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			INTRODUCTION

			Look around for a moment. What do you see? A painted wall? Is it made of plaster? Or laminated plywood? Or bonded panelboard? Is there a photograph hanging on it? Or a lithographed print? Or an oil painting? Do you see a glass window with synthetic wood shutters or with rayon drapes? Is that table by the wall varnished, stained, or coated with shellac? Are your chairs in leather or vinyl? What metal is that lamp made of?

			Look at your clothes. What kinds of dyes produced those colors? Are your clothes fade resistant, stain-resistant, or permanent press? Will bleach turn them white or yellow them? What do the cleaners use to clean clothes? What detergent do you use in your washing machine? Are the soles of your shoes leather or synthetic material? Do you have a plastic raincoat?

			Look at your kitchen, with its stainless steel appliances and ceramic tile floor. Does your cooktop burn gas? Or does electricity pass through metal or ceramic elements to produce heat for cooking? Is your kitchen table surface varnished wood or glass? Is it set with ironstone dishes? Are your eating utensils made of an alloy called sterling silver? Or of another alloy called stainless steel? Or are the utensils silver-plated?

			As you look around, it rapidly becomes apparent that practically everything you can see is either a product from some chemical industry or has in some way been treated by chemicals. Even the ink and paper of this page are chemical products. Many of your drugs and foods are either prepared in chemical laboratories or analyzed by chemists for purity and safety.

			Even the human body is an astounding chemical factory. It is so complex that chemists have barely begun to understand the secrets of the many strange and wonderful processes that take place within it. The body is made up of chemicals that grow! Perhaps just as remarkable, some of those chemicals grow just so far and then seem to stop. Of course, all living things contain chemicals that grow, but the fundamental differences between things that are alive and things that are inanimate still await explanation by scientists.

			Given this chemical complexity, it is little wonder, then, that people are curious about this branch of science that affects their daily lives. As the products of chemistry become even more numerous, people need a basis for selecting the products that best suit their needs. For example, choosing a suitable motor oil for their cars, or safe pesticides for their gardens, makes people aware that an understanding of chemistry will help them deal more effectively with those questions.

			Chemistry Made Simple was written to give you a basic understanding of chemistry, whether you are a student taking your first chemistry course or simply someone wanting to learn a bit more about the chemical world around you. The book is divided into 26 chapters, each covering a specific aspect of chemistry. The chapters incorporate simple experiments that you can do at home to give you a hands-on experience with chemistry. These experiments require no special laboratory environment—a kitchen will do just fine—and no toxic chemicals are involved; however, you must be careful when doing these experiments—and always wear your safety goggles.

			Chapter 1 is a brief introduction to chemistry and its place in science. You will learn about the scientific method and the Système International (SI), or international system, of measurements used by scientists. You will also be given some tips on working chemistry problems.

			In Chapter 2 you will learn about the physical and chemical properties of matter, and you will encounter one way to classify matter— as an element, a compound, or a mixture. Finally, you will be shown the general types of chemical reactions that you are likely to encounter in your study of chemistry.

			Chapter 3 introduces you to the world of matter and models of matter. You will learn about the atom and the particles that are contained within it, and you will be introduced to the periodic table, that marvelous classification system that chemists (and chemistry students) use daily.

			Chapter 4 discusses chemical bonding. You will learn the two general types of bonding—ionic and covalent—and how to write the formulas for such compounds. You will also learn how to name them.

			Chapter 5 covers some of the laws of chemistry. You will learn how to write chemical equations and mass relationships in chemical reactions, and you will be shown how to find the answers to two important questions: How much will it take, and how much can I make?

			Chapter 6 focuses on the gaseous state of matter. We will look at the temperature– pressure–volume–amount relationships in real gases and study the models used in the study of the world of gases. You will learn to use the combined gas equation and ideal-gas equation in gas-law calculations.

			Chapter 7 covers the other two states of matter, liquids and solids. You will learn what happens when matter goes from one state to another as well as the structures found in the liquid and solid states.

			Chapter 8 focuses on the mixtures that we call solutions. You will learn ways of expressing the concentrations of solutions as well as some of the unique properties of solutions.

			Chapter 9 is another chapter on solutions, but especially solutions of salts and similar substances. You will examine the properties of acids and bases in this chapter, and you will be introduced to the pH concept.

			Chapters 10 and 11 discuss chemical reactions that involve electron exchange. In Chapter 10, redox reactions are introduced, and you will learn how to balance those equations. Chapter 11 focuses on a specific application of redox reactions, the kinds that occur in electrochemical cells. You will learn the difference between a cell and a battery and will learn how to calculate the voltage produced by a given cell.

			Chapter 12 focuses on the gases contained in the atmosphere, such as nitrogen and oxygen, and touches on air pollution, the topic of Chapter 25.

			Chapters 13 through 21 examine the properties of various families of elements, giving the occurrence, preparation, physical and chemical properties, uses, and important compounds of the members of these families. Along the way you will learn a little about such topics as metallurgy, the making of steel, and photography.

			Chapter 22 focuses on the chemistry of just one element, carbon. This chapter on organic chemistry discusses the different classes of organic compounds and introduces polymers.

			Chapter 23 focuses on nuclear chemistry. You will learn about the different types of nuclear reactions and the radiation they produce. The discussion of fusion reactions explains why they hold great promise for meeting humankind’s future energy needs.

			Chapter 24 then presents the chemistry of energy. You will learn about the sources of energy, both renewable and nonrenewable, and why scientists are studying alternative sources of energy.

			Chapter 25 discusses the chemistry of the environment and related topics like air pollution, heavy-metal contamination, water pollution, thermal pollution, and radioactive waste disposal.

