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            PREFACE

            To the Student:

            This book has been written to help you understand and review high school chemistry. Chemistry is not a particularly easy subject. No book—no matter how well written—can give you instant insight. Nevertheless, if you read this book carefully and do all of the problems and review questions, you will have a pretty decent understanding of what chemistry is all about.

            I have designed this book to be your “chemistry companion.” It is more detailed than most review books, but it is probably less detailed than your hardcover text. The book is divided into 16 chapters. Each chapter begins with an overview (Key Ideas) and a summary of what you should learn in the chapter (Key Objectives). Most of the 16 chapters are then divided into two sections. Section I contains basic material that follows the New York State Regents Core syllabus very closely. Section II contains additional material that is not in the Regents Core but may well be part of your chemistry course (and is likely to appear on other standardized tests such as the SAT Subject Test in Chemistry).

            This book provides a large number of problems with detailed solutions. Many of the problems are usually followed by a “Try It Yourself” exercise and its answer. You are encouraged to work out each and every exercise.

            Each chapter ends with multiple-choice questions and, usually, one or more constructed-response and free-response questions. These are drawn from both Sections I and II. Appendix 1 contains the official New York State Regents reference tables that are used throughout the book, and Appendix 2 contains additional (non-Regents) tables that are used for Section II topics. Appendix 4 provides some information on how to answer various types of constructed-response questions.

            
            If you have any comments about this book or if you find errors (for which I apologize in advance), please e-mail me at:

            
                
            

            I wish you much success.

            A. S. Tarendash

            To the Teacher:

            This book was written according to the following philosophy: A worthwhile review book should provide clear, careful, and detailed explanations that will, in effect, “hold the student’s hand” while he or she is studying the subject.

            Features of This Book

            
                	Most of the 16 chapters are divided into two sections. Section I contains basic material that follows the New York State Regents Core syllabus. Section II contains additional material that goes beyond the New York State Core and may well appear on such standardized tests such as the SAT Subject Test in Chemistry.

                	The additional reference tables have been revised to reflect recent discoveries, such as elements 117 and 118, and the naming of elements 113–118.

                	Thanks to reader correspondence, errors have been corrected extensively throughout the book.

                	The end-of-chapter questions have been revised so that Section I questions contain more recent Regents examination material.

            

            You may find that my ordering of the material is a bit unorthodox. Then again, we all have our own visions as to how a high school chemistry course should be sequenced. In the final analysis, you may not feel that the way I subdivided the material is appropriate for your teaching style or course. If you are more comfortable using your own order or the order shown in your textbook, you should certainly continue with that approach.

            Rather than padding each section of the text with multiple-choice questions, I spent considerable time in working out sample problems. The text heavily emphasizes the factor label method (dimensional analysis) because I believe that this one area is where students experience considerable difficulties. In this vein, I have also included an additional appendix (Appendix 4) on how to answer constructed-response and free-response items. This appendix is designed to train your students to compose answers that are logical and orderly and that will not drive you crazy when you grade them!

            I reserved the end of each chapter for the multiple-choice and constructedresponse questions, including free-response questions. I have not included the type of questions found on the SAT Subject Test. If you are preparing your class to take the SAT Subject Test, you should obtain a book published by The College Board that contains a variety of authentic, released SAT Subject Test examinations in all subjects, including chemistry. You will find the chemistry section of that book particularly helpful. You should make every effort to include at least a few SAT Subject Test-type questions on your class examinations throughout the year.

            A final thought: Let’s Review Regents: Chemistry—Physical Setting was never meant to be one of those thin “Regents prep books.” It was always designed to be a review of a complete introductory one-year course in high school chemistry as taught in most of the country. To New York teachers: Remember, the New York State Education Department took great pains to indicate that “[the] Core is not a syllabus” [Chemistry Core p. 3.] but a document to assist in planning a year-long chemistry course. In effect, the Core is merely a blueprint for questions that students might be asked on the Regents Chemistry examination. I firmly believe that no New York State high school chemistry teacher should be using the Core as his or her sole curriculum guide. In this vein, many New York teachers have recognized that omitting certain topics makes other basic concepts mysterious to their students. (Can one really teach Lewis electron-dot diagrams in a meaningful way if atomic sublevels and orbitals have been omitted?)

            I hope that this book provides some new insights and that it will help you to ensure that you approach your lesson plans and lessons in a spirit of inquiry and problem solving. I also hope that Let’s Review Regents: Chemistry—Physical Setting will be successful for both you and your students.

            If you have any comments about this book or if you find errors (for which I apologize in advance), please e-mail me at:
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            Chapter

                One

            Introduction to Chemistry

            
                Key Ideas

                This chapter introduces some of the basic concepts in chemistry that serve as a foundation for the chapters that follow. In particular, measurement and problem solving are studied.

            

            KEY OBJECTIVES

            At the conclusion of this chapter you will be able to:

            
                	Define the terms chemistry, matter, pure substance, and mixture.

                	Distinguish among elements, compounds, and mixtures.

                	Distinguish between physical and chemical properties.

                	Indicate how mixtures are separated.

                	Distinguish between physical and chemical changes.

                	List the various forms of energy.

                	List the common metric units used in chemistry.

                	Name the most commonly used metric prefixes and their numerical equivalents.

                	Express numbers in scientific notation.

                	Perform simple operations on numbers expressed in scientific notation.

                	Define the terms volume and density as they apply to chemistry.

                	Describe how measurement readings are taken and estimated.

                	Define and apply the terms accuracy, precision, and significant digits (figures).

                	Apply the rules for adding (subtracting) and multiplying (dividing) measurements.

                	Define the term percent error, and calculate the percent error of a measurement.

                	Understand the factor-label method (FLM), and use it to solve problems.

                	Use equations and graphs to solve problems.

            

            Reminder: If you have not already done so, read Preface: To the Student at this time.

        

    
        SECTION I—BASIC (REGENTS-LEVEL) MATERIAL

        NYS REGENTS CONCEPTS AND SKILLS

        
            
                
                    	 
                    	By the time you have finished Section I, you should have mastered the concepts and skills listed below. The Regents chemistry examination will test your knowledge of these items and your ability to apply them.

                        Concepts are the basic ideas that form the body of the Regents chemistry course (what you need to know!).

                        Skills are the activities that demonstrate your mastery of these concepts (how you show that you know them!).

                        Following each concept or skill is a page reference (given in parentheses) to this chapter.
                

                
                    	1.1
                    	Concept:

                        Matter is classified as a pure substance or as a mixture of substances. (Page 4)
                

                
                    	1.2
                    	
                        Concept:

                            The structure and arrangement of particles determine the phase of a substance.

                            The three phases of matter (solids, liquids, and gases) have different properties. (Page 4)

                        Skill:

                            Use a simple particle model/diagram to differentiate among the properties of a solid, a liquid, and a gas. (Pages 4–5)

                    
                

                
                    	1.3
                    	
                        Concept:

                            A pure substance (element or compound) has a constant composition and constant properties throughout a given sample, and from sample to sample. (Pages 4–5)

                        Skill:

                            Use a simple particle model/diagram to differentiate among elements, compounds, and mixtures. (Pages 5–6)

                    
                

                
                    	1.4
                    	Concept:

                        Elements cannot be broken down by chemical change. (Pages 4–5)
                

                
                    	1.5
                    	Concept:

                        Mixtures are composed of two or more different substances that can be separated by physical means. When different substances are mixed together, a homogeneous or heterogeneous mixture is formed. (Pages 5–6)
                

                
                    	1.6
                    	Concept:

                        The proportions of components in a mixture can be varied. Each component in a mixture retains its original properties. (Page 5)
                

                
                    	1.7
                    	Concept:

                        A physical change results in the rearrangement of existing particles in a substance. A chemical change results in the formation of different substances with changed properties. (Page 5)
                

                
                    	1.8
                    	Concept:

                        Energy can exist in different forms, such as chemical, electrical, electromagnetic, thermal, mechanical, and nuclear. (Pages 12–13)
                

                
                    	1.9
                    	
                        Concept:

                            Algebraic and geometric representations can be used to describe and compare data.

                        Skills:

                        
                            	Organize, graph, and analyze scientific data. (Pages 27–31)

                            	Recognize and convert various scales of measurement. (Pages 23–25)


                        

                    
                

                
                    	1.10
                    	
                        Concept:

                            Algebraic and geometric representations can be used to recognize patterns and relationships in mathematics.

                        Skills:

                        
                            	Identify direct and inverse relationships. (Pages 28–29)

                            	Use data trends (such as those shown in graphs) to predict information. (Pages 28–29, 30–31)

                        

                    
                

                
                    	1.11
                    	
                        Concept:

                            Algebraic and geometric concepts can be used to solve problems.

                        Skills:

                        
                            	State what assumptions are made when a mathematical equation is used. (Pages 25–27)

                            	Evaluate whether an answer to a numerical problem is reasonable. (Pages 25–27)

                        

                    
                

                
                    	1.12
                    	
                        Concept:

                            Differences in properties such as density, particle size, molecular polarity, boiling point and freezing point, and solubility permit physical separation of the components of a mixture. (Pages 6–12)

                        Skill:

                            Describe the processes and uses of filtration, distillation, and chromatography in the separation of a mixture. (Pages 6–12)

                    
                

            
        

    
    1.1 CHEMISTRY IS . . . ?

Chemistry is the science that focuses on the structure, composition, and properties of matter. In our study, we will also learn about the changes that matter undergoes and the energy that accompanies these changes.



        1.2 MATTER and energy

        Our universe is composed of matter and energy. Matter is anything that has mass and volume (that is, anything that has density, a concept we will develop in Section 1.6). 

        Matter commonly exists in three phases: solid, liquid, and gas. Generally, solids are composed of particles that are tightly packed and have a regular arrangement. The particles present in gases have no regular arrangement and no appreciable packing. In liquids, the arrangement and packing of the particles are somewhere between those in solids and gases. As a consequence, a solid has a definite shape and volume; a liquid has a definite volume but takes the shape of its container; a gas has neither a definite shape nor a definite volume: its shape and volume are those of its container. 

        We can use particle diagrams to visualize solids, liquids, and gases and to distinguish among them, as shown below.
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        Substances 

        For convenience, we divide matter into two classes: pure substances and mixtures. 

        A pure substance is any variety of matter that is homogeneous (uniform) and has a fixed composition by mass. Elements are classified as substances because they contain atoms of a single type and cannot be decomposed further. Although compounds contain more than one type of element, they are also classified as substances because their compositions are fixed. For example, in every sample of water, the ratio, by mass, of oxygen to hydrogen is eight to one. Because this ratio cannot be changed, we usually say that the elements in a compound are chemically combined. The accompanying particle diagrams represent two different elements and a compound.
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        Every substance has a unique set of properties that allow it to be distinguished from other substances. These properties can be grouped into two categories: physical and chemical.

        Physical properties can be measured without changing the identity and composition of a substance, and include color, odor, density, melting point, and boiling point. For example, when the melting point of a substance is measured, its phase changes from solid to liquid. The appearance of the substance changes, but not its composition. Changes that accompany the measurement of physical properties are called physical changes. For example, all phase changes are physical changes.

        Chemical properties are properties that lead to changes in the identity and composition of a substance. For example, combustibility is a chemical property. When hydrogen gas is burned in air, the hydrogen combines with the oxygen in the air and changes into water, a substance whose composition is entirely different from that of hydrogen. Changes that accompany the measurement of chemical properties are called chemical changes; they are also called chemical reactions. For example, when a battery provides electrical energy, the changes that occur inside it are chemical changes because en­tirely new substances are produced.

        Mixtures

        A mixture is composed of two or more distinct substances, but the compositions of mixtures may be varied. A solution of sugar and water is a mixture because the ratio of sugar to water can be changed. A solution is an example of a homogeneous mixture because each component (sugar and water in this case) is uniformly dispersed throughout the solution. An ice cream soda, on the other hand, is not homogeneous because each component (ice cream, syrup, soda, whipped cream) is not uniformly dispersed. This is an example of a heterogeneous mixture. The accompanying particle diagram represents a heterogeneous mixture.
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        Separation of Mixtures

        One way of distinguishing between mixtures and substances involves the ability to separate mixtures by “physical” methods. For example, it is pos­sible to separate a sand-water mixture by allowing the water to evaporate. When a physical method is used to separate a mixture, the chemical properties of the mixture’s components are not changed. We discuss these separation techniques below.

        Filtration

        Suppose we have a sand-salt mixture, and we want to separate the sand from the salt. The technique known as filtration will accomplish the task of recovering the sand from the mixture. First, we add water to the mixture, a procedure that dissolves the salt, but not the sand. Second, we fit a funnel with a cone of filter paper, and carefully pour the well-stirred mixture into the funnel, as shown in the accompanying diagram.
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        The salt-water solution that passes through the filter paper into the beaker below is known as the filtrate. The sand remains on the filter paper. To remove the last traces of salt from the moist sand, we wash the sand several times with pure water. We then allow the sand to dry, either in air or in a heating oven.

        Evaporation

        The next step is to recover the salt from the salt-water solution. Drying would work but would take a very long time. In situations such as this, we use the technique known as evaporation. We pour the solution carefully into an evaporating dish, and cover the dish with a watch glass. Then we heat the entire assembly gently over a low flame until the water boils and is completely evaporated. The watch glass prevents the salt from spattering during the heating process. The accompanying diagram illustrates this technique.
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        In the event that strong heating is required, a crucible is used. Crucibles are frequently made of porcelain and are supported by a pipestem triangle while being heated. The accompanying diagram illustrates the use of a crucible.
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        Crystallization

        Yet another technique we can use to separate a dissolved solid from its solvent is known as crystallization. In this technique, we prepare a concentrated solution at a relatively high temperature and allow the solution to cool slowly. As it cools solid crystals form at the bottom of the vessel containing the solution. At times, the solution becomes supersaturated and the crystals do not form immediately. In these cases, we can initiate crystallization by adding a single “seed crystal” of the solid to the solution.

        Distillation

        Suppose we have an aqueous solution containing dissolved solids, but it is the solvent that we want to recover. In this instance, we use the technique known as distillation. We place the solution in a boiling flask and heat it to boiling. As the solvent vapor passes out of the flask, it passes through a condenser, a tube that is surrounded by an outer tube containing cold water. The cold water condenses the vapor in the tube, and the solvent is collected in a second flask. The collected solvent is known as the distillate. The accompanying diagram illustrates one way of distilling a solution.
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        There are a number of other types of distillation. In Chapter 11, we will learn that the process of fractional distillation is used to separate petroleum into simpler mixtures of liquid hydrocarbons, and that this process is dependent on the differences in the boiling points of the hydrocarbon fractions.

        Chromatography

        Another technique used by chemists to separate mixtures is chromato­graphy. The word chromatography comes from the Greek words chroma (color) and graphein (to write). The term was coined by the Russian botanist Mikhail Tsvett, who used the technique in 1906 to separate a mixture of plant pigments. In chromatography, a spot of a mixture is placed on a stationary phase, such as paper. The stationary phase is then placed in a sealed container of solvent, which is known as the moving phase. As the solvent moves along the stationary phase, it carries the mixture with it. If different components of the mixture have different degrees of attraction for the stationary phase, they will travel at different speeds along it and will be separated from one another.

        The accompanying diagrams illustrate how one technique, known as ascending paper chromatography, is used to separate the components of a mixture.

        Distinguishing Types of Matter
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        An element cannot be separated, and a compound can be separated only by more drastic “chemical” methods. These methods will change the chemical properties of the components that are part of the compound. For example, when the compound water is separated by using an electric current, this familiar liquid is replaced by two gaseous elements, hydrogen and oxygen. The chemical properties of these elements are very different than those of water.

        The accompanying diagram presents a scheme for distinguishing among the various types of matter.
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        Energy

        It is not easy to define energy precisely, but we are all familiar with at least some of its forms: thermal (heat), chemical, electrical, electromagnetic radiation (light), nuclear, and mechanical energy. Mechanical energy is divided into kinetic energy (the energy associated with motion) and potential energy (the energy associated with position). As students of chemistry, we will be particularly interested in heat and in mechanical and electrical energy.

        All forms of energy are associated with the concept of mechanical work, which associates a force with a change of position. For example, we use a vacuum cleaner to transform electrical energy into the mechanical work needed to lift and remove dirt from a carpet.

        The concept of energy is of great importance to chemists. For example, chemical reactions may absorb energy (endothermic reactions) or release it (exothermic reactions). Many reactions involve the conversion of one form of energy to another. Yet, as a result of countless experiments, chemists have arrived at the conclusion that energy is never destroyed in a chemical change; rather, it is conserved. The role of energy in chemical reactions will be treated more fully in Chapter 5.

        Although work and energy may seem very different, they are closely related; in fact, the same unit is used to measure both quantities. In the SI (as shown in the next paragraph) this unit is the joule (J); its multiple is the kilojoule (kJ).

        An older method of measuring energy involves calculating how much heat energy is absorbed or released by a substance. This older unit of energy is the calorie (cal); its multiple is the kilocalorie (kcal). Originally, the calorie was defined as the amount of heat energy needed to change the temperature of 1 gram of liquid water by 1 Celsius degree. The calorie is now defined in terms of the joule: 1 calorie = 4.2 joules.

    
        1.3 MEASUREMENT AND THE METRIC SYSTEM

        The basis of all science lies in the ability to measure quantities. For example, we can easily measure the length or mass of this book if we have some standardized system of measurement. We use the Système International (SI) and its derivatives because scientists all over the world express measurements in metric units. The SI has established seven fundamental quantities upon which all measurement is based: (1) length, (2) mass, (3) temperature, (4) time, (5) number of particles, (6) electric current, and (7) luminous intensity. For each of these quantities there is a unit of measure based on a standard that can be duplicated easily and does not vary appreciably.

        Length

        The unit of length is the meter (m), which is approximately 39 inches. In chemistry, we also use various subdivisions of the meter: picometer (pm, 10−12 meter), nanometer (nm, 10−9 meter), millimeter (mm, 0.001 meter), centimeter (cm, 0.01 meter), and decimeter (dm, 0.1 meter). The prefixes pico-, nano-, centi-, and so on, are known as metric prefixes. A list of these prefixes appears in Section 1.4.

        Mass

        The unit of mass is the kilogram (kg), which has an approximate weight (on Earth) of 2.2 pounds. (We note that mass and weight are not the same quantity. Mass is the amount of matter an object contains, while weight is the force with which gravity attracts matter.) In chemistry we also use the gram (g; 1000 grams equals 1 kilogram) as a unit of mass.

        Temperature

        Temperature measures the “hotness” of an object. The SI unit of temperature is the kelvin (K). The fixed points on the Kelvin scale of temperature are the zero point (0 K, known as “absolute zero”) and 273.16 K, which is known as the “triple point” of water. (More will be said about the Kelvin scale of temperature in Chapter 6.)

        In chemistry, we also use the Celsius temperature scale (°C). Originally the fixed points on this scale were set at the normal freezing and boiling points of water (0°C and 100°C, respectively). 

        We can convert between the Celsius and Kelvin scales using the simplified equation that appears in Reference Table T in Appendix 1:

        
            
        

        Time

        The unit of time is the second (s). In chemistry, we also use the familiar minute (min), hour (h), day (d), and year (y) as units of time.

        Number of Particles

        The unit of number of particles is the mole (mol). The mole is a very large number— 6.02 × 1023. In chemistry, we frequently need to know the number of particles (such as atoms or molecules) in a sample of matter in order to predict its behavior.

        Electric Current

        The unit of electric current is the ampere (A). Electric current measures the flow of electric charge. In the SI system of measurement, electric charge is a derived quantity that is based on electric current and time. The SI unit of electric charge is the coulomb (C).

        Luminous Intensity

        The unit of luminous intensity is the candela (cd). As its name implies, luminous intensity measures the brightness of light. We will not need to use this unit in our study of chemistry.

    
        1.4 METRIC PREFIXES

        Very often, an SI unit is not convenient for expressing measurements. For example, the meter is not useful for describing the diameter of a red blood cell or the distance between Earth and the Sun. There are two ways to deal with this dilemma: we can use scientific notation (which is introduced in the next section), or we can use metric prefixes to create multiples and subdivisions of any unit of measure. The accompanying table lists some metric prefixes along with their symbols and values.

        
            
                
                    	Factor
                    	Prefix
                    	Symbol
                    	Factor

                    	Prefix
                    	Symbol
                

            
            
                
                    	1015

                    	peta-
                    	P
                    	0.1
                    	deci-
                    	d
                

                
                    	1012

                    	tera-
                    	T
                    	0.01
                    	centi-
                    	c
                

                
                    	109

                    	giga-
                    	G
                    	0.001
                    	milli-
                    	m
                

                
                    	106

                    	mega-
                    	M
                    	10−6

                    	micro-
                    	µ
                

                
                    	1000
                    	kilo-
                    	k
                    	10−9

                    	nano-
                    	n
                

                
                    	100
                    	hecto-
                    	h
                    	10−12

                    	pico-
                    	p
                

                
                    	10
                    	deka-
                    	da
                    	10−15

                    	femto-
                    	f
                

            
        

        For example, we use the term picogram (pg) to designate 10−12 gram (one-trillionth of a gram). This is a very small quantity of matter! An abbreviated list of metric prefixes appears in Reference Table C in Appendix 1.

    
        1.5 SCIENTIFIC NOTATION

        Once we have established a system of measurement, we need to be able to express small and large numbers easily. Scientific notation accomplishes this purpose. In scientific notation, a number is expressed as a power of 10 and takes the following form:

        
            
        

        M is called the mantissa, and n is the exponent. The mantissa is a real number that is greater than or equal to 1 and is less than 10 (1 ≤ M < 10). The exponent is an integer that can be positive, negative, or zero. For example, the number 2300 is written in scientific notation as 2.3 × 103 (not as 23 × 102 or 0.23 × 104). The number 0.0000578 is written as 5.78 × 10−5.

        To write a number in scientific notation, we move the decimal place until the mantissa is a number between 1 and 10. If we move the decimal place to the left, the exponent is a positive number; if we move it to the right, the exponent is a negative number.

        To multiply two numbers expressed in scientific notation, we multiply the mantissas and add the exponents. The final result must always be expressed in proper scientific notation. Here are two examples:

        
            
        

        Division is accomplished by dividing the mantissas and subtracting the exponents.

        To add (subtract) two numbers expressed in scientific notation, both numbers must have the same exponent. The mantissas are then added (subtracted). The following examples illustrate the application of this rule:

        
            
        

        Every calculator is different. Become familiar with how to input and manipulate scientific notation on your calculator. Doing so will help you work with calculations involving scientific notation.

    
        1.6 VOLUME AND DENSITY

        In addition to the fundamental metric quantities, there are many derived quantities that are combinations of the fundamental ones. For example, the speed of an object is the ratio of the distance (length) it travels to a given amount of time. In chemistry, two derived quantities are of immediate interest to us: volume and density.

        Volume

        The volume of an object is the amount of three-dimensional space the object occupies. The SI unit of volume is the cubic meter (m3), which is too large for practical use in chemistry. We will use the cubic centimeter (cm3), which is approximately equal to one-thousandth of a quart, and the liter (L), which is approximately equal to 1 quart. One liter is ex­actly equal to 1000 cubic centimeters. 

        We often designate one-thousandth of a liter as a milliliter (mL). It follows that 1 cubic centimeter equals 1 milliliter (1 cm3 = 1 mL).

        Density

        Density is the ratio of mass to volume:

        
            
        

        Symbolically, this is written as follows:

        
            
        

        Density measures the “compactness” of a substance. A substance such as lead has a large density because a relatively small volume of lead has a relatively large mass. A substance such as Styrofoam (the material used to make coffee cups) has a small density because a relatively large volume of Styrofoam has a relatively small mass.

        Density is a property that depends only on the nature of a substance, not on the size of any particular sample of the substance. For example, a solid gold coin and a solid gold brick have very different masses and volumes, but they have the same density because both are pure gold.

