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The Structure of the Atom

Graphite surface

BIG Idea  Atoms are the 
fundamental building blocks 
of matter.

4.1 Early Ideas About Matter
MAIN Idea  The ancient Greeks 
tried to explain matter, but the 
scientific study of the atom began 
with John Dalton in the early 1800s.

4.2 Defining the Atom
MAIN Idea An atom is made of 
a nucleus containing protons and 
neutrons; electrons move around 
the nucleus.

4.3 How Atoms Differ
MAIN Idea  The number of protons 
and the mass number define the 
type of atom.

4.4 Unstable Nuclei and 
Radioactive Decay
MAIN Idea Unstable atoms emit 
radiation to gain stability. 

ChemFacts

• Diamond and graphite are both 
made out of the same 
element—carbon. 

• When graphite was first discovered, 
it was mistaken for lead. That is why 
pencils are sometimes called lead 
pencils.

• There are about 5 × 1    0  22     atoms of 
carbon in the graphite portion of a 
pencil.

Carbon nucleus

Carbon atom

(inset)©Colin Cuthbert/Photo Researchers, Inc., (bkgd)©Royalty-Free/Corbis


2007

198.63885


2007

256.32285



Electron
Cloud

Nucleus

Protons NeutronsElectrons

Start-Up ActivitiesStart-Up Activities

LLAAUUNCH NCH LabLab
How can the effects of electric
charges be observed?
Electric charge plays an important role in atomic structure. 

Procedure 
1. Read and complete the lab safety form.
2. Cut out small round pieces of paper using a 

hole punch, and spread them out on a table. 
3. Run a plastic comb through your hair. Bring the comb 

close to the pieces of paper. Record your observations.
4. Obtain two 10-cm pieces of tape. Fold a 1-cm 

portion of each piece back on itself to form a handle. 
Stick both pieces of tape firmly to your desktop. Then, 
quickly pull both pieces off of the desktop and bring 
them close together so that their nonsticky sides face 
each other. Record your observations.

5. Stick a third piece of tape to your desktop. Stick a 
fourth piece of tape on top of it. Quickly pull the pieces 
of tape off of the desktop and pull them apart. Bring 
the two pieces close together so that their nonsticky 
sides face each other. Record your observations.

Analysis
1. Interpret  your observations using your knowledge of 

electric charge. Determine which charges are similar 
and which ones are different.

2. Explain  how you can tell. 
3. Infer  why neutral pieces of paper were attracted to 

the charged comb in Step 3 above.

Inquiry How can you relate the different charges you 
have observed to the structure of matter?

The Atom Make the following 
Foldable to help you organize your 
study of the structure of the atom.

 STEP 1 Fold a sheet 
of paper in half lengthwise. 
Make the back edge about 
2 cm longer than the 
front edge.

 Step 2 Fold into thirds.

 Step 3 Unfold and 
cut along one fold line to 
make one small tab and 
one large tab.

 Step 4 Label as shown.

 Use this Foldable with Section 4.2. As 
you read the section, record information about the atom 
and its parts.

Visit glencoe.com to: 
▶ ▶ study the entire chapter online

▶ ▶ explore  

▶ ▶ take Self-Check Quizzes

▶  ▶  use the Personal Tutor to work 
Example Problems step-by-step

▶ ▶ access Web Links for more information, 
projects, and activities

▶ ▶ find the Try at Home Lab, Comparing 
Atom Sizes
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Objectives

◗ Compare and contrast  the 
atomic models of Democritus, 
Aristotle, and Dalton.

◗ Understand  how Dalton’s theory 
explains the conservation of mass.

Review Vocabulary
theory:  an explanation supported
by many experiments; is still subject
to new experimental data, can be 
modified, and is considered successful
if it can be used to make predictions 
that are true

New Vocabulary
Dalton’s atomic theory

Early Ideas About Matter
MAIN Idea The ancient Greeks tried to explain matter, but the 
scientific study of the atom began with John Dalton in the early 
1800s. 

Real-World Reading Link A football team might practice and experiment 
with different plays in order to develop the best-possible game plan. As they 
see the results of their plans, coaches can make adjustments to refine the team’s 
play. Similarly, scientists over the last 200 years have experimented with different 
models of the atom, refining their models as they collected new data.

Greek Philosophers
Science as we know it today did not exist several thousand years ago. 
No one knew what a controlled experiment was, and there were few 
tools for scientific exploration. In this setting, the power of the mind 
and intellectual thought were considered the primary avenues to the 
truth. Curiosity sparked the interest of scholarly thinkers known as 
philosophers who considered the many mysteries of life. As they specu-
lated about the nature of matter, many of the philosophers formulated 
explanations based on their own life experiences.

Many of them concluded that matter was composed of things such 
as earth, water, air, and fire, as shown in Figure 4.1. It was also com-
monly accepted that matter could be endlessly divided into smaller 
and smaller pieces. While these early ideas were creative, there was no 
method available to test their validity.

■ Figure 4.1 Many Greek philosophers 
thought that matter was composed of four 
elements: earth, air, water, and fire. They 
also associated properties with each ele-
ment. The pairing of opposite properties, 
such as hot and cold, and wet and dry, mir-
rored the symmetry they observed in nature. 
These early ideas were incorrect and 
non-scientific.

(l)©PhotoLink/Getty Images, (t)©Andre Jenny/Alamy, (r)©Digital Vision/PunchStock, (b)©Sean Daveys/Australian Picture Library/Corbis
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Democritus The Greek philosopher Democritus (460–370 b.c.) 
was the first person to propose the idea that matter was not infinitely 
divisible. He believed matter was made up of tiny individual particles 
called atomos, from which the English word atom is derived. Democritus 
believed that atoms could not be created, destroyed, or further divided. 
Democritus and a summary of his ideas are shown in Table 4.1.

While a number of Democritus’s ideas do not agree with modern 
atomic theory, his belief in the existence of atoms was amazingly ahead 
of his time. However, his ideas were met with criticism from other 
philosophers who asked, “What holds the atoms together?” Democritus 
could not answer the question.

Aristotle Other criticisms came from Aristotle (384–322 b.c.), one 
of the most influential Greek philosophers. He rejected the notion of 
atoms because it did not agree with his own ideas about nature. One of 
Aristotle’s major criticisms concerned the idea that atoms moved 
through empty space. He did not believe that empty space could exist. 
His ideas are also presented in Table 4.1. Because Aristotle was one of 
the most influential philosophers of his time, Democritus’s atomic 
theory was eventually rejected.

In fairness to Democritus, it was impossible for him or anyone else 
of his time to determine what held the atoms together. More than two 
thousand years would pass before scientists would know the answer. 
However, it is important to realize that Democritus’s ideas were just 
that—ideas, not science. Without the ability to conduct controlled 
experiments, Democritus could not test the validity of his ideas.

Unfortunately for the advancement of science, Aristotle was able to 
gain wide acceptance for his ideas on nature—ideas that denied the 
existence of atoms. Incredibly, the influence of Aristotle was so great 
and the development of science so primitive that his denial of the 
existence of atoms went largely unchallenged for two thousand years!

Reading Check Infer   why it was hard for Democritus to defend 
his ideas.

Table 4.1 Ancient Greek Ideas About Matter

Philosopher Ideas

Democritus 
(460–370 B.C.)

• Matter is composed of atoms, which move through empty space.
• Atoms are solid, homogeneous, indestructible, and indivisible.
• Different kinds of atoms have different sizes and shapes.
• Size, shape, and movement of atoms determine the properties 

of matter.

Aristotle 
(384–322 B.C.)

• Empty space cannot exist.
• Matter is made of earth, fire, air, and water.

VOCABULARY
WORD ORIGIN

Atom
comes from the Greek word atomos,

meaning indivisible

(t)©Science Photo Library/Photo Researchers, Inc., (b)©The Art Archive/Museo Nazionale Palazzo Altemps Rome/Dagli Ort
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■ Figure 4.2 In his book A New System 
of Chemical Philosophy, John Dalton presented 
his symbols for the elements known at that 
time and their possible combinations.

John Dalton Although the concept of the atom was revived in the 
eighteenth century, it took another hundred years before significant 
progress was made. The work done in the nineteenth century by John 
Dalton (1766–1844), a schoolteacher in England, marks the beginning 
of the development of modern atomic theory. Dalton revived and 
revised Democritus’s ideas based on the results of scientific research he 
conducted. In many ways, Democritus’s and Dalton’s ideas are similar. 

Thanks to advancements in science since Democritus’s day, Dalton 
was able to perform experiments that allowed him to refine and support 
his hypotheses. He studied numerous chemical reactions, making care-
ful observations and measurements along the way. He was able to deter-
mine the mass ratios of the elements involved in those reactions. The 
results of his research are known as Dalton’s atomic theory, which he 
proposed in 1803. The main points of his theory are summarized in 
Table 4.2. Dalton published his ideas in a book, an extract of which is 
shown in Figure 4.2.

Reading Check Compare and contrast  Democritus’ and Dalton’s 
ideas.

Table 4.2   Dalton’s Atomic Theory

Scientist Ideas

Dalton
(1766–1844)

• Matter is composed of extremely small particles called atoms.
• Atoms are indivisible and indestructible.
• Atoms of a given element are identical in size, mass, and chemical properties.
• Atoms of a specific element are different from those of another element.
• Different atoms combine in simple whole-number ratios to form compounds.
• In a chemical reaction, atoms are separated, combined or rearranged.

(t)©Rischgitz/Getty Images, (b)©Wellcome Library, London
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Section Summary
◗ ◗ Democritus was the first person to 

propose the existence of atoms.

◗ ◗ According to Democritus, atoms are 
solid, homogeneous, and indivisible.

◗ ◗ Aristotle did not believe in the 
existence of atoms.

◗ ◗ John Dalton’s atomic theory is based 
on numerous scientific experiments.

 1. MAIN Idea Contrast  the methods used by the Greek philosophers and Dalton 
to study the atom.

 2. Define atom using your own words.

   3. Summarize Dalton’s atomic theory.

 4. Explain  how Dalton’s theory of the atom and the conservation of mass are 
related.

 5. Apply  Six atoms of Element A combine with 15 atoms of Element B to produce 
six compound particles. How many atoms of Elements A and B does each particle 
contain? Are all of the atoms used to form compounds?

 6. Design  a concept map that compares and contrasts the atomic ideas proposed 
by Democritus and John Dalton.

Atoms of Element A
Total mass = 4(Mass A)

Atoms of Element B
Total mass = 8(Mass B)

Compound composed
of Elements A and B

Total mass = 4(Mass A) + 8(Mass B)

+

■ Figure 4.3 When atoms of two or more elements combine to form a compound, 
the number of atoms of each element is conserved. Thus, the mass is conserved as well.

Conservation of mass Recall from Chapter 3 that the law of con-
servation of mass states that mass is conserved in any process, such as 
a chemical reaction. Dalton’s atomic theory easily explains that the con-
servation of mass in chemical reactions is the result of the separation, 
combination, or rearrangement of atoms—atoms that are not created, 
destroyed, or divided in the process. The formation of a compound 
from the combining of elements and the conservation of mass during 
the process are shown in Figure 4.3. The number of atoms of each 
type is the same before and after the reaction. Dalton’s convincing 
experimental evidence and clear explanation of the composition of 
compounds, and conservation of mass led to the general acceptance 
of his atomic theory.

Dalton’s atomic theory was a huge step toward the current atomic 
model of matter. However, not all of Dalton’s theory was accurate. As is 
often the case in science, Dalton’s theory had to be revised as additional 
information was learned that could not be explained by the theory. As 
you will learn in this chapter, Dalton was wrong about atoms being 
indivisible. Atoms are divisible into several subatomic particles. Dalton 
was also wrong about all atoms of a given element having identical 
properties. Atoms of the same element can have slightly different masses.

http://glencoe.com
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Objectives

◗ Define  atom.
◗ Distinguish  between the subatomic 

particles in terms of relative charge 
and mass.

◗ Describe  the structure of the 
atom, including the locations of 
the subatomic particles.

Review Vocabulary
model:  a visual, verbal, and/or 
mathematical explanation of data 
collected from many experiments

New Vocabulary
atom
cathode ray
electron
nucleus
proton
neutron

Defining the Atom
MAIN Idea An atom is made of a nucleus containing protons and 
neutrons; electrons move around the nucleus.

Real-World Reading Link If you have ever accidentally bitten into a peach pit, 
you know that your teeth pass easily through the fruit, but cannot dent the hard 
pit. Similarly, many particles that pass through the outer parts of an atom are 
deflected by the dense center of the atom.

The Atom
Many experiments since Dalton’s time have proven that atoms do exist. 
So what exactly is the definition of an atom? To answer this question, 
consider a gold ring. Suppose you decide to grind the ring down into a 
pile of gold dust. Each fragment of gold dust still retains all of the prop-
erties of gold. If it were possible—which it is not without special equip-
ment—you could continue to divide the gold dust particles into still 
smaller particles. Eventually, you would encounter a particle that could 
not be divided any further and still retain the properties of gold. This 
smallest particle of an element that retains the properties of the element 
is called an atom.

To get an idea of its size, consider the population of the world, which 
was about 6.5 × 1    0  9      in 2006. By comparison, a typical solid-copper 
penny contains 2.9 × 1    0  22  atoms, almost five trillion times the world 
population! The diameter of a single copper atom is 1.28 × 1    0  -10     m. 
Placing 6.5 × 1 0  9  copper atoms side by side would result in a line of cop-
per atoms less than 1 m long. Figure 4.4 illustrates another way to visual-
ize the size of an atom. Imagine that you increase the size of an atom to be 
as big as an orange. To keep the proportions between the real sizes of the 
atom and of the orange, you would have to increase to size of the orange 
and make it as big as Earth. This illustrates how small atoms are.

■ Figure 4.4 Imagine that you could increase the size of an atom to make it as big 
as an orange. At this new scale, an orange would be as big as Earth.

(l)©Stockdisc/PunchStock, (r)©EUROPEAN SPACE AGENCY/SCIENCE PHOTO LIBRARY/Photo Researchers, Inc.
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 Connection Biology Looking at atoms You might think that 
because atoms are so small, there would be no way to see them. How-
ever, an instrument called the scanning tunneling microscope (STM) 
allows individual atoms to be seen. Just as you need a microscope to 
study cells in biology, the STM allows you to study atoms. STM work as 
follows: a fine point is moved above a sample and the interaction of the 
point with the superficial atoms is recorded electronically. Figure 4.5 
illustrates how individual atoms look when observed with a STM. 
Scientists are now able to move individual atoms around to form shapes, 
patterns, and even simple machines. This capability has led to the excit-
ing new field of nanotechnology. The promise of nanotechnology is 
molecular manufacturing—the atom-by-atom building of machines the 
size of molecules. As you will read in Chapter 8, a molecule is a group of 
atoms that are bonded together and act as a unit.

