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SAFETY IN THE CHEMISTRY LABORATORY

Any chemical can be dangerous if it is misused.
Always follow the instructions for the experiment. Pay
close attention to the safety notes. Do not do anything
differently unless told to do so by your teacher.

Chemicals, even water, can cause harm. The
challenge is to know how to use chemicals correctly.
To make sure you are using chemicals correctly, follow
the rules stated below, pay attention to your teacher’s
directions, and obey the cautions on chemical labels
and in an experiment's procedure.

Specific experiments will use a system of Safety
Symbols to highlight specific types of precautions.
No matter what Safety Symbols an experiment may
contain, the following safety rules apply any time you
are in the lab.

BEFORE YOU BEGIN

1. Read the entire activity before entering the lab.
Be familiar with the instructions before beginning
an activity. Do not start an activity until you have
asked your teacher to explain any parts of the
activity that you do not understand.

2. Student-designed procedures or inquiry
activities must be approved by your teacher
before you attempt the procedures or activities.

3. Wear the right clothing for lab work. Before
beginning work, roll up loose sleeves, and put
on any required personal protective equipment
as directed by your teacher. If your hair is longer
than where the bottom of a shirt collar would
be, tie your hair back. Avoid loose clothing or
any kind of jewelry that could knock things over,
catch on fire, get caught in moving parts, contact
electrical connections, or absorb chemical
solutions. In addition, chemical fumes may
react with and ruin some jewelry, such as pearl
jewelry. Wear pants rather than shorts or skirts.
Nylon and polyester fabrics burn and melt more
readily than cotton does. Protect your feet from
chemical spills and falling objects. Do not wear
open-toed shoes, sandals, or canvas shoes in
the lab. Do not apply cosmetics in the lab. Some
hair care products and nail polish are highly
flammable.
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4. Do not wear contact lenses in the lab. Even
though you will be wearing safety goggles,
chemicals could get between contact lenses
and your eyes and could cause irreparable eye
damage. If your doctor requires that you wear
contact lenses instead of glasses, then you
should wear eye-cup safety goggles—similar to
goggles worn for underwater swimming—in the
lab. Ask your doctor or your teacher how to use
eye-cup safety goggles to protect your eyes.

5. Know the location and usage of all safety and
emergency equipment used in the lab. Know
proper fire-drill procedures and the location of
all fire exits. Ask your teacher where the nearest
eyewash stations, safety blankets, safety shower,
fire extinguisher, first-aid kit, and chemical spill
kit are located. Be sure that you know how to
operate the equipment safely.

WHILE YOU ARE WORKING

6. Always wear a lab apron and safety goggles.
Wear these items even if you are not working
on an activity. Labs contain chemicals that can
damage your clothing, skin, and eyes. Keep
the strings of your lab apron tied. If your safety
goggles cloud up or are uncomfortable, ask your
teacher for help. Lengthening the strap slightly or
washing the goggles with soap and warm water
may relieve the problem.




7. NEVER work alone in the lab. Work in the lab
only when supervised by your teacher. Do not
leave assembled equipment unattended.

8. Perform only activities specifically assigned by
your teacher and no others. Use only materials
and equipment listed in the activity or authorized
by your teacher. Steps in a procedure should be
performed only as described in the activity or as
approved by your teacher.

9. Keep your work area neat and uncluttered.
Have only books and other materials that are
needed to conduct the activity in the lab. Keep
backpacks, purses, and other items in your
desk, locker, or other designated storage areas.

10. Always heed safety symbols and cautions
listed in activities, listed on handouts, posted
in the room, provided on chemical labels, and
given verbally by your teacher. Be aware of the
potential hazards of the required materials and
procedures, and follow all precautions indicated.

11. Be alert, and walk with care in the lab. Be aware
of others near you and your equipment.

12. Do not take food, drinks, chewing gum, or
tobacco products into the lab.

13. Use extreme caution when working with hot
plates and other heating devices. Keep your
head, hands, hair, and clothing away from the
flame or heating area. Remember that metal
surfaces connected to the heated area will
become hot by conduction. Use tongs when
heating containers and never hold or touch
them. Gas burners should be lit only with a
spark lighter, not with matches. Make sure that
all heating devices and gas valves are turned off
before you leave the lab. Never leave a heating
device unattended when it is in use. Metal,
ceramic, and glass items may not look hot when
they are. Allow all items to cool before storing.

14. Remember glass breaks easy and can cause
serious cuts. Check the condition of any
glassware before and after using it. Inform your
teacher of any broken, chipped, or cracked
glassware, because it should not be used.
Handle all glassware with care. To protect your
hands, wear heavy cloth gloves or wrap toweling
around the glass and the tubing, stopper, or
cork, and gently push in the glass. Do not pick
up broken glass with your bare hands. Dispose
of broken glass appropriately.

16.

15.

Exercise caution when working with electrical
equipment. Do not use electrical equipment with
frayed or twisted wires. Be sure that your hands
are dry before using electrical equipment. Do not
let electrical cords dangle from work stations.
Dangling cords can cause you to trip and can
cause an electrical shock. The area under and
around electrical equipment should be dry; cords
should not lie in puddles of spilled liquid. In dryer
weather, be careful of static electrical discharges
that may occur when you touch metal objects.
Not only can these hurt, but also they can
sometimes short out electrical circuits.

Do not fool around in the lab. Take your lab
work seriously, and behave appropriately in the
lab. Lab equipment and apparatus are not toys;
never use lab time or equipment for anything
other than the intended purpose. Be aware of
the safety of your classmates as well as your
safety at all times.

WORKING WITH CHEMICALS

17. NEVER taste chemicals or allow them to contact

18.

19.

20.

your skin. Keep your hands away from your face
and mouth, even if you are wearing gloves.

Do not inhale fumes directly. \When instructed to
smell a substance, use your hand to wave the
fumes toward your nose, and inhale gently.

Read chemical labels. Follow the instructions
and safety precautions stated on the labels.

If you are working with flammable liquids, use
only small amounts. Be sure no one else is using
a lit Bunsen burner or is planning to use one
when you are working with flammable liquids,
because the fumes can ignite.

Safety In The Chemistry Laboratory  xxiii



21. For all chemicals, take only what you need.
However, if you do happen to take too much and
have some left over, DO NOT put it back in the
bottle. If somebody accidentally puts a chemical
into the wrong bottle, the next person to use
it will have a contaminated sample. Ask your
teacher what to do with any leftover chemicals.

22. NEVER take any chemicals out of the lab. (This is
another one that you should already know. You
probably know the remaining rules also, but read
them anyway.)

EMERGENCY PROCEDURES

23. Follow standard fire-safety procedures. If your
clothing catches on fire, do not run; STOP—
DROP—AND ROLL. If another student's clothes
catch on fire, keep them from running and wrap
them in the fire blanket provided in your lab to
smother the flames. While doing so, call to your
teacher. In case of fire, alert your teacher and
leave the lab according to instructions.

24. Report any accident, incident, or hazard— no
matter how trivial—to your teacher immediately.
Any incident involving bleeding, burns, fainting,
nausea, dizziness, chemical exposure, or
ingestion should also be reported immediately
to the school nurse or to a physician. If you have
a close call, tell your teacher so that you and
your teacher can find a way to prevent it from
happening again.
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25. Report all spills to your teacher immediately.
Call your teacher rather than trying to clean a
spill yourself. Your teacher will tell you whether
it is safe for you to clean up the spill; if it is not
safe, your teacher will know how to clean up the
spill.

26. If you spill a chemical on your skin, wash the
chemical off in the sink and call your teacher.
If you spill a solid chemical onto your clothing,
brush it off carefully without scattering it onto
somebody else, and call your teacher. If you get
liquid on your clothing, wash it off right away
by using the faucet at the sink, and call your
teacher. Rinse your skin for 10-15 minutes.
If the spill is on your pants or something else
that will not fit under the sink faucet, use the
safety shower. Remove the pants or other
affected clothing while you are under the shower,
and call your teacher. (It may be temporarily
embarrassing to remove pants or other clothing
in front of your classmates, but failure to flush the
chemical off your skin could cause permanent
damage.)

27. If you get a chemical in your eyes, walk
immediately to the eyewash station, turn it
on, and lower your head so your eyes are in
the running water. Hold your eyelids open with
your thumbs and fingers, and roll your eyeballs
around. You have to flush your eyes continuously
for at least 15 minutes. Call your teacher while
you are doing this.

WHEN YOU ARE FINISHED

28. Clean your work area at the conclusion of each
lab period as directed by your teacher. Broken
glass, chemicals, and other waste products
should be disposed of in separate, special
containers. Dispose of waste materials as
directed by your teacher. Put away all material
and equipment according to your teacher’s
instructions. Report any damaged or missing
equipment or materials to your teacher.

29. Wash your hands with soap and hot water after
each lab period. To avoid contamination, wash
your hands at the conclusion of each lab period,
and before you leave the lab.

A FINAL REMINDER

30. Whether or not the lab instructions remind you,
ALL OF THESE RULES APPLY ALL OF THE TIME!




SAFETY SYMBOLS

To highlight specific types of precautions, the following symbols are
used throughout the lab program. Remember that no matter what safety
symbols you see in the textbook, all 30 of the lab safety rules previously

described should be followed at all times.

@ EYE PROTECTION

o Wear safety goggles in the lab at all times.

o Know how to use the eyewash station. If
chemicals get into your eyes, flush your
eyes (including under the eyelids) with
running water at the eyewash station for
at least 15 minutes. Use your thumb and
fingers to hold your eyelids open and, roll
your eyeball around. While doing so, ask
another student to notify your teacher.

0 CLOTHING PROTECTION

o Wear an apron or lab coat at all times in
the lab.

o Tie back long hair, secure loose clothing,
and remove loose jewelry so that they do
not knock over equipment or come into
contact with hazardous materials.

e HAND SAFETY

o Wear protective gloves when working
with chemicals.

o Use a hot mitt or tongs to handle
equipment that may be hot.

@ GLASSWARE SAFETY

o Inspect glassware before use; do not use
chipped or cracked glassware.

o Never place glassware, containers of
chemicals, or anything else near the edges
of a lab bench or table.

CHEMICAL SAFETY

o Never return unused chemicals to the
original container. Take only what you need.

o Label the beakers and test tubes you use
with the chemicals they contain.

o Never transfer substances by sucking on a
pipet or straw; use a suction device.

o Do not mix any chemicals unless
specifically instructed to do so by
your teacher.

o If a chemical spills on the floor or lab
bench, tell your teacher, and wait for
instructions before cleaning it up yourself.

CAUSTIC SUBSTANCE SAFETY

© Do not pour water into a strong acid or
base. The mixture can produce heat and
can splatter.

HEATING SAFETY

© Avoid using open flames. If possible, work
only with hot plates having an on/off switch
and an indicator light.

o When heating a chemical in a test tube,
point the open end of the test tube away
from yourself and others.

HYGIENE CARE

o Keep your hands away from your face and
mouth while you work in the lab.

o Do not eat or drink any food from
laboratory containers.

o Wash your hands thoroughly before you
leave the lab.

'a WASTE DISPOSAL

o Help protect our environment by following
the instructions for proper disposal.
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SAFETY USING MSDS

Do you help with the housekeeping at home? Do
you clean your bathtub? Do you use a commercial
product intended just for that purpose? Or bleach,

or powdered cleanser? It is important to know that
you should never mix bleach and powdered cleanser
together—doing so results in a chemical reaction that
releases poisonous chlorine gas. The vapor from the
reaction could do very serious damage to your lungs.

One important thing that you can take away from
chemistry class is how to safely use all of the many
chemicals in the world around you. Most of us don’t
think much about chemical safety when we’re in our
own homes, or in a place that we think of as “safe,"
like a school. However, hazardous chemicals are
sometimes found in the most ordinary places.

WHAT IS AN MSDS?

Because there are dangerous chemicals all around
us, chemical manufacturers are required to provide an
MSDS for all their products sold in the United States.
MSDS stands for Material Safety Data Sheet. Such
sheets are lists of safety information and procedures
for handling chemicals. These can range from
household products like vinegar, soap, and baking
soda, to some extremely powerful and dangerous
chemicals. They are based on guidelines from the
U.S. Department of Labor's Occupational Safety and
Health Administration (OSHA). A hypothetical example
of an MSDS is provided on the next page. It's for a
compound you probably know very well.

WHAT KINDS OF INFORMATION
DOES AN MSDS GIVE?

There are many different types of information

on an MSDS. Some of the information is meant

for emergency responders, like firefighters and
emergency medical professionals. There are, however,
many things in an MSDS that you need to know

to be successful with your chemistry laboratory
experiments. These sheets should be kept handy at
all times when using chemicals. It's also important

to read your lab experiment in advance and look up
the MSDS for any chemicals to be used. Study the
hypothetical example of an MSDS on the following
page. Does this seem like a dangerous chemical? Do
you recognize the chemical?

WHAT DO THE COLORED LOGOS
ON AN MSDS MEAN?

OSHA requires all chemical manufacturers to

label hazardous substances with specific types of
information. Many companies use either the National
Fire Prevention Association (NFPA) format or the
Hazardous Materials Information Systems (HMIS)
format. An example of each logo is shown below. The
logos use the same color and number designations,
but slightly different ways of presenting them. A zero
indicates that no hazard exists, while a 4 indicates
an extreme hazard. Always look for hazard labels on
bottles of chemicals before you use the chemicals.

Special Hazards
OXY - Oxidizer
ACID - Acid
ALK - Alkali
COR - Corrosive
W - Use No Water

%" - Radiation Hazard

1 - Unstable If Heated
0 - Stable

Reactivity

4 - May Detonate
3 - Shock and Heat May Detonate
2 - Violent Chemical Change PPE

Reactivity

o/ »
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SECTION 9 | Handling and Storage

Do not store in metal containers for prolonged periods.

Do not heat in closed container that is not pressure-sealed.

Do not store in open container for prolonged periods, as compound

will evaporate.

Compound expands when freezing.

Do not inhale liquid.

Contact with many soluble compounds will result in complete dissolution.

SECTION 10 | Stability and Reactivity

Conditions contributing to instability: Generally stable except when
exposed to high temperatures or electrical current.

Incompatibility: Rapid temperature increase can occur when added to
strong acids or bases. Reaction with sodium metal can result in fire or
explosion.

Hazardous decomposition products: Hydrogen - Highly flammable and
explosive gas.

Oxygen - Supports rapid combustion.

Conditions contributing to hazardous polymerization: None

Forms solutions readily.

SECTION 11 | Toxicological Information

Acute effects: Harmful liquid if inhaled or skin contact in excess of 100°C
Chronic effects: Oxidation of metals

Target organs: Respiratory system

Commonly found in tumor cells.

Accumulates in vesicles formed from contact with compound at
temperatures exceeding 100°C.

SECTION 12 | Ecological Information

Organism exposure to either extreme amounts of compound or prolonged
evaporation of compound may result in injury or death.

SECTION 13 | Transportation Information

Shipping name: Dihydrogen monoxide; Liquid
Hazard class: Not regulated

SECTION 14 | Disposal Information

May be safely disposed of down sink or drain.
Disposal of excessive amounts may be subject to local, state,
or federal regulations.

SECTION 15 | Regulatory Information

Not regulated
SECTION 16 | Other

SAMPLE MSDS (HYPOTHETICAL)
222 Oxygen Ave, City, State, 55555 (555) 555-5555
MATERIAL SAFETY DATA SHEET (MSDS)
MSDS #: 6.00 Revised: X/XX/XXXX

Dihydrogen monoxide
SECTION 2 | Composition and Ingredients

Dihydrogen monoxide

CAS No. N/A o

Red: Fire/Explosive: 0  Blue: Health: 2

Yellow: Reactivity: 1 White: Special: OXY

Boiling point (760 mm Hg): 100°C (212°F)

Melting point: 0°C (32°F)

Specific gravity (H,0 =1): 1

Solubility in water (% by wt.): 100%

% Volatiles by volume: 100%

Evap. rate: 750-3000 mm/yr (as measured by U.S. Weather Service)
SECTION 4 | Hazards ldentification

Clear, colorless, odorless liquid.

Inhalation can result in asphyxiation.

Prolonged skin immersion may result in digital vasoconstriction.

In solid form, can cause decreased resistance to hypothermia.
SECTION 5 | First Aid Measures

If inhaled, remove to fresh air; if not effective, apply artificial respiration

and oxygen.

Inhalation may result in injury or death.

use soft, absorptive materials to dry affected areas.
SECTION 6 | Fire Fighting and

Explosion Measures

Auto-ignition Temperature: Not applicable

Flammable limits in air (% by Vol.): Not applicable

Extinguishing Media: Do not use water to extinguish, this will

Special fire fighting procedures: Not applicable

Unusual Fire and Explosion Hazard: Explosive vaporization can occur in

sealed containers after rapidly increasing temperature.

Restrict unprotected individuals from area.

Use absorptive materials to contain and soak up spill.

No neutralizing chemicals required.

Exposure Measures

Avoid prolonged contact with eyes, skin, or clothing, particularly at

temperatures above 100°C or below 0°C.

at high temperatures.

Insulated garments/gloves must be worn during exposure to solid or

vaporous forms at temperatures above 100°C or below 0°C, respectively.

MEGACHEM CORPORATION, INC.
SECTION 1 | Product Identification
Synonyms: hydrogen oxide; agua; water
SECTION 3 | Physical and Chemical Properties
Vapor pressure - 100°C (212°F) 760 mm Hg - 0°C (32°F) 17.5 mm Hg
Appearance and Odor: Clear liquid; No odor
High temperature fumes can cause severe burns to exposed body areas.
Seek medical attention for further treatment following first aid.
If skin contact is prolonged, cease immersion immediately;
Flash Point: Not applicable
only increase difficulty.
SECTION 7 | Accidental Spill or Release Measures
SECTION 8 [ Personal Protection and
Wear chemical-splash goggles and chemical-resistant apron when working
Exposure guidelines: Not available

This Material Safety Data Sheet (MSDS) is provided as a
guideline only. MegaChem Corp., Inc. does not accept or
assume any responsibility or liability for use, handling, storage,
transportation, or disposal of this product, as these are beyond
the control of MegaChem Corp., Inc. FOR THESE REASONS
MEGACHEM CORPORATION, INC. EXPRESSLY DISAVOWS ALL
KNOWLEDGE OR LIABILITY FOR LOSS, DAMAGE, OR
EXPENSES RESULTING FROM THIS PRODUCT.
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Some people are gifted scholars and
naturally pick up the skills that enable
them to be successful in their studies.
Most of us, however, have to learn the
study habits that will help us succeed.
No two people learn in exactly the same
way, so each of us has to find what works
best for us.

You may have heard teachers use terms
like visual, auditory, and kinesthetic when
talking about learning styles. These terms
are a fancy way of saying that a person
learns best when seeing something,
hearing something, or doing something
hands-on. Most people actually learn in
multiple styles, although they may favor
one method over others.

The last thing you probably want to
hear is that you have to study. You are
not alone. Not many people actually
like to study. What a surprise! You may
have asked, “Why do | even need to
take chemistry? I’'m not going to be a
scientist.” The answer to that question
is that you need chemistry because
everything is chemistry. Every single
thing around you, including you, is made
up of atoms, molecules, and chemical
compounds. Everything a person does
has something to do with chemistry,
from deciding what cleanser scrubs the
bathtub best, to choosing what motor oil
makes the car run smoothly in winter, or
what toothpaste gives the whitest smile.

With all these decisions that depend on
chemistry, wouldn't you like to know
more about it?

Chemistry is a subject that builds on the
knowledge that you start accumulating
from the first day of class. Imagine what
it would be like if you tried writing a novel
before learning the entire alphabet. The
farther behind you fall at the beginning,
the more likely you are to have trouble
understanding things the rest of the
course. So, the best thing to do is to get
it right the first time!

You may have asked,
“Why do | even need
to take chemistry?
I’m not going to be a
scientist.” The answer
to that question is that
everything is chemistry.

A textbook is one of the many tools you
will use in order to be successful in class.
This handbook will provide a number of
additional useful tips, tricks, and skills—
you might say study secrets—that can
help you a lot in chemistry. However, they
only help if you actually use them!




© SECRET 1: READ THE BOOK.

No matter how useful your chemistry book may be
for holding up the shelf in your locker, it is virtually
impossible to pass the class if you don’t take it out,
open it up, and actually see what is inside. It was not
meant to be just a heavy burden in your backpack. It
was written to help you to learn chemistry. Here are
some tips to put it to the best use:

1. Read the assigned pages before you come to
class. That way, you'll have a better idea of what
the lecture is about.

2. Keep some note cards with you when you read.
When you have a question, write it down on one
side of a card. When you find the answer or your
teacher explains it to you, write the answer on
the other side of the card. You may even add
diagrams or sketches that help to explain things.
There you have it! An instant flashcard! Now you
have a useful study tool to help you review a
concept that you had a little trouble
understanding.

3. Find a good place to study. Some people will tell
you to find a quiet place, free from distractions,
and that is what works best for them. If you're
like many people, though, if a place is foo quiet,
you will look for distractions. Look at this realisti-
cally. If you study in front of the television, you
will watch the television. If you study in a room
where there are video games, and you happen to
love video games, you will be distracted.
However, there is nothing wrong with some quiet
music while you study, if it helps you relax.

4. Use the Main Ideas in the section openers as a
guide. These show you what is most important
for you to focus on in each chapter. If you have
looked at those carefully, you're one step ahead
of the game.

© SECRET 2: PAY ATTENTION IN CLASS.

The more actively you take part in things, the less
bored and sleepy you will be. Sleep at night or on
your vacation.

XXX Study Skills Handbook
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© SECRET 3: WORK THE SAMPLE AND
PRACTICE PROBLEMS.

For better or worse, problem-solving is a big part of
chemistry. Practicing problem-solving skills will be
a major part of successfully passing the class.

1. The Sample Problems in the textbook will take
you step-by-step through the process, teaching
you how to solve them as you go.

2. The solutions to these problems are given in the
book. Try covering them up, and then using
them to check your work when you finish.

3. The Practice Problems given right after the
Sample Problems are there to reinforce what you
just learned. The more you do something, the
more it will stay in your memory. Practice is what
helps you actually learn something, rather than
just temporarily memorizing it for a test and then
forgetting it when you need it later.

4. The problems in the Chapter Review are similar
to the Sample Problems. If you can apply the
things you learned in the Sample and Practice
Problems to the ones in the Review, then you
really know the concepts.

©Photo Researchers, Inc.
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5. Plugging numbers into a calculator can be a
great tool, but when something goes wrong, it’s
hard to see where you might have made a
mistake. Use the four step problem-solving
format: Analyze, Plan, Solve, and Check Your
Work. These will organize your work and help
you to better understand the process of solving
the problem.

6. Ifyouwork on a problem for 15 minutes or more
and are still having trouble with it, make note of it
so that you can ask your teacher or a friend who
understands it for help. Then move on. Otherwise,
you may just become frustrated and give up.

7. Always check your answer to see if it makes
sense. Is the number realistic when you look back
at what you were asked to find? Does your final
answer have the correct unit of measurement?
Were you supposed to convert something from
one unit to another somewhere along the way?
Taking a few moments to check these things will
not only make you sure that you have the correct
answer, it will also help you keep from making the
same mistakes over and over again.

8. Write a problem on one side of a note card and
the solution on the other. Use the problem cards
to periodically practice solving that type of
problem.

© SECRET 4: DO YOUR HOMEWORK.

You would be amazed at the difference it makes in
your chemistry grade when you actually do your
homework and turn it in on time. And it's important
that you do your own homework. Friends may seem
wonderful when they let you copy their homework
in the morning, but they are not doing you any
favors. If they did the work, you have not learned
anything. Would you want to go to a doctor who
copied someone else’s work in school? Would you
want to fly in an airplane designed by an engineer
who had received all the answers from a friend?
Think about it.

1. Assoon as possible after class, review your notes,
and do your homework. This is the best time,
when things are still fairly fresh in your mind. If
you wait too long, what you learned in class will
fade away. You also will be tired and thus more

likely to become frustrated and give up. At this
time in your life, one of the most important
things you can do is to make the most of your
education. It will definitely pay off in your future.

2. Define the key terms, even if they have not been

assigned. Take your note-cards and put a term
on one side and the definition on the other side.
If the key term refers to a scientific equation, put
the term on one side of the card and the equa-
tion on the other side.

© SECRET 5: TAKE NOTES IN CLASS.

Paying attention in class is great, but it is not enough!
Very few people have perfect recall, and you can't
expect to remember everything. If you don’t take
notes as you go along, you will forget things. Unless
your teacher requires you to take notes in a specific
way, there are a number of techniques you can try.
Try several and see which one works best for you.

1. Bring paper and pen or pencil. It’s pretty hard to
take notes without them and your friends
eventually will get tired of loaning them to you.

2. Bring your book and follow along in the chapter

as your teacher lectures. Add page numbers to
your notes so that you can find things again later.

3. Use highlighting markers or colored pens to

differentiate between different types of informa-
tion. It will help keep your notes more organized,
and it makes note-taking a little more interesting.
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Add diagrams or simple sketches to illustrate a

concept. This will help you understand it better
and also remember it later on, especially if you

are mainly a visual learner.

It is impossible to write down every single thing a
teacher says. If you try to do this, you'll just fall
behind and aggravate the teacher and your peers
by constantly asking them to wait or to repeat
things. Focus on the main ideas and add the
details later.

Use abbreviations and develop your own short-
hand way of writing. Don’t put in every if, and,
the, or but.

Review your notes as soon as possible after class.
Definitely do it within 24 to 48 hours; otherwise,
it will fade from your mind. Use your note cards
and write down questions that arise as you
review. Ask the teacher about them the next time
you are in class. Again, now you have a flashcard!

Create a note-taking co-op with your classmates.
Each person can make copies of their notes and
share them. Others may have picked up on
concepts that you missed, and you may have
notes that others missed. Together, you can have
it all.

Study Skills Handbook

9. With your teacher’s permission, record the
lecture. Listen to the recording later and fill in
any gaps in your class notes. Label recordings so
that you know what subject each covers.

10. See the descriptions of Simple Outlines and
Cornell Notes in this Handbook for additional
note-taking suggestions.

© SECRET 6: START PREPARING FOR A
TEST THE DAY YOU START A TOPIC.

Just because you may have been able to wait until
the night before the test to study in the past, skim
through the chapter quickly, and then pass the test,
doesn’t mean it will work for you forever. Each year
there is more to learn, and the concepts are at a
higher level of understanding. If you don’t review
and practice things as you go along, there will be
too much material by the time of the test. You also
will not have the time to get enough help.

1. Break it down! It is easier to do a big task in small
pieces. Look through your notes for 10 to 15
minutes and read a few pages of the chapter
each night. By doing this, you will not have to
learn new material the night before an exam.

©Photo Researchers, Inc.



© SECRET 7: BE PRACTICAL WHEN YOU
TAKE A TEST.

There are skills that can help you be more
successful when you take the test. Some of them are
common sense things that your mom probably told
you a million times until you stopped listening. Pay
close attention to the phrase common sense.
Common means that a lot of people know about it
(not just your mom) and it will benefit you to pay
attention.

©Ed Bock/Corbis

2. Ask the teacher for specific things you need to
memorize for the test. Don't try to memorize
everything. If you have consistently reviewed the
material, you will be more likely to remember it.
If you haven’t looked at it since the day you first
saw it, you will have too much to re-learn the
night before the exam.

3. Use your flashcards. These address topics that

you had questions about, and going over them
will help you remember those questions. Again,
don't think it's a waste of your time to make
flashcards. Simply making the flashcards will
help you better remember material, even if you
don't look at them ever again.

4. Study with a friend and test one another with

the flashcards. You could try to set some goals to
make things more interesting. For example, see
which one of you could answer the questions or
do the problems on ten flashcards in a row first.
This could make studying more fun.

5. Do the review questions in the book, even if they

weren’t assigned. Test questions often come
from the Section and Chapter Reviews. If you do
them a few days in advance of the test, you can
check with the teacher for the answers to see
what you need to spend more time on.

6. Take online quizzes. They are often made up of

questions in the test bank and may well reappear
on the test. These can help you to pinpoint areas
where you're having trouble, so you can get help.

7. Some people, especially if they are in a note-

taking co-op, find it beneficial to rewrite and
reorganize their notes before a test, to make
studying easier. In many cases, this can also
refresh your memory and be a review in itself.

8. Get enough sleep. At your age, when you sleep is

when your body is growing, building new bone
and muscle, and doing general maintenance and
repair. You actually require more than 8 hours of
sleep a day while these things are going on. If you
don’t let your body and your brain rest, build,
and repair, things won’t work right.

9. Eatright. Your car won’t run if it doesn’t get the

right fuel, and your body won'’t either. Save the
junk food for a reward after the test. You'll
certainly deserve it after all the hard work you've
put into studying.

1.

When test day comes, bring a pen and/or pencil
to class. Teachers don’t accept answers transmit-
ted by telepathy.

Ask the teacher if you may use scratch paper to
work problems out.

If it’s permitted, bring a calculator to help speed
up doing the math on problems. But don’t let it
take the place of a step-by-step approach,
because you might miss an important step.
Calculators are only as good as the data you put
into them.

Dress comfortably. Although the school is
unlikely to allow you to wear your pajamas in
class, you're bound to have a favorite pair of
jeans and shirt that don’t scratch, pinch, ride
up, or cause other discomfort.

Once you are given the test, look over the whole
thing first, before you start.

Read the directions. Some teachers occasionally
like to give tests that have directions like the
following, just to see if you are paying attention:
“Sign your name on your paper, wait two min-
utes, then turn it in. Grin at everyone as you walk
back to your seat. Do this and you'll getan A”

Start with the questions you're sure you know the
answers to, then go back and work on the harder
ones. Doing the easier questions first may spark
your memory and help you to answer the ones
you skipped.

Remember your problem-solving skills and
check to make sure your answers make sense.

Study Skills Handbook  xxxiii



STUDY STRATEGIES

Concept Maps

Making concept maps can help you decide what
material in a chapter is important and how to effi-
ciently learn that material. A concept map presents key
ideas, meanings, and relationships for the concepts
being studied. It can be thought of as a visual road map
of the chapter. Learning happens efficiently when you
use concept maps because you work with only the key
ideas and how they fit together.

Map A

Strategies for Taking Notes
and Organizing Information

The concept map shown as Map A was made from
vocabulary terms in the chapter, "Matter and Change."
Vocabulary terms are generally labels for concepts, and
concepts are generally nouns. In a concept map,
linking words are used to form propositions that
connect concepts and give them meaning in context.
For example, on the map below, “matter is described
by physical properties” is a proposition.

is classified as I—

pure
substances

—| which consist of

compounds

which can be

homogeneous

| which can be

CD CEID G
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heterogeneous

is described by

chemical physical

properties properties

| is changed by

which describe |

which causes

chemical
changes

physical
changes

which are
described by

chemical

1 change
reactions

of state

reactants

products




Studies show that people are better able to remem-
ber materials presented visually. In a concept map, you
can see the relationships among many ideas.

The more concept maps you make, the better you
will become at constructing them. Soon you may find
that organizing them becomes second nature. You may
even develop your own system of shapes, lines, and
colors to emphasize different types of information
contained in your concept maps. For example, you
may decide to place all vocabulary terms in ovals, main
ideas in squares, and clarifying examples in triangles.
You could draw solid lines between concepts and
terms that are very related and dotted lines between
those that are only slightly related.

The great thing about concept maps is that they
allow you the freedom to organize material in a way
that makes sense to you.

Map B

To Make a Concept Map

1.

List all the important concepts. We'll use some
concepts from Section 2 of the chapter "Matter and
Change."

matter mixture
compound pure substance
element

homogeneous mixture
heterogeneous mixture

From this list, group similar concepts together. For
example, one way to group these concepts would be
into two groups—one that is related to mixtures and
one that is related to pure substances.

mixture pure substance

heterogeneous mixture compound

homogeneous mixture element

Select a main concept for the map.
We will use matter as the main concept
for this map.

Build the map by placing the concepts according
to their importance under the main concept,
matter.

One way of arranging the concepts is shown

in Map B. (This map is continued on the next page.)

pure
substances

compounds

homogeneous

heterogeneous
mixtures

mixtures
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Map C

| is composed of I

pure
substances

are made from

which can be

elements

compounds

4. Add linking words to give meaning to the ar-
rangement of concepts.

When adding the links, be sure that each
proposition makes sense. To distinguish concepts
from links, place your concepts in circles, ovals, or
rectangles, as shown in the maps. Then make
cross-links. Cross-links are made of propositions
and lines connecting concepts across the map.
Links that apply in only one direction are indicated
with an arrowhead.

Map C is a finished map covering the main ideas
listed in Step 1. Making maps might seem difficult at
first, but the process forces you to think about the
meanings and relationships among the concepts. If
you do not understand those relationships, you can
get help early on.

Practice mapping by making concept maps about
topics you know. For example, if you know a lot
about a particular sport, such as basketball, or if you
have a particular hobby, such as playing a musical
instrument, you can use that topic to make a
practice map. By perfecting your skills with
information that you know very well, you will begin
to feel more confident about making maps from the
information in a chapter.

Remember, the time you devote to mapping will
pay off when it is time to review for an exam.
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which can be }—\
homogeneous heterogeneous
mixtures

mixtures

PRACTICE
1. Classify each of the following as either a
concept or linking word(s).

classification

. is classified as

. forms

. reaction

reacts with

. metal

a.
b
(o]
d. is described by
e
f.
9
h

. defines

2. Write three propositions from the informa-
tion in Map A.

3. List two cross-links shown on Map C.




Simple Outlines

Outlining is a skill that is useful in many different
subject areas. An outline can help you quickly identify
the major concepts of a topic, along with key support-
ing details or examples. Your textbook layout was
designed to help you set up a simple outline. Each
section has a title, main ideas, and examples that
support the main ideas. Under each example are
additional details that help to explain the concept
more fully.

Here is a simple outline based on the sections in the chapter “Matter and Change:”
I. Chemistry Is a Physical Science
II. Matter and Its Properties

III. Elements

Adding in the Main Ideas, subheadings, definitions, examples, and supporting
information from the textbook can easily make this outline more detailed.
A sample from the beginning of the section is shown below.

I.  Chemistry is a Physical Science (Section Title)
A. Chemistry is the study of matter and its processes. (Main Idea)
B. There are several branches of chemistry. (Main Idea)
1. organic chemistry
2. inorganic chemistry
3. physical chemistry
4. analytical chemistry

5. biochemistry
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Cornell Notes

The Cornell note-taking system was developed in the
1950’s by Walter Pauk, while he was teaching at Cornell
University. The method is now widely recommended
and is used by schools and colleges all over the world
due to its effectiveness as a study tool. Make things
easier by setting up or printing out a note-taking
template in advance.

Here is a template that can be used for taking notes
with the Cornell system:

Current Topic Heading
Unit Title +
Cues Notes
Can Be:
o Main Ideas and o Take notes with whatever method you are most comfortable.
Key Terms o Add diagrams, concept maps, or simple sketches.

o Study questions

o Review as soon as possible after class.
about items in notes

o When studying, cover this column up, and use the cue
questions or prompts to quiz yourself. Then, uncover this side
to check your answers.

o Page numbers,
section numbers,
references, or other
clues to finding more Complete this column during class.
information

Complete this column

within 24 hours of
taking notes.

( 2.5” ) ( 6” )
Summary A
2-3 sentences describing the topic
Complete this section within 24 hours of taking notes. 27

A J
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K/W/L Strategy

The K/W/L strategy stands for “what I Know—what I
Want to know—what I Learned.” You start by brain-
storming about the subject matter before reading the
assigned material. Relating new ideas and concepts to
those you have learned previously will help you better
understand and apply the new knowledge you obtain.
The main ideas throughout your textbook are ideal for
using the K/W/L strategy.
1. Read the main ideas. You may also want to scan
additional headings, highlighted terms, and equa-
tions before reading.

5. While reading the section or afterwards, use the
third column to write down the information you
learned. While reading, pay close attention to any
information about the topics you wrote in the
“What I Want to Know” column. If you do not find
all of the answers you are looking for, you may need
to reread the section or reference a second source.
Be sure to ask your teacher if you still cannot find
the information after reading the section a second
time. It is also important to review your brain-
stormed ideas when you have completed reading
the section. Compare your ideas in the first column
with the information you wrote down in the third
column.

2. Divide a sheet of paper into three columns, and
label the columns “What I Know,” “What I Want to
Know,” and “What I Learned.”

If you find that some of your brainstormed ideas

3. Brainstorm what you know about the informa-
tion in the objectives, and write these ideas in the are incorrect, cross them out. It is extremely
first column. Because this chart is designed pri- important to identify and correct any
marily to help you integrate your own knowledge misconceptions you had prior to reading before you
with new information, it is not necessary to write begin studying for your test.
complete sentences. The example below shows a K/W/L strategy a
4. Think about what you want to know about the student may have written while studying about the

information in the objectives, and write these
ideas in the second column. Include information
from both the section objectives and any other
objectives your teacher has given you.

different types of matter.

What | Know

What | Want to Know

What | Learned

a gas has no definite shape or
volume

aliquid has no definite shape,
but has definite volume

a solid has definite shape and
volume

a mixture is a combination of
substances

a pure substance has only one
component

o how gas, liquid, and solid states

depend on the movements of
particles

e how mixtures and pure sub-

stances are different at the
particle level

e molecules in solid and liquid
states are close together, but are
far apart in gas state

e molecules in solid state have
fixed positions, but molecules in
liquid and gas states can flow

» mixtures are combinations of
pure substances

e pure substances have fixed
compositions and definite
properties
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Sequencing / Pattern Puzzles

You can use pattern puzzles to help you remember
sequential information. Pattern puzzles are not just a
tool for memorization. They also promote a greater
understanding of a variety of chemical processes, from
the steps in solving a mass-mass stoichiometry prob-
lem to the procedure for making a solution of specified
molarity.

1. Write down the steps of a process in your own
words. For an example, we will use the process for
converting the amount of a substance in moles to
mass in grams. (See Sample Problem B in the
chapter, "Atoms: The Building Blocks of Matter.")
On a sheet of notebook paper, write down one step
per line, and do not number the steps. Also, do not
copy the process straight from your textbook.
Writing the steps in your own words promotes
a more thorough understanding of the process. You
may want to divide longer steps into two or three
shorter steps.

e List the given and unknown information.

¢ Look at the periodic table to determine the molar mass
of the substance.

e Write the correct conversion factor to convert moles to grams.
 Multiply the amount of substance by the conversion factor.

® Solve the equation and check your answer.

2, Cut the sheet of paper into strips with only one
step per strip of paper. Shuffle the strips of paper
so that they are out of sequence. Alternatively, you
can write each step on a separate note card, and
then shulffle the note cards.

* Look at the periodic table to determine the molar mass
of the substance.

* Solve the equation and check your answer.

| e List the given and unknown information.

* Multiply the amount of substance by the conversion factor.

* Write the correct conversion factor to convert moles to grams.

x| Study Skills Handbook

3. Place the strips (or note cards) in their proper
sequence. Confirm the order of the process by
checking your text or your class notes.

¢ List the given and unknown information.

* Look at the periodic table to determine the molar mass
of the substance.

| * Write the correct conversion factor to convert moles to grams.

* Multiply the amount of substance by the conversion factor.

* Solve the equation and check your answer.

Pattern puzzles are especially helpful when you are
studying for your chemistry tests. Before tests, use
your puzzles to practice sequencing and to review

the steps of chemistry processes. You and a
classmate can also take turns creating your own

pattern puzzles of different chemical processes and

putting each other’s puzzles in the correct

sequence. Studying with a classmate in this manner
will help make studying fun and will enable you to

help each other.

©Charles D. Winters/Photo Researchers, Inc.



Other Learning Strategies

© BRAINSTORMING

Brainstorming is a strategy that helps you recognize
and evaluate the knowledge you already have before
you start reading. It works well individually or in
groups. When you brainstorm, you start with a central
term or idea, then quickly list all the words, phrases,
and other ideas that you think are related to it.

Because there are no “right” or “wrong” answers,
you can use the list as a basis for classifying terms,
developing a general explanation, or speculating about
new relationships. For example, you might brainstorm
a list of terms related to the word element. The list
might include gold, metals, chemicals, silver, carbon,
oxygen, and water. As you read the textbook, you might
decide that some of the terms you listed are not
elements. Later, you might use that information to help
you distinguish between elements and compounds.

© BUILDING / INTERPRETING
VOCABULARY

Using a dictionary to look up the meanings of prefixes
and suffixes as well as word origins and meanings
helps you build your vocabulary and interpret what
you read. If you know the meaning of prefixes like
kilo- (one thousand) and milli- (one thousandth), you
have a good idea what kilograms, kilometers, milli-
grams, and millimeters are and how they are different.

Knowledge of prefixes, suffixes, and word origins
can help you understand the meaning of new words.
For example, if you know the suffix -protic comes from
the same word as proton, it will help you understand
what monoprotic and polyprotic acids are.

© READING HINTS

Reading hints help you identify and bookmark impor-
tant charts, tables, and illustrations for easy reference.
For example, you may want to use a self-adhesive note
to bookmark the periodic table in your book so you can
easily locate it and use it for reference as you study
different aspects of chemistry and solve problems
involving elements and compounds.

© INTERPRETING GRAPHIC SOURCES
OF INFORMATION

Charts, tables, photographs, diagrams, and other
illustrations are graphic, or visual, sources of informa-
tion. The labels and captions, together with the illus-
trations, help you make connections between the
words and the ideas presented in the text.

© READING RESPONSE LOGS

Keeping a reading response log helps you interpret
what you read and gives you a chance to express your
reactions and opinions about what you have read.
Draw a vertical line down the center of a piece of paper.
In the left-hand column, write down or make notes
about passages you read to which you have reactions,
thoughts, feelings, questions, or associations. In the
right-hand column, write what those reactions,
thoughts, feelings, questions, or associations are.
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© COMPARING AND CONTRASTING

Comparing and contrasting is a strategy that helps you
note similarities and differences between two or more
objects or events. When you determine similarities,
you are comparing. When you determine differences,
you are contrasting.

You can use comparing and contrasting to help you
classify objects or properties, differentiate between
similar concepts, and speculate about new relation-
ships. For example, as you read the chapter, "Matter
and Change," you might begin to make a table in which
you compare and contrast metals, nonmetals, and
metalloids. As you continue to learn about these
substances you can add to your table, giving you a
better understanding of the similarities and differences
among elements.

© IDENTIFYING CAUSE AND EFFECT

Identifying causes and effects as you read helps you
understand the material and builds logical reasoning
skills. An effect is an event or the result of some action.
A cause is the reason the event or action occurred.
Signal words, such as because, so, since, therefore, as a
result, and depends on, indicate a cause-and-effect
relationship. You can use arrows to show cause and
effect. For example, you might write this cause-and-
effect relationship as you read the chapter on gases: At
constant pressure, increase in temperature (cause) >
increase in gas volume (effect).

© MAKING A PREDICTION GUIDE

A prediction guide is a list of statements about which
you express your opinions and then try to justify them
based on your current knowledge. After reading the
material, you re-evaluate your opinions in light of what
you learned. Using prediction guides helps you assess
your knowledge, identify assumptions you may have
that could lead to mistaken conclusions, and form an
idea of expected results. Here are some suggestions for
how to make a prediction guide.

1. Start with the statements your teacher writes on
the board or you find listed in your textbook. For
example, look at the five statements from Dalton’s
atomic theory in your textbook, in the chapter
"Atoms: The Building Blocks of Matter."

2. Decide whether you think each statement is true
or false. Discuss the reasons why you think so and
write it all down. If someone disagrees with your
conclusion, write down the reasons why.

3. After reading the section or listening to a lecture,
re-evaluate your opinion of each statement.
Discuss why your opinion changed or remained the
same. Find passages in the text that account for the
change of reinforcement of your opinions. For
example, you might have agreed with all five
statements from Dalton’s theory before reading the
text. Then, after reading about atoms and sub-
atomic particles, you might have changed your
opinion about the first statement.
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COOPERATIVE LEARNING
TECHNIQUES

© READING WITH A PARTNER

Reading with a partner can help you understand what

you read and point out where you need more study.

1. Firstread the text silently by yourself and take
notes. Use self-adhesive notes to mark those parts
of the text that you do not understand. For example,
you might have difficulty with some of the material
about quantum numbers, while another student
might not understand electron configurations.

2. Work with a partner to discuss the passages each
of you marked. Take turns listening and trying to
clarify the difficult passages for each other.
Together, study the related tables and illustrations
and explain how they relate to the text.

3. Work together to formulate questions for class
discussion or for your teacher to answer. Make
note of the complications you both encountered
and bring questions to your teacher.

© USING L.I.N.K.

The L.I.N.K. strategy stands for List, Inquire, Notes,
Know. It is similar to the K/W/L strategy, but you work
as a class or in groups.

1. Brainstorm all the words, phrases, and ideas
associated with a term your teacher provides.
Volunteers can keep track of contributions on the
board or on a separate sheet of paper.

2. Have your teacher direct you in a class or group
discussion about the words and ideas listed. Now
is the time to ask your teacher and other students
for clarification of the listed ideas.

3. At the end of the discussion, make notes about
everything you can remember. Look over your
notes to see if you have left anything out.

4. See what you now know about the given concept
based on the discussion. Consider if what you now
know is different from what you previously
believed.

© SUMMARIZING/PAIRED
SUMMARIZING

A summary is a brief statement of main ideas or
important concepts. Making a summary of what you
have read provides you with a way to review what you
have learned, see what information needs further
clarification, and make connections to material
previously studied. Paired summarizing helps
strengthen your ability to read, listen, and understand.
It is especially useful when a section of text has several
subdivisions, each dealing with different concepts.

1. Firstread the material silently by yourself.

2. Then you and your partner take turns being the
“listener” and the “speaker.” The speaker summa-
rizes the material for the listener, who does not
interrupt until the speaker has finished. If neces-
sary, the speaker may consult the text, and the
listener may ask for clarification. The listener then
states any inaccuracies or omissions made by the

speaker.

3. Work together to refine the summary. Make sure
the summary states the important ideas in a clear
and concise manner.

© DISCUSSING IDEAS

Discussing ideas with someone else before you read is
a strategy that can help you broaden your knowledge
base and decide what concepts to focus on. Discussing
ideas after you have read a section or chapter can help
you check your understanding, clarify difficult con-
cepts, and speculate about new ideas.
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Chemistry Is a

SECTION 1

Chemistry is the study of matter
and its processes.

There are several branches of

Physical Science

chemistry.

chemistry chemical

The natural sciences were once divided into two broad categories: the biological
sciences and the physical sciences. The biological sciences focus mainly on living
things. The physical sciences focus mainly on nonliving things. However, because
we now know that both living and nonliving matter consist of chemical structures,
chemistry is central to all the sciences, and there are no longer distinct divisions
between the biological and physical sciences.

© MAIN IDEA
Chemistry is the study of matter and its processes.

(br) ©Volker Steger/Peter Arnold, Inc

Chemistry is the study of the composition, structure, and properties of matter,
the processes that matter undergoes, and the energy changes that accompany
these processes. Chemistry deals with questions such as: What is a
material’s makeup? How does a material change when heated, cooled, or
mixed with other materials and why does this behavior occur? Chemists
answer these kinds of questions during their work.

Instruments like those shown in Figure 1.1 are routinely used in
chemistry to extend our ability to observe and make measurements. They
make it possible, for example, to look at microstructures—things too tiny
to be seen with the unaided eye. The scanning tunneling microscope
reveals tiny structures by beaming extremely small particles called
electrons at materials. When the electrons hit a material, they scatter and
produce a pattern that shows the material’s microstructure.

Scientific Observations

(a) A balance is an instrument used (b) A sample of DNA placed in a scanning tunneling microscope
to measure the mass of materials. produces an image showing the contours of the DNA'’s surface.

Matter and Change
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Invisible rays called X-rays can also be used to determine micro-
structures. The patterns that appear can be analyzed to reveal the
arrangement of atoms, molecules, or other particles that make up the
material. By learning about microstructures, chemists can explain the
behavior of macrostructures—the visible things all around you.