        In the SI system, the unit of density is the kilogram per cubic meter (kg/m3). In chemistry, the densities of solids and liquids are commonly reported in grams per cubic centimeter (g/cm3), while the densities of gases are given in grams per cubic decimeter (g/dm3) or, equivalently, in grams per liter (g/L). We will solve some problems involving density in Section 1.8.

    
        1.7 REPORTING MEASURED QUANTITIES

        Every scientific discipline, including chemistry, is concerned with making measurements. Since no instrument is perfect, a degree of uncertainty is associated with every measurement. In a well-designed experiment, how­ever, the uncertainty of each measurement is reduced to the smallest possible value.

        Accuracy refers to how well a measurement agrees with an accepted value. For example, if the accepted density of a material is 1220 grams per cubic decimeter and a student’s measurement is 1235 grams per cubic decimeter, the difference (15 g/dm3) is an indication of the accuracy of the measurement. The smaller the difference, the more accurate is the measurement.

        Precision describes how well a measuring device can reproduce a measurement. The limit of precision depends on the design and construction of the device. No matter how carefully we measure, we can never obtain a result more precise than the limit built into our measuring device. A good general rule is that the limit of precision of a measuring device is equal to plus or minus one-half of its smallest division. For example, in the following diagram:

        
            [image: ]
        

        the smallest division of the meter stick is 0.1 meter, and therefore the limit of its precision is ±0.05 meter. When we read any measurement using this meter stick, we must attach this limit to the measurement, for example, 0.27 ± 0.05 meter.

        Significant digits (also called significant figures) are the digits that are part of any valid measurement. The number of significant digits is a direct result of the number of divisions the measuring device contains. The following diagram shows a meter stick with no divisions. How should the measurement indicated by the arrow be reported?
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        Since there are no divisions, all we know is that the measurement is somewhere between 0 and 1 meter. The best we can do is to make an educated guess based on the position of the arrow. To obtain the best educated guess, we divide the meter stick mentally into ten divisions and report the measurement as 0.3 meter. This meter stick allows us to measure length to one significant digit.

        Suppose we now use a meter stick that has been divided into tenths and repeat the measurement.

        
            [image: ]
        

        With this device we can report the measurement with less uncertainty because we know that the indicated length lies between 0.3 and 0.4 meter. Allowing ourselves one educated guess, we will report the length as 0.33 meter. This measurement has two significant digits. The more significant digits a measurement has, the more confidence we have in our ability to reproduce the measurement because only the last digit is in doubt.

        Measurements that contain zeros can be particularly troublesome. For example, we say that the average distance between Earth and the Moon is 238,000 miles. Do we really know this number to six significant digits? If so, we would have measured the distance to the nearest mile. Actually, this measurement contains only three significant figures. The distance is being reported to the nearest thousand miles. The zeros simply indicate how large the measurement is.

        To avoid confusion, a number of rules have been established for determining how many significant digits a measurement has.

        Rules for Determining the Number of Significant Digits in a Measurement

        
            	All nonzero numbers are significant. The measurement 2.735 grams has four significant digits.

            	Zeros located between nonzero numbers are also significant. The measurements 1.0285 liters and 202.03 torr each have five significant digits.

            	For numbers greater than or equal to 1, zeros located at the end of the measurement are significant only if a decimal point is present. The measurement 60 grams has one significant digit. In this case, the zero indicates the size of the number, not its significance. The measurements 60. grams and 60.000 grams, however, have two and five significant digits, respectively.

            	For numbers less than 1, leading zeros are not significant; they merely indicate the size of the number or numbers that follow. Thus, the measurements 0.002 kilogram, 0.020 kilogram, and 0.000200 kilogram have one, two, and three significant digits, respectively; the significant digits are indicated in bold type.

        

        Using Significant Digits in Calculations

        Significant digits are particularly important in calculations involving measured quantities, and it is crucial that the result of a calculation does not imply a greater precision than any of the individual measurements. Calculators routinely give us answers with ten digits. It is incorrect to believe, however, that the results of most of our calculations have this many significant digits.

        Multiplication and Division of Measurements

        When two measurements are multiplied (or divided), the answer should contain as many significant digits as the less precise measurement. For example, if the measurement 2.3 centimeters (two significant digits) is multiplied by 7.45 centimeters (three significant digits), the answer must contain only two significant digits:

        
            
        

        (Note that the units are also multiplied.)

        Try It Yourself

        Divide the following measurements, and express the result to the correct number of significant figures: 6.443 grams/8.91 liters.

        Answer

        0.723 g/L

        Addition and Subtraction of Measurements

        When two measurements are added (or subtracted), the answer should contain as many decimal places as the measurement with the smaller number of decimal places. For example, when 8.11 liters (two decimal places) and 2.476 liters (three decimal places) are added, the answer must be taken only to the second decimal place:

        
            
        

        Try It Yourself

        Add the following measurements, and express the result to the correct number of significant figures: 246.213 milliliters, 79.91 milliliters, 8786.268 milliliters.

        Answer

        9112.39 mL

        Note: If counted numbers (such as six atoms) or defined numbers (such as 273.16 K) are used in any calculations, they are treated as though they have an infinite number of significant digits or decimal places.

        Rounding a Number

        Suppose we had a measurement with five significant figures. If we wished to express it to three significant figures, we would need to round this measurement.

        We round a measurement by looking one digit beyond the precision we need. If the digit is less than 5, we do not change the value of the preceding digit. If it is 5 or greater, we raise the preceding digit by 1.

        For example, if our measurement was 127.36 grams and we wanted to round it to three significant figures, we would first examine the fourth digit. Since 3 is less than 5, we would leave the third digit, 7, unchanged, and the rounded measurement would be 127 grams expressed to three significant figures.

        If, however, we wished to round the measurement 127.36 grams to four significant figures, we would need to examine the fifth digit. Since 6 is greater than 5, we would raise the preceding digit, 3, by 1. Expressed to four significant figures, this measurement would be 127.4 grams.

        Try It Yourself

        Round each of the following measurements to three significant digits:

        
            	903.04 L

            	298.86 K

            	0.002259 mol

        

        Answer

        
            	903 L

            	299 K

            	0.00226 mol

        

        Order of Magnitude

        There are times when we are interested in the relative size of a measurement rather than its actual value. The order of magnitude of a measurement is the power of 10 closest to its value. For example, the order of magnitude of 1284 grams (1.284 × 103) is 103, while the order of magnitude of 8756 grams (8.756 × 103) is 104. Orders of magnitude are very useful for comparing quantities, such as mass or distance, and for estimating the answers to problems involving complex calculations.

        Try It Yourself

        What is the order of magnitude of Avogadro’s number (6.02 × 1023)?

        Answer

        1024

        Percent Error of a Measurement

        The percent error of a measurement indicates how closely the measurement agrees with an accepted value of the same quantity. Its definition is as follows:

        
            
        

        The measured value is the value that is experimentally determined, and the accepted value is the value that is generally accepted as the most probable value of the measurement. Generally, we are interested only in the magnitude of the percent error, not in its algebraic sign.

        Problem

        A student measures the density of an object to be 5600 grams per liter. The accepted density of the object is 6400 grams per cubic liter. What is the percent error of this measurement?

        Solution

        
            
        

        Note that the answer is reported as a positive value even though the numerator of the fraction in this example is negative.

        Try It Yourself

        The accepted value for the volume of a gas is 22.4 liters. A student reports her measurement as 23.8 liters. What is the percent error of her measurement?

        Answer

        6.25%

    
        1.8 SOLVING PROBLEMS

        Using the Factor-Label Method (FLM) in Chemistry

        We now introduce a general technique for solving problems known as the factor–label method (FLM). Suppose we want to solve this problem: How many inches equal 40. feet? We know that, by definition, 12 inches equals 1 foot. FLM allows us to use this relation to form two fractions called conversion factors:

        
            
        

        These fractions are what we will use to solve the problem. First we write a tentative solution as follows:

        
            
        

        Because we need to convert feet to inches, we must cancel the unit “feet” on the right and substitute “inches” in its place. This can be done by using the first conversion factor as follows:

        
            
        

        Note that units can be multiplied and divided just as numbers are. In the example above, the “feet” units cancel, leaving “inches” in the numerator—which is exactly what we needed to do. All that remains is the arithmetic (40. ⋅ 12), and our answer is 480 inches.

        Now let us solve a slightly more complicated problem.

        Problem

        How many hours are there in 5 years?

        Solution

        First, we need a plan of attack—a “road map” that gives us direction:

        
            
        

        The symbol “???” must represent some unit that connects years to hours and is easily related to both these units. The unit “days” will do very nicely since there are 365 days in 1 year and 24 hours in 1 day. We set up our problem for solution:

        
            
        

        Our next problem involves units with exponents.

        Problem

        How many cubic centimeters are there in 1 cubic decimeter?

        Solution

        If we examine the metric prefix table in Section 1.4, we can conclude that 1 meter equals 100 centimeters and also equals 10 decimeters. Let us set up the solution to the problem as though the exponent 3 were not present. Our “road map” for this problem is:

        DECIMETERS → METERS → CENTIMETERS

        Using FLM, and standard abbreviations for the units, we can write:

        
            
        

        Adding the exponent 3 is easy: we simply add it to each term in the equation:

        
            
        

        Our final problem involves units that appear in the numerator and denominator of a fraction.

        Problem

        A substance called sulfuric acid flows out of a pipe at the rate of 2500 grams per second (2500 g/s). What is the flow rate, in kilograms per hour (kg/h), of the sulfuric acid?

        Solution

        We will need two “road maps” to solve this problem:

        GRAMS → KILOGRAMS

        SECONDS → MINUTES → HOURS

        We know that there are 60 seconds in 1 minute, 60 minutes in 1 hour, and 1000 grams in 1 kilogram. The FLM solution is:

        
            
        

        Try It Yourself

        The density of water is very nearly 1 gram per cubic centimeter (g/cm3). What is the density of water in kilograms per cubic meter (kg/m3)? (Hint: Use the techniques of the last two problems solved above.)

        Answer

        
            
        

        As you can see, FLM is a very powerful tool for solving a wide variety of chemistry problems. Whenever you can find simple connections between the units in a problem, you should use FLM to solve that problem. We will use FLM as a problem-solving tool throughout this book.

        Using Mathematical Equations in Chemistry

        In our study of chemistry, we are frequently required to solve problems in which the variables are related by an equation. We can solve such problems quite easily if we follow five simple steps:

        
            	Prepare a list of the variables and their values. (Remember to include units!)

            	Write the equation that relates the variables of the problem.

            	Rewrite the equation in order to isolate the unknown variable.

            	Substitute the known values and their units into the rewritten equation.

            	Perform the arithmetic operations indicated by the equation to arrive at a solution.

        

        The following problem shows how this technique is employed.

        Problem

        The density of a substance is 1200 grams per liter (g/L). Calculate the mass of a sample of this substance if its volume is 0.50 liter (L).

        Solution

        (The numbers correspond to the steps given above.)

        
            
                
                    	
1. List of values:
                    	
d = 1200 g/L

                        V = 0.50 L

                        m = ???
                

                
                    	
2. Relevant equation:
                    	
                        
                    
                

                
                    	
3. Rewritten equation:
                    	
m = d ⋅ V

                

                
                    	
4. Substitution of values:
                    	
                        
                    
                

                
                    	
5. Performance of arithmetic operations:
                    	
m = 6.0 × 102 g
                

            
        

        Try It Yourself

        The density of a substance is 8.0 grams per liter (g/L). What is the volume of a sample of this substance if its mass is 24 grams?

        Answer

        V = 3.0 L

        Problem

        What is the boiling point of mercury (630 K) on the Celsius temperature scale?

        Solution

        
            
        

        Problem

        What is the normal boiling point of water (100°C) on the Kelvin temperature scale?

        Solution

        
            
        

        Try It Yourself

        
            	Convert 155 K to the Celsius temperature scale.

            	Convert 37°C to the Kelvin temperature scale.

        

        Answers

        
            	−118°C

            	310 K

        

        Using Graphs in Chemistry

        Sometimes data are presented as a table of values, and we are asked to interpret the data and draw conclusions from them. In such cases a graph of the data values may provide information about values that do not appear in the original table. In addition, the slope and the x- and y-intercepts of the graph may provide useful information. The following problem illustrates how a graph can be used to obtain additional information.

        Problem

        A student measures the masses and volumes of several samples of the same substance and obtains the results shown in the table.

        
            
                
                    	Volume/L
                    	Mass/g
                

            
            
                
                    	    6.80

                        13.5

                        20.9

                        28.8

                        34.2
                    	  20.0

                          40.0

                          60.0

                          80.0

                        100.0
                

            
        

        
            	Draw a graph of the data provided in the table.

            	What is the mass of a sample of the substance if its volume is 25.0 liters?

            	What is the density of the substance?

        

        Solutions

        
            	We begin by graphing the data points. We plot volume on the x-axis and mass on the y-axis because this arrangement will be useful in answering part (c) of the problem. Note that the axes are “scaled” so that the plotted points fill nearly the entire graph, allowing any trend in the data to be observed.

                After we plot the data points, we can see that they form almost a straight line. Instead of playing “connect the dots,” we draw a best-fit straight line (that is, a line that is most closely associated with its data points) as shown.
                
                    [image: ]
                

                In this example, we draw our best-fit straight line so that it passes through the origin, because a mass of 0.0 g corresponds to a volume of 0.0 L.

            	By inspecting the graph, we can see that a volume of 25.0 L corresponds to a mass of 71.8 g.

            	Since every data point does not fit on the line, we cannot use individual data points to calculate the density of the substance. The slope of the line, however, will give us the density because it measures the ratio of mass to volume for the entire set of data. The diagram on the graph shows the quantities Δm and ΔV, and the slope of the line is calculated from the ratio
                .

        

        
            [image: ]
        

        A careful calculation of the slope of the line yields a value of 2.87 g/L for the density of the substance.

        Try It Yourself

        Use the graph drawn above to calculate the volume of a sample whose mass is 90.0 grams.

        Answer

        According to the graph, a mass of 90.0 g corresponds to a volume of 31.4 L.

        In other situations, we may be presented with data and asked to connect all of the data points, as shown in the following problem.

        Problem

        The following table lists the atomic numbers (numbers used to identify elements) and melting points of several elements:

        
            
                
                    	Atomic Number
                    	Melting Point /K
                

            
            
                
                    	3
                    	454
                

                
                    	19
                    	337
                

                
                    	37
                    	312
                

                
                    	55
                    	302
                

            
        

        
            	Plot the data points on a graph in which the atomic numbers lie along the x-axis and the melting points lie along the y-axis. Your graph should be scaled so that a trend is clearly observed. 

            	Connect each adjacent pair of data points with a straight line. Describe the trend associated with the plotted data points.

            	Estimate the melting point of the element whose atomic number is 11. (To see how close to the accepted value your graph came, refer to Reference Table S in Appendix 1.)

        

        Solutions

        
            	The completed graph is shown below:
                
                    [image: ]
                

                Notice that the y-axis doesn’t start at zero since you are plotting melting points that lie between 300 K and 500 K.

            

            	The trend is fairly obvious: as the atomic number increases, the melting point decreases. This trend is known as an inverse relationship.

            	According to the graph, the element whose atomic number is 11 has a melting point of approximately 395 K. According to Reference Table S, the accepted value for the melting point is 371 K. (This corresponds to a 6.5% error.) 

        

    
        
            
                End-of-Chapter Questions

                                 
                
                
                
                
                
                
                
                 
                
                
            

            
                
                	
                    
                    
                        In which pair are the members classified as substances?

                    

                    
                        	mixtures and solutions

                        	compounds and solutions

                        	elements and mixtures

                        	compounds and elements

                    

                

                	
                    
                    
                        Which can not be decomposed by a chemical change?

                    

                    
                        	a compound

                        	a heterogeneous mixture

                        	a homogeneous mixture

                        	an element

                    

                

                	
                    
                    
                        An example of a heterogeneous mixture is

                    

                    
                        	an ice cream soda

                        	a sugar solution

                        	table salt 

                        	carbon dioxide

                    

                

                	
                    
                    
                        Which statement describes a characteristic of all compounds?

                    

                    
                        	Compounds contain one element, only.

                        	Compounds contain two elements, only.

                        	Compounds can be decomposed by chemical means.

                        	Compounds can be decomposed by physical means.

                    

                

                	
                    
                    
                        Which is a characteristic of all mixtures?

                    

                    
                        	They are homogeneous.

                        	They are heterogeneous.

                        	Their composition is generally fixed.

                        	Their composition generally can be varied.

                    

                

                	
                    
                    
                        Which is the equivalent of 750. joules?

                    

                    
                        	0.750 kJ

                        	7.50 kJ

                        	75.0 kJ

                        	750. kJ

                    

                

                	
                    
                    
                        Which temperatures originally represented the fixed points on the Celsius temperature scale?

                    

                    
                        	32° and 100°

                        	32° and 212°

                        	0° and 212°

                        	0° and 100°

                    

                

                	
                    
                    
                        Expressed in proper scientific notation, the number 0.00213 is

                    

                    
                        	0.213 × 102 

                        	2.13 × 10−2


                        	2.13 × 10−3 

                        	213 × 100


                    

                

                	
                    
                    
                        When the numbers 1.2 × 102 and 3.4 × 101 are added, the result, expressed in proper scientific notation, is

                    

                    
                        	1.5 × 102


                        	4.6 × 102


                        	1.5 × 101


                        	4.6 × 101


                    

                

                	
                    
                    
                        When the numbers 4.2 × 102 and 8.4 × 101 are multiplied, the exponent of the result, expressed in proper scientific notation, is

                    

                    
                        	1

                        	2

                        	3

                        	4

                    

                

                	


                	
                    Base your answers to questions 11 and 12 on the following table, which represents measurements made on four rectangular blocks in a chemistry laboratory.

                    
                        
                            
                                	Block
                                	Mass (g)
                                	Length (cm)
                                	Width (cm)
                                	Height (cm)
                            

                        
                        
                            
                                	A
                                	72.
                                	4.0
                                	3.0
                                	2.0
                            

                            
                                	B
                                	60.
                                	5.0
                                	2.0
                                	1.0
                            

                            
                                	C
                                	30.
                                	10. 
                                	1.0
                                	1.0
                            

                            
                                	D
                                	 6.0
                                	4.0
                                	2.0
                                	1.5
                            

                        
                    

                    
                

                	
                    
                    
                        Which block has the smallest density?

                    

                    
                        	A

                        	B

                        	C

                        	D

                    

                

                    	
                    
                    
                        Which two blocks may be made of the same material?

                    

                    
                        	
A and B


                        	
A and C


                        	
B and C


                        	
B and D


                    

                




                	
                    
                    
                        A cube has a volume of 8.00 cubic centimeters and a mass of 21.6 grams. The density of the cube is best expressed as

                    

                    
                        	2.7 g/cm3


                        	2.70 g/cm3


                        	0.37 g/cm3


                        	0.370 g/cm3


                    

                

                	
                    
                    
                        In a laboratory exercise to determine the density of a substance, a student found the mass of the substance to be 6.00 grams and the volume to be 2.0 milliliters. Expressed to the correct number of significant figures, the density of the substance is

                    

                    
                        	3.000 g/mL

                        	3.00 g/mL

                        	3.0 g/mL

                        	3 g/mL

                    

                

                	
                    
                    
                        Which measurement contains a total of three significant figures?

                    

                    
                        	0.012 g

                        	0.125 g

                        	1205 g

                        	12.050 g

                    

                

                	
                    
                    
                        The diagram below shows a section of a 100-milliliter graduated cylinder:

                        
                            [image: ]
                        

                        

                    

                    
                        When the bottom of the meniscus is read to the correct number of significant figures, the volume of water in the cylinder will be recorded as

                    

                    
                        	75.7 mL

                        	75.70 mL

                        	84.3 mL

                        	84.30 mL

                    

                

                	
                    
                    
                        A student determined the melting point of a substance to be 328 K. If the accepted value is 323 K, the percent error in her determination was

                    

                    
                        	0.152%

                        	1.52%

                        	1.55%

                        	5.00%

                    

                

                	
                    
                    
                        When the rules for significant figures are used, the sum of 0.027 gram and 0.0023 gram should be expressed as

                    

                    
                        	0.029 g

                        	0.0293 g

                        	0.03 g

                        	0.030 g

                    

                

                	
                    
                    
                        Which measurement contains three significant figures?

                    

                    
                        	0.05 g

                        	0.050 g

                        	0.056 g

                        	0.0563 g

                    

                

                	
                    
                    
                        The graph below represents an experiment in which the decay of a radioactive substance is measured.

                        
                            [image: ]
                        

                    

                    
                        In how many hours will this substance have decayed to one-half its initial value?

                    

                    
                        	1

                        	2

                        	3

                        	6

                    

                

                	
                    
                    
                        In an experiment, a student found that the percent of oxygen in a sample was 42.3%. If the accepted value is 39.3%, the magnitude of the experimental percent error is

                    

                    
                        	42.3/39.3 × 100%

                        	3.0/42.3 × 100%

                        	39.3/42.3 × 100%

                        	3.0/39.3 × 100%

                    

                

                	
                    
                    
                        According to an accepted chemistry reference, the energy needed to vaporize a substance is 5400 joules per gram. A student determined in the laboratory that this energy was 6200 joules per gram. The student’s results had a percent error of

                    

                    
                        	13

                        	15

                        	80.

                        	87

                    

                

                	
                    
                    
                        Expressed to the correct number of significant figures, what is the sum of (3.04 g + 4.134 g + 6.1 g)?

                    

                    
                        	13 g

                        	13.3 g

                        	13.27 g

                        	13.274 g

                    

                

                	
                    
                    
                        In the calculation 41.06 centimeters × 10.2 centimeters, how many significant figures should the product of the two values contain?

                    

                    
                        	5

                        	6

                        	3

                        	4

                    

                

                	
                    
                    
                        In an experiment, the density of a gas was determined to be 2.47 grams per liter. Compared to the accepted value of 2.43 grams per liter, the percent error for this determination was

                    

                    
                        	0.400

                        	1.65

                        	24.7

                        	98.4

                    

                

                	
                    
                    
                        The graph below shows the volume and the mass of four different substances at STP.

                        
                            [image: ]
                        

                    

                    
                        Which of the four substances has the lowest density?

                    

                    
                        	A

                        	B

                        	C

                        	D

                    

                

                	
                    
                    
                        Five cubes of iron are tested in a laboratory. The tests and results are shown in the table below.

                        Iron Tests and the Results

                        
                            
                                
                                    	Test
                                    	Procedure
                                    	Result
                                

                            
                            
                                
                                    	1
                                    	A cube of Fe is hit with a hammer.
                                    	The cube is flattened.
                                

                                
                                    	2
                                    	A cube of Fe is placed into 3 M HCl(aq).
                                    	Bubbles of gas form.
                                

                                
                                    	3
                                    	A cube of Fe is heated to 1811 K.
                                    	The cubes melts.
                                

                                
                                    	4
                                    	A cube of Fe is left in damp air.
                                    	The cube rusts.
                                

                                
                                    	5
                                    	A cube of Fe is placed into water.
                                    	The cube sinks.
                                

                            
                        

                    

                    
                        Which tests demonstrate chemical properties?

                    

                    
                        	1, 3, and 4

                        	1, 3, and 5

                        	2 and 4

                        	2 and 5

                    

                

                	
                    
                    
                        The ratio of chromium to iron to carbon varies among the different types of stainless steel. Therefore, stainless steel is classified as

                    

                    
                        	a compound

                        	a mixture

                        	an element

                        	substance

                    

                

            

            Constructed-Response Questions

            
                
                	
                    
                    
                        Express the following numbers in scientific notation:

                        
                            	63,477

                            	0.000230

                        

                    

                    
                

                	
                    
                    
                        Express the following numbers in standard decimal form:

                        
                            	6.54 × 105


                            	5.55 × 10−3


                        

                    

                    
                

                	
                    
                    
                        In a certain foreign country, length is measured in “piddles” and “daddles.” One piddle is defined to be exactly 3.33 daddles. How many piddles are there in 7.00 daddles?

