuition” is to learn how to categorize reactions.

Attempting to memorize individual reactions would be a futile 
task. It is far more fruitful to recognize patterns to determine the 
general category of a reaction, such as metathesis or oxidation- 
reduction. When faced with the challenge of predicting the out-
come of a chemical reaction, ask yourself the following questions:

• What are the reactants?

• Are they electrolytes or nonelectrolytes?

• Are they acids or bases?

•  If the reactants are electrolytes, will metathesis produce a precipi-
tate? Water? A gas?

•  If metathesis cannot occur, can the reactants engage in an 
oxidation-reduction reaction? This requires that there be 
both a reactant that can be oxidized and a reactant that can 
be reduced.

Being able to predict what happens during a reaction fol-
lows from asking basic questions like these. Each question nar-
rows the set of possible outcomes, steering you ever closer to a 
likely outcome. Your prediction might not always be entirely 
correct, but if you keep your wits about you, you will not be far 
off. As you gain experience, you will begin to look for reactants 
that might not be immediately obvious, such as water from the 
solution or oxygen from the atmosphere. Because proton transfer  
(acid–base) and electron transfer (oxidation-reduction) are  
involved in a huge number of chemical  reactions, knowing the 
hallmarks of such reactions will mean you are well on your way to 
becoming an excellent chemist!

STRATEGIES FOR SUCCESS Analyzing Chemical Reactions

Exercises
(b) Ti in TiCl4, (c) P in AgPF6, (d) N in HNO3, (e) S in H2SO3, 
(f) O in OF2.

 4.23 Which element is oxidized and which is reduced in the  
following reactions?

  (a)  N21g2 + 3 H21g2 ¡ 2 NH31g2
  (b)  3 Fe1NO3221aq2 + 2 Al1s2 ¡

3 Fe1s2 + 2 Al1NO3231aq2
  (c)  Cl21aq2 + 2 NaI1aq2 ¡ I21aq2 + 2 NaCl1aq2
  (d)  PbS1s2 + 4 H2O21aq2 ¡ PbSO41s2 + 4 H2O1l2
 4.24 Write balanced molecular and net ionic equations for 

the reactions of (a) manganese with dilute sulfuric acid,  
(b) chromium with hydrobromic acid, (c) tin with hydro-
chloric acid, (d) aluminum with formic acid, HCOOH.

 4.25 Using the activity series (Table 4.5), write balanced chem-
ical equations for the following reactions. If no reaction 
occurs, write NR. (a) Iron metal is added to a solution of 
copper(II) nitrate, (b) zinc metal is added to a solution 
of magnesium sulfate, (c) hydrobromic acid is added to 
tin metal, (d) hydrogen gas is bubbled through an aque-
ous solution of nickel(II) chloride, (e) aluminum metal is 
added to a solution of cobalt(II) sulfate.

 4.20 (a) Which region of the periodic table shown here contains 
elements that are easiest to oxidize? (b) Which region con-
tains the least readily oxidized elements?

A

B C

D

 4.21 Determine the oxidation number of sulfur in each of the 
following substances: (a) barium sulfate, BaSO4, (b) sulfu-
rous acid, H2SO3, (c) strontium sulfide, SrS, (d) hydrogen 
sulfide, H2S. (e) Locate sulfur in the periodic table in Exer-
cise 4.20; what region is it in? (f) Which region(s) of the pe-
riodic table contains elements that can adopt both positive 
and negative oxidation numbers?

 4.22 Determine the oxidation number for the indicated ele-
ment in each of the following substances: (a) S in SO3,  

Answers to Self-Assessment Exercises

4.19 (d)

Self-Assessment Exercise
 4.19 Which combination of metal and metal ion do you expect 

to undergo a redox reaction?

(a) Ca(s) and K+(aq)

(b) Fe(s) and Al3+ (aq)

(c) Ag(s) and Cu2+(aq)

(d) Fe(s) and Pb2+(aq)



4.5 ∣ Concentrations of Solutions

In recent years, we have seen an explosion in the marketing of dietary supplements. 
Many of these involve “trace elements”—substances we require in small quantities for the 
healthy functioning of our bodies. While a diet deficient in such essential elements can 
cause undesirable physiological effects, so too can an excess of the element. For example, 
there is around 2.3 g of iron in the body of an adult woman and 3.8 g in an adult man.  
A deficiency of iron can lead to conditions such as anemia, characterized by fatigue 
among other symptoms, while too much iron can lead to stomach pain and metabolic 
acidosis. Body chemistry is essentially solution chemistry and an ability to quantify the 
amount of substance in a solution is essential to its understanding.

By the end of this section, you should be able to

• Convert between mass, moles, and concentration of a soluble substance

Scientists use the term concentration to designate the amount of solute dissolved in a 
given quantity of solvent or quantity of solution. The greater the amount of solute dis-
solved in a certain amount of solvent, the more concentrated the resulting solution. In 
chemistry we often need to express the concentrations of solutions quantitatively.

Molarity

Molarity (symbol M) expresses the concentration of a solution as the number of moles 
of solute in a liter of solution (soln):

 Molarity =
moles solute

volume of solution in liters
 [4.31]

A 1.00 molar solution (written 1.00 M) contains 1.00 mol of solute in every liter of 
 solution. Figure 4.13 shows the preparation of 0.250 L of a 1.00 M solution of CuSO4. The 
molarity of the solution is 10.250 mol CuSO42>10.250 L soln) = 1.00 M. Note that we use 
the abbreviation “soln” for “solution.”

Expressing the Concentration of an Electrolyte

In biology, the total concentration of ions in solution is very important in metabolic and 
cellular processes. When an ionic compound dissolves, the relative concentrations of the 
ions in the solution depend on the chemical formula of the compound. For example, a 
1.0 M solution of NaCl is 1.0 M in Na+ ions and 1.0 M in Cl- ions, and a 1.0 M solution of 
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 Sample Exercise 4.11 
Calculating Molarity

Calculate the molarity of a solution made by dissolving 23.4 g of sodium sulfate (Na2SO4) in enough water to form 125 mL of 
solution.

SOLUTION
Analyze We are given the number of grams of solute (23.4 g), its 
chemical formula 1Na2SO4), and the volume of the solution  
(125 mL) and asked to calculate the molarity of the solution.

Plan We can calculate molarity using Equation 4.31. To do so, we 
must convert the number of grams of solute to moles and the vol-
ume of the solution from milliliters to liters.

Solve
The number of moles of Na2SO4 is ob-
tained by using its molar mass: Moles Na2SO4 = 123.4 g Na2SO42a 1 mol Na2SO4

142.1 g Na2SO4
b = 0.165 mol Na2SO4

Converting the volume of the solution to liters: Liters soln = 1125 mL2a 1 L
1000 mL

b = 0.125 L

Thus, the molarity is: Molarity =
0.165 mol Na2SO4

0.125 L soln
= 1.32 

mol Na2SO4

L soln
= 1.32 M

Check Because the numerator is only slightly larger than the de-
nominator, it is reasonable for the answer to be a little over 1 M. 
The units 1mol>L2 are appropriate for molarity, and three signif-
icant figures are appropriate for the answer because each of the 
initial pieces of data had three significant figures.

 ▶ Practice Exercise
What is the molarity of a solution that is made by dissolving 
3.68 g of sucrose 1C12H22O112 in sufficient water to form 275.0 mL 
of solution? (a) 13.4 M (b) 7.43 * 10-2 M   
(c) 3.91 * 10-2 M  (d) 7.43 * 10-5 M  (e) 3.91 * 10-5 M

321 Weigh out 39.9 g

(0.250 mol) CuSO4.

Put CuSO4 (solute) into

250-mL volumetric flask;

add water and swirl to

dissolve solute.

Add water until solution

just reaches calibration

mark on neck of flask,

and swirl to mix.

▲ Figure 4.13 Preparing 0.250 L of a 1.00 M solution of CuSO4.
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 Sample Exercise 4.12 
Calculating Molar Concentrations of Ions

What is the molar concentration of each ion present in a 0.025 M aqueous solution of calcium nitrate?