The Electron
Once scientists were convinced of the existence of atoms, a new set of 
questions emerged. What is an atom like? Is the composition of an atom 
uniform throughout, or is it composed of still-smaller particles? 
Although many scientists researched the atom in the 1800s, it was not 
until almost 1900 that some of these questions were answered.

The cathode-ray tube As scientists tried to unravel the atom, they 
began to make connections between matter and electric charge. For 
instance, has your hair ever clung to your comb? To explore the connec-
tion, some scientists wondered how electricity might behave in the 
absence of matter. With the help of the newly invented vacuum pump, 
they passed electricity through glass tubes from which most of the air 
had been removed. Such tubes are called cathode-ray tubes. 

A typical cathode-ray tube used by researchers for studying the rela-
tionship between mass and charge is illustrated in Figure 4.6. Note that 
metal electrodes are located at opposite ends of the tube. The electrode 
connected to the negative terminal of the battery is called the cathode, 
and the electrode connected to the positive terminal is called the anode.

■ Figure 4.5 This image, recorded with 
a STM, shows the individual atoms of a 
fatty acid on a graphite surface. The false 
colors were added later on to improve the 
contrast between each atom. 

Cathode (-) Anode (+)

+

Tube

Opening
connected to
a vacuum pump

-

Voltage
source

■ Figure 4.6 A cathode-ray tube 
is a tube with an anode at one end 
and a cathode at the other end. When 
a voltage is applied, electricity travels 
from the cathode to the anode.

©PHILIPPE PLAILLY/SCIENCE PHOTO LIBRARY/Photo Researchers, Inc.
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Real-World Chemistry 
Cathode Ray

Television Television was 
invented in the 1920’s. Conventional 
television images are formed as 
cathode rays strike light-producing 
chemicals that coat the back of 
the screen.

Electrically
charged plates

+
-

+

-

b Because the cathode ray is deflected 
toward the positively charged plate 
by an electric field, the particles in 
the ray must have a negative charge.

S

N

Magnet

+
-

Because the cathode ray is 
deflected in a magnetic 
field, the particles in the ray 
must be charged.

a

■ Figure 4.7 A tiny hole located in the center of the anode produces a 
thin beam of electrons. A phosphor coating allows the position of the beam 
to be determined as it strikes the end of the tube. 

Sir William Crookes While working in a darkened laboratory, 
English physicist Sir William Crookes noticed a flash of light within one 
of the cathode-ray tubes. A green flash was produced by some form of 
radiation striking a zinc-sulfide coating that had been applied to the end 
of the tube. Further work showed that there was a ray (radiation) going 
through the tube. This ray, originating from the cathode and traveling 
to the anode, was called a cathode ray. The accidental discovery of the 
cathode ray led to the invention of television. A conventional television is 
nothing else than a cathode-ray tube.

Scientists continued their research using cathode-ray tubes, and 
they were fairly convinced by the end of the 1800s of the following:

 • Cathode rays were a stream of charged particles.

 • The particles carried a negative charge. (The exact value of 
the negative charge was not known.)

Because changing the metal that makes up the electrodes or varying 
the gas (at very low pressure) in the cathode-ray tube did not affect the 
cathode ray produced, researchers concluded that the ray’s negative par-
ticles were found in all forms of matter. These negatively charged parti-
cles that are part of all forms of matter are now known as electrons. 
Some of the experiments used to determine the properties of the cath-
ode ray are shown in Figure 4.7.

Reading Check Explain  how the cathode ray was discovered.

Mass and charge of the electron In spite of the progress 
made from all of the cathode-ray tube experiments, no one succeeded 
in determining the mass of a single cathode-ray particle. Unable to 
measure the particle’s mass directly, English physicist J. J. Thomson 
(1856–1940) began a series of cathode-ray tube experiments at 
Cambridge University in the late 1890s to determine the ratio of its 
charge to its mass. 

Charge-to-mass ratio By carefully measuring the effects of both 
magnetic and electric fields on a cathode ray, Thomson was able to 
determine the charge-to-mass ratio of the charged particle. He then 
compared that ratio to other known ratios.

Incorporate information 
from this section into 

your Foldable.
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Thomson concluded that the mass of the charged particle was much 
less than that of a hydrogen atom, the lightest known atom. The conclu-
sion was shocking because it meant there were particles smaller than the 
atom. In other words, Dalton had been incorrect—atoms were divisible 
into smaller subatomic particles. Because Dalton’s atomic theory had 
become so widely accepted and Thomson’s conclusion was so revolu-
tionary, many other scientists found it hard to accept this new discovery. 
But Thomson was correct. He had identified the first subatomic parti-
cle—the electron. He received a Nobel Prize in 1906 for this discovery.

Reading Check Summarize  how Thomson discovered the electron.

The oil-drop experiment and the charge of an electron 
The next significant development came in the early 1910s, when the 
American physicist Robert Millikan (1868–1953) determined the charge 
of an electron using the oil-drop apparatus shown in Figure 4.8. In this 
apparatus, oil is sprayed into the chamber above the two parallel 
charged plates. The top plate has a small hole through which the oil 
drops. X rays knock out electrons from the air particles between the 
plates and the electrons stick to the droplets, giving them a negative 
charge. By varying the intensity of the electric field, Millikan could 
control the rate of a droplet’s fall. He determined that the magnitude of 
the charge on each drop increased in discrete amounts and determined 
that the smallest common denominator was 1.602 × 1    0  -19     coulombs. 
He identified this number as the charge of the electron. This charge was 
later equated to a single unit of negative charge noted 1-; in other 
words, a single electron carries a charge of 1-. 

So good was Millikan’s experimental setup and technique that the 
charge he measured almost one hundred years ago is within 1% of the 
currently accepted value. 

Mass of an electron Knowing the electron’s charge and using the 
known charge-to-mass ratio, Millikan calculated the mass of an elec-
tron. The equation below shows how small the mass of an electron is.

 
Mass of an 

electron
 = 9.1 × 1    0  -28     g =      1

 _ 
1840

   
the mass of 

a hydrogen atom

(+)

(-)

Atomizer

Telescope

Source of 
ionizing
radiation

Positively 
charged plate

Negatively
charged
plate

■ Figure 4.8 The motion of the oil drop-
lets within Millikan’s apparatus depends on 
the charge of droplets and on the electric 
field. Millikan observed the droplets with the 
telescope. He could make the droplets fall 
more slowly, rise, or pause as he varied the 
strength of the electric field. From his obser-
vations, he calculated the charge on each 
droplet.
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The plum pudding model The existence of the electron and the 
knowledge of some of its properties raised some interesting new ques-
tions about the nature of atoms. It was known that matter is neutral—it 
has no electric charge. You know that matter is neutral from everyday 
experience: you do not receive an electric shock (except under certain 
conditions) when you touch an object. If electrons are part of all matter 
and they possess a negative charge, how can all matter be neutral? Also, 
if the mass of an electron is so small, what accounts for the rest of the 
mass in a typical atom?

In an attempt to answer these questions, J. J. Thomson proposed a 
model of the atom that became known as the plum pudding model. As 
you can see in Figure 4.9, Thomson’s model consisted of a spherically 
shaped atom composed of a uniformly distributed positive charge in 
which the individual negatively charged electrons resided. As you are 
about to read, the plum pudding model of the atom did not last for long. 
Figure 4.10 summarizes the numerous steps in understanding the 
structure of the atom.

Reading Check Explain  why Thomson’s model was called the plum 
pudding model.

■ Figure 4.10
Development of 
Modern Atomic Theory
Current understanding of the properties and 
behavior of atoms and subatomic particles is 
based on the work of scientists worldwide 
during the past two centuries.

▼

1897  Using cathode-ray 
tubes, J. J. Thomson iden-
tifies the electron and 
determines the ratio of 
the mass of an electron 
to its electric charge.

1911 With the gold foil 
experiment, Ernest Rutherford 
determines properties of the 
nucleus, including charge, 
relative size, and density.

1932  James 
Chadwick proves 
the existence of 
neutrons.

▼

1913  Niels Bohr publishes 
a theory of atomic struc-
ture relating the electron 
arrangement in atoms and 
atomic chemical properties.

1932 Scientists develop a 
particle accelerator to fire 
protons at lithium nuclei, 
splitting them into helium 
nuclei and releasing energy.

Electrons
Matter containing evenly
distributed positive charge

-

-
-

-

-

-

-
-

-

--

-
-

■ Figure 4.9 J. J. Thomson’s plum pudding 
model of the atom states that the atom is a 
uniform, positively charged sphere containing 
electrons.

©SSPL/The Image Works



Section 4.2 • Defining the Atom 111

1939–1945 Scientists 
in the United States and 
Germany each work on 
projects to develop the 
first atomic weapon.

1954 CERN, the 
world’s largest nuclear 
physics research center, 
located in Switzerland, 
is founded to study 
particle physics.

1968 Scientists provide 
the first experimental 
evidence for subatomic 
particles known as quarks.

▼

2007 The Large 
Hadron Collider at CERN 
studies the properties of 
subatomic particles and 
nuclear matter.

Interactive Time Line To learn more 
about these discoveries and others, 
visit glencoe.com.

Electrons

Alpha particle path

Evenly distributed
positive charge

-

-
-

-

-

-

-
-

-

-

-

-

■ Figure 4.11 Based on Thomson’s model, 
Rutherford expected the light alpha particles to 
pass through gold atoms. He expected only a 
few of them to be slightly deflected.

The Nucleus
In 1911, Ernest Rutherford (1871–1937) began to study how positively 
charged alpha particles (radioactive particles you will read more about 
later in this chapter) interacted with solid matter. With a small group of 
scientists, Rutherford conducted an experiment to see if alpha particles 
would be deflected as they passed through a thin gold foil. 

Rutherford’s experiment In the experiment, a narrow beam of 
alpha particles was aimed at a thin sheet of gold foil. A zinc-sulfide-
coated screen surrounding the gold foil produced a flash of light when  
struck by an alpha particle. By noting where the flashes occurred, the 
scientists could determine if the atoms in the gold foil deflected the 
alpha particles.

Rutherford was aware of Thomson’s plum pudding model of the 
atom. He expected the paths of the massive and fast-moving alpha 
particles to be only slightly altered by a collision with an electron. And 
because the positive charge within the gold atoms was thought to be 
uniformly distributed, he thought it would not alter the paths of the 
alpha particles, either. Figure 4.11 shows the results Rutherford expect-
ed from the experiment.

▼

1938 Lise Meitner, 
Otto Hahn, and Fritz 
Straussman split 
uranium atoms in 
a process they 
called fission.

(l)©Bettmann/CORBIS, (r)©CERN/Photo Researchers, Inc.
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The actual results observed by Rutherford and his colleagues are 
shown in Figure 4.12. A few of the alpha particles were deflected at 
large angles. Several particles were deflected straight back toward the 
source. Rutherford likened the results to firing a large artillery shell at a 
sheet of paper and the shell coming back at the cannon.

Rutherford’s model of the atom Rutherford concluded that the 
plum pudding model was incorrect because it could not explain the 
results of the gold foil experiment. Considering the properties of the 
alpha particles and the electrons, and the frequency of the deflections, 
he calculated that an atom consisted mostly of empty space through 
which the electrons move. He also concluded that almost all of the 
atom’s positive charge and almost all of its mass were contained in a tiny, 
dense region in the center of the atom, which he called the nucleus. 
The negatively charged electrons are held within the atom by their 
attraction to the positively charged nucleus. Rutherford’s nuclear atomic 
model is shown in Figure 4.13.

Because the nucleus occupies such a small space and contains most 
of an atom’s mass, it is incredibly dense. If a nucleus were the size of the 
dot in the exclamation point at the end of this sentence, its mass would 
be approximately as much as that of 70 automobiles! The volume of 
space through which the electrons move is huge compared to the volume 
of the nucleus. A typical atom’s diameter is approximately 10,000 times 
the diameter of the nucleus. If an atom had a diameter of two football 
fields, the nucleus would be the size of a nickel.

Reading Check Describe  Rutherford’s model of the atom.

Electrons

Alpha particle path

Nucleus
-

-
-

-

-

-

--

-

-

-

-

+

■ Figure 4.13 In Rutherford’s nuclear 
model, the atom is composed of a dense, 
positively charged nucleus that is sur-
rounded by negative electrons. Alpha par-
ticles passing far from the nucleus are only 
slightly deflected. Alpha particles directly 
approaching the nucleus are deflected at 
large angles.
Infer   what force causes the 
deflection of alpha particles.

Most alpha particles 
pass through the 
foil with little or 
no deflection

Lead block containing
an alpha-particle-
emitting source

Beam of 
alpha particles

Gold foil

Zinc-sulfide-
coated screen

Alpha particle
deflected at a 
small angle

Alpha particle
deflected at a 
large angle

■ Figure 4.12 During Rutherford’s experiment, a beam of alpha particles bombarded 
a thin gold foil. Most of the alpha particles went through the gold foil. However, a few of 
them bounced back, some at large angles.

Interactive Figure To see an animation of 
the gold foil experiment, visit glencoe.com.

http://glencoe.com
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Data Analysis labData Analysis lab

The repulsive force produced between the positive nucleus and the 
positive alpha particles causes the deflections. Figure 4.13 illustrates 
how Rutherford’s nuclear atomic model explained the results of the gold 
foil experiment. The nuclear model also explains the neutral nature of 
matter: the positive charge of the nucleus balances the negative charge 
of the electrons. However, the model still could not account for all of the 
atom’s mass. 

The proton and the neutron By 1920, Rutherford had refined 
the concept of the nucleus and concluded that the nucleus contained 
positively charged particles called protons. A proton is a subatomic par-
ticle carrying a charge equal to but opposite that of an electron; that is, 
a proton has a charge of 1+. In 1932, Rutherford’s coworker, English 
physicist James Chadwick (1891–1974), showed that the nucleus also 
contained another subatomic neutral particle, called the neutron. A 
neutron is a subatomic particle that has a mass nearly equal to that of a 
proton, but it carries no electric charge. In 1935, Chadwick received the 
Nobel Prize in Physics for proving the existence of neutrons.  

VOCABULARY
SCIENCE USAGE V. COMMON USAGE

Neutral
Science usage:  to have no 

electric charge

Neutrons have a charge of zero. 

They are neutral particles.

Common usage:  not engaged 

in either side

Switzerland remained neutral 

during World War II.

Based on Real Data*

Interpret Scientific 
Illustrations
What are the apparent atomic distances of 
carbon atoms in a well-defined crystalline 
material? To visualize individual atoms, a group 
of scientists used a scanning tunneling micro-
scope (STM) to test a crystalline material called 
highly ordered pyrolytic graphite (HOPG). An 
STM is an instrument used to perform surface 
atomic-scale imaging. 

