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Honors Chemistry Summer Packet 

Chapter 1 Preview 

Directions: Use the attached copy of the Chapter 1 textbook to answer the following 
questions. Do NOT Google the answers as I will be looking for specific terminology 
used in the textbook (and you may not find that from Google). Where appropriate, 
the expectation is that you will answer the questions in complete sentences. The 
packet will be graded for accuracy and completion at the beginning of class on your 
second class meeting. 

1. Define the following terms: 

A. Matter 

B. Elements 

C. Molecules | 

D. Compounds 

2. Differentiate between the states of matter: solids, liquids and gases. Be sure 
to address differences in: 

a. molecular spacing 

b. average kinetic energy of particles 

ce. strength of intermolecular forces of attraction



3. Differentiate between the following types of composition of matter: 

a. Pure substances and Mixtures 

b. Homogeneous and Heterogeneous 

c. Element and Compound 

d. Solution, Colloid and Suspension 

4. Identify the contents of the following as either a pure substance or a mixture: 

: a glass of. pure water — 

a glass: of tomato juice 

a balloon filled with helium gas 

a balloon bike tire filled with air 

an aspirin tablet 

a bottle of vinegar 

a crucible filled with molten iron 

a bucket filled with sea water (from the beach) 

a steel girder r
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5, Explain how one knows when something has changed physically or 

chemically.



6. Identify the following processes as either a physical or chemical change: 
a. 
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7. Identi 
bee a. 
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water condensing on the grass 

an iron nail rusting 

cutting a piece of wood 

stirring a glass of iced tea 

burning a piece of paper 

boiling a saltwater solution to extract the NaCl 

mixing two solutions together a noticing a solid precipitate forms 

dissolving sugar in your coffee or tea 

the production of carbon dioxide and water vapor from the burning 

of propane gas in your backyard grill 

painting a fence 

frying eggs 

fy the following as either a physical or chemical property: 
color ae 7 

density. - 

melting point 
texture... . 

reactivity “ 

flammable 

ductile." 
conductive’ - 

malleable © a 

acidic. 

8. Differentiate between the terms Theory and Law as they relate to science. 

9. Why is it necessary for there to be standardization when making 
measurements? Identify the 7 standard measurements and their S.I. unit. 
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10. What is a derived unit? Give 4 examples



11. Using soccer goal, illustrate the difference between accuracy and precision. 

12. Differentiate between random and systematic error. 

13. What is dimensional analysis? Why is it important? How is it used?
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Introduction: 

Matter and 

Measuremen 

  

ubble Space Telescope image of a 

galaxy that lies 13 million light years 

from Earth in the southern constella- 

tion Circinus. Large amounts of gas 

and dust occur within the galaxy. 

Hydrogen gas is the most plentiful, 

occurring as molecules in cool | 

regions, as atoms in hotter 

regions and as ions in the 

hottest regions. The process- 

es that occur within the 

stars are responsible for 

creating other chemi- 

cal elements from 

hydrogen, which ° 

is the simplest 

element.



    

   

     

1.1 The Study of Chemistry 
1.2 Classifications of Matter 
1.3 Properties of Matter 
1.4 Units of Measurement 
1.5 Uncertainty in Measurement 
1.6 Dimensional Analysis 

= ‘ 
“LAVE YOU EVER wondered why ice melts and water 
evaporates? Why leaves turn colors in the fall and 
how a battery generates electricity? Why keeping 
foods cold slows their spoilage and how our bodies 
use food to maintain life? Chemistry supplies answers 
to these questions and countless others like them. Chemistry is the study of the 
properties of materials and the changes that materials undergo. One of the joys . - 

of learning chemistry is seeing how ‘chemical principles operate in all aspects 
: “i ol our lives, from eve! everyday activities like lighting a match to more 

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

concepts you are asked to learn are not ends in themselves, but tools to ; 

help you better understand the world around you. This first chapter. . 
lays a foundation for our studies by providing an overview "* ' 

of what chemistry is about and dealing with some fun-, 
ey - damental concepts of matter-and scientific measure- 

    

“ments. The list to the right, entitled “What's Ahead,” 
gives a brief overview of some of the ideas that we 

will be considering in this chapter. 

  

sy. far-reaching matters like the’ development of drugs to cure cancer. . 

You are just beginning the journey of learning chemistry. Ina. - 
sense, this text is your guide on this journey. Throughout your , 

~ studies, we hope that you will find this text enjoyable as well as. 

> What's Ahead < 

We begin our studies by providing 

a very brief perspective of what 
chemistry is about and why it is 

useful to learn chemistry. 

Next we examine some fundamen- 

tal ways to classify materials, dis- 
tinguishing between pure substances 
and mixtures and noting that there 

are two fundamentally different 

kinds of pure substances: elements 

and compounds. 

We then consider some of the dif- 

ferent kinds of characteristics or 
properties that we use to character- 

ize, identify, and separate 

substances. , 

Many properties rely on quantita- 

tive measurements, involving both 

numbers and units. : 

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

measurement. 

The uncertainties inherent in all 

measured quantities and those 

obtained from calculations involv- 

ing measured quantities are 

expressed by the number of signifi- 

cant digits or significant figures used 

to report the number. 

Units as well as numbers are car- 

ried through calculations, and 

obtaining correct units for the 
result of a calculation is an impor- 

tant way to check whether the cal- 

culation is correct.
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Chapter 1 Introduction: Matter and Measurement 

3-D MODEL 

Oxygen, Water, Carbon Dioxide, 
Ethanol, Ethylene Glycol, Aspirin. - 

  

(a) Oxygen 

  

(b) Water 

  

(c) Carbon dioxide 

1.1 The Study of Chemistry 
  

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

The Molecular Perspective of Chemistry 

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

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

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

Even apparently minor differences in the composition or: structure of mole- 
cules can cause profound differences in their properties. Ethanol, also called 
grain alcohol, is the alcohol in beverages such as beer and wine: Ethylene glycol, . 

  

(d) Ethanol    
(e) Ethylene glycol (f) Aspirin 

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



on the other hand, is a viscous liquid used as automobile antifreeze. The prop- 
erties of these two substances differ in a great number of ways, including the 
temperatures at which they freeze and boil. One of the challenges that chemists 
undertake is to alter molecules in a controlled way, creating new substances with 

different properties. 
Every change in the observable world—from boiling water to the changes 

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

Why Study Chemistry? 

Chemistry provides important understanding of our world and how it works. It 
is an extremely practical science that greatly impacts our daily living. Indeed, 
chemistry lies near the heart of many matters of public concern: improvement of 

health care; conservation of natural resources, protection of the environment, 

and provision of our everyday needs for food, clothing, and shelter. Using chem- 

istry, we have discovered pharmaceutical chemicals that enhance our health and 

prolong our lives. We have increased food production through the development 

of fertilizers and pesticides. We have developed plastics and other materials that - ° 

are used in:almost every facet of our lives. Unfortunately, some chemicals also: 
have the potential to harm our health or the environment. It is in our best inter- 

est as educated citizens and consumers to understand the profound effects, both 

positive and negative, that chemicals have on our lives and to strike aninformed. . 

balance about their uses. 