 ▶ Practice Exercise
What is the ratio of the concentration of potassium ions to the 
concentration of carbonate ions in a 0.015 M solution of potas-
sium carbonate? (a) 1:0.015 (b) 0.015:1 (c) 1:1 (d) 1:2 (e) 2:1

SOLUTION
Analyze We are given the concentration of the ionic compound
used to make the solution and asked to determine the concentra-
tions of the ions in the solution.

Plan We can use the subscripts in the chemical formula of the 
compound to determine the relative ion concentrations.

Solve Calcium nitrate is composed of calcium ions 1Ca2+2 and 
nitrate ions 1NO3

-), so its chemical formula is Ca1NO322. Because 
there are two NO3

- ions for each Ca2+ ion, each mole of Ca(NO322 
that dissolves dissociates into 1 mol of Ca2+ and 2 mol of NO3

-. 

Thus, a solution that is 0.025 M in Ca(NO322 is 0.025 M in Ca 2+ 
and 2 * 0.025 M = 0.050 M  in NO3

-:

Check The concentration of NO3
- ions is twice that of Ca2+ ions, as the 

subscript 2 after the NO3
- in the chemical formula Ca(NO322 suggests.

Na2SO4 is 2.0 M in Na+ ions and 1.0 M in SO4
2- ions. Thus, the concentration of an elec-

trolyte solution can be specified either in terms of the compound used to make the solu-
tion (1.0 M Na2SO42 or in terms of the ions in the solution (2.0 M Na+ and 1.0 M SO4

2-2.
Interconverting Molarity, Moles, and Volume

If we know any two of the three quantities in the definition of molarity (Equation 4.31), 
we can calculate the third. For example, if we know the molarity of an HNO3 solution to 
be 0.200 M, which means 0.200 mol of HNO3 per liter of solution, we can calculate the 
number of moles of solute in a given volume, say 2.0 L. Molarity therefore is a conversion 
factor between volume of solution and moles of solute:

Moles HNO3 = 12.0 L soln2a0.200 mol HNO3

1 L soln
b = 0.40 mol HNO3

To illustrate the conversion of moles to volume, let’s calculate the volume of 0.30 M HNO3 
solution required to supply 2.0 mol of HNO3:

Liters soln = 12.0 mol HNO32a 1 L soln
0.30 mol HNO3

b = 6.7 L soln

Note that in this case we used the reciprocal of molarity in the conversion:

Liters =  mol *  1>M = mol * liters>mol

If one of the solutes is a liquid, we can use its density to convert its mass to volume 
and vice versa. For example, a typical American beer contains 5.0% ethanol 1CH3CH2OH2 
by volume in water (along with other components). The density of ethanol is 0.789 
g/mL. Therefore, if we wanted to calculate the molarity of ethanol (usually just called 
“alcohol” in everyday language) in beer, we would first consider 1.00 L of beer.

This 1.00 L of beer contains 0.950 L of water and 0.050 L of ethanol:

5% = 5>100 = 0.050

Then we can calculate the moles of ethanol by proper cancellation of units, taking into 
account the density of ethanol and its molar mass (46.0 g/mol):

Moles ethanol = 10.050 L2 a1000 mL
L

b  a0.789 g

mL
b  a 1 mol

46.0 g
b = 0.858 mol

Because there are 0.858 moles of ethanol in 1.00 L of beer, the concentration of eth-
anol in beer is 0.86 M (taking into account significant figures).
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Draw 25.0 mL of

1.00 M stock

solution into pipette.

Add concentrated

solution in pipette

to 250-mL

volumetric flask.

Dilute with water until

solution reaches

calibration mark on

neck of flask and mix

to create 0.100 M 
solution.

321

▲ Figure 4.14 Preparing 250.0 mL of 0.100 M CuSO4 by dilution of 1.00 M CuSO4.

In laboratory situations, calculations of this sort are often made with an equation 
derived by remembering that the number of moles of solute is the same in both the con-
centrated and dilute solutions and that moles = molarity * liters:

Moles solute in conc soln = moles solute in dilute soln

  Mconc * Vconc = Mdil * Vdil [4.33]

Although we derived Equation 4.33 in terms of liters, any volume unit can be used as 
long as it is used on both sides of the equation. For example, in the calculation we did for 
the CuSO4 solution, we have11.00 M)1Vconc2 = 10.100 M)1250.0 mL2
Solving for Vconc gives Vconc = 25.0 mL as before.

Sample Exercise 4.14 
Preparing a Solution by Dilution

How many milliliters of 3.0 M H2SO4 are needed to make 450 mL of 0.10 M H2SO4?

SOLUTION
Analyze We need to dilute a concentrated solution. We are given the 
molarity of a more concentrated solution (3.0 M) and the volume 
and molarity of a more dilute one containing the same solute (450 mL 
of 0.10 M solution). We must calculate the volume of the concen-
trated solution needed to prepare the dilute solution.

Plan We can calculate the number of moles of solute, H2SO4, in 
the dilute solution and then calculate the volume of the concen-
trated solution needed to supply this amount of solute. Alterna-
tively, we can directly apply Equation 4.33. Let’s compare the two 
methods.

Solve 
Calculate the moles of H2SO4 in the  
dilute solution: Moles H2SO4 in dilute solution = 10.450 L soln2a0.10 mol H2SO4

1 L soln
b

 = 0.045 mol H2SO4

Calculate the volume of the concentrated 
solution that contains 0.045 mol H2SO4: Liters conc soln = 10.045 mol H2SO42a 1 L soln

3.0 mol H2SO4
b = 0.015 L soln

If we apply Equation 4.33, we get the same result:  13.0 M)1Vconc2 = 10.10 M)1450 mL2 
 1Vconc2 = 10.10 M )1450 mL2

3.0 M
= 15 mL

Converting liters to milliliters gives 15 mL.
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 ▶ Practice Exercise
What volume of a 1.00 M stock solution of glucose must be 
used to make 500.0 mL of a 1.75 * 10-2 M  glucose solution  
in water?  
(a) 1.75 mL (b) 8.75 mL (c) 48.6 mL (d) 57.1 mL (e) 28,570 mL

Either way, we see that if we start with 15 mL of 3.0 M H2SO4 and 
dilute it to a total volume of 450 mL, the desired 0.10 M solution 
will be obtained.

Check The calculated volume seems reasonable because a small 
volume of concentrated solution is used to prepare a large volume 
of dilute solution.

Comment The first approach can also be used to find the final 
concentration when two solutions of different concentrations 
are mixed, whereas the second approach, using Equation 4.33, 

Self-Assessment Exercise
 4.26 Which solution has the greatest number of molecules or 

ions present?

(a) 1.00 M FeCl3

(b) 1.50 M HCl

(c) 2.00 M C6H12O6

Exercises

solutions: (a) 0.35 M K3PO4, (b) 5 * 10-4 M CuCl2, (c) 0.0184 M  
CH3CH2OH (d) a mixture of 35.0 mL of 0.010 M Na2CO3 
and 50.0 mL of 0.200 M K2SO4. Assume the volumes are 
additive.

 4.32 (a) You have a stock solution of 14.8 M NH3. How many mil-
liliters of this solution should you dilute to make 1000.0 mL  
of 0.250 M NH3? (b) If you take a 10.0-mL portion of the 
stock solution and dilute it to a total volume of 0.500 L, 
what will be the concentration of the final solution?

 4.33 A medical lab is testing a new anticancer drug on cancer 
cells. The drug stock solution concentration is 1.5 * 10-9 M,  
and 1.00 mL of this solution will be delivered to a dish con-
taining 2.0 * 105 cancer cells in 5.00 mL of aqueous fluid. 
What is the ratio of drug molecules to the number of can-
cer cells in the dish?

 4.34 Pure acetic acid, known as glacial acetic acid, is a liquid
with a density of 1.049 g>mL at 25 °C. Calculate the molar-
ity of a solution of acetic acid made by dissolving 20.00 mL  
of glacial acetic acid at 25 °C in enough water to make 
250.0 mL of solution.