Data and Observations
The image shows all of the carbon atoms in the 
surface layer of the graphite material. Each hex-
agonal ring, indicated by the drawing in the fig-
ure, consists of three brighter spots separated by 
three fainter spots. These bright spots are from 
alternate carbon atoms in the surface layer of 
the graphite structure. The cross-sectional view 
below the photo corresponds to the line drawn 
in the image. It indicates the atomic periodicity 
and apparent atomic distances.

Think Critically

1. Estimate  the distance between two nearest 
bright spots.

2. Estimate  the distance between two nearest 
neighbor spots (brighter–fainter, marked with 
triangles in the figure).

*Data obtained from: Chaun-Jian Zhong et al. 2003. Atomic scale imaging: 
a hands-on scanning probe microscopy laboratory for undergraduates. 
Journal of Chemical Education 80: 194–197.

3. State  What do the black spots in the image 
represent?

4. Explain  How many carbon atoms are across 
the line drawn in the image?

©Research Group of Professor C. J. Zhong/SUNY-Binghamton/Supported by NSF
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Completing the model of the atom All atoms are made up of 
the three fundamental subatomic particles—the electron, the proton, 
and the neutron. Atoms are spherically shaped, with a small, dense 
nucleus of positive charge surrounded by one or more negatively 
charged electrons. Most of an atom consists of fast-moving electrons 
traveling through the empty space surrounding the nucleus. The elec-
trons are held within the atom by their attraction to the positively 
charged nucleus. The nucleus, which is composed of neutral neutrons 
(hydrogen’s single-proton nucleus is an exception) and positively 
charged protons, contains all of an atom’s positive charge and more than 
99.97% of its mass. It occupies only about one ten-thousandth of the 
volume of the atom. Because an atom is electrically neutral, the number 
of protons in the nucleus equals the number of electrons surrounding 
the nucleus. The features of a typical atom are shown in Figure 4.14, 
and the properties of the fundamental subatomic particles are summa-
rized in Table 4.3.

Subatomic particle research is still a major interest to modern scien-
tists. In fact, scientists have determined that protons and neutrons have 
their own structures. They are composed of subatomic particles called 
quarks. These particles will not be covered in this textbook because sci-
entists do not yet understand if or how they affect chemical behavior. As 
you will learn in later chapters, chemical behavior can be explained by 
considering only an atom’s electrons.

Proton
Neutron

Electron cloud Nucleus

Section 4.24.2 Assessment
Section Summary
◗ ◗ An atom is the smallest particle of an 

element that maintains the properties 
of that element.

◗ ◗ Electrons have a 1- charge, protons 
have a 1+ charge, and neutrons have 
no charge.

◗ ◗ An atom consists mostly of empty 
space surrounding the nucleus.

■ Figure 4.14 Atoms are composed 
of a a nucleus containing protons and 
neutrons, and surrounded by a cloud of 
electrons.

Table 
4.3

Properties of 
Subatomic Particles

Particle Symbol Location
Relative 
Electric 
Charge

Relative 
Mass

Actual Mass 
(g)

Electron  e  - 

In the space 
surrounding 
the nucleus

1-   1 _ 
1840

  9.11 × 1 0  -28  

Proton p In the nucleus 1+ 1 1.673 × 1 0  -24 

Neutron n In the nucleus 0 1 1.675 × 1 0  -24 

Interactive Table Explore 
the properties of subatomic 
particles at glencoe.com.

 7. MAIN Idea Describe  the structure of a typical atom. Identify where each 
subatomic particle is located.

 8. Compare and contrast Thomson’s plum pudding atomic model with 
Rutherford’s nuclear atomic model.

 9. Evaluate  the experiments that led to the conclusion that electrons are 
negatively charged particles found in all matter.

 10. Compare  the relative charge and mass of each of the subatomic particles.

 11. Calculate  What is the difference expressed in kilograms between the mass of 
a proton and the mass of an electron? 

Interactive Figure To see an 
animation of the structure of the 
atom, visit glencoe.com.

http://glencoe.com
http://glencoe.com
http://glencoe.com
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Section 4.34.3

■ Figure 4.15 In 
the periodic table, each
element is represented by 
its chemical name, atomic 
number, chemical symbol, 
and average atomic mass.
Determine   the number 
of protons and the 
number of electrons 
in an atom of gold.

Hydrogen

1

H
1.008

Chemical name

Chemical symbol

Atomic number

Average atomic mass

How Atoms Differ
MAIN Idea The number of protons and the mass number 
define the type of atom.

Real-World Reading Link You are probably aware that numbers are used 
every day to identify people and objects. For example, people can be identified by 
their Social Security numbers and computers by their IP addresses. Atoms and 
nuclei are also identified by numbers. 

Atomic Number
As shown in the periodic table of the elements inside the back cover of 
this textbook, there are more than 110 different elements. What makes 
an atom of one element different from an atom of another element?

Not long after Rutherford’s gold foil experiment, the English scientist 
Henry Moseley (1887–1915) discovered that atoms of each element 
contain a unique positive charge in their nuclei. Thus, the number of 
protons in an atom identifies it as an atom of a particular element. The 
number of protons in an atom is referred to as the atomic number. 
The information provided by the periodic table for hydrogen is shown 
in Figure 4.15. The number 1 above the symbol for hydrogen (H) is the 
number of protons, or the atomic number.  Moving across the periodic 
table to the right, you will next come to helium (He). It has two protons 
in its nucleus, and thus it has an atomic number of 2. The next row 
begins with lithium (Li), atomic number 3, followed by beryllium (Be), 
atomic number 4, and so on. The periodic table is organized left-to-
right and top-to-bottom by increasing atomic number.

Because all atoms are neutral, the number of protons and electrons 
in an atom must be equal. Thus, once you know the atomic number of 
an element, you know the number of protons and the number of elec-
trons an atom of that element contains. For example, an atom of lithi-
um, atomic number 3, contains three protons and three electrons.

Atomic number

atomic number = number of protons 
= number of electrons

The atomic number of an atom equals its number of protons and its number of electrons.

Objectives

◗ Explain  the role of atomic 
number in determining the 
identity of an atom.

◗ Define  an isotope.
◗ Explain  why atomic masses 

are not whole numbers.
◗ Calculate  the number of electrons, 

protons, and neutrons in an atom 
given its mass number and atomic 
number.

Review Vocabulary
periodic table:  a chart that organizes 
all known elements into a grid of 
horizontal rows (periods) and vertical 
columns (groups or families) arranged 
by increasing atomic number

New Vocabulary
atomic number
isotope
mass number
atomic mass unit (amu)
atomic mass
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EXAMPLE Problem 4.1

Atomic Number Complete the following table.

Composition of Several Elements

Element Atomic Number Protons Electrons

a. Pb 82

b. 8

c. 30

1  Analyze the Problem
Apply the relationship among atomic number, number of protons, and number of electrons 
to complete most of the table. Then, use the periodic table to identify the element.

Known Unknown
a. element = Pb, atomic number = 82 a. number of protons (    N  p    ), number of electrons (    N  e    ) = ?
b. number of protons = 8 b. element, atomic number (Z),     N  e     = ?
c. number of electrons = 30 c. element, Z,     N  p     = ?

2  Solve for the Unknown
a. number of protons = atomic number Apply the atomic-number relationship.

N  p     = 82 Substitute atomic number = 82.

number of electrons = number of protons
     N  e     = 82 
 The number of protons and the number of electrons is 82. 

b. atomic number = number of protons  Apply the atomic-number relationship.

Z = 8 Substitute number of protons = 8.

 number of electrons = number of protons
     N  e     = 8
 The atomic number and the number of electrons is 8. 
 The element is oxygen (O). Consult the periodic table to identify the element.

c. number of protons = number of electrons Apply the atomic-number relationship.
N  p     = 30 Substitute number of electrons = 30.

atomic number = number of protons
Z = 30

 The atomic number and the number of protons is 30.
 The element is zinc (Zn).  Consult the periodic table to identify the element.

3  Evaluate the Answer
The answers agree with atomic numbers and element symbols given in the periodic table.

PRACTICE Problems Extra Practice Pages 977–978 and glencoe.com

 12. How many protons and electrons are in each atom?

 a. radon b. magnesium

13.  An atom of an element contains 66 electrons. Which element is it?

 14. An atom of an element contains 14 protons. Which element is it? 

 15. Challenge Do the atoms shown in the figure to the right have 
the same atomic number? 

10n

9e-

9n
9p

Solving Algebraic 
Equations

pages 954–955

Math Handbook

http://glencoe.com
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Isotopes and Mass Number
Dalton was incorrect about atoms being indivisible and in stating that 
all atoms of an element are identical. All atoms of an element have the 
same number of protons and electrons, but the number of neutrons 
might differ. For example, there are three types of potassium atoms that 
occur naturally. All three types contain 19 protons and 19 electrons. 
However, one type of potassium atom contains 20 neutrons, another 21 
neutrons, and still another 22 neutrons. Atoms with the same number of 
protons but different numbers of neutrons are called isotopes.

Mass of isotopes Isotopes containing more neutrons have a greater 
mass. In spite of these differences, isotopes of an atom have the same 
chemical behavior. As you will read later in this textbook, chemical 
behavior is determined only by the number of electrons an atom has. 

Isotope notation Each isotope of an element is identified with a 
number called the mass number. The mass number is the sum of the 
atomic number (or number of protons) and neutrons in the nucleus. 

Mass number

mass number = atomic number + number of neutrons
The mass number of an atom is the sum of its atomic number and its number of neutrons.

For example, copper has two isotopes. The isotope with 29 protons 
and 34 neutrons has a mass number of 63 (29 + 34 = 63), and is called 
copper-63 (also written   63 Cu or Cu-63). The isotope with 29 protons 
and 35 neutrons is called copper-65. Chemists often write out isotopes 
using a notation involving the chemical symbol, atomic number, and 
mass number, as shown in Figure 4.16.

Natural abundance of isotopes In nature, most elements are 
found as mixtures of isotopes. Usually, no matter where a sample of an 
element is obtained, the relative abundance of each isotope is constant. 
For example, in a banana, 93.26% of the potassium atoms have 20 neu-
trons, 6.73% have 22 neutrons, and 0.01% have 21 neutrons. In another 
banana, or in a different source of potassium, the percentage composi-
tion of the potassium isotopes will still be the same. The three potassium 
isotopes are summarized in Figure 4.17.

■ Figure 4.16 Cu is the chemical 
symbol for copper. Copper, which was used 
to make this Chinese gong, is composed of 
69.2% copper-63 and 30.8% copper- 65.

63
29Cu 65

29Cu

Mass number

Atomic number

■ Figure 4.17 Potassium has 
three naturally occuring isotopes: 
potassium-39, potassium-40, 
and potassium-41.
List   the number of protons, 
neutrons, and electrons in 
each potassium isotope.

Protons
Neutrons
Electrons

Potassium-39
19
20
19

Potassium-40
19
21
19

Potassium-41
19
22
19

19e-

19p 19p 19p

19e- 19e-

20n 21n 22n
41K19

40K19
39K19

©Dan Peha/viestiphoto.com
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EXAMPLE Problem 4.2

Use Atomic Number and Mass Number A chemistry laboratory has analyzed 
the composition of isotopes of several elements. The composition data is given in 
the table below. Determine the number of protons, electrons, and neutrons in the 
isotope of neon. Name the isotope and give its symbol.

Isotope Composition Data

Element Atomic Number Mass Number

a. Neon 10 22

b. Calcium 20 46

c. Oxygen 8 17

d. Iron 26 57

e. Zinc 30 64

f. Mercury 80 204

1  Analyze the Problem
You are given some data for neon in the table. The symbol for neon can be found on the 
periodic table. From the atomic number, the number of protons and electrons in the 
isotope are known. The number of neutrons in the isotope can be found by subtracting 
the atomic number from the mass number.

Known Unknown
element: neon number of protons (    N  p    ), electrons (    N  e    ), and neutrons (    N  n    ) = ?
atomic number = 10 name of isotope = ?
mass number = 22 symbol for isotope = ?

2  Solve for the Unknown
number of protons = atomic number = 10 Apply the atomic number relationship.

number of electrons = atomic number = 10

number of neutrons = mass number - atomic number Use the atomic number and the mass number 
to calculate the number of neutrons.

    N  n     = 22 - 10 = 12     Substitute mass number = 22 and atomic 
number = 10

The name of the isotope is neon-22. Use the element name and mass number to 
write the isotope’s name.

The symbol for the isotope is       10     22    Ne.
Use the chemical symbol, mass number, and 
atomic number to write out the isotope in 
symbolic notation form.

3  Evaluate the Answer
The relationships among number of electrons, protons, and neutrons have been applied 
correctly. The isotope’s name and symbol are in the correct format. Refer to pages 944–
945 the Elements Handbook to learn more about neon.

PRACTICE Problems Extra Practice Page 978 and glencoe.com

 16. Determine the number of protons, electrons, and neutrons for isotopes b.–f. in the table above. 
Name each isotope, and write its symbol.

 17. Challenge An atom has a mass number of 55. Its number of neutrons is the sum of its 
atomic number and five. How many protons, neutrons, and electrons does this atom have? 
What is the identity of this atom?

http://glencoe.com
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Calculate the Weighted Average Atomic Mass of Chlorine

17e-

17p
20n

17e-

17p
18n

Atomic mass: 34.969 amu
Percent abundance: 75.78%
Mass contribution:  
(34.969 amu)(75.78%) = 26.499 amu

Atomic mass: 36.966 amu
Percent abundance: 24.22%
Mass contribution:  
(36.966 amu)(24.22%) = 8.9531amu

37CI17
35CI17

Weighted average atomic mass of chlorine = (26.496 amu + 8.957 amu) = 35.453 amu

■ Figure 4.18 To calculate the weighted average atomic mass of chlorine, 
you first need to calculate the mass contribution of each isotope.

Mass of Atoms
Recall from Table 4.3 that the masses of both protons and neutrons 
are approximately 1.67 × 1    0  -24     g. While this is a small mass, the mass of 
an electron is even smaller—only about 1/1840 that of a proton or a 
neutron.

Atomic mass unit Because these extremely small masses expressed 
in scientific notation are difficult to work with, chemists have developed 
a method of measuring the mass of an atom relative to the mass of a 
specific atomic standard. That standard is the carbon-12 atom. Scientists 
assigned the carbon-12 atom a mass of exactly 12 atomic mass units. 
Thus, one atomic mass unit (amu) is defined as one-twelfth the mass 
of a carbon-12 atom. Although a mass of 1 amu is nearly equal to the 
mass of a single proton or a single neutron, it is important to realize that 
the values are slightly different. Table 4.4 gives the masses of the sub-
atomic particles in terms of amu.

