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HOW TO USE THIS BOOK



Barron’s Science 360: Chemistry is designed for self-learners and for those looking for a comprehensive guide to everything chemistry.


This book includes a number of helpful tools that will reinforce your knowledge of the topics as you learn. You’ll find:


What You Will Learn Each chapter begins with a list of the topics covered. This is a useful tool for categorizing the learning process and for devising a study plan.


Terms and Definitions Important terms are defined where necessary to help guide you through topics successfully.


Examples with Solutions Numerous examples for each topic are included throughout, along with answers to check your progress.


Review Exercises Each chapter closes with review questions that will help determine which topics you have a solid understanding of and which topics you need to revisit.


Online Practice Questions Access to 50 online multiple-choice questions designed to enhance your understanding and to test your knowledge. To access, see the card at the front of the book.


BARRON’S 360 STUDY TIPS


SET GOALS AND OBJECTIVES


As you use Barron’s Science 360: Chemistry, it is a good idea to set personal goals to chart and direct your learning objectives. A goal is something that you wish to achieve over a period of time. Objectives are short-term targets that help you reach a particular goal. For example, suppose that your goal is to learn all of the elements in the periodic table. You can reach this goal by establishing short-term objectives--such as studying five elements a day--that will enable you to successfully reach your long-term goal of learning all the elements in the periodic table.


CUSTOMIZE YOUR STUDY


Barron’s Science 360: Chemistry does not need to be studied in a linear fashion. If there is a particular topic that you want to study or reinforce, just turn to that page or chapter, and all the information along with the features mentioned above will be available to you. There are also some things you can do to optimize your study time and ensure you are retaining the important information you want to learn.


Before You Read


•Review: Review all chapter headings and subheadings and the information in the “What You Will Learn” section.


•Scan: Glance over any illustrations, tables, or graphs in the chapter you’ll be reading.


•Locate Terms and Definitions: Read any bold or italicized words and study their definitions.


•Get Ahead of Yourself: Review the Practice Exercises at the end of the chapter and keep them in mind as you study the chapter.


While You Read


•Predict: Try to predict the answers to the questions in the Practice Exercises. This will help flag important information to keep an eye out for as you read.


•Read Aloud: Hearing what is written on the page leads to better comprehension and retention of information.


•Visualize: Developing a picture in your mind of the information, concepts, or material presented makes it much easier to remember.


Highlighting and Note-taking


•Identify Important facts: Don’t over highlight. This will have the opposite effect and actually negatively impact your ability to retain the information you need to remember.


•Take Notes: Jot down key ideas and concepts you are having a hard time understanding.


•Draw It Out: Sketch out pictures, graphs, diagrams, or tables, to help visualize what you’re reading. This is particularly helpful with complex topics.


After You Read the Chapter


•Talk It Out: Summarize what you have learned from the chapter aloud to a friend or a family member. Explain it as if they are learning it for the first time.


•Answer the Questions in the Practice Exercises: Did you need to look them up, or were you able to answer them from memory?


•Reinforce: If you found yourself having to look up the answers to the questions, go back and read those portions of the chapter again until you feel confident moving on to the next chapter.



Good luck!











PART I




AN INTRODUCTION











1 INTRODUCTION TO CHEMISTRY



WHAT YOU WILL LEARN


Upon completing this chapter, you will be able to:


•Identify types of matter as elements, compounds, or mixtures


•Identify chemical and physical properties and changes


•Explain how energy is involved in chemical and physical changes


•Identify and use the SI system of measurement


•Do mathematical calculations using scientific notation, dimensional analysis, and significant figures


Matter


DEFINITION OF MATTER


Matter is defined as anything that occupies space and has mass. Mass is the quantity of matter that a substance possesses and, depending on the gravitational force acting on it, has a unit of weight assigned to it. Although the weight can then vary, the mass of the body is a constant and can be measured by its resistance to a change of position or motion. This property of mass to resist a change of position or motion is called inertia. Since matter does occupy space, we can compare the masses of various substances that occupy a particular unit volume. This relationship of mass to a unit volume is called the density of the substance. It can be shown in a mathematical formula as D = m/V. A common unit of mass (m) in chemistry is the gram (g), and of volume (V) is the cubic centimeter (cm3) or milliliter (mL).


An example of how density varies can be shown by the difference in the volume occupied by 1 g of a metal, such as gold, and 1 g of styrofoam. Both have the same mass, that is, 1 g, but the volume occupied by the styrofoam is much larger. Therefore, the density of the metal will be much larger than that of the styrofoam. When dealing with gases in chemistry, the standard units for the density of gases are grams per liter at a standard temperature and pressure. This aspect of the density of gases is dealt with in Chapter 6. Basically then, density can be defined as the mass per unit volume.


STATES OF MATTER


Matter occurs in three states: solid, liquid, and gas. A solid has both a definite size and shape. A liquid has a definite volume but takes the shape of the container, and a gas has neither a definite shape nor a definite volume. These states of matter can often be changed by the addition of heat energy. An example of this is ice changing to liquid water and finally to steam.