© MAIN IDEA
There are several branches of chemistry.

Chemistry includes many different branches of study and research. The
following are six main areas of study. But like the biological and physical
sciences, these branches often overlap.

1. Organic chemistry—the study of most carbon-containing compounds

2. Inorganic chemistry—the study of non-organic substances, many of
which have organic fragments bonded to metals (organometallics)

3. Physical chemistry—the study of the properties and changes of matter
and their relation to energy

4. Analytical chemistry—the identification of the components and
composition of materials

5. Biochemistry—the study of substances and processes occurring in
living things
6. Theoretical chemistry—the use of mathematics and computers to

understand the principles behind observed chemical behavior and to
design and predict the properties of new compounds

In all areas of chemistry, scientists work with chemicals. A chemical is
any substance that has a definite composition. For example, consider the
material called sucrose, or cane sugar. It has a definite composition in
terms of the atoms that compose it. It is produced by certain plants in the
chemical process of photosynthesis. Sucrose is a chemical. Carbon
dioxide, water, and countless other substances are chemicals as well.

Knowing the properties of chemicals allows chemists to find suitable
uses for them. For example, researchers have synthesized new substances,
such as artificial sweeteners and synthetic fibers. The reactions used to
make these chemicals can often be carried out on a large scale to make
new consumer products such as flavor enhancers and fabrics.

Basic Research

Basic research is carried out for the sake of increasing knowledge, such

as how and why a specific reaction occurs and what the properties of a
substance are. Chance discoveries can be the result of basic research. The
properties of Teflon™, for example, were first discovered by accident. A
researcher named Roy Plunkett was puzzled by the fact that a gas cylinder
used for an experiment appeared to be empty even though the measured
mass of the cylinder clearly indicated there was something inside.
Plunkett cut the cylinder open and found a white solid. Through basic
research, Plunkett’s research team determined the nonstick properties,
molecular structure, and chemical composition of the new material.



Applied Research

Applied research is generally carried out to solve a problem. For ‘CHECK FOR UNDERSTANDING
example, when certain refrigerants escape into the upper atmosphere, Ap.ply. Wguld testlng. anew drug
they damage the ozone layer, which helps block harmful ultraviolet rays tofind if it is an effective treatment

for a disease be considered basic
research or applied research?
Explain your answer.

from reaching the surface of Earth. In response to concerns that this
atmospheric damage could pose health problems, chemists have
developed new refrigerants. In applied research, researchers are
driven not by curiosity or a desire to know but by a desire to solve

a specific problem.

Technological Development

Technological development typically involves the ~
production and use of products that improve our quality Applying Research The chemical structure of the

of life. Examples include computers, catalytic converters material in an optical fiber gives it the property of total

for cars, and biodegradable materials. internal reflection. This property, which allows these fibers

to carry light, was discovered through basic and applied
research. The use of this property to build networks

by sending data on light pulses is the technological
development of fiber optics.

Technological applications often lag far behind the
discoveries that are eventually used in technologies. For
example, nonstick cookware, a technological application,
was developed well after the accidental discovery of
Teflon. When it was later discovered that the Teflon
coating on cookware often peeled off, a new challenge
arose. Using applied research, scientists were then able
to improve the bond between the Teflon and the metal
surface of the cookware so that it did not peel.

Basic research, applied research, and technological
development often overlap. Discoveries made in basic
research may lead to applications that can result in new
technologies. For example, knowledge of crystals and
light that was gained from basic research was used to
develop lasers. It was then discovered that pulses of light
from lasers can be sent through optical fibers, like the
ones shown in Figure 1.2. Today, telephone messages and
cable television signals are carried quickly over long
distances using fiber optics.

| (V) SECTION 1 FORMATIVE ASSESSMENT

@ Reviewing Main Ideas @ Critical Thinking

1. Explain what chemistry is. 4. INFERRING RELATIONSHIPS Scientific and

technological advances are constantly changing

how people live and work. Discuss a change you

3. Compare and contrast basic research, applied have observed in your lifetime that has made life
research, and technological development. easier or more enjoyable for you.

2. Name six branches of study in chemistry.

©Greg Pease/Stone/Getty Images
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SECTION 2

Atoms are the building blocks of

All substances have
characteristic properties.

Matter can be a pure substance
or a mixture.

Atoms as Building
Blocks Both elements
and compounds are made
of atoms, as shown in these
models of diamond and
table sugar.

6 Chapter 1

Matter and Its
Properties

mass physical change chemical reaction
matter change of state reactant

atom solid product

element liquid mixture
compound gas homogeneous
extensive property plasma solution

intensive property chemical property heterogeneous
physical property chemical change pure substance

All things are made up of matter, but exactly what is matter? What characteristics,
or properties, make matter what it is? In this section, you will learn the answers to
these questions.

Explaining what matter is involves finding properties that all matter has in
common. That may seem difficult, given that matter takes so many different forms.
For the moment, just consider one example of matter—a rock. The first thing
you might notice is that the rock takes up space. In other words, it has volume.
Volume is the amount of three-dimensional space an object occupies. All matter
has volume. All matter also has a property called mass. Mass is a measure of the
amount of matter. Mass is the measurement you make using a balance. Matter
can thus be defined as anything that has mass and takes up space. These two
properties are the general properties of all matter.

© MAIN IDEA
Atoms are the building blocks of matter.

. Matter comes in many forms. The fundamental building blocks of

' matter are atoms and molecules. These particles make up elements

. and compounds. An atom is the smallest unit of an element that maintains
the chemical identity of that element. An element is a pure substance that

+ cannot be broken down into simpler, stable substances and is made of one

' type of atom. Carbon is an element and contains one kind of atom. The
" model of diamond in Figure 2.1a consists of carbon atoms.

Hydrogen atom

P / Carbon atom
5925
K5 (s

P 2 Oxygen atom
9 Carbon atom

(a) Diamond (b) Sucrose (table sugar)



A compound is a substance that can be broken down into simple stable
substances. Each compound is made from the atoms of two or more elements
that are chemically bonded. Sucrose, in Figure 2.1b, is an example of a
compound. It is made of three elements: carbon, hydrogen, and oxygen.
The atoms are chemically bonded to form a molecule. You will learn
more about the particles that make up compounds when you study
chemical bonding. For now, you can think of a molecule as the smallest
unit of an element or compound that retains all of the properties of that
element or compound.

© MAIN IDEA
All substances have characteristic properties.

Every substance, whether it is an element or a compound, has
characteristic properties. Chemists use properties to distinguish
between substances and to separate them. Most chemical investigations
are related to or depend on the properties of substances.

A property may be a characteristic that defines an entire group of
substances. That property can be used to classify an unknown substance
as a member of that group. For example, many elements are classified as
metals. The distinguishing property of metals is that they conduct
electricity well. Therefore, if an unknown element is tested and found
to conduct electricity well, it is a metal.

Properties can help reveal the identity of an unknown substance.
However, conclusive identification usually cannot be made based on only
one property. Comparisons of several properties can be used together to
establish the identity of an unknown. Properties are either intensive or
extensive. Extensive properties depend on the amount of matter that is
present. Such properties include volume, mass, and the amount of energy m

in a substance. In contrast, intensive properties do not depend on the amount Physical Properties Water )
of matter present. Such properties include the melting point, boiling point, boils at 100°C. This is an example of
density, and ability to conduct electricity and to transfer energy as heat. a physical property.

Intensive properties are the same for a given substance regardless of how

much of the substance is present. For example, iron melts at 1538°C ‘CRITICAL THINKING

Classify Is the boiling point of
water an extensive or an intensive
property? Explain.

regardless of whether or not you have 20 g or 20 kg of it. Properties can
also be grouped into two general types: physical properties and chemical
properties.

Physical Properties and Physical Changes

A physical property is a characteristic that can be observed or measured
without changing the identity of the substance. We commonly use physical
properties to describe a substance. Examples of physical properties are
melting point and boiling point. For example, water melts from ice to
liquid at 0°C (273 K or 32°F). Liquid water, as shown in Figure 2.2, boils to
vapor at 100°C (373 K or 212°F). Density is also another physical property.
Water’s density at 4°C (277 K or 39°F) is about 1000 kg/m?3. Unlike most
substances, the density of water decreases when it freezes to become ice.
As aresult, a pond or lake that freezes in the winter does so from the top
down, enabling some fish to survive in the water at the bottom.
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A change in a substance that does not involve a change in the identity

of the substance is called a physical change. Examples of physical
changes include grinding, cutting, melting, and boiling a material. These
types of changes do not change the identity of the substance present.

States of Matter

Melting and boiling are part of an important class of physical changes
called changes of state. As the name suggests, a change of state is a physical
change of a substance from one state to another. The three common states
of matter are solid, liquid, and gas. Figure 2.3 shows the differences
between the three states of matter at the molecular level.

Matter in the solid state has definite volume and definite shape. For
example, a piece of quartz or coal keeps its size and its shape, regardless
of the container it is in. Solids have this characteristic because the
particles in them are packed together in relatively fixed positions.

The particles are held close together by the strong attractive forces
between them, and only vibrate about fixed points. The amount of
attraction varies with different solids. This accounts for some solids being
more easily compressible.

Gas

Modeling States of Matter
Models for water in three states. The
molecules are close together in the solid
and liquid states but far apart in the gas
state. The molecules in the solid state are
relatively fixed in position, but those in
the liquid and gas states can flow around
each other.

8 Chapter 1



Matter in the liquid state has a definite volume but an indefinite shape. A
liquid assumes the shape of its container. For example, a given quantity of
liquid water takes up a definite amount of space, but the water takes the
shape of its container. Liquids have this characteristic because the
particles in them are close together but can move past one another. The
particles in a liquid move more rapidly than those in a solid. This causes
them to overcome the strong attractive forces between them and flow.

Matter in the gas state has neither definite volume nor definite shape. For
example, a given quantity of helium expands to fill any size container and
takes the shape of the container. All gases have this characteristic because
they are composed of particles that move very rapidly and are at great
distances from one another compared with the particles of liquids and
solids. At these great distances, the attractive forces between gas particles
have a lesser effect than they do at the small distances between particles
of liquids and solids.

An important fourth state of matter is plasma. Plasma is a
high-temperature physical state of matter in which atoms lose most
of their electrons, particles that make up atoms. Plasma is found in
fluorescent bulbs.

Melting, the change from solid to liquid, is an example of a change of
state. Boiling is a change of state from liquid to gas. Freezing, the opposite
of melting, is the change from a liquid to a solid. A change of state does
not affect the identity of the substance. For example, when ice melts to
liquid water or when liquid water boils to form water vapor, the same
substance, water, is still present. The water has simply changed state, but
it has not turned into a different compound. Only the distances and
interactions between the particles that make up water have changed.

Chemical Properties and Chemical Changes

Physical properties can be observed without changing the identity of
the substance, but properties of the second type—chemical properties—
cannot. A chemical property relates to a substance’s ability to undergo
changes that transform it into different substances. Chemical properties

are easiest to see when substances react to form new substances.

For example, the ability of charcoal (carbon) to burn in air is a chemical
property. When charcoal burns, it combines with oxygen in air to become
carbon dioxide gas. After the chemical change, the amounts of the
original substances, carbon and oxygen, are not less than before. They
simply have recombined to form different substances with different
properties. Figure 2.4 shows how a chemical property of a substance
known as Benedict’s solution is used to test for sugars in urine.

A change in which one or more substances are converted into different
substances is called a chemical change or chemical reaction. The substances
that react in a chemical change are called the reactants. The substances that
are formed by the chemical change are called the products. In the case of
burning charcoal, carbon and oxygen are the reactants in a combustion,
or burning, reaction. Carbon dioxide, a gas, and ashes are the products,
which are clearly different from the reactants.

[ FIGURE 2.4 |

~
Chemical Properties Because
Benedict’s solution possesses certain
chemical properties, a test strip
containing it is used to test for the
presence of sugar in urine. The test
strip is dipped into the sample. The
test strip is then matched to a color
scale to determine the sugar level in
the urine.
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Oxygen
Physical properties: colorless,

Chemical Changes When
odorless gas, soluble in water

mercury(ll) oxide is heated, it decomposes
to form oxygen gas and mercury (which
can be seen on the side of the test tube).
Decomposition is a chemical change

that can be observed by comparing the
properties of mercury(ll) oxide, mercury,
and oxygen.

Mercury(ll) oxide

Physical properties: bright red
or orange-red, odorless crystalline solid,
almost insoluble in water

Mercury
Physical properties: silver-white, liquid
metal; in the solid state, mercury is ductile and
malleable and can be cut with a knife

Chemical reactions are normally written with arrows and plus signs.
These stand for the words yields and plus, respectively. For example, to
describe the decomposition of the mercury compound shown in
Figure 2.5, we'd write it as follows:

mercury(Il) oxide — mercury + oxygen

In other words, mercury(II) oxide yields mercury plus oxygen.

Although chemical reactions form products whose properties can
differ greatly from those of the reactants, they do not affect the total
amount of matter present before and after a reaction. The law of conser-
vation of mass is always followed in chemical reactions.

Energy and Changes in Matter

‘ CHECK FOR UNDERSTANDING When physical or chemical changes occur, energy is always involved. The
Explain An antacid tablet is . energy can take several different forms, such as heat or light. Sometimes
dropped into a glass of water and heat provides enough energy to cause a physical change, as in the melting
dissolves. The tablet fizzes, and . ofice, and sometimes heat provides enough energy to cause a chemical
bubbles of gas rise to the surface. Is change, as in the decomposition of water vapor to form oxygen gas and
this a physical change or a chemical . hydrogen gas. But the boundary between physical and chemical changes
change? Explain your answer. - isn’talways so clear. For example, although most chemists would con-

sider the dissolving of sucrose in water to be a physical change, many
chemists would consider the dissolving of table salt in water to be a
chemical change. The boundaries can sometimes be confusing!

10 Chapter 1
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; Accounting for all the energy present before and after a change isnota
. simple process. But scientists who have done such experimentation are
confident that the total amount of energy remains the same. Although energy
can be absorbed or released in a change, it is not destroyed or created. It
simply assumes a different form. This is the law of conservation of energy.

© MAIN IDEA
Matter can be a pure substance or a mixture.

' Matter exists in an enormous variety of forms. Any sample of matter, how-

. ever, can be classified either as a pure substance or as a mixture. The compo-
. sition of a pure substance is the same throughout and does not vary from

+ sample to sample. A pure substance can be an element or a compound.

. Mixtures, in contrast, contain more than one substance. They can vary in
composition and properties from sample to sample and sometimes from
©one part of a sample to another part of the same sample. All matter, whether
itis a pure substance or a mixture, can be classified in terms of uniformity of
+ composition and properties of a given sample. Figure 2.6 illustrates the
overall classification of matter into elements, compounds, and mixtures.

Mixtures

You deal with mixtures every day. Nearly every object around you,
including most things you eat and drink and even the air you breathe,

is a mixture. Mixtures can be very simple or very complex, and they can
have some unique properties.

Classification of Matter This
classification scheme for matter shows the
relationships among mixtures, compounds, Matter
and elements.
i ?
Yes Can it be separated? No
Mixtures h Pure substances
W
Is the Can it be decom-
composition posed by ordinary
Yes uniform? No Yes chemical means? No
Homogeneous Heterogeneous
mixtures mixtures Compoungs Elemenjts
(air, sugar in water, (granite, wood, (wa'ter, el (gold, alumlnljlm,
stainless steel) blood) chloride, sucrose) oxygen, chlorine)

Matter and Change
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Separating Mixtures

~

‘ CRITICAL THINKING
Classify Would the mixtures
shown in the photos be
defined as homogeneous or
heterogeneous? Explain.

!
=) il

(a) Filtration Barium chromate can (b) Using a Centrifuge A centrifuge can be used to separate (c) Chromatography

be separated from the solution inthe  certain solid components. The centrifuge spins rapidly, which The components of an ink
beaker using filtration. causes the solids to settle to the bottom of the test tube. can be separated using paper
\_ chromatography. )

A mixture is a blend of two or more kinds of matter, each of which retains
its own identity and properties. The parts, or components, of a mixture are
simply mixed together physically and can usually be separated. As a result,
the properties of a mixture are a combination of the properties of its
components. Because mixtures can contain various amounts of different
substances, a mixture’s composition must be specified. This is often done
in terms of percentage by mass or by volume. For example, a mixture
might be 5% sodium chloride and 95% water by mass.

Mixtures that are uniform in composition are said to be homogeneous.
They have the same proportion of components throughout. Homogeneous
mixtures are also called solutions. A salt-water solution is an example of
such a mixture. Mixtures that are not uniform throughout are said to be
heterogeneous. For example, in a mixture of clay and water, heavier clay
particles concentrate near the bottom of the container.

Some mixtures can be separated by filtration or vaporized to separate
the different components. In Figure 2.7a, the yellow barium compound is
trapped by the filter paper, but the solution passes through. If the solid in
a liquid-solid mixture settles to the bottom of the container, the liquid can
be carefully poured off (decanted). A centrifuge (Figure 2.7b) can be used
to separate some solid-liquid mixtures, such as those in blood. Another
technique, called paper chromatography, can be used to separate mix-
tures of dyes or pigments because the different substances move at
different rates on the paper (Figure 2.7c).
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Pure Substances

A pure substance has a fixed composition. Pure substances are always
homogeneous. They differ from mixtures in the following ways:

1. Every sample of a given pure substance has exactly the same
characteristic properties. All samples of a pure substance have
the same characteristic physical and chemical properties. These
properties are so specific that they can be used to identify the
substance. In contrast, the properties of a mixture depend on the
relative amounts of the mixture’s components.

2. Every sample of a pure substance has exactly the same composition.
All samples of a pure substance have the same makeup. For example,
pure water is always 11.2% hydrogen and 88.8% oxygen by mass.

Pure substances are either compounds or elements. A compound can
be decomposed, or broken down, into two or more simpler compounds
or elements by a chemical change. Water is made of hydrogen and oxygen
chemically bonded to form a single substance. Water can be broken down
into hydrogen and oxygen through electrolysis, as shown in Figure 2.8a.

Sucrose is made of carbon, hydrogen, and oxygen. Sucrose breaks
down under intense heating, to produce carbon and water (Figure 2.8b).
This is of particular delight to anyone with a sweet tooth!

Decomposition of Compounds

Oxygen
molecule, O,
Hydrogen
molecule, H,

(b) Decomposition by Heating
When sucrose is heated, it caramelizes.
When it is heated to a high enough
temperature, it breaks down completely
into carbon and water.

(a) Separation by Electrolysis Passing an electric current through water
causes the compound to break down into the elements hydrogen and oxygen,
which differ in composition from water.

Matter and Change 13



FIGURE 2.9 Laboratory Chemicals and Purity

SOME GRADES OF . The chemicals in laboratories are generally treated as if they are pure.
CHEMICAL PURITY However, all chemicals have some impurities. The purity ranking of the
" . grades can vary with different agencies, as seen in Figure 2.9. For some
Primary standard reagents chemicals, the USP grade may specify higher purity than the CP grade.

For other chemicals, the opposite may be true. However, the primary
standard reagent grade is always purer than the technical grade for the
same chemical.

ACS (American Chemical
Society—specified reagents)

USP (United States Chemists need to be aware of the kinds of impurities in a reagent
_ | Pharmacopoeia standards) . because these impurities could affect the results of a reaction. The
S ) . chemical manufacturer must ensure that the standards set for that
g ’?hP (CFBT]"(fa"?/ pure; purer reagent by the American Chemical Society (A.C.S.) are met. Reading and
? an technical grade) understanding the labels placed on chemicals, like those shown in
g NF (National Formulary Figure 2.10, is a crucial skill for chemists.
~ | specifications)

Chemical Purity The labeling on this bottle lists the grade of the reagent (a)
and the percentages of impurities for that grade (b). What grade is this chemical?

FCC (Food Chemical Code
specifications)

Technical (industrial

hemical

chemicals) Zn(NO3)z*6H,0  F.W. 297.47
Certilicate of Actual Lot Analysis
Acidity (as HNOa) 0.008%
Alkalies and Earths 0.02%
Chéride (C) 0.005%
Insaluble Mattes 0.001%
lran (Fa) 000024
Lezad (Ph) 0.001%
Phosphate (P0.) 0.0002%
Sultate (S04) 0.002%
Slare separalely from and avold conlact
With combustible materials. Keep con-
tainer closed and in @ cool, dry place.
Avoid contact with skin, eyes and
clothing,
LOT NO. 917356
FL- 18

(b) L-02-0588 CAS 10196-18-6
- ( FORMATIVE ASSESSMENT
@ Reviewing Main Ideas 3. How do you decide whether a sample of matter

) o ) is a solid, a liquid, or a gas?
1. a. What is the main difference between physical
properties and chemical properties? 4. Contrast mixtures with pure substances.

b. Give an example of each.

@ Critical Thinking
2. Classify each of the following as either a physical
change or a chemical change. 5. ANALYZING INFORMATION Compare the

composition of sucrose purified from sugar cane
with the composition of sucrose purified from
sugar beets. Explain your answer.

a. tearing a sheet of paper
b. melting a piece of wax
. burning a log
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hat are the most beautiful-sounding of all violins?
W Most professionals will pick the instruments

created in Cremona, Italy, between the 16th and
18th centuries. At that time, Antonio Stradivari, members of
the Guarneri family, and other designers created instruments
of extraordinary sound that have yet to be matched. The
craftsmen were notoriously secretive about their techniques,
but based on 20 years of research, Dr. Joseph Nagyvary, a
professor of biochemistry at Texas A&M University, thinks he
has discovered the key to the violins’ sound hidden in the
chemistry of their materials.

According to Dr. Nagyvary, instruments made by Stradivari
are nearly free of the shrill, high-pitched noises produced by
modern violins. Generally, violin makers attribute this to the
design of the instrument, but Dr. Nagyvary traces it to a
different source. In Stradivari’s day, wood for the violins was
transported by floating it down a river from the mountains to
Venice, where it was stored in seawater. Dr. Nagyvary first
theorized that the soaking process could have removed
ingredients from the wood that made it inherently noisy.
Images taken with a scanning electron microscope showed
a slimy fungus growing on the wood. Dr. Nagyvary’s
experiments revealed that the fungus released enzymes that
destroyed a structural material in the plants, called
hemicellulose. Attempting to reproduce the effects of
seawater, Dr. Nagyvary soaks all his wood in a “secret”
solution. One of his favorite ingredients is a cherry-and-plum
puree, which contains an enzyme called pectinase. The
pectinase softens the wood, making it resonate more freely.

“The other key factor in a violin’s sound,” says
Dr. Nagyvary, “is the finish, which is the filler and the varnish
covering the instrument. Most modern finishes are made
from rubbery materials, which limit the vibrations of the
wood.” Modern analysis has revealed that the Cremona
finish was different: it was a brittle mineral microcomposite
of a very sophisticated nature. According to historical
accounts, all violin makers, including Stradivari, procured
their varnishes from the local drugstore chemist, and they
didn’t even know what they were using! Dr. Nagyvary and

|” ——

I

his co-workers have
identified most of the
key ingredients of the
Cremona finish.

Many new violins
made from the treated
wood and replicated
finish have been made,
and their sound has
been analyzed by
modern signal analyzers.
These violins have been
favorably compared
with authentic

Stradivari violins. Dr. Nagyvary and his violin

A number of expert violinists have praised the sound of
Dr. Nagyvary’s instruments, but some violin makers remain
skeptical of the chemist’s claims. They insist that it takes
many years to reveal just how good a violin is. In the
meantime, almost everyone agrees that the art and science
of violin making are still epitomized by the instruments
of Cremona.

. According to Dr. Nagyvary, what are two factors that are
believed to have created the unique sound of the
Stradivari violins?

. What technology did Dr. Nagyvary use in his experiments
to recreate the violins?

. Use the library or Internet resources to find additional
information about the Cremona violin makers. Who were
some of the other instrument makers during the time
period in which Stradivari was alive? Were other stringed
instruments made by these artisans? What are the
estimated present-day values of instruments made
during this period in Cremona?
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SECTION 3

The periodic table organizes
elements by their chemical

properties.

Some elements are nonmetals
or metalloids.

16

Chapter 1

Elements

group period nonmetal
family metal metalloid

As you have read, elements are pure substances that cannot be decomposed

by chemical changes. The elements serve as the building blocks of matter. Each
element has characteristic properties. The elements are organized into groups
based on similar chemical properties. This organization of elements is the periodic
table, which is shown in Figure 3.2 on the next page.

© MAIN IDEA

Each small square of the periodic table shows the symbol for an element
and its atomic number. For example, the first square, at the upper left,
represents element 1, hydrogen, which has the symbol H. As you look
through the table, you will see many familiar elements, including iron,
sodium, neon, silver, copper, aluminum, sulfur, and lead. You can often
relate an element’s symbol to its English name. Some symbols come from
the element’s older name, which was often in Latin. Still others come from
German. For example, the symbol W for tungsten comes from its German
name, wolfram. Figure 3.1 lists some elements and their older names.

Modern name Symbol Older name
Antimony Sh stibium
Copper Cu cuprum
Gold Au aurum

Iron Fe ferrum

Lead Pb plumbum
Mercury Hg hydrargyrum
Potassium K kalium
Silver Ag argentum
Sodium Na natrium

Tin Sn stannum
Tungsten W wolfram



The Periodic Table The names of the elements can be found in Che““s“y
the larger periodic table inside the back cover of your book. HMDScience.com

The Organization of the

1 Periodic Table Suptl
H 2
Group 1 Group 2 Metals Group 13 Group 14 Group 15 Group 16 Group 17 He
3 4 Metalloids 5 6 7 8 9 10
Li Be B e mble wie mis sble
Nonmetals
1" 12 13 14 15 16 17 18
Na Mg Group 3 Group4 Group5 Group6 Group?7 Group8 Group9 Group 10 Group 11 Group 12 AI SI P - s B CI Ar
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36

K C Sc Ti V C Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr

37 38 39 40 4 42 43 44 45 46 47 48 49 50 51 52 53 54
Rby WSty wYe by Wby Moy lcy wBuy wRhy Pdy (Ady kCdy wing  Shy Sb Te  wisn RiGs
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba la Hf Ta W Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
87 88 89 104 105 106 107 108 109 110 1 112

Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn

58 59 60 61 62 63 64 65 66 67 68 69 70 Al

Cec Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu

91 92 93 94 95 96 97 98 99 100 101 102 103

90
Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr

The vertical columns of the periodic table are called groups, or families.
Notice that they are numbered from 1 to 18 from left to right. Each group
contains elements with similar chemical properties. For example, the
elements in Group 2 are beryllium, magnesium, calcium, strontium,
barium, and radium. All of these elements are reactive metals with
similar abilities to bond to other kinds of atoms. The two major categories
of elements are metals and nonmetals. Metalloids have properties
intermediate between those of metals and nonmetals.

The horizontal rows of elements in the periodic table are called periods.
Physical and chemical properties change somewhat regularly across a
period. Elements that are close to each other in the same period tend to
be more similar than elements that are farther apart. For example, in
Period 2, the elements lithium and beryllium, in Groups 1 and 2, respec-
tively, are somewhat similar in properties. However, their properties are
very different from the properties of fluorine.

The two sets of elements placed below the periodic table make up
what are called the lanthanide series and the actinide series. These
metallic elements fit into the table just after elements 57 and 89. They are
placed below the table to keep the table from being too wide.

There is a section in the back of this book called the Elements
Handbook (Appendix A) which covers some elements in greater detail.
You will use information from the handbook to complete the questions in
the Using the Handbook sections in the chapter reviews.

Matter and Change
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© MAIN IDEA
Some elements are metals.

The periodic table is broadly divided into two main sections: metals and
nonmetals. As you can see in Figure 3.2 on the previous page, the metals
are at the left and in the center of the table. The nonmetals are toward the
right. Some elements, such as boron and silicon, show characteristics of
both metals and nonmetals.

Superconductors

STEM.

Any metal becomes a better
conductor of electrical energy

as its temperature decreases. In
1911, scientists discovered that
when mercury is cooled to about
—269°C, it loses all resistance

and becomes a superconductor.
Scientists have long tried to find a
material that would superconduct

at temperatures above —196°C,

the boiling point of liquid nitrogen.

In 1987, scientists discovered
ceramic materials that became
superconductors when cooled only to
—183°C. These “high-temperature”
superconductors are used to build
very powerful electromagnets.
Ceramic electromagnets are used in
medical magnetic resonance imaging
(MRI) machines and in high-efficiency
electric motors and generators.

Some of the properties of metals may be familiar to you. For example,
you can recognize metals by their shininess, or metallic luster. Perhaps
the most important characteristic property of metals is the ease with
which they conduct electricity and transfer energy. Thus, a metal is an
element that is a good electrical conductor and a good heat conductor.

Atroom temperature, most metals are solids. Most metals also have
the property of malleability, that is, they can be hammered or rolled into
thin sheets. Metals also tend to be ductile, which means that they can be
drawn into a fine wire. Metals behave this way because they have high
tensile strength, the ability to resist breaking when pulled.

Although all metals conduct electricity well, metals also have very
diverse properties. Mercury is a liquid at room temperature, whereas
tungsten has the highest melting point of any element. The metals in
Group 1 are so soft that they can be cut with a knife, yet others, such as
chromium, are very hard. Some metals, such as manganese and bismuth,
are very brittle, yet others, such as iron and copper, are very malleable
and ductile. Most metals have a silvery or grayish white luster. Two
exceptions are gold and copper, which are yellow and reddish brown,
respectively. Figure 3.3 shows three examples of metals: gold, copper,
and aluminum.

Characteristic Properties of Metals

(a) Gold has a low reactivity, which
is why it may be found in nature in
relatively pure form.

18 Chapter 1

(b) Copper is used in wiring because it
is ductile and conducts electrical energy.

(c) Aluminum is malleable. It can be rolled
into foil that is used for wrapping food.

(bc) ©Ron Elmy/First Light/Alamy



Copper, shown in Figure 3.3b, has a characteristic reddish color and a
metallic luster. It is found naturally in minerals such as chalcopyrite and
malachite. Pure copper melts at 1083°C and boils at 2567°C. It can be
readily drawn into fine wire, pressed into thin sheets, and formed into
tubing. Copper conducts electricity with little loss of energy. Copper

remains unchanged in pure, dry air at room temperature. When heated, it ‘ CHECK FOR UNDERSTANDING
reacts with oxygen in air. It also reacts with sulfur and the elements in Group Mercury is a metal that is liquid at

17 of the periodic table. The green coating on a piece of weathered copper room temperature. Using the Elements
comes from the reaction of copper with oxygen, carbon dioxide, and sulfur Handbook (Appendix A) as a reference,
compounds. Copper is also an essential mineral in the human diet. are there any non-metals that are liquids

at room temperature?
© MAIN IDEA
Some elements are nonmetals or metalloids.

Many nonmetals are gases at room temperature. These include nitrogen,
oxygen, fluorine, and chlorine. One nonmetal, bromine, is a liquid. The
solid nonmetals include carbon, phosphorus, selenium, sulfur, and
iodine. These solids tend to be brittle rather than malleable and ductile.
Some nonmetals are illustrated in Figure 3.4.

Low conductivity can be used to define nonmetals. A nonmetal is an
element that is a poor conductor of heat and electricity. If you look at the
periodic table, you will see that there are fewer nonmetals than metals.

Phosphorus, shown in Figure 3.4c, is one of five solid nonmetals. Pure
phosphorus is known in two common forms. Red phosphorus is a dark
red powder that melts at 597°C. White phosphorus is a waxy solid that
melts at 44°C. Because it ignites in air at room temperature, white
phosphorus is stored under water. Phosphorus is too reactive to exist
in pure form in nature. It is present in huge quantities in phosphate rock,
where it is combined with oxygen and calcium. All living things
contain phosphorus.

Nonmetallic Elements

(a) Carbon (b) Sulfur (c) Phosphorus (d) lodine

N\ W,
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Noble Gases Some noble gases are used to make lighted signs of various colors.

The elements in Group 18 of the periodic table are the noble gases.
These elements are generally unreactive, although some can be made to
form compounds, such as xenon hexafluoroplatinate. Low reactivity
makes the noble gases very different from the other families of elements.
Group 18 elements are gases at room temperature. Neon, argon, krypton,
and xenon are all used to make lighted signs, like the one in Figure 3.5.

As you look from left to right on the periodic table, you can see that
the metalloids are found between the metals and the nonmetals. A
metalloid is an element that has some characteristics of metals and some
characteristics of nonmetals. All metalloids are solids at room temperature.
They tend to be less malleable than metals but not as brittle as nonmet-
als. Some metalloids, such as antimony, have a somewhat metallic luster.

Metalloids tend to be semiconductors of electricity. That is, their
ability to conduct electricity is intermediate between that of metals and
that of nonmetals. Metalloids are used in the solid state circuitry found in
desktop computers, digital watches, televisions, and radios.

-0 SECTION 3 FORMATIVE ASSESSMENT

() 4. Describe the main differences between metals,
nonmetals, and metalloids.

1. Use the periodic table to write the names for the

following elements: O, S, Cu, Ag. V) £

IS

2. Use the pgrlodlc table tq write 'Fhe symbols for 5. INFERRING CONCLUSIONS Ifyou find an 8
the following elements: iron, nitrogen, calcium, . .. =
mereur element in nature in its pure elemental state, 2

Y what can you infer about the element’s chemical U%

3. Which elements are most likely to undergo the reactivity? How can you tell whether that oy
same kinds of reactions, those in a group or element is a metal or a nonmetal? &

@3

©

those in a period?
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Sl units of measurement are based on multiples of 10, making be converted from one unit to another simply by moving the
them much easier to work with mathematically than the decimal point.

unrelated units of the U.S. standard measurements like ounces, For example, look at the illustration below.

pounds, feet, and gallons. Most calculations with Sl units can

kilo hecto deka Base Unit deci centi milli
king harry drools ugly dark chocolate milk
To convert the Sl base unit for distance, meters, to the right. One meter is equal to 100 centimeters.

centimeters, the decimal point is simply moved 2 spaces to

Problem-Solving TIPS

e Make note of the unit that is given at the beginning of the problem and check to see if the answer
you are seeking is given in the same or a different unit.

o Is the unit given at the beginning an SI base unit, or does it have a prefix?

o Ifyou are converting from a smaller unit to a larger unit, the decimal point will move to the left.

o Ifyou are converting from a larger unit to a smaller unit, the decimal point will move to the right.

e The number of places you move the decimal point is equal to the power of 10 that is indicated by
the prefix.

« Ifyou are converting from a unit with a prefix back to a base unit, start with the prefix unit.
Make note of the power of 10 of that prefix in the table in your text.

o Check your final unit to see if it makes sense in terms of the answer sought. For example, if you are
measuring the length of a tabletop, an answer in tens of kilometers would not be appropriate.

How many liters are there in 9.844 mL?
The prefix milli has a power of 10 of —3. It is therefore smaller than the base unit of liters. Because you

are converting from a smaller unit (mL) to a larger unit (L), move the decimal point 3 places to the left:
9.844 mL = 0.009844 L

Convert 0.35543 km into meters.
The power of 10 for the prefix kilo is 3. It is therefore a larger value than the base unit of meters. To

convert from a larger unit (km) to a smaller unit (m), move the decimal point 3 places to the right:
0.35543 km = 355.43 m

Math Tutor 21



SECTION 1 Chemistry Is a Physical Science

PREMIUM CONTENT

CHAPTERS S SUMmMary.
HMDScience.com

Review Games
Concept Maps |

Chemistry is the study of the composition, structure, and
properties of matter and the changes that matter undergoes.

A chemical is any substance that has a definite composition or is

used or produced in a chemical process.

Basic research is carried out for the sake of increasing knowl-
edge. Applied research is carried out to solve practical prob-

lems. Technological development involves the use of existing

knowledge to make life easier.

SECTION 2 Matter and Its Properties

chemistry
chemical

All matter has mass and takes up space. Mass is one measure
of the amount of matter.

Chemical properties refer to a substance’s ability to undergo
changes that alter its composition and identity.

An element is composed of one kind of atom. Compounds are
made from two or more elements in fixed proportions.

All substances have characteristic properties that enable
chemists to tell the substances apart and to separate the
substances.

Physical changes do not involve changes in identity of a
substance.

The three major states of matter are solid, liquid, and gas.
Changes of state, such as melting and boiling, are physical
changes.

In a chemical change—or a chemical reaction—the identity of
the substance changes.

Energy changes accompany physical and chemical changes.
Energy may be released or absorbed, but it is neither created
nor destroyed.

Matter can be classified into mixtures and pure substances.

SECTION 3 Elements

mass
matter
atom
element
compound

extensive
property
intensive
property
physical
property
physical
change
change of state
solid

liquid

gas
plasma

chemical
property

chemical
change

chemical
reaction

reactant
product
mixture
homogeneous
solution
heterogeneous
pure substance
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Each element has a unique symbol. The periodic table shows
the elements organized by their chemical properties. Columns
on the table represent groups or families of elements that have
similar chemical properties. Properties vary across the rows, or
periods.

The elements can be classified as metals, nonmetals, metalloids,

and noble gases. These classes occupy different areas of the
periodic table. Metals tend to be shiny, malleable, and ductile
and tend to be good conductors. Nonmetals tend to be brittle
and tend to be poor conductors.

Metalloids are intermediate in properties between metals and
nonmetals, They are semiconductors. The noble gases are
generally unreactive.

Chapter 1

group
family
period
metal
nonmetal
metalloid



Review

CHAPTER

SECTION 1

Chemistry Is a Physical
Science

. REVIEWING MAIN IDEAS

1. What is chemistry?

2. What branch of chemistry is most concerned with the
study of carbon compounds?

3. What is meant by the word chemical, as used by
scientists?

4. In which of the six branches of chemistry would a
scientist be working if he or she were doing the
following:

a. investigating energy relationships for various
reactions

b. comparing properties of alcohols with those of
sugars

¢. studying reactions that occur during the digestion
of food

5. Identify each of the following as an example of either
basic research, applied research, or technological
development:

a. Anew type of refrigerant that is less damaging to
the environment is developed.

b. Anew element is synthesized in a particle
accelerator.

¢. A computer chip is redesigned to increase the
speed of the computer.

SECTION 2
Matter and Its Properties
@ REVIEWING MAIN IDEAS

6. a. What is mass?
b. What is volume?

7. How does the composition of a pure compound differ
from that of a mixture?

8. a. Define property.
b. How are properties useful in classifying materials?

9. What is the difference between extensive properties
and intensive properties?

10. a. Define chemical property.
b. List two examples of chemical properties.

11. Distinguish between a physical change and a
chemical change.

12. a. How does a solid differ from a liquid?
b. How does aliquid differ from a gas?
¢. How s aliquid similar to a gas?

d. What is a plasma?

13. What is meant by a change in state?

14. Identify the reactants and products in the following
reaction:
potassium + water —
potassium hydroxide + hydrogen

15. Suppose different parts of a sample material have
different compositions. What can you conclude about
the material?

SECTION 3

Elements
@ REVIEWING MAIN IDEAS

16. What is the significance of the vertical columns of
the periodic table? What is the significance of the
horizontal rows?

17. Compare the physical properties of metals, nonmet-
als, metalloids, and noble gases, and describe where
in the periodic table each of these kinds of elements
is located.

18. Suppose element X is a poor conductor of electricity
and breaks when hit with a hammer. Element Z is a
good conductor of electricity and heat. In what area
of the periodic table does each element most likely
belong?

19. Use the periodic table to write the names of the
elements that have the following symbols, and
identify each as a metal, nonmetal, metalloid, or
noble gas.

K

. Ag

Si

Na

Hg

He

o o0 oD
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CHAPTER REVIEW

20. An unknown element is shiny and is found to be a
good conductor of electricity. What other properties
would you predict for it?

21. Use the periodic table to identify the group numbers
and period numbers of the following elements:
a. carbon, C
b. argon, Ar
€. chromium, Cr
d. barium, Ba

Mixed Review
@ REVIEWING MAIN IDEAS

22. a. Define physical property.
b. List two examples of physical properties.

23. How can you tell the difference between an element
and a compound?

24. Identify each of the following as either a physical
change or a chemical change. Explain your answers.
a. A piece of wood is sawed in half.
b. Milk turns sour.
¢. Melted butter solidifies in the refrigerator.

25. Write a brief paragraph that shows that you under-
stand the following terms and the relationships
between them: atom, molecule, compound, and
element.

26. Pick an object you can see right now. List three of the
object’s physical properties that you can observe. Can
you also observe a chemical property of the object?
Explain your answer.

CRITICAL THINKING

27. Interpreting Concepts One way to make lemonade is
to start by combining lemon juice and water. To make
the lemonade taste better you could add some sugar.
Is your lemonade-sugar combination classified as a
compound or a mixture? Explain your answer.

28. Analyzing Results A pure white, solid material that

looks like table salt releases gas when heated

under certain conditions. There is no change in

the appearance of the solid, but the reactivity of

the material changes.

a. Did a chemical or physical change occur? How do
you know?

b. Was the original material an element or
a compound?
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29. Interpreting Concepts
a. Is breaking an egg an example of a physical or
chemical change? Explain your answer.
b. Is cooking an egg an example of a physical or
chemical change? Explain your answer.

USING THE HANDBOOK

30. Review the information on trace elements in the

Elements Handbook (Appendix A).

a. What are the functions of trace elements in the
body?

b. What transition metal plays an important role
in oxygen transport throughout the body?

¢. What two Group 1 elements are part of the
electrolyte balance in the body?

RESEARCH AND WRITING

31. Research any current technological product of your
choosing. Find out about its manufacture and uses.
Also find out about the basic research and applied
research that made its development possible.

32. Investigate current and proposed technological
applications of superconductors. Find out which of
these applications have been successfully tested or
are already in use.

ALTERNATIVE ASSESSMENT

33. Duringa 1 h period, make a list of all the changes that
you see around you and that involve matter. Note
whether each change seems to be a physical change
or a chemical change. Give reasons for your answers.

34. Make a concept map using at least 15 terms from the
vocabulary lists. An introduction to concept mapping
is found in the Study Skills Handbook of this book.



TEST Fr=F

Standards-Based Assessment

Answer the following items on a separate piece of paper. 8. Three of the following must contain two or more
MULTIPLE CHOICE kinds of atoms. Which one does not contain two or
: more kinds of atoms?
1. Magnesium reacts with hydrochloric acid to A. element
produce magnesium chloride and hydrogen gas. B. compound
The reactants in this reaction are C. homogeneous mixture
A. magnesium and magnesium chloride. D. heterogeneous mixture

B. hydrochloric acid and hydrogen gas.
C. magnesium and hydrochloric acid.
D. magnesium chloride and hydrogen gas.

9. Which of the following symbols does not match the
element name given?
A. Al, aluminum

2. Matter that has a definite shape and a definite B. Co, copper
volume is C. K, potassium
A. aliquid. C. asolid. D. P, phosphorus

B. anelement. D. agas.

SHORT ANSWER

3. We know that air is a mixture and not a compound
because
A. it can be heated to a higher temperature.
B. it can be compressed to a smaller volume.
C. itis colorless. ‘
D. its composition can vary. . 11. Intrying to identify a sample of a pure substance,
: we observe the following properties. Tell whether

4. Matter can be defined as anything that each one is a chemical property or a physical
A. has weight. ‘ property
B. has mass and volume. A. Tts mass is 124.3 g.

C. is uniform throughout.

10. Give three examples of mixtures, and tell whether
each one is homogeneous or heterogeneous. Give
three examples of compounds.

B. Itis a shiny solid at room temperature.
D. exhibits both chemical and physical properties. C. Tt s easily etched by nitric acid
5. Which of the following is best classified as a D. It melts when heated to 670°C.
homogeneous mixture? E. Itis 31.7 centimeters long.
A. pizza C. hot tea F Itisa goc.)d h.eat conductor.
B. blood D. copper wire G. Itburns in air.
H. Itis a good conductor of electrical energy.
6. A compound differs from a mixture in that ;
a compound . EXTENDED RESPONSE
A. contains only one element. '
B. varies in chemical composition depending on - 12. Describe the difference between a chemical change
the sample size. and a physical change. Give one example of each
C. has a definite composition by mass of the kind of change.
elements that the compound contains. :
D. can be classified as either heterogeneous or - 13. Describe general properties of metals, nonmetals,
homogeneous. § and metalloids.

7. Which of the following is not a physical state

of matter?
A. solid C. element Test Tip
B. gas D. liquid Remember that if you can eliminate two

of the four answer choices, your chances
of choosing the correct answer choice
will double.
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scientific method model
system theory
hypothesis

Sometimes progress in science comes about through accidental discoveries.

Most scientific advances, however, result from carefully planned investigations.

The process researchers use to carry out their investigations is often called the
scientific method. The scientific method is a logical approach to solving problems
by observing and collecting data, formulating hypotheses, testing hypotheses, and
formulating theories that are supported by data.

© MAIN IDEA
Observation includes making measurements and
collecting data.

Observing is the use of the senses to obtain information. Observation
often involves making measurements and collecting data. The data may
be descriptive (qualitative) or numerical (quantitative) in nature.
Numerical information, such as the fact that a sample of copper ore has a
mass of 25.7 grams, is quantitative. Non-numerical information, such as
the fact that the sky is blue, is qualitative.

Experimenting involves carrying out a procedure under controlled
conditions to make observations and collect data. To learn more about
matter, chemists study systems. The students in Figure 1.1 are doing an
experiment to test the effects absorbed water has on popcorn. A system is
a specific portion of matter in a given region of space that has been selected
for study during an experiment or observation. When you observe a reaction
in a test tube, the test tube and its contents form a system.

Observation in an
Experiment Students observe
whether the volume of popped corn is
greater when the kernels have been
soaked in water prior to popping or
when they have not.

SECTION 1

Observation includes making
measurements and collecting

Hypotheses are testable
statements.

Modeling ideas helps to form
theories.
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Formulating Hypotheses A graph
of data can show relationships between
variables. In this case, the graph shows
data collected during an experiment

to determine the effect of phosphorus
fertilizer compounds on plant growth.

‘ CRITICAL THINKING
Predict Outcomes How would
you finish this hypothesis:

If phosphorus stimulates
corn-plant growth, then...?

28 Chapter 2
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© MAIN IDEA

Hypotheses are testable statements.

As scientists examine and compare the data from their experiments, they
attempt to find relationships and patterns—in other words, they make
generalizations based on the data. Generalizations are statements that
apply to a range of information. To make generalizations, data are some-
times organized in tables and analyzed using statistics or other math-
ematical techniques, often with the aid of graphs and a computer.

Scientists use generalizations about the data to formulate a hypothesis, or
testable statement. The hypothesis serves as a basis for making predictions
and for carrying out further experiments. Hypotheses are often drafted as
“if-then” statements. The “then” part of the hypothesis is a prediction that
is the basis for testing by experiment. Figure 1.2 shows data collected to
test a hypothesis.

Controls and Variables

Testing a hypothesis requires experimentation that provides data to
support or refute a hypothesis or theory. During testing, the experimental
conditions that remain constant are called controls, and any condition
that changes is called a variable. Any change observed is usually due to
the effects of the variable. If testing reveals that the predictions were not
correct, the hypothesis on which the predictions were based must be
discarded or modified.



The Scientific Method The scientific method is not a single, fixed process.
Scientists may repeat steps many times before there is sufficient evidence to formulate
a theory. You can see that each stage represents a number of different activities.

STAGES IN THE SCIENTIFIC METHOD

OBSERVING RO T.ES.T o THEORIZING
e collecting data HYPOTHESES ¥ predptmg X e constructing
® measuring I analy.2|r?g datz K experlme.ntlr?g models PR RFSUI-TS
o oxpaTIEI R e classifying e communicating 3 B * communicating
e communicating * i * collectinalees e communicating
e predicting ® measuring
Not supported—revise Results confirmed by other scientists —
or reject hypothesis validate theory

© MAIN IDEA
Modeling ideas helps to form theories.