                    

                    
                

                	
                    
                    
                        The compound ethanol has a density of 0.84 gram per milliliter. What is the mass of 25.0 milliliters of ethanol?

                    

                    
                

                	
                    
                    
                        Solve the following relationship for f:
                            .

                    

                    
                

                	
                    
                    
                        The table below represents the volumes and corresponding masses of seven samples of a substance.

                        
                            
                                
                                    	Volume/cm3

                                    	Mass/g
                                

                            
                            
                                
                                    	1.33

                                        2.41

                                        3.72

                                        4.98

                                        6.81

                                        8.13

                                        10.3 
                                    	 8.22

                                        11.5

                                        18.7

                                        25.8

                                        34.6

                                        43.8

                                        54.9
                                

                            
                        

                        
                            	Plot the data points on a grid and draw the best-fit line through the points.

                            	Determine the density of the substance by measuring the slope (Δm/ΔV) of the best-fit line.
                                
                                    [image: ]
                                

                            

                        

                    

                    
                

                	
                    
                    
                        How many significant figures are there in each of the following measurements?

                        
                            	2.450 mL

                            	0.10007 mol

                            	0.00023 kg

                            	7.01 J

                            	50.00 torr

                        

                    

                    
                

                	
                    
                    
                        Express each of the following operations to the correct number of significant figures:

                        
                            	21.2 m + 9.7654 m + 312.22 m

                            	0.91765 kJ − 0.9012 kJ

                            	6.72 cm × 0.32 cm

                            	12.316 g ÷ 2.3 L

                        

                    

                    
                

                	


                	
                    Base your answers to questions 9 through 11 on the particle diagrams below, which show atoms and/or molecules in three different samples of matter.

                    
                        [image: ]
                    

                    
                

                    	
                    
                    
                        Which sample represents a pure substance?

                    

                    
                

                    	
                    
                    
                        When two atoms of y react with one atom of z, a compound forms. Using the number of atoms shown in sample 2, what is the maximum number of molecules of this compound that can be formed?

                    

                    
                

                    	
                    
                    
                        Explain why ⊗⊗ does not represent a compound.

                    

                    
                




            

        

    Answers
								and Explanations




	4

	4

	1

	3

	4

	1

	4

	3

	1

	4

	4

	2

	2

	3

	2

	1

	3

	1

	4

	2

	4

	2

	2

	3

	2

	4

	3

	3

								    
								    	
                    
                    
                    
                        
                            	6.3477 × 104


                            	2.30 × 10−4


                        

                    

								    

	
                    
                    
                    
                        
                            	654,000

                            	0.00555

                        

                    

								    

	
                    
                    
                    
                        
                    

								    

	
                    
                    
                    
                        21 g

                    

								    

	
                    
                    
                    
                        
                            
                        

                    

								    

	
                    
                    
                    
                        
                            	
                                
                                    [image: ]
                                

                            

                            	density (from slope) = 5.26 g/cm3


                        

                    

								    

	
                    
                    
                    
                        
                            	4

                            	5

                            	2

                            	3

                            	4

                        

                    

								    

	
                    
                    
                    
                        
                            	343.2 m

                            	0.0165 kJ

                            	2.2 cm2


                            	5.4 g/L

                        

                    

								    

	
                    
                    
                    
                        Sample 3

                    

								    

	
                    
                    
                    
                        2 molecules of compound y2z

                    

								    

	
                    
                    
                    
                        A compound must consist of two or more elements.

                    

                





        Chapter

            Two

        Atoms, molecules, and ions

        
            Key Ideas

            This chapter traces the development of the early atomic models of matter from Dalton to Thomson and Rutherford. The nuclear model is then studied with particular emphasis on the placement of protons, neutrons, and electrons within atoms. Molecules, ions, and the Periodic Table of the Elements are also introduced in this chapter.

        

        KEY OBJECTIVES

        At the conclusion of this chapter you will be able to:

        
            	Compare the Dalton, Thomson, and Rutherford models of the atom.

            	Describe the placement of protons, neutrons, and electrons according to the nuclear model of the atom.

            	Define and apply the terms atomic number, mass number, and isotope.

            	Calculate the atomic mass of an element, given the mass and abundance of each of its naturally occurring isotopes.

            	Define the terms group and period as they relate to the Periodic Table of the Elements.

            	Define and apply the terms molecule, ion, monoatomic, and polyatomic.

        

    

        Section I—Basic (Regents-Level) Material

NYS Regents Concepts and Skills

        
            
                
                    	Note:
                    	
                        By the time you have finished Section I, you should have mastered the concepts and skills listed below. The Regents chemistry examination will test your knowledge of these items and your ability to apply them.

                        Concepts are the basic ideas that form the body of the Regents chemistry course (what you need to know!).

                        Skills are the activities that demonstrate your mastery of these concepts (how you show that you know them!).

                        Following each concept or skill is a page reference (given in parentheses) to this chapter.

                    
                

                
                    	2.1
                    	
                        Concept:

                            The modern model of the atom has evolved over a long period of time through the work of many scientists. (Pages 42–44)

                        Skill:

                            Relate experimental evidence to models of the atom. (Pages 42–44)

                    
                

                
                    	2.2
                    	
                        Concept:

                            Each atom has a nucleus, with an overall positive charge, surrounded by one or more negatively charged electrons. (Page 44)

                        Skill:

                            Use models to describe atoms. (Page 47)

                    
                

                
                    	2.3
                    	Concept:

                        Subatomic particles contained in the nucleus include protons and neutrons. (Pages 44–45)
                

                
                    	2.4
                    	Concept:

                        The proton is positively charged, and the neutron has no charge. The electron is negatively charged. (Page 45)
                

                
                    	2.5
                    	
                        Concept:

                            Protons and electrons have equal but opposite charges. The number of protons equals the number of electrons in an atom. (Page 45)

                        Skill:

                            Determine the number of protons or electrons in an atom or ion. (Pages 46–47)

                    
                

                
                    	2.6
                    	Concept:

                        The mass of a proton is nearly equal to the mass of a neutron. An electron is much less massive than a proton or a neutron. (Page 46)
                

                
                    	2.7
                    	Concept:

                        Atoms of an element that contain the same number of protons but different numbers of neutrons are called isotopes of that element. (Page 46)
                

                
                    	2.8
                    	
                        Concept:

                            The number of protons in an atom (atomic number) identifies the element. The sum of the protons and neutrons in an atom (the mass number) identifies an isotope. Common notations that represent isotopes include 6C, C, carbon-14, C-14. (Page 46)

                        Skills:

                        
                            	Interpret and write isotopic notation. (Page 46)

                            	Given any two of the following values: number of protons, number of neutrons, mass number, calculate the third value. (Pages 46–47)

                        

                    
                

                
                    	2.9
                    	Concept:

                        When an atom gains one or more electrons, it becomes a negative ion. When an atom loses one or more electrons, it becomes a positive ion. (Page 49)
                

            
        

    
 2.1 introduction to the atomic model of matter

If we wish to explain the properties of matter, for example, how substances combine with one another, we will need a detailed description of how matter is constructed. Because of very strong experimental evidence, we accept the atomic model as a reliable basis on which to explain the properties of matter.

The term model needs further explanation. Scientific models are very similar to road maps, because they answer questions and make predictions. For example, if we wanted to travel from New York to Chicago, a map of the United States would indicate the appropriate interstate highways we ought to take. In addition, we would be able to predict through which major towns and cities we would pass on our journey. But our map would not tell us the condition of the highways or provide a street-by-street depiction of Chicago. For this information, we would need more detailed maps. However, no matter how detailed our maps became, they could never provide answers to all of our questions because, as models, they only represent the landscape; they are not the landscape itself.

A scientific model, such as the atomic model, also gives us only an approximate picture of reality. Nevertheless, we use such models because they provide some answers for us and they allow us to make predictions as to how a part of the universe will behave in a given situation. As we gather more information, we refine and revise our models so that they become even more useful to us. The atomic model of matter has a long history, and with each revision it has provided more scientific information.
   


        2.2 DEVELOPMENT OF THE EARLY MODELS OF THE ATOM

        The Dalton Model

        In the period 1803–1807, an English school teacher named John Dalton proposed a model of atomic structure based on experimental work. This model can be summarized as follows:

        
            	Each element is composed of indivisible particles called atoms.

            	In an element, all of the atoms are identical; atoms of different elements have different properties, including mass.

            	In a chemical reaction, atoms are not created, destroyed, or changed into other types of atoms; the atoms are simply rearranged.

            	
Compounds are formed when atoms of more than one element combine.

            	Samples of a given compound always have the same relative numbers of atoms. (For example, all samples of water contain two hydrogen atoms for every oxygen atom present.)

        

        According to Dalton’s model, atoms are the basic building blocks of matter. The model explains why elements and compounds have fixed compositions by mass. One serious shortcoming of this model, however, is its failure to provide clues as to the internal structure of atoms.

        Cathode Rays and Electrons

        By 1850, experimental data suggested that atoms are composed of smaller subatomic particles. In one such experiment, high-voltage electricity was passed across an evacuated glass tube containing metal electrodes, as shown in the accompanying diagram. The electricity produced a stream of radiation that had a negative electric charge and flowed from the negative electrode (the cathode) to the positive electrode (the anode). This radiation became known as cathode rays, and the glass tube is called a cathode-ray tube.

        
            [image: ]
        

        Although cathode rays could not be seen, they were made visible by beaming them at certain fluorescent materials. In 1897, the British physicist J. J. Thomson examined cathode rays produced from many different sources and concluded that the rays consisted of streams of identical, negatively charged particles, which he called electrons. Thomson’s experiments enabled him to measure the ratio of the electron’s charge to its mass without knowing the value of either the charge or the mass. (This is analogous to our knowing that there are four quarters in every dollar without knowing the number of quarters or dollars we have in our pockets.)

        In 1909, the American physicist Robert Millikan determined the charge on an electron by measuring a series of charges on irradiated oil droplets. He discovered that all of the measured charges were multiples of a single number. That number, which is the charge on an electron, is also known as an elementary charge. In SI units, the currently accepted value for an elementary charge is 1.6022 × 10–19 coulomb. As a result of Thomson’s and Millikan’s work, it was possible to calculate the mass of the electron. In SI units, the currently accepted value is 9.1094 × 10–31 kilogram.

        The Thomson Model

        Thomson’s work with cathode rays enabled him to propose a model of the atom that had internal structure. In the Thomson model, an atom consists of a (positively charged) jellylike mass with (negative) electrons scattered throughout it—much as raisins are spread throughout a plum pudding. (You don’t know what a plum pudding is? Ask your teacher or any other older person!) This model did not contradict the Dalton model; it merely extended it by providing the atom with some structure.

        The Rutherford Model

        In 1910, the New Zealand physicist Ernest Rutherford, working at the University of Manchester in England, and two of his students (Hans Geiger and Ernest Marsden) bombarded thin gold foils with the nuclei of helium atoms and observed how these particles were scattered by the foils. (These positively charged particles were named alpha particles; they consist of two protons and two neutrons each.) Rutherford and his coworkers observed that most of the alpha particles passed through the foil with little or no deflection. However, a small number of particles were deflected at large angles. This is shown in the accompanying diagram.

        
            [image: ]
        

        This work showed that the Thomson model of the atom was not consistent with the experimental evidence. Consequently, in 1911, Rutherford proposed a new model with the following characteristics:

        
            	Most of the (volume of the) atom is empty space.

            	Most of the mass of the atom is concentrated in a dense, positively charged nucleus.

            	Electrons are present in the space surrounding the nucleus.

        

        Rutherford developed the nuclear model of the atom, and we credit him with the discovery of the atomic nucleus. The nucleus is so important that we will devote all of Chapter 7 to it.

    
        2.3 THE CURRENT VIEW OF ATOMIC STRUCTURE

        We present a simplified view of the atom that is based on the experimental work carried out during the first three decades of the twentieth century. The structure of the atom is based on its principal subatomic particles. An atom consists of a nucleus that is positively charged and contains most of the mass of the atom. In the nucleus, we find the nucleons: the positively charged protons and the neutrons, which have no charge. Outside the nucleus are the negatively charged electrons. The properties of these particles are summarized in the accompanying table.

        
            [image: ]
        

    
        2.4 identifying elements: names, symbols, and atomic numbers

        Every element (as well as its atoms) is associated with three unique identifiers: its name, symbol, and atomic number. Reference Table S in Appendix 1 lists most of the elements by atomic number, symbol, and name.

        The name of an element may be based on a person (e.g., einsteinium), a place (e.g., francium), or a characteristic of the element itself (e.g., chlorine from the Greek word chloros, meaning green-yellow).

        Each element with a permanent name has a unique symbol that consists of one or two letters. The first letter is always capitalized; the second letter (if there is one) is never capitalized. Newly discovered elements are assigned temporary names and three-letter symbols that are Latin translations of their atomic numbers. (We will learn more about this in Chapter 9.)

        The atomic number of an element is the number of protons that is contained in the nucleus of each of its atoms. For example, sodium (Na) has the atomic number 11. Each atom of sodium contains 11 protons in its nucleus. Since an atom is electrically neutral, the number of protons in its nucleus must be equal to the number of electrons surrounding its nucleus. For example, an atom of sodium also contains 11 electrons surrounding its nucleus.

        The Periodic Table of the Elements in Appendix 1 lists the elements by atomic numbers and symbols. The Periodic Table is arranged in such a way that the chemical and physi­cal properties of elements display a repeating pattern. The similarity of these properties is most pronounced within a vertical column called a group. The groups are numbered left to right, from 1 to 18. Elements in Groups 1, 2, and 13–18 are known as the representative elements. 

        Some groups have been given special names, as shown in the accompanying table.

        
            
                
                    	Group Number
                    	Group Name
                    	Elements in Group
                

            
            
                
                    	1
                    	Alkali metals
                    	Li, Na, K, Rb, Cs, Fr
                

                
                    	2
                    	Alkaline earth metals
                    	Be, Mg, Ca, Sr, Ba, Ra
                

                
                    	17
                    	Halogens
                    	F, Cl, Br, I, At, Ts
                

                
                    	18
                    	Noble gases
                    	He, Ne, Ar, Kr, Xe, Rn, Og
                

            
        

        Each horizontal row is called a period. The periods are numbered from top to bottom, from 1 to 7. As one proceeds from left to right across a period, the properties of the elements change from metallic to nonmetallic. We shall examine periodic properties more fully in Chapter 9.

    
        2.5 NEUTRONS, ISOTOPES, AND MASS NUMBERS

        Neutrons add mass to an atom but do not change the atom’s identity as an element. For example, an atom containing 6 protons, 6 electrons, and 7 neutrons is classified as a carbon atom—as is an atom with 6 protons, 6 electrons, and 8 neutrons. These two atoms are isotopes of the element carbon; isotopes contain the same number of protons but have different numbers of neutrons. We may refer to an isotope by its name and its mass number, that is, the sum of the number of protons and neutrons in the nucleus of the atom. The first isotope described above has a mass number of 13, and we may refer to it as carbon-13 or C-13. The second isotope, with a mass number of 14, is referred to as carbon-14 or C-14. There are two other ways of designating a particular isotope. In the first method, the mass number is placed as a superscript to the left of the symbol for the element, for example, 13C or 14C. The second method gives also the atomic number, which is added as a subscript to the left of the symbol, for example,
            .

        PROBLEM

        How many protons, neutrons, and electrons are contained in an atom of uranium-238? The atomic number of uranium (U) is 92.

        SOLUTION

        From its atomic number, we see that a neutral atom of uranium-238 has 92 protons and 92 electrons. We also know that it has 238 protons and neutrons. If we subtract the atomic number from the mass number, the answer will be the number of neutrons:

        238 [protons + neutrons] — 92 protons = 146 neutrons

        A neutral atom of uranium-238 has 92 protons, 146 neutrons, and 92 electrons.

        The preceding problem establishes an important relationship:

        
            
                
                    
                        	
Mass Number − Atomic Number = Number of Neutrons

                    

                
            

        

        

        

        We can use a simple model to represent an atom, that is, the contents of the nucleus and the electrons that surround it. We will use the symbols p+, e–, and n for protons, electrons, and neutrons, respectively. The model for the sample problem is shown below:

        
            [image: ]
        

        Try It Yourself

        How many protons, neutrons, and electrons are in a neutral atom of
            ? Draw a model of this atom.

        Answer

        29 protons, 34 neutrons, and 29 electrons

        
            [image: ]
        

    
        2.6 MOLECULES

        A molecule is the smallest identifiable sample of a substance. In nature, the noble gases (the elements of group 18) exist as isolated atoms and are called monatomic molecules.

        Some substances exist as molecules in which two or more atoms are linked together. Molecules containing two or more atoms are called polyatomic molecules. Polyatomic molecules containing exactly two atoms are called diatomic molecules.

        Every molecule can be represented by a molecular formula, in which the symbol of the element is succeeded by a subscript that indicates the number of atoms present. We indicate the presence of one atom by writing the symbol without the subscript 1. The accompanying list gives the molecular formulas of some common molecules.

        
            
                
                    	
                        MONATOMIC MOLECULES

                            Elements:

                            He, Ne, Ar, Kr, Xe, Rn

                        DIATOMIC MOLECULES

                            Elements:

                            H2, O2, N2, F2, Cl2, Br2, I2

                        Compounds:

                            CO (carbon monoxide: 1 carbon atom, 1 oxygen atom)

                            HCl (hydrogen chloride)

                            

                        

                        POLYATOMIC MOLECULES

                            Elements:

                            O3, P4, S8, C60

                            Compounds:

                            H2O (water: 2 hydrogen atoms, 1 oxygen atom)

                            CO2 (carbon dioxide), NH3 (ammonia), H2O2 (hydrogen peroxide), CH4 (methane)

                    
                

            
        

        Note that a molecular formula indicates only the number of atoms of each element present in the molecule; it does not indicate how the atoms are linked together.

    
        2.7 IONS

        Simple Ions

        When atoms combine chemically, the nuclei of the atoms cannot change: otherwise, the elements themselves would be changed. In many cases, however, atoms can lose or gain electrons when they combine. The loss or gain of electrons by an atom results in the formation of an electrically charged particle called an ion. The ion has a charge because the numbers of protons and electrons are no longer equal. If there are more protons than electrons, the ion is positively charged; if there are fewer protons than electrons, the ion is negatively charged. The following diagrams show how positive and negative ions are formed from atoms:

        
            [image: ]
        

        Note that the charge of an ion is written as a superscript to the right of the symbol, and because it is a relative charge, the magnitude precedes the sign (as in O2–). We indicate charges of 1+ and 1– by writing only the sign of the charge, and omit the magnitude (as in Na+). If no charge or sign appears to the right of an atomic symbol, it is understood that we are dealing with an atom (e.g., Na).

        The Periodic Table of the Elements in Appendix 1 can be used to find the charges of simple ions. The table below relates the group numbers of the representative elements to their ionic charges:

        
            
                
                    	Group
                    	1
                    	2
                    	13
                    	14
                    	15
                    	16
                    	17
                

                
                    	Charge
                    	1+
                    	2+
                    	3+
                    	4±
                    	3–
                    	2–
                    	1–
                

            
        

        In Chapter 3 we will learn how to use the Periodic Table to find the charges of other ions.

        Polyatomic Ions

        A polyatomic ion is an electrically charged particle that consists of two or more atoms linked together in much the same way as in a neutral molecule. This linkage serves to make the polyatomic ion behave as a unit rather than as separate atoms or simple ions. The charge on a polyatomic ion does not belong to any individual atom; it belongs to the ion as a whole. For example, the polyatomic hydroxide ion (OH–) has a 1– charge that belongs to the entire OH unit, rather than to the oxygen or the hydrogen atom. Reference Table E in Appendix 1 includes the names and charges of selected polyatomic ions.

    
        
            
                End-of-Chapter Questions

                                 
                
                
                
                
                
                
                
                 
                
                
            

            
                
                	
                    
                    
                        Rutherford’s famous experiment using alpha particles to bombard a thin sheet of gold foil indicated that most of the volume of the atoms in the foil is taken up by

                    

                    
                        	electrons

                        	protons

                        	neutrons

                        	empty space

                    

                

                	
                    
                    
                        Compared to the entire atom, the nucleus of the atom is

                    

                    
                        	smaller and contains most of the atom’s mass

                        	smaller and contains little of the atom’s mass

                        	larger and contains most of the atom’s mass

                        	larger and contains little of the atom’s mass

                    

                

                	
                    
                    
                        Which of the following particles has the least mass?

                    

                    
                        	an electron

                        	a proton

                        	a deuteron

                        	a neutron

                    

                

                	
                    
                    
                        What is the total number of protons and neutrons in an atom of 79Se?

                    

                    
                        	34

                        	45

                        	79

                        	113

                    

                

                	
                    
                    
                        What particles are found in the nucleus of an atom?

                    

                    
                        	protons and electrons

                        	protons and neutrons

                        	neutrons and electrons

                        	neutrons and positrons

                    

                

                	
                    
                    
                        The atoms in a sample of an element must contain nuclei with the same number of

                    

                    
                        	electrons

                        	protons

                        	neutrons

                        	nucleons

                    

                

                	
                    
                    
                        The atomic number of an atom is always equal to the total number of

                    

                    
                        	neutrons in the nucleus

                        	protons in the nucleus

                        	neutrons plus protons in the atom

                        	protons plus electrons in the atom

                    

                

                	
                    
                    
                        What is the total number of electrons in an atom with an atomic number of 13 and a mass number of 27?

                    

                    
                        	13

                        	14

                        	27

                        	40

                    

                

                	
                    
                    
                        All atoms of potassium must have the same

                    

                    
                        	atomic mass

                        	atomic weight

                        	mass number

                        	atomic number

                    

                

                	
                    
                    
                        Compared to an atom of calcium-40, an atom of potassium-39 contains fewer

                    

                    
                        	protons

                        	neutrons

                        	occupied sublevels

                        	occupied principal energy levels

                    

                

                	
                    
                    
                        The number of protons in the nucleus of 32P is

                    

                    
                        	15

                        	17

                        	32

                        	47

                    

                

                	
                    
                    
                        The number of protons in an atom of 36Cl is

                    

                    
                        	17

                        	18

                        	35

                        	36

                    

                

                	
                    
                    
                        The nucleus of an atom of
                             contains

                    

                    
                        	53 neutrons and 127 protons

                        	53 protons and 127 neutrons

                        	53 protons and 74 neutrons

                        	53 protons and 74 electrons

                    

                

                	
                    
                    
                        When an atom becomes a 2+ ion, it

                    

                    
                        	gains 2 electrons

                        	gains 2 protons

                        	loses 2 electrons

                        	loses 2 protons

                    

                

                	
                    
                    
                        How many protons, neutrons, and electrons are contained in a 34S2– ion?

                    

                    
                        	17 protons, 17 neutrons, 16 electrons

                        	18 protons, 16 neutrons, 20 electrons

                        	16 protons, 18 neutrons, 18 electrons

                        	16 protons, 34 neutrons, 16 electrons

                    

                

                	
                    
                    
                        Which particle has a negative charge and a mass that is approximately 1/1836 the mass of a proton?

                    

                    
                        	a neutron

                        	an alpha particle

                        	an electron

                        	a positron

                    

                

                	
                    
                    
                        The element found in Group 13 and in Period 2 of the Periodic Table is

                    

                    
                        	Be

                        	Mg

                        	B 

                        	Al

                    

                

                	
                    
                    
                        Which element is in Group 2 and Period 7?

                    

                    
                        	Mg

                        	Mn

                        	Ra 

                        	Rn

                    

                

                	
                    
                    
                        In which group of the Periodic Table is oxygen located?

                    

                    
                        	1 

                        	2

                        	16 

                        	17

                    

                

                	
                    
                    
                        Which of the following elements is classified as an alkali metal?