 4.27 (a) Calculate the molarity of a solution that contains 0.175 
mol ZnCl2 in exactly 150 mL of solution. (b) How many 
moles of protons are present in 35.0 mL of a 4.50 M solu-
tion of nitric acid? (c) How many milliliters of a 6.00 M 
NaOH solution are needed to provide 0.350 mol of NaOH?

 4.28 The average adult human male has a total blood volume of 
5.0 L. If the concentration of sodium ion in this average in-
dividual is 0.135 M, what is the mass of sodium ion circulat-
ing in the blood?

 4.29 The concentration of alcohol 1CH3CH2OH2 in blood, 
called the “blood alcohol concentration” or BAC, is given 
in units of grams of alcohol per 100 mL of blood. What is 
the concentration of alcohol, in terms of molarity, in blood 
if the BAC is 0.08?

 4.30 (a) Which will have the highest concentration of sodium 
ions:  0.25 M NaCl, 0.15 M Na2CO3,  or  0.075 M Na3PO4?  
(b) Which will contain the greater number of moles of  
sodium ion: 20.0 mL of 0.15 M NaHCO3 or 15.0 mL of 0.04 M 
Na2S?

 4.31 Ignoring protolysis reactions, indicate the concentra-
tion of each ion or molecule present in the following  

Answers to Self-Assessment Exercises

4.26 (a)

can be used only for diluting a concentrated solution with pure 
solvent.
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Check The answer is reasonable because a small volume of dilute 
acid requires only a small amount of base to neutralize it.

 ▶ Practice Exercise
How many milligrams of sodium sulfide are needed to com-
pletely react with 25.00 mL of a 0.0100 M aqueous solution of 
cadmium nitrate, to form a precipitate of CdS(s)?  
(a) 13.8 mg (b) 19.5 mg (c) 23.5 mg (d) 32.1 mg (e) 39.0 mg

Thus, 2 mol HNO3 ] 1 mol Ca(OH22. Therefore,  Grams Ca1OH22 = 12.50 * 10-3 mol HNO32 * a1 mol Ca1OH22
2 mol HNO3

b a74.1 g Ca1OH22
1 mol Ca1OH22 b  

 = 0.0926 g Ca1OH22

 Sample Exercise 4.15 
Using Mass Relations in a Neutralization Reaction

How many grams of Ca(OH)2 are needed to neutralize 25.0 mL of 0.100 M HNO3?

 Moles HNO3 = VHNO3
* MHNO3

= 10.0250 L2a0.100 mol HNO3

L
b  

 = 2.50 * 10-3 mol HNO3

SOLUTION
Analyze The reactants are an acid, HNO3, and a base, Ca1OH22.  
The volume and molarity of HNO3 are given, and we are asked  
how many grams of Ca1OH22 are needed to neutralize this  
quantity of HNO3.

Plan Following the steps outlined by the green arrows in Figure 4.15, 
we use the molarity and volume of the HNO3 solution (substance 
B in Figure 4.15) to calculate the number of moles of HNO3. We 
then use the balanced equation to relate moles of HNO3 to moles 
of Ca1OH22 (substance A). Finally, we use the molar mass to con-
vert moles to grams of Ca1OH22 :

VHNO3
* MHNO3

1 mol HNO3 1 mol Ca1OH22 1 g Ca1OH22
Solve

The product of the molar concentration 
of a solution and its volume in liters gives 
the number of moles of solute:

Because this is a neutralization reaction, 
HNO3 and Ca1OH22 react to form H2O and 
the salt containing Ca2+ and NO3

-: 2 HNO31aq2 + Ca1OH221s2 ¡ 2 H2O1l2 + Ca1NO3221aq2

Titrations

To determine the concentration of a particular solute in a solution, chemists often carry 
out a titration, which involves combining a solution where the solute concentration is not 
known with a reagent solution of known concentration, called a standard solution. Just 
enough standard solution is added to completely react with the solute in the solution 
of unknown concentration. The point at which stoichiometrically equivalent quantities 
are brought together is known as the equivalence point.

Titrations can be conducted using neutralization, precipitation, or oxidation-reduction 
reactions. Figure 4.16 illustrates a typical neutralization titration, one between an HCl solu-
tion of unknown concentration and a standard NaOH solution. To determine the HCl con-
centration, we first add a specific volume of the HCl solution, 20.0 mL in this example, to 
a flask. Next we add a few drops of an acid–base indicator. The acid–base indicator is a 
dye that changes color on passing the equivalence point.* For example, the dye phenol-
phthalein is colorless in acidic solution but pink in basic solution. The standard solution is 
then slowly added until the solution turns pink, telling us that the neutralization reaction 
between HCl and NaOH is complete. The standard solution is added from a burette so that 
we can accurately determine the added volume of NaOH solution. Knowing the volumes 
of both solutions and the concentration of the standard solution, we can calculate the 
concentration of the unknown solution as diagrammed in Figure 4.17.

*More precisely, the color change of an 
indicator signals the end point of the titra-
tion, which if the proper indicator is cho-
sen lies very near the equivalence point. 
Acid–base titrations are discussed in more 
detail in Section 17.3.
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(a) 0.0444 M (b) 0.0813 M (c) 0.163 M (d) 0.325 M  
(e) 3.35 M

Acids react with metal hydroxides to form water and a salt. 
Thus, the balanced equation for the neutralization reaction is:

Solve 
The number of moles of H2SO4 is the product of the volume 
and molarity of this solution:  Moles H2SO4 = (45.7 mL soln)a 1L soln

1000 mL soln
b a0.500 mol H2SO4

L soln
b

 = 2.28 * 10-2 mol H2SO4

H2SO41aq2 + 2 NaOH1aq2 ¡ 2 H2O1l2 + Na2SO41aq2
According to the balanced equation, 
1 mol H2SO4 ] 2 mol NaOH. Therefore,  Moles NaOH = 12.28 * 10-2 mol H2SO42a2 mol NaOH

1 mol H2SO4
b

 = 4.56 * 10-2 mol NaOH

Knowing the number of moles of NaOH in 20.0 mL of solu-
tion allows us to calculate the molarity of this solution:  Molarity NaOH =

mol NaOH
L soln

 

 = a4.56 * 10-2 mol NaOH
20.0 mL soln

b a1000 mL soln
1 L soln

b
 = 2.28 

mol NaOH
L soln

= 2.28 M

 

SOLUTION

Analyze We are given the volume (20.2 mL) and molarity (0.100 M)  
of a solution of Ag+ and the chemical equation for reaction of this
ion with Cl-. We are asked to calculate the number of grams of Cl- 
in the sample and the mass percentage of Cl- in the sample.

 Sample Exercise 4.17
Determining the Quantity of Solute by Titration

The quantity of Cl- in a municipal water supply is determined by titrating the sample with Ag +. The precipitation reaction taking 
place during the titration is

Ag +1aq2 + Cl-1aq2 ¡ AgCl1s2
(a) How many grams of chloride ion are in a sample of the water if 20.2 mL of 0.100 M Ag + is needed to react with all the 
chloride in the sample? (b) If the sample has a mass of 10.0 g, what percentage of Cl- does it contain?

 Plan (a) We can use the procedure outlined by the green arrows 
in Figure 4.15. We begin by using the volume and molarity of Ag+ 
to calculate the number of moles of Ag+ used in the titration. We 
then use the balanced equation to determine the moles of Cl- in 
the sample and from that the grams of Cl-. (b) To calculate the 
percentage of Cl- in the sample, we compare the number of grams 
of Cl- in the sample with the original mass of the sample, 10.0 g.