			Chapter 26 focuses on the chemistry of living organisms, specifically the building blocks of the human body—proteins, carbohydrates, fats, and nucleic acids—and ends with a brief look at biotechnology.

			In most chapters you will find at least one set of problems. If you are taking a chemistry course, be sure to do the problems; chemistry is not a spectator sport! To learn to do chemistry problems, you need to practice.

			When I was in school, I loved chemistry. Seeing one substance change into another was magical to me. I wanted to know why and how the transformation occurred. After more than 30 years of teaching, I am still amazed by chemistry. I hope that in using this book you not only learn something about chemistry but also gain a sense of wonder and excitement about what we chemists call the central science.

		

	
		
			
					CHAPTER

        1
					  
					SCIENCE AND CHEMISTRY
			

		

		




		KEY TERMS

		
			matter, phenomenon, hypothesis, theory, law, mass, weight, Système International d’Unités (SI)

		

		Science is knowledge gained from the study of the behavior of nature. Chemistry is that branch of science that deals with the composition of all forms of matter and with the change of one form of matter into another. (Matter is anything that takes up space.) Chemistry is concerned not only with what is, and what happens, in nature, but also with how changes take place. It is this knowledge of how change occurs that leads to our ability to control such changes by

		
				
				imitating them to make greater quantities of better products;



				

				
				using them as clues to find new processes and to create new products; and



				

				
				inhibiting them to preserve useful products.



				

		

		
			Science is knowledge gained from the study of the behavior of nature.


			Chemistry is that branch of science that deals with the composition of all forms of matter and with the change of one form of matter into another.

		

		THE SCIENTIFIC METHOD

		In all branches of science, including chemistry, knowledge is obtained fundamentally by careful observation of the behavior of nature. A particular natural event is called a phenomenon. Scientists, in seeking an understanding of how a phenomenon takes place, first use their training and background to offer a possible explanation of what is happening. That “best guess” explanation is called a hypothesis. Scientists then undertake a series of experiments in which they permit the phenomenon to occur repeatedly under carefully controlled conditions. Based on these experiments, scientists gather evidence (observations or facts) that either supports the hypothesis or causes it to be rejected or modified. This cycle— hypothesis, experimentation, and hypothesis modification—continues repeatedly. In fact, in good science, it never stops. As scientists develop new and better ways of extending their senses, allowing them to make increasingly better observations, they constantly check their old hypotheses and modify them as needed.

		When the weight of evidence seems to indicate that a hypothesis is sound, scientists then announce their findings as a theory, a hypothesis that has withstood the test of time. If the theory is subsequently proven to be a nonvarying phenomenon in nature, scientists are said to have discovered a natural law. Theories and laws are then applied to other phenomena to increase understanding of them and to adapt them to refine or to create products for human use.

		[image: ]

		In the early days of chemistry, it was common for one person to carry out this entire process alone. The contributions of early chemists to our knowledge and understanding of nature were monumental, yet because of the limitations of the conditions under which chemists worked, erroneous theories and even false laws were generally accepted for a time. As the number of skilled scientists increased, errors became less common, and knowledge of nature rapidly unfolded. It is now much more common for teams of skilled chemists to work together on a single project, with each member contributing to the solution of the problem from his or her own special background. The work of these teams is called research. Basic research is concerned both with the checking and rechecking of apparently sound theories and with the persistent search for deeper understanding of the behavior of nature. Applied research, in contrast, is concerned with the application of scientific knowledge to the development of new and better products for consumers.

		Scientists believe that no single theory or law represents absolute truth. Rather, they feel that each new discovery brings them nearer to truth, so they are always ready to modify their concept of the behavior of nature if/when new evidence emerges. Thus, scientific progress can be described as:

		Careful observation+Persistent search for meaning+Intelligent thought → Progress

		This equation represents the scientific method to approaching problems that has been credited with the tremendous growth of science in the past three centuries.

		
			Although the scientific method is responsible for many great discoveries, serendipity also has played a part in the advancement of humankind’s knowledge. Serendipity is an accidental, fortuitous discovery. For example, Teflon®, microwave cooking, Post-it notes, and many other products and processes were discovered by accident; however, it takes a well-trained scientist, with an open and inquiring mind, to take full advantage of luck.

		

		Just as observation is the starting point that leads to new scientific discoveries, so can it serve as a springboard for studying a field of science.



		TRIVIA: The first synthetic dye was created by an 18-year-old British chemistry student, William Perkin, in 1856. Perkin, who was home from school for Easter, was trying to make quinine in his home lab but instead made a purple dye. With the financial backing of his parents, Perkin built a factory to make this dye and became successful and wealthy. The Germans used many of Perkin’s ideas and techniques to build the world’s first extensive chemical industry.

		MEASUREMENT

		One of the basic components of observation is measurement. Modern science simply did not exist until people learned to measure precisely such quantities as distance, volume, weight, temperature, pressure, and time. The invention of suitable devices for measuring these quantities not only enabled scientists to gather quantitative data but also permitted the use of mathematics for evaluating their observations.

		In the case of chemistry, the invention of the balance was a critical development because it could be used to demonstrate the most important fact discovered to that time—namely, that all changes in nature from one form to another take place on a definite weight or mass basis. Until this relationship was recognized, there simply was no science of chemistry. (We explain the difference between mass and weight in the next section.)