COMPOSITION OF MATTER


Matter can be subdivided into two general categories: distinct (pure) substances and mixtures. Distinct substances are substances that can be subdivided into the smallest particle that still has the properties of the substance. At that point, if the substance is made up of only one kind of atom, it is called an element. Atoms are considered to be the basic building blocks of matter that cannot be easily created or destroyed. The word atom comes from the Greek and means the smallest possible piece of something. Today there are approximately 109 different kinds of atoms, each with its own unique composition. These atoms then are the building blocks of elements when only one kind of atom makes up the substance. If, however, there are two or more kinds of atoms joined together in definite grouping, this distinct substance is called a compound. Compounds are made by combining elements in a definite proportion (or ratio) by mass and are made up of two or more kinds of atoms. This is called the Law of Definite Composition (or Proportions). The smallest natural occurring unit of a compound is called a molecule of that compound. A molecule of a compound has a definite shape that is determined by how the atoms are bonded to or combine with each other. This bonding is described in Chapter 3. An example is the compound water: it always occurs in a two hydrogen atoms to one oxygen atom relationship. Mixtures, however, can vary in their composition.


In general, then:
















	Mixtures


	Distinct Substances







	 


	Elements







	
1.Composition is indefinite (generally heterogeneous).* (Example: marble)


2.Properties of the constituents are retained.


3.Parts of the mixture react differently to changed conditions.



	
1.Composition is made up of one kind of atom.
(Examples: nitrogen, gold, neon)


2.All parts are the same throughout (homogeneous).








	 


	Compounds







	 


	
1.Composition is definite (homogeneous). (Examples: water, carbon dioxide)


2.All parts react the same.


3.Properties of the compound are distinct and different from the properties of the individual elements that are combined in its makeup.











*Solutions are mixtures, such as sugar in water, but since the substance, like sugar, is distributed evenly throughout the water, it can be said to be a homogeneous mixture.


The following chart shows a classification scheme for matter.
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CHEMICAL AND PHYSICAL PROPERTIES


Physical properties of matter are those properties that can usually be observed with our senses. They include everything about a substance that can be noted when no change is occurring in the type of structure that makes up its smallest component. Some common examples are physical state, color, odor, solubility in water, density, melting point, taste, boiling point, and hardness.


Chemical properties are those properties that can be observed with regard to whether or not a substance changes chemically, often as a result of reacting with other substances. For example, iron rusts in moist air, nitrogen does not burn, gold does not rust, sodium reacts with water, silver does not react with water, and water can be decomposed by an electric current.


CHEMICAL AND PHYSICAL CHANGES


The changes matter undergoes are classified as either physical or chemical. In general, a physical change alters the physical properties of matter, but the composition remains constant. The most often altered properties are form and state. Some examples are breaking glass, cutting wood, melting ice, and magnetizing a piece of metal. In some cases, the process that caused the change can be easily reversed and the substance regains its original form.


Chemical changes are changes in the composition and structure of a substance. They are always accompanied by energy changes. If the energy released in the formation of a new structure exceeds the chemical energy in the original substances, energy will be given off, usually in the form of heat or light or both. This is called an exothermic reaction. If, however, the new structure needs to absorb more energy than is available from the reactants, the result is an endothermic reaction. This can be shown graphically.


Notice that in Figures 1 and 2 the term activation energy is used. The activation energy is the energy necessary to get the reaction going by increasing the energy of the reactants so that they can combine. You know you have to heat paper before it burns. This heat raises the energy of the reactants so that the burning can begin; then enough energy is given off from the burning so that an external source of energy is no longer necessary.
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FIGURE 1. An exothermic reaction.
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FIGURE 2. An endothermic reaction.


CONSERVATION OF MASS


When ordinary chemical changes occur, the mass of the reactants equals the mass of the products. This can be stated another way: In a chemical change, matter can neither be created nor destroyed, but only changed from one form to another. This is referred to as the Law of Conservation of Matter (Lavoisier—1785). This law is extended by the Einstein mass-energy relationship, which states that matter and energy are interchangeable (see page 9).


Energy


DEFINITION OF ENERGY


The concept of energy plays an important role in all of the sciences. In chemistry, all physical and chemical changes have energy considerations associated with them. To understand how and why these changes happen, an understanding of energy is required.


Energy is defined as the capacity to do work. Work is done whenever a force is applied over a distance. Thus anything that can force matter to move, to change speed, or to change direction has energy. The following example will help you understand this definition of energy. When you charge a battery with electricity, you are storing energy in the form of chemical energy. The charged battery has a capacity to do work. If you use the battery to operate a toy car, the energy stored is transformed into mechanical energy which exerts a force on the mechanism that turns the wheels and makes the car move. This continues until the “charge” or stored energy is used up. In its uncharged condition, the battery no longer has the capacity to do work.