Solve

(a)  Calculate the number of moles of Ag+ used in the titration.  Moles Ag+ = 120.2 mL soln2a 1 L soln
1000 mL soln 

b a0.100 mol Ag+

L soln
b

 = 2.02 * 10-3 mol Ag+ 

From the balanced equation we see that 
1 mol Ag+ ≃ 1 mol Cl-. Using this information and the molar 
mass of Cl, we have:  Grams Cl- = 12.02 * 10-3 mol Ag+2a 1 mol Cl-

1 mol Ag+ 
b a35.5 g Cl-

mol Cl- 
b

 = 7.17 * 10-2 g Cl-

(b)  Calculate the percentage of Cl– used in the sample. Percent Cl- =
7.17 * 10-2 g

10.0 g
* 100% = 0.717% Cl-

 ▶ Practice Exercises
What is the molarity of an HCl solution if 27.3 mL of it 
neutralizes 134.5 mL of 0.0165 M Ba1OH22?  
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  ▶ Practice Exercise
A mysterious white powder is found at a crime scene. A simple 
chemical analysis concludes that the powder is a mixture of sugar
and morphine 1C17H19NO32, a weak base similar to ammonia. 
The crime lab takes 10.00 mg of the mysterious white powder, 
dissolves it in 100.00 mL water, and titrates it to the equivalence 

 Sample Integrative Exercise 
Putting Concepts Together

Note: Integrative exercises require skills from earlier chapters as well as ones from the present chapter.

A sample of 70.5 mg of potassium phosphate is added to 15.0 mL of 0.050 M silver nitrate, resulting in the formation of a 
precipitate. (a) Write the molecular equation for the reaction. (b) What is the limiting reactant in the reaction? (c) Calculate  
the theoretical yield, in grams, of the precipitate that forms.

SOLUTION

(a)  Potassium phosphate and silver nitrate are both ionic com-
pounds. Potassium phosphate contains K+ and PO4

3- ions, so its 
chemical formula is K3PO4. Silver nitrate contains Ag+ and NO3

- 
ions, so its chemical formula is AgNO3. Because both reactants 
are strong electrolytes, the solution contains K+, PO4

3-, Ag+, and 
NO3

- ions before the reaction occurs. According to the solubility 
guidelines in Table 4.1, Ag+ and PO4

3- form an insoluble com-
pound, so Ag3PO4 will precipitate from the solution. In contrast, 
K+ and NO3

- will remain in solution because KNO3 is water sol-
uble. Thus, the balanced molecular equation for the reaction is:

(b)  To determine the limiting reactant, we must examine the 
number of moles of each reactant. The number of moles of 
K3PO4 is calculated from the mass of the sample using the 
molar mass as a conversion factor. The molar mass of K3PO4 is 
3139.12 + 31.0 + 4116.02 = 212.3 g>mol. Converting milli-
grams to grams and then to moles, we have:

We determine the number of moles of AgNO3 from the vol-
ume and molarity of the solution. (Section 4.5) Converting 
milliliters to liters and then to moles, we have:

K3PO41aq2 + 3 AgNO31aq2 ¡ Ag3PO41s2 + 3 KNO31aq2

170.5 mg K3PO42a10-3 g K3PO4

1 mg K3PO4
b a 1 mol K3PO4

212.3 g K3PO4
b  

= 3.32 * 10-4 mol K3PO4

115.0 mL2a10-3 L
1 mL

b a0.050 mol AgNO3

L
b  

= 7.5 * 10-4 mol AgNO3
Comparing the amounts of the two reactants, we find that 
there are 17.5 * 10-42>13.32 * 10-42 = 2.3 times as many 
moles of AgNO3 as there are moles of K3PO4. According to 
the balanced equation, however, 1 mol K3PO4 requires 3 mol 
AgNO3. Thus, there is insufficient AgNO3 to consume the 
K3PO4, and AgNO3 is the limiting reactant.

(c)  The precipitate is Ag3PO4, whose molar mass is 31107.92 +  31.0 +  
4116.02 =  418.7 g>mol. To calculate the number of grams of 
Ag3PO4 that could be produced in this reaction (the theoretical 
yield), we use the number of moles of the limiting reactant, con-
verting mol AgNO3 1 mol Ag3PO4 1 g Ag3PO4. We use the 
coefficients in the balanced equation to convert moles of AgNO3 
to moles Ag3PO4, and we use the molar mass of Ag3PO4 to convert 
the number of moles of this substance to grams. 17.5 * 10-4 mol AgNO32a1 mol Ag3PO4

3 mol AgNO3
b a418.7 g Ag3PO4

1 mol Ag3PO4
b  

=  0.10 g Ag3POThe answer has only two significant figures because the quantity 
of AgNO3 is given to only two significant figures.

point with 2.84 mL of a standard 0.0100 M HCl solution. 
What is the percentage of morphine in the white powder? 
(a) 8.10%  
(b) 17.3%  
(c) 32.6%  
(d) 49.7%  
(e) 81.0%
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Chapter Summary and Key Terms

GENERAL PROPERTIES OF AQUEOUS SOLUTIONS (INTRODUC-
TION AND SECTION 4.1) Solutions in which water is the dissolving 
medium are called aqueous solutions. The component of the solution 
that is present in the greatest quantity is the solvent. The other com-
ponents are solutes.

Any substance whose aqueous solution contains ions is called 
an electrolyte. Any substance that forms a solution containing no ions 
is a nonelectrolyte. Electrolytes that are present in solution entirely as 
ions are strong electrolytes, whereas those that are present partly as 
ions and partly as molecules are weak electrolytes. Ionic compounds 
dissociate into ions when they dissolve, and they are strong electrolytes. 
The solubility of ionic substances is made possible by solvation, the 
interaction of ions with polar solvent molecules. Most molecular 
compounds are nonelectrolytes, although some are weak electrolytes 
and a few are strong electrolytes. When representing the ionization 
of a weak electrolyte in solution, half-arrows in both directions are 
used, indicating that the forward and reverse reactions can achieve a 
chemical balance called a chemical equilibrium.

PRECIPITATION REACTIONS (SECTION 4.2) Precipitation reactions 
are those in which an insoluble product, called a precipitate, forms. 
Solubility guidelines help determine whether an ionic compound 

will be soluble in water. (The solubility of a substance is the amount 
that dissolves in a given quantity of solvent.) Reactions such as pre-
cipitation reactions, in which cations and anions appear to exchange 
partners, are called exchange reactions, or metathesis reactions.

Chemical equations can be written to show whether dissolved 
substances are present in solution predominantly as ions or molecules. 
When the complete chemical formulas of all reactants and products 
are used, the equation is called a molecular equation. A complete ionic 
equation shows all dissolved strong electrolytes as their component 
ions. In a net ionic equation, those ions that go through the reaction 
unchanged (spectator ions) are omitted.

ACIDS, BASES, AND NEUTRALIZATION REACTIONS (SECTION 4.3)  
Acids and bases are important electrolytes. Acids are proton donors; they 
increase the concentration of H+1aq2 in aqueous solutions to which 
they are added. Bases are proton acceptors; they increase the concen-
tration of OH-1aq2 in aqueous solutions. Those acids and bases that 
are strong electrolytes are called strong acids and strong bases, respec-
tively. Those that are weak electrolytes are weak acids and weak bases. 
When solutions of acids and bases are mixed, a neutralization reaction 
occurs. The neutralization reaction between an acid and a metal hydrox-
ide produces water and a salt. Gases can also be formed as a result of 

Self-Assessment Exercise
(a) 1800 g

(b) 2100 g

(c) 3500 g

(d) 4200 g

 4.35 Hard water contains Ca2+, Mg2+, and Fe2+ ions, which form a 
scum with soap. Water softeners replace these ions with Na+. 
If 1500 L of hard water contains 0.020 M Ca2+ and 0.0040 M 
Mg2+, how many grams of NaCl are needed to replace these 
ions?  Keep in mind charge balance must be maintained.

Exercises
    Sodium hydrogen carbonate is added until the fizzing due 

to the formation of CO21g2 stops. If 27 mL of 6.0 M H2SO4 
was spilled, what is the minimum mass of NaHCO3 that 
must be added to the spill to neutralize the acid?

 4.39 A 4.36 g sample of an unknown alkali metal hydroxide is 
dissolved in 100.0 mL of water. An acid–base indicator is 
added, and the resulting solution is titrated with 2.50 M 
HCl(aq) solution. The indicator changes color, signaling 
that the equivalence point has been reached, after 17.0 mL 
of the hydrochloric acid solution has been added. (a) What 
is the molar mass of the metal hydroxide? (b) What is the
identity of the alkali metal cation: Li+, Na+, K+, Rb+, or Cs+?