Most of you are studying chemistry, however, not merely to satisfy your _ 
curiosity or to become more informed consumers or citizens, but because it is an 

essential part of your curriculum. Your major might be biology, engineering, . 

agriculture, geology, or some other field. Why do so many diverse subjects share ° 

an essential tie to chemistry? The answer is that chemistry, by its very nature, is 

the central science. Our interactions with the material world raise basic questions 
about the materials around us. What are their compositions and properties? How 

do they interact with us and our environment? How, why, and when do they 

undergo change? These questions are important whether the material is part of 

high-tech computer chips, an aged pigment used by a Renaissance painter, or the 
DNA that transmits genetic information in our bodies (Figure 1.2 VW). Chemistry 
provides answers to these and countless other questions. 
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<< Figure 1.2 (a) A microscopic view 
of a computer chip. (b) A Renaissance 
painting, Young Girl Reading, by Vittore 
Carpaccio (1472-1526). (c) A long 
strand of DNA that has spilled out of the 
damaged cell wall of a bacterium.
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By studying chemistry, you will learn to use the powerful language and 
ideas that have evolved to describe and enhance our understanding of mat- 
ter. The language of chemistry is a universal scientific language that is wide- 
ly used in other disciplines. Furthermore, an understanding of the behavior of 
atoms and molecules provides powerful insights in other areas of modern sci- 
ence, technology, and engineering. For this reason, chemistry will probably 
play a significant role in your fatiare, You will be better prepared for the future 
if you increase your understanding of chemical principles, and it is our goal 
to help you achieve this end. 

  

Chemistry at Work Chemistry and the Chemical aay 

Many people are familiar with common household chemicals 

such as those shown in Figure 1.3 », but few realize the size 

and importance of the chemical industry. Worldwide sales of 

chemicals and related products manufactured in the United 

States total over $400 billion annually. The chemical industry 
employs over 10% of all scientists and engineers and is a major 
contributor to the U.S. economy. 

Vast amounts of chemicals are produced each year and 

serve asraw materials for a variety of uses, including the man- 

ufacture of metals, plastics, fertilizers, phar maveuticals, fuels, 

paints, adhesives, pesticides, synthetic fibers, microprocessor 
chips, and numerous other products. Table 1.1 ¥ lists the top ten 
chemicals produced in the United States. We will discuss many 

of these substances and their uses as the course progresses. 
People whd have degrees in chemistry hold a variety of posi- 

tions in industry, government, and academia. Those who work 
in the chemical industry find positions as laboratory chemists, 

carrying out experiments to develop new products (research and 
development), analyzing materials (quality control), or assisting 

customers in using ¢ products (sales and service). Those with more 

experience or training may work as managers or company direc- 
tors. There are also alternate careers that a chemistry degree pre- 
pares you for such as teaching, medicine, biomedical research, 

information science, environmental work, technical sales, work 

with government regulatory agencies, and patent law. 

  
A Figure 1.3 Many common supermarket products have 
very simple chemical compositions. 

  

  

LiU18 Ss die 

2000 Production 

Rank Chemical Formula (billions of pounds) Principal End Uses 

1 Sulfuric acid H»SO, 87 Fertilizers, chemical manufacturing 
2 Nitrogen N> 81 Fertilizers 

3 Oxygen Oo 55 Steel, welding 

4 Ethylene CoHy 55 Plastics, antifreeze 

5 Lime CaO Ad Paper, cement, steel 

6 Ammonia NH3 36 Fertilizers 

7 Propylene C3H¢ 32 Plastics 
8 Phosphoric acid H3PO, 26 Fertilizers 
9 Chlorine Cl 26 Bleaches, plastics, water purification 

10 Sodium hydroxide NaOH 24 Aluminum production, soap 
  

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



1.2 Classifications of Matter 
  

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

States of Matter 

Asample of matter can bea gas, a liquid, or a solid. These three forms of matter 
are called the states of matter. The states of matter differ in some of their simple 
observable properties. A gas (also known as vapor) has no fixed volume or shape; 

rather, it conforms to the volume and shape of its container. A gas can be com- 
pressed to occupy a smaller volume, or it can expand to occupy a larger one. A 
liquid has a distinct volume independent of its container but has no specific 
shape: It assumes the shape of the portion of the container that it occupies. A 
solid has both a definite shape and a definite volume: It is rigid. Neither liquids 
nor solids can be compressed to any appreciable extent. 

The properties of the states can be understood on the molecular level 
(Figure 1.4). In a gas the molecules are far apart and are moving at high 
speeds, colliding repeatedly with each other and with the walls of the con- 
tainer. In a liquid the molecules are packed more closely together, but still move — 
rapidly, allowing them to slide over each other; thus, liquids pour easily. Ina | 

~ solid the molecules are held tightly together, usually in definite arrangements, 
in which.the molecules can wiggle only slightly in their otherwise fixed posi- . 
tions. Thus, solids have rigid shapes. 
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: ANIMATION |; 
: Phases of Matter 

_ Figure 1.4. The three physical 
' - states of water are water vapor, liquid 
Water, and ice. In this photo we see both 

- the liquid and solid states of water. We 

‘cannot see water vapor. What we see 
~when we look at steam or clouds is tiny 
droplets of liquid water dispersed in the 
atmosphere. The molecular views show 
that the molecules in the solid are 
arranged in a more orderly way than in 
the liquid. The molecules in the gas are 
much farther apart than those in the 
liquid or the solid.
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(a) Atoms of an element 

> Figure 1.6 Elements in percent by 
mass in (a) Earth’s crust (including 

oceans and atmosphere) and (b) the 

human body. 

  

(b) Molecules (c) Molecules (d) Mixture of elements 

of an element of a compound and a compounc. 

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

. of its components, shown in (d) as both atoms and molecules. 

- Pure Substances 

Most forms of matter that we encounter—for example, the air we breathe (a gas), 

gasoline for cars (a liquid), and the sidewalk on which we walk (a solid) —are not 
chemically pure. We can, however, resolve, or separate, these kinds of matter 
into different pure substances. A pure substance (usually referred to simply as 

‘a substance) is matter that has distinct properties and a composition that doesn’t 
vary from sample to sample. Water and ordinary table salt (sodium chloride), the 

" primary components of seawater, are examples of pure substances: ! 
_ All substances are either elements or.compounds. Elements: cannot be 
decomposed into simpler substances. On the molecular level, each elemer:t is ” 
composed of only one kind of atom [Figure.1.5(a and b) 4]. Compounds are 
substances composed of two or more elements, so they contain two or more 
kinds of atoms [Figure 1.5(c)]. Water, for example, is a compound composed of 
two elements, hydrogen and oxygen. Figure 1.5(d) shows a mixture of substances. 
Mixtures are combinations of two or more substances in which each substance 
retains its own chemical identity. “4 

Elements 

At the present time 114 elements are known. These elements vary widely in their 
abundance, as shown in Figure 1.6 ¥. For example, only five elements account 

for over 90% of the Earth’s crust: oxygen, silicon, aluminum, iron, and calcium. 
In contrast, just three elements (oxygen, carbon, and hydrogen) account for over 
90% of the mass of the human body. 

  

Aluminum 
Tron 75% Other Other 

4.7% 9.2% 
Calcium. NX /    

3.4% 

  
Earth’s crust Human body 

(a) | (b)



    TABLE 1.2 “Some eres Elements and Vise Sie = 

Carbon Cc Aluminum Al Copper Cu (from cupriunt) 

Fluorine F Barium Ba Iron Fe (from ferrut) 

Hydrogen H Calcium Ca Lead Pb (from plumbum) 

Iodine I Chlorine Cl Mercury Hg (from Inydrargyrium) 

Nitrogen N Helium He Potassium K (from kaliu) 

Oxygen O Magnesium Mg Silver Ag (from argentui) 

Phosphorus P Platinum Pt Sodium Na (from atrium) 

Sulfur S Silicon Si Tin Sn (from stan) 

1.2 Classifications of Matter 7 

  

Some of the more familiar elements are listed in Table 1.2 a, along with the 

chemical abbreviations—or chemical symbols—used to denote them. All the 

known elements and their symbols are listed on the front inside cover of this 

text. The table in which the symbol for each element is enclosed ina box is called 

the periodic table. In the periodic table the elements are arranged in vertical 

columns so that closely related elements are grouped together. We describe this 

important tool in more detail in Section 2.5. 