Just as work itself is measured in joules (J), so is energy. In some problems, it may be expressed in kilocalories (kcal). The relationship between these two units is that 4.18 × 103 J is equal to 1 kcal.


FORMS OF ENERGY


Energy may appear in a variety of forms. Most commonly, energy in reactions is evolved as heat. Some other forms of energy are light, sound, mechanical energy, electrical energy, and chemical energy. Energy can be converted from one form to another, as when the heat from burning fuel is used to vaporize water to steam. The energy of the steam is used to turn the wheels of a turbine to produce mechanical energy. The turbine turns the generator armature to produce electricity, which is then available in homes for use as light or heat or for the operation of many modern appliances.


Two general classifications of energy are potential energy and kinetic energy. Potential energy is stored energy due to overcoming forces in nature. Kinetic energy is energy of motion. The difference can be illustrated by a boulder sitting on the side of a mountain. It has a high potential energy because of its position overcoming gravity above the valley floor. If it falls, however, its potential energy is converted to kinetic energy. This illustration is very similar to the situation of electrons cascading to lower energy levels in the atomic model, where the electrostatic force is at work.


This concept can also be applied at the molecular level. For example, the molecule of N2 in the diagram below shows three variations of kinetic energy. The N2 molecule also possesses potential energy because of the chemical bond within the molecule. To break this bond would require energy. The potential energy in each isolated atom of nitrogen would then be greater. This would be similar to raising the boulder to a higher position on the mountainside. Both systems have a higher potential energy and have a tendency to fall back to the lower state, which is more stable.
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TYPES OF REACTIONS (EXOTHERMIC VERSUS ENDOTHERMIC)


When physical or chemical changes occur, energy is involved. If the heat content of the product(s) is higher than that of the reactants, the reaction is endothermic. If, on the other hand, the heat content of the product(s) is less than that of the reactants, the reaction is exothermic. This change of heat content can be designated as ΔH. The heat content (H) is sometimes referred to as the enthalpy. Every system has a certain amount of heat that changes during the course of a physical or chemical change. The change in heat content (ΔH) is the difference between the heat content of the products and that of the reactants. The equation is
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If the heat content of the products is greater than the heat content of the reactants, ΔH is a positive quantity (ΔH > 0) and the reaction is endothermic. If, however, the heat content of the products is less than the heat content of the reactants, ΔH is a negative quantity (ΔH < 0) and the reaction is exothermic. This relationship is shown graphically in Figures 1 and 2 on page 6. This topic is developed in detail in Chapter 8.


CONSERVATION OF ENERGY


Experiments have shown that energy is neither gained nor lost during physical or chemical changes. This principle is known as the Law of Conservation of Energy and is often stated as follows: Energy is neither created nor destroyed in ordinary physical and chemical changes. If the system under study loses energy (the reaction is exothermic and ΔH is negative), the surroundings of the system must gain the energy that the system loses so that energy is conserved.


Conservation of Mass and Energy


With the introduction of atomic theory and a more complete understanding of the nature of both mass and energy, it was found that a relationship exists between these two concepts. Einstein formulated the Law of Conservation of Mass and Energy, which states that mass and energy are interchangeable under special conditions. The conditions have been created in nuclear reactors and accelerators, and the law has been verified. This relationship can be expressed by Einstein’s famous equation:
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Measurements and Calculations


THE SCIENTIFIC METHOD


Although some discoveries are made in science by accident, in most cases the scientists involved use an orderly process to work on their projects and discoveries. The process researchers use to carry out their investigations is often called the scientific method. It is a logical approach to solving problems by observing and collecting data, formulating a hypothesis, and constructing theories supported by the data. The formulating of a hypothesis consists of carefully studying the data collected and organized to see if a testable statement can be made with regard to the data. The hypothesis takes the form of an “if … then” statement. If certain data are true, then a prediction can be made concerning the outcome. The next step is to test the prediction to see if it withstands the experimentation. The hypothesis can go through several revisions as the process continues. If the data from experimentation show that the predictions of the hypothesis are successful, scientists usually try to explain the phenomena by constructing a model.


The model can be a visual, verbal, or mathematical means of explaining how the data are related to the phenomena.


The stages of this process can be illustrated by the diagram shown below:


[image: Image]


MAKING OBSERVATIONS


Students of chemistry must be able to make good observations. The two types of observations are qualitative and quantitative. Qualitative observations involve descriptions of the nature of the substances under investigation. Quantitative observations involve making measurements to describe the substances under observation. Students must be able to use the correct measurement terms accurately and to solve problems that require mathematical skill, as well as proper terminology, for their correct solution. The following sections review these topics.


SI SYSTEM


It is important that scientists around the world use the same units when communicating information. For this reason, scientists use the modernized metric system, designated in 1960 by the General Conference on Weights and Measures as the International System of Units. This is commonly known as the SI system, an abbreviation for the French Système International d’Unités. It is the most common system of measurement in the world.