 4.40 A solution of 105.0 mL of 0.300 M NaOH is mixed with a 
solution of 150.0 mL of 0.060 M AlCl3. (a) Write the bal-
anced chemical equation for the reaction that occurs. (b) 
What precipitate forms? (c) What is the limiting reactant? 
(d) How many grams of this precipitate form? (e) What is 
the concentration of each ion that remains in solution?

 4.41 A 0.5895 g sample of impure magnesium hydroxide is dis-
solved in 100.0 mL of 0.2050 M HCl solution. The excess 
acid then needs 19.85 mL of 0.1020 M NaOH for neutral-
ization. Calculate the percentage by mass of magnesium 
hydroxide in the sample, assuming that it is the only sub-
stance reacting with the HCl solution.

 4.36 You want to analyze a silver nitrate solution. (a) You could 
add HCl(aq) to the solution to precipitate out AgCl(s). 
What volume of a 0.150 M HCl(aq) solution is needed to 
precipitate the silver ions from 15.0 mL of a 0.200 M AgNO3 
solution? (b) You could add solid KCl to the solution to 
precipitate out AgCl(s). What mass of KCl is needed to 
precipitate the silver ions from 15.0 mL of 0.200 M AgNO3 
solution? (c) Given that a 0.150 M HCl(aq) solution costs 
$39.95 for 500 mL and that KCl costs $10/ton, which anal-
ysis procedure is more cost-effective?

 4.37 (a) What volume of 0.115 M HClO4 solution is needed to 
neutralize 50.00 mL of 0.0875 M NaOH? (b) What volume of 
0.128 M HCl is needed to neutralize 2.87 g of Mg1OH22? (c) If 
25.8 mL of an AgNO3 solution is needed to precipitate all the 
Cl- ions in a 785-mg sample of KCl (forming AgCl), what is  
the molarity of the AgNO3 solution? (d) If 45.3 mL of a 0.108 M  
HCl solution is needed to neutralize a solution of KOH,  
how many grams of KOH must be present in the solution?

 4.38 Some sulfuric acid is spilled on a lab bench. You can neutral-
ize the acid by sprinkling sodium hydrogen carbonate on it 
and then mopping up the resulting solution. The sodium  
hydrogen carbonate reacts with sulfuric acid according to:

2 NaHCO31s2 + H2SO41aq2 ¡ Na2SO41aq2 +  

2 H2O1l2 + 2 CO21g2

Answers to Self-Assessment Exercises

4.35 (d)



neutralization reactions. The reaction of a sulfide with an acid forms 
H2S1g); the reaction between a carbonate and an acid forms CO21g2.
OXIDATION-REDUCTION REACTIONS (SECTION 4.4) Oxidation is 
the loss of electrons by a substance, whereas reduction is the gain of 
electrons by a substance. Oxidation numbers keep track of electrons 
during chemical reactions and are assigned to atoms using specific 
rules. The oxidation of an element results in an increase in its oxi-
dation number, whereas reduction is accompanied by a decrease in 
oxidation number. Oxidation is always accompanied by reduction, 
giving oxidation-reduction, or redox, reactions.

Many metals are oxidized by O2, acids, and salts. The redox re-
actions between metals and acids as well as those between metals 
and salts are called displacement reactions. The products of these dis-
placement reactions are always an element 1H2 or a metal) and a salt. 
Comparing such reactions allows us to rank metals according to their 
ease of oxidation. A list of metals arranged in order of decreasing ease 
of oxidation is called an activity series. Any metal on the list can be 
oxidized by ions of metals 1or H+2 below it in the series.

CONCENTRATIONS OF SOLUTIONS (SECTION 4.5) The concentra-
tion of a solution expresses the amount of a solute dissolved in the 

solution. One of the common ways to express the concentration of a 
solute is in terms of molarity. The molarity of a solution is the number 
of moles of solute per liter of solution. Molarity makes it possible to 
interconvert solution volume and number of moles of solute. If the 
solute is a liquid, its density can be used in molarity calculations to 
convert between mass, volume, and moles. Solutions of known mo-
larity can be formed either by weighing out the solute and diluting it 
to a known volume or by the dilution of a more concentrated solution 
of known concentration (a stock solution). Adding solvent to the 
solution (the process of dilution) decreases the concentration of the 
solute without changing the number of moles of solute in the solu-
tion 1Mconc * Vconc = Mdil * Vdil2.
SOLUTION STOICHIOMETRY AND CHEMICAL ANALYSIS  
(SECTION 4.6) In the process called titration, we combine a solution of 
known concentration (a standard solution) with a solution of unknown 
concentration to determine the unknown concentration or the quan-
tity of solute in the unknown. The point in the titration at which stoi-
chiometrically equivalent quantities of reactants are brought together 
is called the equivalence point. An indicator can be used to show the end 
point of the titration, which coincides closely with the equivalence 
point.

Learning Outcomes After studying this chapter, you should be able to:

• Identify compounds as acids or bases, and as strong, weak, or 
nonelectrolytes. (Sections 4.1 and 4.3) Related Exercises: 4.13–4.15, 
4.63–4.65

• Recognize reactions by type and be able to predict the products 
of simple acid–base, precipitation, and redox reactions. (Sections 
 4.2–4.4) Related Exercises: 4.16–4.18, 4.24–4.25, 4.43–4.45, 4.66–
4.68, 4.73–4.76

• Calculate molarity and use it to convert between moles of a 
substance in solution and volume of the solution. (Section 4.5)  
Related Exercises: 4.27–4.31, 4.79–4.85

• Describe how to carry out a dilution to achieve a desired solu-
tion concentration. (Section 4.5) Related Exercises: 4.32–4.34, 
4.86–4.88

• Describe how to perform and interpret the results of a titration. 
(Section 4.6) Related Exercises: 4.38–4.41, 4.91–4.94

Key Equations
• Molarity =

moles solute
volume of solution in liters

         [4.31] 
Molarity is the most commonly used unit of concentration in 
chemistry.

• Mconc * Vconc = Mdil * Vdil               [4.33] When adding solvent to a concentrated solution to make a dilute 
solution, molarities and volumes of both concentrated and dilute 
solutions can be calculated if three of the quantities are known.

Exercises

Visualizing Concepts

 4.42 Which of the following schematic drawings best describes a 
solution of Li2SO4 in water (water molecules not shown for 
simplicity)? [Section 4.1]

(a) (b) (c)
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 4.43 Aqueous solutions of three different substances, AX, AY, and 
AZ, are represented by the three accompanying diagrams. 
Identify each substance as a strong electrolyte, a weak elec-
trolyte, or a nonelectrolyte. [Section 4.1]

1

1

1

1

1

2

2

2
2

2

AX AY AZ

(a) (b) (c)

 4.44 Use the molecular representations shown here to classify 
each compound as a nonelectrolyte, a weak electrolyte, 
or a strong electrolyte (see Figure 4.4 for the element color 
scheme). [Sections 4.1 and 4.3]

(a) (b) (c)
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 4.47 Which of the following ions will always be a spectator ion in 
a precipitation reaction? (a) Cl-, (b) NO3

-, (c) NH4
+, (d) S2-, 

(e) SO4
2-. [Section 4.2]

 4.48 The labels have fallen off three bottles containing powdered 
samples of metals; one contains zinc, one lead, and the other 
platinum. You have three solutions at your disposal: 1 M so-
dium nitrate, 1 M nitric acid, and 1 M nickel nitrate. How
could you use these solutions to determine the identities of 
each metal powder? [Section 4.4]

 4.49 Explain how a redox reaction involves electrons in the same 
way that a neutralization reaction involves protons. [Sec-
tions 4.3 and 4.4]

 4.50 What kind of reaction is the “water-splitting” reaction? 
H2O(l) ¡ H2(g) + ½ O2(g)

  (a)  an acid–base reaction

  (b)  a metathesis reaction

  (c)  a redox reaction

  (d)  a precipitation reaction [Section 4.4]

 4.51 An aqueous solution contains 1.2 mM of total ions. (a) If the 
solution is NaCl(aq), what is the concentration of chloride 
ion? (b) If the solution is FeCl3(aq), what is the concentra-
tion of chloride ion? [Section 4.5]

 4.52 Which data set, of the two graphed here, would you expect 
to observe from a titration like that shown in Figure 4.16? 
[Section 4.6]

 4.45 The concept of chemical equilibrium is very important. 
Which one of the following statements is the most correct 
way to think about equilibrium?