		SYSTÈME INTERNATIONAL D’UNITÉS (SI)

		Just as the behavior of nature is independent of national boundaries, so science, the study of natural behavior, is international in scope. The international system of units, or Système International d’Unités (abbreviated SI), adopted in 1960, is a standardized system of weights and measures used all over the world for scientific work. Prior to the adoption of the SI, the earliest measurements were based on dimensions of the body, such as the foot, inch, and cubit. The metric system was adopted by most scientists in the eighteenth century. The metric system is convenient to use because all units are based on powers of 10. The SI established certain basic metric units, and units derived from them, as preferred units to be used in scientific measurements. SI units mean the same thing to all scientists. The English system of units (feet, pounds, slugs, gallons, miles, etc.) is still used in the United States, even though the metric system has been formally adopted.

		The fundamental SI unit of length is the meter, which is about 3.28 feet, or about 10 percent longer than a yard. The meter was first defined as one ten-millionth of the distance from the equator to the North Pole. A bar of platinum–iridium alloy was inscribed with two marks 1 meter apart. This bar was carefully preserved at Sèvres, France, near Paris. This definition changed with the onset of improved technology when it was discovered that the distance from the equator to the North Pole was not precise enough for universal applications. The meter is currently defined as the distance traveled by a ray of electromagnetic (EM) energy in a vacuum in 1/299,792,458 of a second. As with all scientific and mathematical units, measurements are standardized for universal use and conversion, and then they are modified and made more precise as new technologies are developed.

		The SI uses the following seven base units (and their symbols) for measurement:

		length: meter (m)

		mass: kilogram (kg)

		time: second (s)

		electric current: ampere (A)

		thermodynamic temperature: kelvin (K)

		amount of substance: mole (mol)

		luminous intensity: candela (cd)

		The measures we will use most often in our exploration are length, mass, and amount of substance. 



		NOTE: The kilogram is the SI base unit for mass. This unit is an exception among base units, because it carries a prefix (“kilo”).

		The liter (L), although not an SI base unit, is for liquid measure. A cubic centimeter (abbreviated cm3 or cc) is, for all practical purposes, the same volume as a milliliter (mL), and 1000 milliliters equals one liter. A liter is slightly larger than a quart; it is equal to 1.0567 quarts. One milliliter of water at 4.08°C (39.2°F) has a mass of 1 gram. A nickel coin has a mass of about 5 grams.

		Mass is proportional to weight. You will often hear the term “weight” when the actual quantity being measured is mass. Mass refers to the amount of matter in a body, whereas weight refers to the gravitational attraction of Earth on the body. The original meaning of weight, still in general use today, is equivalent to mass. A definition common in scientific studies uses weight for a particular kind of force. To understand the differences between mass and weight, note the following comparisons:

		
				
				Mass is a measurement of the amount of matter an object contains; weight is the measurement of the pull of gravity on that object.



				

				
				Mass is measured by comparing a known amount of matter with an unknown amount of matter. Weight is measured with a scale.



				

				
				The mass of an object does not change when an object’s location changes. Weight, however, does change with location, when the location change brings about a change in gravitational attraction.
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		Table 1.1 lists the prefixes that are used with units in the SI system. For example, the prefix milli (m) means 0.001. Thus, we can have a millimeter (0.001 meter) or a milliliter (0.001 liter) or a millisecond (0.001 second). We may also have a kilometer (1000 meters) or a kilogram (1000 grams). The most commonly used prefixes appear in boldface in Table 1.1.

		[image: ]

		Figure 1.1

		The powers-of-10 SI prefixes allow for converting between units by moving the decimal point. As with dollars and cents, one can change from one unit to another—for example, meters to centimeters—simply by moving the decimal point. One dollar (1.00) is equal to 100 cents. In converting from dollars to cents, we move the decimal point two places to the right. Similarly, in converting from meters to centimeters, we move the decimal point two places to the right (2.45 m = 245 cm).

		
			[image: ]

		

		Table 1.2 gives the factors for converting the most common measurements between the SI and the English system. Four SI–English conversion factors are set in boldface; all other values in this table are calculated from these standards. As you study this table try to relate the various quantities to things you are familiar with. For example: Which of your fingernails is 1 centimeter wide? Where is the palm of your hand 10 centimeters wide? It may help you to know that a 1/4-teaspoon measuring spoon holds 0.8 milliliter, and that three aspirin tablets (325 mg each) have a mass of just less than 1 gram.

		THE MATHEMATICS OF CHEMISTRY

		Chemistry is a quantitative science. Much of the meaning of chemistry is lost if mathematical relationships are omitted in its study. The mathematics of introductory chemistry involves only simple arithmetic: addition, subtraction, multiplication, division, simple proportion, exponentiation (raising to powers), and taking roots. We shall see that even these last two operations can be simplified. Don’t be frightened by numbers.

		You will be shown how to go about solving typical math problems in chemistry. Practice exercises will give you an opportunity to apply the solution techniques. Answers to each problem will be supplied. Chemistry is not a spectator sport. The way to succeed is through practice. You will find that the problems are not too difficult, and they will lead you to a much better understanding of chemistry.

		Before we get to the problems, we present two concepts that are important in doing calculations.

		The Factor-Label Method

		All quantities or measurements have a numeral associated with a unit—for example, 5.3 grams, 3.6 meters. The factor–label method is a system for solving numerical problems by using known relationships among units (factors) to find an unknown quantity. A problem is set up using the necessary mathematical quantities and operations to obtain the desired units. Then, the setup is solved using the numbers associated with the units to obtain the answer.