The reason it is so widely accepted is twofold. First, SI uses a decimal system to inflate or deflate units. Second, in many cases units for various quantities are defined in terms of units for simpler quantities.


There are seven basic units that can be used to express the fundamental quantities of measurement. These are called the SI base units and are shown in the following table.


SI BASE UNITS
















	Quantity


	Unit


	Abbreviation







	mass


	kilogram


	kg







	length


	meter


	m







	time


	second


	s







	electric current


	ampere


	A







	temperature


	kelvin


	K







	amount of substance


	mole


	mol







	luminous intensity


	candela*


	cd










*The candela is rarely used in chemistry.


Other SI units are derived by combining prefixes with a base unit. The prefixes represent multiples or fractions of 10. The following table gives some prefixes used in the metric system.


PREFIXES USED WITH SI UNITS
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For an example of how the prefix works in conjunction with the base unit, consider the term kilometer. The prefix kilo- means “multiply the base unit by 1000,” and so a kilometer is 1000 m. By the same reasoning, a millimeter is 1/1000 m.


Because of the prefix system, all units and quantities can be easily related by some factor of 10. The following is a brief table of some SI unit equivalents.
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A unit of length, used especially in expressing the length of light waves, is the nanometer, abbreviated as nm and equal to 10−9 meter.


Because measurements are occasionally reported in units of the English system, it is important to be aware of some SI-to-English system equivalents. Some common conversion factors are shown in the following table.
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The SI system standards were chosen as natural standards. The meter was first described as the distance marked off on a platinum-iridium bar but is now defined as the length of the path traveled by light in a vacuum during a time interval of 1/2.99792458 × 108 second.


Volume is an example of a derived quantity in the SI system. It is mathematically derived by multiplying the length, width, and height of a regularly shaped object. Since these quantities can all be measured in meters, a derived unit for volume in the SI system is the cubic meter (m3). Of course, smaller units of distance could be used. This means that cubic centimeters (cm3) would also represent a derived unit for volume in the SI system. As the figure on page 13 shows, a 10 cm × 10 cm × 10 cm cube is also called a liter. Since 1 liter equals 1000 cm3, then 1 milliliter (mL) equals 1 cm3. Since 10 cm equals 1 decimeter (dm), 1 liter is also equal to 1 cubic decimeter (dm3).


There are some interesting relationships between volume and mass units in the SI system. Since water is most dense at 4°C, the gram was intended to be 1 cm3 of water at this temperature. This means, then, that:
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1000 cm3 = 1 L of water at 4°C.


1000 cm3 of water weighs


1000 g at 4°C.


Therefore,


1 L of water at 4°C weighs 1 kg


and


1 mL of water at 4°C weighs 1 g.


When 1 L is filled with water at 4°C, it has a mass of 1 kg.


Most units used by scientists are mathematical manipulations (derived units) of the seven basic units or other derived units. The table below gives examples of commonly used derived units and the special names given to some of them.


DERIVED UNITS
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TEMPERATURE MEASUREMENTS


The most commonly used temperature scale in scientific work is the Celsius scale. It gets its name from the Swedish astronomer Anders Celsius and dates back to 1742. For a long time it was called the centigrade scale because it is based on the concept of dividing the distance on a thermometer between the freezing point of water and its boiling point into 100 equal markings or degrees.


Another scale used by the SI system is based on the lowest theoretical temperature (called absolute zero). This temperature has never actually been reached, but scientists in laboratories have recorded temperatures within about a billionth of a unit above absolute zero. William Thomson, also known as Lord Kelvin, proposed this scale. A unit (the kelvin) is the same size as a Celsius degree and is referred to as the Kelvin or absolute temperature scale. Through experiments and calculations, it has been determined that absolute zero is 273.15° below zero on the Celsius scale. This figure is usually rounded off to −273°C.


The diagram and formulas that follow give the graphic and algebraic relationships between the temperature scales encountered in chemistry.
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EXAMPLE 1


30°C = __________ °F


SOLUTION
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EXAMPLE 2


68°F = __________ °C


SOLUTION
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EXAMPLE 3


10°C = __________ K


SOLUTION


K = 10 + 273 = 283 K


Note: In Kelvin notation, the degree sign is omitted: 283 K. The unit is the kelvin, abbreviated K.