                    

                    
                        	magnesium 

                        	potassium

                        	argon 

                        	phosphorus

                    

                

                	
                    
                    
                        Iodine belongs to the family of elements known as

                    

                    
                        	halogens 

                        	alkaline earth elements

                        	noble gases 

                        	transition elements

                    

                

                	
                    
                    
                        All of the following gases exist as diatomic molecules except

                    

                    
                        	hydrogen 

                        	fluorine

                        	nitrogen 

                        	argon

                    

                

                	
                    
                    
                        When a magnesium atom loses 2 electrons, it forms an ion whose charge is

                    

                    
                        	1−

                        	2−

                        	1+ 

                        	2+

                    

                

                	
                    
                    
                        The name of the polyatomic ion whose formula is HCO3– is

                    

                    
                        	hydrogen sulfate 

                        	sulfate

                        	hydrogen carbonate 

                        	carbonate

                    

                

                	
                    
                    
                        Which statement best describes electrons?

                    

                    
                        	They are positive subatomic particles and are found in the nucleus.

                        	They are positive subatomic particles and are found surrounding the nucleus.

                        	They are negative subatomic particles and are found in the nucleus.

                        	They are negative subatomic particles and are found surrounding the nucleus.

                    

                

                	
                    
                    
                        An atom of carbon-12 and an atom of carbon-14 differ in

                    

                    
                        	atomic number

                        	mass number

                        	nuclear charge

                        	number of electrons

                    

                

                	
                    
                    
                        Hydrogen has three isotopes with mass numbers of 1, 2, and 3 and has an average atomic mass of 1.00794 amu. This information indicates that

                    

                    
                        	equal numbers of each isotope are present

                        	more isotopes have an atomic mass of 2 or 3 than of 1

                        	more isotopes have an atomic mass of 1 than of only 2 or 3

                        	isotopes have an atomic mass of only 1

                    

                

                	
                    
                    
                        The atomic number of an atom is always equal to the number of its

                    

                    
                        	protons, only

                        	neutrons, only

                        	protons plus neutrons

                        	protons plus electrons

                    

                

                	
                    
                    
                        Which subatomic particle has no charge?

                    

                    
                        	alpha particle

                        	beta particle

                        	neutron

                        	electron

                    

                

                	
                    
                    
                        When the electrons of an excited atom return to a lower energy state, the energy emitted can result in the production of

                    

                    
                        	alpha particles

                        	isotopes

                        	protons

                        	spectra

                    

                

                	
                    
                    
                        Which phrase describes the charge and mass of the neutron?

                    

                    
                        	a charge of +1 and no mass

                        	a charge of +1 and an approximate mass of 1 u

                        	no charge and no mass

                        	no charge and an approximate mass of 1 u

                    

                

                	
                    
                    
                        What is the number of electrons in a potassium atom?

                    

                    
                        	18 

                        	19

                        	20 

                        	39

                    

                

                	
                    
                    
                        Which substance cannot be broken down by a chemical change?

                    

                    
                        	ethane 

                        	propanone

                        	silicon 

                        	water

                    

                

                	
                    
                    
                        What is the number of electrons in an Al3+ ion?

                    

                    
                        	10 

                        	13

                        	3 

                        	16

                    

                

            

            Constructed-Response Questions

            
                
                	
                    
                    
                        Fill in the gaps in the following table:

                        
                            
                                
                                    
                                        	Symbol
                                        	
39K
                                        	
                                        	
                                        	
                                        	
31P3−

                                        	
                                        	
                                        	
                                    

                                    
                                        	Protons
                                        	
                                        	23
                                        	
                                        	
                                        	
                                        	82
                                        	
                                        	28
                                    

                                    
                                        	Neutrons
                                        	
                                        	28
                                        	
                                        	136
                                        	
                                        	124
                                        	45
                                        	31
                                    

                                    
                                        	Electrons
                                        	
                                        	
                                        	
                                        	
                                        	
                                        	80
                                        	36
                                        	
                                    

                                    
                                        	Atomic no.
                                        	
                                        	
                                        	79
                                        	86
                                        	
                                        	
                                        	
                                        	
                                    

                                    
                                        	Mass no.
                                        	
                                        	
                                        	197
                                        	
                                        	
                                        	
                                        	
                                        	
                                    

                                    
                                        	Net charge
                                        	0
                                        	0
                                        	0
                                        	0
                                        	
                                        	
                                        	2−
                                        	2+
                                    

                                
                            

                        

                    

                    
                

                	
                    
                    
                        Draw a model for 31P3–.

                    

                    
                

            

        

    Answers
								and Explanations




	4

	1

	1

	3

	2

	2

	2

	1

	4

	1

	1

	1

	3

	3

	3

	3

	3

	3

	3

	2

	1

	4

	4

	3

	4

	2

	3

	1

	3

	4

	4

	2

	3

	1

								    	
                    
                    
                    
                        
                            
                                
                                    
                                        	Symbol
                                        	
39K
                                        	51V
                                        	197Au
                                        	222Rn
                                        	
31P3−

                                        	206Pb2+
                                        	79Se2−
                                        	59Ni2+
                                    

                                    
                                        	Protons
                                        	19
                                        	23
                                        	79
                                        	86
                                        	15
                                        	82
                                        	34
                                        	28
                                    

                                    
                                        	Neutrons
                                        	20
                                        	28
                                        	118
                                        	136
                                        	16
                                        	124
                                        	45
                                        	31
                                    

                                    
                                        	Electrons
                                        	19
                                        	23
                                        	79
                                        	86
                                        	15
                                        	80
                                        	36
                                        	26
                                    

                                    
                                        	Atomic no.
                                        	19
                                        	23
                                        	79
                                        	86
                                        	15
                                        	82
                                        	34
                                        	28
                                    

                                    
                                        	Mass no.
                                        	39
                                        	51
                                        	197
                                        	222
                                        	31
                                        	206
                                        	79
                                        	59
                                    

                                    
                                        	Net charge
                                        	0
                                        	0
                                        	0
                                        	0
                                        	3−
                                        	2+
                                        	2−
                                        	2+
                                    

                                
                            

                        

                    

                

	
                    
                    
                    
                        
                            [image: ]
                        

                    

                





        Chapter

            Three

        Formulas, equations, and chemical reactions

        
            Key Ideas

            This chapter introduces the language of chemistry: formulas and equations. A chemical formula provides information about the atomic composition of a substance, while an equation allows us to describe a chemical reaction using the names or formulas of the reactants and products involved in the process.

        

        KEY OBJECTIVES

        At the conclusion of this chapter you will be able to:

        
            	Distinguish between ionic compounds and molecular compounds.

            	Define the following terms: ionic formula, molecular formula, empirical formula, structural formula, and binary compound.

            	Write the formulas for ionic compounds containing simple and/or polyatomic ions and name these compounds using the IUPAC system.

            	Define the term oxidation number (state) and assign oxidation numbers to elements, simple ions, and the elements contained in compounds and polyatomic ions.

            	Write the formulas for molecular compounds and name these compounds using the IUPAC system.

            	Write chemical equations using names and chemical formulas.

            	Balance chemical equations.

            	Classify a chemical reaction as synthesis, decomposition, single replacement, or double replacement.

        

    
        Section I—Basic (Regents-Level) Material

        NYS Regents Concepts and Skills 

        
            
                
                    	Note:
                    	
                        By the time you have finished this chapter, you should have mastered the concepts and skills listed below. The Regents chemistry examination will test your knowledge of these items and your ability to apply them.

                        Concepts are the basic ideas that form the body of the Regents chemistry course (what you need to know!).

                        Skills are the activities that demonstrate your mastery of these concepts (how you show that you know them!).

                        Following each concept or skill is a page reference (given in parentheses) to this chapter.

                    
                

                
                    	3.1
                    	Concept:

                        A chemical compound can be represented by a specific chemical formula and assigned a name based on the IUPAC system. (Pages 57, 59–64)
                

                
                    	3.2
                    	Concept:

                        Types of chemical formulas include empirical, molecular, and structural. (Pages 57–58)
                

                
                    	3.3
                    	
                        Concept:

                            In all chemical reactions there is a conservation of mass, energy, and charge. (Page 66)

                        Skills:

                        
                            	Interpret balanced chemical equations in terms of conservation of matter, charge, and energy. (Pages 65–67)

                            	Balance a chemical equation, given the formulas of reactants and products. (Pages 65–67)

                            	Balance a chemical equation using smallest-whole-number coefficients. (Pages 65–67)

                            	Use a particle diagram to represent a balanced chemical equation. (Pages 68–69)

                        

                    
                

                
                    	3.4
                    	
                        Concept:

                            Types of chemical reactions include synthesis, decomposition, single replacement, and double replacement. (Pages 69–72)

                        Skill:

                            Identify types of chemical reactions. (Pages 69–72)

                    
                

            
        

    
        3.1 CHEMICAL FORMULAS

        A chemical formula is an important part of the language of chemistry because it tells us something about the composition of an element or a compound. A formula can be as simple as He (helium) or as complicated as C27H46O (cholesterol).

        Elemental Formulas

        The formula for an atom of an element is its symbol, such as Ca, Fe, or Kr. In cases where the element exists as a diatomic or polyatomic molecule, we use molecular formulas such as F2, P4, and S8.

        Ionic Formulas

        Ionic compounds such as NaCl and Al(NO3)3 consist of a combination of positive and negative ions. The positive ions consist of simple metallic ions (such as Na+) or polyatomic ions (such as NH4+). The negative ions consist of simple nonmetallic ions (such as S2–) or polyatomic ions (such as ClO3–). The compound CaF2 contains exactly two elements (calcium and fluorine) and is known as a binary compound. The ions in ionic compounds do not exist as individual molecules.

        An ionic formula is the chemical formula for an ionic compound. The formula tells us the relative numbers of ions present in the compound. In NaCl, the ratio of Na+ ions to Cl– ions is 1 to 1; in Al(NO3)3, the ratio of Al3+ ions to NO3– ions is 1 to 3. 

        Molecular Formulas

        Molecular compounds such as NH3 and H2O usually consist of combinations of nonmetallic elements in which the bonds between the atoms are formed by the sharing of electrons. As the name implies, molecular compounds exist as individual molecules. 

        The formula NH3 is a molecular formula because NH3 is a molecular compound, that is, NH3 exists in the form of individual molecules. A molecular formula tells us how many atoms of each element are present in one molecule of the compound. For example, one molecule of C2H6 (ethane) contains two carbon and six hydrogen atoms. Note that the compounds NH3 and C2H6 are also binary compounds (why?).

        Empirical Formulas

        In an empirical formula the elements appear in smallest whole-number ratios. For example, the molecular formula H2O is also an empirical formula because the ratio of hydrogen atoms to oxygen atoms (2 to 1) cannot be reduced further. In contrast, the molecular formula N2O4 has NO2 as its empirical formula. Note that an empirical formula need not be related in any special way to its parent formula: it may represent another compound, or it may not even exist as a compound.

        Problem

        What is the empirical formula of C6H12O6?

        Solution

        Divide the formula by 6 to obtain CH2O.

        Try It Yourself

        What are the empirical formulas of NH3 and C6H6?

        Answer

        NH3 and CH

        Structural Formulas

        A structural formula shows how the atoms in a molecule are bonded to one another. (It is usual to represent chemical bonds by lines and unshared pairs of electrons by pairs of dots.) A structural formula may also show the shape of the molecule. For example, the water molecule may be represented as shown in the accompanying diagram:

        
            [image: ]
        

        The diagram shows that each hydrogen atom is bonded to the oxygen atom, that the molecule is “V-shaped,” and that the oxygen atom contains two unshared pairs of electrons.

        Particle diagrams can also be used to represent structural formulas, as shown in the accompanying particle diagram of CO2:

        
            [image: ]
        

        The particle diagram shows that each oxygen atom is bonded to the carbon atom, and that the molecule is linear.

    
        3.2 WRITING AND NAMING CHEMICAL FORMULAS

        Writing Formulas for Ionic Compounds

        Since all compounds are electrically neutral, the total electric charge on an ionic compound must be 0. When we write the formula of an ionic compound, we must be certain that the total charge on the positive ions equals the total charge on the negative ions.

        In the compound that contains K+ ions and F– ions, this is easily accomplished if the ion ratio is 1 to 1: the formula is KF. In the compound containing Li+ ions and O2– ions, the ion ratio must be 2 to 1: the formula is Li2O.

        Problem

        Write the formula of the compound that contains Al3+ ions and S2– ions.

        Solution

        We need a common total charge for both positive and negative ions. If we multiply 3 and 2 (the ionic charges), we obtain 6, a number that is evenly divisible by 3 and 2. Two Al3+ ions will have a total charge of 6+, and three S2– ions will have a total charge of 6–.

        The formula for the compound is Al2S3.

        Try It Yourself

        The element lead forms two ions: Pb2+ and Pb4+. Write the formulas for the compounds that contain these ions combined with the O2– ion.

        Answer

        PbO and PbO2

        Note that, in general, when we write a formula the positive ion appears first, followed by the negative ion. (There are a small number of exceptions to this rule, but we will deal with them as necessary.)

        Formulas for ionic compounds that contain polyatomic ions follow the same rules as those for simple ions. When more than one polyatomic ion is needed in a formula, it is enclosed in parentheses, as in Fe(NO3)2. This notation tell us that the ratio of Fe2+ ions to NO3– ions is 1 to 2.

        Problem

        Write the formula for the compound that contains Zn2+ ions and PO43– ions.

        Solution

        The ratio of Zn2+ ions to PO43– ions must be 3 to 2 in order for the compound to have a total charge of 0. The formula is Zn3(PO4)2.

        Try It Yourself

        Write the formula for the compound that contains NH4+ ions and SO42– ions.

        Answer

        (NH4)2SO4

        We can also work backwards: given the formula, we can determine the charges on the ions present in the compound. In Chapter 2 we related the charge on an ion of a representative element to its group number. Moreover, the charges on selected polyatomic ions are given in Reference Table E in Appendix 1.

        Problem

        Given the ionic formula CuI2, what are the charges on the ions?

        Solution

        Refer to the Periodic Table of the Elements in Appendix 1. The representative element I is located in Group 17, its ion has a 1– charge. Since there are two I– ions in the formula, the total negative charge is 2–. To balance this charge, a total positive charge of 2+ must be present on the single Cu ion, that is, Cu2+.

        Try It Yourself

        Determine the ionic charges in the compound Ag2­S.

        Answer

        Ag+ and S2–

        Naming Binary Ionic Compounds

        We name a binary ionic compound by combining the names of the two elements that make up the compound. The ion that has a positive charge is placed first; the ion with the negative charge is second; and the suffix -ide is added at the end of the name. Thus, NaCl is named sodium chloride, CaO is calcium oxide, and AlF3 is aluminum fluoride.

        A list of some elements with negative oxidation numbers and their name endings is given below:

        
            
                
                    	H–

                    	hydride
                    	C4–

                    	carbide
                    	N3–

                    	nitride
                    	O2–

                    	oxide
                

                
                    	F–

                    	fluoride
                    	P3–

                    	phosphide
                    	S2–

                    	sulfide
                    	Cl–

                    	chloride
                

                
                    	Br–

                    	bromide
                    	I–

                    	iodide
                    	
                    	
                    	
                    	
                

            
        

        Many metallic elements can have more than one positive charge. (Refer to the Periodic Table of the Elements in Appendix 1, and examine “Selected Oxidation States” in the upper right corner of each element.) 

        A metallic element such as iron (Fe) can form more than one compound. For example, iron can exist as the Fe2+ or Fe3+ ion and, therefore, can form two oxides: FeO and Fe2O3. How should we name these compounds? Clearly, both are entitled to be called iron oxide! Since it is iron whose charge varies, we provide Fe with a Roman numeral in parentheses, which corresponds to its positive charge. Therefore, FeO is given the name iron(II) oxide, and Fe2O3 is called iron(III) oxide. If a metallic ion can have only one charge (such as Na+ or Mg2+), no Roman numeral is used in the name. This method of naming compounds is known as the IUPAC system, where IUPAC stands for the International Union of Pure and Applied Chemistry.

        Try It Yourself

        Write the formulas for the following compounds:

        
            	copper(II) sulfide

            	iron(III) bromide

            	tin(IV) oxide

            	aluminum nitride

        

        Answers

        
            	CuS

            	FeBr3


            	SnO2


            	AlN

        

        Try It Yourself

        Name the following compounds:

        
            	MgF2


            	KH

            	NiI3


            	V2O5


        

        (Use the Periodic Table and Reference Table S in Appendix 1.)

        Answers

        
            	magnesium fluoride

            	potassium hydride

            	nickel(III) iodide

            	vanadium(V) oxide

        

        Naming Compounds that Contain Polyatomic Ions

        Ionic compounds that contain polyatomic ions are named in the same fashion as binary ionic compounds. The trick is to recognize that a polyatomic ion is actually present in the formula. At this point, you should review the names and formulas of the polyatomic ions contained in Reference Table E in Appendix 1.

        Problem

        Name the following compounds:

        
            	K2SO4


            	NH4NO3


            	Fe(C2H3O2)3


        

        Solutions

        
            	Note that two K+ ions are needed to balance the SO42– ion for charge. The name of this compound is potassium sulfate.

            	This compound contains two polyatomic ions: NH+ and NO3–. The name of this compound is ammonium nitrate.

            	This compound contains the Fe3+ ion and the C2H3O2– ion. The name of this compound is iron(III) acetate.

        

        Try It Yourself

        Name the following compounds:

        
            	Na3PO4


            	Hg(OH)2


            	(NH4)2SO3


        

        Answers

        
            	sodium phosphate

            	mercury(II) hydroxide

            	ammonium sulfite

        

        Writing Formulas for Molecular Compounds

        Atoms in molecular compounds do not have real charges (as ions do in ionic compounds). Nevertheless, atoms are electrical in nature, and they can behave as though they possessed charges, even in molecular compounds. The type of charge found in molecular compounds is known as an apparent charge. To be able to work with both real and apparent charges, the concept of oxidation numbers (also known as oxidation states) was developed.

        An oxidation number can be positive, negative, or zero. When we write oxidation numbers, we place the sign of the number before the number itself, for example, +2. (This distinguishes oxidation numbers from actual charges, in which the sign is placed after the number, as in 2+.) The following list gives six simplified rules for assigning oxidation numbers to elements.

        
            	The oxidation number of every atom in a free element is 0. By “free element” we mean an element that is not combined with another element. Therefore, Na, He, O2, and P4 are free elements, and each of the atoms that comprise them has an oxidation number of 0.

            	In a molecular or ionic compound, the algebraic sum of the oxidation numbers must be 0 since all compounds are electrically neutral.

            	The oxidation number of a simple ion is its charge. For example, the oxidation number of Cl– is –1, and the oxidation number of Al3+ is +3.

            	In a polyatomic ion, the algebraic sum of the individual oxidation numbers must equal the charge on the ion.

            	Hydrogen in combination usually has an oxidation number of +1. An exception is the group of compounds known as hydrides (such as sodium hydride, NaH), in which the hydride ion has a charge of 1–.

            	Oxygen in combination usually has an oxidation number of –2. Exceptions include peroxides (such as hydrogen peroxide, H2O2), in which the oxidation number of oxygen is –1, and oxygen–fluorine compounds, in which the oxidation number of oxygen has a positive value.

        

        The Periodic Table of the Elements in Appendix 1 shows the common oxidation states of the elements. These values appear in the upper right side of each element’s box. 

        We consider binary molecular compounds first. The rules are simple: (1) Elements with positive oxidation numbers generally precede elements with negative oxidation numbers, and (2) the algebraic sum of the numbers must be 0.

        For example, sulfur can combine with oxygen to form two compounds. Since O must have an oxidation number of –2, S must have a positive oxidation number. Referring to the Periodic Table, we see that the positive oxidation numbers of S are +4 and +6. Therefore, the two possible formulas are SO2 and SO3. 

        Try It Yourself

        Write the formulas for the binary compounds corresponding to the following combinations of elements:

        
            	N and O

            	P and Cl

            	H and S

            	H and N

        

        Answers

        
            	There are five possibilities: N2O, NO, N2O3, NO2, N2O5.

            	There are two possibilities: PCl3, PCl5.

            	H2S

            	NH3 (This is relatively straightforward, but we write the formula placing nitrogen as the first element. The name of this compound is ammonia.)

        

        We can also work backwards: Given the formula of a molecular compound we can determine the oxidation number of each element in the compound. We can also do this for a polyatomic ion, since the atoms within the ion behave pretty much as those in a molecular compound: they share electrons.

        Problem

        In the compound Al2O3, aluminum has an oxidation number of +3. Show that the sum of the oxidation numbers is 0.

        Solution

        Since there are two Al atoms, the oxidation number total for Al is 2 · (+3) = +6. The oxidation number total for O is 3 · (−2) = −6. The sum of these two oxidation number totals is 0: (+6) + (−6) = 0.

        Problem

        Find the oxidation number of each of the following elements:

        
            	S in H2SO3	

            	Cr in Na2Cr2O7


            	Fe and Cl in FeCl3	

            	P in PO43−


            	O in OF2


        

        Solutions

        
            	The oxidation number total for H is 2 · (+1) = +2. The oxidation number total for O is 3 · (−2) = −6. These numbers add to −4.

                If the compound is to be neutral, S must have an oxidation number of +4.

            	The oxidation number total for Na is 2 · (+1) = +2. The oxidation number total for O is 7 · (−2) = −14. These numbers add to −12.

                If the compound is to be neutral, the two Cr atoms must have an oxidation number total of +12. Therefore, each Cr atom has an oxidation number of +6.

            	We must rely on the fact that Cl will be negative in this compound. According to the Periodic Table, the negative oxidation number of Cl is −1. In this compound, then, the oxidation number total for Cl is 3 · (−1) = −3.

                For the compound to be neutral, the oxidation number of Fe must be +3.

            	The oxidation number total for O is 4 · (−2) = −8. In this polyatomic ion the sum of the oxidation number totals must equal the charge on the ion, that is, −3.

                Therefore, P must have an oxidation number of +5.

            	According to the Periodic Table, F has an oxidation number of −1. The oxidation number total for F is 2 · (−1) = −2.

                If the compound is to be neutral, O must have an oxidation number of +2. (Note that this oxidation number is not shown on the Periodic Table.)

        

        Try It Yourself

        Find the oxidation number of each of the following elements:

        
            	Cl in ClO4–


            	N in N2O5


            	C in C6H12O6


        

        Answers

        
            	+7.

            	+5.

            	If you followed all of the rules, you calculated an oxidation number for C equal to 0! This is entirely possible: according to our rules, some combined elements may also have oxidation numbers of 0.

        

        Naming Molecular Compounds

        The IUPAC system for naming molecular compounds uses prefixes that indicate how many atoms of an element are present. The following prefixes are used:

        
            
                
                    	Prefix
                    	Number of Atoms
                

            
            
                
                    	mono
                    	1
                

                
                    	di         
                    	2
                

                
                    	tri        
                    	3
                

                
                    	tetra   
                    	4
                

                
                    	penta
                    	5
                

                
                    	hexa  
                    	6
                

            
        

        The prefix “mono” is never used for the first element. For example, SO2, CO, and N2O3, are named, respectively, sulfur dioxide, carbon monoxide, and dinitrogen trioxide.

        Try It Yourself

        Name the following molecular compounds:

        
            	 PCl5


            	 SO3


            	 SF6


            	 H2O

        

        Answers

        
            	 phosphorus pentachloride

            	 sulfur trioxide

            	 sulfur hexafluoride

            	 dihydrogen monoxide—but we will continue to use its common name: water!

        

    
        3.3 CHEMICAL EQUATIONS

        An equation provides a “recipe” for carrying out a chemical reaction. Consider the following description of a chemical reaction:

        Methane (CH4) gas reacts with oxygen gas to produce

            carbon dioxide gas, liquid water, and heat.

        This is quite a mouthful! Let us develop a chemical equation for this reaction, step by step.

        Developing an Equation

        First, we write a word equation:

        
            
        

        Note that an arrow separates what we react (the reactants) from what we produce (the products), and that the phases of the substances are included in parentheses: “s” for solid, “ℓ” for liquid, “g” for gas, and “aq” for a substance dissolved in water.

        Next, we replace the name of each substance by its formula:

        
            
        

        And that’s about it. We have changed our original, wordy statement into a shortened form that tells what happens when methane gas reacts with oxygen. This equation is still incomplete. We will “balance” it in Section 3.4.