Atomic mass Because an atom’s mass depends mainly on the num-
ber of protons and neutrons it contains, and because protons and neu-
trons have masses close to 1 amu, you might expect the atomic mass of 
an element to always be nearly a whole number. However, this is often 
not the case. The explanation involves how atomic mass is defined. The 
atomic mass of an element is the weighted average mass of the isotopes 
of that element. Because isotopes have different mass, the weighted 
average is not a whole number. The calculation of the atomic mass of 
chlorine is illustrated in Figure 4.18.

Table 4.4  Masses of Subatomic Particles

Particle Mass (amu)

Electron 0.000549

Proton 1.007276

Neutron 1.008665

VOCABULARY
ACADEMIC VOCABULARY

Specific
characterized by precise formulation 

or accurate restriction

Some diseases have specific symptoms.

Personal Tutor For an online tutorial 
on finding an average, visit glencoe.com.

http://glencoe.com
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Chlorine exists naturally as a mixture of about 76% chlorine-35 and 
24% chlorine-37. It has an atomic mass of 35.453 amu. Because atomic 
mass is a weighted average, the chlorine-35 atoms, which exist in greater 
abundance than the chlorine-37 atoms, have a greater effect in deter-
mining the atomic mass. The atomic mass of chlorine is calculated by 
multiplying each isotope’s percent abundance by its atomic mass and 
then adding the products. The process is similar to calculating an aver-
age grade. You can calculate the atomic mass of any element if you know 
the number of naturally occurring isotopes, their masses, and their 
percent abundances.

Reading Check Explain  how to calculate atomic mass.

Isotope abundances Analyzing an element’s mass can indicate the 
most abundant isotope for that element. For example, fluorine (F) has 
an atomic mass that is extremely close to 19 amu. If fluorine had several 
fairly abundant isotopes, its atomic mass would not likely be so close to 
a whole number. Thus, you might conclude that all naturally occurring 
fluorine is probably in the form of fluorine-19 (      9

     19
  F). Indeed, 100% of 

naturally occurring fluorine is in the form of fluorine-19. While this 
type of reasoning generally works well, it is not foolproof. Consider bro-
mine (Br). It has an atomic mass of 79.904 amu. With a mass so close to 
80 amu, it seems likely that the most common bromine isotope would 
be bromine-80. However, Bromine’s two isotopes are bromine-79 
(78.918 amu, 50.69%) and bromine-81 (80.917 amu, 49.31%). There is 
no bromine-80 isotope. Figure 4.19 shows one of the major production 
sites of bromine, located in the Dead Sea area. Refer to page 940 of the 
Elements Handbook to learn more about chlorine, fluorine, and bromine.

■ Figure 4.19 Bromine is extracted 
from sea water and salt lakes. The Dead 
Sea area in Israel is one of the major 
bromine production sites in the world. 
Applications of bromine include microbe 
and algae control in swimming pools and 
flame-retardants. It is also used in medi-
cines, oils, paints, and pesticides.

Model Isotopes
How can you calculate the atomic mass 
of an element using the percentage abundance 
of its isotopes? Because they have different com-
positions, pre- and post-1982 pennies can be used 
to model an element with two naturally occurring 
isotopes. From the penny ‘isotope’ data, you can 
determine the mass of each penny isotope and the 
average mass of a penny.

Procedure 
1. Read and complete the lab safety form.
2. Get a bag of pennies from your teacher, and 

sort the pennies by date into two groups: pre-
1982 pennies and post-1982 pennies. Count and 
record the total number of pennies and the 
number in each group.

3. Using a balance, determine the mass of 10 
pennies from each group. Record each mass to 
the nearest 0.01 g. Divide the total mass of 
each group by 10 to get the average mass of 
a pre- and post-1982 penny isotope.

Analysis
1. Calculate  the percentage abundance of each 

group using data from Step 2. To do this, divide 
the number of pennies in each group by the 
total number of pennies.

2. Determine  the atomic mass of a penny using 
the percentage abundance of each “isotope” 
and data from Step 3. To do this, use the follow-
ing equation: 

  mass contribution = (% abundance)(mass)
 Total the mass contributions to determine the 

atomic mass. Remember that the percent abun-
dance is a percentage. 

3. Infer  whether the atomic mass would be differ-
ent if you received another bag of pennies 
containing a different mixture of pre- and 
post-1982 pennies. Explain your reasoning.

4. Explain  why the average mass of each type 
of penny was determined by measuring 10 
pennies instead of by measuring and using 
the mass of a single penny from each group.

©Eitan Simanor/Alamy
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Section Summary
◗ ◗ The atomic number of an atom is 

given by its number of protons. The 
mass number of an atom is the sum 
of its neutrons and protons.

◗ ◗ Atoms of the same element with 
different numbers of neutrons are 
called isotopes.

◗ ◗ The atomic mass of an element is a 
weighted average of the masses of 
all of its naturally occuring isotopes.

 20. MAIN Idea Explain  how the type of an atom is defined.  

 21. Recall  Which subatomic particle identifies an atom as that of a particular 
element?

 22. Explain  how the existence of isotopes is related to the fact that atomic masses 
are not whole numbers.

 23. Calculate  Copper has two isotopes: Cu-63 (abundance = 69.2%, 
mass = 62.930 amu) and Cu-65 (abundance = 30.8%, mass = 64.928 amu). 
Calculate the atomic mass of copper.

 24. Calculate  Three magnesium isotopes have atomic masses and relative abun-
dances of 23.985 amu (79.99%), 24.986 amu (10.00%), and 25.982 (11.01%). 
Calculate the atomic mass of magnesium. 

EXAMPLE Problem 4.3

Calculate Atomic Mass Given the data in the table, calculate the atomic 
mass of unkown Element X. Then, identify the unkown element, which is used 
medically to treat some mental disorders.

1  Analyze the Problem
Calculate the atomic mass and use the periodic table to confirm. 

Known Unkown
  6    X: mass = 6.015 amu  atomic mass of X = ? amu
abundance = 7.59% = 0.0759
  7    X: mass = 7.016 amu element X = ?
abundance = 92.41% = 0.9241

2  Solve for the Unknown
    6    X: mass contribution = (mass)(percent abundance) Calculate       6    X’s contribution.

 mass contribution = (6.015 amu)(0.0759) = 0.4565 amu Substitute mass = 6.015 amu and abundance = 0.0759.
7 X: mass contribution = (mass)(percent abundance) Calculate 7X’s contribution.

 mass contribution = (7.016 amu)(0.9241) = 6.483 amu Substitute mass = 7.016 amu and abundance = 0.9241.

atomic mass of X = (0.4565 amu + 6.483 amu) = 6.939 amu Total the mass contributions to find the atomic mass.

The element with a mass 6.939 amu is lithium (Li). Identify the element using the periodic table.

3  Evaluate the Answer
The result of the calculation agrees with the atomic mass given in the periodic table. The 
masses of the isotopes have four significant figures, so the atomic mass is also expressed 
with four significant figures. Refer to the Elements Handbook to learn more about lithium.

PRACTICE Problems Extra Practice Page 978 and glencoe.com

 18. Boron (B) has two naturally occurring isotopes: boron-10 (abundance = 19.8%, 
mass = 10.013 amu) and boron-11 (abundance = 80.2%, mass = 11.009 amu).
Calculate the atomic mass of boron.

 19. Challenge Nitrogen has two naturally occurring isotopes, N-14 and N-15. Its atomic 
mass is 14.007. Which isotope is more abundant? Explain your answer.

Isotope Abundance for Element X

Isotope Mass (amu)
Percent 

Abundance

 6 X 6.015 7.59%

   7 X 7.016 92.41%

http://glencoe.com
http://glencoe.com


122 Chapter 4 • The Structure of the Atom

Section 4.44.4

■ Figure 4.20 Being in a handstand 
position is an unstable state. Like unstable 
atoms, people doing handstands eventually 
return to a more stable state—standing on 
their feet—by losing potential energy.

Unstable Nuclei and 
Radioactive Decay
MAIN Idea Unstable atoms emit radiation to gain stability.

Real-World Reading Link Try dropping a rock from the height of your waist. 
The rock goes from a higher energy state at your waist to a lower energy state on 
the floor. A similar process happens with nuclei in an unstable state. 

Radioactivity
Recall from Chapter 3 that a chemical reaction is the change of one or 
more substances into new substances and involves only an atom’s elec-
trons. Although atoms might be rearranged, their identity remains the 
same. Another type of reaction, called a nuclear reaction, can change an 
element into a new element.

Nuclear reactions In the late 1890s, scientists noticed that some 
substances spontaneously emitted radiation in a process they named 
radioactivity. The rays and particles emitted by the radioactive material 
were called radiation. Scientists discovered that radioactive atoms 
undergo changes that can alter their identities. A reaction that involves 
a change in an atom’s nucleus is called a nuclear reaction. The discov-
ery of these nuclear reactions was a major breakthrough, as no chemical 
reaction had ever resulted in the formation of new kinds of atoms.

Radioactive atoms emit radiation because their nuclei are unstable. 
Unstable systems, whether they are atoms or people doing handstands, 
as shown in Figure 4.20, gain stability by losing energy.

Radioactive decay Unstable nuclei lose energy by emitting 
radiation in a spontaneous process called radioactive decay. Unstable 
atoms undergo radioactive decay until they form stable atoms, often of a 
different element. Just as a rock loses gravitational potential energy and 
reaches a stable state when falling to the ground, an atom can lose ener-
gy and reach a stable state when emitting radiation.

Objectives

◗ Explain  the relationship between 
unstable nuclei and radioactive decay.

◗ Characterize  alpha, beta, and 
gamma radiation in terms of mass 
and charge.

Review Vocabulary
element:  a pure substance 
that cannot be broken down into 
simpler substances by physical or 
chemical means

New Vocabulary
radioactivity
radiation
nuclear reaction 
radioactive decay
alpha radiation
alpha particle
nuclear equation
beta radiation
beta particle
gamma ray

©Image Source/Getty Images
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α

γ

β

+

-

Positive plate

HoleLead block

Radioactive
source

Gamma rays
(no charge)

Zinc-sulfide-
coated screen

Beta
particles
(1- charge)

Alpha
particles
(2+ charge)

Negative plate

■ Figure 4.21 An electric field will deflect 
radiation in different directions, depending on 
the electric charge of the radiation.
Explain   why beta particles are deflected 
toward the positive plate, alpha particles 
are deflected toward the negative plate, 
and gamma rays are not deflected.

Types of Radiation
Scientists began researching radioactivity in the late 1800s. They inves-
tigated the effect of electric fields on radiation. By directing radiation 
from a radioactive source between two electrically charged plates, scien-
tists were able to identify three different types of radiation based on 
their electric charge. As shown in Figure 4.21, radiation were deflected 
toward the negative plate, the positive plate, or not at all.

Alpha radiation The radiation that was deflected toward the nega-
tively charged plate was named alpha radiation. It is made up of alpha 
particles. An alpha particle contains two protons and two neutrons, 
and thus has a 2+ charge, which explains why alpha particles are 
attracted to the negatively charged plate as shown in Figure 4.21. An 
alpha particle is equivalent to a helium-4 nucleus and is represented by 
 
2
     4    He or α. The alpha decay of radioactive radium-226 into radon-222 

is shown below.

        88
     226
  Ra  →       86     222

  Rn + α

 radium-226 radon-222 alpha particle

Note that a new element, radon (Rn), is created as a result of the 
alpha decay of the unstable radium-226 nucleus. The type of equation 
shown above is known as a nuclear equation. It shows the atomic num-
bers and mass numbers of the particles involved. The mass number is 
conserved in nuclear equations. 

Beta radiation The radiation that was deflected toward the positi-
vely charged plate was named beta radiation. This radiation consists 
of fast-moving beta particles. Each beta particle is an electron with a 
1- charge. The negative charge of the beta particle explains why it is 
attracted to the positively charged plate shown in Figure 4.21. Beta 
particles are represented by the symbol  β or     e  -    . The beta decay of 
carbon-14 into nitrogen-14 is shown below. The beta decay of unstable 
carbon-14 results in the creation of the new atom, nitrogen (N).

       6
     14
  C   →        7

     14
  N + β

 carbon-14  nitrogen-14  beta particle

Chemistry Teacher Chemistry 
teachers work in high schools and 
colleges. They lecture, guide discus-
sions, conduct experiments, supervise 
lab work, and lead field trips. High 
school teachers might also be asked 
to monitor study halls and serve on 
committees. College instructors 
might be required to do research and 
publish their findings. For more infor-
mation on chemistry careers, visit 
glencoe.com.

Interactive Figure To see an animation of 
radiation deflection, visit glencoe.com.
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Section Summary
◗ ◗ Chemical reactions involve changes in 

the electrons surrounding an atom. 
Nuclear reactions involve changes in 
the nucleus of an atom.

◗ ◗ There are three types of radiation: 
alpha (charge of 2+), beta (charge of 
1-), and gamma (no charge).

◗ ◗ The neutron-to-proton ratio of an 
atom’s nucleus determines its stability.

 25. MAIN Idea Explain  how unstable atoms gain stability.

 26. State  what quantities are conserved when balancing a nuclear reaction.

 27. Classify  each of the following as a chemical reaction, a nuclear reaction, 
or neither.

 a. Thorium emits a beta particle.
 b. Two atoms share electrons to form a bond.
 c. A sample of pure sulfur emits heat energy as it slowly cools.
 d. A piece of iron rusts.

 28. Calculate  How much heavier is an alpha particle than an electron?

 29. Create  a table showing how each type of radiation affects the atomic number 
and the mass number of an atom.

Gamma radiation The third common type of radiation is called 
gamma radiation, or gamma rays. A gamma ray is a high-energy radia-
tion that possesses no mass and is denoted by the symbol  γ. Because 
they are neutral, gamma rays are not deflected by electric or magnetic 
fields. They usually accompany alpha and beta radiation, and they 
account for most of the energy lost during radioactive decays. For 
example, gamma rays accompany the alpha decay of uranium-238.

       92
     238
  U →       90

     234
  Th + α + 2γ

 uranium-238 thorium-234 alpha particle gamma rays

Because gamma rays are massless, the emission of gamma rays by 
themselves cannot result in the formation of a new atom. Table 4.5 
summarizes the basic characteristics of alpha, beta, and gamma 
radiation.

Nuclear stability The primary factor in determining an atom’s sta-
bility is its ratio of neutrons to protons. Atoms that contain either too 
many or too few neutrons are unstable and lose energy through radioac-
tive decay to form a stable nucleus. They emit alpha and beta particles 
and these emissions affect the neutron-to-proton ratio of the newly cre-
ated nucleus. Eventually, radioactive atoms undergo enough radioactive 
decay to form stable, nonradioactive atoms. This topic will be covered 
in detail in Chapter 24.

Table 4.5 Characteristics of Radiation
Alpha Beta Gamma

Symbol 2
4He or α  e  - or  β γ

Mass (amu) 4   1 _ 
1840  

  0

Mass (kg) 6.65 × 1 0  -27 9.11 × 1 0  -31 0

Charge 2+ 1- 0
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Chemistry
Summarize   Research a case in which a mass 
spectrometer was used to distinguish between 
different types of ink, and write a summary of the 
procedure and results. Visit glencoe.com to learn 
more about mass spectrometers.