EXAMPLE 4


200 K = __________ °C


SOLUTION


°C = 200 − 273 = −73°


HEAT MEASUREMENTS


The scales previously discussed are used to measure the degree of heat. A pail of water and a thimble full of water can both be filled with water at 100°C. They both have the same measurement of the degree of heat of the water. However, the pail of water has a greater quantity of heat. This can be easily demonstrated by the amount of ice that can be melted by the water in these two containers. Obviously, the pail of water at 100°C will melt more ice than a thimble full of water at the same temperature. We say that the pail of water contains a greater number of calories (cal) of heat. The calorie unit is used to measure the quantity of heat. It is defined as the amount of heat needed to raise the temperature of 1 g of water by 1° on the Celsius scale. This is a rather small unit for the quantities of heat that are involved in most chemical reactions. Therefore, the kilocalorie (kcal) is more often used. The kilocalorie is equal to 1000 cal. It is the quantity of heat that will increase the temperature of 1 kg of water by 1° on the Celsius scale. As a unit of heat energy, 1 cal is approximately 4.18 J. As described in an earlier table, the joule is a derived unit in the SI system equal to a kilogram meter squared per second squared (kg · m2/s2). Since this unit is fairly small, changes in energy associated with chemical reactions are often expressed in kilojoules (kJ).


Problems involving heat transfers in water are called water calorimetry problems and are explained on page 161.


SCIENTIFIC NOTATION


When students must do mathematical operations with numerical figures, the scientific notation system is very useful. Basically this system uses the exponential means of expressing figures. With large numbers, such as 3,630,000, move the decimal point to the left until only one digit remains to the left (3.630000) and then indicate the number of moves of the decimal point as the exponent of 10 giving you 3.63 × 106. With a very small number such as 0.000000123, move the decimal point to the right until only one digit is to the left 0000001.23 and then express the number of moves as the negative exponent of 10 giving you 1.23 × 10−7.


With numbers expressed in this exponential form, you can now use your knowledge of exponents in mathematical operations. An important fact to remember is that in multiplication you add the exponents of 10, and in division you subtract the exponents. Addition and subtraction can be performed only if the values have the same exponent.



MULTIPLICATION:



EXAMPLE 1


(2.3 × 105)(5.0 × 10−12) =


SOLUTION


Multiplying the first number in each, you get 11.5, and the addition of the exponents gives 10–7. Now changing to a number with only one digit to the left of the decimal point gives you 1.15 × 10–6 for the answer.


EXAMPLE 2


(5.1 × 10−6)(2 × 10−3) =


SOLUTION


(5.1 × 10−6)(2 × 10−3) = 10.2 × 10−9 = 1.02 × 10−8


EXAMPLE 3


(3 × 105)(6 × 103) =


SOLUTION


(3 × 105)(6 × 103) = 18 × 108 = 1.8 × 109


DIVISION:


(Notice that in division the exponents of 10 are subtracted.)


EXAMPLE 1


(1.5 × 103) ÷ (5.0 × 10−2) =


SOLUTION


(1.5 × 103) ÷ (5.0 × 10−2) = 0.3 × 105 = 3 × 104


EXAMPLE 2


(2.1 × 10−2) ÷ (7.0 × 10−3) =


SOLUTION


(2.1 × 10−2) ÷ (7.0 × 10−3) = 0.3 × 101 = 3


ADDITION AND SUBTRACTION:


EXAMPLE 1


4.2 × 104 kg + 7.9 × 103 kg =


SOLUTION


4.2 × 104 kg + (0.79 × 104 kg, so that the exponents of 10 are the same) =


4.2 × 104 kg + 0.79 × 104 kg = 4.99 × 104 kg = 5.0 × 104 kg


Apply the same process to subtraction problems.


DIMENSIONAL ANALYSIS


When you are working problems that involve numbers with units of measurement, it is convenient to use this method so that you do not become confused in the operation of multiplication or division. For example, if you are changing 0.001 kg to milligrams, you set up each conversion as a fraction so that all the units will factor out except the one you want in the answer.


EXAMPLE 1
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SOLUTION


Notice that the kilogram in the denominator of the first fraction can be factored out with the original kilogram unit. The numerator is equal to the denominator except that it is expressed in smaller units. The second fraction has the gram unit in the denominator to be factored out with the gram unit in the preceding fraction. The answer is in milligrams since this is the only unit remaining and it assures you that the correct operations have been performed in the conversion.


EXAMPLE 2


1 foot (ft) = ? centimeters


SOLUTION
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This method is used in examples throughout this book.


PRECISION, ACCURACY, AND UNCERTAINTY


Two other factors to consider in measurement are precision and accuracy. Precision indicates the reliability or reproducibility of a measurement. Accuracy indicates how close a measurement is to its known or accepted value.


For example, suppose you are taking a reading of the boiling point of pure water at sea level. Using the same thermometer in three trials, you record 96.8°C, 96.9°C, and 97.0°C. Since these figures show a high reproducibility, you can say that they are precise. However, the values are considerably off from the accepted value of 100°C, and so we say they are not accurate. In this example we probably would suspect that the inaccuracy was the fault of the thermometer.