        Try It Yourself

        Write word and formula equations for the following process:

        Solid zinc reacts with a water solution of hydrogen sulfate to produce hydrogen gas, a water solution of zinc sulfate, and heat.

        Answer

        zinc(s) + hydrogen sulfate(aq) → hydrogen(g) + zinc sulfate(aq) + heat

            Zn(s) + H2SO4(aq) → H2(g) + ZnSO4(aq) + heat

    
        3.4 Balancing a Chemical Equation

        All chemical reactions must obey three conservation laws: conservation of matter (mass), conservation of energy, and conservation of electric charge. This means that the total mass, energy content, and electric charge of the reactants must equal those of the products.

        If we inspect the equation written in Section 3.3 for the reaction between CH4 and O2 carefully, we find something seriously wrong with it. On the left side of the equation we have four hydrogen atoms and two oxygen atoms. On the right side we have two hydrogen atoms and three oxygen atoms. This is intolerable—our equation violates the law of conservation of matter!

        If, however, we inspect the equation written in answer to “Try It Yourself,” we find that the numbers of zinc, hydrogen, sulfur, and oxygen atoms on each side of the equation are equal. This equation is said to be balanced, while the other one is unbalanced. To correct this serious defect, we must balance the equation for the reaction between CH4 and O2.

        To balance an equation, we use a coefficient: a number that is placed before a substance to indicate how many units of the substance we need. For example, the notation 5NH3 means that five molecules of NH3 are required.

        We now proceed to balance the faulty equation by inspection. (First, we will drop the heat term since it will not play a direct part in what we do.) We have four hydrogen atoms on the left, so we must produce four on the right. Since hydrogen appears only in the H2O, it follows that we need 2H2O to account for all of the hydrogen:

        
            
        

        If we count the oxygen atoms on the right in our new equation, we see that we have four—two from the CO2 and two from the 2H2O. (Remember: the coefficient applies to the entire H2O, not only the hydrogen.) We can easily produce four oxygen atoms on the left side by using 2O2:

        
            
        

        Now inspect the three equations given below. Are they balanced?

        
            
        

        Clearly, the first two equations are balanced because we count the same number of atoms of each kind on the left and right sides. Note that the coefficients are proportional to the coefficients in the equation we just balanced.

        Although the last equation looks strange (it has fractional coefficients), it is balanced because its coefficients are also in proportion to those in our original equation. (In Chapter 5 we will see how such equations are used.)

        Our original (balanced) equation:

        
            
        

        is called an equation balanced with smallest whole-number coefficients. For the present, we will use this form.

        Try It Yourself

        Write an equation for each of the following reactions, and balance it using smallest whole-number coefficients:

        
            	nitrogen(g) + hydrogen(g) → ammonia(g)

            	hydrogen(g) + oxygen(g) → water(ℓ)

            	copper(II) oxide(s) + carbon(s) → copper(s) + carbon dioxide(g)

            	magnesium(s) + hydrogen sulfate(aq) → hydrogen(g) + magnesium sulfate(aq)

            	ammonia(g) + oxygen(g) → nitrogen monoxide(g) + water(ℓ)

        

        Answers

        
            	N2(g) + 3H2(g) → 2NH3(g)

            	2H2(g) + O2(g) → 2H2O(ℓ)

            	2CuO(s) + C(s) → 2Cu(s) + CO2(g)

            	Mg(s) + H2SO4(aq) → H2(g) + MgSO4(aq)

            	4NH3(g) + 5O2(g) → 4NO(g) + 6H2O(ℓ)

        

        Particle Diagrams and Balanced Chemical Equations

        We have used particle diagrams to represent atoms and molecules. We can also use particle diagrams to represent balanced equations. For example, consider the balanced equation 2H2 + O2 → 2H2O. The following diagram specifies how each molecule in the equation is represented:

        
            [image: ]
        

        Now let us use these diagrams to form the balanced equation:

        
            [image: ]
        

        We can see that the equation is balanced because we can count the number of each type of atoms on each side of the equation.

        Try It Yourself

        (a) First, balance the chemical equation C + O2 → CO using smallest whole-number coefficients. (b) Then use the following particle diagrams to represent the balanced equation:

        
            [image: ]
        

        Answers

        
            	
                2C + O2 → 2CO
            

            	
                
                
                    [image: ]
                

            

        

    
        3.5 CLASSIFYING CHEMICAL REACTIONS

        As noted in Section 3.4, an equation describes a specific chemical reaction. Since there are so many chemical reactions, chemists find it useful to place them in various categories based on their similarities. Throughout this book, we will be examining these categories. We begin, in this section, with the four simplest types of chemical reactions.

        Direct Combination (Synthesis) Reactions

        A direct combination (or synthesis) reaction involves the combination of two or more reactants to produce one product. The reactants can be elements or compounds. In general, we can write a direct combination reaction in the form

        
            
        

        As an example, the production of iron(II) chloride from iron and chlorine is a direct combination reaction:

        
            
        

        Another example involves the production of carbon dioxide from the combination of carbon monoxide and oxygen:

        
            
        

        Try It Yourself

        Write a balanced equation for the direct combination of sodium(s) and bromine(ℓ) to produce a solid product.

        Answer

        
            
        

        Decomposition Reactions

        A decomposition reaction involves the breakdown of a single reactant into two or more products. It is the opposite of a direct combination reaction. In general, we can write a decomposition reaction in the form

        
            
        

        As an example, hydrogen peroxide decomposes into water and oxygen:

        
            
        

        Try It Yourself

        Write a balanced equation for the decomposition of ammonia gas (NH3) into its elements.

        Answer

        2NH3(g) → N2(g) + 3H2(g)

        Single-Replacement Reactions

        In a single-replacement reaction, an uncombined element replaces another element that is part of a compound. As a result, the replaced element becomes uncombined. In general, we can write a single-replacement reaction in the form

        
            
        

        As an example, the element zinc replaces the element copper from an aqueous solution of the compound copper(II) sulfate:

        
            
        

        Single-replacement reactions occur only under certain conditions. For example, the replacement of zinc by copper (the reverse of the reaction shown above) will not occur. Since zinc replaces copper from solution, zinc is said to be a more active metal than copper. In other words, zinc will form a positive ion (in solution) more easily than will copper.

        We can use Reference Table J in Appendix 1 to predict which single-replacement reactions of metals will occur. (Note that, even though H2 is not a metallic element, it is included in the table because it forms H+ ions; in fact, the table is based on H2 as a standard.) The higher a metallic element appears in the table, the more active it is; and a metal will always replace one that is lower in the table.

        Problem

        
            	Will magnesium (Mg) replace lead (Pb) [as Pb(NO3)2] in aqueous solution? If so, write a balanced equation for the reaction.

            	Will silver (Ag) replace sodium (Na) [as NaCl] in aqueous solution? If so, write a balanced equation for the reaction.

        

        Solutions

        
            	Yes, since Mg is higher than Pb in Reference Table J in Appendix 1. The equation is
                
                    
                

            

            	No, since Ag is lower in the table than Na.

        

        We can also compare the activities of nonmetals (i.e., their abilities to form negative ions in solution) by using Reference Table J. Consider the reaction between liquid bromine (Br2) and aqueous potassium iodide (KI):

        
            
        

        Since Br2 is higher than I2 in Reference Table J, Br2 is a more active nonmetal than I2; that is, Br2 replaces I2 because Br2 forms a negative ion more easily than does I2.

        Problem

        Write the single-replacement reaction that occurs between gaseous Cl2 and NaBr in aqueous solution.

        Solution

        Since Cl2 is higher than Br2 on reference Table J, a single-replacement reaction will occur:

        
            
        

        Double-Replacement Reactions

        In a double-replacement reaction, two elements in different compounds replace each other. In general, we can write a double-replacement reaction in the form

        
            
        

        As an example, when aqueous solutions of barium nitrate and sodium sulfate are mixed, barium and sodium replace each other:

        
            
        

        Double-replacement reactions also occur only under certain conditions: at least one of the products must form a solid (known as a precipitate), a gas, or a molecular compound. In the example above, the reaction occurs because a precipitate of BaSO4 forms. We can use Reference Table F in Appendix 1 to predict when a precipitate will form. All of the ionic compounds that are classified as insoluble will form precipitates; soluble compounds will remain in solution.

        Problem

        A solution of AgNO3 is mixed with a solution of NaCl. Does a double-replacement reaction occur?

        Solution

        First, we write the equation as though the reaction does occur:

        
            
        

        Next, we refer to Table F. According to the table:

        
            	All compounds containing Na+ or NO3– ions are soluble: they remain in solution.

            	Compounds containing Ag+ and Cl– or Br– or I– are insoluble: they form precipitates.

        

        Since AgCl is an insoluble product, the reaction will occur.

        Finally, we complete the equation:

        
            
        

        Try It Yourself

        
            	A solution of sodium sulfide is mixed with a solution of zinc nitrate. Does a reaction occur? Use Reference Table F in Appendix 1.

            	A solution of potassium chloride is mixed with a solution of sodium iodide. Does a reaction occur? Use Reference Table F in Appendix 1.

        

        Answers

        
            	Yes. The balanced equation is:

                

                
                    
                

            

            	No. The products (potassium iodide and sodium chloride) are soluble, as are the reactants (potassium chloride and sodium iodide).

        

    
        Section II—Additional Material

        3.1A OTHER WAYS OF NAMING IONIC COMPOUNDS

        There are other, older systems for naming ionic compounds. For metallic elements that can form exactly two positive ions, the suffixes -ous and -ic are added to distinguish between the lower and higher charge. The first suffix (-ous) is used with the element’s smaller charge, and the second (-ic) with its larger charge. These suffixes are usually (but not always) attached to the Latin names of the elements. Some examples are shown below:

        
            
                
                    	FeCl2 ferrous chloride
                    	FeCl3 ferric chloride
                

                
                    	Cu2O cuprous oxide
                    	CuO cupric oxide
                

                
                    	Hg2Br2 mercurous bromide
                    	HgBr2 mercuric bromide
                

            
        

        We will not employ this system in naming compounds; rather, we will use the IUPAC system throughout this book.

    
        
            
                End-of-Chapter Questions

                                 
                
                
                
                
                
                
                
                 
                
                
            

            
            
                
                	
                    
                    
                        Which represents a substance dissolved in water?

                    

                    
                        	HCl(aq) 

                        	HCl(ℓ)

                        	HCl(g) 

                        	HCl(s)

                    

                

                	
                    
                    
                        Which may represent a crystalline material?

                    

                    
                        	K2SO4(s) 

                        	Br2(ℓ)

                        	NaCl(aq) 

                        	CO2(g)

                    

                

                	
                    
                    
                        Which represents a compound?

                    

                    
                        	Ca 

                        	Cr

                        	CO 

                        	Co

                    

                

                	
                    
                    
                        Which is the formula of a binary compound?

                    

                    
                        	KOH 

                        	NaClO3


                        	Al2S3 

                        	Bi(NO3)3


                    

                

                	
                    
                    
                        In a sample of solid Ba(NO3)2, the ratio of barium ions to nitrate ions is

                    

                    
                        	1:1 

                        	1:2

                        	1:3 

                        	1:6

                    

                

                	
                    
                    
                        A chemical formula is an expression used to represent

                    

                    
                        	mixtures, only

                        	elements, only

                        	compounds, only

                        	compounds and elements

                    

                

                	
                    
                    
                        In which compound does chlorine have the highest oxidation number?

                    

                    
                        	KClO 

                        	KClO2


                        	KClO3 

                        	KClO4


                    

                

                	
                    
                    
                        What is the oxidation number of sulfur in H2SO4?

                    

                    
                        	0 

                        	−2

                        	+6 

                        	+4

                    

                

                	
                    
                    
                        If element X forms the oxides XO and X2O3, the oxidation numbers of element X are

                    

                    
                        	+1 and +2     

                        	+2 and +3

                        	+1 and +3	

                        	+2 and +4

                    

                

                	
                    
                    
                        For the compound (NH4)2SO4, the oxidation numbers of all the atoms must add to 

                    

                    
                        	1 

                        	0

                        	3 

                        	11

                    

                

                	
                    
                    
                        What is the oxidation number of sulfur in Na2S2O7?

                    

                    
                        	−2 

                        	+2

                        	+6 

                        	+4

                    

                

                	
                    
                    
                        Sulfur exhibits a negative oxidation state in

                    

                    
                        	H2S 

                        	H2SO3


                        	S8 

                        	SO3


                    

                

                	
                    
                    
                        In which compound does hydrogen have an oxidation number of −1?

                    

                    
                        	NH3 

                        	KH

                        	HCl 

                        	H2O

                    

                

                	
                    
                    
                        The formula for iron(III) oxide is

                    

                    
                        	FeO3 

                        	Fe2O3


                        	Fe3O 

                        	Fe3O2


                    

                

                	
                    
                    
                        Which is the formula for potassium hydride?

                    

                    
                        	KH 

                        	KH2


                        	KOH 

                        	K(OH)2


                    

                

                	
                    
                    
                        Which is the formula for dinitrogen monoxide?

                    

                    
                        	NO 

                        	N2O

                        	NO2 

                        	N2O4


                    

                

                	
                    
                    
                        Which formula represents mercury(I) chloride?

                    

                    
                        	Hg2Cl 

                        	HgCl2


                        	Hg2Cl2 

                        	Hg2Cl4


                    

                

                	
                    
                    
                        Which is the formula for titanium(III) oxide?

                    

                    
                        	Ti2O3 

                        	TiO

                        	Ti3O2 

                        	Ti2O4


                    

                

                	
                    
                    
                        Which is the formula for sulfur dioxide?

                    

                    
                        	SO 

                        	SO2


                        	SO3 

                        	SO4


                    

                

                	
                    
                    
                        Which is the correct formula for carbon monoxide?

                    

                    
                        	CO 

                        	CO2


                        	C2O 

                        	C2O3


                    

                

                	
                    
                    
                        What is the correct name for the compound with the formula CrPO4?

                    

                    
                        	chromium(II) phosphate 

                        	chromium(III) phosphate

                        	chromium(II) phosphide

                        	chromium(III) phosphide

                    

                

                	
                    
                    
                        In an equation, which symbol indicates a mixture?

                    

                    
                        	NH3(s) 

                        	NH3(ℓ)

                        	NH3(aq) 

                        	NH3(g)

                    

                

                	
                    
                    
                        Given this unbalanced equation:

                        
                            
                        

                    

                    
                        What is the sum of the coefficients when the equation is completely balanced using smallest whole-number coefficients?

                    

                    
                        	5 

                        	7

                        	9 

                        	11

                    

                

                	
                    
                    
                        When the equation

                        
                            
                        

                        is correctly balanced using smallest whole-number coefficients, the coefficient of the water is

                    

                    
                        	1 

                        	2

                        	3 

                        	4

                    

                

                	
                    
                    
                        Given this unbalanced equation:

                        
                            
                        

                    

                    
                        What is the coefficient of NH4NO3 when the equation is correctly balanced using smallest whole-number coefficients?

                    

                    
                        	6 

                        	2

                        	3 

                        	4

                    

                

                	
                    
                    
                        When the equation

                        
                            
                        

                        is correctly balanced using smallest whole-number coefficients, the coefficient of O2 is

                    

                    
                        	1 

                        	2

                        	3 

                        	4

                    

                

                	
                    
                    
                        When the equation

                        
                            
                        

                        is correctly balanced using smallest whole-number coefficients, the sum of all the coefficients is

                    

                    
                        	5 

                        	7

                        	8 

                        	9

                    

                

                	
                    
                    
                        When the equation

                        
                            
                        

                        is correctly balanced using smallest whole-number coefficients, the sum of the coefficients is

                    

                    
                        	9 

                        	8

                        	5 

                        	4

                    

                

                	
                    
                    
                        When the equation

                        
                            
                        

                        is correctly balanced using smallest whole-number coefficients, the coefficient of H2 is

                    

                    
                        	1 

                        	2

                        	3 

                        	4

                    

                

                	
                    
                    
                        When the equation

                        
                            
                        

                        is correctly balanced using smallest whole-number coefficients, what is the coefficient of O2⋅

                    

                    
                        	1 

                        	2

                        	3 

                        	4

                    

                

                	
                    
                    
                        Given this unbalanced equation:

                        
                            
                        

                    

                    
                        When the equation is correctly balanced using smallest whole-number coefficients, the sum of the coefficients is

                    

                    
                        	7 

                        	8

                        	3 

                        	4

                    

                

                	
                    
                    
                        Which equation illustrates the conservation of mass?

                    

                    
                        	H2 + Cl2 → HCl 

                        	H2 + Cl2 → 2HCl

                        	H2 + O2 → H2O

                        	H2 + O2 → 2H2O

                    

                

                	
                    
                    
                        When the equation 

                        
                            
                        

                        is correctly balanced, the coefficient of O2 is

                    

                    
                        	7

                        	10

                        	3 

                        	4

                    

                

                	
                    
                    
                        When the equation 

                        
                            
                        

                        is correctly balanced, what is the coefficient of CuSO4?

                    

                    
                        	1 

                        	2

                        	3 

                        	4

                    

                

                	
                    
                    
                        Given this balanced equation:

                        
                            
                        

                        What is the correct formula for the product represented by the letter X?

                    

                    
                        	NaO 

                        	Na2O

                        	NaOH 

                        	Na2OH

                    

                

                	
                    
                    
                        The products, X and Y, of this balanced equation:

                        
                            
                        

                        could be

                    

                    
                        	CO2 and SO3 

                        	CO and SO

                        	CO and SO2	

                        	CO2 and SO2


                    

                

                	
                        
                        	
                            Base your answers to questions 37–40 on the four types of reactions given below. Match each reaction with its appropriate reaction type, (1), (2), (3), or (4). A choice may be used more than once or not at all.

                            
                                	synthesis

                                	decomposition

                                	single replacement

                                	double replacement

                            

                        

                    	
                            
                            
                                CaCO3 → CaO + O2

                            

                           
                        

                    	
                            
                            
                                Cl2 + 2KI → I2 + 2KCl

                            

                            
                        

                    	
                            
                            
                                MgSO4 + Ba(NO3)2 → BaSO4 + Mg(NO3)2

                            

                            
                        

                    	
                            
                            
                                Zn + 2AgNO3 → 2Ag + Zn(NO3)2

                            

                           
                        

                    


                	
                    
                    
                        Given the balanced equation representing a reaction:

                        
                            
                        

                        Which type of reaction is represented by this equation?

                    

                    
                        	synthesis

                        	decomposition

                        	single replacement

                        	double replacement

                    

                

            

            Constructed-Response Questions

            
                
                	
                    
                    
                        Below is a grid of positive and negative ions. In the space where a positive and a negative ion intersect, write the correct formula for the compound formed by those two ions. A number of correct formulas have already been inserted to assist you.

                        
                            [image: image]
                        

                    

                    
                    
                

                	
                    
                    
                        Determine the oxidation numbers of the elements in SO32−.

                    

                    
                

                	
                    
                    
                        Determine the oxidation numbers of the elements in KMnO4.

                    

                    
                

                	
                    
                    
                        Balance each of the following equations using smallest whole-number coefficients.

                        
                            	Zn(OH)2 + H3PO4 → H2O + Zn3(PO4)2


                            	CO2 + H2O → C6H12O6 + O2


                        

                    

                    
                

                	
                    
                    
                        Name each of the following compounds using the IUPAC system:

                        
                            	NaI

                            	CS2


                            	FeCl3


                            	P4O10


                            	Cl2O7


                        

                    

                    
                

                	
                    
                    
                        Write a balanced equation for a synthesis reaction with magnesium and Br2 as reactants.

                    

                    
                

                	
                    
                    
                        Write a balanced equation for the decomposition of FeO.

                    

                    
                

                	
                    
                    
                        Write a balanced equation for the single-replacement reaction that occurs between zinc and aluminum. Assume that NO3– is the negative ion.

                    

                    
                

                	
                    
                    
                        Write a balanced equation for the double-replacement reaction between Na3PO4 and Pb(NO3)2. Use Reference Table F in Appendix 1 to determine which compound is the precipitate. 

                    

                    
                

                	
                        
                        	
                            Base your answers to questions 10 through 12 on the balanced chemical equation below.

                            
                                
                            

                            
                        

                        	
                            
                            
                                What type of reaction does this equation represent? 

                            

                            
                        

                        	
                            
                            
                                How does the balanced chemical equation show the law of conservation of mass? 

                            

                            
                        

                        	
                            
                            
                                What is the total number of molecules of O2 produced when 8 molecules of H2O are completely consumed?

                            

                            
                        

                    


            

        

    Answers
								and Explanations




	1

	1

	3

	3

	2

	4

	4

	3

	2

	2

	3

	1

	2

	2

	1

	2

	3

	1

	2

	1

	2

	3

	2

	2

	1

	2

	2

	1

	4

	3

	2

	2

	1

	1

	3

	4

	2

	3

	4

	3

	4

								    	
                    
                    
                    
                        
                            [image: image]
                        

                    

                

	
                    
                    
                    
                        S = 4+, O = 2−

                    

                

	
                    
                    
                    
                        K = 1+, Mn = 7+, O = 2−

                    

                

	
                    
                    
                    
                        
                            	3Zn(OH)2 + 2H3PO4 → 6H2O + Zn3(PO4)2


                            	6CO2 + 6H2O → C6H12O6 + 6O2


                        

                    

                

	
                    
                    
                    
                        
                            	sodium iodide

                            	carbon(II) sulfide

                            	iron(III) chloride

                            	phosphorus(V) oxide

                            	chlorine(VII) oxide

                        

                    

                

	
                    
                    
                    
                        Mg + Br2 → MgBr2

                    

                

	
                    
                    
                    
                        2FeO → 2Fe + O2

                    

                

	
                    
                    
                    
                        2Al + 3Zn(NO3)2 → 3Zn + 2Al(NO3)3

                    

                

	
                    
                    
                    
                        2Na3PO4 + 3Pb(NO3)2 → 6NaNO3 + Pb3(PO4)2

                        According to Reference Table F, Pb3(PO4)2 is the precipitate.

                    

                

	
                            
                            
                            
                                decomposition

                            

                        

	
                            
                            
                            
                                The total number of atoms (4 H and 2 O) on both sides of the equation are equal.

                            

                        

	
                            
                            
                            
                                4 molecules of O2 are produced.

                            

                        





        Chapter

            Four

        chemical calculations

        
            Key Ideas

            This chapter focuses on problem solving in chemistry. The concept of the mole is stressed throughout the chapter. A variety of problems involving single substances and equations is explored.

        

        KEY OBJECTIVES

        At the conclusion of this chapter you will be able to:

        
            	Define the terms atomic mass unit, isotopic mass, and average atomic mass.

            	Calculate the atomic mass of an element, given the masses of its naturally occurring isotopes and the abundances of these isotopes.

            	Calculate the formula mass of a substance.

            	Define the term mole in relation to number of particles and the mass of a substance.

            	Define the term molar mass (also called gram-formula mass). 

            	Calculate the molar masses of various types of substances.

            	Solve mole-mass problems.

            	Solve percent composition problems.

            	Calculate the molecular formula of a substance, given its empirical formula and molar mass.

            	Calculate the empirical formula of a substance from its percent composition by mass.

            	Solve mole and mass problems involving chemical equations.

            	Solve problems involving percent yields and limiting reactants. 

        

    
        SECTION I—BASIC (REGENTS-LEVEL) MATERIAL

        NYS REGENTS CONCEPTS AND SKILLS

        
            
                
                    	Note:
                    	
                        By the time you have finished Section I, this chapter, you should have mastered the concepts and skills listed below. The Regents chemistry examination will test your knowledge of these items and your ability to apply them.

                        Concepts are the basic ideas that form the body of the Regents chemistry course (what you need to know!).

                        Skills are the activities that demonstrate your mastery of these concepts (how you show that you know them!).

                        Following each concept or skill is a page reference (given in parentheses) to this chapter.