Mass Spectrometer: 
Chemical Detective
Imagine a forensic scientist needs to identify the inks used 
on a document to test for possible counterfeiting. The 
scientist can anyalze the inks using a mass spectrometer, 
such as the one shown at left. A mass spectrometer breaks 
the compounds in a sample of an unknown substance 
into smaller fragments. The fragments are then separated 
according to their masses, and the exact composition of the 
sample can be determined. Mass spectrometry is one of the 
most important techniques for studying unknown substances. 

Data analysis A data system generates 
a graphic display of results. The lines 
are located at the mass-to-charge ratio 
corresponding to the components found in 
one of the ink samples. A similar analysis can 
be performed with a different ink sample. The 
samples can then be compared to determine 
whether they originated from the same pen.

5

Ion detection A detector 
measures the deflection and the 
amount of the ions.

4

Ion deflection The ions in the vacuum 
chamber are deflected by a magnetic field. The 
amount of deflection depends on the mass-to-
charge ratio of the ions. The greater the mass-
to-charge ratio, the less the ions are deflected.

3

Electron bombardment A 
beam of high-energy electrons 
bombards the vaporized sample, 
knocking electrons from its atoms 
and forming positive ions.

1

Particle acceleration The 
positive ions are accelerated by an 
electric field created between two 
metal grids. The beam of accelerated 
ions moves toward the next chamber 
of the mass spectrometer.

2

Mauro Fermariello/Science Photo Library/Photo Researchers
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INQUIRY EXTENSION
Predict Based on your experience in this lab, look 

up the atomic masses of several elements on the 

periodic table and predict the most abundant 

isotope for each element.

MODEL ATOMIC MASS

Background: Most elements in nature occur as 
a mixture of isotopes. The weighted average atomic 
mass of an element can be determined from the 
atomic mass and the relative abundance of each 
isotope. In this activity, you will model the isotopes 
of the imaginary element “Snackium.” The measure-
ments you make will be used to calculate a weighted 
average mass that represents the average atomic 
mass of “Snackium.”

Question: How are the atomic masses of the natural 
isotopic mixtures calculated?

Materials
balance

calculator

bag of snack mix

Safety Precautions 
WARNING: Do not eat food used in lab work.

Procedure
 1. Read and complete the lab safety form.

 2. Create a table to record your data. The table will 

contain the mass and the abundance of each type 

of snack present in the mixture.

 3. Open your snack-mix bag. Handle the pieces 

with care.

 4. Organize the snack pieces into groups based on their 

types.

 5. Count the number of snack pieces in each of your 

groups. 

 6. Record the number of snack pieces in each group 

and the total number of snack pieces in your data 

table.

 7. Measure the mass of one piece from each group and 

record the mass in your data table.

 8. Cleanup and Disposal Dispose of the snack pieces 

as directed by your teacher. Return all lab equipment 

to its designated location. 

Analyze and Conclude
 1. Calculate Find the percent abundance of the pieces 

by dividing the individual-piece quantity by the total 

number of snack pieces.

 2. Calculate Use the isotopic percent abundance of 

the snack pieces and the mass to calculate the 

weighted average atomic mass for your element 

“Snackium.”  

 3. Interpret Explain why the weighted average atomic 

mass of the element “Snackium” is not equal to the 

mass of any of the pieces.

 4. Peer Review Gather the average atomic mass data 

from other lab groups. Explain any differences 

between your data and the data obtained by other 

groups.

 5. Apply Why are the atomic masses on the periodic 

table not expressed as whole numbers like the mass 

number of an element? 

 6. Research Look in a chemical reference book to 

determine whether all elements in the periodic table 

have isotopes. What is the range of the number of 

isotopes chemical elements have?

 7. Error Analysis What sources of error could have 

led the lab groups to different final values? What 

modifications could you make in this investigation 

to reduce the incidence of error?

©Janet Horton photography
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Download quizzes, key 
terms, and flash cards 
from glencoe.com.

BIG Idea Atoms are the fundamental building blocks of matter.

Section 4.1Section 4.1 Early Ideas About Matter

MAIN Idea The ancient Greeks 
tried to explain matter, but the 
scientific study of the atom began 
with John Dalton in the early 1800s.

Vocabulary
• Dalton’s atomic theory (p. 104)

Key Concepts
• Democritus was the first person to propose the existence of atoms.

• According to Democritus, atoms are solid, homogeneous, and indivisible.

• Aristotle did not believe in the existence of atoms. 

• John Dalton’s atomic theory is based on numerous scientific experiments. 

Section 4.2Section 4.2 Defining the Atom

MAIN Idea An atom is made of 
a nucleus containing protons and 
neutrons; electrons move around 
the nucleus.

Vocabulary
• atom (p. 106)
• cathode ray (p. 108)
• electron (p. 108)
• neutron (p. 113)
• nucleus (p. 112)
• proton (p. 113)

Key Concepts
• An atom is the smallest particle of an element that maintains the properties of 

that element.

• Electrons have a 1- charge, protons have a 1+ charge, and neutrons have no 
charge.

• An atom consists mostly of empty space surrounding the nucleus.

Section 4.3Section 4.3 How Atoms Differ

MAIN Idea The number of protons 
and the mass number define the 
type of atom.

Vocabulary
• atomic mass (p. 119) 
• atomic mass unit (amu) (p. 119)
• atomic number (p. 115)
• isotope (p. 117)
• mass number (p. 117)

Key Concepts
• The atomic number of an atom is given by its number of protons. The mass 

number of an atom is the sum of its neutrons and protons.

atomic number = number of protons = number of electrons 

mass number =  atomic number + number of neutrons

• Atoms of the same element with different numbers of neutrons are called isotopes.

• The atomic mass of an element is a weighted average of the masses of all of its 
naturally occuring isotopes. 

Section 4.4Section 4.4 Unstable Nuclei and Radioactive Decay

MAIN Idea Unstable atoms emit 
radiation to gain stability.

Vocabulary
• alpha particle (p. 123)
• alpha radiation (p. 123)
• beta particle (p. 123)
• beta radiation (p. 123)
• gamma ray (p. 124)
• nuclear equation (p. 123)
• nuclear reaction (p. 122)
• radioactivity (p. 122)
• radiation (p. 122)
• radioactive decay (p. 122)

Key Concepts
• Chemical reactions involve changes in the electrons surrounding an atom. 

Nuclear reactions involve changes in the nucleus of an atom.

• There are three types of radiation: alpha (charge of 2+), beta (charge of 1-), 
and gamma (no charge).

• The neutron-to-proton ratio of an atom’s nucleus determines its stability.

http://glencoe.com
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Section 4.1
Mastering Concepts

 30. Who originally proposed the concept that matter is 

composed of tiny, indivisible particles? 

 31. Whose work is credited with being the beginning of 

modern atomic theory? 

 32. Distinguish between Democritus’s ideas and Dalton’s 

atomic theory.

 33. Ideas and Scientific Methods Was Democritus’s pro-

posal of the existence of atoms based on scientific meth-

ods or ideas?  Explain.

 34. Explain why Democritus was unable to experimentally 

verify his ideas. 

  35. What was Aristotle’s objection to the atomic theory?

  36. State the main points of Dalton’s atomic theory using 

your own words. Which parts of Dalton’s theory were 

later found to be erronous? Explain why. 

 37. Conservation of Mass Explain how Dalton’s atomic 

theory offered a convincing explanation of the observa-

tion that mass is conserved in chemical reactions. 

 38. Define matter and give two everyday examples.

Section 4.2
Mastering Concepts

 39. What particles are found in the nucleus of an atom? 

What is the charge of the nucleus? 

 40. How was the overall charge distributed in the plum 

pudding model?

 41. How did the charge distribution in the plum pudding 

model affect alpha particles passing through an atom?

a

b
c

■ Figure 4.22

 42. Label the subatomic particles shown in Figure 4.22.

 43. Arrange the following subatomic particles in order of 

increasing mass:  neutron, electron, and proton. 

 44. Explain why atoms are electrically neutral. 

 45. What is the charge of the nucleus of element 89? 

 46. Which particles account for most of an atom’s mass? 

 47. If you had a balance that could determine the mass of a 

proton, how many electrons would you need to weigh 

on the same balance to measure the same mass as that of 

a single proton?

 48. Cathode-Ray Tubes Which subatomic particle was dis-

covered by researchers working with cathode-ray tubes? 

 49. What experimental results led to the conclusion that 

electrons were part of all forms of matter? 

Cathode Anode

+

Tube filled with
low-pressure gas Cathode ray

-

■ Figure 4.23 

 50. Cathode Ray  Use the elements labeled in Figure 4.23 

to explain the direction of a cathode ray inside a 

cathode-ray tube. 

 51. Briefly explain how Rutherford discovered the nucleus.

52. Particle Deflection What caused the deflection of the 

alpha particles in Rutherford’s gold foil experiment? 

 53. Charge of Cathode Rays How was an electric field 

used to determine the charge of a cathode ray?

 54. Explain what keeps the electrons confined in the space 

surrounding the nucleus.

 55. What is the approximate size of an atom? 

 56. Vizualizing Atoms What technique can be used to 

visualize individual atoms? 

 57. What are the strengths and weaknesses of Rutherford’s 

nuclear model of the atom?

Section 4.3
Mastering Concepts

 58. How do isotopes of a given element differ? How are they 

similar? 

 59. How is an atom’s atomic number related to its number of 

protons? To its number of electrons? 

 60. How is the mass number related to the number of pro-

tons and neutrons an atom has?

http://glencoe.com
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 61. How can you determine the number of neutrons in an 

atom if its mass number and its atomic number are 

known. 

 62. What do the superscript and subscript in the notation 
 
19

     40    K represent?

 63. Standard Units Define the atomic mass unit. What 

were the benefits of developing the atomic mass unit as a 

standard unit of mass? 

 64. Isotopes Are the following elements isotopes of each 

other? Explain.

      12
     24    Mg,       12

     25    Mg,       12
     26    Mg

 65. Does the existence of isotopes contradict part of Dalton’s 

original atomic theory? Explain. 

Mastering Problems
 66. How many protons and electrons are contained in an 

atom of element 44?

 67. Carbon A carbon atom has a mass number of 12 and 

an atomic number of 6. How many neutrons does it 

have?

 68. Mercury An isotope of mercury has 80 protons and 120 

neutrons. What is the mass number of this isotope?

 69. Xenon An isotope of xenon has an atomic number of 

54 and contains 77 neutrons. What is the xenon isotope’s 

mass number?

 70. If an atom has 18 electrons, how many protons does 

it have? 

 71. Sulfur Show that the atomic mass of the element sulfur 

is 32.065 amu. 

 72. Fill in the blanks in Table 4.6.

  

Table 4.6 Chlorine and Zirconium

Element Cl Cl Zr Zr

Atomic number 17 40

Mass number 35 37 92

Protons 40

Neutrons 50

Electrons 17

 73. How many electrons, protons, and neutrons are 

contained in each atom?

 a.       55
     132
  Cs c.       69

     163
  Tm

 b.      27
     59    Co d.      30

     70    Zn

 74. How many electrons, protons, and neutrons are 

contained in each atom?

 a. gallium-69 c. titanium-48

 b. fluorine-23 d. tantalum-181

 75. For each chemical symbol, determine the number of 

protons and electrons an atom of the element contains.

 a. V c. Ir

 b. Mn d. S

 76. Gallium, which has an atomic mass of 69.723 amu, has 

two naturally occurring isotopes, Ga-69 and Ga-71. 

Which isotope occurs in greater abundance? Explain.

 77. Atomic Mass of Silver Silver has two isotopes: 

 
47

     107
  Ag, which has a mass of 106.905 amu and a percent 

abundance of 52.00%, and       47
     109
  Ag, which has a mass of 

108.905 amu and an percent abundance of 48.00%. 

What is the atomic mass of silver? 

 78. Data for chromium’s four naturally occuring isotopes are 

provided in Table 4.7. Calculate chromium’s atomic mass.

  

Table 4.7 Chromium Isotope Data

  Isotope Percent Abundance  Mass (amu)

Cr-50 4.35 49.946

Cr-52 83.79 51.941

Cr-53 9.50 52.941

Cr-54 2.36 53.939

Section 4.4
Mastering Concepts

 79. What is radioactive decay?

 80. Why are some atoms radioactive?

 81. Discuss how radioactive atoms gain stability.

 82. Define alpha particle, beta particle, and gamma ray.

 83. Write the symbols used to denote alpha, beta, and 

gamma radiation and give their mass and charge. 

 84. What type of reaction involves changes in the nucleus of 

an atom? 

 85. Radioactive Emissions What change in mass number 

occurs when a radioactive atom emits an alpha particle? 

A beta particle? A gamma particle? 

 86. What is the primary factor that determines whether an 

nucleus is stable or unstable? 

 87. Explain how energy loss and nuclear stability are related 

to radioactive decay. 

 88. Explain what must occur before a radioactive atom stops 

to undergo further radioactive decay. 

 89. Boron-10 emits alpha particles and cesium-137 emits 

beta particles. Write balanced nuclear reactions for each 

radioactive decay.
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Mixed Review

 90. Determine what was wrong with Dalton’s theory and 

provide the most recent version of the atomic structure.

 91. Cathode-Ray Tube Describe a cathode-ray tube and 

how it operates.

 92. Subatomic Particles Explain how J. J. Thomson’s deter-

mination of the charge-to-mass ratio of the electron led 

to the conclusion that atoms were composed of sub-

atomic particles.

 93. Gold Foil Experiment How did the actual results of 

Rutherford’s gold foil experiment differ from the results 

he expected?

 94. If a nucleus contains 12 protons, how many electrons are 

in the neutral atom? Explain. 

 95. An atom’s nucleus has 92 protons and its mass number is 

235. How many neutrons are in the nucleus? What is the 

name of the atom?

 96. Complete Table 4.8.

Table 4.8 Composition of Various Isotopes

Isotope Zn-64

Atomic number 9 11

Mass number 32 23

Number of protons 16

Number of neutrons 24 10

Number of electrons 20

 97. Approximately how many times greater is the diameter 

of an atom than the diameter of its nucleus? Knowing 

that most of an atom’s mass is contained in the nucleus, 

what can you conclude about the density of the nucleus?

 98. Is the charge of a nucleus positive, negative, or zero?

The charge of an atom?

 99. Why are electrons in a cathode-ray tube deflected by 

electric fields?

 100. What was Henry Moseley’s contribution to the modern 

understanding of the atom?

 101. What is the mass number of potassium-39? What is the 

isotope’s charge?