When the data from experiments show that the predictions of the hypoth-
esis are successful, scientists typically try to explain the phenomena they
are studying by constructing a model. A model in science is more than a
physical object; it is often an explanation of how phenomena occur and how
data or events are related. Models may be visual, verbal, or mathematical.
One important model in chemistry is the atomic model of matter, which
states that matter is composed of tiny particles called atoms.

If a model successfully explains many phenomena, it may become part
of a theory. The atomic model is a part of the atomic theory, which you
will study in the chapter “Atoms: The Building Blocks of Matter.” A theory is
a broad generalization that explains a body of facts or phenomena. Theories
are considered successful if they can predict the results of many new
experiments. Examples of the important theories you will study in chem-
istry are kinetic-molecular theory and collision theory. Figure 1.3 shows
where theorizing fits in the scheme of the scientific method.

| (V) SECTION 1 FORMATIVE ASSESSMENT

@ Reviewing Main Ideas 4. How are models related to theories and
hypotheses?
1. What is the scientific method?
2. Which of the following are quantitative? @ Critical Thinking
) T It et ore. watioe 5. INTERPRETING CONCEPTS Suppose you
b. The metal is malleable. had to test how well two types of soap work.
c. The liquid has a temperature of 55.6°C. Describe your experiment by using the terms

3. How do hypotheses and theories differ? Copnell e
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Models In
Chemistry

eeing is believing, as the saying goes—but

much of science deals with objects and events

that cannot be seen. Models help explain the
unseen, from the structures of far-off galaxies to the
probable look and feel of subatomic particles. Models,
however, must be based on observations. And how
exactly do you model something as small as atoms or
molecules?

Scientists have grappled with this problem for

centuries. The atomic theory was developed by scientists,
who observed the behavior of visible matter and then
developed hypotheses to account for that behavior. Atoms
simply seemed the most likely explanation. At first, atoms
were modeled as tiny billiard balls. Then, as physicists and
chemists discovered more and more about atoms, the
atomic models became increasingly complex, until they
included nuclei and electron clouds. Much still remains
unknown. While the drawings in this book can give you some
idea of what atoms and molecules look like, and they can be
useful for predicting how the atoms and molecules will react
under certain conditions, these models are far from perfect.

Today, however, supercomputers are creating very detailed
atomic models that, although only two-dimensional, are
unsurpassed in their ability to help scientists make
predictions about molecular behavior in chemical reactions.
Scientists feed information about the chemical behavior of a
molecule into the supercomputer, which produces the model.
The scientists can then manipulate the model’s orientation
and the conditions under which it exists. They can even
highlight certain parts of the model at different times to
study different things about the molecule. In this manner,
they can test hypotheses about matter and how it behaves in
a way that they can see and discuss.

Computer modeling can be especially useful for studying the
complex molecules found in living organisms. For example,
in 2010, two scientists at the University of Houston used
computers to build a three-dimensional model of an enzyme
linked to both Alzheimer’s disease and cancer.

30

The enzyme is known as phosphoglycerate kinase, or PGK.
The scientists used supercomputers to create a simulation
that allowed them to change PGK’s cellular environment.
One thing they found was that the enzyme was 15 times
more active when the cell’s interior was crowded. Now,
other researchers will probably have a better chance of
figuring out how to control the enzyme so it doesn’t have
such serious effects.

Yet, while these new modeling techniques promise scientists
models of hitherto unknown detail, one thing is worth
remembering. Like all the atomic models before them, these
models are still only our best guess of the unknown using
empirical evidence, i.e., evidence we can see. Also, even
though the model of atoms as tiny billiard balls may have
proven to be too limiting a picture, thinking of models as
being “right” or “wrong” misses the point of building them.
Good models are not always the ones that turn out to be the
“right” models. Good models are any models that help
explain things we see and help us make predictions.

Why must all models be based on empirical
observations and measurements?

How can scientists improve the accuracy of their
computer models?

©Laboratory of Molecular Biophysics, University of Oxford/Photo Researchers, Inc



SECTION 2

“ -I '
n I s 0 Scientists worldwide use SI

measurements.

M e a s u re m e nt Prefixes added to Sl base units

indicate larger or smaller

quantities.
quantity derived unit conversion factor
S| volume dimensional analysis Sl base units combine to form
weight density derived units.

Conversion factors change one
Measurements are quantitative information. A measurement is more than just a unit to another.
number, even in everyday life. Suppose a chef wrote a recipe, listing quantities
such as 1 salt, 3 sugar, and 2 flour. Cooks could not use the recipe without
more information. They would need to know whether the numbers 1, 3, and 2
represented teaspoons, tablespoons, cups, ounces, grams, or some other unit for
salt, sugar, and flour, respectively.

Measurements represent quantities. A quantity is something that has
magnitude, size, or amount. A quantity is not the same as a measurement. For
example, the quantity represented by a teaspoon is volume. The teaspoon is a
unit of measurement, while volume is a quantity. A teaspoon is a measurement
standard in this country. Units of measurement compare what is to be measured
with a previously defined size. Nearly every measurement is a number plus a unit.
The choice of unit depends on the quantity being measured.

Many centuries ago, people sometimes marked off distances in the number
of foot lengths it took to cover the distance. But this system was unsatisfactory
because the number of foot lengths used to express a distance varied with the size
of the measurer’s foot. Once there was agreement on a standard for foot length,
confusion as to the actual length was eliminated. It no longer mattered who made
the measurement, as long as the standard measuring unit was correctly applied.

© MAIN IDEA

Scientists all over the world have agreed on a single measurement system

+ called Le Systéme International d’Unités, abbreviated SlI. This system was
adopted in 1960 by the General Conference on Weights and Measures.

. SI now has seven base units, and most other units are derived from these
' seven. Some non-SI units are still commonly used by chemists and are
also used in this book.

‘ SI units are defined in terms of standards of measurement. The
standards are objects or natural phenomena that are of constant value,

. easy to preserve and reproduce, and practical in size. International

| organizations monitor the defining process. In the United States, the
National Institute of Standards and Technology (NIST) plays the main

. role in maintaining standards and setting style conventions. For example,
numbers are written in a form that is agreed upon internationally. The

' number seventy-five thousand is written 75 000, not 75,000, because the

' comma is used in other countries to represent a decimal point.
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© MAIN IDEA
Prefixes added to Sl base units indicate larger or
smaller quantities.

The seven SI base units and their standard abbreviated symbols are listed
in Figure 2.1. All the other SI units can be derived from these seven
fundamental units.

Prefixes added to the names of SI base units are used to represent
quantities that are larger or smaller than the base units. Figure 2.2 lists SI
prefixes using units of length as examples. For example, the prefix centi-,
abbreviated c, represents an exponential factor of 10 2, which equals
1/100. Thus, 1 centimeter, 1 cm, equals 0.01 m, or 1/100 of a meter.

Mass

Asyou learned in the chapter “Matter and Change,” mass is a measure of
the quantity of matter. The SI standard unit for mass is the kilogram. The
standard for mass defined in Figure 2.1 is used to calibrate balances all
over the world. A kilogram is about 2.2 pounds.

FIGURE 2.1
S| BASE UNITS

Quantity Unit Unit

Quantity symbol name abbreviation Defined standard

Length / meter m the length of the path traveled by light in a vacuum during a time
interval of 1/299 792 458 of a second

Mass m kilogram kg the unit of mass equal to the mass of the international prototype of
the kilogram

Time t second S the duration of 9 192 631 770 periods of the radiation correspond-
ing to the transition between the two hyperfine levels of the ground
state of the cesium-133 atom

Temperature T kelvin K the fraction 1/273.16 of the thermodynamic temperature of the
triple point of water

Amount of n mole mol the amount of substance of a system which contains as many

substance elementary entities as there are atoms in 0.012 kilogram of
carbon-12

Electric / ampere A the constant current which, if maintained in two straight parallel

current conductors of infinite length, of negligible circular cross section, and
placed 1 meter apart in vacuum, would produce between these
conductors a force equal to 2 x 10~/ newton per meter of length

Luminous l, candela cd the luminous intensity, in a given direction, of a source that emits

intensity monochromatic radiation of frequency 540 x 102 hertz and that
has a radiant intensity in that direction of 1/683 watt per steradian
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The gram, g, which is 1/1000 of a kilogram, is more useful for measur-
ing masses of small objects, such as flasks and beakers. One gram is about
the mass of a paper clip. For even smaller objects, such as tiny quantities
of chemicals, the milligram, mg, is often used. One milligram is 1/1000 of
a gram, or 1/1 000 000 of a kilogram.

Mass Versus Weight

Mass is often confused with weight. Remember, mass is a measure of the
amount of matter. Weight is a measure of the gravitational pull on matter.
Mass is determined by comparing the mass of an object with a set of
standard masses on two sides of a balance. When the masses on each are
the same, the sides balance. Unlike weight, mass does not depend on
gravity. Thus, weight changes as gravitational force changes, while mass
does not change.

Mass is measured on instruments such as a balance, and weight is
typically measured on a spring scale. Taking weight measurements
involves reading the amount that an object pulls down on a spring. As the
force of Earth’s gravity on an object increases, the object’s weight in-
creases. The weight of an object on the Moon is about one-sixth of its
weight on Earth.

FIGURE 2.2
S| PREFIXES

‘ CHECK FOR UNDERSTANDING
Apply The gravity on the Moon is
1/6 of Earth’s gravity. What would
your weight be on the moon? Would
your mass on the Moon be different
from your mass on Earth? Explain.

Prefix Unit abbreviation Exponential factor Meaning Example
tera T 1012 1000 000 000 000 1 terameter (Tm) =1 x 102 m
giga G 109 1000000000 1 gigameter (Gm) =1 x 109 m
mega M 108 1000000 1 megameter (Mm) =1 x 105 m
kilo k 103 1000 1 kilometer (km) = 1000 m
hecto h 102 100 1 hectometer (hm) = 100 m
deka da 10! 10 1 dekameter (dam) = 10 m

100 1 1 meter (m)
deci d 10 1/10 1 decimeter (dm) = 0.1 m
centi c 102 1/100 1 centimeter (cm) = 0.01 m
milli m 1073 1/1000 1 millimeter (mm) = 0.001 m
micro 1076 1/1000 000 1 micrometer (um) =1 x 10~ m
nano  n 1079 1/1.000 000 000 1 nanometer (nm) =1 x 109 m
pico p 10-12 1/1 000 000 000 000 1 picometer (pm) =1 x 1012 m
femto  f 10-15 1/1 000 000 000 000 000 1 femtometer (fm) =1 x 10~ m
atto a 1018 1/1 000 000 000 000 000 000 1 attometer (am) =1 x 10~ m
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Metric Length The meter is the
Sl unit of length, but the centimeter
is often used to measure smaller
distances. What is the length in cm
of the rectangular piece of aluminum
foil shown?

-
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Length

The SI standard unit for length is the meter. A distance of 1 m is about the
width of an average doorway. To express longer distances, the kilometer,
km, is used. One kilometer equals 1000 m. To express shorter distances,
the centimeter, as shown Figure 2.3, is often used. The centimeter is about
the size of a paper clip. From Figure 2.2, on the previous page, you can see
that one centimeter equals 1/100 of a meter.

© MAIN IDEA
Sl base units combine to form derived units.

FIGURE 2.4

Many SI units are combinations of the quantities shown in Figure 2.1.
Combinations of Sl base units form derived units. Derived units are pro-
duced by multiplying or dividing standard units. For example, area, a
derived unit, is length times width. If both length and width are ex-
pressed in meters, the area unit equals meters times meters, or square
meters, abbreviated m2. Some derived units are shown in Figure 2.4. The
last column of Figure 2.4 shows the combination of fundamental units
used to obtain derived units. Figure 2.5, on the next page, shows a speed-
ometer measuring speed, another example of a derived unit.

Quantity Quantity symbol

Area A

DERIVED SI UNITS

Unit Unit abbreviation Derivation

square meter m? length x width

Volume 4

cubic meter m3 length x width x height

Density D

kilograms per cubic meter kg _Mass

m3 volume

Molar mass M

kg mass
kilograms per mole —
g P mol amount of substance

Molar volume v

m3 volume
mol amount of substance

cubic meters per mole

Energy E

joule J force x length

34 Chapter 2




Some combination units are given their own names. For example,
pressure expressed in base units is the following:

kg/mes?

The name pascal, Pa, is given to this combination. You will learn more
about pressure in the chapter “Gases.” Prefixes can also be added to
express derived units. For example, area can be expressed in cm?, square
centimeters, or mm?, square millimeters.

Volume

Volume is the amount of space occupied by an object. The derived

SI unit of volume is cubic meters, m3. One cubic meter is equal to
the volume of a cube whose edges are 1 m long. Such a large unit is
inconvenient for expressing the volume of materials in a chemistry
laboratory. Instead, a smaller unit, the cubic centimeter, cm?, is
often used. There are 100 centimeters in a meter, so a cubic meter
contains 1 000 000 cm3.

v 100 cm % 100 cm % 100 cm

— 3
Im Im Im =1 000 000 cm

1m3

When chemists measure the volumes of liquids and gases, they often
use a non-SI unit called the liter. The liter is equivalent to one cubic
decimeter. Thus, a liter, L, is also equivalent to 1000 cm?. Another non-SI
unit, the milliliter, mL, is used for smaller volumes. There are 1000 mL in
1 L. Because there are also 1000 cm3 in a liter, the two units—milliliter
and cubic centimeter—are interchangeable. Figure 2.6 shows some of
these different volume measurements.

FIGURE 2.6

Comparing Liquid Volumes One liter contains 1000 mL of liquid, and 1 mL is
equivalent to 1 cm?3. A small perfume bottle contains about 15 mL of liquid. There are
about 5 mL in 1 teaspoon. The volumetric flask (far left) and graduated cylinder (far right)
are used for measuring liquid volumes in the lab.

1L = 1000 mL = 1000 cm?

1L 1cmd 1000 cm?3 15 mL

Using Derived Units to
Measure Speed The speed
that registers on a speedometer
represents distance traveled per hour.

‘CRITICAL THINKING
Apply What derived Sl units
are used to express speed?
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Fiune 27  Densiy

Relative Densities Density h . Apiece of cork is lighter than a piece of lead of the same size. Liquid
is the ratio of mass to volume. Both mercury, as shown in Figure 2.7, is heavier than water. In other words,
water and copper shot float on different substances contain different masses per volume. This property
mercury because they are less dense is called density. Density is the ratio of mass to volume, or mass divided by

than mercury. volume. Density is expressed by the equation
‘ CRITICAL THINKING ‘

in Using Fi i 1 Densi density = 145 _ o p=11
Explain Using Figure 2.8, explain | ty ty olime Vv

where a diamond would be in the
layers in the graduated cylinder in
Figure 2.7.

The quantity m is mass, Vis volume, and D is density.

The SI unit for density is derived from the base units for mass and
volume—the kilogram and the cubic meter, respectively—and can be
expressed as kilograms per cubic meter, kg/m3. This unit is inconveniently
large for the density measurements you will make in the laboratory. You
will often see density expressed in grams per cubic centimeter, g/cm?3, or
grams per milliliter, g/mL. The densities of gases are generally reported
either in kilograms per cubic meter, kg/mS3, or in grams per liter, g/L.

Density is a characteristic physical property of a substance. It does not

LSy . depend on the size of a sample because as the mass of a sample in-
. creases, its volume increases proportionately. The ratio of mass to volume
o — . is constant. Therefore, density is one property that can help to identify a

L - . substance. Figure 2.8 shows the densities of some common materials. As

| you can see, cork has a density of only 0.24 g/cm3, which is less than the

density of liquid water. Because cork is less dense than water, it floats on
water. Lead, on the other hand, has a density of 11.35 g/cm?. The density
of lead is greater than that of water, so lead sinks in water.

Note that Figure 2.8 specifies the temperatures at which the densities
were measured. That is because density varies with temperature. Most
objects expand as temperature increases, thereby increasing in volume.
Because density is mass divided by volume, density usually decreases
with increasing temperature.

FIGURE 2.8
DENSITIES OF SOME FAMILIAR MATERIALS

Solids Density at 20°C (g/cm?) Liquids Density at 20°C (g/mL)
cork 0.24* gasoline 0.67*
butter 0.86 ethyl alcohol 0.791
ice 0.921 kerosene 0.82
sucrose 1.59 turpentine 0.87
bone 1.85* water 0.998
diamond 3.26* sea water 1.025**
copper 8.92 milk 1.031*
lead 11.35 mercury 13.6

T measured at 0°C **measured at 15°C

* typical density
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'DENSITYOFPENNES |

PROCEDURE

1. Using the balance, determine
the mass of the 40 pennies
minted prior to 1982. Repeat
this measurement two more
times. Average the results of
the three trials to determine the
average mass of the pennies.

2. Repeat step 1 with the 40
pennies minted after 1982.

3. Pour about 50 mL of water into
the 100 mL graduated cylinder.
Record the exact volume of the
water. Add the 40 pennies
minted before 1982.

CAUTION: Add the pennies
carefully so that no water is
splashed out of the cylinder.
Record the exact volume of the
water and pennies. Repeat this
process two more times.
Determine the volume of the
pennies for each trial. Average
the results of those trials to
determine the average volume
of the pennies.

4. Repeat step 3 with the 40
pennies minted after 1982.

5. Review your data for any large
differences between trials that
could increase the error of your
results. Repeat those
measurements.

6. Use the average volume and
average mass to calculate the
average density for each group
of pennies.

7. Compare the calculated
average densities with the
density of copper, listed in
Figure 2.8.

DISCUSSION

1. Why is it best to use the results
of three trials rather than a
single trial for determining the
density?

2. How did the densities of the
two groups of pennies com-
pare? How do you account for
any difference?

(]

. Use the results of this investi-
gation to formulate a hypoth-
esis about the composition of
the two groups of pennies.
How could you test your
hypothesis?

MATERIALS

e balance

e 100 mL graduated cylinder

e 40 pennies dated before 1982
e 40 pennies dated after 1982
o water

SAFETY

Wear safety
goggles and
an apron.

Sample Problem A A sample of aluminum metal has a mass of 8.4 g. The volume of
the sample is 3.1 cm3. Calculate the density of aluminum.

© ANALYZE Given: mass (m) =8.4g
volume (V) = 3.1 cm?
Unknown: density (D)
.. mass
9 PLAN density = volume

€ SOLVE

8.
density = ———
ensity 31 om?

4
8 _27 g/cm?
cm
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Density (continued)

CHECK YOUR The answer has two significant figures to match the number of significant
WORK figures in the given values. The units are correct for density.

Practice Answers in Appendix E

1. What is the density of a block of marble that occupies 310. cm? and has a mass of 853 g?

2. Diamond has a density of 3.26 g/cm?. What is the mass of a diamond that has a volume of
0.351 cm3?

3. What is the volume of a sample of liquid mercury that has a mass of 76.2 g, given that the
density of mercury is 13.6 g/mL?

© MAIN IDEA
Conversion factors change one unit to another.

A conversion factor is a ratio derived from the equality between two different
units that can be used to convert from one unit to the other. For example,
suppose you want to know how many quarters there are in a certain
number of dollars. To figure out the answer, you need to know how
quarters and dollars are related. There are four quarters per dollar and
one dollar for every four quarters. Those facts can be expressed as ratios
in four conversion factors.

4 quarters 1dollar _ 0.25dollar _ , lquarter

1dollar 4 quarters 1 quarter 0.25 dollar

. Notice that each conversion factor equals 1. That is because the two
©quantities divided in any conversion factor are equivalent to each other—

. asin this case, where 4 quarters equal 1 dollar. Because conversion factors
i are equal to 1, they can be multiplied by other factors in equations without
. changing the validity of the equations. You can use conversion factors to

. solve problems through dimensional analysis. Dimensional analysis is

a mathematical technique that allows you to use units to solve problems

' involving measurements. When you want to use a conversion factor

to change a unit in a problem, you can set up the problem in the

. following way.

quantity sought = quantity given X conversion factor

For example, to determine the number of quarters in 12 dollars, you
would carry out the unit conversion that allows you to change from
dollars to quarters.

number of quarters = 12 dollars X conversion factor

Next, you need to decide which conversion factor gives you an answer in
the desired unit. In this case, you have dollars and you want quarters. To
eliminate dollars, you must divide the quantity by dollars. Therefore, the
conversion factor in this case must have dollars in the denominator and

quarters in the numerator: 4 quarters/1 dollar.
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Thus, you would set up the calculation as follows:

? quarters = 12 dollars X conversion factor
4 quarters
1 deltar
Notice that the dollars have divided out, leaving an answer in the desired

unit—quarters.

= 12 delars x = 48 quarters

Suppose you had guessed wrong and used 1 dollar/4 quarters when
choosing which of the two conversion factors to use. You would have an
answer with entirely inappropriate units.

1dollar _ 3 dollars?

? quarters = 12 dollars x =
4 quarters quarter

It is always best to begin with an idea of the units you will need in your
final answer. When working through the Sample Problems, keep track of
the units needed for the unknown quantity. Check your final answer
against what you've written as the unknown quantity.

Deriving Conversion Factors

You can derive conversion factors if you know the relationship between
the unit you have and the unit you want. For example, from the fact that
deci- means “1/10,” you know that there is 1/10 of a meter per decimeter
and that each meter must have 10 decimeters. Thus, from the equality

1 m = 10 dm, you can write the following conversion factors relating
meters and decimeters.

1m and 0.1 m and 10 dm

10 dm dm m

The following sample problem illustrates an example of deriving
conversion factors to make a unit conversion. In this book, when there is
no digit shown in the denominator, you can assume the value is 1.

PREMIUM CONTENT

Conversion Factors @ : Cards
HMDScience.com

Sample Problem B Express a mass of 5.712 grams in milligrams and in kilograms.

@ ANALYZE Given: 5712 g

Unknown:  massin mgand massin kg

The equality that relates grams to milligrams is

1g=1000mg
e PLAN The possible conversion factors that can be written from this equality are
1000 mg lg

g % T000mg
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€ SOLVE

() CHECK YOUR
WORK

To derive an answer in mg, you'll need to multiply 5.712 g by 1000 mg/g.

1000 mg

712
5.712 g X 53

=5712mg

The kilogram problem is solved similarly.
1kg=1000g
Conversion factors representing this equality are
1kg 1000 g
T000g ™ Tig

To derive an answer in kg, you'll need to multiply 5.712 g by 1 kg/1000 g.

1kg

=0.005712 kg

The first answer makes sense because milligrams is a smaller unit than grams,
and therefore there should be more milligrams. The second answer makes
sense because kilograms is a larger unit than grams, and therefore there
should be fewer kilograms.

Practice Answers in Appendix E

1. Express a length of 16.45 m in centimeters and in kilometers.
2. Express a mass of 0.014 mg in grams.

(V) SECTION 2 FORMATIVE ASSESSMENT
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@ Reviewing Main Ideas

1. Why are standards needed for measured

quantities?

2. Label each of the following measurements by the

4. Write conversion factors for each equality.
a. 1m3=1000000 cm?
b.1in. =2.54 cm
c. 1pg=0.000001g
d. 1 Mm = 1 000 000 m

quantity each represents. For instance, a mea-

surement of 10.6 kg/m3 represents density. 5. a. What is the density of an 84.7 g sample of an
a. 5.0 g/mL f. 325 ms unknown substance if the sample occupies
3

b.37s d. 500 m? 49.6 cm3?

c.47] h. 30.23 mL b. What volume would be occupied by 7.75 g of
i ?

d.39.56 g i. 2.7mg this same substance?

e. 25.3 cm3 j- 0.005L

3. Complete the following conversions.

Chapter 2

@ Critical Thinking
6. INFERRING CONCLUSIONS A student

a.105g=__ kg converts grams to milligrams by multiplying
b.1.57km=___m by the conversion factor ﬁ. Is the student
c.354pg=__ g performing this calculation correctly?
d.3.5mol=__ pmol

e.12L=__ mL

f. 358cm3=__ m3

g.5486mL=__ cm?



BACLORELS

Classical Ideas
About Matter

he Greeks were among the many ancient peoples
I who sought to understand the nature of matter. One

group of Greek philosophers, called the atomists,
believed that matter could be broken down into pieces of a
minute size. These pieces, called afoms or atomos, which
means “indivisible,” possessed intrinsic, unchanging qualities.
Another group of Greeks believed that matter could be divided
an infinite number of times and could be changed from one
type of matter into another.

Between 500 and 300 Bck, the Greek philosophers Leucippus
and Democritus formulated the ideas that the atomists held.
Leucippus and Democritus believed that all atoms were
essentially the same but that the properties of all substances
arose from the unique characteristics of their atoms. For
example, solids, such as most metals, were thought to have
uneven, jagged atoms. Because the atoms were rough, they
could stick together and form solids. Similarly, water was
thought to have atoms with smooth surfaces, which would
allow the atoms to flow past one another. Though atomists did
not have the same ideas about matter that we have today, they
did believe that atoms were constantly in motion, even in
objects that appeared to be solid.

Some Greek philosophers who studied matter between 700
and 300 sce described matter in a way that differed from the
way atomists described it. They attempted to identify and
describe a fundamental substance from which all other matter
was formed. Thales of Miletus (640-546 Bce) was among the
first to suggest the existence of a basic element. He chose
water, which exists as liquid, ice, and steam. He interpreted
water’s changeability to mean that water could transform
into any other substance. Other philosophers suggested
that the basic element was air or fire. Empedokles
(ca. 490—ca. 430 BcE) focused on four elements: earth, air,
fire, and water. He thought that these elements combined
in various proportions to make all known matter.

FIRE

AR EARTH

WATER

This diagram shows Aristotle’s belief about
the relationship between the basic elements
and properties.

Aristotle (384—322 Bck), a student of Plato, elaborated on the
earlier ideas about elements. He argued that in addition to the
four elements that make up all matter, there were four basic
properties: hot, cold, wet, and dry. In Aristotle’s view, the four
elements could each have two of the basic properties. For
example, water was wet and cold, while air was wet and hot.
He thought that one element could change into another
element if its properties were changed.

For more than 2,000 years, Aristotle’s classical ideas
dominated scientific thought. It was not until the 1700s that
the existence of atoms was shown experimentally and that the
incredible intuition of the atomists was realized.

1. InAristotle’s system of elements, fire opposes water. Why
do you think Aristotle chose this relationship?

2. Use the ideas of the atomists to describe the atoms of the
physical phases of matter—solid, liquid, and gas.
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SECTION 3

Accuracy is different from
precision.

Significant figures are those
measured precisely, plus one
estimated digit.

Scientific notation is used to
express very large or very small
numbers.

Sample problems are guides to
solving similar types of
problems.

Variables that are directly
proportional increase or
decrease by the same factor.

Quantities are inversely
proportional if one decreases in
value when the other increases.

42 Chapter 2

Using Scientific
Measurements

accuracy significant figures
precision scientific notation
percentage error directly proportional

inversely proportional

If you have ever measured something several times, you know that the results can
vary. In science, for a reported measurement to be useful, there must be some
indication of its reliability or uncertainty.

© MAIN IDEA

The terms accuracy and precision mean the same thing to most people.
However, in science their meanings are quite distinct. Accuracy refers
to the closeness of measurements to the correct or accepted value of
the quantity measured. Precision refers to the closeness of a set of

' measurements of the same quantity made in the same way. Thus,

. measured values that are accurate are close to the accepted value.

. Measured values that are precise are close to one another but not

necessarily close to the accepted value.

Figure 3.1 on the facing page can help you visualize the difference
between precision and accuracy. Several darts thrown separately at a
dartboard may land in various positions, relative to the bull’'s-eye and to
one another. The closer the darts land to the bull’s-eye, the more accu-
rately they were thrown. The closer they land to one another, the more
precisely they were thrown. Thus, the set of results shown in Figure 3.1a is
both accurate and precise: the darts are close to the bull’s-eye and close to
each other. In Figure 3.1b, the set of results is inaccurate but precise: the
darts are far from the bull’s-eye but close to each other. In Figure 3.1¢, the
set of results is both inaccurate and imprecise: the darts are far from the
bull’s-eye and far from each other. Notice also that the darts are not evenly
distributed around the bull’s-eye, so the set, even considered on average,
is inaccurate. In Figure 3.1d, the set on average is accurate compared with
the third case, but it is imprecise. That is because the darts are distributed
evenly around the bull’s-eye but are far from each other.

The accuracy of an individual value or of an average experimental value
can be compared quantitatively with the correct or accepted value by
calculating the percentage error. Percentage error is calculated by subtract-
ing the accepted value from the experimental value, dividing the difference by
the accepted value, and then multiplying by 100.



runc .1 N

Comparing Precision and Accuracy

(c) Darts within large area (d) Darts within large area

(a) Darts within small area (b) Darts within small area 1€
= High precision = High precision = Low precision = Low precision
Area centered on bull's-eye  Area far from bull’s-eye Area far from bull's-eye ~ Area centered around bull's-eye
= High accuracy = Low accuracy = Low accuracy = High accuracy (on average)
N\ W,

Percentage Error

Value — Value

experimental accepted

Value

x100

Percentage error =
accepted

Percentage error has a negative value if the accepted value is greater
than the experimental value. It has a positive value if the accepted value
is less than the experimental value. The following sample problem
illustrates the concept of percentage error.

Percentage Error

Sample Problem C A student measures the mass and volume of a
substance and calculates its density as 1.40 g/mL. The correct, or
accepted, value of the density is 1.30 g/mL. What is the percentage error
of the student’s measurement?

Value Value

] 1~ d
. SOLVE Percentage error = cxperimenta aceepted 100
Valueaccepted
1.40 gﬁmll— 1.30 g/mil
= X 100 =7.7%

1.30 g/l

Practice Answers in Appendix E

1. What is the percentage error for a mass measurement of 17.7 g, given that the correct value

is21.2 g?
2. Avolume is measured experimentally as 4.26 mL. What is the percentage error, given that

the correct value is 4.15 mL?
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Significant Figures The length of
this nail is between 6.3 cm and 6.4 cm.

‘ CRITICAL THINKING

Apply Suppose you record the nail’s
length as 6.36 cm. Which part of this
measurement is uncertain?

Animated
Chemlstry

@ HMDScience.com

Significant Figures
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Error in Measurement

Some error or uncertainty always exists in any
(T measurement. The skill of the measurer places

7l £ limits on the reliability of results. The conditions of
measurement also affect the outcome. The mea-
suring instruments themselves place limitations
on precision. Some balances can be read more
precisely than others. The same is true of rulers,
graduated cylinders, and other measuring devices.

When you use a properly calibrated measuring
device, you can be almost certain of a particular
number of digits in a reading. For example, you can tell that the nail in
Figure 3.2 is definitely between 6.3 and 6.4 cm long. Looking more closely,
you can see that the value is halfway between 6.3 and 6.4 cm. However, it
is hard to tell whether the value should be read as 6.35 cm or 6.36 cm. The
hundredths place is thus somewhat uncertain. Simply leaving it out
would be misleading because you do have some indication of the value’s
likely range. Therefore, you would estimate the value to the final ques-
tionable digit, perhaps reporting the length of the nail as 6.36 cm. You
might include a plus-or-minus value to express the range, for example,
6.36 cm + 0.01 cm.

© MAIN IDEA

Significant figures are those measured precisely,
plus one estimated digit.

In science, measured values are reported in terms of significant figures.
Significant figures in a measurement consist of all the digits known with
certainty plus one final digit, which is somewhat uncertain or is estimated. For
example, in the reported nail length of 6.36 cm discussed above, the last
digit, 6, is uncertain. All the digits, including the uncertain one, are
significant, however. All contain information and are included in the
reported value. Thus, the term significant does not mean certain. In any
correctly reported measured value, the final digit is significant but not
certain. Insignificant digits are never reported. As a chemistry student,
you will need to use and recognize significant figures when you work with
measured quantities and report your results, and when you evaluate
measurements reported by others.

Determining the Number of Significant Figures

When you look at a measured quantity, you need to determine which
digits are significant. That process is very easy if the number has no zeros,
because all the digits shown are significant. For example, in a number
reported as 3.95, all three digits are significant. The significance of zeros
in a number depends on their location, however. You need to learn and
follow several rules involving zeros. After you have studied the rules in
Figure 3.3, use them to express the answers in the sample problem

that follows.



FIGURE 3.3

RULES FOR DETERMINING SIGNIFICANT ZEROS

Rule

1. Zeros appearing between nonzero digits are

Examples

QO

. 40.7 L has three significant figures.

significant. b. 87 009 km has five significant figures.

2. Zeros appearing in front of all nonzero digits are not a. 0.095 897 m has five significant figures.
significant. b. 0.0009 kg has one significant figure.

3. Zeros at the end of a number and to the right of a decimal a. 85.00 g has four significant figures.
point are significant. b. 9.000 000 000 mm has 10 significant figures.

4. Zeros at the end of a number but to the left of a decimal a. 2000 m may contain from one to four significant figures,
point may or may not be significant. If a zero has not been depending on how many zeros are placeholders. For
measured or estimated but is just a placeholder, it is not measurements given in this text, assume that 2000 m
significant. A decimal point placed after zeros indicates has one significant figure.
that they are significant. b. 2000. m contains four significant figures, indicated by the

presence of the decimal point.

_ P
ianifi t Fi ﬁ
Significant Figures Cards

Sample Problem D How many significant figures are in each

of the following measurements?

28.6¢g

3440. cm

910 m

0.046 04 L
0.006 700 0 kg

oo oD

@ HMDScience.com

. SOLVE Determine the number of significant figures in each measurement using the

rules listed in Figure 3.3.
a. 286¢g

There are no zeros, so all three digits are significant.

b. 3440.cm

By rule 4, the zero is significant because it is immediately followed by a
decimal point; there are 4 significant figures.

Cc. 910 m

By rule 4, the zero is not significant; there are 2 significant figures.

d. 0.046 04 L

By rule 2, the first two zeros are not significant; by rule 1, the third zero is
significant; there are 4 significant figures.

e. 0.006 700 0 kg

By rule 2, the first three zeros are not significant; by rule 3, the last three
zeros are significant; there are 5 significant figures.

Measurements and Calculations




Significant Figures (continued)

Practice Answers in Appendix E

1. Determine the number of significant figures in each of the following.
804.05 g
. 0.014 403 0 km
1002 m
. 400 mL
30 000. cm
f. 0.000 625 000 kg
2. Suppose the value “seven thousand centimeters” is reported to you. How should the
number be expressed if it is intended to contain the following?
a. 1 significant figure
b. 4 significant figures
c. 6significant figures

oo0oToO

@

Rounding

When you perform calculations involving measurements, you need to
know how to handle significant figures. This is especially true when you
are using a calculator to carry out mathematical operations. The answers
given on a calculator can be derived results with more digits than are
justified by the measurements.

Suppose you used a calculator to divide a measured value of 154 g by a
measured value of 327 mL. Each of these values has three significant figures.
The calculator would show a numerical answer of 0.470948012. The answer
contains digits not justified by the measurements used to calculate it. Such
an answer has to be rounded off to make its degree of certainty match that
in the original measurements. The answer should be 0.471 g/mL.

The rules for rounding are shown in Figure 3.4. The extent of rounding
required in a given case depends on whether the numbers are being
added, subtracted, multiplied, or divided.

RULES FOR ROUNDING NUMBERS

If the digit following the last digit to  then the last digit should: Example (rounded to three significant
be retained is: figures)

greater than 5 be increased by 1 42689g—42.7¢

less than 5 stay the same 17.32m ————17.3m

5, followed by nonzero digit(s) be increased by 1 2.7851 cm ———— 2.79 ¢cm

5, not followed by nonzero digit(s), be increased by 1 4.635 kg — 4.64 kg

and preceded by an odd digit (because 3 is odd)

5, not followed by nonzero digit(s), and  stay the same 78.65 mL——— 78.6 mL

the preceding significant digit is even (because 6 is even)
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Addition or Subtraction with Significant Figures

Consider two mass measurements, 25.1 g and 2.03 g. The first measurement,
25.1 g, has one digit to the right of the decimal point, in the tenths place.
There is no information on possible values for the hundredths place. That
place is simply blank and cannot be assumed to be zero. The other
measurement, 2.03 g, has two digits to the right of the decimal point. It
provides information up to and including the hundredths place.

Suppose you were asked to add the two measurements. Simply
carrying out the addition would result in an answer of25.1 g + 2.03 g =
27.13 g. That answer suggests there is certainty all the way to the
hundredths place. However, that result is not justified because the
hundredths place in 25.1 g is completely unknown. The answer must
be adjusted to reflect the uncertainty in the numbers added.

When adding or subtracting decimals, the answer must have the same
number of digits to the right of the decimal point as there are in the
measurement having the fewest digits to the right of the decimal point.
When you compare the two values 25.1 g and 2.03 g, the measurement
with the fewest digits to the right of the decimal point is 25.1 g. It has only
one such digit. Following the rule, the answer must be rounded so that it
has no more than one digit to the right of the decimal point. The answer
should therefore be rounded to 27.1 g.

When working with whole numbers, the answer should be rounded so
that the final significant digit is in the same place as the leftmost uncer-
tain digit. For example, 5400 + 365 = 5800.

Multiplication and Division with Significant Figures

Suppose you calculated the density of an object that has a mass of 3.05 g
and a volume of 8.47 mL. The following division on a calculator will give a
value of 0.360094451.

mass  _ 3.05g
volume 8.47mL

density = = 0.360094451 g/mL

The answer must be rounded to the correct number of significant figures.
The values of mass and volume used to obtain the answer have only three
significant figures each. The degree of certainty in the calculated result is
not justified. For multiplication or division, the answer can have no more
significant figures than are in the measurement with the fewest number

of significant figures. In the calculation just described, the answer,
0.360094451 g/mL, would be rounded to three significant figures to
match the significant figures in 8.47 mL and 3.05 g. The answer would
thus be 0.360 g/mL.

‘CHECK FOR UNDERSTANDING
Analyze Suppose you measure the
classroom once using a piece of rope
you know to be 10 m long and again
with a measuring tape marked in m, cm,
and mm. You then take the average of
the two measurements. Which would de-
termine the number of significant figures
in your answer? Explain your answer.
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Significant Figures

Sample Problem E Carry out the following calculations. Express each answer to the
correct number of significant figures.

a. 544 m-2.6103 m
b. 2.4g/mL x 15.82 mL

. SOLVE Carry out each mathematical operation. Follow the rules in Figures 3.3 and 3.4
for determining significant figures and for rounding.
a. The answer is rounded to 2.83 m, because for subtraction
there should be two digits to the right of the decimal point, to
match 5.44 m.
b. The answer is rounded to 38 g, because for multiplication
there should be two significant figures in the answer, to
match 2.4 g/mL.

Practice

1. What is the sum of 2.099 g and 0.05681 g?

2. Calculate the quantity 87.3 cm — 1.655 cm.

3. Calculate the area of a rectangular crystal surface that measures 1.34 pm by 0.7488 pm.
(Hint: Recall that area = length x width and is measured in square units.)

4. Polycarbonate plastic has a density of 1.2 g/cm?. A photo frame is constructed from two
3.0 mm sheets of polycarbonate. Each sheet measures 28 cm by 22 cm. What is the mass of
the photo frame?

Conversion Factors and Significant Figures

Earlier in this chapter, you learned how conversion factors are used to
change one unit to another. Such conversion factors are typically exact.
That is, there is no uncertainty in them. For example, there are exactly
100 cm in a meter. If you were to use the conversion factor 100 cm/m to
change meters to centimeters, the 100 would not limit the degree of
certainty in the answer. Thus, 4.608 m could be converted to centimeters
as follows.

4.608 m X

100cm _
—m 460.8 cm

The answer still has four significant figures. Because the conversion
factor is considered exact, the answer would not be rounded. Most exact
conversion factors are defined, rather than measured, quantities.

Counted numbers also produce conversion factors of unlimited
precision. For example, if you counted that there are 10 test tubes for
every student, that would produce an exact conversion factor of 10 test
tubes/student. There is no uncertainty in that factor.
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© MAIN IDEA
Scientific notation is used to express very large or
very small numbers.
In scientific notation, numbers are written in the form M x 10", where the
factor M is a number greater than or equal to 1 but less than 10, and nis a

whole number. For example, to put the quantity 65 000 km in scientific
notation and show the first two digits as significant, you would write:

6.5 x 10*km

Writing the M factor as 6.5 shows that there are exactly two significant
figures. If, instead, you intended the first three digits in 65 000 to be
significant, you would write 6.50 x 10* km. When numbers are written in
scientific notation, only the significant figures are shown.

Suppose you are expressing a very small quantity, such as the length
of a flu virus. In ordinary notation this length could be 0.000 12 mm. That
length can be expressed in scientific notation as follows.

0.000 12mm = 1.2 X 10 mm
N4
Move the decimal point four places to the right, and multiply
the number by 10 .

1. Determine M by moving the decimal point in the original number to
the left or the right so that only one nonzero digit remains to the left of
the decimal point.

2. Determine n by counting the number of places that you moved the
decimal point. If you moved it to the left, n is positive. If you moved it
to the right, n is negative.

Mathematical Operations Using Scientific Notation

1. Addition and subtraction These operations can be performed only
if the values have the same exponent (7 factor). If they do not,
adjustments must be made to the values so that the exponents are
equal. Once the exponents are equal, the M factors can be added or
subtracted. The exponent of the answer can remain the same, or it
may then require adjustment if the M factor of the answer has more
than one digit to the left of the decimal point. Consider the example
of the addition of 4.2 x 10* kg and 7.9 x 103 kg. We can make both
exponents either 3 or 4. The following solutions are possible.

4.2 x10%kg
+0.79 x 10*kg

4.99 x 10* kg rounded to 5.0 x 10* kg

or
7.9 x 103 kg
+42 x 103kg
49.9 x 103 kg = 4.99 x 10* kg rounded to 5.0 x 10* kg
Note that the units remain kg throughout.

Measurements and Calculations



Significant Figures and
Calculators When you use a
scientific calculator to work problems
in scientific notation, don’t forget

to express the value on the display
to the correct number of significant
figures and show the units when you
write the final answer.

5.44' il ]?' + IS.1[ L ]4 :er:ni
671.6049383
rounded to 6.7 x 10¢ g/mol

544 (e |7+ )81 (=4 _= |
671.6049383
rounded to 6.7 x 102 g/mol

V.
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2. Multiplication The M factors are multiplied, and the exponents are
added algebraically.

Consider the multiplication of 5.23 x 10° pm by 7.1 X 10 ~2 pm.
(5.23 x 105 pm)(7.1 x 102 pm) = (5.23 x 7.1)(10° x 1072)
= 37.133 x 10* pm? (adjust to two
significant digits)
=3.7 x 10° pm?
Note that when length measurements are multiplied, the result is area.
The unit is now pm?.

3. Division The M factors are divided, and the exponent of the
denominator is subtracted from that of the numerator. The
calculator keystrokes for this problem are shown in Figure 3.5.

5.44 x 107 g _ 5.44
8.1x10*mol 8.1
= 0.6716049383 x 103 (adjust to two
significant digits)

x 104 g/mol

= 6.7 x 10% g/mol

Note that the unit for the answer is the ratio of grams to moles.

© MAIN IDEA
Sample problems are guides to solving similar
types of problems.

Learning to analyze and solve such problems requires practice and a
logical approach. In this section, you will review a process that can help
you analyze problems effectively. Most sample problems in this book are
organized by four basic steps to guide your thinking in how to work out
the solution to a problem.



Step 1. Analyze

The first step in solving a quantitative word problem is to read the problem
carefully at least twice and to analyze the information in it. Note any
important descriptive terms that clarify or add meaning to the problem.
Identify and list the data given in the problem. Also identify the
unknown—the quantity you are asked to find.

Step 2. Plan

The second step is to develop a plan for solving the problem. The plan
should show how the information given is to be used to find the unknown.
In the process, reread the problem to make sure you have gathered all the
necessary information. It is often helpful to draw a picture that represents
the problem. For example, if you were asked to determine the volume of a
crystal given its dimensions, you could draw a representation of the crystal
and label the dimensions. This drawing would help you visualize the
problem.

Decide which conversion factors, mathematical formulas, or chemical
principles you will need to solve the problem. Your plan might suggest a
single calculation or a series of them involving different conversion
factors. Once you understand how you need to proceed, you may wish to
sketch out the route you will take, using arrows to point the way from one
stage of the solution to the next. Sometimes you will need data that are
not actually part of the problem statement. For instance, you'll often use
data from the periodic table.

Step 3. Solve

The third step involves substituting the data and necessary conversion
Jactors into the plan you have developed. At this stage you calculate the
answer, cancel units, and round the result to the correct number of
significant figures. It is very important to have a plan worked out in step 2
before you start using the calculator. All too often, students start multiply-
ing or dividing values given in the problem before they really understand
what they need to do to get an answer.

Step 4. Check Your Work

Examine your answer to determine whether it is reasonable. Use the
following methods, when appropriate, to carry out the evaluation.

1. Check to see that the units are correct. If they are not, look over the
setup. Are the conversion factors correct?

2. Make an estimate of the expected answer. Use simpler, rounded
numbers to do so. Compare the estimate with your actual result.
The two should be similar.

3. Check the order of magnitude in your answer. Does it seem
reasonable compared with the values given in the problem? If you
calculated the density of vegetable oil and got a value of 54.9 g/mL,
you should know that something is wrong. Oil floats on water.

Measurements and Calculations
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Therefore, its density is less than water. So, the value obtained should
be less than 1.0 g/mL.

4. Be sure that the answer given for any problem is expressed using the
correct number of significant figures.

Look over the following quantitative Sample Problem. Notice how the
four-step approach is used, and then apply the approach yourself in
solving the practice problems that follow.

PREMIUM CONTENT

Solving Problems Using the Four-Step Approach Learn It! Video
HMDScience.com

Sample Problem F Calculate the volume of a sample of aluminum Cards
that has a mass of 3.057 kg. The density of aluminum is 2.70 g/cm3. @

HMDScience.com

@ ANALYZE Given: mass = 3.057 kg, density
=2.70 g/cm?®
Unknown:  volume of aluminum
9 PLAN The density unit in the problem is g/cm3, and the mass given in the problem

is expressed in kg. Therefore, in addition to using the density equation,
you will need a conversion factor representing the relationship between
grams and kilograms.

1000g =1kg
Also, rearrange the density equation to solve for volume.

density = 5 _ or p= %

volume

y=1=
D

3.057kg  1000g
= X
2.70.g7/cm3 kg

The answer should be rounded to three significant figures.

=1132.222...cm?3 (calculator answer)

€ SOLVE

V=1.13 x 103 cm?

CHECK YOUR The unit of volume, cm?, is correct. An order-of-magnitude estimate would put
WORK the answer at over 1000 cm3.

3
5 X 1000

The correct number of significant figures is three, which matches that in
2.70 g/cm?.

Practice Answers in Appendix E

1. What is the volume, in milliliters, of a sample of helium that has a mass of 1.73 x 103 g
given that the density is 0.178 47 g/L?

2. What is the density of a piece of metal that has a mass of 6.25 x 10° g and is

92.5cm X 47.3 cm X 85.4 cm?

How many millimeters are there in 5.12 x 10° kilometers?

4. A clock gains 0.020 second per minute. How many seconds will the clock gain in exactly six
months, assuming exactly 30 days per month?

©
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© MAIN IDEA

Variables that are directly proportional increase or
decrease by the same factor.

Two quantities are directly proportional to each other if dividing one by the
other gives a constant value. For example, if the masses and volumes of
different samples of aluminum are measured, the masses and volumes
will be directly proportional to each other. As the masses of the samples
increase, their volumes increase by the same factor, as you can see from
the data. Doubling the mass doubles the volume. Halving the mass
halves the volume.

When two variables, x and y, are directly proportional to each other,
the relationship can be expressed as y o« x, which is read as “y is propor-
tional to x” The general equation for a directly proportional relationship
between the two variables can also be written as follows.