		For example, suppose we want to convert exactly 1 mile to inches. We do not have a direct conversion factor, so we use related factors: we know that there are 5280 ft in a mile, and 12 in. in a foot:

		1 mile:
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		then we convert to feet:
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		and then finally we convert to inches:
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		This expression is the setup. It tells us what relationship and mathematical operations we are to use. Now, we can carry out the math and arrive at the final answer:

		
			[image: ]

		

		Notice that the units must cancel properly, leaving the desired unit for the final answer. When we have the same a unit of measure (e.g., mile) in the numerator of one factor and in the denominator of another, the units cancel each other. If the problem has been set up correctly, after all identical units are canceled, the desired unit will be left. Several different units and conversion factors can be used in the same equation, as necessary, as in the example.

		Significant Digits

		When any quantity is measured the result can be known only to within a certain accuracy, depending on the quality of the instrument being used and the skill of the person making the measurement. For example, if you measure a length with a ruler marked in millimeters and report the result as 18.3 cm, the three digits are known with certainty. The value of the second decimal place is uncertain, because you would have to estimate the distance between the third and fourth tick marks on the ruler. The number of significant figures in a quantity is the number of digits in it that are known with certainty. Thus, the value 18.3 has three significant figures.

		In counting the number of significant digits in the quantities you are using in a mathematical operation, use only quantities that are considered measured values, not exact ones. There are exactly 12 inches in 1 foot, 5280 feet in one mile, and 2.54 cm in 1 inch (by definition). Then, when counting significant digits in a measured value, use the following four rules to determine whether a digit is significant:

		
				
				All nonzero digits are significant.

				 Example: 23.45 has 4 significant digits, and 3.67×10-3 has 3 significant digits.



				

				
				All zeros between nonzero digits are significant.

				Example: 2305.6 has 5 significant digits.



				

				
				All zeros to the left of the first nonzero digit are not significant.

				Example: 0.00234 has 3 significant digits, and 0.0002034 has 4 (the zero between 2 and 3 is significant).



				

				
				Zeros that appear after the last nonzero digit are significant only if there is a decimal point in the number.



				Example: The number 23000 has only 2 significant digits; 230.00 has 5 significant digits.



				

		

		The following are a couple of simple rules that scientists use in determining the number of significant digits to report:

		Addition and subtraction. In addition and subtraction problems, the final answer is reported to the number of decimal places in the quantity with the fewest number of decimal places. For example, in the problem 23.1+18.45 + 27.563, the answer, 69.113, should be reported to the tenths place: 69.113 is rounded to 69.1. In rounding off, if the first number to be dropped is 5 or greater, the last retained number is rounded up by 1. If the first number to be dropped is less than 5, the last number retained remains the same.



		NOTE: Round off only the final answer, not intermediate values.

		
			5 or greater: round it up

			Less than 5: let it stay

		

		Multiplication and division. In multiplication and division problems, the final answer is reported to the same number of significant digits as the number with the fewest number of significant digits. For example, in the multiplication problem 39.31 (4 significant digits)×27.8531 (6 significant digits) = 1094.905361, the answer should be rounded to 4 significant digits: 1095.

		EXAMPLE 1. How many inches are there in 15 centimeters?

		SOLUTION: In Table 1.2 we find that 1 in. = 2.54 cm. Therefore:

		
			[image: ]

		

		(Remember that 2.54 cm = 1 in. is exact, by definition, so we use the 15 cm to determine the number of significant figures in the final answer.)

		EXAMPLE 2. Express the exact measurement 1273.000 grams in terms of milligrams, centigrams, decigrams, grams, dekagrams, hectograms, and kilograms.

		SOLUTION:

		
			
					1,273,000
					milligrams (mg)
			

			
					127,300.0
					centigrams (cg)
			

			
					12,730.00
					decigrams (dg)
			

			
					1,273.000
					grams (g)
			

			
					127.3000
					dekagrams (dag)
			

			
					12.73000
					hectograms (hg)
			

			
					1.273000
					kilograms (kg)
			

		

		Notice that in moving in either direction, up or down the prefix scale shown in Table 1.1, the decimal point moves one place for each change in prefix. This is also true if meters or liters are used in place of grams. Notice also that the number of significant figures does not change; this is because we assume an exact measurement.

		EXAMPLE 3. Express 9255 square meters in terms of square millimeters, square centimeters, square decimeters, square meters, square dekameters, square hectometers, and square kilometers.

		SOLUTION:

		
			
					9,255,000,000
					
					square millimeters (mm2)
				
			

			
					92,550,000
					
					square centimeters (cm2)
				
			

			
					925,500
					
					square decimeters (dm2)
				
			

			
					9,255
					
					square meters (m2)
				
			

			
					92.55
					
					square decameters (dam2)
				
			

			
					0.9255
					
					square hectometers (hm2)
				
			

			
					0.009255
					
					square kilometers (km2)
				
			

		

		

NOTE: In calculations with square measure, the decimal point is moved two places for each incremental change in prefix. For example, in the preceding example, 9255 m2 = 92.55 dam2. The decimal point moved two places to the left in the conversion from the smaller to the larger unit.

		EXAMPLE 4. Express 625 cubic meters in terms of each of the prefixes in Table 1.1.

		SOLUTION:

		
			
					625,000,000,000
					
					cubic millimeters (mm3)
				
			

			
					625,000,000
					
					cubic centimeters (cm3)
				
			

			
					625,000
					
					cubic decimeters (dm3)
				
			

			
					625
				
					
					cubic meters (m3)
				
			

			
					0.625
					
					cubic dekameters (dam3)
				
			

			
					0.000625
					
					cubic hectometers (hm3)
				
			

			
					0.000000625
					
					cubic kilometers (km3)
				
			

		

		

NOTE: In calculations with cubic measure, the decimal point is moved three places for each incremental change in prefix. For example, in the preceding example, 625 m3 = 0.625 dam3. The decimal point moved three places to the left in the conversion from the smaller to larger unit.