                    
                

                
                    	4.1
                    	Concept:

                        The mass of each proton and of each neutron is approximately equal to one atomic mass unit. An electron is much less massive than a proton or a neutron. The mass of an atom is very nearly equal to its mass number. (Pages 83–84)
                

                
                    	4.2
                    	
                        Concept:

                            The average atomic mass of an element is the weighted average of the masses of its naturally occurring isotopes. (Pages 83–84)

                        Skills:

                        
                            	Given the atomic mass of an element, determine the mass number of the element’s most abundant isotope. (Pages 83–84)

                            	Calculate the atomic mass of an element, given the masses and ratios of the element’s naturally occurring isotopes. (Pages 83–85)

                        

                    
                

                
                    	4.3
                    	
                        Concept:

                            The empirical formula of a compound is the simplest whole number ratio of atoms of the elements in a compound. It may be different from the molecular formula, which is the actual ratio of atoms in a molecule of that compound. (Pages 88–89)

                        Skills:

                        
                            	Determine the molecular formula of a compound, given the empirical formula and the molecular mass. (Pages 88–89)

                            	Determine the empirical formula from the molecular formula. (Pages 88–89)

                        

                    
                

                
                    	4.4
                    	
                        Concept:

                            The formula mass of a substance is the sum of the atomic masses of its atoms. The molar mass (gram formula mass) of a substance is the mass of 1 mole of that substance. (Pages 85–86)

                        Skills:

                        
                            	Calculate the formula mass and the molar mass (gram-formula mass) of a substance. (Pages 87–88)

                            	Determine the number of moles of a substance, given its mass. (Pages 85–86)

                            	Determine the mass of a given number of moles of a substance. (Pages 85–86)

                        

                    
                

                
                    	4.5
                    	
                        Concept:

                            The percent composition by mass of each element in a compound can be calculated mathematically. (Pages 87–88)

                        Skill:

                            Determine the percent composition(s) of one or more elements in a compound. (Pages 87–88)

                    
                

                
                    	4.6
                    	
                        Concept:

                            A balanced chemical equation represents conservation of atoms. The coefficients in a balanced chemical equation can be used to determine mole ratios in the reaction. (Pages 90–91)

                        Skill:

                            Solve simple mole-mole stoichiometry problems, given a balanced equation. (Pages 90–91)

                    
                

            
        

    
  4.1 INTRODUCTION

As its name implies, this chapter is devoted to solving various numerical problems in chemistry. The ability to solve numerical problems is essential to chemists because it provides the means to translate theory into practice. We will solve many of the problems in this chapter by using the factor-label method (FLM) introduced in Chapter 1. You may wish to review the method at this time.
  


        4.2 AVERAGE ATOMIC MASS

        How do scientists measure the masses of atoms and their components? They use an instrument called a mass spectrometer. First, though, a standard mass must be established and, it must be given a value. Chemists have agreed that a neutral atom of the isotope carbon-12 is the appropriate standard. Its mass has been set at exactly 12 atomic mass units (12 u or 12 amu). It follows that 1 atomic mass unit is 1/12 of the mass of a neutral carbon-12 atom. All other atomic masses are measured relative to this value. With this system, the masses of a proton and a neutron are nearly equal to 1 atomic mass unit, while the electron has a mass close to 0.0005 atomic mass unit.

        We are now able to report the mass of any atom or subatomic particle. But how should we report the masses of the atoms in a sample of an element? There are problems here because elements may contain atoms with different mass numbers (i.e., isotopes). The solution is to measure the mass of each individual isotope in the element and then calculate a weighted average based on the abundance of each isotope in the sample of the element. 

        This weighted average is known as the average atomic mass of the element. For example, the average atomic mass of the element carbon is 12.0111 atomic mass units, indicating that a sample of carbon contains isotopes whose mass numbers are other than 12. We can think of the quantity 12.0111 atomic mass units as the mass of an average atom the element carbon.

        If we examine The Periodic Table of the Elements in Appendix 1, we note that the average atomic masses of most elements are nearly whole numbers. If an average atomic mass is rounded to a whole number, it usually represents the mass number of the most abundant isotope of the element.

        Problem

        What is the most abundant isotope of the element oxygen (average atomic mass = 15.9994 u)?

        Solution

        The average atomic mass is very nearly equal to 16 atomic mass units, so we conclude that oxygen-16 is the most abundant isotope of the element oxygen.

        Try It Yourself

        What is the most abundant isotope of the element gold (average atomic mass = 196.9665 u)?

        Answer

        Gold-197

        Problem

        An element consists of two isotopes. Isotope A has an abundance of 75.00 percent, and its mass is 14.000 atomic mass units. Isotope B has an abundance of 25.00 percent, and its mass is 15.000 atomic mass units. What is the average atomic mass of the element?

        Solution

        The term percentage abundance indicates how many atoms of an isotope are contained in 100 atoms of the element. In this example, 100 atoms of the element would contain 75 atoms of isotope A and 25 atoms of isotope B.

        To calculate the average atomic mass of the element, we multiply the mass of each isotope by the decimal equivalent of its percentage abundance and then add the results:

        
            
        

        Try It Yourself

        The element boron occurs in nature as two isotopes. Boron-10 has a mass of 10.0130 atomic mass units, and its abundance is 19.90 percent; boron-11 has a mass of 11.0093 atomic mass units, and its abundance is 80.10 percent. From these data, calculate the average atomic mass of the element boron.

        Answer

        10.81 u

        From this point forward, we will replace the term average atomic mass with the simpler term atomic mass.

    
        4.3 THE FORMULA MASS OF A SUBSTANCE

        The formula mass is the sum of the masses of all of the atoms in a given formula. We recall that atomic masses are measured in atomic mass units (u). The formula mass of the molecule O2 equals 32 atomic mass units since there are two oxygen atoms in the formula and each oxygen atom has a mass of 16.00 atomic mass units.

        Suppose we want to find the formula mass of the compound CuSO4. We need to do a little planning: first, we obtain the atomic masses from the Periodic Table of Elements in Appendix 1 of this book, and then we set up a table to keep things organized:

        
            [image: ]
        

        Try It Yourself

        Calculate the formula mass of NH3.

        Answer

        17.03 u

    
        4.4 THE MOLE CONCEPT AND MOLAR MASS

        The mole is one of the most useful and important concepts in chemistry. Mole (abbreviated as mol) is a word with two faces: it represents a number and a mass. In Chapter 6, we will see that the mole has a third face: the volume of a gas under certain specified conditions.

        One mole refers to Avogadro’s number (NA = 6.02 × 1023) of particles of anything. For example, 1 mole of silver refers to 6.02 × 1023 atoms of Ag, while 1 mole of CO2 refers to 6.02 × 1023 molecules of CO2. And 1 mole of slices of pizza? That’s correct, 6.02 × 1023 slices! 

        One mole of particles has a special mass associated with it: the formula mass of the substance expressed in grams. For example, 1 mole of H2O has a mass of 18.00 grams (because its formula mass is 18.00 u). In this context, we refer to 1 mole as the molar mass (also known as the gram-formula mass), whose units are grams per mole (g/mol). In this book, we will use these two terms interchangeably and we will use the symbol ℳ to represent them. If the formula happens to be that of an element, such as calcium, the molar mass will refer to the atomic mass of the element; if the formula represents a molecule or an ionic compound, the molar mass will refer to the formula mass of the substance. 

        Problem

        Calculate the molar mass of each of the following:

        
            	Ne

            	Cl2


            	SO3


            	KBr

        

        Solutions

        
            	We use the atomic mass of Ne: ℳ = 20.18 g/mol.

            	We calculate the molar mass of Cl2: ℳ = 70.91 g/mol.

            	We calculate the molar mass of SO3: ℳ = 80.07 g/mol.

            	We calculate the molar mass of KBr: ℳ = 118.0 g/mol.

        

        Try It Yourself

        Calculate the molar mass of CaCO3.

        Answer

        ℳ = 100.1 g/mol

    
        4.5 PROBLEMS INVOLVING A SINGLE SUBSTANCE

        We can solve a variety of problems involving a single substance because any substance can be represented by a chemical formula, and any formula can be associated with the mole concept. For example, the formula H2SO4 can be interpreted as follows: 1 mole of H2SO4 contains 2 moles of H atoms, 1 mole of S atoms, and 4 moles of O atoms. Similarly, 1 mole of CaCl2 contains 1 mole of Ca2+ ions and 2 moles of Cl– ions.

        Mole-Mass Conversions

        Reference Table T in Appendix 1 gives us a formula for calculating among mass, molar mass, and number of moles:

        
            
           
     
            

        

        In symbols, we can represent this formula as:

        
          
  
                
            

        

        where n is the number of moles, m is the mass of the substance in grams, and ℳ is the molar mass in grams per mole.

        Problem

        
            	Calculate the number of moles in 250. grams of CaCO3 (ℳ = 100. g/mol).

            	Calculate the mass of 6.50 moles of KBr (ℳ = 118 g/mol).

        

        Solutions

        
            	
                
                

            

            	
                
            

        

        Try It Yourself

        Calculate the molar mass of a substance if 0.25 mole of the substance has a mass of 45 grams.

        Answer

        ℳ = 180 g/mol 

        Mole-mass conversion problems can also be solved by using the factor-label method (FLM). When FLM is used, the molar mass becomes the conversion factor. For example, the molar mass of NH3 is 17.03 grams per mole. 

        Therefore, we can form two possible fractions:

        
            
        

        Either of these two fractions can be used in solving a mole-mass problem.

        Problem

        How many moles of molecules are contained in 67.25 grams of NH3 (ℳ = 17.03 grams per mole)?

        Solution

        The appropriate conversion factor is
            . Our problem is then set up for solution:

        
            
        

        Try It Yourself

        Calculate the mass of 3.00 moles of nitrogen gas (N2) using the FLM.

        Answer

        84.04 g N2

        Empirical Formulas, Molecular Formulas, and Molar Mass

        In Chapter 3, we learned how to calculate the empirical formula of a substance, given its molecular formula. Now, we learn how to calculate the molecular formula of a substance, given its empirical formula and its molar mass. The following steps show how this is accomplished:

        
            	Calculate the molar mass of the empirical formula.

            	
Divide the molar mass of the substance by the molar mass of the empirical formula.

            	
Multiply the empirical formula by the number obtained in Step 2.

        

        Problem

        The empirical formula of a molecular substance is CH2, and the molar mass of the substance is 70.05 grams per mole. Determine the molecular formula of the substance.

        Solution

        
            	The molar mass of the empirical formula CH2 is 14.01 g/mol.

            	
                
            

            	5 · (CH2) = C5H10


        

        Try It Yourself

        The empirical formula of a substance is NO2, and the molar mass of the substance is 92.01 g/mol. Determine the molecular formula of the substance.

        Answer

        N2O4

        Percent Composition by Mass

        The term percent is always associated with a number meaning “parts per hundred.” We calculate all percentages in a very simple way: we divide the quantity under consideration by the total quantity involved, and multiply the result by 100. For example, if 7 persons in 20 wear eyeglasses, then the percentage of persons wearing eyeglasses is calculated from this relationship: (7/20) ⋅ 100 = 35 percent. Reference Table T in Appendix 1 provides a general formula for percent composition.

        
       
     
                
            

        

        Similarly, we can calculate the percent composition of an element in a compound by dividing the mass of the element by the molar mass of the substance and multiplying the result by 100.

        Problem

        Calculate the percentage of oxygen by mass in CuSO4.

        Solution

        We construct the accompanying table to calculate the molar mass of CuSO4.

        
            [image: ]
        

        We note that the mass of oxygen in the formula is 64.00 g/mol, while the molar mass is 159.62 g/mol. The percent composition of oxygen in CuSO4 is found from this relationship:

        
            
        

        Try It Yourself

        Calculate the percentage of carbon by mass in the sugar glucose (C6H12O6).

        Answer

        40.00%

    
        4.6 PROBLEMS INVOLVING CHEMICAL EQUATIONS

        Let us consider this balanced chemical equation:

        
            
        

        Previously, we interpreted the coefficients (1, 3, and 2) as numbers of molecules. Since moles and numbers of molecules are closely related, these coefficients can also be read as numbers of moles of molecules; then the equation can be read as follows:

        1 mole of N2 molecules and 3 moles of H2 molecules react to yield 2 moles of NH3 molecules.

        Since we can convert among moles, mass, and numbers of particles, it is possible for us to solve a wide variety of problems by applying the factor-label method to chemical equations.

        Mole-Mole Problems

        Any two substances in a balanced chemical equation (reactants, products, or both) can be connected by means of their respective coefficients, since the coefficients stand for the numbers of moles involved in the chemical reaction. For example, let us consider the following problem:

        Problem

        In the equation N2 + 3H2 → 2NH3, how many moles of N2 are needed to produce 5.0 moles of NH3?

        Solution

        From the equation we know that 1 mol of N2 will produce 2 mol of NH3. We can now solve the problem by using FLM. Our solution map is as follows:

        
            
        

        We need to use the appropriate coefficients of the equation because a mole-mole conversion is involved. The solution is as follows:

        
            
        

        Note that the equation coefficients form the conversion factor in the solution to the problem.

        Try It Yourself

        In the equation 2NO + O2 → 2NO2, how many moles of O2 are needed to produce 3.50 moles of NO2?

        Answer

        1.75 mol

    
        Section II—Additional Material

        4.1A Converting Between Moles and Numbers of Particles

        Since 1 mole is equal to Avogadro’s number of particles (NA = 6.02 × 1023), we can use this number as the conversion factor.

        Problem

        How many particles are in 2.00 moles of SO2?

        Solution

        
            
        

        Try It Yourself

        How many moles of molecules are equivalent to 9.03 × 1023 molecules of H2O?

        Answer

        1.50 mol H2O

        We can also solve more complicated problems involving moles, mass, and number of particles by the factor-label method. In this case, both the molar mass and Avogadro’s number are used as conversion factors.

        Problem

        What is the mass of 2.40 × 1024 molecules of O2?

        Solution

        We need to convert the number of molecules to moles using Avogadro’s number, and then convert the number of moles to mass using the molar mass of oxygen. The factor-label method allows us to solve this problem in one step:

        
            
        

        Try It Yourself

        What is the number of atoms contained in 12.01 grams of helium (He)?

        Answer

        1.81 × 1024 atoms of He

    
        4.2A empirical formula from percent composition

        Recall that the empirical formula of a compound is a formula reduced to simplest numbers by division. For example, the empirical formula for N2O4 is NO2, and the empirical formula for C6H6 is CH. The empirical formula for H2O, however, remains H2O because it cannot be reduced further.

        Since we calculate percent compositions from chemical formulas, we are able to reverse the process and determine formulas from percent com­position. However, when we use this process, we are able to determine only empirical formulas. The technique we use relies on our connection of a formula with the mole concept.

        Problem

        Calculate the empirical formula of a substance that contains 50.00 percent sulfur and 50.00 percent oxygen by mass.

        Solution

        If we had 100.0 g of this compound, we would know from the percent composition given in the problem that the compound contains 50.00 g of S and 50.00 g of O, but formulas indicate numbers of moles, not masses in grams. If, however, we divide the given masses by the atomic masses of the two elements, we transform mass into moles as follows:

        
            
        

        As strange as this formula looks, it is accurate because it shows the relative number of moles of each element. Now, our task is to make the formula look like a formula, that is, to convert it into an expression with whole numbers. Usually we accomplish this by dividing each element by the smallest number of moles, as illustrated below:

        
            
        

        Try It Yourself

        A hydrocarbon consists of 80.00 percent carbon and 20.00 percent hydrogen by mass.

        
            	Express the formula of the compound in terms of the relative numbers of moles of carbon and hydrogen.

            	Determine the empirical formula of the hydrocarbon.

        

        Answers

        
            	C6.661H19.84 = C1.000H2.979


            	CH3


        

    
        4.3A MOLE-MASS PROBLEMS

        Problem

        In the equation 4Al + 3O2 → 2Al2O3, how many grams of aluminum will combine with 1.50 moles of oxygen?

        Solution

        From the equation we know that 4 mol of Al will combine with 3 mol of O2. We can solve the problem by constructing a “solution map” and using FLM. Here is our solution map:

        
            
        

        The solution is as follows:

        
            
        

        Notice that the equation coefficients and the molar mass of Al form the conversion factors in the solution to the problem.

        Try It Yourself

        In the equation given in the problem above, how many moles of oxygen are needed to produce 51.0 grams of Al2O3?

        Answer

        0.750 mol

    
        4.4A mass-mass problems

        Problem

        In the equation CH4 + 2O2 → CO2 + 2H2O, how many grams of CO2 are formed when 8.0 grams of CH4 reacts with an excess of O2?

        Solution

        Again, the problem is solved by using FLM. Since equations are given in terms of moles, not grams, we must convert to and from moles to arrive at an answer. Here is our solution map:

        
            
        

        The problem is solved as follows:

        
            
        

        The term excess in the problem statement means that we have more than enough O2 to react with the CH4. Therefore, the mass of CO2 that will be produced depends solely on the quantity of CH4 present (i.e., 8.0 g). For this reason, CH4 is called a limiting reactant. At the end of the reaction, all of the CH4 will have been consumed and some of the O2 will remain unreacted. We will explore limiting reactant problems in more detail later in this section.

        Try It Yourself

        In the equation 2H2O2 → 2H2O + O2, how many grams of O2 will be formed from the decomposition of 17.0 grams of H2O2?

        Answer

        8.00 g

    
        4.5A percent yield

        In the real world, reactions do not always go as planned and the yield produced by a reaction may be less than the yield predicted by a pencil-and-paper solution (e.g., a mass-mass problem). Usually, the result of a real-world reaction is reported in terms of percent yield, given by the following expression:

     
            
        

        Problem

        Now, suppose that something goes wrong in the reaction in the “Try It Yourself” immediately preceding, and we produce only 6.00 grams of O2. What is the percent yield of this reaction?

        Solution

        
            
        

        Try It Yourself

        In the equation CH4 + 2O2 → CO2 + 2H2O:

        
            	How many grams of H2O are expected when 8.00 grams of CH4 reacts with an excess of O2?

            	If only 17.0 grams of H2O are produced, what is the percent yield of this reaction?

        

        Answers

        
            	18.0 g

            	94.4%

        

    
        4.6A limiting reactants

        When we discussed mass-mass problems earlier in this chapter, we introduced the concept of a limiting reactant, that is, a reactant that is not present in excess and is entirely consumed in a reaction. We now focus on a technique that will allow us to determine which reactant is present in a limiting quantity.

        Let us consider this equation:

        
            
        

        Suppose 2.0 moles of N2 and 2.0 moles of H2 are brought together to react. Which of the reactants (N2 or H2) is present in a limiting quantity?

        We begin by calculating the mole ratio of the reactants (N2 to H2) as they appear in the problem:

        
            
        

        Now we calculate the mole ratio of the reactants as they appear in the equation. To do this, we use the equation coefficients:

        
            
        

        We now compare the two mole ratios. If the mole ratio (problem) is larger than the mole ratio (equation), then the reactant in the numerator is present in excess; if the mole ratio (problem) is smaller than the mole ratio (equation), then the reactant in the denominator is present in excess. The reactant that is not present in excess is the limiting reactant.

        In the example shown above, the mole ratio given in the problem is larger than the mole ratio given in the equation, so the reactant in the numerator (N2) is present in excess. Therefore, H2 is the limiting reactant and all of it will be consumed in the reaction.

        The next question we need to ask is: What quantity of N2 will actually react? We solve this by the factor-label method, using the limiting reactant (H2) and the equation coefficients:

        
            
        

        Therefore, we conclude that all 2.0 moles of H2 but only 0.67 mole of N2 will react according to the equation given above.

        Problem

        Consider the reaction C3H8 + 5O2 → 3CO2 + 4H2O, in which 1.5 moles of C3H8 and 15 moles of O2 are brought together.

        
            	Calculate the mole ratio C3H8/O2 according to the problem and the equation.

            	Determine which reactant is present in excess and which is present in limiting quantity.

            	Calculate the quantity of the excess reactant that reacts with the limiting reactant.

        

        Solutions

        
            	
                
                    
                

            

            	Since the mole ratio of C3H8 to O2 is smaller in the problem than in the equation, it follows that O2 is present in excess and that C3H8 is the limiting reactant.

            	
                
                    
                

            

        

        As a final example, let us tackle a mass-mass problem that involves limiting reactants.

        Problem

        How many grams of water can be made according to this equation:

        
            
        

        if 100.0 grams of H2 and 160.0 grams of O2 are brought together to react?

        Solution

        Warning! This is not a simple mass-mass problem! We need first to determine the limiting reactant by converting the masses to moles (using the molar masses of H2 and O2) and then to calculate the H2/O2 mole ratios:

        
            
        

        Since the mole ratio in the problem is larger than the mole ratio in the equation, we conclude that H2 is present in excess and that O2 is the limiting reactant. Then, since O2 is the limiting reactant, we know that all of it will be consumed, and this fact will determine how much water is produced.

        We now proceed as we did in the problems just given, using the solution map:

        
            
        

        the equation coefficients, and the molar mass of water:

        
            
        

    
        
            
                End-of-Chapter Questions

                                 
                
                
                
                
                
                
                
                 
                
                
            

            
                Some questions have the symbol “§2” in front of the question number. This symbol means that the question is based on Section II material.

            

            
                
                	
                    
                    
                        The standard of atomic mass is the isotope 

                    

                    
                        	
16S, which is equal to 16.000 u

                        	
32S, which is equal to 32.000 u 

                        	
12C, which is equal to 12.000 u

                        	
14N, which is equal to 14.000 u

                    

                

                	
                    
                    
                        Element X has three naturally occurring isotopes. The table below lists the mass numbers and percent abundances of these isotopes.

                        
                            
                                
                                    	Mass Number
                                    	Percent Abundance
                                

                            
                            
                                
                                    	10
                                    	10.0
                                

                                
                                    	11
                                    	20.0
                                

                                
                                    	12
                                    	70.0
                                

                            
                        

                    

                    
                        The average atomic mass of element X is closest to

                    

                    
                        	11.0 u

                        	11.6 u

                        	12.0 u 

                        	12.4 u

                    

                

                	
                    
                    
                        What is the total mass of oxygen in 1.00 mole of Al2(CrO4)3?

                    

                    
                        	192 g

                        	112 g

                        	64.0 g 

                        	48.0 g

                    

                

                	
                    
                    
                        How many moles of N2(g) molecules will contain exactly 4.0 moles of nitrogen atoms?

                    

                    
                        	1.0

                        	2.0

                        	3.0 

                        	4.0

                    

                

                	
                    
                    
                        The gram formula mass of NH4Cl is closest to

                    

                    
                        	22.4 g/mol

                        	28.0 g/mol

                        	53.5 g/mol 

                        	95.5 g/mol

                    

                

                	
                    
                    
                        Which is an empirical formula?

                    

                    
                        	P2O5


                        	P4O6


                        	C2H4 

                        	C3H6


                    

                

                	
                    
                    
                        Which molecular formula is also an empirical formula?

                    

                    
                        	H2O2


                        	H2O

                        	C2H6 

                        	C6H6


                    

                

                	
                    
                    
                        What mass contains 6.0 × 1023 atoms?

                    

                    
                        	6.0 g of C

                        	16 g of S

                        	3.0 g of He

                        	28 g of Si

                    

                

                	
                    
                    
                        How many moles of hydrogen atoms are in 1 mole of C6H12O6 molecules?

                    

                    
                        	24(6.0 × 1023)

                        	12(6.0 × 1023)

                        	24

                        	12

                    

                

                	
                    
                    
                        What is the molar mass of CuSO4 ⋅ 5H2O?

                    

                    
                        	160. g/mol

                        	178 g/mol

                        	186 g/mol 

                        	250. g/mol

                    

                

                	
                    
                    
                        What is the molecular formula of a compound whose empirical formula is CH4 and whose molar mass is 16 grams per mole?