Y=k
The value of k is a constant called the proportionality constant. Written
in this form, the equation expresses an important fact about direct
proportion: the ratio between the variables remains constant. Note that
using the mass and volume values in Figure 3.6 gives a mass-volume ratio
that is constant (neglecting measurement error). The equation can be
rearranged into the following form.

y=kx

The equation y = kx may look familiar to you. It is the equation for a
special case of a straight line. If two variables related in this way are
graphed versus one another, a straight line, or linear
plot that passes through the origin, results. The data for
aluminum from Figure 3.6 are graphed in Figure 3.7. The
mass and volume of a pure substance are directly

~N
proportional to each other. Consider mass to be y and Mass vs. Volume The graph of mass versus volume
volume to be x. The constant ratio, k, for the two shows a relationship of direct proportion. Notice that the
variables is density. The slope of the line reflects the line is extrapolated to pass through the origin.
constant density, or mass-volume ratio.
Mass vs. Volume of Aluminum
FIGURE 3.6 120
MASS-VOLUME DATA FOR ALUMINUM AT 20°C 100
Mass (g) Volume (cm?d) % (g/cm?d) %
)
54.7 201 2.72 PR
(7}
=
65.7 24.4 2.69 40 —
7
83.5 30.9 2.70 0|
/
96.3 35.8 2.69 0 0 10 20 30 40 5 60
Volume (cm3)
105.7 39.1 2.70
N W,
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For aluminum, this value is 2.70 g/cm3 at 20°C. Notice also that the
plotted line passes through the origin (0,0). All directly proportional
relationships produce linear graphs that pass through the origin.

© MAIN IDEA
Quantities are inversely proportional if one decreases
in value when the other increases.

Two quantities are inversely proportional to each other if their product is
constant. An example of an inversely proportional relationship is that
between speed of travel and the time required to cover a fixed distance.
The greater the speed, the less time that is needed to go a certain fixed
distance. Doubling the speed cuts the required time in half. Halving the
speed doubles the required time.

When two variables, x and y, are inversely proportional to each other,
the relationship can be expressed as follows.

1
Y=<
This is read “y is proportional to 1 divided by x” The general equation for
an inversely proportional relationship between the two variables can be
written in the following form.

xy=k

In the equation, k is the proportionality constant. If x increases, y must
decrease by the same factor to keep the product constant.

When the temperature of a sample of nitrogen is kept constant, the
volume (V) of the gas sample decreases as the pressure (P ) increases, as
shown in Figure 3.8. Note that P x V gives a reasonably constant value.
Thus, P and V are inversely proportional to each other. The graph of this
data is shown in Figure 3.9. A graph of variables that are inversely propor-
tional produces a curve called a hyperbola.

FIGURE 3.8

PRESSURE-VOLUME DATA FOR NITROGEN AT
CONSTANT TEMPERATURE

Pressure (kPa) Volume (cm?) PxV
100 500 50 000
150 333 50 000
200 250 50 000
250 200 50 000
300 166 49 800
350 143 50 100
400 125 50 000
450 110 49 500




Volume vs. Pressure The graph of volume versus
pressure shows an inversely proportional relationship.
The curve is called a hyperbola. Note the difference
between the shape of this graph and that of the graph in
Figure 3.7.

‘ CRITICAL THINKING
Apply For this graph, if I/ o< 1/x, what does x
represent?

@ Reviewing Main Ideas

1. The density of copper is listed as 8.94 g/cm3.
Two students each make three density determi-
nations of samples of the substance. Student A’s
results are 7.3 g/mL, 9.4 g/mL, and 8.3 g/mL.
Student B’s results are 8.4 g/cm?3, 8.8 g/cm3, and
8.0 g/cm?3. Compare the two sets of results in
terms of precision and accuracy.

2. Determine the number of significant figures.
a. 6.002 cm d. 7000 kg
b. 0.0020 m e. 7000. kg
c. 10.0500 g

. Round 2.6765 to two significant figures.

4. Carry out the following calculations.
a.52.13g +1.7502 g
b. 12m X 6.41 m
16.25¢g
¢ 5.1442 mL
. Perform the following operations. Express each
answer in scientific notation.
a.(1.54x1072g)+ (2.86 x 1071 g)
b. (7.023 x 10° g) - (6.62 x 107 g)

c. (8.99 x 10 *m) x (3.57 x 10*m)
2.17x 10 3g

" 5.002 x 104mL

Volume (cm3)

600
550
500
450
400
350
300
250
200
150
100
50

Volume vs. Pressure of Nitrogen

0
0 50 100 150 200 250 300 350 400 450 500 550 600

SECTION 3 FORMATIVE ASSESSMENT
6.

Pressure (kPa)

Write the following numbers in scientific
notation.

a. 560 000

b. 33400

c. 0.000 4120

. A student measures the mass of a beaker filled
with corn oil. The mass reading averages 215.6 g.
The mass of the beaker is 110.4 g.

a. What is the mass of the corn 0il?

b. What is the density of the corn oil if its volume
is 114 cm3?

. Calculate the mass of gold that occupies
5.0 x 1073 cm3. The density of gold is 19.3 g/cm3.

. What is the difference between a graph repre-
senting data that are directly proportional and a
graph of data that are inversely proportional?

@ Critical Thinking
10. APPLYING CONCEPTS The mass ofa

liquid is 11.50 g, and its volume is 9.03 mL.
How many significant figures should its den-
sity value have? Explain the reason for your
answer.
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Any value expressed in scientific notation, whether large or To write the first part, move the decimal point to the right or

small, has two parts. The first part, the first factor, consists of a the left so that there is only one nonzero digit to the left of the
number greater than or equal to 1 but less than 10. It may have decimal point. The second part is written as an exponent,
any number of digits after the decimal point. The second part which is determined by counting the number of places the
consists of a power of 10. decimal point must be moved. If it is moved to the right, the
exponent is negative. If it is moved to the left, the exponent is
exponent ",
positive.
6.02 x 10*
<

first factor power of ten

Problem-Solving TIPS

o In addition and subtraction, all values must first be converted to numbers that have the same exponent
of 10. The result is the sum or the difference of the first factors, multiplied by the same exponent of 10.
Finally, the result should be rounded to the correct number of significant figures and expressed in
scientific notation.

« In multiplication, the first factors are multiplied and the exponents of 10 are added.

« In division, the first factors of the numbers are divided, and the exponent of 10 in the denominator
is subtracted from the exponent of 10 in the numerator.

Sample Problems

Write 299 800 000 m/s in scientific notation.

The decimal must move to the left 8 places, which indicates a positive exponent.
299 800 000. m/s
AAAANNT

87654321

The value in scientific notation is 2.998 x 108 m/s.

Solve the following equation and write the answer in scientific notation.

(3.1 x 10%)(5.21 x 10%)
Multiply the first factors, and then add the exponents of 10.
(3.1 x 5.21) x 108+4) =16 x 107 = 1.6 x 108

1. Rewrite the following numbers in scientific notation. 2. Solve the following equations, and write the answers
a. 0.0000745 g in scientific notation.
b. 5984102 nm a. 1.017 x 103-1.013 x 10*
b. 9.27 x 10*
11.24 x 10°
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SECTION 1 Scientific Method

The scientific method is a logical approach to solving problems that lend
themselves to investigation.

A hypothesis is a testable statement that serves as the basis for predictions
and further experiments.

A theory is a broad generalization that explains a body of known facts or
phenomena.

scientific method
system
hypothesis
model

theory

SECTION 2 Units of Measurement

The result of nearly every measurement is a number and a unit.

The Sl system of measurement is used in science. It has seven base units:
the meter (length), kilogram (mass), second (time), kelvin (temperature),
mole (amount of substance), ampere (electric current), and candela
(luminous intensity).

Weight is a measure of the gravitational pull on matter.

Derived Sl units include the square meter (area) and the cubic meter
(volume).

Density is the ratio of mass to volume.

Conversion factors are used to convert from one unit to another.

quantity

SI

weight

derived unit

volume

density

conversion factor
dimensional analysis

SECTION 3 Using Scientific Measurements

Accuracy refers to the closeness of a measurement to the correct or
accepted value. Precision refers to the closeness of values for a set of
measurements.

Percentage error is the difference between the experimental and the
accepted value that is divided by the accepted value and then multiplied
by 100.

The significant figures in a number consist of all digits known with certainty
plus one final digit, which is uncertain.

After addition or subtraction, the answer should be rounded so that it has
no more digits to the right of the decimal point than there are in the mea-
surement that has the smallest number of digits to the right of the decimal
point. After multiplication or division, the answer should be rounded so that
it has no more significant figures than there are in the measurement that
has the fewest number of significant figures.

Exact conversion factors are completely certain and do not limit the
number of digits in a calculation.

A number written in scientific notation is of the form M x 107, in which M is
greater than or equal to 1 but less than 10, and n is an integer.

Two quantities are directly proportional to each other if dividing one by the
other yields a constant value. Two quantities are inversely proportional to
each other if their product has a constant value.

accuracy
precision

percentage error
significant figures
scientific notation
directly proportional
inversely proportional
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CHAPTER 2 Review

SECTION 1
Scientific Method
. REVIEWING MAIN IDEAS

1. How does quantitative information differ from
qualitative information?

2. What is a hypothesis?
3. a. What is a model in the scientific sense?

b. How does a model differ from a theory?

SECTION 2
Units of Measurement
@ REVIEWING MAIN IDEAS

4. Why is it important for a measurement system to have
an international standard?

5. How does a quantity differ from a unit? Use two
examples to explain the difference.

6. List the seven SI base units and the quantities they
represent.

7. What is the numerical equivalent of each of the
following SI prefixes?

a. kilo- d. micro-
b. centi- e. milli-
€. mega-

8. Identify the SI unit that would be most appropriate
for expressing the length of the following.
a. width of a gymnasium
b. length of a finger
¢. distance between your town and the closest border
of the next state
d. length of a bacterial cell

9. Identify the SI unit that would be most appropriate
for measuring the mass of each of the following
objects.

a. table
b. coin
€. a 250 mL beaker

10. Explain why the second is not defined by the length
of the day.

58 Chapter 2

11. a. Whatis a derived unit?
b. What is the SI-derived unit for area?

12. a. List two SI-derived units for volume.
b. List two non-SI units for volume, and explain how
they relate to the cubic centimeter.

13. a. Why are the units that are used to express the
densities of gases different from those used to
express the densities of solids or liquids?

b. Name two units for density.
¢. Why is the temperature at which density is mea-
sured usually specified?

14. a. Which of the solids listed in Figure 2.8 will float on
water?
b. Which of the liquids will sink in milk?

15. a. Define conversion factor.
b. Explain how conversion factors are used.

PRACTICE PROBLEMS

16. What is the volume, in cubic meters, of a rectangular
solid that is 0.25 m long, 6.1 m wide, and 4.9 m high?

17. Find the density of a material, given thata 5.03 g
sample occupies 3.24 mL. (Hint: See Sample
Problem A.)

18. What is the mass of a sample of material that has a
volume of 55.1 cm?® and a density of 6.72 g/cm3?

19. Asample of a substance that has a density of 0.824 g/mL
has a mass of 0.451 g. Calculate the volume of the
sample.

20. How many grams are in 882 pg? (Hint: See Sample
Problem B.)

21. Calculate the number of milliliters in 0.603 L.

22. The density of gold is 19.3 g/cm?.
a. What is the volume, in cubic centimeters, of a
sample of gold that has a mass of 0.715 kg?
b. If this sample of gold is a cube, what is the length
of each edge in centimeters?

23. a. Find the number of kilometers in 92.25 m.
b. Convert the answer in kilometers to centimeters.



Using Scientific
Measurements

@ REVIEWING MAIN IDEAS

24,
25.

26.
27.

28.

29.

30.

31.

32.

33.

34.

Compare accuracy and precision.

a. Write the equation that is used to calculate
percentage error.

b. Under what condition will percentage error be
negative?

How is the average for a set of values calculated?

What is meant by a mass measurement expressed in
this form: 4.6 g + 0.2 g?

Suppose a graduated cylinder were not correctly
calibrated. How would this affect the results of a
measurement? How would it affect the results of a
calculation using this measurement?

Round each of the following measurements to the
number of significant figures indicated.

a. 67.029 g to three significant figures

b. 0.15 L to one significant figure

¢. 52.8005 mg to five significant figures

d. 3.174 97 mol to three significant figures

State the rules governing the number of significant
figures that result from each of the following
operations.

a. addition and subtraction

b. multiplication and division

What is the general form for writing numbers in
scientific notation?

a. By using x and y, state the general equation for
quantities that are directly proportional.

b. For two directly proportional quantities, what
happens to one variable when the other variable
increases?

a. State the general equation for quantities, x and y,
that are inversely proportional.

b. For two inversely proportional quantities, what
happens to one variable when the other increases?

Arrange in the correct order the following four basic
steps for finding the solution to a problem: check
your work, analyze, solve, and plan.

CHAPTER REVIEW

PRACTICE PROBLEMS

35.

36.

37.

38.

39.
40.

41.
42.
43.

44,

45.

46.

A student measures the mass of a sample as 9.67 g.
Calculate the percentage error, given that the correct
mass is 9.82 g. (Hint: See Sample Problem C.)

A handbook gives the density of calcium as 1.54 g/cm?3.
Based on lab measurements, what is the percentage
error of a density calculation of 1.25 g/cm?3?

What is the percentage error of a length measurement
0f 0.229 cm if the correct value is 0.225 cm?

How many significant figures are in each of the
following measurements? (Hint: See Sample
Problem D.)

a. 0.4004 mL

b. 6000 g

c. 1.000 30 km

d. 400. mm

Calculate the sum of 6.078 gand 0.3329 g.

Subtract 7.11 cm from 8.2 cm. (Hint: See Sample
Problem E.)

What is the product of 0.8102 m and 3.44 m?
Divide 94.20 gby 3.167 22 mL.

Write the following numbers in scientific notation.
a. 0.0006730

b. 50 000.0

c. 0.000003 010

The following numbers are in scientific notation.
Write them in ordinary notation.

a. 7.050 x 103 g

b. 4.000 05 x 107 mg

c. 2.3500 x 10* mL

Perform the following operation. Express the answer
in scientific notation and with the correct number of
significant figures.

0.002115m x 0.0000405 m

A sample of a certain material has a mass of

2.03 x 1073 g. Calculate the volume of the sample,
given that the density is 9.133 x 10~ g/cm3. Use the
four-step method to solve the problem. (Hint: See
Sample Problem F.)
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CHAPTER REVIEW

Mixed Review 56. What are ISO 9000 standards? How do they affect

industry on an international level?

47. A man finds that he has a mass of 100.6 kg. He goes
on a diet, and several months later he finds t‘hat he ALTERNATIVE ASSESSMENT
has a mass of 96.4 kg. Express each number in
scientific notation, and calculate the number of

; o 57. Performance Obtain three metal samples from your
kilograms the man has lost by dieting.

teacher. Determine the mass and volume of each

48. Alarge office building is 1.07 x 102 m long, 31 m sample. Calculate the density of each metal from your
wide, and 4.25 x 102 m high. What is its volume? measurement data. (Hint: Consider using the water
displacement technique to measure the volume of
49. An object has a mass of 57.6 g. Find the object’s your samples.)

density, given that its volume is 40.25 cm3.
58. Use the data from the Nutrition Facts label below to

50. A lab worker measures the mass of some sucrose as answer the following questions:
0.947 mg. Convert that quantity to grams and to a. Use the data given on the label for grams of fat and
kilograms. calories from fat to construct a conversion factor

that has the units calories per gram.

b. Calculate the mass in kilograms for 20 servings of
the food.

¢. Calculate the mass of protein in micrograms for
one serving of the food.

d. What is the correct number of significant figures

USING THE HANDBOOK for the answer in item a? Why?

52. Find the table of properties for Group 1 elements in

51. A student calculates the density of iron as 6.80 g/cm3
by using lab data for mass and volume. A handbook
reveals that the correct value is 7.86 g/cm?. What is
the percentage error?

Nutrition Facts

the Elements Handbook (Appendix A). Calculate the Serving Size % cup (30g)

volume of a single atom of each element listed in the Servings Per Container About 14
. . . |
table by using the equation for the volume of a sphere. with
Corn Y2 cup
4 A t Per Serving Crunch skim milk
3T r Calories 120 160
Calories from Fat 15 20

53. Use the radius of a sodium atom from the Elements

% Daily Value**

Handbook (Appendix A) to calculate the number of Total Fat 29 3% 3%
sodium atoms in a row 5.00 cm long. Assume that Saturated Fat 0g 0% 0%
each sodium atom touches the ones next to it. Ch°_'e5te'°' Omg 0% 1%
Sodium 160mg 7% 9%
54. a. Ablock of sodium that has the measurements ::::IS sium 65mg 2% 8%
3.00 cm X 5.00 cm X 5.00 cm has a mass of Carbohydrate 25g 8% 10%
75.5 g. Calculate the density of sodium. gietary Fiber 3g
. . . ugars 3g
b. Compare y(?ur calculated density with the value in Other Carbohydrate 11g
the properties table for Group 1 elements. Protein 2g
Calculate the percentage error for your density
. . *Amount in Cereal. A serving of cereal plus skim milk
determination. provides 2g fat, less 5mg cholesterol, 220mg

sodium, 270mg potassium, 31g carbohydrate
(199 sugars) and 6g protein.

**Percent Daily Values are based on a 2,000 calorie diet.

Your daily values may be higher or lower depending on
RESEARCH AND WRIT'NG your calorie needs:

Calories 2,000 2,500

Total Fat Lessthan 659 80g
55. How does the metric system, which was once a Sat Fat Lessthan  20g 259
Cholesterol Lessthan ~ 300mg 300mg
standard for measurement, differ from SI? Why was Sodium Lessthan  2400mg  2400mg
. . Potassium 3,500mg  3,500mg
it necessary for the United States to change to SI? Total Carbohydrate 300g 375g
Dietary Fiber 259 30g
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TEST Fr=F

Standards-Based Assessment

Answer the following items on a separate piece of paper. : 7. The accuracy of a measurement
MULTIPLE CHOICE A. is how close it is to the true value.
B. does not depend on the instrument used to
1. Which of the following masses is the largest? measure the object.
A. 0.200g : C. indicates that the measurement is also precise.
B. 0.020 kg D. is something that scientists rarely achieve.
C. 20.0 mg 8. A measurement of 23 465 mg converted to grams
D. 2000 pg
‘ equals
2. Which of the following measurements contains A. 2.3465g. C. 234.65¢.
three significant figures? | B. 23.465g. D. 0.23465 g.

A. 200 mL C. 20.2mL

B. 0.02 mL D. 200.0 mL 9. A metal sample has a mass of 45.65 g. The volume of

the sample is 16.9 cm®. The density of the sample is

3. Atheory differs from a hypothesis in that a theory A. 2.7g/cm?. C. 0.370 g/cm?.
A. cannot be disproved. B. 2.70g/cm3.  D. 0.37 g/cm3.
B. always leads to the formation of a law.
C. has been subjected to experimental testing. . SHORT ANSWER

D. represents an educated guess.

10. Arecipe for 18 cookies calls for 1 cup of chocolate
chips. How many cups of chocolate chips are
needed for 3 dozen cookies? What kind of propor-
tion, direct or indirect, did you use to answer this

4. All measurements in science
A. must be expressed in scientific notation.
B. have some degree of uncertainty.
C. are both accurate and precise.
D.

] o question?
must include only those digits that are known !
with certainty. 11, Which of the following statements contain exact
‘ numbers?

5. When numbers are multiplied or divided, the

answer can have no more

A. significant figures than are in the measurement
that has the smallest number of significant
figures.

B. significant figures than are in the measurement
that has the largest number of significant figures.

C. digits to the right of the decimal point than are in
the measurement that has the smallest number
of digits to the right of the decimal point.

D. digits to the right of the decimal point than are in
the measurement that has the largest number of
digits to the right of the decimal point.

A. There are 12 eggs in a dozen.

B. The accident injured 21 people.

C. The circumference of the Earth at the equator is
40 000 km.

EXTENDED RESPONSE

12. You have decided to test the effects of five garden
fertilizers by applying some of each to separate rows
of radishes. What is the variable you are testing?
What factors should you control? How will you
measure and analyze the results?

13. Around 1150, King David I of Scotland defined the
inch as the width of a man’s thumb at the base of
the nail. Discuss the practical limitations of this
early unit of measurement.

6. Which of the following is not part of the scientific
method?
A. making measurements
B. introducing bias
C. making an educated guess
D.

analyzing data Test Tip

Carefully read questions that ask for the
one choice that is not correct. Often these
questions include words such as is not,
except, or all but.
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SECTION

The Atom: From
u p) Three basic laws describe how

matter behaves in chemical

- -
Philosophical Idea E=

Compounds contain atoms in

m m =
to Scientific Theory S

p) Atoms can be subdivided into
smaller particles.

law of conservation of mass
law of definite proportions
law of multiple proportions

When you crush a lump of sugar, you can see that it is made up of many smaller
particles of sugar. You may grind these particles into a very fine powder, but each
tiny piece is still sugar. Now suppose you dissolve the sugar in water. The tiny
particles seem to disappear completely. Even if you look at the sugar-water solution
through a powerful microscope, you cannot see any sugar particles. Yet if you were
to taste the solution, you’d know that the sugar is still there. Observations like these
led early philosophers to ponder the fundamental nature of matter. Is it continuous
and infinitely divisible, or is it divisible only until a basic, invisible particle that cannot
be divided further is reached?

The particle theory of matter was supported as early as 400 BCE by certain Greek
thinkers, such as Democritus. He called nature’s basic particle an atom, based
on the Greek word meaning “indivisible.” Aristotle was part of the generation that
succeeded Democritus. His ideas had a lasting impact on Western civilization, and
he did not believe in atoms. He thought that all matter was continuous, and his
opinion was accepted for nearly 2000 years. Neither the view of Aristotle nor that
of Democritus was supported by experimental evidence, so each remained under
speculation until the eighteenth century. Then scientists began to gather evidence
favoring the atomic theory of matter.

© MAIN IDEA

Virtually all chemists in the late 1700s accepted the modern definition
of an element as a substance that cannot be further broken down by
ordinary chemical means. They also assumed that these elements
combined to form compounds that have different physical and chemical
properties than those of the elements that make them. What troubled
them, however, was the understanding of just exactly how the different
substances could combine with one another to form new ones, what we
know as chemical reactions. Most historians date the foundation of
modern chemistry to this time when scientists finally began to ascribe
rules to how matter interacts.

Atoms: The Building Blocks of Matter 63



Table Salt Crystals Each of
the salt crystals shown here contains
exactly 39.34% sodium and 60.66%
chlorine by mass.

64 Chapter 3

In the 1790s, the study of matter was revolutionized by a new empha-
sis on the quantitative analysis of chemical reactions. Aided by improved
balances, investigators began to accurately measure the masses of the
elements and compounds they were studying. This led to the discovery of
several basic laws. One of these laws was the law of conservation of mass,
which states that mass is neither created nor destroyed during ordinary
chemical reactions or physical changes. This discovery was soon followed
by the assertion that, regardless of where or how a pure chemical com-
pound is prepared, it is composed of a fixed proportion of elements. For
example, sodium chloride, also known as ordinary table salt, as shown in
Figure 1.1, always consists of 39.34% by mass of the element sodium, Na,
and 60.66% by mass of the element chlorine, Cl. The fact that a chemical
compound contains the same elements in exactly the same proportions by
mass regardless of the size of the sample or source of the compound is known
as the law of definite proportions.

It was also known that two elements sometimes combine to form
more than one compound. For example, the elements carbon and oxygen
form two compounds, carbon dioxide and carbon monoxide. Consider
samples of each of these compounds, each containing 1.00 g of carbon. In
carbon dioxide, 2.66 g of oxygen combine with 1.00 g of carbon. In carbon
monoxide, 1.33 g of oxygen combine with 1.00 g of carbon. The ratio of
the masses of oxygen in these two compounds is 2.66 to 1.33, or 2 to 1.
This illustrates the law of multiple proportions: If two or more different com-
pounds are composed of the same two elements, then the ratio of the masses
of the second element combined with a certain mass of the first element is
always a ratio of small whole numbers.

© MAIN IDEA
Compounds contain atoms in whole-number ratios.

In 1808, an English schoolteacher named John Dalton proposed an
explanation that encompassed all these laws. He reasoned that elements
were composed of atoms and that only whole numbers of atoms can
combine to form compounds. His theory can be summed up by the
following statements.

1. All matter is composed of extremely small particles called atoms.

2. Atoms of an element are identical in size, mass, and other properties;
atoms of different elements differ in size, mass, and other properties.

3. Atoms cannot be subdivided, created, or destroyed.

4. Atoms of different elements combine in simple whole-number ratios
to form chemical compounds.

5. In chemical reactions, atoms are combined, separated, or rearranged.

Dalton’s atomic theory explains the law of conservation of mass
through the concept that chemical reactions involve merely the combi-
nation, separation, or rearrangement of atoms and that during reactions
atoms are not subdivided, created, or destroyed. Figure 1.2, on the next
page, illustrates this idea for the formation of carbon monoxide from
carbon and oxygen.

©Thomas J. Peterson/Photographer’s Choice/Getty Images



Atoms and the Law of Conservation of Mass

-

Carbon, C Oxygen, O Carbon monoxide, CO Carbon monoxide, CO Carbon, C Oxygen, O
Mass x Mass y Mass x + Mass y Mass x + Mass y Mass x Mass y
(a) An atom of carbon, C, and an atom of oxygen, O, can (b) The reverse holds true in a reaction in which a

combine chemically to form a molecule of carbon CO molecule is broken down into its elements.
monoxide, CO. The mass of the CO molecule is equal to

the mass of the C atom plus the mass of the O atom.

)

Law of Multiple Proportions

N

Carbon, C Oxygen, O  Carbon monoxide, CO Carbon, C Oxygen, O Oxygen, O Carbon dioxide, CO,
(a) CO molecules are always composed of (b) CO, molecules are always composed of one C atom
one C atom and one O atom. and two O atoms. Note that a molecule of carbon dioxide

contains twice as many oxygen atoms as does a
molecule of carbon monoxide.

Figure 1.3 illustrates how Dalton’s atomic theory explained the other
laws. The law of definite proportions results from the fact that a given
chemical compound always contains the same combinations of atoms.
As for the law of multiple proportions, in the case of the carbon oxides,
the 2-to-1 ratio of oxygen masses results because carbon dioxide always
contains twice as many atoms of oxygen (per atom of carbon) as does
carbon monoxide.

MAIN IDEA

Atoms can be subdivided into smaller particles.

By relating atoms to the measurable property of mass, Dalton turned
Democritus’s idea into a scientific theory that could be tested by experi-
ment. But not all aspects of Dalton’s atomic theory have proven to be
correct. For example, today we know that atoms are divisible into even
smaller particles (although the law of conservation of mass still holds

true for chemical reactions). And, as you will see in Section 3, we know
that a given element can have atoms with different masses. Atomic theory
has not been discarded—only modified! The important concepts that

(1) all matter is composed of atoms and that (2) atoms of any one element
differ in properties from atoms of another element remain unchanged.

Atoms: The Building Blocks of Matter
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QuickL.AB ) CONSTRUCTINGAMODEL

QUESTION and masses of some known MATERIALS
How can you construct a model of objects outside the can. Then e can covered by a sock sealed
an unknown object by (1) making compare your estimates of with tape
inferences about an object that these objects with actual  one or more objects that fit in
is in a closed container and measurements using a metric the container
(2) touching the object without ruler and a balance. o metric ruler
seeing it? e balance
DISCUSSION SAFETY

PROCEDURE 1. Scientists often use more than Wear safety
Record all of your results in a one method to gather data. @ 0 goggles and an
data table. How was this illustrated in the apron.
1. Your teacher will provide you investigation? /

with a can that is covered by a 2. Of the observations you made,

sock sealed with tape. Without which were qualitative and

unsealing the container, try to which were quantitative?

determine the number of

objects inside the can as well 3. Using the data you gathered,

as the mass, shape, size, draw a model of the unknown

composition, and texture of object(s) and write a brief

each object. To do this, you summary of your conclusions.

may carefully tilt or shake the
can. Record your observations
in a data table.

2. Remove the tape from the top of
the sock. Do not look inside the
can. Put one hand through the
opening, and make the same
observations as in step 1 by
handling the objects. To make
more-accurate estimations,
practice estimating the sizes

- ( FORMATIVE ASSESSMENT

@ Reviewing Main Ideas @ Critical Thinking
1. List the five main points of Dalton’s 3. ANALYZING INFORMATION Three
atomic theory. compounds containing potassium and oxygen

are compared. Analysis shows that for each
1.00 g of O, the compounds have 1.22 g, 2.44 g,
and 4.89 g of K, respectively. Show how these
data support the law of multiple proportions.

2. What chemical laws can be explained by
Dalton’s theory?
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Physical Chemist
hysical chemists focus on understanding the physical

|P properties of atoms and molecules. They are driven
by a curiosity of what makes things work at the level
of atoms, and they enjoy being challenged. In addition to
chemistry, they study mathematics and physics extensively.
Laboratory courses involving experience with electronics and
optics are typically part of their training. Often, they enjoy
working with instruments and computers. Physical chemists
can be experimentalists or theoreticians. They use
sophisticated instruments to make measurements or
high-powered computers to perform intensive calculations.
The instruments used include lasers, electron microscopes,
nuclear magnetic resonance spectrometers, mass
spectrometers, and particle accelerators. Physical chemists
work in industry, government laboratories, research
institutes, and academic institutions. Because physical
chemists work on a wide range of problems, taking courses
in other science disciplines is important.

| Scanning Tunneling Microscopy

For years, scientists have yearned for the ability to “see”
individual atoms. Because atoms are so small, this had been
nothing more than a dream. Now, the scanning tunneling
microscope, STM, gives scientists the ability to look at
individual atoms. It was invented in 1981 by Gerd Binnig and
Heinrich Rohrer, scientists working for IBM in Zurich,
Switzerland. They shared the 1986 Nobel Prize in physics for
their discovery.

The basic principle of STM is based on the current that
exists between a metallic needle that is sharpened to a
single atom, the probe, and a conducting sample. As the
probe passes above the surface of the sample at a distance
of one or two atoms, electrons can “tunnel” from the needle
tip to the sample’s surface. The probe moves across, or
“scans,” the surface of the sample. When the probe comes
close to the electrons of an individual atom, a signal is
produced. A weaker signal is produced between atoms.
These signals build a topographical (hill and valley) “map” of
conducting and nonconducting regions. The resulting map
shows the position and spacing of atoms.

v -

This STM image shows a “corral” of iron atoms
on a copper surface.

Surface chemistry is a developing subdiscipline in physical
chemistry, and STM is an important tool in the field.
Scientists use STM to study surface reactions, such as those
that take place in catalytic converters. Other areas of
research in which STM is useful include semiconductors and
microelectronics. Usually, STM is used with materials that
conduct, but it has also been used to study biological
molecules, such as DNA.

One innovative application of STM is the ability to position
individual atoms. The figure shows the result of moving
individual atoms. First, iron atoms were placed on a copper
surface. Then, individual iron atoms were picked up by the
probe and placed in position. The result is a “quantum
corral” of 48 iron atoms on the surface of copper. The
diameter of the corral is about 14 nm.

1. In addition to chemistry, what kinds of courses are
important for a student interested in a physical
chemistry career?

2. What part of an atom is detected by STM?

(@IBMJAImaden]Research[Eenter/ReteyAimold!



SECTION 2

= The Structure of
negative particles.
Atoms have small, dense, e 0 m

positively-charged nuclei.

A nucleus contains protons and
neutrons.

atom
nuclear force

The radii of atoms are

expressed in picometers. Although John Dalton thought atoms were indivisible, investigators in the late
1800s proved otherwise. As scientific advances allowed a deeper exploration of
matter, it became clear that atoms are actually composed of smaller particles and
that the number and arrangement of these particles within an atom determine that
atom’s chemical properties. Therefore, today we define an atom as the smallest
particle of an element that retains the chemical properties of that element.

All atoms consist of two regions. The nucleus is a very small region located at the
center of an atom. In every atom, the nucleus is made up of at least one positively
charged particle called a proton and usually one or more neutral particles called
neutrons. Surrounding the nucleus is a region occupied by negatively charged
particles called electrons. This region is very large compared with the size of the
nucleus. Protons, neutrons, and electrons are referred to as subatomic particles.

© MAIN IDEA

The first discovery of a subatomic particle came in the late 1800s. At that
time, many experiments were performed in which electric current was
passed through various gases at low pressures. (Gases at atmospheric
pressure don’t conduct electricity well.) These experiments were carried
out in glass tubes, like the one shown in Figure 2.1, that had been hooked
up to a vacuum pump. Such tubes are known as cathode-ray tubes.

Structure of a Cathode-Ray
Tube Particles pass through the

tube from the cathode, the metal disk
connected to the negative terminal of the
voltage source, to the anode, the metal
disk connected to the positive terminal.

. Investigators noticed that when current was passed
| | | through the tube, the surface of the tube directly

© opposite the cathode glowed. They hypothesized that
the glow was caused by a stream of particles, which
Voltage source they called a cathode ray. The ray traveled from the
. cathode to the anode when current was passed
through the tube. Experiments devised to test this
Gas at low pressure Cathode ray hypothesis revealed the following observations:

+ 1. Cathode rays were deflected by a magnetic field
s e | in the same manner as a wire carrying electric
v 53 current, which was known to have a negative
\ : charge (see Figure 2.2 on the next page).

Cathode Anode 2. The rays were deflected away from a negatively

(metal disk) (metal disk) : charged object.
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These observations led to the hypothesis FIGURE 2.2

that the particles that compose cathode rays o . . .
are negatively charged. This hypothesis was Finding Negative Particles Holding a magnet near a
cathode-ray tube (attached to a vacuum pump) causes negatively-

charged particles in the beam to be deflected.

strongly supported by a series of experiments
carried out in 1897 by the English physicist
Joseph John Thomson. In one investigation,
he was able to measure the ratio of the
charge of cathode-ray particles to their mass.
He found that this ratio was always the same,
regardless of the metal used to make the
cathode or the nature of the gas inside the
cathode-ray tube. Thomson concluded that
all cathode rays must be composed of o 18

] ¥ ' BEN
identical negatively charged particles, which i / e —— _

were named electrons.
Cathode

Charge and Mass of the Electron

Cathode rays have identical properties regardless of the element used to
produce them. Therefore, it was concluded that electrons are present in
atoms of all elements. Thus, cathode-ray experiments provided evidence
that atoms are divisible and that one of the atom’s basic constituents is the
negatively charged electron. Thomson'’s experiment also revealed that the
electron has a very large charge-to-mass ratio. In 1909, experiments
conducted by the American physicist Robert A. Millikan measured the
charge of the electron. Scientists used this information and the charge-to-
mass ratio of the electron to determine that the mass of the electron is
about one two-thousandth the mass of the simplest type of hydrogen atom,
which is the smallest atom known. More-accurate experiments conducted
since then indicate that the electron has a mass 0f 9.109 x 10~3! kg, or
1/1837 the mass of the simplest type of hydrogen atom.

Based on what was learned about electrons, two other inferences were
made about atomic structure.

1. Because atoms are electrically neutral, they must contain a positive
charge to balance the negative electrons.

2. Because electrons have so much less mass than atoms, atoms must
contain other particles that account for most of their mass.

Thomson proposed a model for the atom that is called the plum

pudding model (after the English dessert). He believed that the negative ‘CHEGK FOR UNDERSTANDING
electrons were spread evenly throughout the positive charge of the rest of Analyze Why is it necessary to use
the atom. This arrangement is like seeds in a watermelon: the seeds are experiments such as those of
spread throughout the fruit but do not contribute much to the overall J.J. Thomson and Robert A. Millikan to

mass. However, shortly thereafter, new experiments disproved this model. infer information about electrons?

Still, the plum pudding model was an important step forward in our
modern understanding of the atom, as it represents the first time scien-
tists tried to incorporate the then-revolutionary idea that atoms were not,
strictly speaking, indivisible.
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‘ CHECK FOR UNDERSTANDING
Explain What did Rutherford expect to
happen when he fired alpha particles at

© MAIN IDEA
Atoms have small, dense, positively charged nuclei.

More detail of the atom’s structure was provided in 1911 by New Zealander
Ernest Rutherford and his associates Hans Geiger and Ernest Marsden.
The scientists bombarded a thin piece of gold foil with fast-moving alpha

the gold foil? particles, which are positively charged particles with about four times the
mass of a hydrogen atom. Geiger and Marsden assumed that mass and
charge were uniformly distributed throughout the atoms of the gold foil, as
one would expect from the plum pudding model. They expected the alpha
particles to pass through with only a slight deflection, and for the vast
majority of the particles, this was the case. However, when the scientists
checked for the possibility of wide-angle deflections, they were shocked to
find that roughly 1 in 8000 of the alpha particles had actually been de-
flected back toward the source (see Figure 2.3). As Rutherford later ex-
claimed, it was “as if you had fired a 15-inch [artillery] shell at a piece of

tissue paper and it came back and hit you.”

After thinking about the startling result for a few months, Rutherford
finally came up with an explanation. He reasoned that the deflected alpha
particles must have experienced some powerful force within the atom.
And he figured that the source of this force must occupy a very small
amount of space because so few of the total number of alpha particles had
been affected by it. He concluded that the force must be caused by a very
densely packed bundle of matter with a positive electric charge. Rutherford
called this positive bundle of matter the nucleus (see Figure 2.4 on the next
page).

Rutherford had discovered that the volume of a nucleus was very
small compared with the total volume of an atom. In fact, if the nucleus
were the size of a marble, then the size of the atom would be about the
size of a football field. But where were the electrons? This question was
not answered until Rutherford’s student, Niels Bohr, proposed a model in
which electrons surrounded the positively charged nucleus as the planets
surround the sun. Bohr’s model is discussed in a later chapter.

Screen to detect

deflected
\

particles

P Thin gold
S foil

r \ 4,

*  —Lead box containing radioactive (b) ‘-—y Particles /

source of fast-moving particles

a) Geiger and Marsden bombarded a thin piece of gold foil
with a narrow beam of alpha particles.

&

deflected by foil

b) Some of the particles were deflected by the gold foil
back toward their source.
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Small deflection
Finding the Nucleus Rutherford
reasoned that each atom in the gold

~ =
foil contained a small, dense, positively
charged nucleus surrounded by electrons.
o A small number of the alpha particles
/ directed toward the foil were deflected
Beam of

—— Electrons by the tiny nucleus (red arrows). Most of

positive < : X purround the particles passed through undisturbed
particles Nucleus nucleus
Large deflection (black arrows).

© MAIN IDEA
A nucleus contains protons and neutrons.

Except for the nucleus of the simplest type of hydrogen atom (discussed
in the next section), all atomic nuclei are made of two kinds of particles,
protons and neutrons. A proton has a positive charge equal in magnitude
to the negative charge of an electron. Atoms are electrically neutral
because they contain equal numbers of protons and electrons. A neutron
is electrically neutral.

The simplest hydrogen atom consists of a single-proton nucleus with a
single electron moving about it. A proton has a mass of 1.673 x 10727 kg,
which is 1836 times greater than the mass of an electron and 1836/1837,
or virtually all, of the mass of the simplest hydrogen atom. All atoms
besides the simplest hydrogen atom also have neutrons. The mass of a
neutron is 1.675 x 1027 kg—slightly larger than that of a proton.

The nuclei of atoms of different elements differ in their number of
protons and, therefore, in the amount of positive charge they possess.
Thus, the number of protons determines that atom’s identity. Physicists
have identified other subatomic particles, but particles other than elec-
trons, protons, and neutrons have little effect on the chemical properties
of matter. Figure 2.5 on the next page summarizes the properties of
electrons, protons, and neutrons.

Forces in the Nucleus

Generally, particles that have the same electric charge repel one another.
Therefore, we would expect a nucleus with more than one proton to be
unstable. However, when two protons are extremely close to each other,
there is a strong attraction between them. In fact, as many as 83 protons
can exist close together to help form a stable nucleus. A similar attraction
exists when neutrons are very close to each other or when protons and
neutrons are very close together. These short-range proton-neutron,
proton-proton, and neutron-neutron forces hold the nuclear particles together
and are referred to as nuclear forces.

Atoms: The Building Blocks of Matter
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FIGURE 2.5
PROPERTIES OF SUBATOMIC PARTICLES

Relative electric Relative mass
Particle Symbols charge Mass number (u*) Actual mass (kg)
Electron e, e ~1 0 0.000 5486 9.109 x 103
Proton pT, ]H +1 1 1.007 276 1.673 x 10~%7
Neutron n°, on 0 1 1.008 665 1.675 x 10~%
*1 u (unified atomic mass unit) = 1.660 5402 x 1027 kg

© MAIN IDEA
The radii of atoms are expressed in picometers.

It is convenient to think of the region occupied by the electrons as an
electron cloud—a cloud of negative charge. The radius of an atom is the
distance from the center of the nucleus to the outer portion of this electron
cloud. Because atomic radii are so small, they are expressed using a unit
that is more convenient for the sizes of atoms. This unit is the picometer.
The abbreviation for the picometer is pm (1 pm = 1072 m = 10~1%cm).
To get an idea of how small a picometer is, consider that 1 cm is the same
fractional part of 103 km (about 600 mi) as 100 pm is of 1 cm. Atomic radii
range from about 40 to 270 pm. By contrast, the nuclei of atoms have much
smaller radii, about 0.001 pm. Nuclei also have incredibly high densities,
about 2 x 10% metric tons/cm3.

- FORMATIVE ASSESSMENT

@ Reviewing Main Ideas 3. Compare the three subatomic particles in terms
oflocation in the atom, mass, and relative charge.

1. Define each of the following:
o 4. Why are cathode-ray tubes, like the one in

b. electron Figure 2.1, connected to a vacuum pump?
h TS @ Critical Thinking
d. proton
T 5. EVALUATING IDEAS Nuclear forces are said
to hold protons and neutrons together. What
2. Describe one conclusion made by each of the is it about the composition of the nucleus that
following scientists that led to the development requires the concept of nuclear forces?

of the current atomic theory:
a. Thomson

b. Millikan

c. Rutherford
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Counting Atoms

atomic number nuclide mole
isotope unified atomic mass unit Avogadro’s number
mass number average atomic mass molar mass

Consider neon, Ne, the gas used in many illuminated signs. Neon is a minor
component of the atmosphere. In fact, dry air contains only about 0.002% neon.
And vet there are about 5 x 10'7 atoms of neon present in each breath you inhale.
In most experiments, atoms are much too small to be measured individually.
Chemists can analyze atoms quantitatively, however, by knowing fundamental
properties of the atoms of each element. In this section, you will be introduced

to some of the basic properties of atoms. You will then discover how to use this
information to count the number of atoms of an element in a sample with a known
mass. You will also become familiar with the mole, a special unit used by chemists
to express amounts of particles, such as atoms and molecules.

© MAIN IDEA

. All atoms contain the same particles. Yet all atoms are not the same.

. Atoms of different elements have different numbers of protons. Atoms
: of the same element all have the same number of protons. The
+atomic number (Z) of an element is the number of protons of each atom

| of that element.

: Look at a periodic table. In most, an element’s atomic number is
indicated above its symbol, and the elements are placed in order of
increasing atomic number. Hydrogen, H, is at the upper left of the table
and has an atomic number of 1. All atoms of the element hydrogen have
+one proton. Next in order is helium, He, which has two protons. Lithium,
Li, has three protons (see Figure 3.1); beryllium, Be, has four protons; and

so on. The atomic number identifies an element. If the number of protons
' in the nucleus of an atom were to change, that atom would become a
different element.

- Butjust because all hydrogen atoms, for example, have only a single

| proton, it doesn't mean they all have the same number of neutrons, or
even any neutrons at all. In fact, three types of hydrogen atoms are

- known. The most common type of hydrogen is sometimes called protium.
. Itaccounts for 99.9885% of the hydrogen atoms found on Earth, and its

' nucleus consists of only a single proton. Another type of hydrogen,

" deuterium, accounts for 0.0115% of Earth’s hydrogen atoms; its nucleus
has one proton and one neutron. The third form of hydrogen, fritium, has
one proton and two neutrons in its nucleus. Tritium is radioactive so it is
not very common at all on Earth; however, it is still hydrogen.

SECTION 3

All atoms of an element must
have the same number of
protons, but not neutrons.

Atomic mass is a relative
measure.

Average atomic mass is a
weighted value.

A relative mass scale makes
counting atoms possible.

Atomic Numbers The atomic
number in this periodic table entry
reveals that an atom of lithium has

three protons in its nucleus.

3
Li
Lithium
6.941
[He]2s?
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[ FIGURE 3.2

Three Isotopes of Hydrogen The nuclei of different isotopes of the same
element have the same number of protons but different numbers of neutrons.

Protium

1 Proton

1 Neutron 2 Neutrons

N

1 Proton

Deuterium Tritium

V.
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Protium, deuterium, and tritium are isotopes of hydrogen. Isotopes
are atoms of the same element that have different masses. The isotopes of a
particular element all have the same number of protons and electrons but
different numbers of neutrons. In all three isotopes of hydrogen, shown in
Figure 3.2, the positive charge of the single proton is balanced by the
negative charge of the electron. Most of the elements consist of mixtures
of isotopes. Tin has 10 stable isotopes, for example—the most of
any element.

The atoms in any sample of an element you may find most likely will
be a mixture of several isotopes in various proportions. The detection of
these isotopes and determination of their relative proportions has
become extremely precise. So precise that scientists can determine where
some elements come from by measuring the percentages of different
isotopes in a sample.

Mass Number

Identifying an isotope requires knowing both the name or atomic
number of the element and the mass of the isotope. The mass number
is the total number of protons and neutrons that make up the nucleus of an
isotope. The three isotopes of hydrogen described earlier have mass
numbers 1, 2, and 3, as shown in Figure 3.3.

FIGURE 3.3

MASS NUMBERS OF HYDROGEN ISOTOPES

Atomic number Number of Mass number
(number of protons) neutrons (protons + neutrons)

Protium 1 0 1+0=1

Deuterium 1 1 1+1=2

Tritium 1 2 1+2=3




Identifying Isotopes

There are two methods for specifying isotopes. In the first, the mass
number appears with a hyphen after the name of the element. Tritium,
for example, is written as hydrogen-3. We call this method hyphen
notation. The uranium isotope with mass number 235, commonly used
as fuel for nuclear power plants, is known as uranium-235. The second
method shows the composition of a nucleus using the isotope’s nuclear
symbol. So uranium-235 is shown as %5U. The superscript indicates the
mass number (protons + neutrons). The subscript indicates the atomic
number (number of protons). The number of neutrons is found by
subtracting the atomic number from the mass number.

mass number — atomic number = number of neutrons
235 (protons + neutrons) — 92 protons = 143 neutrons

Figure 3.4 gives the names, symbols, and compositions of the isotopes
of hydrogen and helium. Nuclide is a general term for a specific isotope of
an element.

FIGURE 3.4

ISOTOPES OF HYDROGEN AND HELIUM

Nuclear Number of Number of Number of

Isotope symbol protons electrons neutrons
Hydrogen-1 (protium) H 1 1 0
Hydrogen-2 (deuterium) ~ H 1 1 1
Hydrogen-3 (tritium) H 1 1 2
Helium-3 SHe 2 2 1
Helium-4 oHe 2 2 2

Sub-Atomic Particles

Sample Problem A How many protons, electrons, and neutrons are there in an atom
of chlorine-37?

o ANALYZE Given: name and mass number of chlorine-37
Unknown: numbers of protons, electrons, and neutrons
e PLAN atomic number = number of protons = number of electrons

mass number = number of neutrons + number of protons
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Sub-Atomic Particles (continued)

€ SOLVE

CHECK YOUR
WORK

The mass number of chlorine-37 is 37. Consulting the periodic table reveals
that chlorine’s atomic number is 17. Therefore we know that

atomic number = number of protons = number of electrons =
17 protons and 17 electrons

number of neutrons = mass number — atomic number =
37 — 17 = 20 neutrons

An atom of chlorine-37 is made up of 17 electrons, 17 protons, and
20 neutrons.