 102. Boron-10 and boron-11 are the naturally occurring iso-

topes of elemental boron. If boron has an atomic mass of 

10.81 amu, which isotope occurs in greater abundance?

 103. Semiconductors Silicon is important to the semicon-

ductor manufacturing industry. The three naturally 

occuring isotopes of silicon are silicon-28, silicon-29, 

and silicon-30. Write the symbol for each.

 104. Titanium Use Table 4.9 to calculate the atomic mass of 

titanium. 

Table 4.9 Titanium Isotopes

Isotope Atomic Mass (amu) Relative Abundance (%)

Ti-46 45.953 8.00

Ti-47 46.952 7.30

Ti-48 47.948 73.80

Ti-49 48.948 5.50

Ti-50 49.945 5.40

 105. Describe how each type of radiation affects an atom’s 

atomic number and mass number.

 106. Relative Abundances Magnesium constitutes about 2% 

of Earth’s crust and has three naturally occurring iso-

topes. Suppose you analyze a mineral and determine 

that it contains the three isotopes in the following pro-

portions: Mg-24 (abundance = 79%), Mg-25 (abun-

dance = 10%), and Mg-26 (abundance = 11%). If your 

friend analyzes a different mineral containing magne-

sium, do you expect her to obtain the same relative 

abundances for each magnesium isotope? Explain your 

reasoning.

+ -

■ Figure 4.24 

 107. Radiation Identify the two types of radiation shown in 

Figure 4.24. Explain your reasoning.

Think Critically

 108. Formulate How were scientific methods used to deter-

mine the model of the atom? Why is the model consid-

ered a theory?

 109. Discuss What experiment led to the dispute of J. J. 

Thomson’s plum pudding atomic model? Explain your 

answer. 

 110. Apply Which is greater, the number of compounds or 

the number of elements? The number of elements or the 

number of isotopes? Explain.
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 111. Analyze An element has three naturally occurring iso-

topes. What other information must you know in order 

to calculate the element’s atomic mass?

 112. Apply If atoms are primarily composed of empty space, 

explain why you cannot pass your hand through a solid 

object.

 113. Formulate Sketch a modern atomic model of a typical 

atom and identify where each type of subatomic particle 

would be located.

 114. Apply Indium has two naturally occurring isotopes 

and an atomic mass of 114.818 amu. In-113 has a mass 

of 112.904 amu and an abundance of 4.3%. What is 

the identity and percent abundance of indium’s other 

isotope?

 115. Infer Sulfur’s average atomic mass is close to the whole 

number 32. Chlorine’s average atomic mass is 35.453, 

which is not a whole number. Suggest a possible reason 

for this difference.

Challenge ProblemChallenge Problem

 116. Magnesium Isotopes Compute the mass number, 

X, of the third isotope of magnesium given that the 

respective abundances of the naturally occurring iso-

topes are: 79.0%, 10%, and 11% for       12
     24    Mg,       12

     25    Mg,       12
     X

  Mg . 

The relative atomic mass of magnesium is 24.305 amu.

Cumulative Review

 117. How is a qualitative observation different from a quanti-

tative observation? Give an example of each. (Chapter 1)

 118. A 1.0-c    m  3     block of gold can be flattened to a thin sheet 

that averages 3.0 × 1    0  -8     cm thick. What is the area (in  

cm  2 ) of the flattened gold sheet? (Chapter 2)

119. A piece of paper has an area of 603 c    m  2    . How many 

sheets of paper would the sheet of gold mentioned in 

problem 118 cover? (Chapter 2)

 120. Classify each mixture as heterogeneous or homoge-

neous. (Chapter 3)

 a. salt water

 b.  vegetable soup

 c. 14-K gold

 d. concrete

 121. Determine whether each change is physical or chemical. 

(Chapter 3)

 a. Water boils.

 b. A match burns.

 c. Sugar dissolves in water.

 d. Sodium reacts with water.

 e. Ice cream melts.

 122. Television and Computer Screens Describe how 

cathode rays are used to generate television and com-

puter monitor images. 

 123. The Standard Model The standard model of particle 

physics describes all of the known building blocks of 

matter. Research the particles included in the stan-

dard model. Write a short report describing the 

known particles and those thought to exist but not yet 

detected experimentally.

 124. STM Individual atoms can be seen using a sophisti-

cated device known as a scanning tunneling micro-

scope. Write a short report on how the scanning 

tunneling microscope works and create a gallery of 

this microscope’s images from sources such as books, 

magazines, and the Internet.

Document-Based Questions
Zirconium is a lustrous, gray-white metal. Because of its 

high resistance to corrosion and its low cross section for neu-

tron absorption, it is often used in nuclear reactors. It can 

also be processed to produce gems that look like diamonds 

and are used in jewelry. 

Table 4.10  shows the relative abundances of zirconium 

isotopes.

Table 4.10 Relative Abundances of Zirconium Isotopes

Element Relative Abundance

Zirconium-90 51.4

Zirconium-91 11.2

Zirconium-92 17.2

Zirconium-94 17.4

Zirconium-96 2.8

Data obtained from: Lide, David R., ed. 2005. CRC Handbook of Chemistry and Physics. 
Boca Raton: CRC Press. . 

 125. What is the mass number of each zircomium isotope?

 126. Compute the number of protons and neutrons for 

each zirconium isotope. 

 127. Does the number of protons or neutrons remain the 

same for all isotopes? Explain.

 128. Based on the relative abundances of each isotope, 

predict to which isotope’s mass the average atomic 

mass of zirconium is going to be closest.

 129. Calculate the weighted average atomic mass of 

zirconium.

http://glencoe.com


132 Chapter 4 • Assessment

Standardized Test Practice
Cumulative

Multiple Choice

Standardized Test Practice glencoe.com

 1. Which describes an atom of plutonium?

A. It can be divided into smaller particles that retain 

all the properties of plutonium.

B. It cannot be divided into smaller particles that 

retain all the properties of plutonium.

C. It does not possess all the properties of a larger 

quantity of plutonium.

D. It has an atomic number of 244.

 2. Neptunium’s only naturally occurring isotope ,    93
    237
  Np, 

decays by emitting one alpha particle, one beta parti-

cle, and one gamma ray. What is the new atom 

formed from this decay?

A.       92
    233
  U

B.       93
    241
  Np

C.       90
    233
  Th

D.       92
    241
  U

 3. Which type of matter has a definite composition 

throughout and is made of more than one type of

element?

A. heterogeneous mixture

B. homogeneous mixture

C. element

D. compound

Use the diagram below to answer Question 4.

X Y Z

Key

Atom of Element A 
Atom of Element B 

=

=

 4. Which diagram shows a mixture?

A. X C. Z

B. Y D. both X and Z 

 5. The Moon is approximately 384,400 km from Earth. 

What is this value in scientific notation?

A. 384.4 × 1  0  3   km C. 3.844 × 1   0  -5    km

B. 3.844 × 1  0  5   km D. 3844 × 1   0  -2    km

 6. Why does an atom have no net electric charge? 

A. Its subatomic particles carry no electric charges.

B. The positively charged protons cancel out the 

negatively charged neutrons.

C. The positively charged neutrons cancel out the 

negatively charged electrons.

D. The positively charged protons cancel out the 

negatively charged electrons.

 7. How many neutrons, protons, and electrons does 

     52
    126
  Te have?

A. 126 neutrons, 52 protons, and 52 electrons

B. 74 neutrons, 52 protons, and 52 electrons

C. 52 neutrons, 74 protons, and 74 electrons

D. 52 neutrons, 126 protons, and 126 electrons

Use the figure below to answer Question 7.

 8. Record the length of this paper clip to the appropri-

ate number of significant digits.

A. 31 mm C. 30.1 mm

B. 31.1 mm D. 31.15 mm

 9. Element X has an unstable nucleus due to an over-

abundance of neutrons. All are likely to occur 

EXCEPT

A. element X will undergo radioactive decay.

B. element X will eventually become a stable, non-

radioactive element.

C. element X will gain more protons to balance the 

neutrons it possesses.

D. element X will spontaneously lose energy.

 10. What makes up most of the volume of an atom? 

A. protons

B. neutrons

C. electrons

D. empty space
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 11. A 36.41-g sample of calcium carbonate (CaC   O  3   ) 

contains 14.58 g of calcium and 4.36 g of carbon. 

What is the mass of oxygen contained in the sam-

ple? What is the percent by mass of each element in 

this compound?

Use the table below to answer Questions 12 and 13.

Characteristics of Naturally Occurring Neon Isotopes

Isotope Atomic 
Number

Mass 
(amu)

Percent 
Abundance

   20 Ne 10 19.992 90.48

   21 Ne 10 20.994 0.27

   22 Ne 10 21.991 9.25

 12. For each isotope listed above, write the number of 

protons, electrons, and neutrons it contains.

 13. Using the data in the table above, calculate the 

average atomic mass of neon.

Extended Response

 14. Assume that Element Q has the following three iso-

topes:    248   Q,    252   Q, and    259   Q. If the atomic mass of Q 

is 258.63, which of its isotopes is most abundant? 

Explain your answer.

 15. Iodine-131 undergoes radioactive decay to form an 

isotope with 54 protons and 77 neutrons. What type 

of decay occurs in this isotope? Explain how you 

can tell.

 16. You are given an aluminum cube. Your measure-

ments show that its sides are 2.14 cm and its mass is 

25.1 g. Explain how you would find its density. If 

the density of aluminumis known to be 2.70 g/c m  3 , 

what is your percent error?

For each question below, indicate whether Statement I is 

true or false and indicate whether Statement II is true or 

false. If Statement II is a correct explanation of Statement 

I, write CE on your paper.

1

1 1
1

1

1

11

1 1

Boron-11Boron-10

NucleusNucleus

5 Neutrons

6 Neutrons

5 Protons

5 Protons

5 Electrons

5 Electrons

 

Statement I Statement II

 17. The two atoms of 
boron pictured above 
are isotopes

BECAUSE they have the same 
number of protons 
but a different 
number of neutrons.

 18. Most alpha particles 
shot at a piece of gold 
foil travel through it

BECAUSE an atom has a large 
nucleus compared to 
its overall size.

 19. A beam of neutrons is 
attracted to the 
charged plates 
surrounding it

BECAUSE neutrons have 
no charge.

 20. Carbon and oxygen 
can form either CO 
or C O  2 

BECAUSE carbon and oxygen 
obey the law of 
definite composition.

 21. A mixture of sand and 
water is 
heterogeneous

BECAUSE water is a compound 
formed from hydroen 
and oxygen. 

NEED EXTRA HELP?

If You Missed 
Question . . . 1 2 3  4 5 6 7 8 9 10 11 12 13 14 15 16 17 18 19 20 21

Review Section . . . 4.2 4.4 3.4 4.2 4.3 3.1 2.2 4.4 2.2 4.2 3.4 4.3 4.3 4.3 4.4 2.3 4.3 4.2 4.2 4.1 3.3

http://glencoe.com

	Chemistry: Matter and Change
	Contents in Brief 
	Table of Contents
	Reading for Information
	Scavenger Hunt
	Chapter 1: Introduction to Chemistry
	Launch Lab
	Section 1.1: A Story of Two Substances
	Section 1.2: Chemistry and Matter
	Section 1.3: Scientific Methods
	MiniLab

	Section 1.4: Scientific Research
	ChemLab
	Chapter 1 Study Guide
	Chapter 1 Assessment
	Standardized Test Practice

	Chapter 2: Analyzing Data
	Launch Lab
	Section 2.1: Units and Measurements
	MiniLab

	Section 2.2: Scientific Notation and Dimensional Analysis
	Section 2.3: Uncertainty in Data
	Section 2.4: Representing Data
	ChemLab
	Chapter 2 Study Guide
	Chapter 2 Assessment
	Standardized Test Practice

	Chapter 3: Matter—Properties and Changes 
	Launch Lab
	Section 3.1: Properties of Matter
	Section 3.2: Changes in Matter
	Section 3.3: Mixtures of Matter
	MiniLab

	Section 3.4: Elements and Compounds
	ChemLab
	Chapter 3 Study Guide
	Chapter 3 Assessment
	Standardized Test Practice

	Chapter 4: The Structure of the Atom
	Launch Lab
	Section 4.1: Early Ideas About Matter
	Section 4.2: Defining the Atom
	Section 4.3: How Atoms Differ
	MiniLab

	Section 4.4: Unstable Nuclei and Radioactive Decay
	ChemLab
	Chapter 4 Study Guide
	Chapter 4 Assessment
	Standardized Test Practice

	Chapter 5: Electrons in Atoms
	Launch Lab
	Section 5.1: Light and Quantized Energy
	MiniLab

	Section 5.2: Quantum Theory and the Atom
	Section 5.3: Electron Configuration
	ChemLab
	Chapter 5 Study Guide
	Chapter 5 Assessment
	Standardized Test Practice

	Chapter 6: The Periodic Table and Periodic Law
	Launch Lab
	Section 6.1: Development of the Modern Periodic Table
	Section 6.2: Classification of the Elements
	Section 6.3: Periodic Trends
	MiniLab

	ChemLab
	Chapter 6 Study Guide
	Chapter 6 Assessment
	Standardized Test Practice

	Chapter 7: Ionic Compounds and Metals
	Launch Lab
	Section 7.1: Ion Formation
	Section 7.2: Ionic Bonds and Ionic Compounds
	Section 7.3: Names and Formulas for Ionic Compounds
	Section 7.4: Metallic Bonds and the Properties of Metals
	MiniLab

	ChemLab
	Chapter 7 Study Guide
	Chapter 7 Assessment
	Standardized Test Practice

	Chapter 8: Covalent Bonding
	Launch Lab
	Section 8.1: The Covalent Bond
	MiniLab

	Section 8.2: Naming Molecules
	Section 8.3: Molecular Structures
	Section 8.4: Molecular Shapes
	Section 8.5: Electronegativity and Polarity
	ChemLab
	Chapter 8 Study Guide
	Chapter 8 Assessment
	Standardized Test Practice

	Chapter 9: Chemical Reactions
	Launch Lab
	Section 9.1: Reactions and Equations
	Section 9.2: Classifying Chemical Reactions
	Section 9.3: Reactions in Aqueous Solutions
	MiniLab

	ChemLab
	Chapter 9 Study Guide
	Chapter 9 Assessment
	Standardized Test Practice

	Chapter 10: The Mole
	Launch Lab
	Section 10.1: Measuring Matter
	Section 10.2: Mass and the Mole
	Section 10.3: Moles of Compounds
	Section 10.4: Empirical and Molecular Formulas
	MiniLab

	Section 10.5: Formulas of Hydrates
	ChemLab
	Chapter 10 Study Guide
	Chapter 10 Assessment
	Standardized Test Practice

	Chapter 11: Stoichiometry
	Launch Lab
	Section 11.1: Defining Stoichiometry
	Section 11.2: Stoichiometric Calculations
	MiniLab