The symbol for each element consists of one or two letters, with the first let- 

ter capitalized. These symbols are often derived from the English name for the 

element, but sometimes they are derived from a foreign name instead (last col- 

umn in Table 1.2). You will need to know these symbols and to learn others as _ 

we encounter them in the text. 

Compounds 

Most elements can interact with other elements to form compounds. Hydrogen 

gas, for example, burns in oxygen gas to form water. Conversely, water can be 

decomposed into its component elements by passing an electrical current through 

it, as shown in Figure 1.7 ». Pure water, regardless of its source, consists of 11% 

hydrogen and 89% oxygen by mass. This macroscopic composition corresponds 

to the molecular composition, which consists of two hydrogen atoms combined 

with one oxygen atom. As seen in Table 1.3 W, the properties of water bear no 

resemblance to the properties of its component elements. Hydrogen, oxygen, . 

and water are each unique substances. 

The observation that the elemental composition of a pure compound is 

always the same is known as the law of constant composition (or the law of 

definite proportions). It was first put forth by the French chemist Joseph Louis 

Proust (1754-1826) in about 1800. Although this law has been known for 200 

years, the general belief persists among some people that a fundamental differ- 

ence exists between compounds prepared in the laboratory and the correspon- 

ding compounds found in nature. However, a pure compound has the same 

composition and properties regardless of its source. Both chemists and nature 

must use the same elements and operate under the same natural laws. When 

two materials differ in composition and properties, we know that they are com- 

posed of different compounds or that they differ in purity. 

TABLE 1.3 Comparison of Water, Hydrogen, and Oxygen     
  

Water Hydrogen Oxygen 

State* Liquid Gas Gas 
Normal boiling point 100°C =253°C —183°C 
Density* 1.00 g/mL 0.084 g/L 1.33 g/L 
Flammable No Yes No 
  

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

=a 

= Ss 
rT He 

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

volume of oxygen (on the left). 

x ANIMATION 

Electrolysis of Water
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(a) (b) 

b> Figure 1.8 (a) Many common materials, including rocks, are heterogeneous. This 
close-up photo is of malachite, a copper mineral. (b) Homogeneous mixtures are called 
solutions. Many substances, including the blue solid shown in this photo (copper sulfate), 
dissolve in water to form solutions. 

Mixtures 

Most of the matter we encounter consists of mixtures of different substances. 
Each substance in a mixture retains its own chemical identity and hence its own 
properties. Whereas pure substances have fixed compositions, the compositions 
of mixtures can vary. A cup of sweetened coffee, for example, can contain either 
a little sugar or a lot. The substances making up a mixture (such as sugar and 
water) are called components of the mixture. + ” 2G 

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

SAMPLE EXERCISE 1.1 

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

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

PRACTICE EXERCISE 

Aspirin is composed of 60.0% carbon, 4.5% hydrogen, and 35.5% oxygen by mass, 
regardless of its souree. Is aspirin a mixture or a compound? 
Answer: a compound because of its constant composition  
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A Figure 1.9 Classification scheme for matter. At the chemical level all matter is 

classified ultimately as either elements or compounds. 

1.3 Properties of Matter 
  

Every substance has a unique set of properties—characteristics that allow us to 

recognize it and to distinguish it from other substances. For example, the prop- 

erties listed in Table 1.3 allow us to distinguish hydrogen, oxygen, and water 

from one another. The properties of matter can be categorized as physical or 

chemical. Physical properties can be measured without changing the identity 

and composition of the substance. These properties include color, odor, densi- 

ty, melting point, boiling point, and hardness. Chemical properties describe 

the way a substance may change or react to form other substances. A common 

chemical property is flammability, the ability of a substance to burn in the pres- 

ence of oxygen. 

Some properties—such as temperature, melting point, and density—do not 

depend on the amount of the sample being examined. These properties, called 

intensive properties, are particularly useful in chemistry because many can be 

used to identify substances. Extensive properties of substances depend on the 

quantity of the sample and include measurements of mass and volume. Exten- 

sive properties relate to the amount of substance present. 

  

1.3 Properties of Matter 

ANIMATION. | 
Classification of Matter 

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

change to form water. 

(a) 

  

is 

hes 
= . 

   
Mixture of hydrogen arid oxygen Water 

Physical and Chemical Changes 

As with the properties of a substance, the changes that substances undergo can 
be classified as either physical or chemical. During physical changes a substa:ice 
changes its physical appearance, but not its composition. The evaporatio.: of 
“water is a physical change. When water evaporates, it changes from the liquid 
"State to the gas state, but it is still composed of water molecules, as depicted ear- 

lier in Figure 1.4. All changes of state (for example, from liquid to gas or from 
liquid to solid) are physical changes. _ f 

In chemical changes (also called chemical reactions) a substance is trans- 
formed into a chemically different substance. When hydrogen burns in air, for 
example, it undergoes a chemical change because it combines with“oxygen to 

" form water. The molecular-level view of this process is depicted in Figure 1.10 A. 
Chemical changes can be dramatic. In the account that follows, Ira Remsen, 

author of a popular chemistry text published in 1901, describes his first experi- 
ences with chemical reactions. The chemical reaction that he observed is shown 
in Figure 1.11 ¥. 

oe
 
t
h
r
e
 

fi
er
s 

tal
ien

ena
t   

    
  

  

  
A Figure 1.11 The chemical reaction between a copper penny and nitric acid. The 
dissolved copper produces the blue-green solution; the reddish brown gas produced is 
nitrogen dioxide.



While reading a textbook of chemistry, I came upon the statement “nitric acid acts 

upon copper,” and I determined to see what this meant. Having located some nitric 

acid, I had only to learn what the words “act upon” meant. In the interest of knowl- 

edge I was even willing to sacrifice one of the few copper cents then in my possession. 

I put one of them on the table, opened a bottle labeled “nitric acid,” poured some of 

the liquid on the copper, and prepared to make an observation. But what was this 

wonderful thing which I beheld? The cent was already changed, and it was no small 

change either. A greenish-blue liquid foamed and fumed over the cent and over the 

table. The air became colored dark red. How could I stop this? I tried by picking the 

cent up and throwing it out the window. I learned another fact: nitric acid acts upon 

fingers. The pain led to another unpremeditated experiment. I drew my fingers across 

my trousers and discovered nitric acid acts upon trousers. That was the most im- 

pressive experiment I have ever performed. I tell of it even now with interest. It was 

a revelation to me. Plainly the only way to learn about such remarkable kinds of ac- 

tion is to see the results, to experiment, to work in the laboratory. 

Separation of Mixtures 

Because each component of a mixture retains its own properties, we can sep- 

arate a mixture into its components by taking advantage of the differences in 

their properties. For example, a heterogeneous mixture of iron filings and gold 

filings could be sorted individually by color into iron and gold. A less tedious 

approach would be to use a magnet to attract the iron filings, leaving the gold . 

ones behind. We can also take advantage of an important chemical difference 

between these two metals: Many acids dissolve iron, but not gold. Thus, if we 

put our mixture into an appropriate acid, the iron would dissolve and the 

gold would be left behind. The two could then be separated by filtration, a . 

procedure illustrated in Figure 1.12 ‘v. We would have to use other chemical 

reactions, which we will learn about later, to transform the dissolved iron back 

into metal. ° 

We can separate homogeneous mixtures into their components in similar 

ways. For example, water has a much lower boiling point than table salt; it is 

more volatile. If we boil a solution of salt and water, the more volatile water evap- 

orates and the salt is left behind. The water vapor is converted back to liquid . 
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<< Figure 1.12 Separation by 
filtration. A mixture of a solid and a 
liquid is poured through a porous 
medium, in this case filter paper. The 
liquid passes through the paper while the 
solid remains on the paper. 

