
 

Chapter 2 

Thermochemistry 

 

Figure 2.1 Sliding a match head along a rough surface initiates a combustion reaction that produces energy in the 

form of heat and light. (credit: modification of work by Laszlo Ilyes) 
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Introduction 

Chemical reactions, such as those that occur when you light a match, involve changes in energy as well as matter. 

Societies at all levels of development could not function without the energy released by chemical reactions. In 2012, 

about 85% of US energy consumption came from the combustion of petroleum products, coal, wood, and garbage. We 

use this energy to produce electricity (38%); to transport food, raw materials, manufactured goods, and people (27%); 

for industrial production (21%); and to heat and power our homes and businesses (10%).[1] While these combustion 

reactions help us meet our essential energy needs, they are also recognized by the majority of the scientific community 

as a major contributor to global climate change. Useful forms of energy are also available from a variety of chemical 

reactions other than combustion. For example, the energy produced by the batteries in a cell phone, car, or flashlight 

result from chemical reactions. This chapter introduces many of the basic ideas necessary to explore the relationships 

between chemical changes and energy, with a focus on thermal energy. 



 

2.1 Phases and Classification of Matter 

By the end of this section, you will be able to: 

• Describe the basic properties of each physical state of matter: solid, liquid, and gas 

• Define and give examples of atoms and molecules 

• Classify matter as an element, compound, homogeneous mixture, or heterogeneous mixture with regard 

to its physical state and composition 

• Distinguish between mass and weight 

• Apply the law of conservation of matter 

Matter is defined as anything that occupies space and has mass, and it is all around us. Solids and liquids are more 

obviously matter: We can see that they take up space, and their weight tells us that they have mass. Gases are also 

matter; if gases did not take up space, a balloon would stay collapsed rather than inflate when filled with gas. 

Solids, liquids, and gases are the three states of matter commonly found on earth (Figure 2.2). A solid is rigid and 

possesses a definite shape. A liquid flows and takes the shape of a container, except that it forms a flat or slightly 

curved upper surface when acted upon by gravity. (In zero gravity, liquids assume a spherical shape.) Both liquid and 

solid samples have volumes that are very nearly independent of pressure. A gas takes both the shape and volume of 

its container. 

Figure 2.2The three most common states or phases of matter are solid, liquid, and gas. 

A fourth state of matter, plasma, occurs naturally in the interiors of stars. A plasma is a gaseous state of matter that 

contains appreciable numbers of electrically charged particles (Figure 2.3). The presence of these charged particles 

imparts unique properties to plasmas that justify their classification as a state of matter distinct from gases. In addition 

to stars, plasmas are found in some other high-temperature environments (both natural and man-made), such as 

lightning strikes, certain television screens, and specialized analytical instruments used to detect trace amounts of 

metals. 



 

 

 

Figure 2.3 A plasma torch can be used to cut metal. (credit: “Hypertherm”/Wikimedia Commons) 

 

 

Some samples of matter appear to have properties of solids, liquids, and/or gases at the same time. This can occur 

when the sample is composed of many small pieces. For example, we can pour sand as if it were a liquid because it 

is composed of many small grains of solid sand. Matter can also have properties of more than one state when it is a 

mixture, such as with clouds. Clouds appear to behave somewhat like gases, but they are actually mixtures of air (gas) 

and tiny particles of water (liquid or solid). 

The mass of an object is a measure of the amount of matter in it. One way to measure an object’s mass is to measure 

the force it takes to accelerate the object. It takes much more force to accelerate a car than a bicycle because the car 

has much more mass. A more common way to determine the mass of an object is to use a balance to compare its mass 

with a standard mass. 

Although weight is related to mass, it is not the same thing. Weight refers to the force that gravity exerts on an object. 