	Section 11.3: Limiting Reactants
	Section 11.4: Percent Yield
	ChemLab
	Chapter 11 Study Guide
	Chapter 11 Assessment
	Standardized Test Practice

	Chapter 12: States of Matter
	Launch Lab
	Section 12.1: Gases
	Section 12.2: Forces of Attraction
	Section 12.3: Liquids and Solids
	MiniLab

	Section 12.4: Phase Changes
	ChemLab
	Chapter 12 Study Guide
	Chapter 12 Assessment
	Standardized Test Practice

	Chapter 13: Gases
	Launch Lab
	Section 13.1: The Gas Laws
	Section 13.2: The Ideal Gas Law
	MiniLab

	Section 13.3: Gas Stoichiometry
	ChemLab
	Chapter 13 Study Guide
	Chapter 13 Assessment
	Standardized Test Practice

	Chapter 14: Mixtures and Solutions
	Launch Lab
	Section 14.1: Types of Mixtures
	Section 14.2: Solution Concentration
	Section 14.3: Factors Affecting Solvation
	Section 14.4: Colligative Properties of Solutions
	MiniLab

	ChemLab
	Chapter 14 Study Guide
	Chapter 14 Assessment
	Standardized Test Practice

	Chapter 15: Energy and Chemical Change
	Launch Lab
	Section 15.1: Energy
	Section 15.2: Heat
	MiniLab

	Section 15.3: Thermochemical Equations
	Section 15.4: Calculating Enthalpy Change
	Section 15.5: Reaction Spontaneity
	ChemLab
	Chapter 15 Study Guide
	Chapter 15 Assessment
	Standardized Test Practice

	Chapter 16: Reaction Rates
	Launch Lab
	Section 16.1: A Model for Reaction Rates
	Section 16.2: Factors Affecting Reaction Rates
	MiniLab

	Section 16.3: Reaction Rate Laws
	Section 16.4: Instantaneous Reaction Rates and Reaction Mechanisms
	ChemLab
	Chapter 16 Study Guide
	Chapter 16 Assessment
	Standardized Test Practice

	Chapter 17: Chemical Equilibrium
	Launch Lab
	Section 17.1: A State of Dynamic Balance
	Section 17.2: Factors Affecting Chemical Equilibrium
	MiniLab

	Section 17.3: Using Equilibrium Constants
	ChemLab
	Chapter 17 Study Guide
	Chapter 17 Assessment
	Standardized Test Practice

	Chapter 18: Acids and Bases
	Launch Lab
	Section 18.1: Introduction to Acids and Bases
	Section 18.2: Strengths of Acids and Bases
	MiniLab

	Section 18.3: Hydrogen Ions and pH
	Section 18.4: Neutralization
	ChemLab
	Chapter 18 Study Guide
	Chapter 18 Assessment
	Standardized Test Practice

	Chapter 19: Redox Reactions
	Launch Lab
	Section 19.1: Oxidation and Reduction
	MiniLab

	Section 19.2: Balancing Redox Equations
	ChemLab
	Chapter 19 Study Guide
	Chapter 19 Assessment
	Standardized Test Practice

	Chapter 20: Electrochemistry
	Launch Lab
	Section 20.1: Voltaic Cells
	Section 20.2: Batteries
	MiniLab

	Section 20.3: Electrolysis
	ChemLab
	Chapter 20 Study Guide
	Chapter 20 Assessment
	Standardized Test Practice

	Chapter 21: Hydrocarbons
	Launch Lab
	Section 21.1: Introduction to Hydrocarbons
	Section 21.2: Alkanes
	Section 21.3: Alkenes and Alkynes
	MiniLab

	Section 21.4: Hydrocarbon Isomers
	Section 21.5: Aromatic Hydrocarbons
	ChemLab
	Chapter 21 Study Guide
	Chapter 21 Assessment
	Standardized Test Practice

	Chapter 22: Substituted Hydrocarbons and Their Reactions
	Launch Lab
	Section 22.1: Alkyl Halides and Aryl Halides
	Section 22.2: Alcohols, Ethers, and Amines
	Section 22.3: Carbonyl Compounds
	MiniLab

	Section 22.4: Other Reactions of Organic Compounds
	Section 22.5: Polymers
	ChemLab
	Chapter 22 Study Guide
	Chapter 22 Assessment
	Standardized Test Practice

	Chapter 23: The Chemistry of Life
	Launch Lab
	Section 23.1: Proteins
	Section 23.2: Carbohydrates
	Section 23.3: Lipids
	MiniLab

	Section 23.4: Nucleic Acids
	Section 23.5: Metabolism
	ChemLab
	Chapter 23 Study Guide
	Chapter 23 Assessment
	Standardized Test Practice

	Chapter 24: Nuclear Chemistry
	Launch Lab
	Section 24.1: Nuclear Radiation
	Section 24.2: Radioactive Decay
	MiniLab

	Section 24.3: Nuclear Reactions
	Section 24.4: Applications and Effects of Nuclear Reactions
	ChemLab
	Chapter 24 Study Guide
	Chapter 24 Assessment
	Standardized Test Practice

	Student Resources
	Elements Handbook
	Hydrogen
	Group 1: Alkali Metals
	Group 2: Alkaline Earth Metals
	Group 3-12: Transition Elements
	Group 13: Boron Group
	Group 14: Carbon Group
	Group 15: Nitrogen Group
	Group 16: Oxygen Group
	Group 17: Halogen Group
	Group 18: Noble Gases

	Math Handbook
	Scientific Notation
	Operations with Scientific Notation
	Square and Cube Root
	Significant Figures
	Solving Algebraic Equations
	Dimensional Analysis
	Unit Conversion
	Drawing Line Graphs
	Using Line Graphs
	Ratios, Fractions, and Percents
	Operations Involving Fractions
	Logarithms and Antilogarithms

	Reference Tables
	R-1: Color Key
	R-2: Symbols and Abbreviations
	R-3: Solubility Product Constants
	R-4: Physical Constants
	R-5: Names and Charges of Polyatomic Ions
	R-6: Ionization Constants
	R-7: Properties of Elements
	R-8: Solubility Guidelines
	R-9: Specific Heat Values
	R-10: Molal Freezing-Point Depression and Boiling-Point Elevation Constants
	R-11: Heat of Formation Values

	Supplemental Practice Problems
	Solutions to Selected Practice Problems
	Glossary/Glosario
	Index
	Credits


	Features
	Launch Lab
	Problem-Solving Lab
	Data Analysis Lab
	MiniLab
	ChemLab
	Problem-Solving Strategies
	How It Works
	Everyday Chemistry
	Chemistry & Health
	In the Field
	Careers in Chemistry
	Concepts in Motion



	Student Worksheets
	Chemistry: Matter and Change Ch. 1-4 Resources
	Student Lab Safety Form
	Chapter 1: Introduction to Chemistry
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 2: Analyzing Data
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 3: Matter—Properties and Changes 
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 4: The Structure of the Atom
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet


	Chemistry: Matter and Change Ch. 5-8 Resources
	Student Lab Safety Form
	Chapter 5: Electrons in Atoms
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 6: The Periodic Table and Periodic Law
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 7: Ionic Compounds and Metals
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 8: Covalent Bonding
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet


	Chemistry: Matter and Change Ch. 9-12 Resources
	Student Lab Safety Form
	Chapter 9: Chemical Reactions
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 10: The Mole
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 11: Stoichiometry
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 12: States of Matter
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet


	Chemistry: Matter and Change Ch. 13-16 Resources
	Student Lab Safety Form
	Chapter 13: Gases
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 14: Mixtures and Solutions
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 15: Energy and Chemical Change
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 16: Reaction Rates
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet


	Chemistry: Matter and Change Ch. 17-20 Resources
	Student Lab Safety Form
	Chapter 17: Chemical Equilibrium
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 18: Acids and Bases
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 19: Redox Reactions
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 20: Electrochemistry
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet


	Chemistry: Matter and Change Ch. 21-24 Resources
	Student Lab Safety Form
	Chapter 21: Hydrocarbons
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 22: Substituted Hydrocarbons and Their Reactions
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 23: The Chemistry of Life
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet

	Chapter 24: Nuclear Chemistry
	MiniLab
	ChemLab
	Teaching Transparency Masters and Worksheets
	Math Skills Transparency Masters and Worksheets
	Study Guide
	STP Recording Sheet


	Chemistry Test Prep
	To the Student
	Chapter 1: Introduction to Chemistry
	Chapter 2: Analyzing Data
	Chapter 3: Matter—Properties and Changes 
	Chapter 4: The Structure of the Atom
	Chapter 5: Electrons in Atoms
	Chapter 6: The Periodic Table and Periodic Law
	Chapter 7: Ionic Compounds and Metals
	Chapter 8: Covalent Bonding
	Chapter 9: Chemical Reactions
	Chapter 10: The Mole
	Chapter 11: Stoichiometry
	Chapter 12: States of Matter
	Chapter 13: Gases
	Chapter 14: Mixtures and Solutions
	Chapter 15: Energy and Chemical Change
	Chapter 16: Reaction Rates
	Chapter 17: Chemical Equilibrium
	Chapter 18: Acids and Bases
	Chapter 19: Redox Reactions
	Chapter 20: Electrochemistry
	Chapter 21: Hydrocarbons
	Chapter 22: Substituted Hydrocarbons and Their Reactions
	Chapter 23: The Chemistry of Life
	Chapter 24: Nuclear Chemistry

	Calculator-Based Lab Manual
	To the Student
	Organization of Activities
	Sending Data to Graphical Analysis
	CBL Equipment
	Safety in the Laboratory
	Safety Symbols
	Laboratory Activities
	Lab 1: Quantitative and Qualitative Observations
	Lab 2: Conductivity
	Lab 3: Melting and Freezing Points
	Lab 4: Boyle’s Law
	Lab 5: Gay-Lussac’s Law
	Lab 6: Determining Molar Mass Using Freezing Point Depression
	Lab 7: Calorimetry
	Lab 8: Hess’s Law
	Lab 9: Determine the Molar Mass of an Unknown Acid
	Lab 10: Reaction Potentials of Metals


	Chemistry Challenge Problems
	Chapter 1: Production of Chlorofluorocarbons, 1950–1992
	Chapter 2: Population Trends in the United States
	Chapter 3: Physical and Chemical Changes
	Chapter 4: Isotopes of an Element
	Chapter 5: Quantum Numbers
	Chapter 6: Döbereiner’s Triads
	Chapter 7: Abundance of the Elements
	Chapter 8: Comparing the Structures of Atoms and Ions
	Chapter 9: Exceptions to the Octet Rule
	Chapter 10: Balancing Chemical Equations
	Chapter 11: Using Mole-Based Conversions
	Chapter 12: Mole Relationships in Chemical Reactions
	Chapter 13: Intermolecular Forces and Boiling Points
	Chapter 14: A Simple Mercury Barometer
	Chapter 15: Vapor Pressure Lowering
	Chapter 16: Standard Heat of Formation
	Chapter 17: Determining Reaction Rates
	Chapter 18: Changing Equilibrium Concentrations in a Reaction
	Chapter 19: Swimming Pool Chemistry
	Chapter 20: Balancing Oxidation–Reduction Equations
	Chapter 21: Effect of Concentration on Cell Potential
	Chapter 22: Structural Isomers of Hexane
	Chapter 23: Boiling Points of Organic Families
	Chapter 24: The Chemistry of Life
	Chapter 25: The Production of Plutonium-239 
	Chapter 26: The Phosphorus Cycle

	Chemistry Forensics Lab Manual
	Introduction to Forensic Science: To the Student
	Forensic Skills: Observing the Scene and Collecting Data
	Forensic Skills: Fingerprints
	Forensic Skills: Blood Identification
	The Truth Table
	Safety in the Laboratory
	Safety Symbols
	Crime A: The Counterfeit Coin Caper
	Lab A1: What Metal Can It Be?
	Lab A2: Separation of a Mixture
	Lab A3: Analyzing and Identifying White Solids

	Crime B: The Case of the Problem Patent
	Lab B1: Using Paper Chromatography to Separate a Mixture
	Lab B2: Conductivity
	Lab B3: pH
	Lab B4: Effects of Acids and Bases on the Color of a Dye

	Crime C: The Case of the Fallen Walkway
	Lab C1: Oxidation and Reduction
	Lab C2: Sources and Causes of Corrosion
	Lab C3: Identifying Sacrificial Metals


	Laboratory Manual
	How to Use This Laboratory Manual
	Writing a Laboratory Report
	Laboratory Equipment
	Safety in the Laboratory
	Safety Symbols
	Laboratory Activities
	Chapter 1: Introduction to Chemistry
	1.1: Laboratory Techniques and Lab Safety
	1.2: Effective Use of a Bunsen Burner

	Chapter 2: Data Analysis
	2.1: Density
	2.2: Making a Graph

	Chapter 3: Matter—Properties and Changes
	3.1: The Density of Wood
	3.2: Properties of Water

	Chapter 4: The Structure of the Atom
	4.1: Simulation of Rutherford’s Gold Foil Experiment
	4.2: Half-life of Barium-137m

	Chapter 5: Electrons in Atoms
	5.1: The Photoelectric Effect
	5.2: Electron Charge to Mass Ratio

	Chapter 6: The Periodic Table and Periodic Law
	6.1: Properties of the Periodic Table
	6.2: Periodic Trends in the Periodic Table

	Chapter 7: Ionic Compounds and Metals
	7.1: Properties of Ionic Compounds
	7.2: Formation of a Salt

	Chapter 8: Covalent Bonding
	8.1: Covalent Bonding in Medicines
	8.2: Covalent Compounds

	Chapter 9: Chemical Reactions
	9.1: Single-Replacement Reactions
	9.2: Double-Replacement Reactions

	Chapter 10: The Mole
	10.1: Estimating the Size of a Mole
	10.2: Mole Ratios

	Chapter 11: Stoichiometry
	11.1: Observing a Limiting Reactant
	11.2: Determining Reaction Ratios

	Chapter 12: States of Matter
	12.1: Freezing Bacteria
	12.2: Boiling Points

	Chapter 13: Gases
	13.1: Charles’s Law
	13.2: Boyle’s Law

	Chapter 14: Mixtures and Solutions
	14.1: Making a Solubility Curve
	14.2: Freezing Point Depression

	Chapter 15: Energy and Chemical Change
	15.1: Heats of Solution and Reaction
	15.2: Heat of Combustion of Candle Wax

	Chapter 16: Reaction Rates
	16.1: The Rate of a Reaction
	16.2: Surface Area and Reaction Rate

	Chapter 17: Chemical Equilibrium
	17.1: Reversible Reactions
	17.2: Equilibrium

	Chapter 18: Acids and Bases
	18.1: Acids, Bases, and Neutralization
	18.2: Determining the Percent of Acetic Acid in Vinegar