MOVIE 

Mixtures and Compounds 
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ANIMATION 

Distillation of Saltwater 

(9 movie 
Paper Chromatography of Ink 

  

   
    

Condenser 

      

  

Cold water in    

  

    

  

Receiving . 
flask ~ 

Pure water         
_ 4 Figure 1.13 A simple apparatus for the separation of a sodium chloride solution (salt 
water) into its components. Boiling the solution evaporates the water, which is condensed, 
then collected in the receiving flask. After all the water has boiled away, pure sodium 
chloride remains in the boiling flask. 

: 

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

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

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



  

A Closer Look The Scientific Method _ 

Chemistry is an experimental science. The idea of using exper- 
iments to understand nature seems like such a natural pattern 
of thought to us now, but there was a time, before the seven- 

teenth century, when experiments were rarely used. The 
ancient Greeks, for example, did not rely on experiments to 

test their ideas. 
Although two different scientists rarely approach the same 

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

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

the laws of nature, but rather that the laws of nature describe 

the behavior of matter. 
At many stages of our studies we may propose explana- 

tions of why nature behaves in a particular way. If a hypoth- 
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esis is sufficiently general and is continually effective in pre- 

dicting facts yet to be observed, it is called a theory or model. 

A theory is an explanation of the general principles of certain phe- 

nomena, with considerable evidence or facts to support it. For exam- 

ple, Einstein's theory of relativity was a revolutionary new 

way of thinking about space and time. It was more than just 

~a simple hypothesis, however, because it could be used to 

make predictions that could be tested experimentally. When 

these experiments were conducted, the results were general- 

ly in agreement with the predictions and were not explain- 

able by the earlier theory of space-time based on Newton's 

work. Thus, the special theory of relativity was supported, 
but not proven. Indeed, theories can never be proven to be 

absolutely correct. 
As we proceed through this text, we will rarely have the 

opportunity to discuss the doubts, conflicts, clashes of person- 

alities, and revolutions of perception that have led to our pres- 
ent ideas. We need to be aware that just because we can spell out 
the results of science so concisely and neatly in textbooks does 
not mean that scientific progress is smooth, certain, and pre- 
dictable. Some of the ideas we have presented in this text took 
centuries to develop and involved large numbers of scientists. 

We gain our view of the natural world _ standing on the shoul-. 

ders of the scientists who came before us..Take advantage of 

this view. As you study, exercise your imagination. Don’t be 

afraid to ask daring questions when they occur to you. You may 

be fascinated by what ‘you discover! 

  

| Obeervations and | 
F Y experiaients 

Find patterns, 

  

      

  

  ** trends, and laws - 
Theory 

      
  

  

      

  

  

  

  

  
  

A Figure 1.15 The scientific method is a general approach to problems that involves 

making observations, seeking patterns in the observations, formulating hypotheses to explain 

the observations, and testing these hypotheses by further experiments. Those hypotheses that 

withstand such tests and prove themselves useful in explaining and predicting behavior 

become known as theories. 

1.4 Units of Measurement 
  

Many properties of matter are quantitative; that is, they are associated with num- 

bers. When a number represents a measured quantity, the units of that quantity 

must always be specified. To say that the length of a pencil is 17.5 is meaning- 

less. To say that it is 17.5 centimeters (cm) properly specifies the length. The units 

used for scientific measurements are those of the metric system. 

The metric system, which was first developed in France during the late eigh- 

teenth century, is used as the system of measurement in most countries through- 

out the world. The United States has traditionally used the English system, 

although use of the metric system has become more common in recent years.
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A Figure 1.16 Metric measurements 
are becoming increasingly common in 

the United States, as exemplified by the 
volume printed on this container. 

  

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

SI Units 

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

1 eee et tae 

  

Physical Quantity Name of Unit Abbreviation 
  

Mass Kilogram kg 

Length Meter m 

Time Second ca 

Temperature Kelvin K 

Amount of substance Mole mol. 

Electric current Ampere A 

Luminous intensity Candela > ed 
  

*The abbreviation sec is frequently used. 

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

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

Length and Mass 

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

  

TABLE 1.5 Selected Prefixes Used in the Metric System 

  

  

Prefix Abbreviation Meaning Example 

Giga G 10° 1 gigameter (Gm) = 1X 10°m 

Mega M 10° 1 megameter (Mm) = 1 X 10°m 
Kilo k 103 1kilometer (km) =1X 103m 

Deci d 1071 1 decimeter (dm) =0.1m 
Centi c 10> Icentimeter (cm) = 0.01m 

Milli m to? 1 millimeter (mm) = 0.001 m 

Micro Te ioré 1 micrometer (um) = 1 X 10%m 
Nano n 10° 1nanometer(nm) =1X10°?m 

Pico Pp 19071? lpicometer (pm) = 1x 107?m 
Femto f 1o-® 1 femtometer (fm) = 1x 105m 
  

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



Mass* is a measure of the amount of material in an object. The SI base unit 

of mass is the kilogram (kg), which is equal to about 2.2 pounds (Ib). This base 

unit is unusual because it uses a prefix, kilo-, instead of the word gram alone. We 

obtain other units for mass by adding prefixes to the word gram. 

SAMPLE EXERCISE 1.2 

What is the name given to the unit that equals (a) 10° gram; (b) 10~* second; (c) 1077 

meter? 

Solution In each case we can refer to Table 1.5, finding the prefix related to each of the 

decimal fractions: (a) nanogram, ng; (b) microsecond, 4s; (c) millimeter, mm. 

PRACTICE EXERCISE 

(a) What decimal fraction ofa second is a picosecond, ps? (b) Express the measurement 

6.0 X 10° musing a prefix to replace the power of ten. (c) Use standard exponential 

notation to express 3.76 mg in grams. . 

Answers: (a) 107 second; (b) 6.0 km; (c) 3.76 X 10" ¢   
Temperature - 

We sense temperature as a measure of the hotness or coldness of an object. 

Indeed, temperature determines the direction of heat flow. Heat always flows | 

spontaneously from a substance at higher temperature to one at lower temper-. : 

ature. Thus, we feel the influx of energy when we touch a hot object, and we .- 

know that the object is ata higher temperature than our hand. 

The temperature scales commonly employed in scientific studies are the Cele. -- 

sius and Kelvin scales. The Celsius scale is also the everyday scale of tempera- 

ture in most countries (Figure 1.17 >). It was originally based on the assignment | 

of 0°C to the freezing point of water and 100°C to its boiling point at sea level 

(Figure 1.18 ¥). 

*Mass and weight are not interchangeable terms and are often incorrectly thought to be the same. The - 

weight of an object is the force that the mass exerts due to gravity. In space, where gravitational 

forces are very weak, an astronaut can be weightless, but he or she cannot be massless. In fact, the ~~ 

astronaut’s mass in space is the same as it is on Earth. 
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Australia fe 
Metric Conversion | Temperature 

  

‘A Figure 1.17 Many countries 
employ the Celsius temperature scale in 
everyday use, as illustrated by this 
Australian stamp. : 

{ Figure 1.18 Comparison of the 
Kelvin, Celsius, and Fahrenheit 

temperature scales.
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SAMPLE EXERCISE 1.3 

°F? ‘ 

Solution 

(a) Using Equation 1.1, we have 

(b) Using Equation 1.2, we have 

PRACTICE EXERCISE 

Answers: (a) 261.7 K; (b) 11.3°F   
1L =1 dm? = 1000 cm?     

lon = 

1mL 

> Ley cm 

~<— 10cm — 

=ldm 

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

1 L = 1 dm. Each cubic decimeter 

contains 1000 cubic centimeters, 

1 dm? = 1000 cm?. Each cubic 

centimeter equals a milliliter, 
Tom? = 1 mL. 