This force is directly proportional to the mass of the object. The weight of an object changes as the force of gravity 

changes, but its mass does not. An astronaut’s mass does not change just because she goes to the moon. But her 

weight on the moon is only one-sixth her earth-bound weight because the moon’s gravity is only one-sixth that of the 

earth’s. She may feel “weightless” during her trip when she experiences negligible external forces (gravitational or 

any other), although she is, of course, never “massless.” 

Link to Learning 

In a tiny cell in a plasma television, the plasma emits ultraviolet light, which in turn 

causes the display at that location to appear a specific color. The composite of these 

tiny dots of color makes up the image that you see. Watch this video 

(http://openstaxcollege.org/l/16plasma) to learn more about plasma and the 

places you encounter it. 

http://openstaxcollege.org/l/16plasma
http://openstaxcollege.org/l/16plasma


 

The law of conservation of matter summarizes many scientific observations about matter: It states that there is no 

detectable change in the total quantity of matter present when matter converts from one type to another (a chemical 

change) or changes among solid, liquid, or gaseous states (a physical change). Brewing beer and the operation of 

batteries provide examples of the conservation of matter (Figure 2.4). During the brewing of beer, the ingredients 

(water, yeast, grains, malt, hops, and sugar) are converted into beer (water, alcohol, carbonation, and flavoring 

substances) with no actual loss of substance. This is most clearly seen during the bottling process, when glucose turns 

into ethanol and carbon dioxide, and the total mass of the substances does not change. This can also be 

seen in a lead-acid car battery: The original substances (lead, lead oxide, and sulfuric acid), which are 

capable of producing electricity, are changed into other substances (lead sulfate and water) that do not 

produce electricity, with no change in the actual amount of matter. 

   

Figure 2.4 (a) The mass of beer precursor materials is the same as the mass of beer produced: Sugar has become 

alcohol and carbonation. (b) The mass of the lead, lead oxide plates, and sulfuric acid that goes into the production 

of electricity is exactly equal to the mass of lead sulfate and water that is formed. 

Although this conservation law holds true for all conversions of matter, convincing examples are few and far between 

because, outside of the controlled conditions in a laboratory, we seldom collect all of the material that is produced 

during a particular conversion. For example, when you eat, digest, and assimilate food, all of the matter in the original 

food is preserved. But because some of the matter is incorporated into your body, and much is excreted as various 

types of waste, it is challenging to verify by measurement. 

 

Atoms and Molecules 

An atom is the smallest particle of an element that has the properties of that element and can enter into a chemical 

combination. Consider the element gold, for example. Imagine cutting a gold nugget in half, then cutting one of the 

halves in half, and repeating this process until a piece of gold remained that was so small that it could not be cut in 

half (regardless of how tiny your knife may be). This minimally sized piece of gold is an atom (from the Greek 



 

atomos, meaning “indivisible”) (Figure 2.5). This atom would no longer be gold if it were divided any further. 

 

 
 

Figure 2.5 (a) This photograph shows a gold nugget. (b) A scanning-tunneling microscope (STM) can generate views 

of the surfaces of solids, such as this image of a gold crystal. Each sphere represents one gold atom. (credit a: 

modification of work by United States Geological Survey; credit b: modification of work by 

“Erwinrossen”/Wikimedia Commons) 

 

The first suggestion that matter is composed of atoms is attributed to the Greek philosophers Leucippus and 

Democritus, who developed their ideas in the 5th century BCE. However, it was not until the early nineteenth century 

that John Dalton (1766–1844), a British schoolteacher with a keen interest in science, supported this hypothesis with 

quantitative measurements. Since that time, repeated experiments have confirmed many aspects of this hypothesis, 

and it has become one of the central theories of chemistry. Other aspects of Dalton’s atomic theory are still used but 

with minor revisions (details of Dalton’s theory are provided in the chapter on atoms and molecules). 