		EXAMPLE 5. Convert 85.0 mi/h to km/s. The following is one of many possible setups to this problem:

		
			[image: ]

		

		The final answer is rounded to 3 significant figures, based on the value 85.0 mi/h, because all other quantities are exact. The final answer is then 0.0380 km/s.

		This problem set has many possible setups, depending on which conversion factors you choose to use (or remember).

		PROBLEM SET NO. 1

		
				
				How many milliliters are in 3 fluid ounces?



				

				
				Convert 1 pound 3 ounces to kilograms.



				

				
				Convert 528 square inches to square meters.



				

				
				Convert 22,400 cubic centimeters to cubic feet.



				

				
				Convert 250 grams to ounces.



				

				
				Convert 25 square yards to square centimeters.



				

				
				How many liters are in 1 measuring cup (8 fluid ounces)?



				

				
				How many milliliters are in a 1-tablespoon measure (1 tablespoon = 3 teaspoons = 1/16 cup = 1/2 fluid ounce)?



				

				
				A gasoline tank has a capacity of 18 gallons. Express this capacity in liters.



				

				
				Assuming the dimension of a book to be 8.5 in.×11 in.×0.625 in., find the volume of the book in cubic decimeters.
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		Strike a match. Any kind of match will do. Watch it carefully. What do you see? What do you hear? What do you smell? What do you feel? Blow out the match. Did it go out completely? Repeat the process, this time holding the match in a horizontal position. Notice the shape of the flame. Do you see the liquid creeping just ahead of the flame? Light a wooden toothpick with the match, and then blow them both out. Blow harder on the toothpick. Blow on it again. What happens? Do you have any evidence that match manufacturers are safety-conscious? What differences in the properties of the match before and after burning can you find? Can the charred remnants of the match still be called a match?

		A tremendous amount of chemistry was illustrated by the phenomena that you have just observed. You will notice that in making observations we use not only our eyes but also our other senses. The more senses we can use in observation, the more thorough our findings will be. We will use our observations to get acquainted with some of the funda- mental terms and ideas of chemistry. The observations will help us visualize chemical ideas and help explain other phenomena of nature.

		PROPERTIES OF MATTER

		We distinguish one form of matter from another by characteristics called properties. When you were asked to handle the match and the toothpick, you knew just what was meant because you were familiar in a general way with the properties of those objects. You are aware, of course, that a wooden match has more properties in common with a toothpick than it has with a paper match. The wood is a common substance of the two objects. A substance is a definite variety of matter, and all specimens of a substance have the same properties. Aluminum, iron, rust, salt, and sugar are all examples of substances.

		NOTE: Each of these is homogeneous, or uniform, in its makeup. In contrast, granite and concrete cannot be called substances, because they are not homogeneous; each is made up of several different substances.

		Substances have two major classes of properties: physical and chemical. Physical properties describe the characteristics of a substance as it exists, that is, such observable and measurable characteristics as size, shape, color, density, and mass. Chemical properties describe the ability of a substance to change into a new and completely different substance.

		PHYSICAL PROPERTIES

		Substances have two kinds of physical properties: intensive and extensive.

		Intensive Physical Properties

		Intensive physical properties include those features that do not depend on the quantity or amount of the substance. The following are some of the important intensive physical properties:

		Density is the mass per unit volume of a substance. Density is usually expressed in grams per cubic centimeter (g/cm3) or, in the units you may be accustomed to using, in pounds per cubic foot (lb/cu ft). Because 1 cm3 of water has a mass of 1 g, the density of water (at 4°C) is g/cm3. A cubic foot of fresh water has a mass of 62.4 lbs. The density of water in the English system is 62.4 lb/cu ft. Multiplying a metric density by 62.4 gives the density of the substance in English units. Table 2.1 lists the densities of some common substances.

		
			[image: ]

		

		These values can be used to work chemistry problems:

		EXAMPLE 1. How much does 400. cm3 of mercury weigh?

		SOLUTION: From Table 2.1: the density of mercury is 13.6 g/cm3.

		Therefore:

		
			[image: ]

		

		Specific gravity is the ratio of the mass of a given volume of a substance to the mass of the same volume of water at the same temperature. Because 1 cm3 of water has a mass of 1 g, specific gravity is numerically equal to the metric density of a substance. Both density and specific gravity have to do with the “lightness” or “heaviness” of a substance. Aluminum is “lighter” than lead. Water is “lighter” than mercury. The term density is used more often with solids, whereas specific gravity is used more often with liquids or solutions (acid in a car battery, or antifreeze in its radiator). An advantage of specific gravity is that it does not depend on the temperature—the specific gravity of ethyl alcohol is the same at 20°C as at 100°C. This is not true of its density; however, the difference is so slight that most chemists use the term density.

		Specific gravity can be used to solve problems:

		EXAMPLE 2. A particular solution has a specific gravity of 1.20. How much volume (cm3) does 10. g of this solution occupy?

		SOLUTION: A specific gravity of 1.20 = a density of 1.20 g/cm3.

		Therefore:
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		Hardness is the ability of a substance to resist scratching. A substance will scratch any other substance softer than itself. The Mohs hardness scale is used to compare the hardness of substances. The scale lists various minerals of different hardness (Table 2.2), but because so few of these minerals are commonly known, Table 2.2 also gives the approximate hardness of some familiar substances and objects. Low hardness numbers indicate soft substances; the higher the number, the harder the substance.

		Odor. Many substances have characteristic odors. Some have pleasant odors, like methyl salicylate (oil of wintergreen); some have pungent odors, like ammonia or sulfur dioxide (a gas that forms when the head of a match burns); some have disagreeable odors, like hydrogen sulfide (a gas that forms in rotten eggs).