The number of protons in a neutral atom equals the number of electrons. The
sum of the protons and neutrons equals the given mass number (17 + 20 = 37).

Practice Answers in Appendix E

1. How many protons, electrons, and neutrons make up an atom of bromine-80?

76

2. Write the nuclear symbol for carbon-13.

3. Write the hyphen notation for the isotope with 15 electrons and 15 neutrons.

Chapter 3

© MAIN IDEA
Atomic mass is a relative measure.

Masses of atoms expressed in grams are very small. As we shall see, an
atom of oxygen-16, for example, has a mass of 2.656 x 10723 g. For most
chemical calculations it is more convenient to use relative atomic masses.
Asyou learned when you studied scientific measurement, scientists use
standards of measurement that are constant and are the same every-
where. In order to set up a relative scale of atomic mass, one atom has
been arbitrarily chosen as the standard and assigned a mass value. The
masses of all other atoms are expressed in relation to this standard.

The standard used by scientists to compare units of atomic mass is the
carbon-12 atom, which has been arbitrarily assigned a mass of exactly 12
unified atomic mass units, or 12 u. One unified atomic mass unit, or 1 u, is
exactly 1/12 the mass of a carbon-12 atom. The atomic mass of any other
atom is determined by comparing it with the mass of the carbon-12 atom.
The hydrogen-1 atom has an atomic mass of about 1/12 that of the
carbon-12 atom, or about 1 u. The precise value of the atomic mass of a
hydrogen-1 atom is 1.007 825 u. An oxygen-16 atom has about 16/12 (or
4/3) the mass of a carbon-12 atom. Careful measurements show the
atomic mass of oxygen-16 to be 15.994 915 u. The mass of a magne-
sium-24 atom is found to be slightly less than twice that of a carbon-12
atom. Its atomic mass is 23.985 042 u.



Some additional examples of the atomic masses of the naturally
occurring isotopes of several elements are given in Figure 3.5 on the next

page. Isotopes of an element may occur naturally, or they may be made in

the laboratory (artificial isotopes). Although isotopes have different
masses, they do not differ significantly in their chemical behavior.

The masses of subatomic particles can also be expressed on the
atomic mass scale (see Figure 2.5). The mass of the electron is
0.000 548 6 u, that of the proton is 1.007 276 u, and that of the neutron is
1.008 665 u. Note that the proton and neutron masses are close, but not
equal, to 1 u. You have learned that the mass number is the total number
of protons and neutrons that make up the nucleus of an atom. You can
now see that the mass number and relative atomic mass of a given
nuclide are quite close to each other. They are not identical, because the
proton and neutron masses deviate slightly from 1 u and the atomic
masses include electrons. Also, as you will read in a later chapter, a small
amount of mass is changed to energy in the creation of a nucleus from its
protons and neutrons.

© MAIN IDEA
Average atomic mass is a weighted value.

Most elements occur naturally as mixtures of isotopes, as indicated in
Figure 3.5 (see next page). Scientists determine the average mass of a
sample of an element's isotopes by determining the percentages of each
of the isotopes and then giving the proper weight to each value.

Average atomic mass is the weighted average of the atomic masses of the
naturally occurring isotopes of an element. Unlike atomic number, average
atomic mass is a statistical calculation. Different samples of the same
element can differ in their relative abundance of isotopes.

The following is an example of how to calculate a weighted average.
Suppose you have a box containing two sizes of marbles. If 25% of the
marbles have masses of 2.00 g each and 75% have masses of 3.00 g each,
how is the weighted average calculated? You could count the number of

each type of marble, calculate the total mass of the mixture, and divide by

the total number of marbles. If you had 100 marbles, the calculations
would be as follows:

25 marbles x 2.00g=50g
75 marbles x 3.00g=225¢g

Adding these masses gives the total mass of the marbles.
50g+225g=275¢

Dividing the total mass by 100 gives an average marble mass of 2.75 g.

A simpler method is to multiply the mass of each marble by the
decimal fraction representing its percentage in the mixture. Then add
the products.

25% =025  75%=0.75
(2.00 g X 0.25) + (3.00g X 0.75) = 2.75 g

ey
@H‘IH A1

7 EXPLORERS.

Discovery of Element 43

The discovery of element 43,
technetium, is credited to Carlo Perrier
and Emilio Segre, who artificially
produced it in 1937. However,
scientists have found minute traces

of technetium in the Earth's crust that
result from the fission of uranium.
Astronomers have also discovered
technetium in S-type stars.
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FIGURE 3.5
ATOMIC MASSES AND ABUNDANCES OF SEVERAL NATURALLY OCCURRING ISOTOPES

Percentage natural Average atomic
Isotope Mass number abundance Atomic mass (u) mass of element (u)
Hydrogen-1 1 99.9885 1.007 825 1.007 94
Hydrogen-2 2 0.0115 2014 102
Carbon-12 12 98.93 12 (by definition)
Carbon-13 13 1.07 13.003 355 12.0107
Oxygen-16 16 99.757 15.994 915 15.9994
Oxygen-17 17 0.038 16.999 132
Oxygen-18 18 0.205 17.999 160
Copper-63 63 69.15 62.929 601 63.546
Copper-65 65 30.85 64.927 794
Cesium-133 133 100 132.905 447 132.905
Uranium-234 234 0.0054 234.040 945
Uranium-235 235 0.7204 235.043 922 238.029
Uranium-238 238 99.2742 238.050 784

Calculating Average Atomic Mass

The average atomic mass of an element depends on both the mass and
the relative abundance of each of the element’s isotopes. For example,
naturally occurring copper consists of 69.15% copper-63, which has an
atomic mass of 62.929 601 u, and 30.85% copper-65, which has an atomic
mass of 64.927 794 u. The average atomic mass of copper can be calcu-
lated by multiplying the atomic mass of each isotope by its relative
abundance (expressed in decimal form) and adding the results.

0.6915 x 62.929 601 u + 0.3085 X 64.927 794 u = 63.55 u

The calculated average atomic mass of naturally occurring copper is
63.55 u.

The average atomic mass is included for the elements listed in
Figure 3.5. As illustrated in the table, most atomic masses are known to
four or more significant figures. In this book, an element’s atomic mass is
usually rounded to two decimal places before it is used in a calculation.

© MAIN IDEA
A relative mass scale makes counting atoms
possible.

n I mated The relative atomic mass scale makes it possible to know how many
. atoms of an element are present in a sample of the element with a
@ Chemlstry i measurable mass. Three very important concepts—the mole, Avogadro’s
HMDScience.com | . . . .
number, and molar mass—provide the basis for relating masses in grams
Avogadro's Number ' to numbers of atoms.
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The Mole

The mole is the SI unit for amount of substance. A mole (abbreviated mol) is
the amount of a substance that contains as many particles as there are atoms
in exactly 12 g of carbon-12. The mole is a counting unit, just like a dozen is.
We don’t usually buy 12 or 24 ears of corn; we order one dozen or two
dozen. Similarly, a chemist may want 1 mol of carbon, or 2 mol of iron, or
2.567 mol of calcium. In the sections that follow, you will see how the
mole relates to masses of atoms and compounds.

Avogadro’s Number

The number of particles in a mole has been experimentally determined
in a number of ways. The best modern value is 6.022 141 79 x 1023,
This means that exactly 12 g of carbon-12 contains 6.022 141 79 x 103
carbon-12 atoms.

The number of particles in a mole is known as Avogadro’s number,
named for the nineteenth-century Italian scientist Amedeo Avogadro,
whose ideas were crucial in explaining the relationship between mass
and numbers of atoms. Avogadro’s number—6.022 141 79 X 1023—is the
number of particles in exactly one mole of a pure substance. For most pur-
poses, Avogadro’s number is rounded to 6.022 x 1023,

To get a sense of how large Avogadro’s number is, consider the
following: If every person living on Earth (6.8 billion people) worked to
count the atoms in one mole of an element, and if each person counted
continuously at a rate of one atom per second, it would take about
3 million years for all the atoms to be counted.

Molar Mass

An alternative definition of mole is the amount of a substance that contains
Avogadro’s number of particles. Can you calculate the approximate mass of
one mole of helium atoms? You know that a mole of carbon-12 atoms has a
mass of exactly 12 g and that a carbon-12 atom has an atomic mass of 12 u.
The atomic mass of a helium atom is 4.00 u, which is about one-third the
mass of a carbon-12 atom. It follows that a mole of helium atoms will have
about one-third the mass of a mole of carbon-12 atoms. Thus, one mole of
helium has a mass of about 4.00 g.

The mass of one mole of a pure substance is called the molar mass of that
substance. Molar mass is usually written in units of g/mol. The molar
mass of an element is numerically equal to the atomic mass of the
element in unified atomic mass units (which can be found in the periodic
table). For example, the molar mass of lithium, Li, is 6.94 g/mol, while the
molar mass of mercury, Hg, is 200.59 g/mol (rounding each value to two
decimal places). The molar mass of an element contains one mole of
atoms. For example, 4.00 g of helium, 6.94 g of lithium, and 200.59 g of
mercury all contain a mole of atoms. Figure 3.6 shows molar masses of
three common elements.

Molar Mass Shown is approximately
one molar mass of each of three elements.

(@) carbon (graphite)

(b) iron (nails)

(c) copper (wire)
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Relating Mass to the Number of Atoms The diagram shows the relationship
between mass in grams, amount in moles, and number of atoms of an element in a sample.
molar mass 1 mol
of element X S . <
1 mol Amount 6.022 x 10<° atoms
of element
Mass of element 1 mal - f I 6.022 x 102 atoms Number of atoms
i molar mass  — In moles x ==t 2 =
in grams of element 1 mol of element
W,

Gram/Mole Conversions

Chemists use molar mass as a conversion factor in chemical calculations.
For example, the molar mass of helium is 4.00 g He/mol He. To find how
many grams of helium there are in two moles of helium, multiply by the
molar mass.

4.00g He

2.00 mol He X ————
1 mol He

=8.00 gHe

Figure 3.7 shows how to use molar mass, moles, and Avogadro’s number
to relate mass in grams, amount in moles, and number of atoms of

an element.

Sub-Atomic Particles

Sample Problem B What is the mass in grams of 3.50 mol of the element copper, Cu?

o ANALYZE

@ PLAN

€ SOLVE

CHECK YOUR
WORK

80 Chapter 3

Given: 3.50 mol Cu

Unknown:  mass of Cuin grams

amount of Cu in moles — mass of Cu in grams

According to Figure 3.7, the mass of an element in grams can be calculated by

multiplying the amount of the element in moles by the element’s molar mass.

grams Cu

moles Cu X = grams Cu

moles Cu

The molar mass of copper from the periodic table is rounded to 63.55 g/mol.

63.55gC
3.50 molCu x g-u

— = =2229C
1 mok€u giu

Because the amount of copper in moles was given to three significant figures,
the answer was rounded to three significant figures. The size of the answer is

reasonable because it is somewhat more than 3.5 times 60.
Continued



Sub-Atomic Particles (continued)

Practice Answers in Appendix E

1. What is the mass in grams of 2.25 mol of the element iron, Fe?

2. What is the mass in grams of 0.375 mol of the element potassium, K?

3. What is the mass in grams of 0.0135 mol of the element sodium, Na?

4. What is the mass in grams of 16.3 mol of the element nickel, Ni?

PREMIUM CONTENT

. _
Gram/Mole Conversions Learn It! Video
HMDScience.com

Sample Problem C A chemist produced 11.9 g of aluminum, Al. @ Cards

How many moles of aluminum were produced?

@ ANALYZE

g PLAN

€ SOLVE

CHECK YOUR
WORK

HMDScience.com

Given: 11.9 gAl

Unknown: amount of Al in moles

mass of Al in grams — amount of Al in moles

As shown in Figure 3.7, amount in moles can be obtained by dividing mass in
grams by molar mass, which is mathematically the same as multiplying mass
in grams by the reciprocal of molar mass.

moles Al

grams Al = moles Al

grams Al X

The molar mass of aluminum from the periodic table is rounded to 26.98 g/mol.

11.9 g AT x LMOLAL 441 mol Al

26.98 gAl

The answer is correctly given to three significant figures. The answer is reason-
able because 11.9 g is somewhat less than half of 26.98 g.

Practice Answers in Appendix E

1. How many moles of calcium, Ca, are in 5.00 g of calcium?

2. How many moles of gold, Au, are in 3.60 x 10~° g of gold?

3. How many moles of zinc, Zn, are in 0.535 g of zinc?

Atoms: The Building Blocks of Matter
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Conversions with Avogadro’s Number

‘ CHECK FOR UNDERSTANDING Avogadro’s number can be used to find the number of atoms of an
Describe Although using the . element from the amount in moles or to find the amount of an element in
mole unit of measurement is often ' moles from the number of atoms. While these types of problems are less
preferable for doing calculations to . common in chemistry than converting between amount in moles and
using Avogadro’s number, at other ' mass in grams, they are useful in demonstrating the meaning of
times, using Avogadro’s number is . Avogadro’s number. Note that in these calculations, Avogadro’s number
necessary. Describe a circumstance " is expressed in units of atoms per mole.

under which this is true.

PREMIUM CONTENT

Conversions with Avogadro’s Number @ Cards
HMDScience.com

Sample Problem D How many moles of silver, Ag, are in
3.01 x 1023 atoms of silver?

@ ANALYZE Given: 3.01 x 1023 atoms of Ag

Unknown: amount of Ag in moles

9 PLAN number of atoms of Ag — amount of Ag in moles
From Figure 3.7, we know that number of atoms is converted to amount in
moles by dividing by Avogadro’s number. This is equivalent to multiplying
numbers of atoms by the reciprocal of Avogadro’s number.

moles Ag
Ag atoms X - = moles Ag
Avogadro’s number of Ag atoms
1 mol Ag

SOLVE 3.01 x 1023 Ag-atortTs X = 0.500 mol A
© 6.022 x 102 Agatomms s

CHECK YOUR The answer is correct—units cancel correctly and the number of atoms is

WORK one-half of Avogadro’s number.

Practice Answers in Appendix E

1. How many moles of lead, Pb, are in 1.50 x 10'? atoms of lead?
2. How many moles of tin, Sn, are in 2500 atoms of tin?

3. How many atoms of aluminum, Al, are in 2.75 mol of aluminum?

Conversions with Avogadro’s Number

Sample Problem E What is the mass in grams of 1.20 x 10 atoms of
copper, Cu?

o ANALYZE Given: 1.20 x 108 atoms of Cu

Unknown: mass of Cu in grams
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Conversions with Avogadro's Number (continued)

e PLAN number of atoms of Cu — amount of Cu in moles — mass of Cu in grams

As indicated in Figure 3.7, the given number of atoms must first be converted to
amount in moles by dividing by Avogadro’s number. Amount in moles is then
multiplied by molar mass to yield mass in grams.

moles Cu grams Cu

Cu atoms X
Avogadro’s number of Cu atoms ~ moles Cu

= grams Cu

e SOLVE The molar mass of copper from the periodic table is rounded to 63.55 g/mol.

63.55 g Cu
1.20 x 108 Cuatonts X 1 molEa X =1.27 x 10~4gCu

6.022 x 1023 Cuaterms~  1melCu

CHECK YOUR Units cancel correctly to give the answer in grams. The size of the answer is
WORK reasonable—108 has been divided by about 1024 and multiplied by about 102.

Practice

1. What is the mass in grams of 7.5 x 10'® atoms of nickel, Ni?

2. How many atoms of sulfur, S, are in 4.00 g of sulfur?

3. What mass of gold, Au, contains the same number of atoms as 9.0 g of aluminum, Al?

| (V) SECTION 3 FORMATIVE ASSESSMENT

@ Reviewing Main Ideas 4. To two decimal places, what is the relative
atomic mass and the molar mass of the element
1. Explain each of the following: potassium, K?

a. atomic number . . .
5. Determine the mass in grams of the following:

b. mass number

. . a. 2.00 mol N
c. relative atomic mass b. 3.01 x 1023 at cl

. 3.01 %

d. average atomic mass atoms
e. mole 6. Determine the amount in moles of the following:
f. Avogadro’s number a. 12.15gMg
g. molar mass b. 1.50 X 1023 atomS F
h. isotope

@ Critical Thinking
2. Determine the number of protons, electrons, )
and neutrons in each of the following isotopes: 7. ANALYZING DATA Beaker A contains 2.06 mol

of copper, and Beaker B contains 222 grams of
silver. Which beaker contains the larger mass?
Which beaker has the larger number of atoms?

a. sodium-23
b. calcium-40
C. %Cu
d. 'PAg
3. Write the nuclear symbol and hyphen notation
for each of the following isotopes:
a. mass number of 28 and atomic number of 14

b. 26 protons and 30 neutrons
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Most calculations in chemistry require that all measurements The correct strategy is to multiply the given amount (in mL) by

of the same quantity (mass, length, volume, temperature, and the conversion factor that allows milliliter units to cancel out
S0 on) be expressed in the same unit. To change the units of a and liter units to remain. Using the second conversion factor
quantity, you can multiply the quantity by a conversion factor. will give you the units you want.
With Sl units, such conversions are easy because units of the These conversion factors are based on an exact definition
same quantity are related by multiples of 10, 100, 1000, or (1000 mL = 1 L exactly), so significant figures do not apply to
1 million. Suppose you want to convert a given amount in these factors. The number of significant figures in a converted
milliliters to liters. You can use the relationship 1 L = 1000 mL. measurement depends on the certainty of the measurement
From this relationship, you can derive the following conversion you start with.
factors.

1000 mL 1L

1L 2500 me

Sample Problem

A sample of aluminum has a mass of 0.087 g. What is the sample’s mass in milligrams?

Based on SI prefixes, you know that 1 g = 1000 mg. Therefore, the possible conversion factors are
1000 m; 1
g San IOOOgmg
The first conversion factor cancels grams, leaving milligrams.
1000 mg
Lg
Notice that the values 0.087 g and 87 mg each have two significant figures.

0.087.g'x =87mg

A sample of a mineral has 4.08 X 10~° mol of vanadium per kilogram of mass.
How many micromoles of vanadium per kilogram does the mineral contain?

. . . 1 —6 .
The prefix micro- specifies 1550605 0 1 X 107° of the base unit.

So, 1 pmol = 1 x 10~ mol. The possible conversion factors are
1 pmol 1 x 10~% mol
1 x 1075 mol 1 pmol
The first conversion factor will allow moles to cancel and micromoles to remain.
1 pmol

4.08 x 10~° mot x = 40.8 pmol

1 x 1075 mot
Notice that the values 4.08 x 10~° mol and 40.8 pmol each have three significant figures.

Practice

1. Express each of the following measurements in the units indicated.
a. 2250 mgin grams
b. 59.3kLin liters
2. Use scientific notation to express each of the following measurements
in the units indicated.
a. 0.000 072 g in micrograms
b. 3.98 x 105 m in kilometers
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SECTION 1 The Atom: From Philosophical Idea to

Scientific Theory
The idea of atoms has been around since the time of the ancient Greeks. law of conservation of mass
In the nineteenth century, John Dalton proposed a scientific theory of law of definite proportions

atoms that can still be used to explain properties of most chemicals today. law of multiple proportions

Matter and its mass cannot be created or destroyed in chemical reactions.
The mass ratios of the elements that make up a given compound are
always the same, regardless of how much of the compound there is or how
it was formed.

If two or more different compounds are composed of the same two
elements, then the ratio of the masses of the second element combined
with a certain mass of the first element can be expressed as a ratio of
small whole numbers.

SECTION 2 The Structure of the Atom

Cathode-ray tubes supplied evidence of the existence of electrons, which atom
are negatively charged subatomic particles that have relatively little mass. nuclear forces

Rutherford found evidence for the existence of the atomic nucleus by
bombarding gold foil with a beam of positively charged particles.

Atomic nuclei are composed of protons, which have an electric charge of +1,
and (in all but one case) neutrons, which have no electric charge.

Atomic nuclei have radii of about 0.001 pm (pm = picometers;
1 pm x 10~12 m), and atoms have radii of about 40-270 pm.

SECTION 3 Counting Atoms

The atomic number of an element is equal to the number of protons of an atomic number
atom of that element.

isotope
The mass number is equal to the total number of protons and neutrons that mass number
make up the nucleus of an atom of that element. nuclide

The unified atomic mass unit (u) is based on the carbon-12 atom and

. . . : unified atomic mass unit
is a convenient unit for measuring the mass of atoms. It equals

1.660 540 x 1024 g. average atomic mass
The average atomic mass of an element is found by calculating the e

weighted average of the atomic masses of the naturally occurring isotopes Avogadro’s number
of the element. molar mass

Avogadro’s number is equal to approximately 6.022 x 1023, A sample that
contains a number of particles equal to Avogadro’s number contains a mole
of those particles.
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CHAPTER 3 Review

SECTION 1

The Atom: From Philosophical
Idea to Scientific Theory

@ REVIEWING MAIN IDEAS

1. Explain each of the following in terms of Dalton’s
atomic theory:
a. the law of conservation of mass
b. the law of definite proportions
¢. the law of multiple proportions

2. According to the law of conservation of mass, if
element A has an atomic mass of 2 mass units and
element B has an atomic mass of 3 mass units, what
mass would be expected for compound AB? for
compound A,B,?

SECTION 2
The Structure of the Atom
@ REVIEWING MAIN IDEAS

3. a. Whatis an atom?
b. What two regions make up all atoms?

4. Describe at least four properties of electrons that
were determined based on the experiments of
Thomson and Millikan.

5. Summarize Rutherford’s model of the atom, and
explain how he developed this model based on the
results of his famous gold-foil experiment.

6. What number uniquely identifies an element?

SECTION 3
Counting Atoms
. REVIEWING MAIN IDEAS

7. a. What are isotopes?
b. How are the isotopes of a particular element alike?
¢. How are they different?

86 Chapter 3

8. Copy and complete the following table concerning
the three isotopes of silicon, Si. (Hint: See Sample
Problem A.)

Number of Number of number of
Isotope protons electrons neutrons

Si-28
Si-29
Si-30

9. a. What is the atomic number of an element?
b. What is the mass number of an isotope?
¢. In the nuclear symbol for deuterium, %H, identify
the atomic number and the mass number.

10. What is a nuclide?

11. Use the periodic table and the information that
follows to write the hyphen notation for each isotope
described.

a. atomic number = 2, mass number = 4
b. atomic number = 8, mass number = 16
€. atomic number = 19, mass number = 39

12. a. What nuclide is used as the standard in the
relative scale for atomic masses?
b. What is its assigned atomic mass?

13. What is the atomic mass of an atom if its mass is
approximately equal to the following?

a. %that of carbon-12
b. 4.5 times as much as carbon-12

14. a. What is the definition of a mole?

. What is the abbreviation for mole?

. How many particles are in one mole?

. What name is given to the number of particles in

amole?

o0 T o

15. a. What is the molar mass of an element?
b. To two decimal places, write the molar masses of

carbon, neon, iron, and uranium.

16. Suppose you have a sample of an element.
a. How is the mass in grams of the element converted
to amount in moles?
b. How is the mass in grams of the element converted
to number of atoms?



PRACTICE PROBLEMS

17. What is the mass in grams of each of the following?
(Hint: See Sample Problems B and E.)

1.00 mol Li

. 1.00 mol Al

1.00 molar mass Ca

. 1.00 molar mass Fe

6.022 x 10% atoms C

6.022 x 10?3 atoms Ag

o ao0op

18. How many moles of atoms are there in each of the
following? (Hint: See Sample Problems C and D.)
a. 6.022 x 10?® atoms Ne
b. 3.011 x 10® atoms Mg
c. 3.25 x 10°gPb
d. 450 x 10712g0

19. Three isotopes of argon occur in nature— jgAr, 3SAr,
and }9Ar. Calculate the average atomic mass of argon
to two decimal places, given the following relative

atomic masses and abundances of each of the isotopes:

argon-36 (35.97 u; 0.337%), argon-38 (37.96 u; 0.063%),
and argon-40 (39.96 u; 99.600%).

20. Naturally occurring boron is 80.20% boron-11
(atomic mass = 11.01 u) and 19.80% of some other

isotopic form of boron. What must the atomic mass of

this second isotope be in order to account for the
10.81 u average atomic mass of boron? (Write the
answer to two decimal places.)

21. How many atoms are there in each of the following?
a. 1.50 mol Na
b. 6.755 mol Pb
c. 7.02gSi

22. What is the mass in grams of each of the following?
3.011 x 10*3 atoms F

. 1.50 x 10?3 atoms Mg

4.50 x 10'2 atoms Cl

. 8.42 x 10'8 atoms Br

25 atoms W

1 atom Au

o200

23. Determine the number of atoms in each of the
following:
a. 5.40gB

. 0.250 mol S

0.0384 mol K

. 0.025 50 g Pt

1.00 x 1071%g Au

o0 C

CHAPTER REVIEW

Mixed Review
@ REVIEWING MAIN IDEAS

24. Determine the mass in grams of each of the following:
a. 3.00 mol Al

. 2.56 x 10%* atoms Li

1.38 mol N

. 4.86 x 10%* atoms Au

6.50 mol Cu

2.57 x 108mol S

. 1.05 x 10'8 atoms Hg

@ "o ao0C

25. Copy and complete the following table concerning
the properties of subatomic particles.

Mass Actual Relative
Particle = Symbol number mass charge
Electron
Proton
Neutron

26. a. How is a unified atomic mass unit (u) related to
the mass of one carbon-12 atom?
b. What is the relative atomic mass of an atom?

27. a. What is the nucleus of an atom?
b. Who is credited with the discovery of the atomic
nucleus?
c¢. Identify the two kinds of particles that make up the
nucleus.

28. How many moles of atoms are there in each of the
following?

40.1gCa

. 11.5gNa

5.87 g Ni

. 150gS

2.65gFe

0.00750 g Ag

. 2.25 x 10% atoms Zn

. 50 atoms Ba

S ro0o a0 o

29. State the law of multiple proportions, and give an
example of two compounds that illustrate the law.

30. What is the approximate atomic mass of an atom if its
mass is
a. 12 times that of carbon-12?

b. % that of carbon-12?

31. Whatis an electron?
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CHAPTER REVIEW

CRITICAL THINKING

32. Organizing Ideas Using two chemical compounds as
an example, describe the difference between the law
of definite proportions and the law of multiple
proportions.

33. Constructing Models As described in Section 2,
the structure of the atom was determined from
observations made in painstaking experimental
research. Suppose a series of experiments revealed
that when an electric current is passed through gas at
low pressure, the surface of the cathode-ray tube
opposite the anode glows. In addition, a paddle
wheel placed in the tube rolls from the anode toward
the cathode when the current is on.
a. In which direction do particles pass through

the gas?

b. What charge do the particles possess?

34. Analyzing Data Osmium is the element with the
greatest density, 22.58 g/cm3. How does the density of
osmium compare to the density of a typical nucleus
of 2 x 108 metric tons/cm3? (1 metric ton = 1000 kg)

USING THE HANDBOOK

35. Group 14 of the Elements Handbook (Appendix A)
describes the reactions that produce CO and CO,.
Review this section to answer the following:

a. When a fuel burns, what determines whether
CO or CO,, will be produced?

b. What happens in the body if hemoglobin
picks up CO?

¢. Why is CO poisoning most likely to occur in homes
that are well sealed during cold winter months?

RESEARCH AND WRITING

36. Prepare a report on the series of experiments
conducted by Sir James Chadwick that led to the
discovery of the neutron.

37. Write areport on the contributions of Amedeo
Avogadro that led to the determination of the value of
Avogadro’s number.
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38.

39.

Trace the development of the electron microscope,
and cite some of its many uses.

The study of atomic structure and the nucleus
produced a new field of medicine called nuclear
medicine. Describe the use of radioactive tracers to
detect and treat diseases.

ALTERNATIVE ASSESSMENT

40.

4.

Observe a cathode-ray tube in operation, and write a
description of your observations.

Performance Assessment Using colored clay, build a
model of the nucleus of each of carbon’s three
naturally occurring isotopes: carbon-12, carbon-13,
and carbon-14. Specify the number of electrons that
would surround each nucleus.



TEST Fr=F

Standards-Based Assessment

Answer the following items on a separate piece of paper.

MULTIPLE CHOICE

1.

A chemical compound always has the same elements
in the same proportions by mass regardless of the
source of the compound. This is a statement of

A. the law of multiple proportions.

B. the law of isotopes.

C. the law of definite proportions.

D. the law of conservation of mass.

An important result of Rutherford’s experiments
with gold foil was to establish that

A. atoms have mass.

B. electrons have a negative charge.

C. neutrons are uncharged particles.

D. the atom is mostly empty space.

Which subatomic particle has a charge of +1?
A. electron

B. neutron

C. proton

D. meson

Which particle has the least mass?
A. electron

B. neutron

C. proton

D. All have the same mass.

Cathode rays are composed of
A. alpha particles.

B. electrons.

C. protons.

D. neutrons.

The atomic number of an element is the same as the
number of

A. protons.

B. neutrons.

C. protons + electrons.

D. protons + neutrons.

How many neutrons are present in an atom of tin
that has an atomic number of 50 and a mass
number of 119?

A. 50

B. 69

C. 119

D. 169

8.

What is the mass of 1.50 mol of sodium, Na?
A. 0.652¢g

B. 0.478 g

C.11.0g

D. 345¢g

How many moles of carbon are in a 28.0 g sample?
A. 336 mol

B. 72.0 mol

C. 2.33mol

D. 0.500 mol

SHORT ANSWER

10.

11.

Which atom has more neutrons, potassium-40 or
argon-407?

What is the mass of 1.20 x 1023 atoms of
phosphorus?

EXTENDED RESPONSE

12.

13.

Cathode rays emitted by a piece of silver and a piece
of copper illustrate identical properties. What is the
significance of this observation?

A student believed that she had discovered a new
element and named it mythium. Analysis found it
contained two isotopes. The composition of the
isotopes was 19.9% of atomic mass 10.013 and 80.1%
of atomic mass 11.009. What is the average atomic
mass, and do you think mythium was a new
element?

Test Tip

Choose the best possible answer for
each question, even if you think there is
another possible answer that is not given.
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SECTION

Th e D eve I 0 n m e nt 0' nght has characteristics of both

particles and waves.

||
a N ew A'o m I c M o d e I When certain frequencies of

light strike a metal, electrons

are emitted.
electromagnetic radiation photoelectric effect excited state
electromagnetic spectrum quantum line-emission spectrum Electrons exist only in very
wavelength photon continuous spectrum specific energy states for atoms
frequency ground state of each element.

Bohr’s model of the hydrogen
atom explained electron
transition states.

The Rutherford model of the atom was an improvement over previous models, but
it was incomplete. It did not explain how the atom’s negatively charged electrons
are distributed in the space surrounding its positively charged nucleus. After all,

it was well known that oppositely charged particles attract each other. So what
prevented the negative electrons from being drawn into the positive nucleus?

In the early twentieth century, a new atomic model evolved as a result of
investigations into the absorption and emission of light by matter. The studies
revealed a relationship between light and an atom’s electrons. This new
understanding led directly to a revolutionary view of the nature of energy,
matter, and atomic structure.

© MAIN IDEA

Before 1900, scientists thought light behaved solely as a wave. This belief
+changed when it was later discovered that light also has particle-like charac-
teristics. Still, many of light’s properties can be described in terms of waves.

' A quick review of these wavelike properties will help you understand the
basic theory of light as it existed at the beginning of the twentieth century.

Visible light is a kind of electromagnetic radiation, which is a form of energy

' that exhibits wavelike behavior as it travels through space. Other kinds of

| electromagnetic radiation include X-rays, ultraviolet and infrared light,
microwaves, and radio waves. Together, all the forms of electromagnetic
radiation form the electromagnetic spectrum. The electromagnetic

. spectrum is represented in Figure 1.1 on the next page. All forms of

. electromagnetic radiation move at a constant speed of 3.00 x 108 meters

. per second (m/s) through a vacuum and at slightly slower speeds through
matter. Because air is mostly empty space, the value of 3.00 x 108 m/s is
+also light’s approximate speed through air.

3 The significant feature of wave motion is its repetitive nature, which
. can be characterized by the measurable properties of wavelength and

. frequency. Wavelength (\) is the distance between corresponding points on
adjacent waves. The unit for wavelength is a distance unit.
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—— Visible spectrum | The Electromagnetic
Violet  Blue  Green Yelow  Orange Red Spectrum Electromagnetic radiation travels
400 nm 500 nm 600 nm 200 nm in the form of waves covering a wide range of
wavelengths and frequencies. This range is known
as the electromagnetic spectrum. Only a small
portion of the spectrum, from 400 nm to 700 nm,
is visible to the human eye.
Y rays X rays Ultraviolet Infrared Microwave Radio waves
Radar TV Short Long
M wave wave
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} Electromagnetic spectrum |

Depending on the type of electromagnetic radiation, it may be expressed
in meters, centimeters, or nanometers, as shown in Figure 1.1.

Frequency (V) is defined as the number of waves that pass a given point in
a specific time, usually one second. Frequency is expressed in waves/
second. One wave/second is called a hertz (Hz), named for Heinrich
Hertz, who was a pioneer in the study of electromagnetic radiation.
Figure 1.2 illustrates the properties of wavelength and frequency for a
familiar kind of wave, a wave on the surface of water. Frequency and
wavelength are mathematically related to each other.

Wavelength and Frequency
The distance between two corresponding
points on one of these water waves,
such as from crest to crest, is the wave’s
wavelength, X. We can measure the
wave’s frequency, v, by observing how
often the water level rises and falls at a
given point, such as at the post.

‘CRITICAL THINKING
Analyze Which waves have a
greater wavelength, those in (a) or
those in (b)? Which have the greater
frequency? Explain each answer.
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For electromagnetic radiation, the mathematical relationship between
frequency and wavelength is written as follows:

c= AV

In the equation, c is the speed of light (in m/s), A is the wavelength

of the electromagnetic wave (in m), and v is the frequency of the
electromagnetic wave (in s~1). Because c is the same for all
electromagnetic radiation, the product Av is a constant. Consequently, as
the wavelength of light decreases, its frequency increases, and vice versa.

© MAIN IDEA
When certain frequencies of light strike a metal,
electrons are emitted.

In the early 1900s, scientists conducted two experiments involving inter-
actions of light and matter that could not be explained by the wave theory
of light. One experiment involved a phenomenon known as the photo-
electric effect. The photoelectric effect refers to the emission of electrons
from a metal when light shines on the metal, as illustrated in Figure 1.3.

The mystery of the photoelectric effect involved the frequency of the
light striking the metal. For a given metal, no electrons were emitted if the
light’s frequency was below a certain minimum-—regardless of the light’s
intensity. Light was known to be a form of energy, capable of knocking
loose an electron from a metal. But the wave theory of light predicted
that light of any frequency could supply enough energy to eject an
electron. Scientists couldn’t explain why the light had to be of a
minimum frequency in order for the photoelectric effect to occur.

The Particle Description of Light

The explanation of the photoelectric effect dates back to 1900, when
German physicist Max Planck was studying the emission of light by hot
objects. He proposed that a hot object does not emit electromagnetic
energy continuously, as would be expected if the energy emitted were

in the form of waves. Instead, Planck suggested that the object emits
energy in small, specific packets called quanta. A quantum of energy is the
minimum quantity of energy that can be lost or gained by an atom. Planck
proposed the following relationship between a quantum of energy and
the frequency of radiation.

Quantum of Energy E = hv

In the equation, E is the energy, in joules, of a quantum of radiation, v is
the frequency, in s~!, of the radiation emitted, and 4 is a fundamental
physical constant now known as Planck’s constant; & = 6.626 x 10734 J e s.

In 1905, Albert Einstein expanded on Planck’s theory by introducing
the radical idea that electromagnetic radiation has a dual wave-particle
nature. Light exhibits many wavelike properties, but it can also be thought
of as a stream of particles. Each particle carries a quantum of energy.

The Photoelectric

Effect Electromagnetic radiation
strikes the surface of the metal,
rejecting electrons from the metal
and causing an electric current.

Y

Light

Sl

Stream of electrons

Anode
Cathode
(metal plate)

‘ Voltage source
'l B
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Light Emission Excited neon
atoms emit light when electrons in
higher energy levels fall back to the
ground state or to a lower-energy
excited state.

Einstein called these particles photons. A photon is a particle of
electromagnetic radiation having zero mass and carrying a quantum of energy.
The energy of a photon depends on the frequency of the radiation.

Ephoton = hv

Einstein explained the photoelectric effect by proposing that
electromagnetic radiation is absorbed by matter only in whole numbers
of photons. In order for an electron to be ejected from a metal surface, the
electron must be struck by a single photon possessing at least the
minimum energy required to knock the electron loose. According to the
equation E .., = hv, this minimum energy corresponds to a minimum
frequency. If a photon’s frequency is below the minimum, then the
electron remains bound to the metal surface. Electrons in different metals
are bound more or less tightly, so different metals require different
minimum frequencies to exhibit the photoelectric effect.

© MAIN IDEA
Electrons exist only in very specific energy states for

e

very atom of each element.

When current is passed through a gas at low pressure, the potential
energy of the gas atoms increases. The lowest energy state of an atom is its
ground state. A state in which an atom has a higher potential energy than it has
in its ground state is an excited state. There are many possible excited
states, each with a unique energy, but only one ground state energy for
atoms of a given element. When an excited atom returns to its ground
state or a lower energy excited state, it gives off the energy it gained in the
form of electromagnetic radiation. The production of colored light in
neon signs, as shown in Figure 1.4, is a familiar example of this process.

4 )

Emission-Line Spectra Excited
hydrogen atoms emit a pinkish glow, as is
shown in this diagram. When the visible
portion of the emitted light is passed
through a prism, it is separated into specific
wavelengths that are part of hydrogen’s
emission-line spectrum. The line at 397 nm
is in the ultraviolet and is not visible to the
human eye.

g

Current is passed through
a glass tube containing
hydrogen at low pressure.
The line at 397 nm

is in the ultraviolet and is
not visible to the human eye.
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Explaining Energy-Levels A series of specific wavelengths of
emitted light makes up hydrogen’s emission-line spectrum. The letters below
the lines label hydrogen’s various energy-level transitions. Niels Bohr’s model
of the hydrogen atom provided an explanation for these transitions.
Lyman series Balmer series Paschen series
(ultraviolet) (visible) (infrared)
——— ~— —— -~
dec b a c b a
1 1 1 1 1 ] ] ] |
400 600 800 1000 1200 1400 1600 1800 2000
Wavelength (nm)
N W,

When investigators passed electric current through a vacuum tube
containing hydrogen gas at low pressure, they observed the emission of a
characteristic pinkish glow. When a narrow beam of the emitted light was
shined through a prism, it was separated into four specific colors of the
visible spectrum. The four bands of light were part of what is known as hydro-
gen’s emission-line spectrum. The production of hydrogen’s
emission-line spectrum is illustrated in Figure 1.5 (on the previous page).
Additional series of lines were discovered in the ultraviolet and infrared
regions of hydrogen’s emission-line spectrum. The wavelengths of some
of the spectral series are shown in Figure 1.6. They are known as the
Lyman, Balmer, and Paschen series, after their discoverers.

Classical theory predicted that the hydrogen atoms would be excited
by whatever amount of energy was added to them. Scientists had thus
expected to observe the emission of a continuous range of frequencies of
electromagnetic radiation, that is, a continuous spectrum. Why had the
hydrogen atoms given off only specific frequencies of light? Attempts to
explain this observation led to an entirely new atomic theory called
quantum theory.

Whenever an excited hydrogen atom falls to its ground state or to a
lower-energy excited state, it emits a photon of radiation. The energy of
this photon (Eph oton = V) is equal to the difference in energy between the
atom’s initial state and its final state, as illustrated in Figure 1.7. The fact
that hydrogen atoms emit only specific frequencies of light indicated that
the energy differences between the atoms’ energy states were fixed. This
suggested that the electron of a hydrogen atom exists only in very specific
energy states.

In the late nineteenth century, a mathematical formula that related
the various wavelengths of hydrogen’s emission-line spectrum was
discovered. The challenge facing scientists was to provide a model of the
hydrogen atom that accounted for this relationship.

Mathematical Model of
Energy States When an excited
atom with energy E, falls back to
energy £, it releases a photon that

has energy £, — E, = Epmmn = hv.
E2
Ephoton=Ez2 —Ey=hv
E, )
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© MAIN IDEA
Bohr’s model of the hydrogen atom explained
electron transition states.

Fireflies STEM.

What kinds of reactions produce
light? In this chapter, you are learning
how excited atoms can produce light.
In parts of the United States, summer
is accompanied by the appearance of
fireflies, or lightning bugs. What makes
them glow? A bioluminescent chemical
reaction that involves luciferin,
luciferase (an enzyme), adenosine
triphosphate (ATP), and oxygen takes
place in the firefly and produces the
characteristic yellow-green glow.
Unlike most reactions that produce
light, bioluminescent reactions do not
generate energy in the form of heat.

The puzzle of the hydrogen-atom spectrum was solved in 1913 by the
Danish physicist Niels Bohr. He proposed a hydrogen-atom model that
linked the atom’s electron to photon emission. According to the model,
the electron can circle the nucleus only in allowed paths, or orbits. When
the electron is in one of these orbits, the atom has a definite, fixed energy.
The electron—and therefore the hydrogen atom—is in its lowest energy
state when it is in the orbit closest to the nucleus. This orbit is separated
from the nucleus by a large empty space where the electron cannot exist.
The energy of the electron is higher when the electron is in orbits that are
successively farther from the nucleus.

The electron orbits, or atomic energy levels, in Bohr’s model can be
compared to the rungs of aladder. When you are standing on a ladder,
your feet are on one rung or another. The amount of potential energy that
you possess corresponds to standing on the first rung, the second rung,
and so forth. Your energy cannot correspond to standing between two
rungs because you cannot stand in midair. In the same way, an electron
can be in one orbit or another, but not in between.

How does Bohr’s model of the hydrogen atom explain the observed
spectral lines? While in a given orbit, the electron is neither gaining nor
losing energy. It can, however, move to a higher-energy orbit by gaining an
amount of energy equal to the difference in energy between the higher-
energy orbit and the initial lower-energy orbit. When a hydrogen atom is in
an excited state, its electron is in one of the higher-energy orbits. When the
electron falls to a lower energy level, a photon is emitted, and the process is
called emission. The photon’s energy is equal to the energy difference
between the initial higher energy level and the final lower energy level.
Energy must be added to an atom in order to move an electron from a lower
energy level to a higher energy level. This process is called absorption.
Absorption and emission of radiation in Bohr’s model of the hydrogen atom

(a) Absorption

Absorption and Emission (a) Absorption and (b) emission of a photon
by a hydrogen atom according to Bohr's model. The frequencies of light that can
be absorbed and emitted are restricted because the electron can only be in orbits
corresponding to the energies £,, £,, £5, and so forth.

are illustrated in Figure 1.8. The energy of
h each absorbed or emitted photon
corresponds to a particular frequency of
emitted radiation, E hv.

‘photon =
Based on the different wavelengths
~ Ephoton =E3~ £y of the hydrogen emission-line spec-
A trum, Bohr calculated the allowed
energy levels for the hydrogen atom. He
: then related the possible energy-level

E, changes to the lines in the hydrogen
emission-line spectrum. The five lines
in the Lyman series, for example, were

Nucleus shown to be the result of electrons

dropping from energy levels E;, E, E,,
E;, and E, to the ground-state energy

(b) Emission level E,.
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E
Electron Energy Transitions This E:O
energy-state diagram for a hydrogen atom Es
shows some of the energy transitions for E4
the Lyman, Balmer, and Paschen spectral
series. Bohr's model of the atom accounted y_ VY v E3
mathematically for the energy of each of the a b ¢
transitions shown. Paschen series
Y Y Y Y E»
a b ¢ d
3 .
@ CRITICAL THINKING 5 Balmer series
Explain Why might spectra of atoms .
with more than one electron be difficult to
explain using Bohr’s model?
_
Y Y Y Y ¥ E1
a b c d e
Lyman series
- J

Bohr’s calculated values agreed with the experimentally observed
values for the lines in each series. The origins of three of the series of lines
in hydrogen’s emission-line spectrum are shown in Figure 1.9.

Bohr’s model of the hydrogen atom explained observed spectral lines
so well that many scientists concluded that the model could be applied to
all atoms. It was soon recognized, however, that Bohr’s approach did not
explain the spectra of atoms with more than one electron. Nor did Bohr’s
theory explain the chemical behavior of atoms.

- ( FORMATIVE ASSESSMENT

@ Reviewing Main Ideas 4. What is meant by the dual wave-particle nature
of light?
1. What was the major shortcoming of Rutherford’s 8
model of the atom? 5. Describe Bohr’s model of the hydrogen atom.
2. Write and label the equation that relates " fops
the speed, wavelength, and frequency of ‘ SO
electromagnetic radiation. 6. INTERPRETING GRAPHICS Use the diagram

3. Define the followine: in Figure 1.9 to answer the following:
) . a. Characterize each of the following as

absorption or emission: an electron moves
from E, to E,; an electron moves from E, to E;

a. electromagnetic radiation
b. wavelength

c. frequency and an electron moves from E; to E,.

d. quantum b. Which energy-level change above emits or

e. photon absorbs the highest energy? the lowest
energy?
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SECTION 2

Electrons have wave-like
properties.

The speed and position of an
electron cannot be measured
simultaneously.

Orbitals indicate probable
electron locations.

Quantum numbers describe
atomic orbitals.

98 Chapter 4

The Quantum Model
of the Atom

Heisenberg uncertainty principle  quantum number magnetic quantum number
quantum theory principal quantum number spin quantum number
orbital angular momentum quantum

number

To the scientists of the early twentieth century, Bohr’'s model of the hydrogen
atom contradicted common sense. Why did hydrogen’s electron exist around
the nucleus only in certain allowed orbits with definite energies? Why couldn’t
the electron exist in a limitless number of orbits with slightly different energies?
To explain why atomic energy states are quantized, scientists had to change the
way they viewed the nature of the electron.

© MAIN IDEA

The investigations into the photoelectric effect and hydrogen’s emission
. line spectrum revealed that light could behave as both a wave and a
particle. Could electrons have a dual wave-particle nature as well? In
1924, the French scientist Louis de Broglie asked himself this very
question. And the answer that he proposed led to a revolution in our
basic understanding of matter.

De Broglie pointed out that in many ways the behavior of electrons in
Bohr’s quantized orbits was similar to the known behavior of waves. For
example, scientists at the time knew that any wave confined to a space
can have only certain frequencies. De Broglie suggested that electrons be
considered waves confined to the space around an atomic nucleus. It
followed that the electron waves could exist only at specific frequencies.
And according to the relationship E = hv, these frequencies corre-
| sponded to specific energies—the quantized energies of Bohr’s orbits.

Other aspects of de Broglie’s hypothesis that electrons have wavelike
properties were soon confirmed by experiments. Investigators demon-
strated that electrons, like light waves, can be bent, or diffracted.
Diffraction refers to the bending of a wave as it passes by the edge of an
object or through a small opening. Diffraction experiments and other
investigations also showed that electron beams, like waves, can interfere
with each other. Interference occurs when waves overlap (see the Quick
Lab in this section). This overlapping results in a reduction of energy in
some areas and an increase of energy in others. The effects of diffraction
and interference can be seen in Figure 2.1, on the next page.



(tl) ©Andrew Lambert Photography/Photo Researchers, Inc; (tr) ©GIPhotoStock//Photo Researchers, Inc

Interference Patterns Bright areas correspond to areas of
increased energy, while dark areas indicate areas of decreased energy.

(b) Diffraction pattern
for a beam of visible
light passed through a
tiny aperture.

(a) Diffraction pattern
produced by a beam
of electrons passed
through a substance.

‘ CRITICAL THINKING
Apply How did evidence of diffraction and interference indicate that electrons behave like waves of light?

© MAIN IDEA
The speed and position of an electron cannot be
measured simultaneously.