An atom is so small that its size is difficult to imagine. One of the smallest things we can see with our unaided eye 

is a single thread of a spider web: These strands are about 1/10,000 of a centimeter (0.0001 cm) in diameter. Although 

the cross-section of one strand is almost impossible to see without a microscope, it is huge on an atomic scale. A 

single carbon atom in the web has a diameter of about 0.000000015 centimeter, and it would take about 7000 carbon 

atoms to span the diameter of the strand. To put this in perspective, if a carbon atom were the size of a dime, the 

cross-section of one strand would be larger than a football field, which would require about 150 million carbon atom 

“dimes” to cover it. (Figure 2.6) shows increasingly close microscopic and atomic-level views of ordinary cotton. 



 

 

Figure 2.6 These images provide an increasingly closer view: (a) a cotton boll, (b) a single cotton fiber viewed under 

an optical microscope (magnified 40 times), (c) an image of a cotton fiber obtained with an electron microscope (much 

higher magnification than with the optical microscope); and (d and e) atomic-level models of the fiber (spheres of 

different colors represent atoms of different elements). (credit c: modification of work by “Featheredtar”/Wikimedia 

Commons) 

An atom is so light that its mass is also difficult to imagine. A billion lead atoms (1,000,000,000 atoms) weigh 

about 3 × 10−13 grams, a mass that is far too light to be weighed on even the world’s most sensitive balances. It 

would require over 300,000,000,000,000 lead atoms (300 trillion, or 3 × 1014) to be weighed, and they would weigh 

only 0.0000001 gram. It is rare to find collections of individual atoms. Only a few elements, such as the gases 

helium, neon, and argon, consist of a collection of individual atoms that move about independently of one another. 

Other elements, such as the gases hydrogen, nitrogen, oxygen, and chlorine, are composed of units that consist of 

pairs of atoms (Figure 2.7). One form of the element phosphorus consists of units composed of four phosphorus 

atoms. The element sulfur exists in various forms, one of which consists of units composed of eight sulfur atoms. 

These units are called molecules. A molecule consists of two or more atoms joined by strong forces called chemical 

bonds. The atoms in a molecule move around as a unit, much like the cans of soda in a six-pack or a bunch of keys 

joined together on a single key ring. A molecule may consist of two or more identical atoms, as in the molecules 

found in the element’s hydrogen, oxygen, and sulfur, or it may consist of two or more different atoms, as in the 

molecules found in water. Each water molecule is a unit that contains two hydrogen atoms and one oxygen atom. 

Each glucose molecule is a unit that contains 6 carbon atoms, 12 hydrogen atoms, and 6 oxygen atoms. Like atoms, 

molecules are incredibly small and light. If an ordinary glass of water were enlarged to the size of the earth, the 

water molecules inside it would be about the size of golf balls. 

 

 

 

 



 

 

Figure 2.7 The elements hydrogen, oxygen, phosphorus, and sulfur form molecules consisting of two or more atoms 

of the same element. The compounds water, carbon dioxide, and glucose consist of combinations of atoms of different 

elements. 

 

Classifying Matter 

We can classify matter into several categories. Two broad categories are mixtures and pure substances. A pure 

substance has a constant composition. All specimens of a pure substance have exactly the same makeup and 

properties. Any sample of sucrose (table sugar) consists of 42.1% carbon, 6.5% hydrogen, and 51.4% oxygen by 

mass. Any sample of sucrose also has the same physical properties, such as melting point, color, and sweetness, 

regardless of the source from which it is isolated. 

We can divide pure substances into two classes: elements and compounds. Pure substances that cannot be broken 

down into simpler substances by chemical changes are called elements. Iron, silver, gold, aluminum, sulfur, oxygen, 

and copper are familiar examples of the more than 100 known elements, of which about 90 occur naturally on the 

earth, and two dozen or so have been created in laboratories. 