		Color. You are familiar with the color of such substances as gold and copper. White substances are usually described as colorless. Normally, it takes a combination of several specific physical properties to identify a given substance. The color of gold is not unique, as many unfortunate prospectors found out. Their strikes of “fool’s gold” looked like gold but turned out to be pyrite (also known as iron sulfide), a far less valuable substance.

		
			[image: ]

		

		Extensive Physical Properties

		Extensive physical properties are such features as weight, dimensions, and volume. Unlike the intensive properties, these properties depend on the amount of matter present. A large chunk of gold and a small chunk of gold have the same color, density, hardness, and so forth (intensive properties), but they have different masses and volumes (extensive properties). Objects, particularly manufactured objects, may possess similar extensive properties, but these properties are in no way fundamentally related to the substances that make up the objects. Thus, matches and toothpicks are objects. Each is made according to a pattern of extensive properties. But toothpicks may be made of wood or of plastic, two completely different substances with totally different intensive physical properties.

		CHEMICAL PROPERTIES

		The chemical properties of a substance describe its ability to form new substances under given conditions. A change from one substance to another is called a chemical change, or a reaction. Hence, the chemical properties of a substance may be thought of as a listing of all the chemical reactions of a substance and the conditions under which the reactions occur.

		[image: ]

		Figure 2.1

		The striking of a match illustrates several chemical properties of the substances in a match. Examine Figure 2.1 carefully. Notice the various substances present in each type of match. When you strike a safety match, the heat of friction of the head of the match rubbing on the glass is sufficient to cause the phosphorus on the scratching area to burn. This burning then generates enough heat to cause the substances in the head of the match to ignite. The burning of these, in turn, produces the heat necessary for the matchstick to catch fire. All the substances in the match burn (chemical property), but individual substances do so at a different temperature (condition). None of the substances burns at room temperature! Because the phosphorus is contained only on the scratching area of the box or cover of the matches, matches can be “struck” only on this area. (Occasionally, safety matches can be struck on glass or linoleum, where rubbing produces sufficient heat to cause the head to start burning.)

		The phosphorus trisulfide in the tip of the “strike-anywhere” match is very sensitive to heat. Rubbing this tip on almost any moderately hard surface will produce sufficient frictional heat to cause this substance to burn. The other substances in the tip, and finally the matchstick, are then ignited as the temperature rises.

		
			White phosphorus was formerly used in the tip of this type of match. This substance likewise bursts into flame at temperatures slightly above room temperature. However, the men who worked with white phosphorus and inhaled its fumes frequently contracted a disease known as phosphorous necrosis, more commonly known as “phossy jaw.” This is one of the most severe occupational diseases known. It began with a toothache and painful swelling of the gums and jaw; then abscesses would form, accompanied by a rancid discharge; finally, the victim’s jawbone would literally rot and give off a greenish white glow in the dark. The only recourse for those afflicted was to have their jawbones surgically removed, resulting in agony and disfiguration. Laws were eventually passed prohibiting the use of white phosphorus; matches were then made of red phosphorous, which is harmless.

		

		The charred remnants of the matchstick and toothpick consist principally of carbon, one of the new substances formed when wood or paper burns. The “afterglow” you observed in the toothpick is a chemical property of carbon. You have seen the same phenomenon in a charcoal fire. The matchstick, however, exhibited no afterglow because it had been treated with a solution of a fire retardant substance that soaked into the wood. A substance called borax was formerly used for this purpose, but ammonium phosphate is generally considered to be more effective and is now widely used, not only in matchsticks but also in draperies, tapestries, and other types of decorations, as well as in children’s sleepwear.

		KINDS OF MATTER

		As you look at the different objects about you, you are perhaps impressed by the almost endless variety of matter. Classification of the kinds of matter into fundamental groups was an impossible task until chemists began to probe into the composition of matter. Knowledge of composition quickly led to the discovery that all matter is made up of either pure substances or mixtures of pure substances. Pure substances, in turn, are of two types: elements or compounds. Figure 2.2 diagrammatically shows the kinds of matter based on composition.

		[image: ]

		Figure 2.2

		Elements

		Elements are the basic constituents of all matter. An element is the simplest form of matter. It cannot be formed from simpler substances, nor can it be decomposed into simpler varieties of matter. Some elements exist free in nature; others are found only in combination. Free or combined, elements are the building blocks that make up every different variety of matter in the universe. Table 2.3 lists some commonly known elements together with the symbol chemists use for each.

		How many of these names have you seen? How many of them have you heard of? A complete list of the 116 known elements appears in Chapter 3.

		In general, the symbols are made up of the principal letter or letters in the name of the element. The symbols of elements that were known in antiquity are taken from their Latin names: copper (cuprum) Cu; gold (aurum) Au; iron (ferrum) Fe; lead (plumbum) Pb; mercury (hydrargyrum) Hg; potassium (kalium) K; silver (argentum) Ag; sodium (natrium) Na; tin (stannum) Sn.

		
			[image: ]

		

		If all matter were to be broken down into its constituent elements, the percentage of each element in nature would be as shown in Figure 2.3. The elements in your body can easily be remembered from the advertising sign shown in Figure 2.4. The symbols of the most common elements in the human body are contained in the sign. Use Table 2.3 to look up the names of the 12 elements represented in the figure. The last two symbols in the sign, Na and Cl (combined as NaCl), stand for sodium chloride—ordinary table salt.

		[image: ]

		Figure 2.3 Distribution of Elements

		Compounds

		A compound is a pure substance made up of elements that are chemically combined in a specific ratio. A compound is perfectly homogeneous (the same throughout) and has a definite composition regardless of its origin, location, size, or shape. A compound can be decomposed into its elements only by a chemical change. The elements in a compound cannot be separated by any physical means.