Regardless of precision and accuracy, all measurements have a degree of uncertainty. This is usually dependent on two factors—the limitation of the measuring instrument and the skill of the person making the measurement. This can best be shown by example.
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Graduated Cylinder Reading 34.3 mL


The graduated cylinder in the illustration contains a quantity of water to be measured. It is obvious that the quantity is between 30 and 40 mL because the meniscus lies between these two marked quantities. Now, checking to see where the bottom of the meniscus lies with reference to the ten intervening subdivisions, we see that it is between the fourth and fifth. This means that the volume actually lies between 34 and 35 mL. The next step introduces the uncertainty. We have to guess how far the reading is between these two markings. We can make an approximate guess, or estimate, that the level is more than 0.2 but less than 0.4 of the distance. We therefore report the volume as 34.3 mL. The last digit in any measurement is an estimate of this kind and is uncertain.


SIGNIFICANT FIGURES


Any time a measurement is recorded, it includes all the digits that are certain plus one uncertain digit. These certain digits plus the one uncertain digit are referred to as significant figures. The more digits you are able to record in a measurement, the less relative uncertainty there is in the measurement. The following table summarizes the rules of significant figures.








	Rule


	Example


	Number of Significant Figures







	All digits other than zeros are significant.


	
25 g


5.471 g



	
2


4








	Zeros between nonzero digits are significant.


	
309 g


40.06 g



	
3


4








	Final zeros to the right of the decimal point are significant.


	
6.00 mL


2.350 mL



	
3


4








	In numbers smaller than 1, zeros to the left or directly to the right of the decimal point are not significant.


	
0.05 cm


 


0.060 cm



	
(1)The zeros merely mark the position of the decimal point.


(2)The first two zeros mark the position of the decimal point. The final zero is significant.













One last rule deals with final zeros in a whole number. These zeros may or may not be significant, depending on the measuring instrument. For instance, if an instrument that measures to the nearest mile (mi) is used, the number 3000 mi has four significant figures. If, however, the instrument in question records miles to the nearest thousands, there is only one significant figure. The number of significant figures in 3000 can be one, two, three, or four, depending on the limitation of the measuring device.


This problem can be avoided by using the system of scientific notation. For this example, the following notations indicate the numbers of significant figures:
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CALCULATIONS WITH SIGNIFICANT FIGURES


When you do calculations involving numbers that do not have the same number of significant figures in each, it is important to keep these two rules in mind.


In multiplication and division, a simple rule that usually holds is that the number of significant figures in a product or a quotient obtained from manipulating figures of measured quantities is the same as the number of significant figures in the quantity having the smaller number of significant figures.


EXAMPLE 1


4.29 cm × 3.24 cm =


SOLUTION


Unrounded answer = 13.8996 cm2.


Answer rounded to the correct number of significant figures = 13.9 cm2.


Both measured quantities have three significant figures. Therefore, the answer should be rounded to three significant figures.


EXAMPLE 2


4.29 cm × 3.2 cm =


SOLUTION


Unrounded answer = 13.728 cm2.


Answer rounded to the correct number of significant figures = 14 cm2.


One of the measured quantities has only two significant figures. Therefore, the answer should be rounded to two significant figures.


EXAMPLE 3


8.47 cm2/4.26 cm =


SOLUTION


Unrounded answer = 1.9882629 cm.


Answer rounded to the correct number of significant figures = 1.99 cm.


Both measured quantities have three significant figures. Therefore, the answer should be rounded to three significant figures.


In addition and subtraction, the simple rule is that when adding or subtracting measured quantities, the sum or difference should be rounded to the same number of decimal places as in the quantity having the least number of decimal places.


EXAMPLE 1


[image: Image]


SOLUTION


Unrounded answer = 12.28 cm.


Answer rounded to the correct number of significant figures = 12.3 cm.


One of the quantities added has only one decimal place. Therefore, the answer should be rounded to only one decimal place.


EXAMPLE 2
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SOLUTION


Unrounded answer = 1.384 cm.


Answer rounded to the correct number of significant figures = 1.38 cm.


One of the quantities has only two decimal places so the answer should be rounded to two decimal places.


Chapter Summary


The following terms summarize all the concepts and ideas that were introduced in this chapter. You should be able to explain their meaning and how you would use them in chemistry. They appear in boldface type in this chapter to draw your attention to them. The boldface type also makes the terms easier for you to look up, if you need to. You could also use a search engine on a computer to get a quick and expanded explanation of them.


TERMS YOU SHOULD KNOW


accuracy


activation energy


Celsius


chemical change


chemical properties


compound


density


derived quantity


element


endothermic


exothermic


gas


heterogeneous


homogeneous


inertia


Kelvin


joule


kinetic energy


Law of Conservation of Energy


Law of Conservation of Mass (Matter)


Law of Conservation of Mass and Energy


Law of Definite Composition (or Proportion)


liquid


mass


matter


meniscus


mixtures


physical change


physical property


potential energy


precision


scientific notation


SI system


significant figures


solid


uncertainty


weight



Review Exercises



1.1.2 mg        = ____________ g


2.6.3 cm        = ____________ mm


3.5.12 m        = ____________ cm


4.32°C	          = ____________ K


5.6.111 mL    = ____________ L


6.1 km	          = ____________ mm


7.1.03 kg       = ____________ g


8.0.003 g       = ____________ kg


9.22.4 L         = ____________ mL


10.10,013 cm   = ____________ km


11.The density of CCl4 (carbon tetrachloride) is 1.58 g/mL. What is the mass of 100. mL of CCl4?