The idea of electrons having a dual wave-particle nature troubled scien-
tists. If electrons are both particles and waves, then where are they in the
atom? To answer this question, we must consider a proposal first made in
1927 by the German theoretical physicist Werner Heisenberg.

Heisenberg’s idea involved the detection of electrons. Electrons are
detected by their interaction with photons. Because photons have about
the same energy as electrons, any attempt to locate a specific electron
with a photon knocks the electron off its course. As a result, there is
always a basic uncertainty in trying to locate an electron (or any other
particle). The Heisenberg uncertainty principle states that it is impossible to
determine simultaneously both the position and velocity of an electron or any
other particle. This was a difficult idea for scientists to accept at the time,
but it is now fundamental to our understanding of light and matter.

© MAIN IDEA
Orbitals indicate probable electron locations.

In 1926, the Austrian physicist Erwin Schrédinger used the hypothesis that
electrons have a dual wave-particle nature to develop an equation that
treated electrons in atoms as waves. Unlike Bohr’s theory, which assumed
quantization as a fact, quantization of electron energies was a natural
outcome of Schrodinger’s equation. Only waves of specific energies, and
therefore frequencies, provided solutions to the equation. Along with the
uncertainty principle, the Schrédinger wave equation laid the foundation
for modern quantum theory. Quantum theory describes mathematically the
wave properties of electrons and other very small particles.
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|Quick LA B | 'THE WAVE NATURE OF LIGHT: INTERFERENCE

QUESTION DISCUSSION MATERIALS
Does light show the wave property 1. Did you observe interference ® scissors

of interference when a beam of patterns on the screen? * manila folders
light is projected through a pinhole e thumbtack

2. As a result of your observa-
tions, what do you conclude

onto a screen? e masking tape

 aluminum foil
PROCEDURE about the nature of light? e white poster board or cardboard
Record all your observations. o flashlight
1. To make the pinhole screen, cut SAFETY
a 20 cm x 20 cm square from a Wear safety
manila folder. In the center of @ 0 goggles and

an apron.
the square, cut a 2 cm square p

hole. Cuta 7 cm x 7 cm square
of aluminum foil. Using a
thumbtack, make a pinhole in
the center of the foil square.
Tape the aluminum foil over the
2 cm square hole, making sure
the pinhole is centered as
shown in the diagram.

2. Use white poster board to
make a projection screen
35cm x 35 cm.

3. In a dark room, center the light
beam from a flashlight on the
pinhole. Hold the flashlight
about 1 cm from the pinhole.
The pinhole screen should be
about 50 cm from the projec-
tion screen, as shown in the
diagram. Adjust the distance to
form a sharp image on the
projection screen.

Solutions to the Schrédinger wave equation are known as wave
functions. Based on the Heisenberg uncertainty principle, the early
developers of quantum theory determined that wave functions give only
the probability of finding an electron at a given place around the nucleus.
Thus, electrons do not travel around the nucleus in neat orbits, as Bohr
had postulated. Instead, they exist in certain regions called orbitals. An
orbital is a three-dimensional region around the nucleus that indicates the
probable location of an electron. Figure 2.2, on the next page, illustrates two
ways of picturing one type of atomic orbital. As you will see later in this
section, atomic orbitals have different shapes and sizes.
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 FIGURE 2.2 |

. . )
Atomic Orbitals Two ways of showing
a simple atomic orbital are presented.
z V4
~ Y
— \X
(a) In this atomic orbital model, (b) An orbital can also be
the probability of finding the depicted as a surface within
electron is proportional to the which the electron can be found
density of the cloud. a certain percentage of the time,
conventionally 90%.
N\ W,

© MAIN IDEA m
Quantum numbers describe atomic orbitals. .
The Principle Quantum

According to the Schrédinger equation, electrons in atomic orbitals also Number The main energy levels of
have quantized energies. Unlike in the Bohr atomic model, therefore, an atom are represented by the principal
an electron’s energy level is not the only characteristic of an orbital. quantum number, 1.

To describe orbitals accurately, scientists use quantum numbers.
Quantum numbers specify the properties of atomic orbitals and the properties
of electrons in orbitals. The first three quantum numbers result from
solutions to the Schrédinger equation. They indicate the main energy
level, the shape, and the orientation of an orbital. The fourth, the spin
quantum number, describes a fundamental state of the electron that
occupies the orbital.

A

3 35 3535
1l
w oo

Principal Quantum Number

The principal quantum number, symbolized by n, indicates the main energy
level occupied by the electron. Values of n are positive integers only—1, 2, 3,
and so on. As n increases, the electron’s energy and its average distance
from the nucleus increase, as shown in Figure 2.3. For example, an elec-
tron for which n = 1 occupies the first, or lowest, main energy level and is
located closest to the nucleus. An electron for which n = 2 occupies the
second energy level and is further from the nucleus.

Energy —

More than one electron can have the same 7 value. These electrons n=1
are said to be in the same electron shell. The total number of orbitals in a
given shell, or main energy level, is equal to r?.
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Energy Levels of an Atom
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Angular Momentum Quantum Number

Except at the first main energy level, orbitals of different shapes exist for
a given value of n. These are known as sublevels. The angular momentum
quantum number, symbolized by /, indicates the shape of the orbital. For a
specific main energy level, the number of orbital shapes possible is
equal to n. The values of ¢ allowed are zero and all positive integers

less than or equal to n — 1. For example, orbitals for which n = 2 can
have one of two shapes corresponding to £ = 0 and ¢ = 1. Depending
on its value of ¢, an orbital is assigned a letter, such as s, p, and d. Orbital
letter designations for values of £ are given in Figure 2.4.

As shown in Figure 2.5a on the next page, s orbitals are spherical, p
orbitals have dumbbell shapes, and d orbitals are more complex. (The f
orbital shapes are even more complex.) In the first energy level, n = 1,
there is only one sublevel possible—an s orbital. As mentioned, the
second energy level,

n = 2, has two sublevels—the s and p orbitals. The third energy level,

n = 3, has three sublevels—the s, p, and d orbitals. The fourth energy level,
n = 4, has four sublevels—the s, p, d, and forbitals. In an nth main energy
level, there are n sublevels.

Each atomic orbital is designated by the principal quantum number
followed by the letter of the sublevel. For example, the 1s sublevel is
the s orbital in the first main energy level, while the 2p sublevel is the
set of three p orbitals in the second main energy level. On the other
hand, a 4d orbital is part of the d sublevel in the fourth main energy
level. How would you designate the p sublevel in the third main energy
level? How many other sublevels are in the third main energy level with
this one?

Magnetic Quantum Number

Atomic orbitals can have the same shape but different orientations
around the nucleus. The magnetic quantum number, symbolized by m,
indicates the orientation of an orbital around the nucleus. Values of m are
whole numbers, including zero, from —£ to +£. Because an s orbital is
spherical and is centered around the nucleus, it has only one possible
orientation. This orientation corresponds to a magnetic quantum num-
ber of m = 0. There is therefore only one s orbital in each s sublevel.

As shown in Figure 2.5b on the next page, the lobes of a p orbital extend
along the x, y, or z axis of a three-dimensional coordinate system. There
are therefore three p orbitals in each p sublevel, designated as p,, Py and
p,orbitals. The three p orbitals occupy different regions of space and
those regions are related to values of m = —1, m = 0, and m = +1.

There are five different d orbitals in each d sublevel, as shown in
Figure 2.5¢ on the next page. For the d orbital, the five different orienta-
tions, including one with a different shape, correspond to values of m =
-2, m=-—1,m=0,

m = +1, and m = +2. There are seven different forbitals in each fsub-
level. (The forbitals are not shown in Figure 2.5.)
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center of the nucleus. p, orbital p, orbital p, orbital
c. Five Orientations
of d Orbitals z z z
Four of the d orbitals !
have the same 4 y y ' y
shape but different / /
orientations. The ~ — e —
fifth has a d|ff9rent g \ \
shape and a different X X 4 X
orientation. Each orbital
occupies a different
region of space.
dy2_, 2 orbital d,, orbital d,,orbital
z z
y ‘ y
7 I~
\
=y
/ T X
d,, orbital d,2 orbital
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FIGURE 2.6

QUANTUM NUMBER RELATIONSHIPS IN ATOMIC STRUCTURE

Number of Number of

Principal quantum Sublevel in main  Number of orbitals per Number of electrons per
number: main energy level orbitals per main energy electrons per main energy
energy level (n) ( n sublevels) sublevel level (n?) sublevel level (2n?)
1 S 1 1 2 2

S 1 2
2 4 8

p 3 6

S 1 2
3 p 3 9 6 18

a 5 10

S 1 2

p 3 6
4 16 32

a 5 10

f 7 14

Asyou can see in Figure 2.6, the total number of orbitals in a main energy
level increases with the value of . In fact, the number of orbitals at each
main energy level equals the square of the principal quantum number, r2.

Spin Quantum Number

An electron in an orbital behaves in some ways like Earth spinning on an
axis. The electron exists in one of two possible spin states, which creates a
magnetic field. To account for the magnetic properties of the electron,
theoreticians of the early twentieth century created the spin quantum
number. The spin quantum number has only two possible values—

(+1/2, —1/2)—which indicate the two fundamental spin states of an electron

in an orbital. A single orbital can hold a maximum of two electrons, but

the two electrons must have opposite spin states.

‘ CHECK FOR UNDERSTANDING
Analyze With all of an atom’s
electrons spinning rapidly through
the orbitals, half of them spinning
in the opposite direction, why don’t
they collide?

- ( FORMATIVE ASSESSMENT

@ Reviewing Main Ideas 3. Describe briefly what specific information is

given by each of the four quantum numbers.
1. Define the following:

a. main energy levels ‘ Critical Thinking
b. quantum numbers
driantum 4. INFERRING RELATIONSHIPS What are
2. a. List the four quantum numbers. the possible values of the magnetic quantum
b. What general information about atomic number m for forbitals? What is the maximum
orbitals is provided by the quantum numbers? number of electrons that can exist in 4f orbitals?
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SECTION 3

E I e ctro n Electrons fill in the

lowest-energy orbitals first.

| ||
c 0 n'I g u ratl 0 “ s There are three ways to indicate

electron configuration.

No electrons can occupy a
higher-energy sublevel until the
sublevel below it is filled.

electron configuration Pauli exclusion principle noble gas
Aufbau principle Hund’s rule noble-gas configuration

The quantum model of the atom improves on the Bohr model because it describes
the arrangements of electrons in atoms other than hydrogen. The arrangement

of electrons in an atom is known as the atom’s electron configuration. Because
atoms of different elements have different numbers of electrons, a unique electron
configuration exists for the atoms of each element. Like all systems in nature,
electrons in atoms tend to assume arrangements that have the lowest possible
energies. The lowest-energy arrangement of the electrons for each element is
called the element’s ground-state electron configuration. A few simple rules,
combined with the quantum number relationships discussed in Section 2, allow us
to determine these ground-state electron configurations.

© MAIN IDEA

To build up electron configurations for the ground state of any particular
atom, first the energy levels of the orbitals are determined. Then electrons
are added to the orbitals, one by one, according to three basic rules.
(Remember that real atoms are not built up by adding protons and
electrons one at a time.)

The first rule shows the order in which electrons
occupy orbitals. According to the Aufbau principle, an
electron occupies the lowest-energy orbital that can
receive it. Figure 3.1 shows the atomic orbitals in order
of increasing energy. The orbital with the lowest
energy is the 1s orbital. In a ground-state hydrogen
atom, the electron is in this orbital. The 2s orbital is
the next highest in energy, then the 2p orbitals.
Beginning with the third main energy level, n = 3, the
energies of the sublevels in different main energy
levels begin to overlap.

Atomic Sublevels The order of increasing energy for
atomic sublevels is shown on the vertical axis. Each individual box
represents an orbital.

Note in the figure, for example, that the 4s sublevel
is lower in energy than the 3d sublevel. Therefore, the
4s orbital is filled before any electrons enter the 3d
orbitals. (Less energy is required for two electrons to
pair up in the 4s orbital than for those two electrons to
occupy a 3d orbital.) Once the 3d orbitals are fully
occupied, which sublevel will be occupied next?

Energy ———>
‘ \

—1s -}
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Pauli Exclusion Principle
According to the Pauli exclusion principle,
an orbital can hold two electrons of
opposite spin states. In this electron
configuration of a helium
atom, each arrow represents
one of the atom’s two T\L
electrons. The direction

of the arrow indicates the 1s orbital
electron’s spin state.

106 Chapter 4

~N
Hund’s Rule The figure shows how
(a) two, (b) three, and (c) four electrons
fill the p sublevel of a given main energy
level according to Hund’s rule.
(@) (b) (©
_ .

The second rule reflects the importance of the spin quantum number.
According to the Pauli exclusion principle, no two electrons in the same atom
can have the same set of four quantum numbers. The principal, angular
momentum, and magnetic quantum numbers specify the energy, shape,
and orientation of an orbital. The two values of the spin quantum number
reflect the fact that for two electrons to occupy the same orbital, they
must have opposite spin states (see Figure 3.2).

The third rule requires placing as many unpaired electrons as possible
in separate orbitals in the same sublevel. In this way, electron-electron
repulsion is minimized so that the electron arrangements have the lowest
energy possible. According to Hund’s rule, orbitals of equal energy are each
occupied by one electron before any orbital is occupied by a second
electron, and all electrons in singly occupied orbitals must have the same
spin state. Applying this rule shows, for example, that one electron will
enter each of the three p orbitals in a main energy level before a second
electron enters any of them. This is illustrated in Figure 3.3. What is the
maximum number of unpaired electrons in a d sublevel?

© MAIN IDEA
There are three ways to indicate electron configuration.

Three methods, or notations, are used to indicate electron configurations.
Two of these notations will be discussed for the first-period elements,
hydrogen and helium, on the following page. The third notation is used
mostly with elements of the third period and higher and will be discussed
later in this section.

In a ground-state hydrogen atom, the single electron is in the lowest-
energy orbital, the 1s orbital. The electron can be in either one of its two
spin states. Helium has two electrons, which are paired in the 1s orbital.



Orbital Notation

In orbital notation, an unoccupied orbital is represented by a line, __,
with the orbital’s name written underneath the line. An orbital containing
one electron is represented as __. An orbital containing two electrons is
represented as T/ , showing the electrons paired and with opposite spin
states. The lines are labeled with the principal quantum number and
sublevel letter. For example, the orbital notations for hydrogen and
helium are written as follows:

1 1
Hl_s Hel_s

Electron-Configuration Notation

Electron-configuration notation eliminates the lines and arrows of orbital
notation. Instead, the number of electrons in a sublevel is shown by
adding a superscript to the sublevel designation. The hydrogen configu-
ration is represented by 1s!. The superscript indicates that one electron is
present in hydrogen’s 1s orbital. The helium configuration is represented
by 1s2. Here the superscript indicates that there are two electrons in
helium’s 1s orbital.

Electron Configurations

Sample Problem A The electron configuration of boron is 1s22s22p 1.
How many electrons are present in an atom of boron? What is the atomic
number for boron? Write the orbital notation for boron.

@ sowve

The number of electrons in a boron atom is equal to the sum of the super-
scripts in its electron-configuration notation: 2 + 2 + 1 = 5 electrons. The
number of protons equals the number of electrons in a neutral atom. So we
know that boron has 5 protons and thus has an atomic number of 5. To write
the orbital notation, first draw the lines representing orbitals.

1s 2s v
2p
Next, add arrows showing the electron locations. The first two electrons
occupy n = 1 energy level and fill the 1s orbital.

[ .

TIs 2s — 0
2p
The next three electrons occupy the n = 2 main energy level. Two of these
occupy the lower-energy 2s orbital. The third occupies a higher-energy
p orbital.

[

1s 2s —
2p

Practice Answers in Appendix E

1. The electron configuration of nitrogen is 1s*2s*2p%. How many electrons are in a nitrogen
atom? What is the atomic number of nitrogen? Write the orbital notation for nitrogen.

2. The electron configuration of fluorine is 15>2s22p®. What is the atomic number of fluorine?
How many of its p orbitals are filled?

Arrangement of Electrons in Atoms
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© MAIN IDEA
No electrons can occupy a higher-energy sublevel

unt|I the energy sublevel below it is filled.

In the first-period elements, hydrogen and helium, electrons occupy the
orbital of the first main energy level. Figure 3.4 provides a pattern to help
you remember the order in which orbitals are filled according to the
Aufbau principle. The ground-state configurations in Figure 3.5 illustrate
how the Aufbau principle, the Pauli exclusion principle, and Hund'’s rule
are applied to atoms of elements in the second period.
m According to the Aufbau principle, after the 1s
N\ orbital is filled, the next electron occupies the s
The Aufbau Principle Follow the diagonal arrows from the sublevel in the second main energy level. Thus,
bottom of one column to the top of the next to get the order in which lithium, Li, has a configuration of 1s?2s!. The
atomic orbitals are filled according to the Aufbau principle. electron occupying the 2s level of a lithium atom
is in the atom’s highest, or outermost, occupied
level. The highest-occupied energy level is the
A A A A L . .
' ' electron-containing main energy level with the

highest principal quantum number. The two
electrons in the 1s sublevel of lithium are no
longer in the outermost main energy level. They
have become inner-shell electrons, which are

af electrons that are not in the highest-occupied
energy level.

5d+ 5f
65 6 p': 6d  6f The fourth electron in an atom of beryllium,

X Be, must complete the pair in the 2s sublevel
because this sublevel is of lower energy than the
2p sublevel. With the 2s sublevel filled, the 2p
sublevel, which has three vacant orbitals of equal

‘ CRITICAL THINKING energy, can be occupied. One of the three p

Interpret Review the statement of the Aufbau principle given orbitals is occupied by a single electron in an

at the beginning of this section, then study Figure 3.4 carefully. atom of boron, B. Two of the three p orbitals are

Based on your understanding of the two, explain in your own occupied by unpaired electrons in an atom of

words why electrons fill atomic orbitals in this seemingly carbon, C. And all three p orbitals are occupied by

unusual order. unpaired electrons in an atom of nitrogen, N
- J Hund’s rule applies here, as is shown in the

orbital notations in Figure 3.5.

75" 7p 7d

According to the Aufbau principle, the next electron must pair with
another electron in one of the 2p orbitals rather than enter the third main
energy level. The Pauli exclusion principle allows the electron to pair with
one of the electrons occupying the 2p orbitals as long as the spins of the
paired electrons are opposite. Thus, atoms of oxygen, O, have the configu-
ration 1s>2s*2p*. Oxygen’s orbital notation is shown in Figure 3.5.

Two 2p orbitals are filled in fluorine, E and all three are filled in neon,
Ne. Atoms such as those of neon, which have the s and p sublevels of their
highest occupied level filled with eight electrons, are said to have an octet
of electrons. Examine the periodic table inside the back cover of the text.
Notice that neon is the last element in the second period.
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FIGURE 3.5

ELECTRON CONFIGURATIONS OF ATOMS OF SECOND-PERIOD

ELEMENTS SHOWING TWO NOTATIONS

Orbital notation Electron-
configuration

Name Symbol 1s 2s ) » _ notation
Lithium Li n T — — — 15225’
Beryllium Be i i — — — 152252
Boron B n o 1 _ - 1522522
Carbon C Tl Tl T T — 1522522p?2
Nitrogen N Tl Tl T T T 1522522p3
Oxygen 0 Tl Tl Tl T T 1522522p*
Fluorine F Tl Tl Tl Tl T 15225225
Neon Ne e i i e e 15%2522p®

Elements of the Third Period

After the outer octet is filled in neon, the next electron enters the s
sublevel in the 7 = 3 main energy level. Thus, atoms of sodium, Na, have
the configuration 1s>2s?2p®3s!. Compare the configuration of a sodium
atom with that of an atom of neon in Figure 3.5. Notice that the first

10 electrons in a sodium atom have the same configuration as a neon
atom, 1s22s22pb. In fact, the first 10 electrons in an atom of each of the
third-period elements have the same configuration as neon. This similar-
ity allows us to use a shorthand notation for the electron configurations of
the third-period elements.

Noble-Gas Notation

Neon is a member of the Group 18 elements. The Group 18 elements (helium,
neon, argon, krypton, xenon, and radon) are called the noble gases. To simplify
sodium’s notation, the symbol for neon, enclosed in square brackets, is used
to represent the complete neon configuration: [Ne] = 1s?2522p®. This allows
us to write sodium’s electron configuration as [Ne]3s!, which is called
sodium’s noble-gas notation. Figure 3.6, on the next page, shows the electron
configuration of each of the third-period elements using noble-gas notation.

The last element in the third period is argon, Ar, which is a noble gas.
As in neon, the highest-occupied energy level of argon has an octet of
electrons, [Ne|3s23pb. In fact, each noble gas other than He has an
electron octet in its highest energy level. A noble-gas configuration refers
to an outer main energy level occupied, in most cases, by eight electrons.
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FIGURE 3.6
ELECTRON CONFIGURATIONS OF ATOMS OF THIRD-PERIOD ELEMENTS

Atomic Number of electrons in sublevels Noble-gas
Name Symbol number 1s 2s 2p 3s 3p notation
Sodium Na 11 2 2 6 1 *[Ne]3s'
Magnesium Mg 12 2 2 6 2 [Ne]3s?
Aluminum Al 13 2 2 6 2 1 [NeJ3s23p!
Silicon Si 14 2 2 6 2 2 [Ne]3s23p?
Phosphorus P 15 2 2 6 2 3 [Ne]3s23p3
Sulfur S 16 2 2 6 2 4 [Ne]3s23p*
Chlorine Cl 17 2 2 6 2 5 [Ne]3s23p®
Argon Ar 18 2 2 6 2 6 [Ne]3s23p®
*INe] = 1s225%22p®

Elements of the Fourth Period

The electron configurations of atoms in the fourth-period elements are
shown in Figure 3.7 (on the next page). The period begins by filling the 4s
orbital, the empty orbital of lowest energy. The first element in the fourth
period is potassium, K, which has the electron configuration [Ar]4s!. The
next element is calcium, Ca, which has the electron configuration [Ar]4s2.

With the 4s sublevel filled, the 4p and 3d sublevels are the next
available vacant orbitals. Figure 3.1 (on the first page of this section) shows
that the 3d sublevel is lower in energy than the 4p sublevel. Therefore, the
five 3d orbitals are next to be filled. A total of 10 electrons can occupy the
3d orbitals. These are filled successively in the 10 elements from scan-
dium (atomic number 21) to zinc (atomic number 30).

Scandium, Sc, has the electron configuration [Ar]3d'4s?. Titanium, Ti,
has the configuration [Ar]3d?4s%. And vanadium, V, has the configuration
[Ar]3d34s2. Up to this point, three electrons with the same spin have been
added to three separate d orbitals, as required by Hund’s rule.

Surprisingly, chromium, Cr, has the electron configuration [Ar]|3d°4s.
Not only did the added electron go into the fourth 3d orbital, but an
electron also moved from the 4s orbital into the fifth 3d orbital, leaving
the 4s orbital with a single electron. Chromium’s electron configuration is
contrary to what is expected according to the Aufbau principle. However,
in reality the [Ar]3d®4s! configuration is of lower energy than a [Ar]3d*4s?
configuration. For chromium, having six orbitals with unpaired electrons
is a more stable arrangement than having four unpaired electrons in the
3d orbitals and forcing two electrons to pair up in the 4s orbital. On the
other hand, for tungsten, W, which is in the same group as chromium,
having four electrons in the 54 orbitals and two electrons paired in the 6s
orbital is the most stable arrangement. There is no simple explanation for
such deviations from the expected order given in Figure 3.4.
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Manganese, Mn, has the electron configuration [Ar]3d®4s®. The added
' electron goes to the 4s orbital, completely filling this orbital while leaving
~ the 3d orbitals still half-filled. Beginning with the next element, electrons

continue to pair in the d orbitals. Thus, iron, Fe, has the configuration

[Ar]3d ®4s%; cobalt, Co, has the configuration [Ar]3d”4s% and nickel, Ni,
has the configuration [Ar]3d 84s2. Next is copper, Cu, in which an electron
moves from the 4s orbital to pair with the electron in the fifth 3d orbital.
The result is an electron configuration of [Ar]3d'%4s'—the lowest-energy
configuration for Cu. As with Cr, there is no simple explanation for this
deviation from the expected order.

In atoms of zinc, Zn, the 4s sublevel is filled to give the electron configu-
ration [Ar]3d!%4s?. In atoms of the next six elements, electrons add one by
one to the three 4p orbitals. According to Hund’s rule, one electron is added
to each of the three 4p orbitals before electrons are paired in any 4p orbital.

FIGURE 3.7
ELECTRON CONFIGURATION OF ATOMS OF ELEMENTS IN THE FOURTH PERIOD

Atomic Number of electrons in sublevels above 2p Noble-gas
Name Symbol number 3s 3p 3d 4s 4p notation
Potassium K 19 2 6 1 *[Ar]4s!
Calcium Ca 20 2 6 2 [Ar]4s?
Scandium Sc 21 2 6 1 2 [Ar]3d'4s?
Titanium Ti 22 2 6 2 2 [Ar]3d24s?
Vanadium v 23 2 6 3 2 [Ar]3aP4s?
Chromium Cr 24 2 6 5 1 [Ar]3a°4s!
Manganese Mn 25 2 6 5 2 [Ar]30°4s2
Iron Fe 26 2 6 6 2 [Ar]3d4s?
Cobalt Co 27 2 6 7 2 [Ar]3d74s2
Nickel Ni 28 2 6 8 2 [Ar]3d®4s?
Copper Cu 29 2 6 10 1 [Ar]3d'%4s!
Zinc In 30 2 6 10 2 [Ar]3a"04s?
Gallium Ga 31 2 6 10 2 1 [Ar]3d1%4s24p'
Germanium Ge 32 2 6 10 2 2 [Ar]3d"%4s24p?
Arsenic As 33 2 6 10 2 3 [Ar]30"04s%4p3
Selenium Se 34 2 6 10 2 4 [Ar]3d104s24p*
Bromine Br 35 2 6 10 2 5 [Ar]3d"%4s24p°
Krypton Kr 36 2 6 10 2 6 [Ar]3d"%4s2400
*[Ar] = 1s225%2p%3523p°
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Elements of the Fifth Period

In the 18 elements of the fifth period, sublevels fill in a similar manner as
in elements of the fourth period. However, they start at the 5s orbital
instead of at the 4s orbital. Successive electrons are added first to the 5s
orbital, then to the 4d orbitals, and finally to the 5p orbitals. This can be
seen in Figure 3.8. There are occasional deviations from the predicted
configurations here also. The deviations differ from those for fourth-
period elements, but in each case the preferred configuration has the
lowest possible energy.

FIGURE 3.8

ELECTRON CONFIGURATIONS OF ATOMS OF ELEMENTS IN THE FIFTH PERIOD

Atomic Number of electrons in sublevels above 3d Noble-gas
Name Symbol number 4s 4p 4d 5s 5p notation
Rubidium Rb 37 2 6 1 *[Kr]5s!
Strontium Sr 38 2 6 2 [Kr]5s2
Yttrium Y 39 2 6 1 2 [Kr]4d 1552
Zirconium Zr 40 2 6 2 2 [Kr]4d 2552
Niobium Nb 41 2 6 4 1 [Kr4d*5s’
Molybdenum Mo 42 2 6 5 1 [Kr]4d ®5s!
Technetium Tc 43 2 6 6 1 [Kr]4d85s!
Ruthenium Ru 44 2 6 7 1 [Kr]4d 75s!
Rhodium Rh 45 2 6 8 1 [Kr]4d85s!
Palladium Pd 46 2 6 10 [Krj4g10
Silver Ag 47 2 6 10 1 [Kr]4d 105!
Cadmium Cd 48 2 6 10 2 [Kr]4q 10552
Indium In 49 2 6 10 2 1 [Kr]4d 1%5s25p"
Tin Sn 50 2 6 10 2 2 [Kr14d 1055252
Antimony Sh 51 2 6 10 2 3 [Kr]4d 19552508
Tellurium Te 52 2 6 10 2 4 [Kr4d 19552504
lodine I 53 2 6 10 2 5 [Kr]4d 105s25p5
Xenon Xe 54 2 6 10 2 6 [Kr]4d 19552506
*[Kr] = 1s22522p53523p%30104524p6
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Sample Problem B

@ Cards
a. Write both the complete electron-configuration notation and the SRl
noble-gas notation for iron, Fe.

b. How many electron-containing orbitals are in an atom of iron?
How many of these orbitals are completely filled? How many
unpaired electrons are there in an atom of iron? In which sublevel
are the unpaired electrons located?

. SOLVE a. The complete electron-configuration notation of iron is
1522522p®3523p83d04s2. The periodic table inside the back cover
of the text reveals that 15?2s?2p®3s23p® is the electron
configuration of the noble gas argon, Ar. Therefore, as shown
in Figure 3.7, iron’s noble-gas notation is [Ar]3d®4s%.

b. Aniron atom has 15 orbitals that contain electrons. They consist
of one 1s orbital, one 2s orbital, three 2p orbitals, one 3s orbital,
three 3p orbitals, five 3d orbitals, and one 4s orbital. Eleven of
these orbitals are filled, and there are four unpaired electrons.
They are located in the 3d sublevel. The notation 3d° represents:

Practice Answers in Appendix E

1. a. Write both the complete electron-configuration notation and the noble-gas notation for
iodine, I. How many inner-shell electrons does an iodine atom contain?

b. How many electron-containing orbitals are in an atom of iodine? How many of these
orbitals are filled? How many unpaired electrons are there in an atom of iodine?

2. a. Write the noble-gas notation for tin, Sn. How many unpaired electrons are there in an
atom of tin?

b. How many electron-containing d orbitals are there in an atom of tin? Name the element
in the fourth period whose atoms have the same number of electrons in their highest
energy levels that tin’s atoms do.

3. a. Write the complete electron configuration for the element with atomic number 25. You
may use the diagram shown in Figure 3.2.

b. Identify the element described in item 3a.

4. a. How many orbitals are completely filled in an atom of the element with atomic number
18? Write the complete electron configuration for this element.
b. Identify the element described in item 4a.

. Elements of the Sixth Period

The sixth period consists of 32 elements. It is much longer than the
periods that precede it in the periodic table. To build up electron
configurations for elements of this period, electrons are added first to
the 6s orbital in cesium, Cs, and barium, Ba. Then, in lanthanum, La,
an electron is added to the 5d orbital.
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With the next element, cerium, Ce, the 4f orbitals begin to fill, giving
cerium atoms a configuration of [Xe]4f15d'6s2. In the next 13 elements, the
4f orbitals are filled. Next the 54 orbitals are filled and the period is com-
pleted by filling the 6p orbitals. Because the 4fand the 5d orbitals are very
close in energy, numerous deviations from the simple rules occur as these
orbitals are filled. The electron configurations of the sixth-period elements
can be found in the periodic table inside the back cover of the text. The
seventh period is incomplete and consists largely of synthetic elements.

Electron Configurations

Sample Problem C

a. Write both the complete electron-configuration notation and the noble-
gas notation for a rubidium atom.

b. Identify the elements in the second, third, and fourth periods that
have the same number of highest-energy-level electrons as rubidium.

. SOLUTION a. 15%2s%2p83s23p83d1 %4524 p85s!, [Kr]5s!

b. Rubidium has one electron in its highest energy level (the
fifth). The elements with the same outermost configuration
are, in the second period, lithium, Li; in the third period,
sodium, Na; and in the fourth period, potassium, K.

Practice Answers in Appendix E

1. a. Write both the complete electron-configuration notation and the noble-gas notation for
a barium atom.
b. Identify the elements in the second, third, fourth, and fifth periods that have the same
number of highest-energy-level electrons as barium.
2. a. Write the noble-gas notation for a gold atom.
b. Identify the elements in the sixth period that have one unpaired 6s electron.

- (V) SECTION 3 FORMATIVE ASSESSMENT

@ Reviewing Main Ideas 5. Identify the elements having the following
electron configurations:

a. 1s%2s%2p%3s23p°

1. a. What is an atom’s electron configuration?

b. What three principles guide the electron b. [Ar]4s!
configuration of an atom? . o .
c. contains four electrons in its third and outer

2. What three methods are used to represent the main energy level

arrangement of electrons in atoms? d. contains one set of paired and three unpaired
3. What is an octet of electrons? Which elements electrons in its fourth and outer main energy

contain an octet of electrons? level
4. Write the complete electron-configuration " Critical Thinking

notation, the noble-gas notation, and the orbital

notation for the following elements: 6. RELATING IDEAS Write the electron configu-

ration for the third-period elements Al, Si, P, S,
and CL. Is there a relationship between the group
number of each element and the number of
electrons in the outermost energy level?

a.carbon b.neon c. sulfur
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Weighted Averages and

You have learned that the mass of a proton is about 1 u and as a specific mixture of isotopes. For example, 75.76% of

that a neutron is only slightly heavier. Because atomic nuclei chlorine atoms have a mass of 34.969 u, and 24.24% have a
consist of whole numbers of protons and neutrons, you might mass of 36.966 u. If the isotopes were in a 1:1 ratio, you could
expect that the atomic mass of an element would be very near simply add the masses of the two isotopes together and divide
a whole number. However, if you look at the periodic table, you by 2. However, to account for the differing abundance of the
will see that the atomic masses of many elements lie some- isotopes, you must calculate a weighted average. For chlorine,
where between whole numbers. In fact, the atomic masses the weighted average is 35.45 u. The following two examples
listed on the table are average atomic masses. The atomic demonstrate how weighted averages are calculated.

masses are averages because most elements occur in nature

Sample Problem

A sample of naturally occurring silver consists of 51.839% Ag-107 (atomic mass
106.905 093 u) and 48.161% Ag-109 (atomic mass 108.904 756 u). What is the average
atomic mass of silver?

To find average atomic mass, convert each percentage to a decimal equivalent and multiply by the atomic
mass of the isotope.
0.518 39 x 106.905 093 u = 55.419 u
0.481 61 X 108.904 756 u = 52.450 u
107.869 u
Adding the masses contributed by each isotope gives an average atomic mass of 107.869 u. Note that this
value for the average atomic mass of silver is very near the one given in the periodic table.

A sample of naturally occurring magnesium consists of 78.99% Mg-24 (atomic mass
23.985 042 u), 10.00% Mg-25 (atomic mass 24.985 837 u), and 11.01% Mg-26 (atomic mass
25.982 593 u). What is the average atomic mass of magnesium?

Again, convert each percentage to a decimal and multiply by the atomic mass of the isotope to get the mass
contributed by each isotope.
0.7899 X 23.985 042 u =18.95u
0.1000 x 24.985837u= 2.499u
0.1101 X 25.982593u= 2.861u
24.31u
Adding the masses contributed by each isotope gives an average atomic mass of 24.31 u.

Practice

1. Rubidium occurs naturally as a mixture of two isotopes, 72.17% Rb-85
(atomic mass 84.911 792 u) and 27.83% Rb-87 (atomic mass 86.909 186 u).
What is the average atomic mass of rubidium?

2. The element silicon occurs as a mixture of three isotopes: 92.22% Si-28, 4.69%
Si-29, and 3.09% Si-30. The atomic masses of these three isotopes are as follows:
Si-28 = 27.976 926 u, Si-29 = 28.976 495 u, and Si-30 = 29.973 770 u.

Find the average atomic mass of silicon.
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SECTION 1 The Development of a New Atomic Model

In the early twentieth century, light was determined to have a dual
wave-particle nature.

Quantum theory was developed to explain observations such as the
photoelectric effect and the line-emission spectrum of hydrogen.

Quantum theory states that electrons can exist only at specific atomic
energy levels.

When an electron moves from one main energy level to a main energy level
of lower energy, a photon is emitted. The photon’s energy equals the
energy difference between the two levels.

An electron in an atom can move from one main energy level to a higher
main energy level only by absorbing an amount of energy exactly equal to
the difference between the two levels.

electromagnetic radiation
electromagnetic spectrum
wavelength

frequency

photoelectric effect
quantum

photon

ground state

excited state
line-emission spectrum
continuous spectrum

SecTION 2 The Quantum Model of the Atom

In the early twentieth century, electrons were determined to have a dual
wave-particle nature.

The Heisenberg uncertainty principle states that it is impossible to
determine simultaneously the position and velocity of an electron or
any other particle.

Quantization of electron energies is a natural outcome of the Schrédinger
wave equation, which describes the properties of an atom’s electrons.

An orbital, a three-dimensional region around the nucleus, shows the region
in space where an electron is most likely to be found.

The four quantum numbers that describe the properties of electrons in
atomic orbitals are the principal quantum number, the angular momentum
quantum number, the magnetic quantum number, and the spin quantum
number.

Heisenberg uncertainty
principle

quantum theory

orbital

quantum number
principal quantum number

angular momentum quantum
number

magnetic quantum number
spin quantum number

SECTION 3 Electron Configurations

118

The ground-state electron configuration of an atom can be written by using
the Aufbau principle, Hund’s rule, and the Pauli exclusion principle.

Electron configurations can be depicted by using different types of
notation. In this book, three types of notation are used: orbital notation,
electron-configuration notation, and noble-gas notation.

Electron configurations of some atoms, such as chromium, deviate from
the predictions of the Aufbau principle, but the ground-state configuration
that results is the configuration with the minimum possible energy.

Chapter 4

electron configuration
Aufbau principle

Pauli exclusion principle
Hund’s rule

noble gas

noble-gas configuration



CHAPTER 4 Review

SECTION 1

The Development of a New
Atomic Model

@ REVIEWING MAIN IDEAS

1. a. List five examples of electromagnetic radiation.
b. What is the speed of all forms of electromagnetic
radiation in a vacuum?

2. Prepare a two-column table. List the properties of
light that can best be explained by the wave theory in
one column. List those best explained by the particle
theory in the second column. You may want to
consult a physics textbook for reference.

3. What are the frequency and wavelength ranges of
visible light?

4. List the colors of light in the visible spectrum in order
of increasing frequency.

5. In the early twentieth century, what two experiments
involving light and matter could not be explained by
the wave theory of light?

6. a. How are the wavelength and frequency of
electromagnetic radiation related?
b. How are the energy and frequency of electromag-
netic radiation related?
¢. How are the energy and wavelength of electromag-
netic radiation related?

7. Which theory of light—the wave or particle
theory—Dbest explains the following phenomena?
a. the interference of light
b. the photoelectric effect
¢. the emission of electromagnetic radiation by an
excited atom

8. Distinguish between the ground state and an excited
state of an atom.

9. According to Bohr’s model of the hydrogen atom,
how is hydrogen’s emission spectrum produced?

PRACTICE PROBLEMS

10. Determine the frequency of light whose wavelength is
4.257 x 10~7 cm.

11. Determine the energy in joules of a photon whose
frequency is 3.55 x 107 Hz.

12.

13.

14.

Using the two equations E = hv and ¢ = Av, derive an
equation expressing E in terms of 4, ¢, and .

How long would it take a radio wave whose frequency
is 7.25 x 10° Hz to travel from Mars to Earth if the
distance between the two planets is approximately
8.00 X 107 km?

Cobalt-60 is an artificial radioisotope that is produced
in a nuclear reactor and is used as a gamma-ray
source in the treatment of certain types of cancer.

If the wavelength of the gamma radiation from a
cobalt-60 source is 1.00 x 10~3 nm, calculate the
energy of a photon of this radiation.

SECTION 2
The Quantum Model of
the Atom

@ REVIEWING MAIN IDEAS

15.

16.

17.

18.

Describe two major shortcomings of Bohr’s model
of the atom.

a. What is the principal quantum number?

b. How is it symbolized?

¢. What are shells?

d. How does n relate to the number of electrons
allowed per main energy level?

a. What information is given by the angular
momentum quantum number?
b. What are sublevels, or subshells?

For each of the following values of n, indicate the
numbers and types of sublevels possible for that main
energy level. (Hint: See Figure 2.6.)

an=1
b. n=2
c. n=3
d n=4
e. n =7 (number only)

. a. What information is given by the magnetic

quantum number?

b. How many orbital orientations are possible in each
of the s, p, d, and fsublevels?

¢. Explain and illustrate the notation for distinguish-
ing between the different p orbitals in a sublevel.
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CHAPTER REVIEW

20. a. Whatis the relationship between » and the total
number of orbitals in a main energy level?
b. How many total orbitals are contained in the third
main energy level? in the fifth?

21. a. What information is given by the spin quantum
number?
b. What are the possible values for this quantum
number?

22. How many electrons could be contained in the
following main energy levels with n equal to the
number provided?

a. 1

a0
N O W

PRACTICE PROBLEMS

23. Sketch the shape of an s orbital and a p orbital.
24. How does a 2s orbital differ from a 1s orbital?

25. Howdoa2p anda 2p, orbital differ?

SECTION 3

Electron Configurations
‘ REVIEWING MAIN IDEAS

26. a. In your own words, state the Aufbau principle.
b. Explain the meaning of this principle in terms of
an atom with many electrons.

27. a. Inyour own words, state Hund’s rule.
b. What is the basis for this rule?

28. a. In your own words, state the Pauli exclusion
principle.
b. What is the significance of the spin quantum
number?

29. a. What is meant by the highest occupied energy
level in an atom?
b. What are inner-shell electrons?

30. Determine the highest occupied energy level in the
following elements:
a. He

P 2 0 ¢
(@)
&

120 Chapter 4

31.

32.

33.

34.

35.

36.

37.

Write the orbital notation for the following elements.
(Hint: See Sample Problem A.)

a. p

b. B

c. Na

d O

Write the electron-configuration notation for the
element whose atoms contain the following number
of electrons:

a. 3

b. 6

c. 8

d. 13

Given that the electron configuration for oxygen is

15%25%2p*, answer the following questions:

a. How many electrons are in each oxygen atom?

b. What is the atomic number of this element?

¢. Write the orbital notation for oxygen'’s electron
configuration.

d. How many unpaired electrons does oxygen have?

e. What is the highest occupied energy level?

f. How many inner-shell electrons does the atom
contain?

g. In which orbital(s) are these inner-shell electrons
located?

a. What are the noble gases?

b. What is a noble-gas configuration?

¢. How does noble-gas notation simplify writing an
atom’s electron configuration?

Write the noble-gas notation for the electron configu-
ration of each of the elements below. (Hint: See
Sample Problem B.)

a. Cl

b. Ca

c. Se

a. What information is given by the noble-gas
notation [Ne]3s2?
b. What element does this represent?

Write both the complete electron-configuration
notation and the noble-gas notation for each of the
elements below. (Hint: See Sample Problem C.)

a. Na

b. Sr

c. P



38. Identify each of the following atoms on the basis of its
electron configuration:

1s22s22p!

15%2522p°

[Ne]3s?

[Ne]3s%3p?

[Ne]3s%3p°

[Ar]4s!

[Ar]3dC4s

@~oaooo

PRACTICE PROBLEMS

39. List the order in which orbitals generally fill, from the
1s to the 7p orbital.

40. Write the noble-gas notation for the electron configu-
rations of each of the following elements:

a. As e. Sn
b. Pb f. Xe
c. Lr g. La
d. Hg

41. How do the electron configurations of chromium and
copper contradict the Aufbau principle?

Mixed Review
@ REVIEWING MAIN IDEAS

42. a. Which has a longer wavelength: green light or
yellow light?
b. Which has a higher frequency: an X ray or a
microwave?
¢. Which travels at a greater speed: ultraviolet light or
infrared light?

43. Write both the complete electron-configuration and
noble-gas notation for each of the following:
a. Ar b. Br c. Al

44. Given the speed of light as 3.00 x 108 m/s, calculate
the wavelength of the electromagnetic radiation
whose frequency is 7.500 x 10'2 Hz.

45. a. What is the electromagnetic spectrum?
b. What units can be used to express wavelength?
¢. What unit is used to express frequencies of
electromagnetic waves?

CHAPTER REVIEW

46. Given that the electron configuration for phosphorus
is 1522522p®3523p3, answer the following questions:
a. How many electrons are in each atom?
b. What is the atomic number of this element?
¢. Write the orbital notation for this element.
d. How many unpaired electrons does an atom of
phosphorus have?
. What is its highest occupied energy level?
How many inner-shell electrons does the atom
contain?
g. In which orbital(s) are these inner-shell electrons
located?

=~ o

47. What is the frequency of a radio wave whose energy is
1.55 X 10~2*] per photon?

48. Write the noble-gas notation for the electron configu-
rations of each of the following elements:

a. Hf d. At
b. Sc e. Ac
c. Fe f. Zn

49. Describe the major similarities and differences
between Schrédinger’s model of the atom and the
model proposed by Bohr.

50. When sodium is heated, a yellow spectral line whose
energy is 3.37 x 10719 per photon is produced.
a. What is the frequency of this light?
b. What is the wavelength of this light?

51. a. What is an orbital?
b. Describe an orbital in terms of an electron cloud.

CRITICAL THINKING

52. Inferring Relationships In the emission spectrum of
hydrogen shown in Figure 1.5, each colored line is
produced by the emission of photons with specific
energies. Substances also produce absorption spectra
when electromagnetic radiation passes through
them. Certain wavelengths are absorbed. Using the
diagram below, predict what the wavelengths of the
absorption lines will be when white light (all of the
colors of the visible spectrum) is passed through
hydrogen gas.

1 1
300 nm 700 nm

Hydrogen absorption spectrum
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53. Applying Models In discussions of the photoelectric
effect, the minimum energy needed to remove an
electron from the metal is called the threshold energy
and is a characteristic of the metal. For example,
chromium, Cr, will emit electrons when the wave-
length of the radiation is 284 nm or less. Calculate the
threshold energy for chromium. (Hint: You will need
to use the two equations that describe the relation-
ships between wavelength, frequency, speed of light,
and Planck’s constant.)

54. Analyzing Information Four electrons in an atom have
the four sets of quantum numbers given below.
Which electrons are in the same orbital? Explain your
answer.

a. 1,00, —_
b. 1,0,0,+__
c.21,1,+__
d. 2,1,0,+__

55. Relating Ideas Which of the sets of quantum numbers
below are possible? Which are impossible? Explain
your choices.

a. 2,21, +__
b. 2,0,0,—__
c. 201, —__

USING THE HANDBOOK

56. Sections 1 and 2 of the Elements Handbook
(Appendix A) contain information on an analytical
test and a technological application for Group 1 and 2
elements. The test and application are based on the
emission of light from atoms. Review these sections
to answer the following:

a. What analytical technique utilizes the emission of
light from excited atoms?

b. What elements in Groups 1 and 2 can be identified
by this technique?

¢. What types of compounds are used to provide
color in fireworks?

d. What wavelengths within the visible spectrum
would most likely contain emission lines for
barium?

122 Chapter 4

RESEARCH AND WRITING

57.

58.

Neon signs do not always contain neon gas. The
various colored lights produced by the signs are due
to the emission of a variety of low-pressure gases in
different tubes. Research other kinds of gases used in
neon signs, and list the colors that they emit.

Prepare a report about the photoelectric effect, and
cite some of its practical uses. Explain the basic
operation of each device or technique mentioned.

ALTERNATIVE ASSESSMENT

59.

Performance A spectroscope is a device used to
produce and analyze spectra. Construct a simple
spectroscope, and determine the absorption spectra
of several elemental gases. (Your teacher will provide
you with the gas discharge tubes containing samples
of different gases.)



TEST Fr=F

Standards-Based Assessment

Answer the following items on a separate piece of paper.

MULTIPLE CHOICE

1.

Which of the following relationships is true?

A. Higher-energy light has a higher frequency than
lower-energy light does.

B. Higher-energy light has a longer wavelength than
lower-energy light does.

C. Higher-energy light travels at a faster speed than
lower-energy light does.

D. Higher-frequency light travels at a slower speed
than lower-energy light does.

The energy of a photon is greatest for
A. visible light.

B. ultraviolet light.

C. infrared light.

D. X-ray radiation.

What is the wavelength of radio waves that have a
frequency of 88.5 MHz?

A. 34m C. 0.30m

B. 89nm D. 300 nm

Which transition in an excited hydrogen atom will
emit the longest wavelength of light?