		Compounds are much more abundant than elements. Millions of compounds are known. Water, sand, ammonia, sugar, salt, alcohol, and hydrogen peroxide are all examples of familiar compounds. Bear in mind that when elements combine to form a compound, the elements lose all their properties, and a new set of properties unique to the compound is created. For example, if you were to eat sodium or inhale chlorine gas, you would quickly die, for both of these elements are poisonous. When these two elements combine with each other, however, they form ordinary table salt, a substance eaten as part of a regular diet.

		Mixtures

		Most natural forms of matter are mixtures of pure substance. A mixture is a combination of pure substances (elements, with or without one or more compounds) held together by physical rather than chemical means. Soil and most rock, plants and animals, coal and oil, air and cooking gas, rivers and oceans—these are all mixtures. Mixtures can be of two types: homogeneous or heterogeneous. Homogeneous mixtures have the same composition throughout. Dissolving sugar in water forms a homogeneous mixture called a solution. Heterogeneous mixtures vary in composition at different locations within the sample. A mineral is a heterogeneous mixture. You can actually see the differences in composition from spot to spot within the mineral sample.

		[image: ]

		Figure 2.4

		Mixtures differ from compounds in the following ways:

		
				
				The components of a mixture retain their own properties. If you examine a fragment of concrete you will observe that the grains of sand or gravel held together by the cement retain their identity and can be picked free. Their substance has not been changed in the formation of the concrete.



				

				
				Unlike compounds, which have a definite, fixed composition, mixtures have widely varying compositions. Thus, solutions are mixtures. An infinite number of different salt–water solutions can be made simply by varying the amount of salt dissolved in the water.



				

				
				Mixtures can be separated into their components by physical means. This separation can be accomplished by taking advantage of the differences in the physical properties of the ingredients. For example, no matter how completely you mix or grind salt and pepper together, the salt can be separated from the pepper by dissolving the salt in water. The insoluble pepper will remain unaffected. The separation is completed by straining or filtering the liquid through a piece of cloth or paper that will hold back the pepper, and then evaporating the liquid to dryness to recrystallize the salt.



				

		

		Perhaps you would like to try this separation for yourself. Read the following procedure fully, and gather your materials before you start. Then, proceed with the experiment.

		EXPERIMENT 1: Be sure to wear your safety goggles! Mix 1/4 teaspoon of salt and about 1/8 teaspoon of ground black pepper in a small drinking glass. Stir until a good mixture is obtained. Fill the glass about half full with water and stir until the salt is dissolved. Place a handkerchief or small piece of cloth loosely over the top of a small saucepan. Filter the liquid into the pan by pouring it carefully through the cloth. Notice that all the pepper remains on the cloth and that the filtrate (the salt solution) in the pan is perfectly clear. Taste the clear filtrate to see if the salt is really there. Over very low heat, boil away the water in the pan, being sure to remove the pan from the heat just as the last bit of liquid disappears. The white sediment left in the pan is recrystallized salt. Taste it to make sure. (Normally in the chemistry lab we never taste—we test—but in this case testing is permitted because you are working with simple foods—water, salt, and pepper.)

		The separation of mixtures into ingredients is an important operation. Almost every industry that uses natural products as raw materials uses one or more of the basic methods of separating mixtures. All the methods take advantage of differences in the physical properties of the components. Some of the important methods of separating mixtures are as follows:

		
				
				Filtration. As you saw in Experiment 1, passing a solution through a filter can separate substances. Larger or insoluble components stay on the filter while smaller or soluble components pass through its holes. Water is often filtered for use in factories and power plants. Water filtration systems reduce the cost of chemical treatment programs and save wear and tear on valves, pumps, heat exchangers, and cooling-tower nozzles.



				

				
				Sorting. This process involves separating the desired component from the other components in a fragmented mixture. Some sorting may be done by hand; other sorting may be performed by machine. The mining of coal is an example of this process. In mining, the coal is blasted loose from within the earth and is then separated by sorting from the rock that accompanies the coal.

				[image: ]

				Figure 2.5
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				Figure 2.6

				

				
				Magnetic separation. Some iron ore is magnetic. This ore is scooped up in giant shovels from the earth; it is crushed and poured onto a magnetized belt, as shown in Figure 2.5. The nonmagnetic waste material drops off the belt at A, but the magnetic ore clings to the belt until it reaches B, and is thus separated.



				

				
				Distillation. This process takes advantage of the differences in boiling points of the components of a solution. Boiling point is the temperature at which a substance changes from a liquid to a gas or vapor. In distillation, the component with the lowest boiling point boils away first, leaving behind the components with higher boiling points. The component with the lower boiling point is said to be more volatile than the other components. The component that boils off as a gas is then trapped and (changed back to a liquid) by cooling and is collected in a new container.

				EXPERIMENT 2: Dissolve a teaspoon of sugar in a cup of water and place the solution in a teakettle. Taste the solution to be sure it is sweet. Heat the solution to boiling. Wearing your safety goggles and oven mitts, hold a large plate vertically with the far edge just in front of the spout of the kettle so that the steam strikes it (see Figure 2.6). Be very careful—steam can severely burn you! Let the condensed moisture (condensate) run down the plate into a clean cup. Taste the condensate. Is it sweet? Where is the sugar? Which is more volatile, water or sugar? Remove the kettle from the burner or turn it off before the solution boils completely to dryness.