12.A piece of sulfur weighs 227 g. When it was submerged in a graduated cylinder containing 50 mL of H2O, the level rose to 150 mL. What is the density (g/mL) of the sulfur?


13.(a)A box 20.0 cm × 20.0 cm × 5.08 in. has what volume in cubic centimeters?


(b)What weight of H2O at 4°C will the box hold?


14.Set up the following using dimensional analysis:
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15.How many significant figures are in each of the following?


(A)1.01 g


(B)200.0 s


(C)0.0021 m


(D)0.0230 k


16.If the graphic representation of the energy levels of the reactants and products in a chemical reaction looks like this
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(A)there is an exothermic reaction


(B)there is an endothermic reaction


(C)the a portion is the energy given off


(D)the b portion is called the activation energy


17.The amount of mass per unit volume refers to the


(A)density


(B)specific weight


(C)volume


(D)weight


18.A baking powder can carry the statement, “Ingredients: corn starch, sodium bicarbonate, calcium hydrogen phosphate, and sodium aluminum sulfate.” Therefore, this baking powder is


(A)a compound


(B)a mixture


(C)a molecule


(D)a mixture of elements


19.Which of the following is a physical property of sugar?


(A)It decomposes readily.


(B)Its composition is carbon, hydrogen, and oxygen.


(C)It turns black with concentrated H2SO4.


(D)It can be decomposed with heat.


(E)It is a white, crystalline solid.


20.A substance that can be further simplified may be either


(A)an element or a compound


(B)an element or a mixture


(C)a mixture or a compound


(D)a mixture or an atom


21.A substance composed of two or more elements chemically united is called


(A)an isotope


(B)a compound


(C)an element


(D)a mixture


22.An example of a chemical change is the


(A)breaking of a glass bottle


(B)sawing of a piece of wood


(C)rusting of iron


(D)melting of an ice cube


23.A substance that cannot be further decomposed by ordinary chemical means is


(A)water


(B)air


(C)sugar


(D)silver


24.An example of a physical change is


(A)the fermenting of sugar to alcohol


(B)the rusting of iron


(C)the burning of paper


(D)a solution of sugar in water


25.A chemical action may involve all of the following EXCEPT


(A)combining of atoms of elements to form a molecule


(B)separation of the molecules in a mixture


(C)breaking down compounds into elements


(D)reacting a compound and an element to form a new compound and a new element


26.The energy of a system can be


(A)easily changed to mass


(B)transformed into a different form


(C)measured only as potential energy


(D)measured only as kinetic energy


27.If the ΔH of a reaction is a negative quantity, the reaction is definitely


(A)endothermic


(B)unstable


(C)exothermic


(D)reversible


In the following list, write E for the elements, C for the compounds, and M for the mixtures.


28.Water


29.Wine


30.Soil


31.Silver


32.Aluminum oxide


33.Hydrogen


34.Carbon dioxide


35.Air


36.Hydrochloric acid


37.Nitrogen


38.Tin


39.Potassium chloride


Answers and Explanations


1.0.0012 g
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2.63 mm


[image: Image]


3.512 cm


[image: Image]


4.305 K


32°C + 273 = 305 K


5.0.006111 L
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6.1,000,000 mm or 1 × 106 mm


[image: Image]


7.1.03 × 103 g
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8.0.000003 kg or 3 × 10–6 kg


[image: Image]


9.22,400 mL or 2.24 × 104 mL


[image: Image]


10.0.10013 km


[image: Image]


11.158 g


Since the density is 1.58 g/mL and you want the mass of 100 mL, you use the formula density × volume = mass.


Inserting the values gives:


1.58 g/mL × 100 mL = 158 g


12.2.27 g/mL


To find the volume of 227 g sulfur, subtract the volume of water before from the volume after.


150 mL − 50 mL = 100 mL


[image: Image]


13.(a)5160 cm3


(b)5160 g


(a)Converting 5.08 in. to cubic centimeters,


[image: Image]


Then 20.0 cm × 20.0 cm × 12.9 cm = 5160 cm3


(b)Since 1 cm3 of water at 4°C weighs


1 g: 5160 cm3 = 5160 g


14.[image: Image]


15.(A)3 significant figures—The zero nested between two nonzero (and hence significant) digits is significant.


(B)4 significant figures—The final zero is after the decimal point; therefore, it is significant. The other zeros are nested between significant digits and are therefore significant.


(C)2 significant figures—All zeros are just placeholders.


(D)3 significant figures—The first two zeros are placeholders. The last zero is significant as it is to the right of the decimal and ends the number.