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

K = °C + 273.15 [1.1] 

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

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

5 9 °C = gle — 32) or °F= BC) + 32 [1.2] 

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

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

Derived SI Units 

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

Volume 

The volume of a cube is given by its length cubed, (length)°. Thus, the basic SI unit 
of volume is the cubic meter, or m°, the volume of a cube that is 1 m on each 
edge. Smaller units, such as cubic centimeters, cm? (sometimes written as cc), 
are frequently used in chemistry. Another unit of volume commonly used in 
chemistry is the liter (L), which equals a cubic decimeter, dm?, and is slightly 
larger than a quart. The liter is the first metric unit we have encountered that is 
not an SI unit. There are 1000 milliliters (mL) in a liter (Figure 1.19 4), and each 
milliliter is the same volume as a cubic centimeter: 1 mL = 1cm°*. The terms 
milliliter and cubic centimeter are used interchangeably in expressing volume.
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Graduated cylinder Syringe Buret Pipet Volumetric flask 

The devices used most frequently in chemistry to measure volume are illus- 

trated in Figure 1.20 &. Syringes, burets, and pipets deliver liquids with more 

accuracy than graduated cylinders. Volumetric flasks are used to contain spe- 

cific volumes of liquid. , oe 

Density 

Density is widely used to characterize substances. It is defined as the amount of - 

mass ina unit volume of the substance: 

.. .. mass 

Density = —olume 
The densities of solids and liquids are commonly expressed in units of grams 

per cubic centimeter (g/ cm?) or grams per milliliter (g/mL). The densities of 

some common substances are listed in Table 1.6 ¥. It is no coincidence that the _ 

density of water is 1.00 g/mL; the gram was originally defined as the mass of - 

1 mL of water at a specific temperature. Because most substances change vol- 

ume when heated or cooled, densities are temperature dependent. When report- 

ing densities, the temperature should be specified. We usually assume that the 

temperature is 25°C, close to normal room temperature, if no temperature is 

reported. 

  

  

Substance (g/cm*) 

Air 0.001 

Balsa wood 0.16 

Ethanol 0.79 

Water 1.00 

Ethylene glycol 1.09 
Table sugar 1.59 

Table salt 2.16 

Iron 79 

Gold 19.32 
  

[1.3] . | 
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Figure 1.20 Common devices 
used in chemistry laboratories for the 
measurement and delivery of volumes of 
liquid. The graduated cylinder, syringe, 
and buret are used to deliver variable 
volumes of liquid; the pipet is used to 
deliver a specific volume of liquid. The 
volumetric flask contains a specific 
volume of liquid when filled to the mark.
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Chemistry is a very lively, active field of science. Because it is 

so central to our lives, there are reports on matters of chemical 

significance in the news nearly every day. Some tell of recent 
breakthroughs in the development of new pharmaceuticals, 

materials, and processes. Others deal with environmental and 

public safety issues. As you study chemistry, we hope you will 

develop the skills to better understand the impact of chem- 
istry on your life. You need these skills to take part in public 

discussions and debates about matters related to chemistry that 
affect your community, the nation, and the world. By way of 
examples, here are summaries of a few recent stories in which 

chemistry plays a role. 

“Fuel Cells Produce Energy Directly 
from Hydrocarbons” 

The arrival of eleciric cars, such as the one in Figure 1.21 ¥,as 

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

Recently researchers at the University of Pennsylvania 
have demonstrated that more convenient, less-expensive, and 
potentially safer fuels, such as butane and diesel fuel, can be 

used directly to produce electricity in a newly designed fuel 
cell. Butane and diesel fuel are composed of hydrocarbons, mol- 
ecules containing just hydrogen and carbon atoms. The key to 
the new technology i is the development of a new electrode mate- 
rial for the fuel cell, one containing the element copper, which 

presumably helps catalyze the appropriate electrochemical reac- 
tions at the electrode. 

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

  
A Figure 1.21 Cutaway view of car powered by fuel cells. 

Chemistry at Work Chemistry in the News 

be resolved before it can become a commercial reality. Never- 

theless, several automobile companies have set their goal to 

have a fuel-cell powered automobile on the market by 2004 or 

shortly thereafter. 

“Adding Iron to the Ocean Spurs Photosynthesis” 

Microscopic plant life—phytoplankton—is scarce in certain 
parts of the ocean (Figure 1.22 ¥). Several years ago scientists 
proposed that this scarcity is caused by the lack of plant nutri- 
ents, primarily iron. Because phytoplankton take up carbon 
dioxide in photosynthesis, it was also proposed that relatively 
small amounts of iron distributed in appropriate regions of the 
oceans could reduce atmospheric carbon dioxide, thereby 
reducing global warming. If the phytoplankton sank to the bot- 
tom of the ocean when they died, the carbon dioxide would not 
return to the atmosphere when the microbes decomposed. 

Recently, studies have been conducted in which iron was 

added to surface waters of the southern ocean near Antarctica 
to studly its effect on phytoplankton. Adding iron resulted ina 
substantial buildup in the amount of phytoplankton and at least 
a short-term drop in the amount of carbon dioxide in the air 
immediately above them. These results were consistent with 

similar experiments performed earlier in the equatorial Pacific 
Ocean, confirming the hypothesis that iron is the limiting nutri- 
ent of these microorganisms in much of the dcean. Hower er, 
there was no increase in the amount of microbes sinking out of 
the top layer of ocean water. Thus, this procedure may be of no 
use for the long-term reduction of atmospheric carbon dioxide. 

“Nanotechnology: Hype and Hope” 

The past 15 years have witnessed an explosion of relatively 
inexpensive equipment and techniques for probing and manip- 

ulating materials on the nanometer-length scale. These capabili- 

ties hav e led to optimistic forecasts of futuristic nano- technologies 
including molecular-scale machines and robots that can manip- 

ulate matter with atomic precision. Many believe that such 

futuristic visions are mere hype, while others express the hope 

that they can be realized. 

  
A Figure 1.22 A color-enhanced satellite image of the global 
ocean, highlighting the distribution and concentration of 
phytoplankton. The red and orange regions nave the greatest 
concentration, whereas the light blue and dark purple have the 
least.
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Figure 1.23 A section of 
carbon nanotube. Each intersection 
in the network represents a carbon 
atom chemically joined to three 
others. 

    

  

Axis of nanotube 

Nanoscale materials do exhibit chemical and physical prop- 
erties from different bulk materials. For example, carbon can be 

made to form tubular structures as shown in Figure 1.23 A. 

These tubes, called nanotubes, resemble a cylindrical roll of 

chicken wire. When nanotubes are perfectly formed, they con- 
duct electricity like a metal. 

Scientists have learned that the electric and optical proper- 

ties of certain nanometer-size particles can be tuned by adjust- 
ing the particle size or shape. Their properties are therefore of 
interest for applications in optical data-storage devices and ultra- 
fast data communications systems. Although such applications 
are still years from commercial fruition, they nevertheless offer 
the promise of dramatically changing not only the size of elec- 
tronic devices, sensors and many other-items, but also the way 

they are manufactured. It suggests that such devices might be 
assembled from simpler, smaller components such as molecules 

and other nanostructures. This approach is similar to the one 

nature uses to construct complex biological architectures. 