  (a) If a system is at equilibrium, nothing is happening.

  (b)  If a system is at equilibrium, the rate of the forward reac-
tion is equal to the rate of the back reaction.

  (c)  If a system is at equilibrium, the product concentration is 
changing over time. [Section 4.1]

 4.46 You are presented with a white solid and told that due to careless 
labeling it is not clear if the substance is barium chloride, lead 
chloride, or zinc chloride. When you transfer the solid to a bea-
ker and add water, the solid dissolves to give a clear solution. Next 
an Na2SO41aq2 solution is added and a white precipitate forms. 
What is the identity of the unknown white solid? [Section 4.2]

Add
Na2SO4(aq)

Add
H2O
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 4.53 You are titrating an acidic solution with a basic one, and just 
realized you forgot to add the indicator that tells you when 
the equivalence point is reached. In this titration, the indi-
cator turns blue at the equivalence point from an initially 
colorless solution. You quickly grab a bottle of indicator and 
add some to your titration beaker, and the whole solution 
turns dark blue. What do you do now? [Section 4.6]

General Properties of Aqueous Solutions
(Section 4.1)

 4.54 State whether each of the following statements is true or 
false. Justify your answer in each case.

  (a)  When acetone, CH3COCH3, is dissolved in water, a con-
ducting solution results.

  (b)  When ammonium nitrate, NH4NO3, dissolves in water, 
the solution is weakly conducting and basic in nature.

 4.55 Would you expect that an anion would be physically closer 
to the oxygen or to the hydrogens of water molecules that 
surround it in solution?

 4.56 Specify what ions are present upon dissolving each of 
the following substances in water: (a) HIO3, (b) Ba(OH)2,  
(c) HCN, (d) CuSO4.   

 4.57 Acetone, CH3COCH3, is a nonelectrolyte; hypochlorous 
acid, HClO, is a weak electrolyte; and ammonium chloride, 
NH4Cl, is a strong electrolyte. (a) What are the solutes pres-
ent in aqueous solutions of each compound? (b) If 0.1 mol of 
each compound is dissolved in solution, which one contains 
0.2 mol of solute particles, which contains 0.1 mol of solute 
particles, and which contains somewhere between 0.1 and 
0.2 mol of solute particles?

Precipitation Reactions (Section 4.2)

 4.58 Predict whether each of the following compounds is solu-
ble in water: (a) MgS, (b) Cr(OH)3, (c) ZnCl2, (d) Pb31PO422,  
(e) Sr(CH3COO)2.

 4.59 Identify the precipitate (if any) that forms when the follow-
ing solutions are mixed, and write a balanced equation for 
each reaction. (a) NH4I and CuCl2, (b) LiOH and MnCl2, 
(c) K3PO4 and CoSO4.

 4.60 Which ions remain in solution, unreacted, after each of the 
following pairs of solutions is mixed?

  (a)  potassium carbonate and magnesium sulfate

  (b)  lead nitrate and lithium sulfide

  (c)  ammonium phosphate and calcium chloride

 4.61 Separate samples of a solution of an unknown ionic com-
pound are treated with dilute AgNO3, Pb1NO322, and BaCl2. 
Precipitates form in all three cases. Which of the following 
could be the anion of the unknown salt: Br-, CO3

2-, NO3
-?

 4.62 Three solutions are mixed together to form a single solution;  
in the final solution, there are 0.2 mol Pb1CH3COO)2,  
0.1 mol Na2S, and 0.1 mol CaCl2 present. What solid(s) will 
precipitate?

Acids, Bases, and Neutralization Reactions
(Section 4.3)

 4.63 State whether each of the following statements is true or 
false. Justify your answer in each case.

  (a)  NH3 contains no OH- ions, and yet its aqueous solutions 
are basic.

  (b)  HF is a strong acid.

  (c)  Although sulfuric acid is a strong electrolyte, an aqueous 
solution of H2SO4 contains more HSO4

- ions than SO4
2- 

ions.
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 4.64 An aqueous solution of an unknown solute is tested with 
litmus paper and found to be acidic. The solution is weakly 
conducting compared with a solution of NaCl of the same 
concentration. Which of the following substances could the 
unknown be: KOH, NH3, HNO3, KClO2, H3PO3, CH3COCH3 
(acetone)?

 4.65 Classify each of the following aqueous solutions as a non-
electrolyte, weak electrolyte, or strong electrolyte: (a) PbCl2, 
(b) N(CH3)3, (c) CsOH, (d) H2S, (e) CrCl2, (f) Ni(CH3COO)2.

 4.66 Write the balanced molecular and net ionic equations for 
each of the following neutralization reactions:

  (a)  Aqueous acetic acid is neutralized by aqueous barium 
hydroxide.

  (b)  Solid chromium(III) hydroxide reacts with nitrous acid.

  (c)  Aqueous nitric acid and aqueous ammonia react.

 4.67 Because the oxide ion is basic, metal oxides react readily 
with acids. (a) Write the net ionic equation for the follow-
ing reaction:

FeO1s2 + 2 HClO41aq2 ¡ Fe1ClO4221aq2 + H2O1l2
  (b) Based on the equation in part (a), write the net ionic 

equation for the reaction that occurs between NiO(s) and an 
aqueous solution of nitric acid.

 4.68 As K2O dissolves in water, the oxide ion reacts with water mol-
ecules to form hydroxide ions. (a) Write the molecular and net 
ionic equations for this reaction. (b) Based on the definitions 
of acid and base, what ion is the base in this reaction? (c) What 
is the acid in the reaction? (d) What is the spectator ion in the 
reaction?

Oxidation-Reduction Reactions (Section 4.4)

 4.69 True or false:

  (a)  If a substance is oxidized, there must be more oxygen in 
the substance.

  (b)  If a substance is oxidized, it must lose at least one elec-
tron and form an anion.

 4.70 True or false:

  (a)  Reduction occurs if the oxidation number of an element 
increases.

  (b)  Oxidation and reduction must occur together in a 
reaction.

 4.71 Determine the oxidation number for the indicated ele-
ment in each of the following substances: (a) N in N2H4,  
(b) N in NO2, (c) Mn in MnCl3, (d) Fe in FeSO4, (e) Pt in 
PtCl4, (f) Cl in NaClO4.

 4.72 Which of the following are redox reactions? For those that 
are, indicate which element is oxidized and which is re-
duced. For those that are not, indicate whether they are pre-
cipitation or neutralization reactions.

  (a)  P41s2 + 10 HClO1aq2 + 6 H2O1l2 ¡  

4 H3PO41aq2 + 10 HCl1aq2
  (b)  Br21l) + 2 K1s2 ¡ 2 KBr1s2
  (c)  CH3CH2OH1l2 + 3 O21g2 ¡ 3 H2O1l2 +  2 CO21g2
  (d)  ZnCl21aq2 + 2 NaOH1aq2 ¡ Zn1OH221s2 +  

2 NaCl1aq2
 4.73 Write balanced molecular and net ionic equations for the 

reactions of (a) hydrochloric acid with nickel, (b) dilute sul-
furic acid with iron, (c) hydrobromic acid with magnesium,  
(d) acetic acid, CH3COOH, with zinc.

 4.74 Using the activity series (Table 4.5), write balanced chem-
ical equations for the following reactions. If no reaction 
occurs, write NR. (a) Nickel metal is added to a solution of 
copper(II) nitrate, (b) a solution of zinc nitrate is added to 

a solution of magnesium sulfate, (c) hydrochloric acid is 
added to gold metal, (d) chromium metal is immersed in an 
aqueous solution of cobalt(II) chloride, (e) hydrogen gas is 
bubbled through a solution of silver nitrate.