16.(A)The reaction is exothermic because the reactants have a higher potential energy than the products.


17.(A)Density is defined as mass per unit volume.


18.(B)Baking powder is a physical blend of pure substances, making it a mixture.


19.(E)Physical properties deal with only the substance itself, not how it reacts.


20.(C)Elements cannot be further decomposed. An atom is best described as a particle, not a substance.


21.(B)The question defines a compound.


22.(C)The rusting of iron produces a new substance, iron (II) oxide. The production of new substances is what chemical change is about.


23.(D)Silver is an element; the other substances are not.


24.(D)Making a solution does not produce a new substance.


25.(B)A mixture is just a physical combination. No chemical action is required to separate the components.


26.(B)Energy can change form. Examples include light to heat and heat to electricity.


27.(C)When the heat of reaction (ΔH) is negative, the system is losing energy. When a system loses energy, the process is referred to as exothermic.


28.(C)Water is a chemical combination of hydrogen and oxygen in a particular ratio; it is a compound.


29.(M)Wine is a physical blend of many compounds and can be easily separated; it is a mixture.


30.(M)Soil is a physical blend of many compounds and can be easily separated; it is a mixture.


31.(E)Silver cannot be decomposed by ordinary chemical means; it is an element.


32.(C)Aluminum oxide is a chemical blend of aluminum and oxygen in a particular ratio; it is a compound.


33.(E)Hydrogen cannot be decomposed by ordinary chemical means; it is an element.


34.(C)Carbon dioxide is a chemical blend of carbon and oxygen in a particular ratio; it is a compound.


35.(M)Air is a physical blend of many gases (nitrogen and oxygen primarily) and can be easily separated; it is a mixture.


36.(C)Hydrochloric acid is the compound hydrogen chloride (generally in a water solution). The best answer is “compound” if you choose to focus on only the hydrogen chloride. The best answer is “mixture” if you choose to look at the hydrochloric acid as a solution.


37.(E)Nitrogen cannot be decomposed by ordinary chemical means; it is an element.


38.(E)Tin cannot be decomposed by ordinary chemical means; it is an element.


39.(C)Potassium chloride is a chemical blend of potassium and chlorine in a particular ratio; it is a compound.










PART II




THE NATURE OF MATTER











2 ATOMIC STRUCTURE AND THE PERIODIC TABLE



WHAT YOU WILL LEARN


Upon completing this chapter, you will be able to:


•Describe the history of the development of atomic theory


•Explain the structure of atoms


•Understand and predict the placement of electrons in principal energy levels and sublevels and the subsequent notation for such placement


•Place atoms in groups and periods based on their structure in the periodic table


•Explain how chemical and physical properties are related to position in the periodic table


History


The idea of small, invisible particles being the building blocks of matter can be traced back more than 2000 years to the Greek philosophers Democritus and Leucippus. These particles were supposed to be so small and indestructible that they could not be divided into smaller particles. The Greek word for “indivisible” is atmos. The English word atom comes from this Greek word. This early concept of atoms was not based upon experimental evidence but was simply a result of thinking and reasoning on the part of the philosophers. It was not until the eighteenth century that experimental evidence in favor of the atomic hypothesis began to accumulate. Finally, about 1805, John Dalton proposed some basic assumptions about atoms based on what was known through scientific experimentation and observation at that time. These assumptions were very closely related to what we presently know about atoms. Because of this, Dalton is often referred to as the father of modern atomic theory. Some of these basic ideas were:


1.All matter is made up of very small, discrete particles called atoms.


2.All atoms of an element are alike in weight and different from the weight of any other kind of atom.


3.Atoms cannot be subdivided, created, or destroyed.


4.Atoms of different elements combine in simple whole-number ratios to form chemical compounds.


5.In chemical reactions, atoms are combined, separated, or rearranged.


By the second half of the 1800s, many scientists believed that all the major discoveries related to the elements had been made. The only thing left for young scientists to do was to refine what was already known. This came to a suprising halt when J. J. Thomson discovered the electron beam in a cathode ray tube in 1897. Soon afterward, Henri Becquerel announced his work with radioactivity, and Marie Curie and her husband, Pierre, set about trying to isolate the source of radioactivity in their laboratory in France.


During the late nineteenth and early twentieth centuries, more and more physicists turned their attention to the structure of the atom. In 1913, the Danish physicist Niels Bohr published a theory explaining the line spectrum of hydrogen. He proposed a planetary model that quantized the energy of electrons to specific orbits. The work of Louis de Broglie and others in the 1920s and 1930s showed that quantum theory described a more probabilistic model of where the electrons could be found that resulted in the theory of orbitals. Enough was learned about nuclear structure to make practical use of atomic nuclei, as in nuclear power generators that use fission reactions and in fission and fusion bombs in the 1940s and 1950s. Today the search still goes on to study the particle physics of the atom and to attempt to control nuclear fusion reactions as a source of energy.
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