A E;t0E,; C. E;toE,

B. E, to E, D. E, to E,

Which of the following quantum numbers is often
designated by the letters s, p, d, and finstead of by
numbers?

A n C. m
B. ! D.s
Which quantum number is related to the shape of

an orbital?

A n C. m

B. ! D.s

What is the maximum number of unpaired
electrons that can be placed in a 3p sublevel?

A1 C.3

B. 2 D. 4

What is the maximum number of electrons that can
occupy a 3s orbital?

A1 C. 6

B. 2 D. 10

9. Which element has the noble-gas notation

[Kr]5524d2?

A. Se C. Zr

B. Sr D. Mo
SHORT ANSWER

10. When a calcium salt is heated in a flame, a photon

of light with an energy of 3.2 x 107197 is emitted. On
the basis of this fact and the table below, what color

would be expected for the calcium flame?

Frequency, s ! 7.1 x 10™ | 6.4 x 10™ | 5.7 x 10
Wavelength, nm 422 469 526
Color violet blue green
Frequency, s ! 5.2 x 1014 | 4.8 x 1014 | 4.3 x 1014
Wavelength, nm 577 625 698
Color yellow orange red

11. The electron configuration of sulfur is
1522522p%3523p*. Write the orbital notation

for sulfur.

EXTENDED RESPONSE

12. Explain the reason for the hydrogen line-emission

spectrum.

13. When blue light shines on potassium metal in a
photocell, electrons are emitted. But when yellow
light shines on the metal, no current is observed.

Explain.

Standards-Based Assessment

Test Tip

If time permits, take short mental
breaks during the test to improve your
concentration.
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History of the
Periodic Table

periodic law lanthanide
periodic table actinide

Imagine the confusion among chemists during the middle of the nineteenth century.
By 1860, more than 60 elements had been discovered. Chemists had to learn

the properties of these elements as well as those of the many compounds that
they formed—a difficult task. And to make matters worse, there was no method
for accurately determining an element’s atomic mass or the number of atoms of

an element in a particular chemical compound. Different chemists used different
atomic masses for the same elements, resulting in different compositions being
proposed for the same compounds. This made it nearly impossible for one chemist
to understand the results of another.

In September 1860, a group of chemists assembled at the First International
Congress of Chemists in Karlsruhe, Germany, to settle the issue of atomic mass
as well as some other matters that were making communication difficult. At the
Congress, ltalian chemist Stanislao Cannizzaro presented a convincing method for
accurately measuring the relative masses of atoms. Cannizzaro’s method enabled
chemists to agree on standard values for atomic mass and initiated a search for
relationships between atomic mass and other properties of the elements.

© MAIN IDEA
Mendeleev’s periodic table grouped elements by their
properties.

When the Russian chemist Dmitri Mendeleev heard about the new
atomic masses discussed at Karlsruhe, he decided to include the new
values in a chemistry textbook he was writing. In the book, Mendeleev
hoped to organize the elements according to their properties. He went
about this much as you might organize information for a research paper.
He placed the name of each known element on a card, together with the
atomic mass of the element and a list of its observed physical and chemi-
cal properties. He then arranged the cards according to various properties
and looked for trends or patterns.

Mendeleev noticed that when the elements were arranged in order of
increasing atomic mass, certain similarities in their chemical properties
appeared at regular intervals. Such a repeating pattern is referred to as
periodic. The second hand of a watch, for example, passes over any given
mark at periodic, 60-second intervals. The circular waves created by a
drop of water hitting a water surface, as shown in Figure 1.1, are also
periodic.

SECTION

Mendeleev’s periodic table
grouped elements by their
properties.

Moseley arranged elements by
their atomic numbers.

Modern periodic tables arrange
the elements by both atomic
number and properties.

MEIIRENNIR]

Periodic Patterns The regularly
spaced water waves represent a
simple periodic pattern.

‘ CRITICAL THINKING

Relate Why are regularly-spaced
water waves referred to as a
periodic pattern?

The Periodic Law 125



Mendeleev’s First Periodic
Table In his first published periodic
table, Mendeleev arranged the elements
in vertical periods according to relative
atomic mass. The atomic mass for each
element is indicated by the number
following the element’s symbol. The
unknown elements indicated by question
marks at estimated atomic masses 45, 68,
and 70 were later identified as scandium,
Sc;gallium, Ga, and germanium, Ge.

126 Chapter 5

Ho BB Heft, MHB KameTcd, yKe ACHO BHpPAXAETCH HPHMBHMMOCTH BH
CTABIMEMAr0 MHOX Baiajia KO Bcelt COBOKYHHOCTH 9JeMEHTOBB, HAll
KOTOpPHXE M3BBcTeR® ¢B XocTopEprOcTin. Ha 3TOTH pass 4 @ xerars
UpEMMYIIECTBeRHO HAK(TH QOGIMYM CHCTEMY D1eMeHTOBb. BOTE 3TOTH
OIKITE:

Ti==50 Zr=90 ?=180.

V=51 Nb=94 Ta=182,

Cr=52 Mo=96 W =186.

Mn=55 Rh=1044 Pt=1974

Fe=56 Ru=104,4 Ir=198.

Ni==Co=59 Pl=1066, 0s=199.

H=1 Cu=634 Ag=108 Hg=200.
Be=94 Mg =24 In=65, Cd=112

B==11 Al=274 ?=63 Ur=116 Au=197?
C=12 Si=28 ?2=70 Su==118

N=14 P=31 As=75 Sb=122 Bi==210
0=16 S=32 Se=794 Te=128?
F=19 Cl=35; Br=380 1=127

Li=7 Na=23 K=39 Rb =85, Cs==133 TI=204

Ca=40 Sr=817, Ba=137 Pb=207.
?=45 Ce=92

?Er=56 La=94

?Yt=60 Di=95

n=756 Th=118?

& DOTOMY NPNXORHTCA BB DA3UNMX® pafax® Hwbro paasnyuoe wusvbuenie pamocreft,
yero whTh BL PIABHMXD Yaciaxb Opexdaraemofl rafiuuuw. Hid xe mpuierca mpexmo-
JaraTh UpK COCTABAEHIM CHCTEMH OYeWh MEOTO0 HELOCTADIIHX® YicHOoRE. To ®
xpyroe mato »uroxso. Mub xamercs mpurons, wanGoxbe ecTecTseHuuNT COCTABETH

Mendeleev created a table in which elements with similar properties
were grouped together—a periodic table of the elements. His first
periodic table, shown in Figure 1.2, was published in 1869. Note that
Mendeleev placed iodine, I (atomic mass 127), after tellurium,

Te (atomic mass 128). Although this contradicted the pattern of listing
the elements in order of increasing atomic mass, it allowed Mendeleev
to place tellurium in a group of elements with which it shares similar
properties. Reading horizontally across Mendeleev’s table, this group
includes oxygen, O; sulfur, S; and selenium, Se. Iodine could also then be
placed in the group it resembles chemically, which includes fluorine, F,
chlorine, Cl, and bromine, Br.

Mendeleev’s procedure left several empty spaces in his periodic
table (see Figure 1.2). In 1871, the Russian chemist boldly predicted the
existence and properties of the elements that would fill three of the
spaces. By 1886, all three elements had been discovered. Today these
elements are known as scandium, Sc, gallium, Ga; and germanium, Ge.
Their properties are strikingly similar to those predicted by Mendeleev.

The success of Mendeleev’s predictions persuaded most chemists to
accept his periodic table and earned him credit as the discoverer of the
periodic law. Two questions remained, however. (1) Why could most of
the elements be arranged in the order of increasing atomic mass, but a
few could not? (2) What was the reason for chemical periodicity?



© MAIN IDEA
Moseley arranged elements by their atomic numbers.

The first question was not answered until more than 40 years after
Mendeleev’s first periodic table was published. In 1911, the English
scientist Henry Moseley, who was working with Ernest Rutherford,
examined the spectra of 38 different metals. When analyzing his data,
Moseley discovered a previously unrecognized pattern. The elements
in the periodic table fit into patterns better when they were arranged in
increasing order according to nuclear charge, or the number of protons
in the nucleus. Moseley’s work led to both the modern definition of
atomic number and the recognition that atomic number, not atomic
mass, is the basis for the organization of the periodic table.

Moseley’s discovery was consistent with Mendeleev’s ordering of the
periodic table by properties rather than strictly by atomic mass. For
example, according to Moseley, tellurium, with an atomic number of 52,
belongs before iodine, which has an atomic number of 53. Today,
Mendeleev’s principle of chemical periodicity is correctly stated in what is
known as the periodic law: The physical and chemical properties of the
elements are periodic functions of their atomic numbers. In other words,
when the elements are arranged in order of increasing atomic number,
elements with similar properties appear at regular intervals.

© MAIN IDEA
Modern periodic tables arrange the elements by both
atomic number and properties.

The periodic table has undergone extensive change since Mendeleev’s
time. Chemists have discovered new elements and, in more recent years,

synthesized new ones in the laboratory. Each of the more than 40 new m

elements, however, can be placed in a group of other elements with Noble Gases The noble gases, also
similar properties. The periodic table is an arrangement of the elements in known as the Group 18 elements, are all
order of their atomic numbers so that elements with similar properties fall in rather unreactive. As you will read, the
the same column, or group. reason for this low reactivity also accounts

for the special place occupied by the noble

ases in the periodic table.
The Noble Gases . P

Perhaps the most significant addition to the periodic table came with
the discovery of the noble gases. In 1894, English physicist John William

2
e

Strutt (Lord Rayleigh) and Scottish chemist Sir William Ramsay discovered 7 8 9 10
argon, Ar, a gas in the atmosphere that had previously escaped notice N o F S

because of its total lack of chemical reactivity. Back in 1868 another noble 16 16 17 18
gas, helium, He, had been discovered as a component of the sun. In 1895, P S cl | Ar

Ramsay showed that helium also exists on Earth. 53 = . e
In order to fit argon and helium into the periodic table, Ramsay As | Se | Br

proposed a new group (see Figure 1.3). He placed this group between 51 52 53 54
the groups now known as Group 17 (the fluorine family) and Group 1 SbTe I Xe

(the lithium family). In 1898, Ramsay discovered two more noble gases, 83 84 85 86
krypton, Kr, and xenon, Xe. The final noble gas, radon, Rn, was discov- Bi Po At | Rn

ered in 1900 by the German scientist Friedrich Ernst Dorn.
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The Lanthanides

The next step in the development of the periodic table was completed in

the early 1900s. It was then that the puzzling chemistry of the lanthanides
was finally understood. The lanthanides are the 14 elements with atomic
numbers from 58 (cerium, Ce) to 71 (lutetium, Lu). Because these elements are
so similar in chemical and physical properties, the process of separating and
identifying them was a tedious task that required the effort of many chemists.

The Actinides

Another major step in the development of the periodic table was the
discovery of the actinides. The actinides are the 14 elements with atomic
numbers from 90 (thorium, Th) to 103 (lawrencium, Lr). The lanthanides and
actinides belong in Periods 6 and 7, respectively, of the periodic table,
between the elements of Groups 3 and 4. To save space, the lanthanides and
actinides are usually set off below the main portion of the periodic table.

QUESTION
Can you design your own periodic

DISCUSSION
1. Keeping in mind that the

MATERIALS
* index cards

table using information similar to
that available to Mendeleev?

PROCEDURE

1.

128

Write down the information
available for each element on
separate index cards. The
following information is appro-
priate: a letter of the alphabet
(A, B, C, etc.) to identify each
element; atomic mass; state;
density; melting point; boiling
point; and any other readily

observable physical properties.

Do not write the name of the
element on the index card, but
keep a separate list indicating
the letter you have assigned
to each element.

. Organize the cards for the

elements in a logical pattern
as you think Mendeleev might
have done.

Chapter 5

. How many groups of elements,

. Predict the characteristics of

information you have is similar
to that available to Mendeleev
in 1869, answer the following
questions.

_DESIGNING YouR own pERiobIcTABLE
|

a. Why are atomic masses
given instead of atomic
numbers?

b. Can you identify each
element by name?

or families, are in your periodic
table? How many periods, or
series, are in the table?

any missing elements. When
you have finished, check your
work using your separate list of
elements and a periodic table.



Periodicity

Periodicity with respect to atomic number can be observed in any group
of elements in the periodic table. For example, consider the noble gases
of Group 18. The first noble gas is helium, He. Helium has an atomic
number of 2. The elements following helium in atomic number have
completely different properties until the next noble gas, neon, Ne, is
reached. Neon has an atomic number of 10. The remaining noble gases
in order of increasing atomic number are argon (Ar, atomic number 18),
krypton (Kr, atomic number 36), xenon (Xe, atomic number 54), and
radon (Rn, atomic number 86). Thus, the differences in atomic number
between successive noble gases are 8, 8, 18, 18, and 32, as shown in
Figure 1.4.

Also shown in Figure 1.4 are atomic-number differences between the
elements of Group 1. These elements are all solid, silvery metals. As you
can see, the differences in atomic number between the Group 1 metals
follow the same pattern as the differences in atomic number between the
noble gases: 8, 8, 18, 18, and 32.

Starting with the first member of Groups 13-17, a similar periodic tern
is repeated. The atomic number of each successive element is 8, 18, 18,
and 32 higher than the atomic number of the element above it. In
Section 2, you will see that the second mystery presented by Mendeleev’s
periodic table—the reason for periodicity—is explained by the arrange-
ment of the electrons around the nucleus.

@ Reviewing Main Ideas

1. a. Who is credited with developing a method
that led to the determination of standard
relative atomic masses?

b. Who discovered the periodic law?

c. Who established atomic numbers as the basis
for organizing the periodic table?

2. State the periodic law.

3. Name three sets of elements that have been
added to the periodic table since Mendeleev’s
time.

4. How do the atomic numbers of the elements
within each of Groups 1, 2, and 13-18 of the
periodic table vary? (Refer to Figure 1.4 as a
guide.)

Patterns in the Periodic Table
In each of Groups 1 and 18, the
differences between the atomic numbers
of successive elements are 8, 8, 18, 18,
and 32, respectively. Groups 2 and 13-17
follow a similar pattern.

Group 18

Group 1

Element Difference
and atomic in atomic
number numbers
He 2

s
Ne 10

s
Ar 18

[
Kr 36

]718
Xe 54

}732
Rn 86
Li 3

s
Na 11

s
K 19

]718
Rb 37

}718
Cs 55

=
Fr 87

@ Critical Thinking

5. RELATING IDEAS Why are elements’ atomic
masses not in strict increasing order in the
periodic table, even though the properties of the
elements are similar? For example, by atomic
mass, tellurium, Te, should be in group 17, and
iodine, I, should be in Group 16, but grouping by
properties has Te in Group 16 and I in Group 17.

The Periodic Law
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SECTION 2

p) The period of an element is
determined by its electron
configuration.

130

Chapter 5

Electron
Configuration and
the Periodic Tahle

alkali metals transition elements halogens
alkaline-earth metals main-group elements

The Group 18 elements of the periodic table (the noble gases) undergo few
chemical reactions. This stability results from the gases’ special electron
configurations. Helium’s highest occupied level, the 1s orbital, is completely filled
with electrons. And the highest occupied levels of the other noble gases contain
stable octets. Generally, the electron configuration of an atom’s highest occupied
energy level governs the atom’s chemical properties.

© MAIN IDEA

While the elements are arranged vertically in the periodic table in groups
that share similar chemical properties, they are also organized horizon-
tally in rows, or periods. (There are a total of seven periods of elements in
the modern periodic table.) As can be seen in Figure 2.1, the length of each
period is determined by the number of electrons that can occupy the
sublevels being filled in that period.

Number of elements in Sublevels in order of

Period number period filling

1 2 1s

2 8 252p

8 8 3s53p

4 18 453d4p

5 18 5s54d5p

6 32 6s4f5d6p
7 32 755f6d7p



In the first period, the 1s sublevel is being filled. The 1s sublevel can
hold a total of two electrons. Therefore, the first period consists of two
elements—hydrogen and helium. In the second period, the 2s sublevel,
which can hold two electrons, and the 2p sublevel, which can hold six
electrons, are being filled. Consequently, the second period totals eight
elements. Similarly, filling of the 3s and 3p sublevels accounts for the
eight elements of the third period. Filling 3d and 4d sublevels in addition
to the s and p sublevels adds 10 elements to both the fourth and fifth
periods. Therefore, each of these periods totals 18 elements. Filling 4f
sublevels in addition to s, p, and d sublevels adds 14 elements to the sixth
period, which totals 32 elements. And as new elements are created, the 25
named elements in Period 7 could, in theory, be extended to 32.

The period of an element can be determined from the element’s
electron configuration. For example, arsenic, As, has the electron con-
figuration [Ar]3d!%4s24p3. The 4 in 4p3 indicates that arsenic’s highest
occupied energy level is the fourth energy level. Arsenic is thus in the
fourth period in the periodic table. The period and electron configuration
for each element can be found in the periodic table (on the next two
pages). Based on the electron configurations of the elements, the periodic
table can be divided into four blocks, the s, p, d, and f blocks. This
division is illustrated in Figure 2.2. The name of each block is determined
by whether an s, p, d, or fsublevel is being filled in successive elements of
that block.

Sublevel Blocks Based on the electron configurations of the elements,
the periodic table can be subdivided into four sublevel blocks.

Group 18
|1| s-block elements 5
p-block elements He

Group 1 Group 2 Group 13 Group 14 Group 15 Group 16 Group 17

3 4 d-block elements 5 6 7 8 9 10

Li Be f-block elements B C N 0 F Ne
1 12 13 14 15 16 17 18
Na Mg Al Si P S Gl AT

Group 3 Group4 Group5 Group6 Group7 Group8 Group9 Group 10 Group 11 Group 12
19 20 21 2 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K C Sc Ti V C Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
37 38 39 40 4 4 43 44 45 46 47 48 49 50 51 52 53 54
Rob Sr Y Zr Nb Mo Tc Ru Rh Pd Ag C In Sn Sb Te | Xe

55 56 57 73 74 75 76 77 78 79 80 81 83 84 85 86

72 82
Cs Ba La Hf Ta W Re Os Ir Pt Au Hg TI Pb Bi Po At Rn
87 88 89 104 105 106 107 108 109 110 1 112

Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn

58 59 60 61 62 63 64 65 66 67 68 69 70 n
Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu
90 91 92 93 94 95 96 97 98 99 100 101 102 103

Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr
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The Periodic Table of the Elements In the modern periodic table, the elements
are arranged by atomic number and form vertical groups and horizontal periods.

1

Hydrogen
1.008
1s!

Group 1 Group 2

3
Li
Lithium
6.94
[Hej2s!

1

Sodium
22.989 769 28

[Nej3s' Group 3

Period

B e i e e

19

K

Potassium
39.0983
[A4s!

~
2

Sc

37
Rubidium
85.4678
[Kr5s'

55

Cs

Cesium
132.905 4519
[Xel6s'

o
=

La

87 8

Fr

Francium
(223)
[Rn]7s'

(=3
©

Ac

* The systematic names and symbols
for elements greater than 112 will
be used until the approval of trivial
names by IUPAC.

Elements whose average atomic masses appear bolded
and italicized are recognized by the International Union
of Pure and Applied Chemistry (IUPAC) to have several
stable isotopes. Thus, the average atomic mass for
each of these elements is officially expressed as a
range of values. A range of values expresses that the
average atomic mass of a sample of one of these
elements is not a constant in nature but varies
depending on the physical, chemical, and nuclear
history of the material in which the sample is found.
However, the values in this table are appropriate for
everyday calculations. A value given in parentheses is
not an average atomic mass but is the mass number of
that element's most stable or most common isotope.
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Electron configuration
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Hydrogen

. Semiconductors
(also known as metalloids)

Metals
Alkali metals
. Alkaline-earth metals

Group 18

i
Group 16 Group 17

.. Transition metals Group 13 Group 14 Group 15
. Other metals 5 6 7 8
Nonmetals B
. Halogens
. Noble gases
(.. Other nonmetals
13 14 15 16
Al Si
- <
Group 10 Group 11 Group 12 -
28 29 30 31 32 33 34
Ga Ge As
Germanium Arsenic
46 47 48 49 50 51 52
In Sn Sh Te
Antimon' Tellurium
78 79 80 81 82 83 84 85 86
Tl Pb Bi Po
110 111 112 113 114 115 116 117 118
* * * * *
Uut Uu Uu Uuh
The discoveries of elements with atomic numbers 113-118 have been reported but not fully confirmed.
‘ 63 ‘ 64 ‘ 65 ‘ 66 ‘ 67 ‘ 68 ‘ 69 70 71
102 103

Sdas

2EE
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FIGURE 2.4 The S-Block Elements: Groups 1 and 2

Group 1: Alkali Metals The elements of the s-block are chemically reactive metals. The Group 1

. metals are more reactive than those of Group 2. The outermost energy
level in an atom of each Group 1 element contains a single s electron. For
example, the configurations of lithium and sodium are [He|2s! and
[Ne]3s!, respectively. As you will learn in Section 3, the ease with which
the single electron is lost helps make the Group 1 metals extremely
reactive. Using n for the number of the highest occupied energy level, the
outer, or group, configurations of the Group 1 and 2 elements are written
ns' and ns?, respectively. For example, the configuration of Na is [Ne]3s,
so the group configuration is written ns!, where n = 3.

The elements of Group 1 of the periodic table (lithium, sodium, potassium,
rubidium, cesium, and francium) are known as the alkali metals. In their pure
state, all of the alkali metals have a silvery appearance and are soft
enough to cut with a knife. However, because they are so reactive, alkali
metals are not found in nature as free elements. They combine vigorously
. with most nonmetals. And they react strongly with water to produce
() Like other alkali metals, hydrogen gas and aqueous solutions of substances known as alkalis.

potassium reacts strongly . Because of their extreme reactivity with air or moisture, alkali metals are
with water. +usually stored in kerosene. Proceeding down the column, the elements of
. Group 1 melt at successively lower temperatures.

The elements of Group 2 of the periodic table (beryllium, magnesium,
calcium, strontium, barium, and radium) are called the alkaline-earth metals.
Atoms of alkaline-earth metals contain a pair of electrons in their outer-
most s sublevel. Consequently, the group configuration for Group 2 is ns?.
The Group 2 metals are harder, denser, and stronger than the alkali
metals. They also have higher melting points. Although they are less
reactive than the alkali metals, the alkaline-earth metals are also too
reactive to be found in nature as free elements.

(b) Potassium must be stored in Group 2: Alkaline-Earth Metals
kerosene or oil to prevent it from

reacting with moisture in the air.
. y.

(a) Calcium, an alkaline-earth metal, is (b) Instead, it exists in compounds, such as
too reactive to be found in nature in in the minerals that make up marble.
its pure state.

N\ V.
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Hydrogen and Helium

Before discussing the other blocks of the periodic table, let’s consider two
special cases in the classification of the elements—hydrogen and helium.
Hydrogen has an electron configuration of 1s!, but despite the ns!
configuration, it does not share the same properties as the elements of
Group 1. Although it is located above the Group 1 elements in many
periodic tables, hydrogen is a unique element, with properties that do not
closely resemble those of any group.

Like the Group 2 elements, helium has an ns? group configuration. Yet
it is part of Group 18. Because its highest occupied energy level is filled by ‘ CHECK FOR UNDERSTANDING

two electrons, helium possesses special chemical stability, exhibiting the Apply Which is more important
unreactive nature of a Group 18 element. By contrast, the Group 2 metals in determining an element's group:
have no special stability; their highest occupied energy levels are not the electron configuration or the
filled because each metal has an empty available p sublevel. element's properties? Explain.

PREMIUM CONTENT

The Periodic Table and Electron Configurations Learn It! Video
HMDScience.com

Sample Problem A (a) Without looking at the periodic table, identify
the group, period, and block in which the element that has the electron
configuration [Xe]6s? is located. (b) Without looking at the periodic table,
write the electron configuration for the Group 1 element in the third
period. Is this element likely to be more reactive or less reactive than the
element described in (a)?

@ Cards
HMDScience.com

. SOLVE a. The element is in Group 2, as indicated by the group configuration of ns.
It is in the sixth period, as indicated by the highest principal quantum
number in its configuration, 6. The element is in the s-block.

b. In a third-period element, the highest occupied energy level is the third
main energy level, n = 3. The 1s, 2s, and 2p sublevels are completely filled
(see Figure 2.1). A Group 1 element has a group configuration of ns!, which
indicates a single electron in its highest s sublevel. Therefore, this element
has the following configuration:

1s22s?2pf3s!  or [Ne]3s!

Because it is in Group 1 (the alkali metals), this element is likely to be
more reactive than the element described in (a), which is in Group 2
(the alkaline-earth metals).

Practice Answers in Appendix E

1. Without looking at the periodic table, identify the group, period, and block in which the
element that has the electron configuration [Kr]5s! is located.
2. a. Without looking at the periodic table, write the group configuration for the Group 2
elements.
b. Without looking at the periodic table, write the complete electron configuration for the
Group 2 element in the fourth period.
c. Refer to Figure 2.3 to identify the element described in (b). Then, write the element’s
noble-gas notation.
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Group 3: Electron Configuration
The diagram shows the electron
configuration of scandium, Sc, the

Group 3 element of the fourth period. In
general, the (7—1)d sublevel in Groups
3-12 is occupied by electrons after the ns
sublevel is filled.

‘ CHECK FOR UNDERSTANDING
Explain The word transition refers
to change. What would be a reason-
able explanation for referring to

the d-block elements as transition
elements?

Energy

o DO

3d

=

@

-
2p

=

1s

The d-Block Elements: Groups 3—-12

For energy level n, there are n possible sublevels, so the d sublevel first
appears when n = 3. This 3d sublevel is slightly higher in energy than the
4s sublevel, so these are filled in the order 4s3d (see Figure 2.6). This order
of filling is also seen for higher values of n. Each d sublevel consists of five
orbitals with a maximum of two electrons each, or up to 10 electrons
possible in each d sublevel. In addition to the two ns electrons of Group 2,
atoms of the Group 3 elements each have one electron in the d sublevel of
the (n—1) energy level. The group configuration for Group 3 is therefore
(n-1)d'ns®. Atoms of the Group 12 elements have 10 electrons in the d
sublevel plus two electrons in the ns sublevel. The group configuration
for Group 12 is (n-1)d'%ns?.

Some deviations from orderly d sublevel filling occur in Groups 4-11.
As aresult, elements in these d-block groups, unlike those in s-block and
p-block groups, do not necessarily have identical outer electron configura-
tions. For example, in Group 10, nickel, Ni, has the electron configuration
[Ar]3d®4s?. Palladium, Pd, has the configuration [Kr]4d'%5s°. And platinum,
Pt, has the configuration [Xe]4/145d%6s'. Notice, however, that in each case
the sum of the outer s and d electrons is equal to the group number.

The d-block elements are metals with typical metallic properties and are
often referred to as transition elements. They are good conductors of
electricity and have a high luster. They are typically less reactive than the
alkali metals and the alkaline-earth metals. Some are so nonreactive that
they do not easily form compounds and exist in nature as free elements.
Palladium, platinum, and gold are among the least reactive of all the
elements. Some d-block elements are shown in Figure 2.7.

Transition Elements

Mercury
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The Periodic Table and Electron Configurations

Sample Problem B An element has the electron configuration [Kr]4d®5s!'. Without
looking at the periodic table, identify the period, block, and group in which this element is
located. Then, consult the periodic table to identify this element and the others in its group.

Practice Answers in Appendix E

138

@ soLvE

The number of the highest occupied energy level is 5, so the element is in the
fifth period. There are five electrons in the d sublevel, which means that it is
incompletely filled. The d sublevel can hold 10 electrons. Therefore, the
element is in the d-block. For d-block elements, the number of electrons in the
ns sublevel (1) plus the number of electrons in the (n—1)d sublevel (5) equals
the group number, 6. This Group 6 element is molybdenum. The others in
Group 6 are chromium, tungsten, and seaborgium.

1. Without looking at the periodic table, identify the period, block, and group in which the
element that has the electron configuration [Ar]3d®4s? is located.
2. Without looking at the periodic table, write the outer electron configuration for the

Group 12 element in the fifth period.

Chapter 5

The p-Block Elements: Groups 13-18

The p-block elements consist of all the elements of Groups 13-18 except
helium. Electrons add to a p sublevel only after the s sublevel in the same
energy level is filled. Therefore, atoms of all p-block elements contain two
electrons in the ns sublevel. The p-block elements together with the s-block
elements are called the main-group elements. For Group 13 elements, the
added electron enters the np sublevel, giving a group configuration of
ns’np'. Atoms of Group 14 elements contain two electrons in the p
sublevel, giving ns’np? for the group configuration. This pattern contin-
ues in Groups 15-18. In Group 18, the stable noble-gas configuration of
ns’np® is reached. The relationships among group numbers and electron
configurations for all the groups are summarized in Figure 2.8, on the next
page.

For atoms of p-block elements, the total number of electrons in the
highest occupied level is equal to the group number minus 10. For
example, bromine is in Group 17. It has 17— 10 = 7 electrons in its highest
energy level. Because atoms of p-block elements contain two electrons in
the ns sublevel, we know that bromine has five electrons in its outer p
sublevel. The electron configuration of bromine is [Ar]3d'%4s24p°.

The properties of elements of the p-block vary greatly. At its right-
hand end, the p-block includes all of the nonmetals except hydrogen and
helium. All six of the metalloids (boron, silicon, germanium, arsenic,
antimony, and tellurium) are also in the p-block. At the left-hand side
and bottom of the block, there are eight p-block metals. The locations of
the nonmetals, metalloids, and metals in the p-block are shown with
distinctive colors in Figure 2.3.
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FIGURE 2.8

RELATIONSHIPS AMONG GROUP NUMBERS, BLOCKS, AND ELECTRON CONFIGURATIONS

Group number Group configuration Block Comments

1,2 ns' 2 s One or two electrons in ns sublevel

3-12 (n-1)d1-10pg0-2 d Sum of electrons in nsand (n— 1)d levels equals group number
13-18 ns2np1-6 p Number of electrons in np sublevel equals group number minus 12

The elements of Group 17 (fluorine, chlorine, bromine, iodine, and astatine)
' are known as the halogens (See Figure 2.9). The halogens are the most
reactive nonmetals. They react vigorously with most metals to form salts.
. Asyou will see, the reactivity of the halogens is based on the presence of
seven electrons in their outer energy levels—one electron short of the
stable noble-gas configuration. Fluorine and chlorine are gases at room
temperature, bromine is a reddish liquid, and iodine is a dark purple
solid. Astatine is a synthetic element prepared in very small quantities.
. Most of its properties are estimated, although it is known to be a solid.

The metalloids, or semiconducting elements, are located between
nonmetals and metals in the p-block. They are mostly brittle solids with
some properties of metals and some of nonmetals. The metalloid ele-
ments have electrical conductivity intermediate between that of metals,
which are good conductors, and nonmetals, which are nonconductors.

The metals of the p-block are generally harder and denser than the

' s-block alkaline-earth metals, but softer and less dense than the d-block
" metals. With the exception of bismuth, these metals are sufficiently
reactive to be found in nature only in the form of compounds. Once
obtained as free metals, however, they are stable in the presence of air.

The Halogens Fluorine, chlorine, bromine, and iodine are members
of Group 17 of the periodic table, also known as the halogens. Locate the
halogens in the p-block of the periodic table.

BN

i,
p— S
=

Fluorine Chlorine Bromine
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The Periodic Table and Electron Configurations

Sample Problem C Without looking at the periodic table, write the outer electron
configuration for the Group 14 element in the second period. Then, name the element and
identify it as a metal, nonmetal, or metalloid.

. SOLVE The group number is higher than 12, so the element is in the p-block. The total
number of electrons in the highest occupied s and p sublevels is therefore
equal to the group number minus 10 (14 — 10 = 4). Two electrons are in the
s sublevel, so two electrons must also be present in the 2p sublevel, which
means that the outer electron configuration is 2s?2p2. The element is carbon,
C, which is a nonmetal.

Practice Answers in Appendix E

1. a. Without looking at the periodic table, write the outer electron configuration for the
Group 17 element in the third period.
b. Name the element described in (a), and identify it as a metal, nonmetal, or metalloid.
2. a. Without looking at the periodic table, identify the period, block, and group of an
element that has the electron configuration [Ar]3d!%4s?4p3.
b. Name the element described in (a), and identify it as a metal, nonmetal, or metalloid.

The f~Block Elements: Lanthanides and Actinides

In the periodic table, the f-block elements are wedged between Groups

3 and 4 in the sixth and seventh periods. The position of these inner
transition elements reflects the fact that they involve the filling of the 4f
sublevel. With seven 4f orbitals to be filled with two electrons each, there
are a total of 14 f-block elements between lanthanum, La, and hafnium,
Hf, in the sixth period. The lanthanides are shiny metals similar in
reactivity to the Group 2 alkaline-earth metals.

There are also 14 f~-block elements, the actinides, between actinium,
Ac, and element 104, Rf, in the seventh period. In these elements the
5fsublevel is being filled with 14 electrons. The actinides are all radioac-
tive. The first four actinides (thorium, Th, through neptunium, Np) have
been found naturally on Earth. The remaining actinides are known only
as laboratory-made elements.

The Periodic Table and Electron Configurations

Sample Problem D The electron configurations of atoms of four elements are written
below. Name the block and group in which each of these elements is located in the periodic
table. Then, use the periodic table to name each element. Identify each element as a metal,
nonmetal, or metalloid.

Finally, describe whether each element has high reactivity or low reactivity.
a. [Xel4/'45d %6s! c. [Ne|3s23pb
b. [Ne]3s*3p® d. [Xe]4f56s2
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The Periodic Table and Electron Configurations (continued)

a. The 4fsublevel is filled with 14 electrons. The 5d sublevel is partially filled
with nine electrons. Therefore, this element is in the d-block. The element
is the transition metal platinum, Pt, which is in Group 10 and has a low
reactivity.

b. The incompletely filled p sublevel shows that this element is in the p-block.
A total of seven electrons are in the ns and np sublevels, so this element is
in Group 17, the halogens. The element is chlorine, Cl, and is highly
reactive.

c. This element has a noble-gas configuration and thus is in Group 18 in the
p-block. The element is argon, Ar, which is a nonreactive nonmetal and a
noble gas.

d. The incomplete 4fsublevel shows that the element is in the f-block and is a
lanthanide. Group numbers are not assigned to the f~block. The element is
samarium, Sm. All of the lanthanides are reactive metals.

Practice Answers in Appendix E

1. For each of the following, identify the block, period, group, group name (where
appropriate), element name, element type (metal, nonmetal, or metalloid), and relative
reactivity (high or low):

a. [He]2s%2p® b. [Ar]3d'%4s!

@ soLvE

| (V) SECTION 2 FORMATIVE ASSESSMENT

5. Without looking at the periodic table, identify
the period, block, and group of the element that
has the electron configuration [Ar]|3d74s>.

@ Reviewing Main Ideas

1. To illustrate the relationship between the
elements’ electron configurations and their
placement in the periodic table, into what four . -y

blocks can the periodic table be divided? ‘ SO AL

2. What name is given to each of the following 6. APPLYING MODELS Period 7 contains

groups of elements in the periodic table?
a. Group 1

b. Group 2

c. Groups 3-12

d. Group 17

e. Group 18

3. What are the relationships between group

configuration and group number for elements
in the s, p, and d-blocks?

4. Without looking at the periodic table, write the

outer electron configuration for the Group 15
element in the fourth period.

elements in the s, p, d, and f-blocks. Suppose
that there were a Period 8 and it contained
elements in the “g” block, where “g” had the
angular momentum quantum number ¢ = 4.
If a hypothetical element in Period 8 had an
atomic number of 120, into what group in the
periodic table would the element fit, and what
properties might it have (assuming it does not

radioactively decay)?
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SECTION 3

Atomic radii are related to
electron configuration.

Removing electrons from atoms

to form ions requires energy.

Adding electrons to atoms to
form ions also requires energy.

When atoms become ions, their
radii change.

Only the outer electrons are

involved in forming compounds.

Atoms have different abilities to
capture electrons.

The properties of d-block
metals do not vary much.

Animated

@ Chemlstry
HMDScience.com

Period Trends (Interaction)
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Electron
Configuration and
Periodic Properties

ionization energy anion
valence electron
electronegativity

atomic radius
ion electron affinity
ionization cation

So far, you have learned that the elements are arranged in the periodic table
according to their atomic number and that there is a rough correlation between
the arrangement of the elements and their electron configurations. In this section,
the relationship between the periodic law and electron configurations will be further
explored.

© MAIN IDEA

Ideally, the size of an atom is defined by the edge of its orbital. However,
this boundary is fuzzy and varies under different conditions. Therefore,
the conditions under which the atom exists must be specified to estimate
its size. One way to express an atom’s radius is to measure the distance
between the nuclei of two identical atoms that are chemically bonded
together and then divide this distance by two. Atomic radius may be
defined as one-half the distance between the nuclei of identical atoms that are
bonded together. This can be seen in Figure 3.1 on the next page.

Figure 3.2 gives the atomic radii of the elements, and Figure 3.3 (on the next

spread) presents this information graphically. Note that there is a gradual
. decrease in atomic radii across the second period from lithium, Li, to
neon, Ne. The trend to smaller atoms across a period is caused by the
increasing positive charge of the nucleus. As electrons add to s and p
sublevels in the same main energy level, they are gradually pulled closer
to the more highly charged nucleus. This increased pull results in a
decrease in atomic radii. The attraction of the nucleus is somewhat offset
by repulsion among the increased number of electrons in the same outer
energy level. As a result, the difference in radii between neighboring
atoms in each period grows smaller, as shown in Figure 3.2.

Examine the atomic radii of the Group 1 elements in Figure 3.2. Notice
that the radii of the elements increase as you read down the group.



Atomic Radii One method of
determining atomic radius is to measure
the distance between the nuclei of two
identical atoms that are bonded together
in an element or compound and then
divide this distance by two. The atomic
radius of a chlorine atom, for example, is
100 picometers (pm).

Chlorine
nucleus

Chlorine

between nuclei

As electrons occupy sublevels in successively higher main energy levels
farther from the nucleus, the sizes of the atoms increase. In general, the
atomic radii of the main-group elements increase down a group.

Now examine the radii of the Group 13 elements. Although gallium,
Ga, follows aluminum, Al, it has a slightly smaller atomic radius than does
aluminum. This is because gallium, unlike aluminum, is preceded in its
period by the 10 d-block elements. The expected increase in gallium’s
radius caused by the filling of the fourth main-energy level is outweighed
by a shrinking of the electron cloud caused by a nuclear charge that is
considerably higher than that of aluminum.

v

CHECK FOR UNDERSTANDING
Explain Why is it necessary for the
radii of atoms to be expressed as
the distance between the nuclei

of two identical atoms bonded
together? (Refer to Figure 3.1.)

Decreasing Radii Atomic radii decrease from left to right across a
period and increase down a group. Values are given in picometers (pm).
AtorBici Atongic
H 1 symbol number Group 18
1 \C 6/ He 2
37 1
Group 1 Group 2 . . Group 13 Group 14 Group 15 Group 16 Group 17 31
Atomic radius
Li B 4 . B bl (@ 6 N 7 O 8 F 9 Ne 10
2 I Relat!ve'/ X
152 112 atomic size 77 85 77 75 73 72 7
Na 11 Mg 12 Al 13 Si 14 P 15S 16 Cl 17 Ar 18
3 3
- 186 160 Group3 Group4 Group5 Group6 Group7 Group8 Group9 Group 10 Group 11 Group 12 143 18 110 103 100 98
Ke] K 19 Ca 20 Sc 21 Ti 22V 23 Cr 24 Mn 25 Fe 26 Co 27 Ni 28 Cu 29 Zn 30 Ga 31 Ge 32 As 33 Se 34 Br 35 Kr 36 P
= =
o| 4 4|3
o 227 197 162 147 134 128 127 126 125 124 128 134 135 122 120 119 114 112 Q
Rb 37 Sr 38 Y 39 Zr 40 Nb 41 Mo 42 Tc 43 Ru 44 Rh 45 Pd 46 Ag 47 Cd 48 In 49 Sn 50 Sb 51 Te 52 | 53 Xe 54
5 5
248 215 180 160 146 139 136 134 134 137 144 149 167 140 140 142 133 131
Cs 55 Ba 56 La 57 Hf 72 Ta 73 W 74 Re 75 Os 76 Ir 77 Pt 78 Au 79 Hg 80 Tl 81 Pb 82 Bi 83 Po 84 At 85 Rn 86
6 6
265 222 183 159 146 139 137 135 136 139 144 151 170 175 150 168 140 141
Fr 87 Ra 88 Ac 89 Rf 104 Db 105 Sg 106 Bh 107 Hs 108 Mt 109 Ds 110Rg 111Cn 112 113 114 115 116 117 118
7 7
270 220 188 — — — — — — — — —
Lanthanide series
Ce 58 Pr 59 Nd 60 Pm 61 Sm 62 Eu 63 Gd 64 Tb 65 Dy 66 Ho 67 Er 68 Tm 69 Yb 70 Lu 71
182 182 181 183 180 208 180 177 178 176 176 176 — 174
Th 90 Pa 91 U 92 Np 93 Pu 94 Am 95 Cm 96 Bk 97 Cf 98 Es 99 Fm 100 Md101 No 102 Lr 103
179 163 156 155 159 173 174 — 186 186 - = = =
k Actinide series )
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Periodic Trends The plot of atomic radius versus
atomic number shows period and group trends.

Atomic Radius vs. Atomic Number

300 ) i . . . ;

Period Period Period Period Period Period
2 & 4 5 6 Fr 7
Cs
250 Rb
K

200
—_ Es
= Na
=3
]
=] Li
& 150
L Rn
E Xe
=

Kr
100 Ar
Ne
50 H
N He
0
0 10 20 30 40 50 60 70 80 90 100
Atomic number
\ .

Atomic Radius

Sample Problem E Of the elements magnesium, Mg, chlorine, Cl,
sodium, Na, and phosphorus, P, which has the largest atomic radius?
Explain your answer in terms of trends in the periodic table.

. SOLVE All of the elements are in the third period. Of the four, sodium has the lowest
atomic number and is the first element in the period. Therefore, sodium has
the largest atomic radius, because atomic radii decrease across a period.

Practice Answers in Appendix E

1. Which of the following elements has the largest atomic radius: Li, O, C, or F? Which has the
smallest atomic radius?

2. Ofthe elements calcium, Ca, beryllium, Be, barium, Ba, and strontium, Sr, which has the
largest atomic radius? Explain your answer in terms of trends in the periodic table.

3. Ofthe elements aluminum, Al, magnesium, Mg, silicon, Si, and sodium, Na, which has the
smallest atomic radius? Explain your answer in terms of trends in the periodic table.

144 Chapter 5



© MAIN IDEA

Removing electrons from atoms to form ions

requires energy.

expressed as follows.

A + energy — At + e~

The AT represents an ion of element A with a single positive charge,
referred to as a 1+ ion. Anion is an atom or group of bonded atoms that has
a positive or negative charge. Sodium, for example, forms an Na* ion. Any
process that results in the formation of an ion is referred to as ionization.

An electron can be removed from an atom if enough energy is supplied.
Using A as a symbol for an atom of any element, the process can be

To compare the ease with which atoms of different elements give up
electrons, chemists compare ionization energies. The energy required to
remove one electron from a neutral atom of an element is the ionization energy,
IE (or first ionization energy, IE,). To avoid the influence of nearby atoms,
measurements of ionization energies are made on isolated atoms in the
gas phase. Figure 3.4 gives the first ionization energies for the elements
in kilojoules per mole (kJ/mol). Figure 3.5, on the next page, presents this
information graphically.

- )
lonization Energy In general, first ionization energies increase
across a period and decrease down a group. Values are given in KJ/mol.
1 Atomic
|1| /number Grouzp 18
1312 6 !‘3'7(3
2 Group1 Group 2 Group 13 Group 14 Group 15 Group 16 Group 17
3 4 C T ——symbol 5 6 7 8 9 10
Li Be B C N O F Ne
3 50 900 1 086\ 801 1086 1402 1314 1681 2081
11 12 First ionization 13 14 15 16 17 18
Na Mg energy AI Sl CI Ar
4 4% 738 Group3 Group4 Group5 Group6 Group7 Group8 Group9 Group 10 Group 11 Group 12 578 781 1012 1000 1251 1521
- 19 20 21 22 23 24 25 26 27 28, 29 30 31 32 33 34 35 36 -
2 Cd Sc Ti Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr |2
€ls 419 50 633 659 651 653 717 762 760 737 746 96 579 762 947 941 1140 1351 g
37 38 39 40 41 Y] 43 44 45 46 47 48 49 50 51 52 53 54
Rb Sr Y Zr Nb Mo Tc Ru Rh Pd Ag CGd In Sn Sb Te I Xe
6 403 550 600 640 652 684 702 710 720 84 731 868 558 709 834 89 1008 1170
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
CGs Ba La Hf Ta W Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
;36 503 538 659 761 770 760 89 818 88 80 1007 589 716 703 812 — 1038
87 88 89 104 105 106 107 108 109 110 111 12 113 14 15 116 117 118
Fr Ra Ac Rf Sg Hs Mt Ds Rg Cn
— 509 490 — — — — — — — — —
Lanthanide series
58 59 60 61 62 63 64 65 66 67 68 69 70 71
Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu
534 527 533 536 545 547 592 566 573 581 589 597 603 523
90 91 9 93 94 95 9% 97 98 99 100 101 102 103
Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr
587 570 598 600 585 578 581 601 608 619 627 635 642 =
k Actinide series j
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lonization Energy Plot of first ionization energy, /£, versus atomic number. As
atomic number increases, both the period and the group trends become less pronounced.
First lonization Energy vs. Atomic Number
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Period Trends

In Figures 3.4 and 3.5, examine the ionization energies for the first and last
elements in each period. You can see that the Group 1 metals have the
lowest first ionization energies in their respective periods. Therefore, they
lose electrons most easily. This ease of electron loss is a major reason for
the high reactivity of the Group 1 (alkali) metals. The Group 18 elements,
the noble gases, have the highest ionization energies. They do not lose
electrons easily. The low reactivity of the noble gases is partly based on
this difficulty of electron removal.

In general, ionization energies of the main-group elements increase
across each period. This increase is caused by increasing nuclear charge.
A higher charge more strongly attracts electrons in the same energy level.
Increasing nuclear charge is responsible for both increasing ionization
energy and decreasing radii across the periods. Note that, in general,
nonmetals have higher ionization energies than metals do. In each
period, the element of Group 1 has the lowest ionization energy and the
element of Group 18 has the highest ionization energy.



Group Trends

Among the main-group elements, ionization energies generally decrease
down the groups. Electrons removed from atoms of each succeeding
element in a group are in higher energy levels, farther from the nucleus.
Therefore, they are removed more easily. Also, as atomic number
increases going down a group, more electrons lie between the nucleus
and the electrons in the highest occupied energy levels. This partially
shields the outer electrons from the effect of the nuclear charge.
Together, these influences overcome the attraction of the electrons to
the increasing nuclear charge.

Removing Electrons from Positive lons

With sufficient energy, electrons can be removed from positive ions as
well as from neutral atoms. The energies for removal of additional
electrons from an atom are referred to as the second ionization energy
(IE,), third ionization energy (IE,), and so on. Figure 3.6 shows the first five
ionization energies for the elements of the first, second, and third peri-
ods. You can see that the second ionization energy is always higher than
the first, the third is always higher than the second, and so on.