				Simple distillation effectively separates water and sugar because the boiling points of these two substances are relatively far apart. When the boiling points of components to be separated are close together, a process known as fractional distillation is used. In this process, a large tower or column is erected above the boiling pot and fitted with cooling coils or a cooling jacket (Figure 2.7). This arrangement provides efficient condensation of the less volatile component and permits the more volatile ones to escape to a new container. The separation of crude petroleum into components used for such products as gasoline, lubricating oil, and fuel oil is accomplished by fractional distillation.



				

				
				Extraction. The process of extraction involves dissolving a component out of a mixture using a suitable solvent. Water was the solvent used to extract salt from the salt and pepper mixture in Experiment 1. Water is also used to extract the flavor of coffee from ground coffee beans in a coffee maker. Alcohol is used to extract vanillin (vanilla flavor) from vanilla beans. Sulfuric acid is used to extract copper from ore in the mining industry.

				[image: ]

				Figure 2.7 Fractional Distillation Column

				

				
				Gravitation. This process takes advantage of differences in density or specific gravity of the components in a mixture. In the panning of gold, the gold grains settle to the bottom of the pan because of their high density, and the lighter rocks are washed over the edge of the pan with water. In wheat harvesting, the light chaff is blown away from the denser wheat grains.



				

		

		CHEMICAL CHANGE

		TRIVIA: The fastest chemical reaction known occurs when light enters your eye and rhodopsin, a protein, starts a chemical chain reaction that allows you to see.

		A physical change is an alteration of the properties of a substance that does not affect the substance itself. Hammering a piece of metal modifies its shape and increases its hardness, but the substance of the metal remains unchanged. Freezing water to ice, or boiling it to steam, causes a drastic change in physical properties, but the substance remains water.

		
			In a chemical reaction, one or more substances change into another substance. A reaction forms one or more new substances with a new set of physical properties. Thus, physical change accompanies chemical change.

		

		In contrast, a chemical change, or reaction, involves such a thorough change in a substance that an entirely new substance is formed in the process. The new substance that is created has its own set of properties, so physical change accompanies chemical change. Do you remember how completely the match was transformed as it burned? That was a chemical change. All burning involves chemical change, as does the rusting of iron, the toasting of bread, the taking of a photograph, and the digestion of food. Chemical change is a common occurrence.

		There are four principal types of chemical change: combination, decomposition, single displacement, and double displacement. All chemical changes involve one or a combination of these basic varieties. Let’s examine each type more thoroughly.

		Combination

		Combination is the direct joining of two or more simple substances—either elements or simple compounds or both—to form a more complex compound. Sometimes, burning or combustion reactions are placed in a separate reaction category, but combustion is simply a combination reaction that involves the oxygen in the air. For example, copper will join with oxygen in the air, when heated, to form the compound copper oxide.

		EXPERIMENT 3: Be sure to wear your safety goggles. Remove about 2 in. of insulation from a 6-in. length of copper wire. Clean the exposed metal with sandpaper to a bright copper color. Heat the copper to redness in the upper part of a gas flame for about 1 minute. Let the wire cool. Notice the black coating on the copper. This is copper oxide

		
		
			
		

		
		Decomposition

		
		
		
			
		

		Single Displacement

		
		
			
		

		Double Displacement
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S1 0 English

English to ST

LINEAR MEASURE
03937 inch (in.)
1 centimeter (cm) = 0.3937 inch (in.)

1 millimeter (mm) =

1 meter (m) =39.37 inches (in.)
1 meter (m) = 3.281 feet (ft)
1 meter (m) = 1.0936 yards (yd)
1 kilometer (km) = 3281 feet (ft)
1 kilometer (km) = 0.6214 mile (mi)
SQUARE MEASURE

1 square centimeter (cm?) = 0.155 square inches (sq in. or in.’)

1 square meter (m) = 10.764 square feet (sq ft or ft’)
1 square meter (m?) = 1.196 square yards (sq yd or yd?)
CUBIC MEASURE

1 cubic centimeter (cm” or cc) = 0.061 cubic inches (in.*)

1 cubic meter (m’) = 35.320 cubic feet (cu ftor ft')

1 cubic meter (m*) = 1.308 cubic yards (cu yd or yd®)
CAPACITY

1 milliliter (mL) = 0.0338 fluid ounce (fl 0z)

1 liter (L) = 2.1134 pint (pt) liquid

1 liter (L) = 1.0567 quart (qu) liquid

1 liter (1) =0.9081 quart (qu) dry

1 liter (L) = 0.2642 gallon
WEIGHT

1 gram (g) = 15.43 grains (gr)

1 gram (g) = 0.0353 ounce (0z)

1 kilogram (kg) = 2.2046 pounds (Ib)

1in.0=254 mm
lin.=2.54 cm
1ft=3048cm
1ft=0.3048 m
1yd=09144m

1 mi

1609 m
1 mi = 1.609 km

Lin 4516 cm®

11 =0.0929 m*

1yd?=0.8361 m?

1in’=16.387 cm’
1in=0.0283 m*
1in.’=0.7645 m’

1Moz
1pt (liquid) = 04732 L
1qt (liquid) = 0.9463 L
1qt(dry) =1.1012L

1 gallon =3.7853 L

29.573 mL

1gr=0.0648 g
l10z=2835g
11b=4536¢g
11b=0.4536 kg

Table 1.2 Conversions Between S! and English Units of Measure.
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pico- P 1x10

nano- n 1x107

mico-  p 1X10° (0.000001)
milli- m 1X10° (0.001)
centi- < 1%107 (0.01)
deci- D 1X107 (0.1)
deka- da 1x10' (10)

hecto- H 1% 10 (100)
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giga- G 1 10(1,000,000,000)
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