                    

                    
                        	CH4


                        	C2H4


                        	C4H8


                        	C8H18


                    

                

                	
                    
                    
                        The percent by mass of hydrogen in NH3 is closest to

                    

                    
                        	
                            
                        

                        	
                            
                        

                        	
                            
                        

                        	
                            
                        

                    

                

                	
                    
                    
                        What is the approximate percent by mass of sulfur in H2SO4? [formula mass = 98]

                    

                    
                        	16

                        	33

                        	65 

                        	98

                    

                

                	
                    
                    
                        A hydrated salt is a solid that includes water molecules within its crystal structure. A student heated a 9.10-gram sample of a hydrated salt to a constant mass of 5.41 grams. What percent by mass of water did the salt contain?

                    

                    
                        	3.69 %

                        	16.8%

                        	40.5% 

                        	59.5%

                    

                

                	
                    
                    
                        §2. A compound consists of 85 percent silver and 15 percent fluorine by mass. What is its empirical formula?

                    

                    
                        	AgF

                        	AgF2


                        	Ag2F 

                        	Ag6F

                    

                

                	
                    
                    
                        The percent by mass of carbon in CO2 is equal to

                    

                    
                        	44/12 × 100

                        	12/44 × 100

                        	28/12 × 100

                        	12/28 × 100

                    

                

                	
                    
                    
                        §2. A sample of a compound contains 24 grams of carbon and 64 grams of oxygen. What is the empirical formula of this compound?

                    

                    
                        	CO

                        	CO2


                        	C2O2 

                        	C2O4


                    

                

                	
                    
                    
                        The percent by mass of oxygen in Ca(OH)2 (molar mass = 74 g/mol) is closest to

                    

                    
                        	16

                        	22

                        	43 

                        	74

                    

                

                	
                    
                    
                        What is the molecular formula of a compound that has a molar mass of 92 grams per mole and an empirical formula of NO2?

                    

                    
                        	NO2


                        	N2O4


                        	N3O 

                        	N4O8


                    

                

                	
                    
                    
                        §2. At STP, 32 grams of O2 will occupy the same volume as

                    

                    
                        	64 g of H2


                        	32 g of SO

                        	8.0 g of CH4


                        	4.0 g of He

                    

                

                	
                    
                    
                        The percent by mass of oxygen in MgO (molar mass = 40 g/mol) is closest to

                    

                    
                        	16

                        	24

                        	40 

                        	60

                    

                

                	
                    
                    
                        §2. What is the empirical formula of an ion whose composition by mass is 57.14. percent sulfur and 42.86. percent oxygen?

                    

                    
                        	SO22−


                        	SO32−


                        	S2O32− 

                        	SO42−


                    

                

                	
                    
                    
                        A compound has the empirical formula NO2. Its molecular formula could be

                    

                    
                        	NO2


                        	N2O

                        	N4O2 

                        	N4O4


                    

                

                	
                    
                    
                        Which represents the greatest mass of chlorine?

                    

                    
                        	1 mole of Cl

                        	1 atom of Cl

                        	1 gram of Cl

                        	1 molecule of Cl

                    

                

                	
                    
                    
                        What is the percent by mass of hydrogen in CH3COOH (molar mass = 60 g/mol)?

                    

                    
                        	1.7

                        	5.0

                        	6.7 

                        	7.1

                    

                

                	
                    
                    
                        An example of an empirical formula is

                    

                    
                        	C2H2


                        	H2O2


                        	C2Cl2 

                        	CaCl2


                    

                

                	
                    
                    
                        A 254-gram sample of I2 contains approximately the same number of molecules as

                    

                    
                        	14 g of N2


                        	2.0 g of H2


                        	36 g of H2O

                        	40 g of Ne

                    

                

                	
                    
                    
                        Given this reaction

                        
                            
                        

                    

                    
                        How many moles of oxygen are needed for the complete combustion of 3.0 moles of CH4(g)?

                    

                    
                        	6.0

                        	2.0

                        	3.0 

                        	4.0 

                    

                

                	
                    
                    
                        Given this equation:

                        
                            
                        

                    

                    
                        What is the total number of moles of water needed to make 2.5 moles of C6H12O6?

                    

                    
                        	2.5

                        	6.0

                        	12 

                        	15

                    

                

                	
                    
                    
                        Given this equation:

                        
                            
                        

                    

                    
                        How many moles of oxygen are required to react with 1.0 mole of C2H2?

                    

                    
                        	2.5

                        	2.0

                        	5.0 

                        	10.

                    

                

                	
                    
                    
                        §2. Given this reaction:

                        
                            
                        

                    

                    
                        What is the total number of grams of oxygen needed to react completely with 2.0 moles of sulfur?

                    

                    
                        	20

                        	32

                        	64 

                        	128

                    

                

                	
                    
                    
                        In the reaction:

                        
                            
                        

                        how many moles of hydrogen will be formed when 4 moles of HCl is consumed?

                    

                    
                        	6

                        	2

                        	8 

                        	4

                    

                

                	
                    
                    
                        §2. Given this reaction:

                        
                            
                        

                    

                    
                        The total number of grams of O2 needed to produce 54 grams of water is

                    

                    
                        	36

                        	48

                        	61 

                        	75

                    

                

                	
                    
                    
                        Given this reaction:

                        
                            
                        

                    

                    
                        The total number of moles of H2SO4 needed to react completely with 5.0 moles of aluminum is

                    

                    
                        	2.5

                        	5.0

                        	7.5 

                        	9.0

                    

                

                	
                    
                    
                        §2. According to the reaction H2 + Cl2 → 2HCl, the production of 2.0 moles of HCl would require 70. grams of Cl2 and

                    

                    
                        	1.0 g of H2


                        	2.0 g of H2


                        	3.0 g of H2


                        	4.0 g of H2


                    

                

                	
                    
                    
                        §2. Given this reaction:

                        
                            
                        

                    

                    
                        What is the total mass of H2O produced when 32 grams of copper is completely consumed?

                    

                    
                        	9.0 g

                        	18 g

                        	36 g 

                        	72 g

                    

                

                	
                    
                    
                        §2. Given this reaction:

                        
                            
                        

                    

                    
                        What is the total number of CO2 molecules produced when 1 mole of C2H6 is consumed?

                    

                    
                        	6.02 × 1023


                        	2(6.02 × 1023)

                        	3(6.02 × 1023)

                        	4(6.02 × 1023)

                    

                

                	
                    
                    
                        §2. Given this reaction:

                        
                            
                        

                    

                    
                        How many moles of Al2O3 will be formed when 27 grams of aluminum reacts completely with O2?

                    

                    
                        	1.0

                        	2.0

                        	0.50 

                        	4.0

                    

                

                	
                    
                    
                        The percent, by mass, of water in BaCl2 ⋅ 2H2O (molar mass = 243 g/mol) is equal to

                    

                    
                        	18/243 × 100

                        	36/243 × 100

                        	243/18 × 100

                        	243/36 × 100

                    

                

                	
                    
                    
                        What species contains the greatest percent by mass of hydrogen?

                    

                    
                        	OH

                        	H2O

                        	H3O+


                        	H2O2


                    

                

                	
                    
                    
                        In which list are the elements arranged in order of increasing atomic mass?

                    

                    
                        	Cl, K, Ar

                        	Fe, Co, Ni

                        	Te, I, Xe

                        	Ne, F, Na

                    

                

                	
                    
                    
                        What is the percent by mass of oxygen in H2SO4? [formula mass = 98]

                    

                    
                        	16%

                        	33%

                        	65% 

                        	98%

                    

                

                	
                    
                    
                        A hydrate is a compound that includes water molecules within its crystal structure. During an experiment to determine the percent by mass of water in a hydrated crystal, a student found the mass of the hydrated crystal to be 4.10 grams. After heating to constant mass, the mass was 3.70 grams. What is the percent by mass of water in this crystal?

                    

                    
                        	90%

                        	11%

                        	9.8% 

                        	0.40%

                    

                

                	
                    
                    
                        Given the equation:

                        
                            
                        

                    

                    
                        How many moles of oxygen are required to react completely with 1.0 mole of C2H2?

                    

                    
                        	2.5

                        	2.0

                        	5.0 

                        	10

                    

                

                	
                    
                    
                        The atomic mass of an element is calculated using the

                    

                    
                        	atomic number and the ratios of its naturally occurring isotopes

                        	atomic number and the half-lives of each of its isotopes

                        	masses and the ratios of its naturally occurring isotopes

                        	masses and the half-lives of each of its isotopes

                    

                

                	
                    
                    
                        Given the reaction:

                        
                            
                        

                    

                    
                        What is the total number of moles of NaCl formed when 2 moles of Na2CrO4 react completely?

                    

                    
                        	1 mole

                        	2 moles

                        	3 moles

                        	4 moles

                    

                

                	
                    
                    
                        In which compound is the percent by mass of oxygen greatest?

                    

                    
                        	BeO

                        	MgO

                        	CaO

                        	SrO

                    

                

                	
                    
                    
                        The formula mass of a compound is the

                    

                    
                        	sum of the atomic masses of its atoms

                        	sum of the atomic numbers of its atoms

                        	product of the atomic masses of its atoms

                        	product of the atomic numbers of its atoms

                    

                

                	
                    
                    
                        The atomic mass of an element is the weighted average of the atomic masses of

                    

                    
                        	the least abundant isotopes of the element

                        	the naturally occurring isotopes of the element

                        	the artificially produced isotopes of the element

                        	the natural and artificial isotopes of the element

                    

                

            

            Constructed-Response Questions

            
                
                	
                    
                    
                        The grid below is based on the mole concept developed in this chapter and is partially filled in. Complete the grid by using the data given in the grid.

                        
                            
                                
                                    	Substance
                                    	Molar Mass (ℳ) (g/mol)
                                    	Mass of Substance (m) (g)
                                    	Moles of Substance (n) (mol)
                                    	Number of Particles of Substance (N)
                                

                            
                            
                                
                                    	O3

                                    	 
                                    	24
                                    	 
                                    	 
                                

                                
                                    	NH3

                                    	
                                    	170
                                    	
                                    	
                                

                                
                                    	F2

                                    	
                                    	38
                                    	
                                    	
                                

                                
                                    	CO2

                                    	
                                    	
                                    	0.10
                                    	
                                

                                
                                    	NO2

                                    	
                                    	
                                    	0.20
                                    	
                                

                                
                                    	Ne
                                    	
                                    	
                                    	
                                    	1.5 × 1023

                                

                                
                                    	N2O
                                    	
                                    	
                                    	
                                    	1.2 × 1024

                                

                                
                                    	***
                                    	
                                    	8.5
                                    	
                                    	3.0 × 1023

                                

                            
                        

                        *** One of the seven substances listed above.

                    

                    
                

                	
                    
                    
                        Calculate the molar mass of each of the following:

                        
                            	H2SO3


                            	C21H30O2 (the active ingredient in marijuana)

                        

                    

                    
                

                	
                    
                    
                        In a 64-gram sample of SO2:

                        
                            	How many moles are present?

                            	How many molecules are present?

                        

                    

                    
                

                	
                    
                    
                        Calculate the mass of 3.33 moles of C2H5OH (ℳ = 46.1 g/mol).

                    

                    
                

                	
                    
                    
                        §2. Calculate the empirical formula of a compound containing 22.7 percent sodium, 21.6 percent boron, and 55.7 percent oxygen by mass.

                    

                    
                

                	
                    
                    
                        §2. What is the molecular formula of a binary compound of sulfur and chlorine if it contains 47.5 percent sulfur by mass and its molar mass is 135.1 grams per mole?

                    

                    
                

                	
                    
                    
                        §2. The net process of photosynthesis may be represented by this balanced equation:

                        
                            
                        

                        
                            	How many grams of C6H12O6 are produced when 0.131 mole of CO2 is consumed?

                            	How many grams of O2 can be obtained when 65.0 grams of CO2 is consumed?

                        

                    

                    
                

                	
                    
                    
                        §2. Given the equation

                        
                            
                        

                        how many grams of water can be produced from the reaction of 77.7 grams of oxygen with 15.0 grams of hydrogen?

                    

                    
                

                	
                    
                    
                        §2. Given this equation:

                        
                            
                        

                        if 27.7 grams of ammonia is produced by the reaction of 18.4 grams of hydrogen with an excess of nitrogen, what is the percent yield of the reaction?

                    

                    
                

                	
                    
                    
                        (a) Calculate the molar mass of Mg(OH)2

                        (b) How many moles of Mg(OH)2 are present in an 8.40-gram sample?

                    

                    
                

                	
                    
                    
                        The table below gives information about two isotopes of element X.

                        
                            
                                
                                    	Isotope
                                    	Mass
                                    	Relative Abundance
                                

                            
                            
                                
                                    	
X-10
                                    	10.01
                                    	19.91% 
                                

                                
                                    	
X-11
                                    	11.01
                                    	80.09%
                                

                            
                        

                    

                    
                        Calculate the average atomic mass of element X. (Show a correct numerical setup, and express your answer to the correct number of significant figures.)

                    

                    
                

                	



                	
                    Base your answers to questions 12 and 13 on the information below. Gypsum is a mineral that is used in the construction industry to make drywall (sheetrock). The chemical formula for this hydrated compound is CaSO4•2H2O. A hydrated compound contains water molecules within its crystalline structure. Gypsum contains 2 moles of water for each mole of calcium sulfate.

                    
                

                    	
                    
                    
                        Calculate the gram formula mass of CaSO4•2H2O.

                    

                    
                

                    	
                    
                    
                        Calculate the percent composition by mass of water in this compound.

                    

                    
                




                	



                	
                    Base your answers to questions 14–16 on the information below and on your knowledge of chemistry. The two naturally occurring isotopes of antimony are Sb-121 and Sb-123. The table below shows the atomic mass and the percent natural abundance for these isotopes.

                    Naturally Occurring Isotopes of Antimony

                    
                        
                            
                                	Isotope
                                	Atomic Mass (u)
                                	Natural Abundance (%)
                            

                        
                        
                            
                                	Sb-121
                                	120.90
                                	57
                            

                            
                                	Sb-123
                                	122.90
                                	43
                            

                        
                    

                    Antimony and sulfur are both found in the mineral stibnite, Sb2S3. To obtain antimony, stibnite is roasted (heated in air), producing oxides of antimony and sulfur. The following unbalanced equation represents one of the reactions that occurs during the roasting:

                    
                        
                    

                    
                

                    	
                    
                    
                        Determine the percent composition by mass of antimony in stibnite (molar mass = 340. g/mol).

                    

                    
                

                    	
                    
                    
                        Show a correct numerical setup for calculating the atomic mass of antimony.

                    

                    
                

                    	
                    
                    
                        Balance the equation given above using smallest whole-number coefficients.

                    

                    
                




            

        

    Answers
								and Explanations




	3

	2

	1

	2

	3

	1

	2

	4

	4

	4

	1

	4

	2

	3

	1

	2

	2

	3

	2

	4

	3

	3

	1

	1

	3

	4

	2

	1

	4

	1

	3

	2

	2

	3

	2

	2

	2

	3

	2

	3

	1

	3

	3

	1

	3

	4

	1

	1

	2

								    	
                    
                    
                    
                        
                            [image: ]
                        

                    

                

	
                    
                    
                    
                        
                            	82 g/mol

                            	314 g/mol

                        

                    

                

	
                    
                    
                    
                        
                            	1.0 mol

                            	6.0 × 1023 molecules

                        

                    

                

	
                    
                    
                    
                        154 g

                    

                

	
                    
                    
                    
                        Na2B4O7

                    

                

	
                    
                    
                    
                        S2Cl2

                    

                

	
                    
                    
                    
                        
                            	3.93 g

                            	47.2 g

                        

                    

                

	
                    
                    
                    
                        87.4 g

                    

                

	
                    
                    
                    
                        26.6%

                    

                

	
                    
                    
                    
                        
                            	58.3 g/mol

                            	0.144 mol

                        

                    

                

	
                    
                    
                    
                    
                        (10.01)(0.1991) + (11.01)(0.8009) = 10.81

                    

                

	
                    
                    
                    
                        
                            
                        

                    

                

	
                    
                    
                    
                        
                            
                        

                    

                

	
                    
                    
                    
                        71.6%

                    

                

	
                    
                    
                    
                        (0.57)(12.90 u) + (0.43)(12.90 u)

                    

                

	
                    
                    
                    
                        2Sb2S3(s) + 9O2(g) → 2Sb2O3(s) + 6SO2(g)

                    

                





        Chapter

            Five

        Energy and chemical reactions

        
            Key Ideas

            This chapter focuses on the role energy plays in chemical reactions and the factors that determine whether a chemical process will occur under a given set of conditions.

        

        KEY OBJECTIVES

        At the conclusion of this chapter you will be able to:

        
            	Define the terms system and surroundings as they relate to chemical processes.

            	Define the terms internal energy and heat.

            	Distinguish between heat and temperature.

            	Distinguish between exothermic and endothermic reactions.

            	Define the term specific heat, and use specific heats to solve calorimetry problems.

            	Relate the first law of thermodynamics to the law of conservation of energy.

            	Define the term heat of reaction, and solve problems involving heats of reaction.

            	Define the terms standard heat of formation and formation reaction, and use the appropriate reference tables to solve problems related to the standard heat of formation.

            	Interpret a potential energy diagram.

            	Define the term activation energy.

            	Define the term spontaneous reaction, and name and describe the factors that drive spontaneous reactions.

            	Define the term entropy, and predict whether a given reaction leads to an increase or a decrease in entropy.

        

    
        SECTION I—BASIC (REGENTS-LEVEL) MATERIAL

        NYS REGENTS CONCEPTS AND SKILLS

        
            
                
                    	Note:
                    	
                        By the time you have finished Section I, you should have mastered the concepts and skills listed below. The Regents chemistry examination will test your knowledge of these items and your ability to apply them.

                        Concepts are the basic ideas that form the body of the Regents chemistry course (what you need to know!).

                        Skills are the activities that demonstrate your mastery of these concepts (how you show that you know them!).

                        Following each concept or skill is a page reference (given in parentheses) to this chapter.

                    
                

                
                    	5.1
                    	Concepts:
                        
                            	Heat is a transfer of energy (usually thermal energy) from a body of higher temperature to a body of lower temperature. (Page 112)

                            	Thermal energy is the energy associated with the random motion of atoms and molecules. (Page 112)

                        

                        Skills:

                        
                            	Distinguish between heat energy and temperature. (Page 112)

                            	Calculate the heat involved in a temperature change. (Pages 112–113)

                        

                    
                

                
                    	5.2
                    	Concepts:
                        
                            	Chemical and physical changes can be exothermic or endothermic. (Page 112)

                            	Energy released or absorbed during a chemical reaction (the heat of reaction) is equal to the difference between the potential energy of the products and the potential energy of the reactants. (Page 113)

                        

                        Skill:

                            Distinguish between endothermic and exothermic reactions in terms of:

                        
                            	a reaction equation (Page 114);

                            	
ΔH (Pages 113–114);

                            	experimental data (Page 114).

                        

                    
                

                
                    	5.3
                    	
                        Concept:

                            Energy released or absorbed by a chemical reaction can be represented by a potential energy diagram. (Pages 114–116)

                        Skill:

                            Read and interpret potential energy diagrams in terms of:

                        
                            	potential energies of reactants and products (Page 114);

                            	activation energy (Pages 115–116);

                            	heat of reaction (ΔH) (Pages 115–116).

                        

                    
                

                
                    	5.4
                    	
                        Concept:

                            Entropy is a measure of the randomness or disorder of a system. A system with greater disorder has greater entropy. (Pages 117–118)

                        Skill:

                            Compare the entropies of solids, liquids, and gases. (Pages 117–118)

                    
                

                
                    	5.5
                    	Concept:

                        Systems in nature tend to undergo changes toward lower energy and higher entropy. (Pages 117–118)
                

            
        

    
        5.1 ENERGY AND ITS MEASUREMENT

        In Chapter 1, we related the concept of energy to the concept of mechanical work. In this chapter, we will study more closely the concept of energy and its role in chemistry. First, we need to define some basic terms that will be used throughout the chapter.

        The part of the universe that a chemist chooses to study is called a system. The rest of the universe is known as the surroundings. For example, suppose you decide to study the melting of ice in a beaker, as shown in the accompanying diagram.

        
            [image: ]
        

        The ice and water constitute the system; the beaker, the air, and everything else constitute the surroundings.

        In chemical processes, a system can interact with its surroundings in a number of ways, as shown in the following examples:

        
            	A beaker of liquid absorbs heat from a burner; in this example, energy is transferred between the system (the beaker of liquid) and its surroundings.

            	A cylinder gas is compressed by a piston; in this example, work is done on the system (the gas) by its surroundings.

            	Water is poured into a solution; in this example, mass has been transferred to the system (the solution) from its surroundings.

        

        As we see from the examples given above, energy transfers involve transfers of heat and/or work. These transfers affect the total energy within a system, known as the internal energy (E), which has two main components: thermal energy, the energy associated with random molecular motions, and chemical energy, the energy associated with chemical bonds and attractions between the particles of a system.

        Since energy and work are so closely related, the same unit is used to measure both quantities. In the SI system, this unit is the joule (J); its multiple is the kilojoule (kJ). In this book, we will use the joule and the kilojoule exclusively. 

        Heat

        Heat is the energy transferred between a system and its surroundings as a result of a temperature difference. In the first example given above, heat passes from the burner to the beaker of liquid because the temperature of the burner is higher than the temperature of the beaker and liquid. Heat is represented by the symbol q. When energy is transferred into a system as a result of a temperature difference, heat is reported as a positive number, and we say that the process is endothermic; when energy is transferred out of a system as a result of a temperature difference, heat is reported as a negative number, and we say that the process is exothermic. For simplicity, we will state that in endothermic processes heat is absorbed, and in exothermic processes heat is released.

        Note that heat and temperature are not the same. Heat energy is related to the total amount of matter present in a system, while temperature is not: it is related to the average kinetic energy of the system’s particles. (We will discuss this difference again in Chapter 6.) For example, the water in a lake can transfer far more heat than the water in a cup; on the other hand, both the lake and the cup of water can have the same temperature.

        Calorimetry Problems

        To measure the heat absorbed or released by a substance that is not undergoing a phase change, we need to know three things about the substance: its identity (what it is!), its mass, and the change in its temperature. These three quantities can be combined into a simple equation that will allow us to solve many problems involving heat. In mathematical form, the equation is as follows:

        
            
        

        This equation (in a slightly different form) is found on Reference Table T in Appendix 1 of this book. In this equation, where q represents the amount of heat, in joules; m is the mass of the substance, in grams; and ΔTC is the temperature change of the substance, in Celsius degrees (C∘). (Note: The unit “C∘” stands for temperature changes, while the unit “∘C” represents temperature readings.) The symbol cp stands for the specific heat capacity (or more simply, the specific heat) of the substance. The substance is identified by the value of its specific heat. The smaller the specific heat of a substance, the more readily the substance will change temperature as it absorbs or releases heat.

        Reference Table B in Appendix 1 of this book lists the specific heat of water as 4.2 joules per gram ⋅ Kelvin. Note that a Kelvin (K) and a Celsius degree (C°) are completely equivalent.

        Problem

        How much heat is needed to raise the temperature of 20.0 grams of liquid water from 5.0°C to 20.0°C?

        Solution

        
            	
q = cp · m · ΔTC


            	
q = ??? (This is the quantity we are asked to determine.)

            	
cp = 4.2 J/g · K (See Reference Table B in Appendix 1.)

            	
m = 20.0 g

            	ΔTC = Tfinal − Tinitial = 20.0∘C − 5.0∘C = 15.0C∘


        

        We now solve the problem by direct substitution of the values into the equation:

        
            
        

    
        5.2 Heat of Reaction

        When applied to a chemical reaction, ΔH is known as the heat of reaction. It is the difference in enthalpy (potential energy) between the products of the reaction and the reactants:

        
            

            
                
            

        

        In an endothermic reaction, the enthalpy of the products is larger than the enthalpy of the reactants and the sign of ΔH is positive. In an exothermic reaction, the enthalpy of the products is smaller than the enthalpy of the reactants and the sign of ΔH is negative.