“The Search for a Super-aspirin” 

Aspirin, introduced in 1899, was one of the first drugs ever 
developed and is still one of the most widely used. It is esti- 
mated that 20 billion aspirin tablets are taken each year in the 

United States. Originally intended to relieve pain and soothe 

aching joints and muscles, it has proven to be an immensely 

complicated medication with unexpected powers and limita- 
tions. It has been found to reduce the incidence of heart attacks 

  

and is effective in reducing the incidences of Alzheimer’s dis- 

ease and digestive tract cancers. At the same time, however, 

aspirin attacks the stomach lining, causing bleeding or even 

ulcers, and it often causes intestinal problems. 

One of the ways that aspirin works is by blocking an 

enzyme (a type of protein) called COX-2, which promotes 

inflammation, pain, and fever. Unfortunately, it also interferes 

with the COX-1, a related enzyme that makes hormones essen- 

tial for the health of the stomach and kidneys. An ideal pain 

reliever and anti-inflammatory agent would inhibit COX-2 but 

not interfere with COX-1. The shape of the aspitin molecule is 

shown in Figure 1. 24(a) V. Aspirin works by transferring part 

of its molecule, called the acetyl group, to COX-2, ‘thereby dis- 

abling it. A replacement for aspirin must retain this feature of 

the molecule, which is highlighted in Figure 1.24(a). The 

replacement should also retain ‘the general shape and size of 

the aspirin molecule, so that it fits into the apace t on the enzyme 

in the same way aspirin does. 

One promising variant of the aspirin molecule is shown in 

Figure 1.24(b). The changed portion consists of a sulfur atom 

(yellow) followed by a tail” of carbon atomis (black) and 

attached hydrogen atoms (white). This molecule is a potent 

COX-2 inhibitor that does not appear to affect COX-1. This and 

other “super-aspirin” molecules must pass tests of long-term 

safety before they can appear on the shelves at the drugstore, 

but in time they may replace aspirin and the other popular non- 

steroidal anti-inflammatory drugs. 

@ Figure 1.24 (a)A molecular model of 
aspirin, the highlighted portion of the molecule 
is transferred when aspirin deactivates the COX- 
2 enzyme. (b) Molecular model of a potential 
new “super-aspirin” whose molecular structure is 
related to that of aspirin.
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SAMPLE EXERCISE 1.4 

Solution 

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

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

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

Solving Equation 1.3 for mass and 

substituting the volume and den- 

sity of the cube we have 

PRACTICE EXERCISE 

of mercury (clensity = 13.6 g/mL)?   

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

(a) Calculate the density of mercury if 1.00 x 10° ¢ occupies a volume of 7.36 cm’. 
(b) Calculate the volume of 65.0 g of the liquid methanol (wood alcohol) if its density is 0.791 g/mL. 

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

Density < 58_ _ 100 x 10°g 136 g/m’ 

y volume 7.36 cm? . 
  

mass _—s_—«69.0g 

density 0.791 g/mL 
  Volume = = 82.2 mL 

‘Volume = (2.00 cm)? = (2.00)? cm? = 8.00 cm? 

Mass = volume X density = (8.00 cm*)(19.32 ¢/cm?) = 155 ¢ : 

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

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

1.5 Uncertainty in Measurement 
  

There are two kinds of numbers in scientific work: exact numbers (those whose 

values are known exactly) and inexact numbers (those whose values have some 
uncertainty). Most of the exact numbers have defined values. For example, 
there are exactly 12 eggs in a dozen, exactly 1000 g ina kilogram, and exact- 
ly 2.54 cm in an inch. Tike number 1 in any conversion factor between units, 
asin 1m = 100cmor1 kg = 2.2046 lb, is also an exact number. Exact num- 
bers can also result from counting numbers of objects. For example, we can 
count the exact number of marbles in a jar or the exact number of people in 
a classroom. 

Numbers obtained by measurement are always inexact. There are always 
inherent limitations in the equipment used to measure quantities (equipment 
errors), and there are differences in how different people make the same meas- 
urement (human errors). Suppose that 10 students with 10 different balances 
are given the same dime to weigh. The 10 measurements will vary slightly. 
The balances might be calibrated slightly differently, and there might be dif- 

ferences in how each student reads the mass from the balance. Counting very 
large numbers of objects usually has some associated error as well. Consid- 
er, for example, how difficult it is to obtain accurate census information for 
a city or vote counts for an election. Remember: Lincertainties always exist in 
measured quantities.



  

Good accuracy Poor accuracy Poor accurac 
Good precision Good precision Poor precision 

Precision and Accuracy 

The terms precision and accuracy are often used in discussing the uncertainties 
of measured values. Precision is a measure of how closely individual measure- 
ments agree with one another. Accuracy refers to how closely individual meas- 
urements agree with the correct, or “true,” value. The analogy of darts stuck in 
a dartboard pictured in Figure 1.25 A illustrates the difference between these 
two concepts. 

In the laboratory we often perform several different “trials” of the same 
experiment. We gain confidence in the accuracy of our measurements if we obtain 
nearly the same value each time. Figure 1.25 should remind us, however, that pre- 
cise measurements can be inaccurate. For example, if a very sensitive balance is 
poorly calibrated, the masses we measure will be consistently either high or low. 
They will be inaccurate even if they are precise. 

Significant Figures 

Suppose you weigh a dime on a balance capable of measuring to the nearest 
0.0001 g. You could report the mass as 2.2405 + 0.0001 g. The + notation (read 
“plus or minus”) expresses the uncertainty of a measurement. In much scientif- 
ic work we drop the + notation with the understanding that an uncertainty of 
at least one unit exists in the last digit of the measured quantity. That is, measured | 
quantities are generally reported in such a way that only the last digit is uncertain. 

Figure 1.26 ® shows a thermometer with its liquid column between the scale 
marks. We can read the certain digits from the scale and estimate the uncertain 
one. From the scale marks, we see that the liquid is between the 25°C and 30°C 

marks. We might estimate the temperature to be 27°C, being somewhat uncer- 
tain of the second digit of our measurement. 

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

SAMPLE EXERCISE 1.5 

What is the difference between 4.0 g and 4.00 g? 

Solution Many people would say there is no difference, but a scientist would note 
the difference in the number of significant figures in the two measurements. The value 
4.0 has two significant figures, while 4.00 has three. This implies that the first meas- 
urement has more uncertainty. A mass of 4.0 g indicates that the mass is between 3.9 
and 4.1 g; the mass is 4.0 + 0.1 g. A measurement of 4.00 g implies that the mass is 
between 3.99 and 4.01 g; the mass is 4.00 + 0.01 g. 

PRACTICE EXERCISE 

A balance has a precision of +0.001 g. Asample that weighs about 25 g is weighed on 
this balance. How many significant figures should be reported for this measurement? 
Answer: 5, as in the measurement 24.995 g   
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< Figure 1.25 The distribution of 
darts on a target illustrates the difference 

between accuracy and precision. 
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A Figure 1.26 A thermometer whose 

markings are shown only every 5°C. The 
temperature is between 25°C and 30°C 
and is approximately 27°C. 

ACTIVITY 
Significant Figures 

 



22 Chapter 1 Introduction: Matter and Measurement 

In any measurement that is properly reported, all nonzero digits are signif- 
icant. Zeros, however, can be used either as part of the measured value or mere- 

ly to locate the decimal point. Thus, zeros may or may not be significant, 
depending on how they appear in the number. The following guidelines describe 
the different situations involving zeros: 

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

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

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

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

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

1.03 X 10*¢ (three significant figures) _ 

1.030 X 10*g ~ (four significant figures) 

1.0300 x 10* ¢ (five significant figures) | 

In these numbers all the zeros to the right of the decimal point are i significant 
(rules 1 and 3). (All significant figures come before the exponent; the exponen- 

tial term does not add to the number of significant figures.) 