 4.75 The metal cadmium tends to form Cd2+ ions. The following ob-
servations are made: (i) When a strip of zinc metal is placed in 
CdCl21aq), cadmium metal is deposited on the strip. (ii) When 
a strip of cadmium metal is placed in Ni1NO3221aq), nickel 
metal is deposited on the strip. (a) Write net ionic equations to  
explain each of the preceding observations. (b) Which ele-
ments more closely define the position of cadmium in the ac-
tivity series? (c) What experiments would you need to perform 
to locate more precisely the position of cadmium in the activity 
series?

 4.76 The following reactions (note that the arrows are pointing 
only one direction) can be used to prepare an activity series 
for the halogens:

Br21aq2 + 2 NaI1aq2 ¡ 2 NaBr1aq2 + I21aq2 
Cl21aq2 + 2 NaBr1aq2 ¡ 2 NaCl1aq2 + Br21aq2

  (a) Which elemental halogen would you predict is the most 
stable, upon mixing with other halides? (b) Predict whether 
a reaction will occur when elemental chlorine and potas-
sium iodide are mixed. (c) Predict whether a reaction will 
occur when elemental bromine and lithium chloride are 
mixed.

Concentrations of Solutions (Section 4.5)

 4.77 (a) Is the number of moles of ions present in a solution an in-
tensive or an extensive property? (b) Can you identify which 
one between 0.10 mol ZnCl2 and 0.1M ZnCl2 contains more 
Zn2+ ion? Why?

 4.78 You make 1.000 L of an aqueous solution that contains 35.0 g  
of sucrose (C12H22O11). (a) What is the molarity of sucrose in
this solution? (b) How many liters of water would you have 
to add to this solution to reduce the molarity you calculated 
in part (a) by a factor of two?

 4.79 (a) Calculate the molarity of a solution made by dissolving 
12.5 grams of Na2CrO4 in enough water to form exactly 750 mL  
of solution. (b) How many moles of KBr are present in 150 mL 
of a 0.112 M solution? (c) How many milliliters of 6.1 M HCl 
solution are needed to obtain 0.150 mol of HCl?

 4.80 A person suffering from hyponatremia has a sodium ion con-
centration in the blood of 0.118 M and a total blood volume 
of 4.6 L. What mass of sodium chloride would need to be 
added to the blood to bring the sodium ion concentration 
up to 0.138 M, assuming no change in blood volume?

 4.81 The average adult male has a total blood volume of 5.0 L.  
After drinking a few beers, he has the “blood alcohol con-
centration” or BAC of 0.10 (BAC, is given in units of grams of 
alcohol per 100 mL of blood). What mass of alcohol is circu-
lating in his blood?

 4.82 (a) How many grams of ethanol, CH3CH2OH, should you 
dissolve in water to make 1.00 L of vodka (which is an aque-
ous solution that is 6.86 M ethanol)? (b) Using the density of 
ethanol (0.789 g/mL), calculate the volume of ethanol you 
need to make 1.00 L of vodka.

 4.83 In a sugar tolerance test, a patient needs to drink a glucose 
(C6H12O6) solution containing 100 g glucose. Given that one 
cup 5 350 mL, calculate the molarity of glucose in the glu-
cose solution.

 4.84 In each of the following pairs, indicate which has the higher 
concentration of Cl -  ion: (a) 0.10 M AlCl3 solution or a 0.25 M 
LiCl solution, (b) 150 mL of a 0.05 M MnCl3 solution or 200 mL 
of 0.10 M KCl solution, (c) a 2.8 M HCl solution or a solution 
made by dissolving 23.5 g of KCl in water to make 100 mL of
solution.
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 4.85 Calculate the concentration of each ion in the following 
solutions obtained by mixing: (a) 32.0 mL of 0.30 M KMnO4 
with 15.0 mL of 0.60 M KMnO4, (b) 60.0 mL of 0.100 M ZnCl2 
with 5.0 mL of 0.200 M Zn(NO3)2, (c) 4.2g of CaCl2 in 150.0mL 
of 0.02 M KCl solution. Assume that the volumes are additive.

 4.86 (a) How many milliliters of a stock solution of 6.0 M HNO3 
would you have to use to prepare 110 mL of 0.500 M HNO3? 
(b) If you dilute 10.0 mL of the stock solution to a final volume of 
0.250 L, what will be the concentration of the diluted solution?

 4.87 Calicheamicin gamma-1, C55H74IN3O21S4, is one of the most 
potent antibiotics known: one molecule kills one bacterial 
cell. Describe how you would (carefully!) prepare 25.00 mL 
of an aqueous calicheamicin gamma-1 solution that could 
kill 1.0 * 108 bacteria, starting from a 5.00 * 10-9M stock 
solution of the antibiotic.

 4.88 Glycerol, C3H8O3, is a substance used extensively in the 
manufacture of cosmetic s, foodstuffs, antifreeze, and plas-
tics. Glycerol is a water-soluble liquid with a density of 
1.2656 g>mL at 15 °C. Calculate the molarity of a solution of 
glycerol made by dissolving 50.000 mL glycerol at 15 °C in 
enough water to make 250.00 mL of solution.

Solution Stoichiometry and Chemical Analysis
(Section 4.6)

 4.89 You want to analyze a silver nitrate solution. What mass 
of NaCl is needed to precipitate Ag+  ions from 45.0 mL of 
0.2500 M AgNO3 solution?

 4.90 (a) How many milliliters of 0.120 M HCl are needed to com-
pletely neutralize 50.0 mL of 0.101 M Ba1OH22 solution?  
(b) How many milliliters of 0.125 M H2SO4 are needed to 
neutralize 0.200 g of NaOH? (c) If 55.8 mL of a BaCl2 solution 

is needed to precipitate all the sulfate ion in a 752-mg sam-
ple of Na2SO4, what is the molarity of the BaCl2 solution?  
(d) If 42.7 mL of 0.208 M HCl solution is needed to neutralize 
a solution of Ca1OH22, how many grams of Ca1OH22 must be 
in the solution?

 4.91 The distinctive odor of vinegar is due to acetic acid, CH3COOH, 
which reacts with sodium hydroxide according to:

  CH3COOH1aq2 + NaOH1aq2 ¡
H2O1l2 + NaCH3COO1aq2

  If 3.45 mL of vinegar needs 42.5 mL of 0.115 M NaOH to 
reach the equivalence point in a titration, how many grams 
of acetic acid are in a 1.00-qt sample of this vinegar?

 4.92 An 8.65 g sample of an unknown Group 2 metal hydroxide 
is  dissolved in 85.0 mL of water. An acid–base indicator is 
added and the resulting solution is titrated with 2.50 M 
HCl(aq) solution. The indicator changes color, signaling that 
the equivalence point has been reached, after 56.9 mL of the 
hydrochloric acid solution has been added. (a) What is the 
molar mass of the metal hydroxide? (b) What is the identity 
of the metal cation: Ca2+, Sr2+, or  Ba2+?

 4.93 A solution is made by mixing 1.5 g of LiOH and 23.5 mL 
of 1.000 M HNO3. (a) Write a balanced equation for the re-
action that occurs between the solutes. (b) Calculate the 
concentration of each ion remaining in solution. (c) Is the 
resulting solution acidic or basic?

 4.94 A 1.248 g sample of limestone rock is pulverized and then 
treated with 30.00 mL of 1.035 M HCl solution. The excess 
acid then requires 11.56 mL of 1.010 M NaOH for neutraliza-
tion. Calculate the percentage by mass of calcium carbonate 
in the rock, assuming that it is the only substance reacting 
with the HCl solution.

Additional Exercises
 4.95 Uranium hexafluoride, UF6, is processed to produce fuel for 

nuclear reactors and nuclear weapons. UF6 can be produced 
in a two-step reaction. Solid uranium (IV) oxide, UO2, is first 
made to react with hydrofluoric acid (HF) solution to form 
solid UF4 with water as a by-product. UF4 further reacts with 
fluorine gas to form UF6.