        We indicate ΔH for an exothermic reaction in either of two ways:

        
            
        

        or

        
            
        

        The two forms mean exactly the same thing: 2 moles of CO gas combine with 1 mole of O2 gas to produce 2 moles of CO2 gas and release 566.0 kilojoules of heat.

        To illustrate an endothermic reaction, we need only write the reactions given above in reverse:

        
            
        

        or

        
            
        

        This example also illustrates the important principle that a reaction that is exothermic in one direction is endothermic in the opposite direction. Reference Table I in Appendix 1 lists selected heats of reaction.

    
        5.3 Potential Energy Diagrams

        A potential energy diagram is used to illustrate the progress of a chemical reaction and to provide qualitative information about energy changes within a reaction. We need to define one more term: The activation energy (or energy of activation), represented by the symbol Ea, is the minimum energy needed by the reactants in order for a reaction to occur.

        Let us consider the exothermic reaction

        Reactants → Products + Heat

        and the accompanying potential energy diagram for this reaction. We note that the potential energy of the system is plotted along the y-axis, and a quantity called the reaction coordinate (which monitors the progress of the reaction) along the x-axis.

        
            [image: ]
        

        Reaction Profile of an Exothermic Reaction

        Let us trace along the curve in the diagram and describe the events that occur during the course of this reaction:

        
            	At the beginning, the reactants contain a specific amount of energy (potential energy of reactants).

            	Additional energy is absorbed by the reactants and serves to break certain bonds and initiate the reaction (activation energy).

            	As the reactants absorb energy, they are transformed into an intermediate known as the activated complex.

            	As the activated complex is converted into products, new bonds are formed and energy is released.

            	The products also contain a specific amount of energy (potential energy of products).

            	Since more energy is released than absorbed, the products are at a lower energy state than the reactants and the overall reaction is exothermic.

            	The difference between the energy of the products and the energy of the reactants is the heat of reaction, ΔH.


        

        Many exothermic reactions are self-sustaining; that is, they continue to occur because the heat they liberate provides the activation energy for the reactants. A burning match is an example of a self-sustaining reaction.

        Now let us consider the endothermic reaction

        Heat + Reactants → Products

        
            [image: ]
        

        Reaction Profile of an Endothermic Reaction

        and the accompanying potential energy diagram for this reaction. The sequence of events in an endothermic reaction is exactly the same as the sequence of events in an exothermic reaction. At the end of the reaction, however, less energy is released than absorbed and the products are at a higher energy state than the reactants.

    
        5.4 SPONTANEOUS REACTIONS

        When we think of the word spontaneous in everyday language, we tend to think of an event happening by itself, without outside interference. In chemistry, nothing happens by itself!

        The term spontaneous reaction refers to a reaction that can occur under a given set of conditions without the application of external work. During the course of a spontaneous reaction, heat will be absorbed from, or released to, the surroundings without any outside assistance. For example, at +25∘C and 1 atmosphere, ice is able to melt but water is not able to freeze.

        H2O(s) → H2O(ℓ) is a spontaneous reaction at +25∘C and 1 atmosphere.

            H2O(ℓ) → H2O(s) is not a spontaneous reaction at +25∘C and 1 atmosphere.

        At –25∘C and 1 atmosphere, the opposite is true:

        H2O(s) → H2O(ℓ) is not a spontaneous reaction at –25∘C and 1 atmosphere.

            H2O(ℓ) → H2O(s) is a spontaneous reaction at –25∘C and 1 atmosphere.

        We note that, when a reaction is spontaneous in one direction, it is not spontaneous in the reverse direction. The fact that a reaction is not spontaneous does not mean that it can never occur. If external work is applied to a system, the reaction can be forced to take place. For example, water will not decompose into hydrogen and oxygen spontaneously. The application of a direct electric current, however, will force this decomposition.

        All spontaneous reactions are able to contribute a portion of their energy to perform useful work. For example, certain reactions can be used to produce electric energy that will drive a mechanical device, such as a CD player. The portion of energy that is available for useful work is known as the Gibbs free energy and is symbolized by the letter G. As a spontaneous reaction proceeds, its capacity to do further work decreases (i.e., its Gibbs free energy is lowered). After a time, the system is no longer able to convert any energy to work and the reaction ceases to be spontaneous. At this point, we say that the system is in a state of equilibrium. A practical example is the operation of a battery: as it functions, its capacity decreases until it “dies” and can function no more. 

        What factors enable a reaction to occur spontaneously under a given set of conditions? In nature, two fundamental tendencies—the energy factor and the disorder factor—govern every system.

        The Energy Factor

        We know from experience that systems tend to change from higher to lower energy states. Water drops from famous Niagara Falls from a higher to a lower potential energy state under the influence of gravity. Many chemical reactions release energy, with the result that the products have less energy than the reactants.

        From a chemical point of view, there is a strong tendency for a reaction to occur spontaneously when it is exothermic: that is, when ΔH is negative.

        The Disorder Factor: Entropy

        We also know from experience that systems tend to reach a state of higher disorder: smoke spontaneously diffuses through the air, sugar dissolves uniformly in water, and your bedroom becomes chaotic after only a few days of neglect!

        Disorder is measured by a quantity called entropy, and it is represented by the symbol S. When a system achieves greater disorder, its entropy increases. 

        Events Leading to Higher Disorder

        Chemically, a system can reach a state of higher disorder by means of a number of events or circumstances:

        
            	The temperature of the system increases, leading to an increase in the random motion of the particles present.

            	There is a phase change: gases have the most disorder; solids, the least.

            	The products of a chemical reaction are simpler in structure than the reactants.

            	There are more products than reactants in a chemical reaction.

            	A substance is placed in solution.

        

        As an example, let us consider the reaction

        
            
        

        This reaction leads to an increase in disorder because the products are simpler in structure, there are more of them, and one product is a gas.

        From a chemical point of view, there is a strong tendency for a reaction to occur spontaneously when its entropy increases: that is, when ΔS is positive.

        Problem

        Predict whether each of the following changes is accompanied by an increase or a decrease in disorder:

        
            	NH4HS(s) → NH3(g) + H2S(g)

            	2H2(g) + O2(g) → 2H2O(g)

            	C6H12O6(s) → C6H12O6(aq)

            	He(g) [300 K] → He(g) [200 K]

        

        Solutions

        
            	Increase: The solid is converted into two gases.

            	Decrease: The number of particles is decreased from 3 mol to 2 mol.

            	Increase: The solid is dissolved in water.

            	Decrease: The temperature is lowered from 300 K to 200 K.

        

    
        SECTION II—ADDITIONAL MATERIAL

        5.1A Additional calorimetry problems

        Problem

        How much heat is released by 200.0 grams of solid aluminum as it cools from 200.0∘C to 150.0∘C?

        Solution

        Use Reference Table W-1 in Appendix 2, which contains a more complete list of specific heats.

        
            
        

        That is, 8970 J of heat is released.

        Try It Yourself

        How much heat is absorbed by 5.00 grams of copper when it is heated from 0.0∘C to 200.0∘C?

        Answer

        385 J

    
        5.2A Transfer of Energy and Equilibrium Temperature

        What happens if two objects with different temperatures are brought into contact? Experience tells us that heat is always transferred from the hotter object to the colder one until they both reach the same final temperature. When this occurs, we say that the objects have reached thermal equilibrium, and the final temperature is known as the equilibrium temperature. This will always occur; it does not matter what the objects are composed of or how massive they are. (The compositions of the objects and their masses will determine the value of the final temperature, however.)

        Problems Involving Transfer of Energy

        Problems involving heat transfer also utilize the relationship q = cp ⋅ m ⋅ ΔTC. However, this relationship must be used twice—once for the object that releases (“loses”) heat, and once for the object that absorbs (“gains”) it. Because heat is assumed to be conserved in these problems, the heat “lost” by the hotter object is set equal to the heat energy “gained” by the colder object. The equation looks like this:

        
            
        

        The vertical bars (| |) mean that we are interested only in the (absolute) value of the quantity, not in whether it is positive or negative. The quantity |ΔTC| is evaluated by subtracting the smaller temperature from the larger one.

        Problem

        A 10.0-gram block of copper at 60.0∘C is placed in contact with an identical 10.0-gram block of copper at 20.0∘C. What is the equilibrium temperature of the two blocks?

        Solution

        We could guess at the answer to this (40.0∘C—the midpoint temperature between 20.0∘C and 60.0∘C), and we would be correct! But let us see why this is so. The two blocks have equal masses (10.0 g) and are composed of the same substance (copper). The change in heat energy should therefore affect the temperature of each block equally (but in opposite directions). If both blocks must reach the same final temperature, the midpoint tem­perature of 40.0∘C is the only temperature that satisfies these requirements. Now let us prove that this is the case by solving the pair of equations given above:

        
            
        

        
            
                
                    	Hotter Object (loses heat)
                    	Colder Object (gains heat)
                

                
                    	
                        
                            
                        

                    
                    	
                        
                            
                        

                    
                

            
        

        Substitution into the equations yields:

        
            
        

        
            
        

        Try It Yourself

        Calculate the equilibrium temperature when a 5.00-gram sample of lead at 20.0∘C is placed in contact with a 10.0-gram block of silver at 40.0∘C. (Use Reference Table W-1.)

        Answer

        35.7∘C

        Note that the equilibrium temperature is closer to the initial temperature of the silver (40.0∘C) than to that of the lead (20.0∘C). This is due to the larger mass of the silver block and to the higher specific heat of silver.

    
        5.3A THE ROLE OF ENERGY IN CHEMICAL REACTIONS

        If we are to understand anything about how chemical reactions occur, we must first recognize the fundamental role played by energy.

        The First Law of Thermodynamics

        The role of energy in a chemical reaction is embodied in a fundamental rule that relates internal energy, heat, and work. This rule is known as the first law of thermodynamics (or, more briefly, as the first law). The first law is represented by this equation:

        
            
        

        This equation tells us that the change in the internal energy of a system is equal to the sum total of the heat absorbed by the system and the work done on the system. In this situation, the heat and work are expressed as positive numbers; if heat is released, or work is done by the system, these two quantities will be negative numbers.

        The first law is another way of expressing the law of conservation of energy: If a system gains (loses) a given amount of energy, then the energy lost (gained) by the surroundings must be exactly the same amount; that is, the energy of the universe is always constant. We can express this idea by the equation

        
            
        

        Throughout history, many attempts have be made to circumvent the first law. Numerous patent applications have been made for machines that promise to deliver more energy than the amount with which they were supplied. As of this date, not one patent has been granted for a machine of this type. We also hear of “foolproof” reducing diets that promise weight loss without calorie-counting or exercise. According to the first law, this is utter nonsense! If the quantity of food energy ingested is greater than the quantity of energy expended through exercise, the excess energy is stored as—you guessed it—extra pounds.

        How does a chemist measure ΔE? When a reaction occurs in a sealed container so that the volume is constant, the heat transferred under these conditions (qv) is equal to the internal energy change:

        
            
        

        If heat is absorbed by the system at constant volume, the internal energy will increase (ΔE > 0); if heat is released by the system at constant volume, the internal energy will decrease (ΔE < 0).

        Under laboratory conditions, however, most reactions take place in open containers at nearly constant pressure. In this case, the heat transferred (qp) is equal to a change in a quantity that is closely related to the internal energy and is known as enthalpy (H). (Sometimes, the term heat content is used as a synonym for enthalpy, but this is not really accurate, since it implies that heat is a substance, rather than a transfer of energy.) The equation relating an enthalpy change to the heat transferred is

        
            
        

        If heat is absorbed by the system at constant pressure, the enthalpy will increase (ΔH > 0); if heat is released by the system at constant pressure, the enthalpy will decrease (ΔH < 0). In this book, we will assume that all chemical reactions occur under conditions of constant pressure.

    
        5.4A ADDITIONAL ASPECTS OF HEATS OF REACTION

        When a heat of reaction is measured under standard thermodynamic conditions (pressure = 100.00 kPa; all reactants and products are present in their pure states), we use the special symbol ΔH°. Generally a reference tem­perature of 298.15 K (25°C) is also used. Standard heats of reaction are usually measured in kilojoules.

        Problem

        How much heat is released when 0.5000 mole of CH4(g) is reacted with O2 if ΔH° = −890.4 kilojoule per mole of CH4 reacted?

        Solution

        Since 1.000 mol of CH4(g) releases 890.4 kJ of heat, 0.5000 mol of CH4(g) will release half this amount, or 445.2 kJ.

        Try It Yourself

        How much heat is absorbed by 0.300 mole of KNO3(s) when it dissolves in H2O if ΔH° = +34.89 kilojoules per mole of KNO3 dissolved?

        Answer

        10.5 kJ

        Hess’s Law

        In the nineteenth century, the Swiss chemist G.H. Hess found that, when two or more chemical reactions are combined (“added”), the heat of reaction of the combined reaction is simply the sum of the individual heats of reaction. The example below illustrates this technique:

        
            
        

        The letters “rxn” form a widely used abbreviation for the word reaction. Notice that NO(g) does not appear in the combined reaction because this compound was present in equal amounts on opposite sides of the individual reactions. Hess’s law is really an application of the first law of thermodynamics, which in itself is a statement of the law of conservation of energy applied to chemical reactions.

        Problem

        Given the following reactions:

        
            
        

        Calculate ΔH°rxn for this reaction: S(s) + O2(g) → SO2(g).

        Solution

        The compound SO3(g) does not appear in the combined reaction. Therefore, one of the individual reactions will have to be reversed, along with the sign of its ΔH°. We will reverse the first reaction because SO2(g) needs to appear on the right side, and S(s) on the left side, of the combined reaction. This step gives us:

        
            
        

        The combined reaction is:

        
            
        

        If we compare the combined reaction with the reaction asked for in the problem statement, we find that all of the coefficients are doubled. Therefore, all we need do is multiply the entire equation—and its ΔH°—by 1/2 and our answer is:

        
            
        

        Try It Yourself

        Given the following reactions:

        
            
        

        Calculate ΔH°rxn for this reaction: CS2(ℓ) + 2H2O(ℓ) → 2H2S(g) + CO2(g)

        (Hint: Get rid of the fraction first!)

        Answer

        +51 kJ

        Standard Heat of Formation of a Compound

        The standard heat of formation of a compound is a special type of heat of reaction. It is defined as the heat released or absorbed when 1 mole of a compound is formed from its elements under standard conditions.

        The symbol for standard heat of formation is ΔH°f, where the subscript f stands for the word formation. The elements that form the compound are in their stable states (i.e., oxygen would be a gas; iron, a solid; etc.) at 298.15 K. The standard heat of formation of an element is assigned a value of 0 kilojoule per mole.

        Reference Table W-4 in Appendix 2 lists the standard heats of formation of various compounds. In the table, standard heat of formation is measured in kilojoules per mole of product formed. Let us examine what these values mean. According to the table, ΔH°f for ammonia [NH3(g)] is –45.9 kilojoule per mole. This means that, when 1 mole of NH3(g) is formed from its elements (nitrogen and hydrogen) under standard conditions, 45.9 kilojoules of heat is released.

        We can write a formation reaction to illustrate this event:

        
            
        

        We note that the reaction is written so that 1 mole of product is formed. Therefore, we require that 0.5 mole of N2(g) react with 1.5 moles of H2(g).

        Problem

        
            	Write the formation reaction for KCl(s).

            	How much heat is released when 2.00 moles of KCl(s) is formed from its elements under standard conditions?

            	Suppose we could decompose 1.00 mole of KCl(s) into its elements under standard conditions. What would ΔH° for this reaction be?

        

        Solutions

        
            	Under standard conditions, potassium exists as a solid, and chlorine as diatomic gas molecules. Therefore, the formation reaction is
                
                    
                

            

            	From Reference Table W-4 we see that ΔH°f for KCl(s) is –436.5 kJ/mol, as the formation of 2.00 mol of KCl will release 873 kJ.

            	Decomposition is the opposite of formation. Therefore, the decomposition of 1.00 mol of KCl(s) would require the absorption of 436.5 kJ. (In other words, ΔH° = +436.5 kJ/mol KCl(s) decomposed.)

        

        Problem

        Can an element have a ΔH°f value different from 0?

        Solution

        Yes, if the element is not in its stable state. For example, note ΔH°f for white and gray tin in Reference Table W-4. 

        Heats of Reaction from Standard Heats of Formation

        It is possible to use the standard heats of formation of individual substances to calculate the standard enthalpy change (ΔH°) of a reaction involving these substances. For example, we will consider this reaction:

        
            
        

        Reference Table W-4 gives us the standard heats of formation for the three compounds in the equation; oxygen is an element and so has a standard heat of formation of 0. These ΔHf values are given in the second column of the accompanying table.

        
            
                
                    	Substance
                    	ΔH°f / (kJ/mol)
                    	× Equation Coefficient / (mol)
                    	= Product of 2nd and 3rd Columns  /  (kJ)
                

            
            
                
                    	NH3(g)
                    	−45.9
                    	4
                    	−183.6
                

                
                    	O2(g)
                    	    0.0
                    	5
                    	        0.0
                

                
                    	NO(g)
                    	 +91.3
                    	4
                    	+365.2
                

                
                    	H2O(g)
                    	−241.8
                    	6
                    	−1450.8
                

            
        

        In the third column we have listed the coefficients of the four substances as they appear in the equation. The last column shows the products of the second and third columns.

        We calculate the heat of reaction by subtracting the sum of the values for the reactants (NH3 and O2) of the reaction from the sum of the values for the products (NO and H2O), as given in the last column of the table:

        
            
        

        Why does this method work? First, we assume that a reaction takes place by breaking down the reactants into their elements and then reassembling those elements as products:

        Reactants → Elements → Products

        The reaction does not really take place in this way, but from an energy point of view this assumption, which follows from the first law of thermodynamics, is perfectly logical. We make this assumption when we subtract the reactant values from the product values. Second, the coefficients of the equation tell us how many moles of each substance are involved in the reaction. Since a standard heat of formation is based on 1 mole of substance, we need to multiply by the coefficient for each substance in the equation.

        If you MUST have a mathematical relationship for this technique, here it is:

        
            
        

        Don’t let the fancy symbols throw you! The “∑” symbol means that you add the individual values of the products and reactants separately before you subtract. The symbols m and n represent the coefficients associated with all of the substances in the reaction.

        Try It Yourself

        Calculate ΔH° for this reaction:

        
            
        

        using the values given in Reference Table W-4.

        Answer

        –136.4 kJ (Did you forget that hydrogen is an element in its stable state?) 

    
        5.5A The Second Law of Thermodynamics

        The role of entropy in spontaneous processes is governed by a rule known as the second law of thermodynamics (or, more briefly, as the second law). This rule states that in any spontaneous process the total entropy of the system and its surroundings, that is, the entropy of the universe, must always increase. We can state the second law in the form of an equation:

        
            
        

        Unlike energy, entropy is not conserved in a spontaneous process. One consequence of the second law is the assurance that heat will always flow spontaneously from a hotter object to a colder one, an assumption we made in solving calorimetry problems in Section 5.1.

        Another consequence of the second law is that it allows some spontaneous processes to occur, even when a system experiences a decrease in entropy. For example, when water freezes to ice at −10°C, the entropy of the system decreases as the solid is formed. However, the entropy of the surroundings increases to an even greater extent, ensuring that there will be an increase in the entropy of the universe.

        During the course of a chemical reaction, (1) energy may be absorbed or released and (2) the entropy of the system may increase or decrease. If we focus on the reaction itself and ignore the surroundings, we know that a release of energy and an increase in entropy favor a spontaneous reaction, while an absorption of energy and a decrease in entropy do not. Given these possible changes in energy and entropy, we need to raise the following question: How can we predict when a reaction will be spontaneous? During the nineteenth century, J. Willard Gibbs, a professor of physics at Yale University, developed a relationship that allows us to make this prediction.

        The Gibbs Free-Energy Change

        The Gibbs free-energy change, denoted by the symbol ΔG, enables us to predict whether a reaction will be spontaneous under a given set of conditions. The free-energy change is defined as follows:

        
            
        

        Note that ΔG takes both ΔH and ΔS into account. Moreover, the absolute temperature plays an important part and is associated with the disorder factor. As the temperature rises, the disorder factor becomes more important.

        When the equation is applied, a negative ΔG indicates that the reaction is spontaneous; if ΔG is positive, the reaction is not spontaneous. Let us see how the equation can be used in practice.

        Problem

        The reaction N2O4(g) → 2NO2 (g) is endothermic. At low temperatures it is not spontaneous, yet it is spontaneous at higher temperatures. How does the free-energy equation explain this fact?

        Solution

        This reaction leads to an increase in disorder. (Why?) Therefore, the disorder factor favors a spontaneous reaction, but the energy factor does not.

        At low temperatures, the disorder factor (TΔS) is small and the unfavorable energy factor is more important. At higher temperatures, however, TΔS becomes the more important factor and the reaction occurs spontaneously. 

        We can summarize these results in the accompanying table, which relates the algebraic signs of the variables to the possibility of a spontaneous reaction. Note that absolute temperature is not included in this table because its sign is always positive. “Rxn” is an abbreviation for the word reaction.

        
            [image: ]
        

        Remember: A reaction that is not spontaneous can still be made to occur. In reaction D, for example, O3(g) (ozone gas) is produced by the action of an electrical discharge, such as lightning, on the O2(g) present in air.

    
        
            
                End-of-Chapter Questions

                                 
                
                
                
                
                
                
                
                 
                
                
            

            
                Some questions have the symbol “§2” in front of the question number. This symbol means that the question is based on Section II material.

            

            
                
                	
                    
                    
                        What is the maximum number of grams of liquid water at 10°C that can be heated to 30°C by the addition of 84 joules of heat?

                    

                    
                        	1.0

                        	2.0

                        	20.

                        	30.

                    

                

                	
                    
                    
                        §2. How many joules of heat are released when 50 grams of solid magnesium is cooled from 70°C to 60°C?

                    

                    
                        	10

                        	50

                        	500

                        	1000

                    

                

                	
                    
                    
                        §2. If 4 grams of solid aluminum at 1°C absorbs 8 joules of heat, the temperature of the aluminum will change by

                    

                    
                        	1 C°

                        	2 C°

                        	3 C°

                        	4 C°

                    

                

                	
                    
                    
                        §2. The temperature of 50 grams of liquid toluene (C6H5CH3) was raised to 50°C by the addition of 900 joules of heat. What was the initial temperature of the toluene?

                    

                    
                        	0°C

                        	20°C

                        	30°C

                        	40°C

                    

                

                	
                    
                    
                        §2. The temperature of solid silver increases from 30.00°C to 40.00°C by the addition of 117.5 joules of heat. What is the mass of the silver?

                    

                    
                        	1.00 g

                        	5.00 g

                        	10.0 g

                        	50.0 g

                    

                

                	
                    
                    
                        The temperature of 100.00 grams of water changes from 16.00∘C to 20.00∘C. What is the total number of joules of heat energy absorbed by the water?

                    

                    
                        	250.0

                        	400.0

                        	1000.

                        	1680.

                    

                

                	
                    
                    
                        In a reversible reaction, the difference between the activation energy of the forward reaction and the activation energy of the reverse reaction is equal to the

                    

                    
                        	activated complex

                        	heat of reaction

                        	potential energy of reactants

                        	potential energy of products

                    

                

                	
                    
                    
                        A piece of Mg(s) ribbon held in a Bunsen burner flame begins to burn according to the equation

                        
                            
                        

                        The reaction begins because the reactants

                    

                    
                        	are activated by heat from the Bunsen burner flame

                        	are activated by heat from the burning magnesium

                        	underwent an increase in entropy

                        	underwent a decrease in entropy

                    

                

                	
                    
                    
                        
                            [image: ]
                        

                        In the diagram above, the reaction

                        
                            
                        

                        has a forward activation energy of 20 kilojoules. What is the activation energy for the reverse reaction?

                    

                    
                        	10 kJ

                        	20 kJ

                        	30 kJ

                        	50 kJ

                    

                

                	
                    
                    
                        §2. What is the standard heat of formation, in kilojoules per mole of liquid water at 298.15 K?

                    

                    
                        	−285.8

                        	−241.8

                        	+241.8

                        	+285.8
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