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

SAMPLE EXERCISE 1.6 

How many significant figures are in each of the following numbers (assume that each 

number is a measured quantity): (a) 4.003; (b) 6.023 x 1073; (c) 5000? 

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

PRACTICE EXERCISE 

How many significant figures are in each of the following measurements: (a) 3.549 g; 

(b) 2.3 X 10cm; (c) 0.00134 m3? 
Answers: (a) four; (b) two; (c) three   

Significant Figures in Calculations 

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

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



involves addition and subtraction. In multiplication and division the result must be 

reported with the same number of significant figures as the measurement with the fewest 

significant figures. When the result contains more than the correct number of sig- 

nificant figures, it must be rounded off. 

For example, the area of a rectangle whose measured edge lengths are 

6.221 cm and 5.2 cm should be reported as 32 cm? even though a calculator shows 

the product of 6.221 and 5.2 to have more digits: 

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

We round off to two significant figures because the least precise number—5.2 

cm—has only two significant figures. 

In rounding off numbers, look at the leftmost digit to be dropped: 

1. Ifthe leftmost digit to be removed is less than 5, the preceding number is left 

unchanged. Thus, rounding 7.248 to two significant figures gives 7.2. 

2. If the leftmost digit to be removed is 5 or greater, the preceding number is 

increased by 1. Rounding 4.735 to three significant figures gives 4.74, and 

rounding 2.376 to two significant figures gives 2.4." 

The guidelines used to determine the number of significant figures in addi- 

tion and subtraction are different from those for multiplication and division. In 

addition and subtraction the result can have no more decimal places than the measure- 

ment with the fewest number of decimal places. In the following example the uncer- 

tain digits appear in color: 

This number limits 20.4 <—one decimal place 

the number of significant 1.322 <— three decimal places . 

figures in the result —» . 83 <— zero decimal places 

104.722 — round off to 105 
(zero decimal places) 

SAMPLE EXERCISE 1.7 

The width, length, and height of a small box are 15.5 cm, 27.3 cm, and 5.4 cm, respec- 

in your answer. 

Solution The volume of a box is determined by the product of its width, length, and 

height. In reporting the product, we can show only as many significant figures as given 

in the dimension with the fewest significant figures, that for the height (two significant 

figures): 

Volume = width x length x height 

= (15.5 cm)(27.3 cm)(5.4cm) = 2285.01 cm? = 2.3 x 103 cm? 

When using a calculator, the display first shows 2285.01, which we must round off to 

two significant figures. Because the resulting number is 2300, it should be reported in 

standard exponential notation, 2.3 X 10°, to clearly indicate two significant figures. 

Notice that we round off the result at the end of the calculation. 

PRACTICE EXERCISE 

It takes 10.5 s for a sprinter to run 100.00 m. Calculate the average speed of the sprint- 

er in meters per second, and express the result to the correct number of significant 

figures. , 
Answer: 9.52 m/s (3 significant figures)   

*Your instructor may wish you to use a slight variation on the rule when the leftmost digit to be 

removed is exactly 5, with no following digits or only zeros. One common practice is to round up to 

the next higher number if that number will be even, and down to the next lower number otherwise. 

Thus, 4.7350 would be rounded to 4.74, and 4.7450 would also be rounded to 4.74. 

1.5 Uncertainty in Measurement 

tively. Calculate the volume of the box using the correct number of significant figures . . ° 
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SAMPLE EXERCISE 1.8 

Agas at 25°C fills a container prev iously determined to have a volume of 1.05 X 10° cm?. The container plus gas are weighed 
and found to have a mass of 837.6 g. The container, when emptied of all gas, has a mass of §36.2 g. What is the density of the 
gas at 25°C? 

Solution 

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

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

th ‘ Density mass 14g 
Using the volume given in the question, . Density = wolinae and , e : 
1.05 x 10° cm3, and the definition of - youu . 1.05 * LO ce 
density, we have 1.3 X 10° g/cm? = 0.0013 g/cm? ll 

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

PRACTICE EXERCISE 

To how many significant figures should the mass of the container be measured (with and without the gas) in Sample Exercise 1.8 
in order for the density to be calculated to three significant figures? i 
Ansziver: 5 (In order for the difference in the two masses to have three significant figures, there must be two decimal places i in the 
masses of the filled and empty containers.)   

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

1.6 Dimensional Analysis 
  

Throughout the text we use an approach called dimensional analysis as an aid 
in problem solving. In dimensional analysis we carry units through all calcula- 
tions. Units are multiplied together, divided into each other, or “canceled.” 
Dimensional analysis will help ensure that the solutions to problems yield the 
proper units. Moreover, dimensional analysis provides a systematic way of solv- 
ing many numerical problems and of checking our solutions for possible errors. 

The key to using dimensional analysis is the correct use of conversion fac- 
tors to change one unit into another. A conversion factor is a fraction whose 
numerator and denominator are the same quantity expressed in different units. 
For example, 2.54 cm and 1 in. are the same length, 2.54 cm = 1 in. This rela- 
tionship allows us to write two conversion factors: 

_ 2.54 em lin. 

lin, *" 254cm



We use the first of these factors to convert inches to centimeters. For exam- 

ple, the length in centimeters of an object that is 8.50 in. long is given by 

Desired unit 

2.54 
a = 21.6 cm 
lav 

\ 

Number of centimeters = (8.50 iz”) 

Given unit 

The units of inches in the denominator of the conversion factor cancel the units 

of inches in the given data (8.50 inches). The centimeters in the numerator of the 

conversion factor become the units of the final answer. Because the numerator 

and denominator of a conversion factor are equal, multiplying any quantity by 

a conversion factor is equivalent to multiplying by the number 1 and so does 

not change the intrinsic value of the quantity. The length 8.50 in. is the same as 

21.6 cm. 
In general, we begin any conversion by examining the units of the given 

data and the units we desire. We then ask ourselves what conversion factors we 

have available to take us from the units of the given quantity to those of the 

desired one. When we multiply a quantity by a conversion factor, the units mul- 

tiply and divide as follows: 

Geverrumt x ™ O " gisrercunit 

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

= desired unit 

been made somewhere. Careful inspection of units often reveals the source of the 4 

error. 

SAMPLE EXERCISE 1.9 

If a woman has a mass of 115 lb, what is her mass in grams? (Use the relationships 

between units given on the back inside cover of the text.) 

Solution Because we want to change from lb to g, we look for a relationship between 

these units of mass. From the back inside cover we have 1 Ib = 453.6 g. In order to 

cancel pounds and leave grams, we write the conversion factor with grams in the nu- 

merator and pounds in the denominator: 

453.6 g 
Mass in grams = (115 I)| ———- = 5.22 x 107 

e) Ban UG 

The answer can be given to only three significant figures, the number of significant fig- 

ures in 115 Ib. 

PRACTICE EXERCISE 

By using a conversion factor from the back inside cover, determine the length in kilo- 

meters of a 500.0-mi automobile race. 
Answer: 804.7 km   

  

Strategies in Chemistry Estimating Answers 
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A friend once remarked cynically that calculators let you get 

the wrong answer more quickly. What he was implying by that 

remark was that unless you have the correct strategy for solv- 

ing a problem and have punched in the correct numbers, the 
answer will be incorrect. If you learn to estimate answers, how- 
ever, you will be able to check whether the answers to your cal- 

culations are reasonable. 
The idea is to make a rough calculation using numbers that 

are rounded off in such a way that the arithmetic can be easily 

performed without a calculator. This approach is often referred 

to as making a “ball-park” estimate, meaning that while it 

doesn’t give an exact answer, it gives one that is roughly of the 

right size. By working with units using dimensional analysis 

and by estimating answers, we can readily check the reason- 

ableness of our answers to calculations.
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Given: ' 

Find: 

  7 

Use | lcm= 1072 m 
SZ 
  

  
cm     

T 
ia ps 
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in.     