FIGURE 3.6
IONIZATION ENERGIES (IN KJ/MOL) FOR ELEMENTS OF PERIODS 1-3
Period 1 Period 2
H He Li Be B C N 0 F Ne
IE, 1312 1402 1314 1681 2081
IE, 2856 3388 3374 3952
IE, 4578 5300 6050 6122
IE, 7475 7469 8408 9370
IE; 9445 10990 11023 12178
Period 3
Na Mg Al Si J S cl Ar
IE, 496 738 578 787 1012 1000 1251 1521
IE, 1577 1903 2251 2297 2666
IE, 3232 2912 3361 3822 3931
IE, 10540 4957 4564 5158 5771
IE, 13353 13628 6274 7013 6540 7238
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‘CHECK FOR UNDERSTANDING i This is because as electrons are removed in successive ionizations, fewer
Explain Explain in your own electrons remain within the atom to shield the attractive force of the
words what is meant by the nucleus. Thus, each successive electron removed from an ion feels an

italicized words in the text that state, increasingly stronger effective nuclear charge (the nuclear charge minus the
“each successive electron removed electron shielding).

from an ion feels an increasingly

stronger effective nuclear charge.” The first ionization energies in Figure 3.6 show that removing a single

electron from an atom of a Group 18 element is more difficult than
removing an electron from atoms of other elements in the same period.
This special stability of the noble-gas configuration also applies to ions
that have noble-gas configurations. Notice in Figure 3.6 the large increases
between the first and second ionization energies of lithium, Li, and
between the second and third ionization energies of beryllium, Be. Even
larger increases in ionization energy exist between the third and fourth
ionization energies of boron, B, and between the fourth and fifth
ionization energies of carbon, C. In each case, the jump in ionization
energy occurs when an ion assumes a noble-gas configuration. For
example, the removal of one electron from a lithium atom ([He]2s')
leaves the helium noble-gas configuration. The removal of four
electrons from a carbon atom ([He]2s?2p?) also leaves the helium
configuration. This trend continues across the entire periodic system.

Periodic Trends in lonization Energy

Sample Problem F Consider two main-group elements, A and B. Element A has a first
ionization energy of 419 kJ/mol. Element B has a first ionization energy of 1000 kJ/mol.
Decide if each element is more likely to be in the s-block or p-block. Which element is more
likely to form a positive ion?

. SOLVE Element A has a very low ionization energy, which means that atoms of A lose
electrons easily. Therefore, element A is most likely to be an s-block metal,
because ionization energies increase across the periods.

Element B has a very high ionization energy, which means that atoms of B
have difficulty losing electrons. Element B would most likely lie at the end of a
period in the p-block.

Element A is more likely to form a positive ion, because it has a much lower
ionization energy than element B does.

Practice Answers in Appendix E

1. Consider four hypothetical main-group elements, Q, R, T, and X, that have the outer
electron configurations indicated below. Then, answer the questions that follow.
Q:3s23p° R:3s' T:4d'05s%5p° X:4d'%5s°5p!
a. Identify the block location of each hypothetical main-group element.
. Which of these elements are in the same period? Which are in the same group?
c. Which element would you expect to have the highest first ionization energy?
Which would have the lowest first ionization energy?
d. Which element would you expect to have the highest second ionization energy?
e. Which of the elements is most likely to form a 1+ ion?

(2
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© MAIN IDEA
Adding electrons to atoms to form ions also requires
energy.

Neutral atoms can also acquire electrons. The energy change that occurs
when an electron is acquired by a neutral atom is called the atom’s

electron affinity. Most atoms release energy when they acquire an electron.

A+ e — A™ + energy

On the other hand, some atoms must be “forced” to gain an electron
by the addition of energy.

A+ e +energy — A~

The quantity of energy absorbed would be represented by a positive
number, but ions produced in this way are very unstable and hence
the electron affinity for them is very difficult to determine. An ion
produced in this way will be unstable and will lose the added electron
spontaneously.

Figure 3.7 shows the electron affinity in kilojoules per mole for
the elements. Positive electron affinities, because they are so difficult
to determine with any accuracy, are denoted in Figure 3.7 by “(0).”
Figure 3.8, on the next page, presents these data graphically.

Period Trends

Among the elements of each period, the halogens (Group 17) gain
electrons most readily. This is shown in Figure 3.7 by the large negative
values of halogens’ electron affinities and is a major reason for the high
reactivity levels of Group 17 elements. In general, as electrons add to the
same p sublevel of atoms with increasing nuclear charge, electron
affinities become more negative across each period within the p-block.

Periodic Table of Electron
Affinities (kJ/mol) The values
listed in parentheses in this periodic table
of electron affinities are approximate.
Electron affinity is estimated to be

—50 kd/mol for each of the lanthanides
and 0 kJ/mol for each of the actinides.

4 )
v s
H / 2
~754 6 |'(|0)e

2 Group1 Group 2 Group 13 Group 14 Group 15 Group 16 Group 17
3_p i C T ———Symbol 5p 6 7 8 9 10
Li Be B C N 0 F Ne
; 618 (0) _‘| 263\ 217 1263 (0 61 3399 O
1 12 Ele_ct_ron 13 14 15 16 17 18
Na Mg affinity AI Si P S CI Ar
4 548 (0) Group3 Group4 Group5 Group6 Group7 Group8 Group 9 Group 10 Group 11 Group 12 —441  -1385 746  -207.7 3617 (0) 2
= 19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36 -
2 K Ca Sc¢ Ti V C Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr g
€l5 501 ) -188  -7.9 525 666 ) -163 661 -1156 -1228  (0) 30 135 81 00 35 0 g
37 38 39 40 4 42 43 44 45 46 47 48 49 50 51 52 53 54
Rbo Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te | Xe
6 486 () -307 -426 -893 -746 55 -105  -1137 =557 -1302  (0) 00 200 07 971 3059 (0
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba La Hf Ta Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
;412 () 50 () 322 815 15 ~110  -1565 -2128 2309  (0) -20 36 946  -190  -280 o,
87 38 89 104 105 106 107 108 109 110 111 112 113 114 115 116 117 118
Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn
-47.0 ) — — — = — — — — = —
- v,
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Electron Affinity vs. Atomic Number
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Electron Affinity and Atomic
Numbers The plot of electron affinity
versus atomic number shows that most
atoms release energy when they acquire
an electron, as indicated by negative
values.
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An exception to this trend occurs between Groups 14 and 15. Compare
the electron affinities of carbon ([He]2s*2p?) and nitrogen ([He]2s%2p3).
Adding an electron to a carbon atom gives a half-filled p sublevel. This
occurs more easily than forcing an electron to pair with another electron
in an orbital of the already half-filled p sublevel of a nitrogen atom.

Group Trends

Trends for electron affinities within groups are not as regular as trends for
ionization energies. As a general rule, electrons are added with greater
difficulty down a group. This pattern is a result of two competing factors.
The first is a slight increase in effective nuclear charge down a group,
which increases electron affinities. The second is an increase in atomic
radius down a group, which decreases electron affinities. In general, the
size effect predominates. But there are exceptions, especially among the
heavy transition metals, which tend to be the same size or even decrease
in radius down a group.

Adding Electrons to Negative lons

For an isolated ion in the gas phase, it is more difficult to add a second
electron to an already negatively charged ion. Therefore, second electron
affinities are all positive. Certain p-block nonmetals tend to form negative
ions that have noble gas configurations. The halogens do so by adding
one electron. For example, chlorine has the configuration [Ne]3s?3p°.



An atom of chlorine achieves the configuration of the noble gas argon by
adding an electron to form the ion Cl~ ([Ne]3s23p%). Adding another
electron is so difficult that C1>~ never occurs. Atoms of Group 16 elements
are present in many compounds as 2— ions. For example, oxygen
([He]2s?2p*) achieves the configuration of the noble gas neon by adding
two electrons to form the ion O?~([He]2s%2p®).

MAIN IDEA

When atoms become ions, their radii change.

Figure 3.9 shows the radii of some of the most common ions of the
elements. Positive and negative ions have specific names.

A positive ion is known as a cation. The formation of a cation by the loss
of one or more electrons always leads to a decrease in atomic radius,
because the removal of the highest-energy-level electrons results in a
smaller electron cloud. Also, the remaining electrons are drawn closer to
the nucleus by its unbalanced positive charge.

A negative ion is known as an anion. The formation of an anion by the
addition of one or more electrons always leads to an increase in atomic
radius. This is because the total positive charge of the nucleus remains
unchanged when an electron is added to an atom or an ion. So the
electrons are not drawn to the nucleus as strongly as they were before
the addition of the extra electron. The electron cloud also spreads out
because of greater repulsion between the increased number of electrons.

Period Trends Periodic Table of lonic Radii

Within each period of the periodic table, the metals at the left tend to (pm) The ionic radii of the ions most
form cations, and the nonmetals at the upper right tend to form anions. common in chemical compounds are
Cationic radii decrease across a period, because the electron cloud shown. Cations are smaller, and anions
shrinks due to the increasing nuclear charge acting on the electrons in are larger than the atoms from which they
the same main energy level. are formed.

-
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Starting with Group 15, in which atoms assume stable noble-gas
configurations by gaining three electrons, anions are more common than
cations. Anionic radii decrease across each period for the elements in
Groups 15-18. The reasons for this trend are the same as the reasons that
cationic radii decrease from left to right across a period.

Group Trends

The outer electrons in both cations and anions are in higher energy levels
as one reads down a group. Thus, just as there is a gradual increase of
atomic radii down a group, there is also a gradual increase of ionic radii.

© MAIN IDEA
Only the outer electrons are involved in
forming compounds.

Chemical compounds form because electrons are lost, gained, or shared
between atoms. The electrons that interact in this manner are those in
the highest energy levels. These are the electrons most subject to the
influence of nearby atoms or ions. The electrons available to be lost,
gained, or shared in the formation of chemical compounds are referred to as
valence electrons. Valence electrons are often located in incompletely
filled main-energy levels. For example, the electron lost from the 3s
sublevel of Na to form Na™ is a valence electron.

For main-group elements, the valence electrons are the electrons in
the outermost s and p sublevels. The inner electrons are in filled energy
levels and are held too tightly by the nucleus to be involved in compound
formation. The Group 1 and Group 2 elements have one and two valence
electrons, respectively, as shown in Figure 3.10. The elements of Groups
13-18 have a number of valence electrons equal to the group number
minus 10. In some cases, both the s and p sublevel valence electrons of
the p-block elements are involved in compound formation (Figure 3.10).
In other cases, only the electrons from the p sublevel are involved.

FIGURE 3.10
VALENCE ELECTRONS IN MAIN-GROUP ELEMENTS
Number of valence
Group number Group configuration electrons
1 ns' 1
2 ns? 2
13 ns?p’ 3
14 ns2p? 4
15 ns’p3 5
16 ns?p* 6
17 ns2p® 7
18 ns?p8 8
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© MAIN IDEA
Atoms have different abilities to capture electrons.

Valence electrons hold atoms together in chemical compounds. In many
compounds, the negative charge of the valence electrons is concentrated
closer to one atom than to another. This uneven concentration of charge
has a significant effect on the chemical properties of a compound. It is
therefore useful to have a measure of how strongly one atom attracts the
electrons of another atom within a compound.

Linus Pauling, one of America’s most famous chemists, devised a
scale of numerical values reflecting the tendency of an atom to attract
electrons. Electronegativity is a measure of the ability of an atom in a chemical
compound to attract electrons from another atom in the compound. The most
electronegative element, fluorine, is arbitrarily assigned an electronega-
tivity of four. Other values are then calculated in relation to this value.

Period Trends

As shown in Figure 3.11, electronegativities tend to increase across each
period, although there are exceptions. The alkali and alkaline-earth metals
are the least electronegative elements. In compounds, their atoms have a
low attraction for electrons. Nitrogen, oxygen, and the halogens are the
most electronegative elements. Their atoms attract electrons strongly.

- _— )
Periodic Table of Electronegativities Shown are the electronegativities of the elements
according to the Pauling scale. The most-electronegative elements are located in the upper right of
the p-block. The least-electronegative elements are located in the lower left of the s-block.
1 Atomic
1 number Group 18
2
| 6 — He
2 Group1  Group2 Group 13 Group 14 Group 15 Group 16 Group 17 —
3. 4 c Symbol 5 6 7 8 9 10
Li Be 95 B Ne
3 1.0 15 . 2.0 25 3.0 3.5 4.0 —
- - \Electronegativity 13 14 15 16 17 18
Na Mg Al Si Cl Ar
4 0.9 1.2 Group3 Group4 Group5 Group6 Group7 Group8 Group9 Group 10 Group 11 Group 12 15 1.8 2.1 2.5 3.0 —
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
B K Ca S¢ Ti V C Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr g
&5 0.8 1.0 1.3 15 1.6 1.6 15 1.8 1.8 1.8 1.9 1.6 1.6 1.8 2.0 2.4 2.8 3.0 =
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
Rb Sr Zr Mo Tc RBu Rh Pd Ag Cd In Sn Shbh Te | Xe
6 0.8 1.0 1.2 1.4 1.6 1.8 1.9 22 22 22 1.9 1.7 1.7 1.8 1.9 2.1 25 2.6
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba La Hf Ta W Re 0Os Ir Pt Au Hg TI Pb Bi Po At Rn
7 0.7 0.9 1.1 13 15 1.7 1.9 2.2 2.2 2.2 2.4 19 1.8 1.8 1.9 2.0 22 2.4
87 88 89 104 105 106 107 108 109 110 111 112 113 114 115 116 117 118
Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn
07 0.9 1.1 — — — — — — — — —
Lanthanide series
58 59 60 61 62 63 64 65 66 67 68 69 71
Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Lu
1.1 1.1 1.1 1.1 1.2 1.1 1.2 1.1 1.2 1.2 1.2 1.3 1.3
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Th Pa U Np Pu Am Cm Bk Cf Es Fm Md Lr
i3 15 1.4 1.4 1.3 1.3 1.3 1.3 il 1.3 i3 1.3 —
Actinide series )
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‘CHECK FOR UNDERSTANDING ' Electronegativities tend to either decrease down a group or remain about

Compare The text states that . the same. The noble gases are unusual in that some of them do not form
some noble gases “do not form . compounds and therefore cannot be assigned electronegativities. When
compounds and therefore cannot be anoble gas does form a compound, its electronegativity is rather high,
assigned electronegativities.” How . similar to the values for the halogens. The combination of the period and
can some of them form compounds, - group trends in electronegativity results in the highest values belonging

while others do not? to the elements in the upper right of the periodic table. The lowest values

belong to the elements in the lower left of the table. These trends are
shown graphically in Figure 3.12.

© MAIN IDEA
The properties of d-block metals do not vary much.

The properties of the d-block elements (which are all metals) vary less
and with less regularity than those of the main-group elements. This
trend is indicated by the curves in Figures 3.3 and 3.5, which flatten where
the d-block elements fall in the middle of Periods 4-6.

Recall that atoms of the d-block elements contain from zero to two
electrons in the s orbital of their highest occupied energy level and one
to ten electrons in the d sublevel of the next-lower energy level.

(FIGURE 3.12]

Electronegativity and Atomic Number The plot shows
electronegativity versus atomic number for Periods 1-6.

Electronegativity vs. Atomic Number
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PREMIUM CONTENT

Periodic Trends in Electronegativity @ Cards

HMDScience.com
Sample Problem G Of the elements gallium, Ga, bromine, Br, and
calcium, Ca, which has the highest electronegativity? Explain your answer
in terms of periodic trends.

. SOLVE All of these elements are in the fourth period. Bromine has the highest atomic
number and is farthest to the right in the period. Therefore, bromine should have
the highest electronegativity because electronegativity increases across the periods.

Practice Answers in Appendix E

1. Consider five hypothetical main-group elements, E, G, ], L, and M, that have the outer
electron configurations shown at the top of the next page.
E = 2s%2p° G =4d'%s%5p> ] =2s%2p?
L=5d"%s%p> M =2s>2p*
a. Identify the block location for each element. Then, determine which elements are in
the same period and which are in the same group.
b. Which element would you expect to have the highest electron affinity? Which would
you expect to form a 1— ion? Which should have the highest electronegativity?
c. Compare the ionic radius of the typical ion formed by the element G with the radius
of the atom from which the ion was formed.
d. Which element(s) contain seven valence electrons?

Therefore, electrons in both the ns sublevel and the (n—1)d sublevel are
available to interact with their surroundings. As a result, electrons in the
incompletely filled d sublevels are responsible for many characteristic
properties of the d-block elements.

Atomic Radii

The atomic radii of the d-block elements generally decrease across the
periods. However, this decrease is less than that for the main-group
elements, because the electrons added to the (n—1)d sublevel shield the
outer electrons from the nucleus.

Also, note in Figure 3.3 that the radii dip to a low and then increase
slightly across each of the four periods that contain d-block elements.
As the number of electrons in the d sublevel increases, the radii increase
because of repulsion among the electrons.

In the sixth period, the f-block elements fall between lanthanum
(Group 3) and hafnium (Group 4). Because of the increase in atomic
number that occurs from lanthanum to hafnium, the atomic radius of
hafnium is actually slightly less than that of zirconium, Zr, the element
immediately above it. The radii of elements following hafnium in the
sixth period vary with increasing atomic number in the usual manner.
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@ Reviewing Main Ideas

lonization Energy

As they do for the main-group elements, ionization energies of the
d-block and f-block elements generally increase across the periods.

In contrast to the decrease down the main groups, however, the first
ionization energies of the d-block elements generally increase down each
group. This is because the electrons available for ionization in the outer
ssublevels are less shielded from the increasing nuclear charge by
electrons in the incomplete (n—1)d sublevels.

lon Formation and lonic Radii

Among all atoms of the d-block and f-block elements, electrons in the
highest occupied sublevel are always removed first. For the d-block
elements, this means that although newly added electrons occupy the
d sublevels, the first electrons to be removed are those in the outermost
s sublevels. For example, iron, Fe, has the electron configuration
[Ar]3d%4s2. First, it loses two 4s electrons to form Fe?* ([Ar]3d®).

Fe2* can then lose a 3d electron to form Fe3* ([Ar]3dP).

Most d-block elements commonly form 2+ ions in compounds. Some,
such as iron and chromium, also commonly form 3+ ions. The Group 3
elements form only ions with a 3+ charge. Copper forms 1+ and 2+ ions,
and silver usually forms only 1+ ions. As expected, the cations have
smaller radii than the atoms do. Comparing 2+ ions across the periods
shows a decrease in size that parallels the decrease in atomic radii.

Electronegativity

The d-block elements all have electronegativities between 1.1 and 2.54.
Only the active metals of Groups 1 and 2 have lower electronegativities.
The d-block elements also follow the general trend for electronegativity
values to increase as radii decrease, and vice versa. The f~-block elements
all have similar electronegativities, which range from 1.1 to 1.5.

3. For each main-group element, what is the
relationship between its group number and

1. State the general period and group trends among the number of valence electrons that the group
main-group elements with respect to each of the nETTlsEE e
following properties:

a. atomic radii

b. first ionization energy
c. electron affinity

. ionic radii

. electronegativity

® o

>
o

the main-group elements?

. In general, how do the periodic properties of
the d-block elements compare with those of

@ Critical Thinking

4. RELATING IDEAS Graph the general trends
(left to right and top to bottom) in the second
ionization energy (/E,) of an element as a
function of its atomic number, over the range
Z = 1-20. Label the minima and maxima on the
graph with the appropriate element symbol.

b. Explain the comparison made in (a).
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To write the electron configuration of an element, you must fill
the sublevels in order of increasing energy. If you follow the
arrows in either of the two types of mnemonics shown below,

you will get correct configurations for most elements.

The arrangement of elements in the periodic table reflects the
arrangement of electrons in an atom. Each period begins with
an atom that has an electron in a new energy level and with
the exception of the first period, each period ends with an atom

that has a filled set of p orbitals.

“EEEEEE
15} K ! ! ! ! ! 1s
Zs'l 2p ," ," ,: ,'l ," 25 2p
3s" 3p’." 3d.'l 3 3p 3d
4s’ 4p:: 4d:'l 4f;'l 4s"  4p  4d  af
55 5p: 541 5f 5§ 5p 5d 5f
6s 6p' 60 6f 65 6p 60
75: 70 7d 75 70

spins. As shown in the following table, the sublevels s, p, d,

You also need to know how many orbitals are in each sublevel
and f have 1, 3, 5, and 7 available orbitals, respectively.

and that each orbital can contain two electrons of opposite

SUBLEVEL
No. of orbitals

No. of electrons

Sample Problem

Write the full electron configuration for phosphorus.

The atomic number of phosphorus is 15, so a phosphorus atom has 15 protons and electrons. Assign each
of the 15 electrons to the appropriate sublevels. The final sublevel can be unfilled and will contain the

number of valence electrons.

~— + 2¢~ + 6e~ + 2e + 3¢~ = 15e™

So, the full electron configuration of phosphorus is 1522522p®3s%3p?3.

Practice Answers in Appendix E
1. Write full electron configurations for the 2. Use noble gas symbols to write shorthand electron
following elements. configurations for the following elements.
C. tin a. silicon €. antimony
b. rubidium d. arsenic

a. aluminum

b. neon d. potassium

Math Tutor
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SECTION 1 History of the Periodic Table

The periodic law states that the physical and chemical properties of the
elements are periodic functions of their atomic numbers.

The periodic table is an arrangement of the elements in order of their
atomic numbers so that elements with similar properties fall in the same
column.

The columns in the periodic table are referred to as groups.

SECTION 2 Electron Configuration and the

Periodic Table

periodic law
periodic table
lanthanide
actinide

The rows in the periodic table are called periods.

Many chemical properties of the elements can be explained by the
configurations of the elements’ outermost electrons.

The noble gases exhibit unique chemical stability because their highest
occupied levels have an octet of electrons, ns2np® (with the exception
of helium, whose stability arises from its highest occupied level being
completely filled with two electrons, 1s2).

Based on the electron configurations of the elements, the periodic table
can be divided into four blocks: the s-block, the p-block, the d-block, and
the f-block.

SECTION 3 Electron Configuration and

alkali metals
alkaline-earth metals
transition elements
main-group elements
halogens

158

Periodic Properties

The groups and periods of the periodic table display general trends in the
following properties of the elements: electron affinity, electronegativity,
ionization energy, atomic radius, and ionic radius.

The electrons in an atom that are available to be lost, gained, or shared in

the formation of chemical compounds are referred to as valence electrons.

In determining the electron configuration of an ion, the order in which
electrons are removed from the atom is the reverse of the order given by
the atom’s electron-configuration notation.

Chapter 5

atomic radius
ion

ionization
ionization energy
electron affinity
cation

anion

valence electron
electronegativity




CHAPTER 5 Review

SECTION 1

History of the Periodic Table
@ REVIEWING MAIN IDEAS

1. Describe the contributions made by the following
scientists to the development of the periodic table:
a. Stanislao Cannizzaro
b. Dmitri Mendeleev
¢. Henry Moseley

2. State the periodic law.

3. How is the periodic law demonstrated within the
groups of the periodic table?

Electron Configuration and
the Periodic Tahle

@ REVIEWING MAIN IDEAS

4. a. How do the electron configurations within the
same group of elements compare?
b. Why are the noble gases relatively unreactive?

5. What determines the length of each period in the
periodic table?

6. What is the relationship between the electron
configuration of an element and the period in which
that element appears in the periodic table?

7. a. What information is provided by the specific block
location of an element?
b. Identify, by number, the groups located within
each of the four block areas.

8. a. Which elements are designated as the alkali
metals?
b. List four of their characteristic properties.

9. a. Which elements are designated as the alkaline-
earth metals?
b. How do their characteristic properties compare
with those of the alkali metals?

10. a. Write the group configuration notation for each
d-block group.
b. How do the group numbers of those groups relate
to the number of outer s and d electrons?

11.

12.

13.

14.

15.

16.

What name is sometimes used to refer to the entire
set of d-block elements?

a. What types of elements make up the p-block?

b. How do the properties of the p-block metals
compare with those of the metals in the s- and
d-blocks?

a. Which elements are designated as the halogens?
b. List three of their characteristic properties.

a. Which elements are metalloids?
b. Describe their characteristic properties.

Which elements make up the f-block in the
periodic table?

a. What are the main-group elements?
b. What trends can be observed across the various
periods within the main-group elements?

PRACTICE PROBLEMS

17.

18.

19.

20.

Write the noble-gas notation for the electron configu-
ration of each of the following elements, and indicate
the period in which each belongs.

a. Li c. Cu e. Sn

b. O d. Br

Without looking at the periodic table, identify the
period, block, and group in which the elements with
the following electron configurations are located.
(Hint: See Sample Problem A.)

a. [Ne]3s?3p*

b. [Kr]4d'%5s%5p?

c. [Xe]af'*5d'%s’6p°

Based on the information given below, give the
group, period, block, and identity of each element
described. (Hint: See Sample Problem B.)

. [He]2s%

. [Ne]3s?

. [Kr]5s2

. [Ar]4s?

. [Ar]3d°4s!

o0 T

Without looking at the periodic table, write the
expected outer electron configuration for each of the
following elements. (Hint: See Sample Problem C.)
a. Group 7, fourth period

b. Group 3, fifth period

¢. Group 12, sixth period

Chapter Review 159
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21. Identify the block, period, group, group name (where
appropriate), element name, element type, and relative
reactivity for the elements with the following electron
configurations. (Hint: See Sample Problem D.)

a. [Ne]3s23p!

b. [Ar]3d'%4s%4p®
c. [Kr]4d%s5s!

d. [Xe]4f'5d"'6s>

SECTION 3

Electron Configuration and
Periodic Properties

@ REVIEWING MAIN IDEAS

22. a. What is meant by atomic radius?
b. What trend is observed among the atomic radii
of main-group elements across a period?
¢. Explain this trend.

23. a. What trend is observed among the atomic radii
of main-group elements down a group?
b. Explain this trend.

24. Define each of the following terms:
a. ion
b. ionization
c. firstionization energy
d. second ionization energy

25. a. How do the first ionization energies of main-group
elements vary across a period and down a group?
b. Explain the basis for each trend.

26. a. What is electron affinity?
b. What signs are associated with electron affinity
values, and what is the significance of each sign?

27. a. Distinguish between a cation and an anion.
b. How does the size of each compare with the size
of the neutral atom from which it is formed?

28. a. What are valence electrons?
b. Where are such electrons located?

160 Chapter 5

29.

30.

31.

For each of the following groups, indicate whether
electrons are more likely to be lost or gained in
compound formation, and give the number of such
electrons typically involved.

a. Group 1 d. Group 16
b. Group 2 e. Group 17
¢. Group 13 f. Group 18

a. What is electronegativity?
b. Why is fluorine special in terms of
electronegativity?

Identify the most- and least-electronegative groups
of elements in the periodic table.

PRACTICE PROBLEMS

32.

33.

34.

36.

37.

38.

Of cesium, Cs, hafnium, Hf, and gold, Au, which
element has the smallest atomic radius? Explain
your answer in terms of trends in the periodic table.
(Hint: See Sample Problem E.)

a. Distinguish between the first, second, and third
ionization energies of an atom.

b. How do the values of successive ionization
energies compare?

¢. Why does this occur?

Without looking at the electron affinity table, arrange
the following elements in order of decreasing electron
affinities: C, O, Li, Na, Rb, and E

. a. Without looking at the ionization energy table,

arrange the following elements in order of
decreasing first ionization energies: Li, O, C, K,
Ne, and F.

b. Which of the elements listed in (a) would you
expect to have the highest second ionization
energy? Why?

a. Which of the following cations is least likely to
form: Sr2+, A3t K2+?

b. Which of the following anions is least likely to
form:I-, Cl—, 0%—?

Which element is the most electronegative among C,
N, O, Br, and S? Which group does it belong to?
(Hint: See Sample Problem G.)

The two ions K* and Ca?* each have 18 electrons
surrounding the nucleus. Which would you expect to
have the smaller radius? Why?



Mixed Review

39.

40.

41.

42.

43.

44,

45,

46.

@ REVIEWING MAIN IDEAS

Without looking at the periodic table, identify
the period, block, and group in which each of the
following elements is located.

. [Rn]7s!

b. [Ar]3d%4s?

c. [Kr]4d%s!

d. [Xe]4f'45d%s!

<Y

a. Which elements are designated as the noble gases?
b. What is the most significant property of these
elements?

Which of the following does not have a noble-gas
configuration: Na*t, Rb*, 0>~, Br~ Ca*, A3+, §2—?

a. How many groups are in the periodic table?

b. How many periods are in the periodic table?

¢. Which two blocks of the periodic table make up
the main-group elements?

Write the noble-gas notation for the electron configu-
ration of each of the following elements, and indicate
the period and group in which each belongs.

a. Mg

b. P

¢. Sc

dyY

Use the periodic table to describe the chemical
properties of the following elements:

a. fluorine, F

b. xenon, Xe

¢. sodium, Na

d. gold, Au

For each element listed below, determine the charge
of the ion that is most likely to be formed and the
identity of the noble gas whose electron configuration
is thus achieved.

a. Li e. Mg i. Br
b. Rb f. Al j- Ba
c. O g. P
d. F h. S

Describe some differences between the s-block
metals and the d-block metals.

47.
48.

Increases

Increases

CHAPTER REVIEW

Why do the halogens readily form 1-ions?

Identify which trends in the diagrams below describe
atomic radius, ionization energy, electron affinity,
and electronegativity.

Increases

Y

Increases

A

c

Increases

Increases

A

49

. The electron configuration of argon differs from those

of chlorine and potassium by one electron each.
Compare the reactivity of these three elements.
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CHAPTER REVIEW

CRITICAL THINKING

As a member on the newly-inhabited space station Alpha,
you are given the task of organizing information on newly

discovered elements as it comes in from the laboratory.
To date, five elements have been discovered and have
been assigned names and symbols from the Greek
alphabet. An analysis of the new elements has yielded
the following data:

Element Atomic Atomic .
Properties
name no. mass
Epsilon 23 47.33 nonmetal, very reactive,
€ produces a salt when
combined with a metal,
gaseous state
Beta 13 27.01 metal, very reactive,
¢} soft solid, low melting
point
Gamma 12 25.35 nonmetal, gaseous
N element, extremely
unreactive
Delta 4 7.98 nonmetal, very
A abundant, forms
compounds with most
other elements
Lambda 9 16.17 metal, solid state, good
A conductor, high luster,
hard and dense

50. Applying Models Create a periodic table based on the

properties of the five new elements.

51. Predicting Outcomes Using your newly created
periodic table, predict the atomic number of an
element with an atomic mass of 11.29 that has
nonmetallic properties and is very reactive.

52. Predicting Outcomes Predict the atomic number of an
element having an atomic mass of 15.02 that exhibits

metallic properties but is softer than lambda and
harder than beta.

53. Analyzing Information Analyze your periodic table for

trends, and describe those trends.

162 Chapter 5

USING THE HANDBOOK

54. Review the boiling point and melting point data in
the tables of the Elements Handbook (Appendix A).
Make a list of the elements that exist as liquids or
gases at the boiling point of water, 100°C.

55. Because transition metals have vacant d orbitals, they
form a greater variety of colored compounds than do
the metals of Groups 1 and 2. Review the section of
the Elements Handbook (Appendix A) on transition
metals, and answer the following:

a. What colors are exhibited by chromium in its
common oxidation states?

b. What gems contain chromium impurities?

¢. What colors are often associated with the following
metal ions: copper, cadmium, cobalt, zinc, and
nickel?

d. What transition elements are considered noble
metals? What are the characteristics of a noble
metal?

RESEARCH AND WRITING

56. Prepare a report tracing the evolution of the current
periodic table since 1900. Cite the chemists involved
and their major contributions.

57. Write a report describing the contributions of Glenn
Seaborg toward the discovery of many of the actinide
elements.

ALTERNATIVE ASSESSMENT

58. Construct your own periodic table or obtain a poster
that shows related objects, such as fruits or vegeta-
bles, in periodic arrangement. Describe the organiza-
tion of the table and the trends it illustrates. Use this
table to make predictions about your subject matter.



TEST Fr=F

Standards-Based Assessment

Answer the following items on a separate piece of paper.

MULTIPLE CHOICE

1.

In the modern periodic table, elements are arranged
according to

A. decreasing atomic mass.

B. Mendeleev’s original model.

C. increasing atomic number.

D. when they were discovered.

Group 17 elements, the halogens, are the most

reactive of the nonmetal elements because they

A. require only one electron to fill their outer energy
level.

B. have the highest ionization energies.

C. have the largest atomic radii.

D. are the farthest to the right in the periodic table.

The periodic law states that

A. the chemical properties of elements can be
grouped according to periodicity.

B. the properties of the elements are functions of
atomic mass.

C. all elements in the same group have the same
number of valence electrons.

D. all elements with the same number of occupied
energy levels must be in the same group.

As you move left to right across Period 3 from Mg to
C], the energy needed to remove an electron from
an atom

A. generally increases.

B. generally decreases.

C. does not change.

D. varies unpredictably.

Which of the following elements has the highest
electronegativity?

A. oxygen

B. hydrogen

C. fluorine

D. carbon

The noble gases have

A. high ionization energies.

B. high electron affinities.

C. large atomic radii.

D. atendency to form both cations and anions.

7. Which electron configuration is not correct?

A. 0%~ [He]2s%2p5
B. Mg?* [He]2s%2pb
C. V3+ [Ar]3d?

D. A3+ [Ar]2s22p5

Which two elements are more likely to have the
same charge on their ions?

A. Se and As

B. Sn and Si

C. CaandRb

D. Iand Xe

Using only the periodic table, choose the list that
ranks the elements Sr, Te, Kr, Ru, and Cs in order of
increasing ionization energy.

A. Sr < Te < Ru < Cs < Kr

B. Te < Ru < Sr < Cs < Kr

C. Cs<Sr<Ru<Te<Kr

D. Kr < Cs < Sr < Ru < Te

SHORT ANSWER

10. The second ionization energies for the elements

11.

S-Ti are listed in a scrambled order below. Assign
the correct IE, value to each element. (Hint: S has
IE, = 2251 kJ/mol, and Ti has IE, = 1310 kJ/mol.)
Explain your reasoning.

IE, values (kJ/mol): 2666, 2297, 3051, 1235, 2251,
1310, and 1145

What group most commonly forms 2- ions? Explain
your reasoning.

EXTENDED RESPONSE

12. An ordered list of atomic radii for 14 consecutive

elements is shown below. Without using Figure 3.2,
make a graph of these atomic radii versus the
element’s atomic number. Explain

your reasoning.

Atomic radii (pm): 75, 73, 72, 71, 186, 160, 143, 118,
110, 103, 100, 98, 227, and 197

Test Tip

If you are short on time, quickly scan
the unanswered questions to see which
might be easiest to answer.
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Introduction to
Chemical Bonding

chemical bond nonpolar-covalent bond
jonic bonding polar
covalent bonding polar-covalent bond

Atoms seldom exist as independent particles in nature. The oxygen you breathe,
the water you drink, and nearly all other substances consist of combinations of
atoms that are held together by chemical bonds. A chemical bond is a mutual
electrical attraction between the nuclei and valence electrons of different atoms
that binds the atoms together.

Why are most atoms chemically bonded to each other? As independent
particles, most atoms are at relatively high potential energy. Nature, however, favors
arrangements in which potential energy is minimized. Most atoms are less stable
existing by themselves than when they are combined. By bonding with each other,
atoms decrease in potential energy, creating more stable arrangements of matter.

© MAIN IDEA

When atoms bond, their valence electrons are redistributed in ways

that make the atoms more stable. The way in which the electrons are
redistributed determines the type of bonding. As discussed in the chapter
“The Periodic Law,” main-group metals tend to lose electrons to form
positive ions, or cations, and nonmetals tend to gain electrons to form
negative ions, or anions. Chemical bonding that results from the electrical
attraction between cations and anions is called ionic bonding. In purely
ionic bonding, atoms completely give up electrons to other atoms, as
illustrated in Figure 1.1 on the next page. In contrast to atoms joined by
ionic bonding, atoms joined by covalent bonding share electrons.
Covalent bonding results from the sharing of electron pairs between two
atoms (see Figure 1.1). In a purely covalent bond, the shared electrons are
“owned” equally by the two bonded atoms.

Bonding between atoms of different elements is rarely purely ionic or
purely covalent. It usually falls somewhere between these two extremes,
depending on how strongly the atoms of each element attract electrons.
Recall that electronegativity is a measure of an atom’s ability to attract
electrons. The degree to which bonding between atoms of two elements
is ionic or covalent can be estimated by calculating the difference in

the elements’ electronegativities (see Figure 1.2 on the next page).

SECTION

p) Atoms form compounds by
gaining, losing, or sharing
electrons.

pimated

— ——
@ Chemistry
HMDScience.com

Types of Bonds
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4 )

lonic Bonding and Covalent
Bonding In ionic bonding, many atoms
transfer electrons. The resulting positive
and negative ions combine due to mutual
electrical attraction. In covalent bonding,
atoms share electron pairs to form
independent molecules.

IONIC BONDING Anion B

Cation A

Many atoms Electrons transferred

from atoms A to
0 . a atoms B

Atoms A Atoms B

Bonding and
Electronegativity Differences
in electronegativities reflect the
character of bonding between
elements. The electronegativity of
the less-electronegative element is
subtracted from that of the more-
electronegative element. The greater
the electronegativity difference, the
more ionic is the bonding.

lonic

1.7 50%

Polar-covalent

Difference in electronegativities
JajoeJeyo odluol abejuasiad

0.3 5%

Nonpolar-covalent
0 0%
\_ W,
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COVALENT BONDING

@ + @

Atom C

Electron pair shared
Atom D petween atom C and

atom D Atom ¢ Atom D

Two atoms

N\ J

For example, the electronegativity difference between fluorine, F, and
cesium, Cs, is 4.0 — 0.7 = 3.3. So, according to Figure 1.2, cesium-fluorine
bonding is ionic. Fluorine atoms, which are highly electronegative, gain
valence electrons, causing the atoms to become anions. Cesium atoms,
which are less electronegative, lose valence electrons, causing the atoms
to become cations.

Bonding between atoms with an electronegativity difference of 1.7 or
less has an ionic character of 50% or less. These compounds are typically
classified as covalent. Bonding between two atoms of the same element is
completely covalent. Hydrogen, for example, exists in nature not as
isolated atoms, but as pairs of atoms held together by covalent bonds. The
hydrogen-hydrogen bond is a nonpolar-covalent bond, a covalent bond in
which the bonding electrons are shared equally by the bonded atoms, resulting
in a balanced distribution of electrical charge. Bonds having 0% to 5% ionic
character, corresponding to electronegativity differences of roughly 0 to
0.3, are generally considered nonpolar-covalent bonds. In bonds with
significantly different electronegativities, the electrons are more strongly
attracted by the more-electronegative atom. Such bonds are polar, meaning
that they have an uneven distribution of charge. Covalent bonds having 5% to
50% ionic character, corresponding to electronegativity differences of 0.3
to 1.7, are classified as polar. A polar-covalent bond is a covalent bond in
which the bonded atoms have an unequal attraction for the shared electrons.

Nonpolar- and polar-covalent bonds are compared in Figure 1.3, which
illustrates the electron density distribution in hydrogen-hydrogen and
hydrogen-chlorine bonds. The electronegativity difference between
chlorine and hydrogen is 3.0 — 2.1 = 0.9, indicating a polar-covalent
bond. The electrons in this bond are closer to the more-electronegative
chlorine atom than to the hydrogen atom. Thus, the chlorine end of the
bond has a partial negative charge, indicated by the symbol d—. The
hydrogen end of the bond then has an equal partial positive charge, d+.



Electron Density Comparison of the electron density in . Chlorine
(a) a nonpolar, hydrogen-hydrogen bond and (b) a polar; Hydrogen nuclei :ﬁ:ﬁen nucleus
hydrogen-chlorine bond. Because chlorine is more electronegative

than hydrogen, the electron density in the hydrogen-chlorine bond

is greater around the chlorine atom.

‘ CRITICAL THINKING
Explain Why is the density of the electron cloud greater around

the chlorine atom in the polar hydrogen-chlorine bond?
(a) Nonpolar-covalent bond (b) Polar-covalent bond

Classifying Bonds

Sample Problem A Use electronegativity differences and Figure 1.2 to classify bonding
between sulfur, S, and the following elements: hydrogen, H; cesium, Cs; and chlorine, Cl.
In each pair, which atom will be more negative?

. SOLVE From the Periodic Table of Electronegativities in the chapter “The Periodic
Law,” we know that the electronegativity of sulfur is 2.5. The electronegativities
of hydrogen, cesium, and chlorine are 2.1, 0.7, and 3.0, respectively. In each
pair, the atom with the larger electronegativity will be the more-negative atom.

Bonding between Electronegativity More-negative
sulfur and difference Bond type atom

hydrogen 25-21=04 polar-covalent sulfur

cesium 25—-07=1.8 ionic sulfur

chlorine 3.0—-25=05 polar-covalent chlorine

Practice Answers in Appendix E

Use electronegativity differences and Figure 1.2 to classify bonding between chlorine, Cl, and the following
elements: calcium, Ca; oxygen, O; and bromine, Br. Indicate the more-negative atom in each pair.

- ( FORMATIVE ASSESSMENT

@ Reviewing Main Ideas @ Critical Thinking

1. What is the main distinction between ionic and 5. INTERPRETING CONCEPTS Compare the
covalent bonding? following two pairs of atoms: Cu and Cl; I and Cl.

2. How is electronegativity used in determining a. Which pair would have a bond with a greater
the ionic or covalent character of the bonding percent ionic character?
between two elements? b. In which pair would CI have the greater

3. What type of bonding would be expected be- TEFEIANTE C ey

tween the following atoms? 6. INFERRING RELATIONSHIPS The isolated
a.LiandF K atom is larger than the isolated Br atom.

b. Cuand S a. What type of bond is expected between K

c. [ and Br and Br?

b. Which ion in the compound KBr is larger?
4. List the three pairs of atoms referred to in the 2 e

previous question in order of increasing ionic
character of the bonding between them.
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SECTION 2

Covalent bonds form from
shared electrons.

Bond lengths and energy vary
from molecule to molecule.

Atoms tend to form bonds to
follow the octet rule.

Dots placed around an
element’s symbol can represent
valence electrons.

Electron-dot notations can
represent compounds.

Some atoms can share multiple
pairs of electrons.

Resonance structures show
hybrid bonds.

Some compounds are networks
of bonded atoms.

168 Chapter 6

GCovalent Bonding
and Molecular
Compounds

molecule Lewis structure
molecular compound structural formula
chemical formula single bond
molecular formula multiple bond
bond energy resonance

electron-dot notation

Many chemical compounds, including most of the chemicals that are in living things
and are produced by living things, are composed of molecules. A molecule is a
neutral group of atoms that are held together by covalent bonds. A single molecule
of a chemical compound is an individual unit capable of existing on its own. It may
consist of two or more atoms of the same element, as in oxygen, or two or more
different atoms, as in water or sugar (see Figure 2.1 below). A chemical compound
whose simplest units are molecules is called a molecular compound.

The composition of a compound is given by its chemical formula. A
chemical formula indicates the relative numbers of atoms of each kind in a
chemical compound by using atomic symbols and numerical subscripts. The
chemical formula of a molecular compound is referred to as a molecular formula.
A molecular formula shows the types and numbers of atoms combined in a
single molecule of a molecular compound. The molecular formula for water, for
example, is H,O. A single water molecule consists of one oxygen atom joined by
separate covalent bonds to two hydrogen atoms. A molecule of oxygen, O,, is an
example of a diatomic molecule. A diatomic molecule contains only two atoms.

Covalently Bonded Molecules The models for (a) water,
(b) oxygen, and (¢) sucrose, or table sugar, represent a few examples
of the many molecular compounds in and around us. Atoms within
molecules may form one or more covalent bonds.

(%)
(a) Water molecule,
H,O

(b) Oxygen molecule,
0,

(c) Sucrose molecule,
C12H2,041



Potential Energy Changes during the
Formation of a Hydrogen-Hydrogen
Bond (a) The separated hydrogen atoms do not
affect each other. (b) Potential energy decreases as
the atoms are drawn together by attractive forces.

(c) Potential energy is at a minimum when attractive
forces are balanced by repulsive forces. (d) Potential
energy increases when repulsion between like charges

o

Potential energy (kJ/mol)

-436 (c)

outweighs attraction between opposite charges. 7'5

-

Distance between hydrogen nuclei (pm)

© MAIN IDEA
Covalent bonds form from shared electrons.

Asyou read in Section 1, nature favors chemical bonding because most
atoms have lower potential energy when they are bonded to other atoms
than they have when they are independent particles. In the case of
covalent bond formation, this idea is illustrated by a simple example, the
formation of a hydrogen-hydrogen bond.

Picture two isolated hydrogen atoms separated by a distance large
enough to prevent them from influencing each other. At this distance,
the overall potential energy of the atoms is arbitrarily set at zero, as shown
in part (a) of Figure 2.2,

Now consider what happens if the hydrogen atoms approach each
other. Each atom has a nucleus containing a single positively charged
proton. The nucleus of each atom is surrounded by a negatively charged
electron in a spherical 1s orbital. As the atoms near each other, their
charged particles begin to interact. As shown in Figure 2.3, the approach-
ing nuclei and electrons are attracted to each other, which corresponds to
a decrease in the total potential energy of the atoms. At the same time, the
two nuclei repel each other and the two electrons repel each other, which
results in an increase in potential energy.

The relative strength of attraction and repulsion between the charged
particles depends on the distance separating the atoms. When the atoms
first “sense” each other, the electron-proton attraction is stronger than the
electron-electron and proton-proton repulsions. Thus, the atoms are
drawn to each other and their potential energy is lowered, as shown in
part (b) of Figure 2.2.

The attractive force continues to dominate and the total potential
energy continues to decrease until, eventually, a distance is reached at
which the repulsion between the like charges equals the attraction of the
opposite charges. This is shown in part (c) of Figure 2.2. At this point,
which is represented by the bottom of the valley in the curve, potential
energy is at a minimum and a stable hydrogen molecule forms. A closer
approach of the atoms, shown in part (d) of Figure 2.2, results in a sharp
rise in potential energy as repulsion becomes increasingly greater
than attraction.

Attractive and Repulsive
Forces The arrows indicate

the attractive and repulsive forces
between the electrons (shown as
electron clouds) and nuclei of two
hydrogen atoms. Attraction between
particles corresponds to a decrease
in potential energy of the atoms, while
repulsion corresponds to an increase.

‘ CRITICAL THINKING

Explain How do covalently-bonded
compounds stay together if both
the nuclei and the electrons of the
atoms involved repel each other?

-— Both nuclei repel
each other, as do both
electron clouds.

—»-— The nucleus of one atom
attracts the electron cloud of
the other atom, and vice versa.

y,
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© MAIN IDEA
Bond lengths and energy vary from molecule
to molecule.

In Figure 2.2, the bottom of the valley in the curve represents the balance
between attraction and repulsion in a stable covalent bond. At this point,
the electrons of each hydrogen atom of the hydrogen molecule are shared
between the nuclei. As shown below in Figure 2.4, the molecule’s electrons
can be pictured as occupying overlapping orbitals, moving about freely in
either orbital.

The bonded atoms vibrate a bit, but as long as their potential energy
remains close to the minimum, they are covalently bonded to each other.
The distance between two bonded atoms at their minimum potential
energy, that is, the average distance between two bonded atoms, is the
bond length. The bond length of a hydrogen-hydrogen bond is 75 pm.

In forming a covalent bond, the hydrogen atoms release energy as ‘ CHECK FOR UNDERSTANDING
they change from isolated individual atoms to parts of a molecule. The Apply Does electronegativity play
amount of energy released equals the difference between the potential a role in the formation of covalent
energy at the zero level (separated atoms) and that at the bottom of the bonds? Explain.

valley (bonded atoms) in Figure 2.2. The same amount of energy must be
added to separate the bonded atoms. Bond energy is the energy required to
break a chemical bond and form neutral isolated atoms. Scientists usually
report bond energies in kilojoules per mole (kJ/mol), which indicates the
energy required to break one mole of bonds in isolated molecules. For
example, 436 kJ of energy is needed to break the hydrogen-hydrogen
bonds in one mole of hydrogen molecules and form two moles of
separated hydrogen atoms.

The energy relationships described here for the formation of a
hydrogen-hydrogen bond apply generally to all covalent bonds. However,
bond lengths and bond energies vary with the types of atoms that have
combined. Even the energy of a bond between the