Pure substances that can be broken down by chemical changes are called compounds. This breakdown may produce 

either elements or other compounds, or both. Mercury(II) oxide, an orange, crystalline solid, can be broken down by 

heat into the elements mercury and oxygen (Figure 2.8). When heated in the absence of air, the compound sucrose is 

broken down into the element carbon and the compound water. (The initial stage of this process, when the sugar is 

turning brown, is known as caramelization—this is what imparts the characteristic sweet and nutty flavor to caramel 

apples, caramelized onions, and caramel). Silver(I) chloride is a white solid that can be broken down into its elements, 

silver and chlorine, by absorption of light. This property is the basis for the use of this compound in photographic 

films and photochromic eyeglasses (those with lenses that darken when exposed to light). 

 



 

Figure 2.8 (a) The compound mercury(II) oxide, (b)when heated, (c) decomposes into silvery droplets of liquid 

mercury and invisible oxygen gas. (credit: modification of work by Paul Flowers) 

 

 

The properties of combined elements are different from those in the free, or uncombined, state. For example, white 

crystalline sugar (sucrose) is a compound resulting from the chemical combination of the element carbon, which is  

a black solid in one of its uncombined forms, and the two elements hydrogen and oxygen, which are colorless gases 

when uncombined. Free sodium, an element that is a soft, shiny, metallic solid, and free chlorine, an element that is 

a yellow-green gas, combine to form sodium chloride (table salt), a compound that is a white, crystalline solid. 

A mixture is composed of two or more types of matter that can be present in varying amounts and can be separated by 

physical changes, such as evaporation (you will learn more about this later). A mixture with a composition that varies 

from point to point is called a heterogeneous mixture. Italian dressing is an example of a heterogeneous mixture 

(Figure 2.9). Its composition can vary because we can make it from varying amounts of oil, vinegar, and herbs. It is 

not the same from point to point throughout the mixture—one drop may be mostly vinegar, whereas a different drop 

may be mostly oil or herbs because the oil and vinegar separate and the herbs settle. Other examples of heterogeneous 

mixtures are chocolate chip cookies (we can see the separate bits of chocolate, nuts, and cookie dough) and granite 

(we can see the quartz, mica, feldspar, and more). 

A homogeneous mixture, also called a solution, exhibits a uniform composition and appears visually the same 

throughout. An example of a solution is a sports drink, consisting of water, sugar, coloring, flavoring, and electrolytes 

mixed together uniformly (Figure 2.10). Each drop of a sports drink tastes the same because each drop contains the 

same amounts of water, sugar, and other components. Note that the composition of a sports drink can vary—it could 

be made with somewhat more or less sugar, flavoring, or other components, and still be a sports drink. Other examples 

of homogeneous mixtures include air, maple syrup, gasoline, and a solution of salt in water. 

 

Link to Learning 
 

Many compounds break down when heated. This site 

(http://openstaxcollege.org/l/16mercury) shows the breakdown of mercury 

oxide, HgO. You can also view an example of the photochemical decomposition 

of silver chloride (http://openstaxcollege.org/l/16silvchloride) (AgCl), the basis 

of early photography. 

http://openstaxcollege.org/l/16mercury
http://openstaxcollege.org/l/16mercury
http://openstaxcollege.org/l/16silvchloride
http://openstaxcollege.org/l/16silvchloride


 

 

Figures 2.9 and 2.10 (a) Oil and vinegar salad dressing is a heterogeneous mixture because its composition is not 

uniform throughout. (b) A commercial sports drink is a homogeneous mixture because its composition is uniform 

throughout. (credit a “left”: modification of work by John Mayer; credit a “right”: modification of work by Umberto 

Salvagnin; credit b “left: modification of work by Jeff Bedford) 

Although there are just over 100 elements, tens of millions of chemical compounds result from different combinations 

of these elements. Each compound has a specific composition and possesses definite chemical and physical properties 

by which we can distinguish it from all other compounds. And, of course, there are innumerable ways to combine 

elements and compounds to form different mixtures. A summary of how to distinguish between the various major 

classifications of matter is shown in (Figure 2.11). 