Using Two or More Conversion Factors 

It is often necessary to use more than one conversion factor in the solution of 
a problem. For example, suppose we want to know the length in inches of an 
8.00-m rod. The table on the back inside cover doesn’t give the relationship 
between meters and inches. It does give the relationship between centimeters 
and inches (1 in. = 2.54 cm), though, and from our knowledge of metric pre- 
fixes we know that 1 cm = 107m. Thus, we can convert step by step, first 
from meters to centimeters, and then from centimeters to inches as diagrammed 

in the column. 

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

100 -ext. lin. 
Number of inches = (8.00 mr) ae (=) = 315 in. 

The first conversion factor is applied to cancel meters and convert the length 
to centimeters. Thus, meters are written in the denominator and centimeters in 

the numerator. The second conversion factor is written to cancel centimeters, 

. 80 it has centimeters in the denominator and inches, the desired unit, in the 

numerator. 

SAMPLE EXERCISE 1.10 

The average speed of a nitrogen moleruls i in air at 25°C is 515 m/s. Can ert this speed 
to miles per hour. ‘ 

Solution To go from the given units, m/s, to the desired units, mi/hr, we © must con- 
vert meters to miles and seconds to hours. From the relationships given on the back 
inside cover of the book, we find that 1 mi = 1.6093 km. From our knowledge of met- 

ric prefixes we know that 1 km = 103 m. Thus, we can convert m to km and ‘then con- 
vert km to mi. From our knowledge of time we know that 60s = 1 min and 60 min = 
1 hr. Thus, we can convert s to min and then convert min to hr. 

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

1 

Speed in mi/t = (sos \ (Est (= tnt Y( cos \ (Soa) 
eee Pg /\ 403 mm / 1.6093 ka JT amit J ir 

= 1.15 X 10° mi/hr 

  

Our answer has the desired units. We can check our calculation using the estimating 
proceclure described in the previous “Strategies” box. The given speed is about 500 m/s. 
Dividing by 1000 converts m to km, giving 0.5 km/s. Because 1 mi is about 1.6 km, 
this speed corresponds to 0.5/1.6 = 0.3 3 mi/s. Multiplying by 60 gives about 
0.3 X 60 = 20 mi/min. Multiplying again by 60 gives 20 X 60 = 1200 mi/hr. The 
approximate solution (about 1200 mi/hr) and the detailed solution (1150 mi/hr) are 
reasonably close. The answer to the detailed solution has three significant figures, cor- 
responding to the number of significant figures in the given speed i in m/s. 

PRACTICE EXERCISE 

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

Conversions Involving Volume 

The conversion factors previously noted convert from one unit of a given meas- 
ure to another unit of the same measure, such as from length to length, We also 

have conversion factors that convert from one measure to a difterent one. The 
density of a substance, for example, can be treated as a conversion factor between 
mass and volume. Suppose that we want to know the mass in grams of two cubic



inches (2.00 in.3) of gold, which has a density of 19.3 g/ cm, The density gives us 
the following factors: 

19.3 ¢ 1 cm? 

1 cm? 19.3 ¢ 

    

Because the answer we want is a mass in grams, we can see that we will use the 

first of these factors, which has mass in grams in the numerator. To use this fac- 
tor, however, we must first convert cubic inches to cubic centimeters. The rela- 

tionship between in.? and cm? is not given on the back inside cover, but the 
relationship between inches and centimeters is given: 1 in. = 2.54 cm (exactly). 
Cubing both sides of this equation gives (1 in.)? = (2.54 cm)? from which we 

write the desired conversion factor: 

(2.54cm)? — (2.54)?cm? 16.39 cm? 

(1 in.)® (1)? in? Lin3 
  

Notice that both the numbers and the units are cubed. Also, because 2.54 is an 

exact number, we can retain as many digits of (2.54)° as we need. We have used 

four, one more than the number of digits in the density (19.3 g/ cm), Applying 
our conversion factors, we can now solve the problem: 

16.39 en™\(19.3g\ _ 
1 in rane) = 8 

  Mass in grams = (2.00 in?)( 

The final answer is reported to three significant figures, the same number of sig- 7 
nificant figures as is in 2.00 and 19.3. 

SAMPLE EXERCISE 1.11 

What is the mass in grams of 1.00 gal of water? The density of water is 1.00 g/mL. 

Solution Before we begin solving this exercise, we note the following: 

1. Weare given 1.00 gal of water. 

2. We wish to obtain the mass in grams. 

3. We have the following conversion factors either given, commonly known, or avail- 
able on the back inside cover of the text: 

1.00 g water 1L 1L 1 gal 

1 mL water 1000 mL 1.057 qt 4 qt 
    

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

, 4 gt 1k 1000 mic \ / 1.00 g 
Mass in grams = (.00 gar)( (4 all TE \() 

oO . . 

  

= 3.78 X 10° g water 

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

PRACTICE EXERCISE 

(a) Calculate the mass of 1.00 qt of benzene if it has a density of 0.879 g/mL. 
(b) If the volume of an object is reported as 5.0 f°, what is the volume in cubic meters? 

Answers: (a) 832 g; (b) 0.14 m?   
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If you’ve ever played a musical instrument or participated in 
athletics, you know that the keys to success are practice and 
discipline. You can’t learn to play a piano merely by listen- 
ing to music, and you can’t learn how to play basketball 

merely by watching games on television. Likewise, you can’t 
learn chemistry by merely watching your instructor do it. 
Simply reading this book, listening to lectures, or reviewing 
notes will not usually be sufficient when exam time comes 

around, Your task is not merely to understand how someone 
else uses chemistry, but to be able to do it yourself. That takes 
practice on a regular basis, and anything that you have to do 
on a regular basis requires self-discipline until it becomes a 

habit. : 

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

Summary and Key Terms 

2 aN Strategies in Chemistry The Importance of Practice 

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

The practice exercises in this text and the homework 
assignments given by your instructor provide the minimal prac- 
tice that you will need to succeed in your chemistry course. 
Only by working all the assigned problems will you face the 
full range of difficulty and coverage that your instructor expects 
you to master for exams. There is no substitute for a determined 
and perhaps lengthy effort to work problems on your own. If 
you do get stuck on a problem, however, get help from your 
instructor, a teaching assistant, a tutor, or a fellow student. 

Spending an inordinate amount of time on a single exercise is 
rarely effective unless you know that it is particularly chal- 
lenging and requires extensive thought and effort. 

  

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

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

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

The scientific method is a dynamic process used to 
answer questions about our physical world. Observations 
and experiments lead to scientific laws, general rules that 

summarize how nature behaves. Observations also lead 
to tentative explanations or hypotheses: As a hypothesis 
is tested and refined, a theory may be developed. 

Section 1.4 Measurements in chemistry are-made using 
the metric system. Special emphasis is placed on a partic- 
ular set of metric units called SI units, which are based on 
the meter, the kilogram, and the second as the basic units 

of length, mass, and time, respectively. The metric system 

employs a set of prefixes to indicate decimal fractions or 
multiples of the base units. The SI temperature scale is the 
Kelvin scale, although the Celsius scale is frequently used 
as well. Density is an important property that equals mass 
divided by volume. 

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

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