	Chapter 19: Redox Reactions
	19.1: Electron-Losing Tendencies of Metals
	19.2: Determining Oxidation Numbers

	Chapter 20: Electrochemistry
	20.1: Electrolysis of Water
	20.2: Electroplating

	Chapter 21: Hydrocarbons
	21.1: Isomerism
	21.2: The Ripening of Fruit with Ethene

	Chapter 22: Substituted Hydrocarbons and Their Reactions
	22.1: The Characterization of Carbohydrates
	22.2: Polymerization Reactions

	Chapter 23: The Chemistry of Life
	23.1: Denaturation
	23.2: Saturated and Unsaturated Fats

	Chapter 24: Nuclear Chemistry
	24.1: Radioisotope Dating
	24.2: Modeling Isotopes

	Elements Handbook
	EH.1 Is there potassium in coffee?
	EH.2 The Periodic Puzzle
	EH.3 Organisms That Break Down Oil
	EH.4 Growth of Algae as a Function of Nitrogen Concentration



	Chemistry Science Notebook
	Note-Taking Tips
	Chapter 1: Introduction to Chemistry
	Chapter Preview
	Section 1.1: A Story of Two Substances
	Section 1.2: Chemistry and Matter
	Section 1.3: Scientific Methods
	Section 1.4: Scientific Research
	Wrap-Up

	Chapter 2: Analyzing Data
	Chapter Preview
	Section 2.1: Units and Measurements
	Section 2.2: Scientific Notation and Dimensional Analysis
	Section 2.3: Uncertainty in Data
	Section 2.4: Representing Data
	Wrap-Up

	Chapter 3: Matter—Properties and Changes
	Chapter Preview
	Section 3.1: Properties of Matter
	Section 3.2: Changes in Matter
	Section 3.3: Mixtures of Matter
	Section 3.4: Elements and Compounds
	Wrap-Up

	Chapter 4: The Structure of the Atom
	Chapter Preview
	Section 4.1: Early Ideas About Matter
	Section 4.2: Defining the Atom
	Section 4.3: How Atoms Differ
	Section 4.4: Unstable Nuclei and Radioactive Decay
	Wrap-Up

	Chapter 5: Electrons in Atoms
	Chapter Preview
	Section 5.1: Light and Quantized Energy
	Section 5.2: Quantum Theory and the Atom
	Section 5.3: Electron Configuration
	Wrap-Up

	Chapter 6: The Periodic Table and Periodic Law
	Chapter Preview
	Section 6.1: Development of the Modern Periodic Table
	Section 6.2: Classification of the Elements
	Section 6.3: Periodic Trends
	Wrap-Up

	Chapter 7: Ionic Compounds and Metals
	Chapter Preview
	Section 7.1: Ion Formation
	Section 7.2: Ionic Bonds and Ionic Compounds
	Section 7.3: Names and Formulas for Ionic Compounds
	Section 7.4: Metallic Bonds and the Properties of Metals
	Wrap-Up

	Chapter 8: Covalent Bonding
	Chapter Preview
	Section 8.1: The Covalent Bond
	Section 8.2: Naming Molecules
	Section 8.3: Molecular Structures
	Section 8.4: Molecular Shapes
	Section 8.5: Electronegativity and Polarity
	Wrap-Up

	Chapter 9: Chemical Reactions
	Chapter Preview
	Section 9.1: Reactions and Equations
	Section 9.2: Classifying Chemical Reactions
	Section 9.3: Reactions in Aqueous Solutions
	Wrap-Up

	Chapter 10: The Mole
	Chapter Preview
	Section 10.1: Measuring Matter
	Section 10.2: Mass and the Mole
	Section 10.3: Moles of Compounds
	Section 10.4: Empirical and Molecular Formulas
	Section 10.5: Formulas of Hydrates
	Wrap-Up

	Chapter 11: Stoichiometry
	Chapter Preview
	Section 11.1: Defining Stoichiometry
	Section 11.2: Stoichiometric Calculations
	Section 11.3: Limiting Reactants
	Section 11.4: Percent Yield
	Wrap-Up

	Chapter 12: States of Matter
	Chapter Preview
	Section 12.1: Gases
	Section 12.2: Forces of Attraction
	Section 12.3: Liquids and Solids
	Section 12.4: Phase Changes
	Wrap-Up

	Chapter 13: Gases
	Chapter Preview
	Section 13.1: The Gas Laws
	Section 13.2: The Ideal Gas Law
	Section 13.3: Gas Stoichiometry
	Wrap-Up

	Chapter 14: Mixtures and Solutions
	Chapter Preview
	Section 14.1: Types of Mixtures
	Section 14.2: Solution Concentration
	Section 14.3: Factors Affecting Solvation
	Section 14.4: Colligative Properties of Solutions
	Wrap-Up

	Chapter 15: Energy and Chemical Change
	Chapter Preview
	Section 15.1: Energy
	Section 15.2: Heat
	Section 15.3: Thermochemical Equations
	Section 15.4: Calculating Enthalpy Change
	Section 15.5: Reaction Spontaneity
	Wrap-Up

	Chapter 16: Reaction Rates
	Chapter Preview
	Section 16.1: A Model for Reaction Rates
	Section 16.2: Factors Affecting Reaction Rates
	Section 16.3: Reaction Rate Laws
	Section 16.4: Instantaneous Reaction Rates and Reaction Mechanisms
	Wrap-Up

	Chapter 17: Chemical Equilibrium
	Chapter Preview
	Section 17.1: A State of Dynamic Balance
	Section 17.2: Factors Affecting Chemical Equilibrium
	Section 17.3: Using Equilibrium Constants
	Wrap-Up

	Chapter 18: Acids and Bases
	Chapter Preview
	Section 18.1: Introduction to Acids and Bases
	Section 18.2: Strengths of Acids and Bases
	Section 18.3: Hydrogen Ions and pH
	Section 18.4: Neutralization
	Wrap-Up

	Chapter 19: Redox Reactions
	Chapter Preview
	Section 19.1: Oxidation and Reduction
	Section 19.2: Balancing Redox Equations
	Wrap-Up

	Chapter 20: Electrochemistry
	Chapter Preview
	Section 20.1: Voltaic Cells
	Section 20.2: Batteries
	Section 20.3: Electrolysis
	Wrap-Up

	Chapter 21: Hydrocarbons
	Chapter Preview
	Section 21.1: Introduction to Hydrocarbons
	Section 21.2: Alkanes
	Section 21.3: Alkenes and Alkynes
	Section 21.4: Hydrocarbon Isomers
	Section 21.5: Aromatic Hydrocarbons
	Wrap-Up

	Chapter 22: Substituted Hydrocarbons and Their Reactions
	Chapter Preview
	Section 22.1: Alkyl Halides and Aryl Halides
	Section 22.2: Alcohols, Ethers, and Amines
	Section 22.3: Carbonyl Compounds
	Section 22.4: Other Reactions of Organic Compounds
	Section 22.5: Polymers
	Wrap-Up

	Chapter 23: The Chemistry of Life
	Chapter Preview
	Section 23.1: Proteins
	Section 23.2: Carbohydrates
	Section 23.3: Lipids
	Section 23.4: Nucleic Acids
	Section 23.5: Metabolism
	Wrap-Up

	Chapter 24: Nuclear Chemistry
	Chapter Preview
	Section 24.1: Nuclear Radiation
	Section 24.2: Radioactive Decay
	Section 24.3: Nuclear Reactions
	Section 24.4: Applications and Effects of Nuclear Reactions
	Wrap-Up


	Small-Scale Lab Manual
	To the Student
	Small-Scale Laboratory Techniques
	Safety in the Laboratory
	Safety Symbols
	Laboratory Activities
	Lab 1: Small-Scale Laboratory Techniques
	Lab 2: Comparing the Density of Metals
	Lab 3: Separation of Aspirin
	Lab 4: Periodicity and the Properties of Elements
	Lab 5: Properties of Transition Metals
	Lab 6: Modeling Molecular Shapes
	Lab 7: Solutions and Precipitates
	Lab 8: Determining Avogadro’s Number
	Lab 9: Measuring Boiling Point
	Lab 10: Relating Gas Pressure and Gas Volume
	Lab 11: Effect of Temperature on Solubility
	Lab 12: Specific Heat of Metals
	Lab 13: Energy Changes in Chemical and Physical Processes
	Lab 14: Determining Reaction Orders
	Lab 15: Observing Equilibrium
	Lab 16: Exploring Chemical Equilibrium
	Lab 17: Comparing the Strengths of Acids
	Lab 18: Testing the Acidity of Aspirin
	Lab 19: Reduction of Manganese
	Lab 20: Plants Produce Oxygen


	Solving Problems: A Chemistry Handbook
	Chapter 1: Introduction to Chemistry
	1.1: The Stories of Two Chemicals
	1.2: Chemistry and Matter
	1.3: Scientific Methods
	1.4: Scientific Research

	Chapter 2: Analyzing Data
	2.1: Units of Measurement
	2.2: Scientific Notation and Dimensional Analysis
	2.3: How reliable are measurements?
	2.4: Representing Data

	Chapter 3: Matter—Properties and Changes
	3.1: Properties of Matter
	3.2: Changes in Matter
	3.3: Mixtures of Matter
	3.4: Elements and Compounds

	Chapter 4: The Structure of the Atom
	4.1: Early Theories of Matter
	4.2: Subatomic Particles and the Nuclear Atom
	4.3: How Atoms Differ
	4.4: Unstable Nuclei and Radioactive Decay

	Chapter 5: Electrons in Atoms
	5.1: Light and Quantized Energy
	5.2: Quantum Theory and the Atom
	5.3: Electron Configurations

	Chapter 6: The Periodic Table and Periodic Law
	6.1: Development of the Modern Periodic Table
	6.2: Classification of the Elements
	6.3: Periodic Trends

	Chapter 7: Ionic Compounds and Metals
	7.1: Forming Chemical Bonds
	7.2: The Formation and Nature of Ionic Bonds
	7.3: Names and Formulas for Ionic Compounds
	7.4: Metallic Bonds and Properties of Metals

	Chapter 8: Covalent Bonding
	8.1: The Covalent Bond
	8.2: Naming Molecules
	8.3: Molecular Structures
	8.4: Molecular Shape
	8.5: Electronegativity and Polarity

	Chapter 9: Chemical Reactions
	9.1: Reactions and Equations
	9.2: Classifying Chemical Reactions
	9.3: Reactions in Aqueous Solutions

	Chapter 10: The Mole
	10.1: Measuring Matter
	10.2: Mass and the Mole
	10.3: Moles of Compounds
	10.4: Empirical and Molecular Formulas
	10.5: The Formula for a Hydrate

	Chapter 11: Stoichiometry
	11.1: What is stoichiometry?
	11.2: Stoichiometric Calculations
	11.3: Limiting Reactants
	11.4: Percent Yield

	Chapter 12: States of Matter
	12.1: Gases
	12.2: Forces of Attraction
	12.3: Liquids and Solids
	12.4: Phase Changes

	Chapter 13: Gases
	13.1: The Gas Laws
	13.2: The Combined Gas Law and Avogadro’s Principle
	13.3: The Ideal Gas Law
	13.4: Gas Stoichiometry

	Chapter 14: Mixtures and Solutions
	14.1: What are solutions?
	14.2: Solution Concentration
	14.3: Colligative Properties of Solutions
	14.4: Heterogeneous Mixtures

	Chapter 15: Energy and Chemical Change
	15.1: Energy
	15.2: Heat in Chemical Reactions and Processes
	15.3: Thermochemical Equations
	15.4: Calculating Enthalpy Change
	15.5: Reaction Spontaneity

	Chapter 16: Reaction Rates
	16.1: A Model for Reaction Rates
	16.2: Factors Affecting Reaction Rates
	16.3: Reaction Rate Laws
	16.4: Instantaneous Reaction Rates and Reaction Mechanisms

	Chapter 17: Chemical Equilibrium
	17.1: Equilibrium: A State of Dynamic Balance
	17.2: Factors Affecting Chemical Equilibrium
	17.3: Using Equilibrium Constants

	Chapter 18: Acids and Bases
	18.1: Acids and Bases: An Introduction
	18.2: Strengths of Acids and Bases
	18.3: What is pH?
	18.4: Neutralization

	Chapter 19: Redox Reactions
	19.1: Oxidation and Reduction
	19.2: Balancing Redox Equations
	19.3: Half-Reactions

	Chapter 20: Electrochemistry
	20.1: Voltaic Cells
	20.2: Types of Batteries
	20.3: Electrolysis

	Chapter 21: Hydrocarbons
	21.1: Alkanes
	21.2: Cyclic Alkanes and Alkane Properties
	21.3: Alkenes and Alkynes
	21.4: Isomers
	21.5: Aromatic Hydrocarbons and Petroleum

	Chapter 22: Substituted Hydrocarbons and Their Reactions
	22.1: Functional Groups
	22.2: Alcohols, Ethers, and Amines
	22.3: Carbonyl Compounds
	22.4: Other Reactions of Organic Compounds
	22.5: Polymers

	Chapter 23: The Chemistry of Life
	23.1: Proteins
	23.2: Carbohydrates
	23.3: Lipids
	23.4: Nucleic Acids
	23.5: Metabolism

	Chapter 24: Nuclear Chemistry
	24.1: Nuclear Radiation
	24.2: Radioactive Decay
	24.3: Transmutation
	24.4: Fission and Fusion of Atomic Nuclei
	24.5: Applications and Effects of Nuclear Reactions

	Appendices
	A Data Tables
	A-1 SI Prefixes
	A-2 Physical Constants
	A-3 Names and Charges of Polyatomic Ions
	A-4 Ionization Constants
	A-5 Electronegativities
	A-6 Specific Heat Values
	A-7 Molal Freezing and Boiling Point Constants
	A-8 Heat of Formation Values
	A-9 Periodic Tables of Elements
	A-10 Solubility Product Constants
	A-11 Standard Reduction Potentials

	B Logarithms
	B-1 Logarithms and Antilogarithms


	Index

	Supplemental Problems
	Chapter 2: Analyzing Data
	Chapter 3: Matter—Properties and Changes
	Chapter 4: The Structure of the Atom
	Chapter 5: Electrons in Atoms
	Chapter 6: The Periodic Table and Periodic Law
	Chapter 9: Chemical Reactions
	Chapter 10: The Mole
	Chapter 11: Stoichiometry
	Chapter 12: States of Matter
	Chapter 13: Gases
	Chapter 15: Energy and Chemical Change
	Chapter 16: Reaction Rates
	Chapter 17: Chemical Equilibrium
	Chapter 18: Acids and Bases
	Chapter 19: Redox Reactions
	Chapter 20: Electrochemistry
	Chapter 21: Hydrocarbons
	Chapter 23: The Chemistry of Life
	Chapter 24: Nuclear Chemistry


	Internet Link
	Search
	Page Navigator
	Exit