  (a)  Write the balanced molecular equations for the conver-
sion of UO2 into UF4 and the conversion of UF4 to  UF6.

  (b)  Which step is an acid–base reaction?

  (c)  Which step is a redox reaction?

 4.96 The accompanying photo shows the reaction between a 
solution of Cd1NO322 and one of Na2S. (a) What is the iden-
tity of the precipitate? (b) What ions remain in solution?  
(c) Write the net ionic equation for the reaction. (d) Is this a 
redox reaction?

 4.97 Suppose you have a solution that might contain any or all 
of the following cations: Ni2+, Ag+, Sr2+, and Mn2+. Addition 
of HCl solution causes a precipitate to form. After filtering 
off the precipitate, H2SO4 solution is added to the resulting 
solution and another precipitate forms. This is filtered off, 
and a solution of NaOH is added to the resulting solution. 
No precipitate is observed. Which ions are present in each of 
the precipitates? Which of the four ions listed here must be 
absent from the original solution?

 4.98 You choose to investigate some of the solubility guide-
lines for two ions not listed in Table 4.1, the chromate ion 1CrO4

2-2 and the oxalate ion 1C2O4
2 - 2. You are given 0.01 M 

solutions (A, B, C, D) of four water-soluble salts:

Solution Solute Color of Solution

A Na2CrO4 Yellow

B (NH4)2C2O4 Colorless

C AgNO3 Colorless

D CaCl2 Colorless

  When these solutions are mixed, the following observations 
are made:

Experiment 
Number

Solutions 
Mixed

 
Result

1 A + B No precipitate, yellow solution

2 A + C Red precipitate forms

3 A + D Yellow precipitate forms
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Integrative Exercises
 4.108 Suppose you have 3.00 g of powdered zinc metal, 3.00 g of 

powdered silver metal and 500.0 mL of a 0.2 M copper(II) ni-
trate solution. (a) Which metal will react with the copper(II) 
nitrate solution? (b) What is the net ionic equation that 
describes this reaction? (c) Which is the limiting reagent in 
the reaction? (d) What is the molarity of Cu2+  ions in the 
resulting solution? 

 4.109 (a) By titration, 15.0 mL of 0.1008 M sodium hydroxide is needed 
to neutralize a 0.2053-g sample of a weak acid. What is the molar 
mass of the acid if it is monoprotic? (b) An elemental analysis of 
the acid indicates that it is composed of 5.89% H, 70.6% C, and 
23.5% O by mass. What is its molecular formula?

 4.110 Copper exists in the form of CuFeS2 in copper ore. Cop-
per is isolated in a two-step process. First, CuFeS2 is heated 
with SiO2 in the presence of oxygen to form copper(I)  
sulfide, CuS: 2CuFeS2 + 2SiO2(s) + 4O2(g) ¡ Cu2S(s) +  
2FeSiO3(s) +  3SO2(g). Cu2S is then heated with oxygen to 
form copper and SO2(g). (a) Write the balanced chemical equa-
tion for the second reaction. (b) Which atoms from which 
compounds are being oxidized, and which atoms from which 
compounds are being reduced? (c) How many grams of copper 
would be isolated from 85.36 g of CuFeS2 in copper ore?

 4.111 A fertilizer rail car carrying 129,840 L of commercial aque-
ous ammonia (30% ammonia by mass) tips over and spills. 
The density of the aqueous ammonia solution is 0.88 g>cm3. 
What mass of citric acid, C(OH21COOH21CH2COOH22, 
(which contains three acidic protons) is required to neutralize 
the spill?

 4.112 A sample of 8.69 g of Zn1OH22 is added to 155.0 mL of 
0.750 M H2SO4. (a) Write the chemical equation for the reac-
tion that occurs. (b) Which is the limiting reactant in the re-
action? (c) How many moles of Zn1OH22, H2SO4, and ZnSO4 
are present after the reaction is complete?

 4.113 Ritalin is the trade name of a drug, methylphenidate, used 
to treat attention-deficit/hyperactivity disorder in young 
adults. The chemical structure of methylphenidate is

  (a) Is Ritalin an acid or a base? An electrolyte or a nonelec-
trolyte? (b) A tablet contains a 10.0 mg dose of Ritalin. As-
suming all the drug ends up in the bloodstream, and the 
average man has a total blood volume of 5.0 L, calculate the 
initial molarity of Ritalin in a man’s bloodstream. (c) Ritalin 
has a half-life of 3 hours in the blood, which means that af-
ter 3 hours the concentration in the blood has decreased by 
half of its initial value. For the man in part (b), what is the 
concentration of Ritalin in his blood after 6 hours?

 4.114 A 3.50 g of an alloy which contains only lead and tin is dis-
solved in hot HNO3. Excess sulfuric acid is added to this 
solution and 1.57 g of PbSO4(s) is obtained. (a) Write the net 
ionic equation for the formation of PbSO4. (b) Assuming all 
the lead in the alloy reacted to form PbSO4, what was the 
amount, in grams, of lead and tin in the alloy respectively?

 4.115 The arsenic in a 1.22-g sample of a pesticide was converted to 
AsO4

3- by suitable chemical treatment. It was then titrated 
using Ag+ to form Ag3AsO4 as a precipitate. (a) What is the 
oxidation state of As in AsO4

3-? (b) Name Ag3AsO4 by anal-
ogy to the corresponding compound containing phospho-
rus in place of arsenic. (c) If it took 25.0 mL of 0.102 M Ag+ 
to reach the equivalence point in this titration, what is the 
mass percentage of arsenic in the pesticide?

 4.116 The U.S. standard for arsenate in drinking water requires that 
public water supplies must contain no greater than 10 parts 
per billion (ppb) arsenic. If this arsenic is present as arsenate, 
AsO4

3-, what mass of sodium arsenate would be present in a 
1.00 L sample of drinking water that just meets the standard? 
Parts per billion is defined on a mass basis as

ppb =
g solute

g solution
* 109

 4.117 Federal regulations in the United States set an upper limit 
of 50 parts per million (ppm) of NH3 in the air in a work  
environment [that is, 50 molecules of NH31g2 for every million 
molecules in the air]. Air from a manufacturing operation  
was drawn through a solution containing 1.00 * 102 mL of 
0.0105 M HCl. The NH3 reacts with HCl according to:

NH31aq2 + HCl1aq2 ¡ NH4Cl1aq2
  After drawing air through the acid solution for 10.0 min at a 

rate of 10.0 L>min, the acid was titrated. The remaining acid 
needed 13.1 mL of 0.0588 M NaOH to reach the equivalence 
point. (a) How many grams of NH3 were drawn into the 
acid solution? (b) How many ppm of NH3 were in the air? 
(Air has a density of 1.20 g>L and an average molar mass of 
29.0 g>mol under the conditions of the experiment.) (c) Is 
this manufacturer in compliance with regulations?
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Design an Experiment

You are cleaning out a chemistry lab and find three unlabeled bot-
tles, each containing white powder. Near these bottles are three 
loose labels: “Sodium sulfide,” “Sodium bicarbonate,” and “Sodium 
chloride.” Let’s design an experiment to figure out which label goes 
with which bottle.

(a) You could try to use the physical properties of the three solids 
to distinguish among them. Using an Internet resource or the CRC 
Handbook of Chemistry and Physics, look up the melting points, aque-
ous solubilities, or other properties of these salts. Are the differences 

among these properties for each salt large enough to distinguish 
among them? If so, design a set of experiments to distinguish each 
salt and therefore figure out which label goes on which bottle.

(b) You could use the chemical reactivity of each salt to distinguish 
it from the others. Which of these salts, if any, will act as an acid? A 
base? A strong electrolyte? Can any of these salts be easily oxidized or 
reduced? Can any of these salts react to produce a gas? Based on your 
answers to these questions, design a set of experiments to distinguish 
each salt and thus determine which label goes on which bottle.