Figure 2.11 Depending on its properties, a given substance can be classified as a homogeneous mixture, a 

heterogeneous mixture, a compound, or an element. 

Eleven elements make up about 99% of the earth’s crust and atmosphere (Table 2.1). Oxygen constitutes nearly one- 

half and silicon about one-quarter of the total quantity of these elements. A majority of elements on earth are found in 

chemical combinations with other elements; about one-quarter of the elements are also found in the free state. 

Elemental Composition of Earth 

Element Symbol Percent Mass  Element Symbol Percent Mass 

oxygen O 49.20  chlorine Cl 0.19 

silicon Si 25.67 phosphorus P 0.11 

aluminum Al 7.50 manganese Mn 0.09 

Table 2.1: Elements on earth 



 

Elemental Composition of Earth 

Element Symbol Percent Mass  Element Symbol Percent Mass 

iron Fe 4.71  carbon C 0.08 

calcium Ca 3.39 sulfur S 0.06 

sodium Na 2.63 barium Ba 0.04 

potassium K 2.40 nitrogen N 0.03 

magnesium Mg 1.93 fluorine F 0.03 

hydrogen H 0.87 strontium Sr 0.02 

titanium Ti 0.58 all others - 0.47 

Table 2.1: Elements on earth 

 

Chemistry in Everyday Life 

Decomposition of Water / Production of Hydrogen 

Water consists of the elements hydrogen and oxygen combined in a 2 to 1 ratio. Water can be broken down into 

hydrogen and oxygen gases by the addition of energy. One way to do this is with a battery or power supply, as shown 

in (Figure 2.12). 

 

 

Figure 2.12 The decomposition of water is shown at the macroscopic, microscopic, and symbolic levels. The battery 

provides an electric current (microscopic) that decomposes water. At the macroscopic level, the liquid separates into 

the gases hydrogen (on the left) and oxygen (on the right). Symbolically, this change is presented by showing how 

liquid H2O separates into H2 and O2 gases. 



 

The breakdown of water involves a rearrangement of the atoms in water molecules into different molecules, each 

composed of two hydrogen atoms and two oxygen atoms respectively. Two water molecules from one oxygen 

molecule and two hydrogen molecules. The representation for what occurs, 2𝐻2𝑂(𝑙) → 2𝐻2(𝑔) + 𝑂2(𝑔),  will be 

explored in more depth I later chapters.  

The two gases produced have distinctly different properties. Oxygen is not flammable but is required for combustion 

of a fuel, and hydrogen is highly flammable and a potent energy source. How might this knowledge be applied in our 

world? One application involves research into more fuel-efficient transportation. Fuel-cell vehicles (FCV) run on 

hydrogen instead of gasoline (Figure 2.13). They are more efficient than vehicles    with internal combustion engines, 

are nonpolluting, and reduce greenhouse gas emissions, making us less dependent on fossil fuels. FCVs are not yet 

economically viable, however, and current hydrogen production depends on natural gas. If we can develop a process 

to economically decompose water, or produce hydrogen in another environmentally sound way, FCVs may be the 

way of the future. 

 

Figure 2.13 A fuel cell generates electrical energy from hydrogen and oxygen via an electrochemical process and 

produces only water as the waste product. 

 

Chemistry in Everyday Life 

Chemistry of Cell Phones 

Imagine how different your life would be without cell phones (Figure 2.14) and other smart devices. Cell phones are 

made from numerous chemical substances, which are extracted, refined, purified, and assembled using an extensive 

and in-depth understanding of chemical principles. About 30% of the elements that are found in nature are found 

within a typical smart phone. The case/body/frame consists of a combination of sturdy, durable polymers comprised 



 

primarily of carbon, hydrogen, oxygen, and nitrogen [acrylonitrile butadiene styrene (ABS) and polycarbonate 

thermoplastics], and light, strong, structural metals, such as aluminum, magnesium, and iron. The display screen is 

made from a specially toughened glass (silica glass strengthened by the addition of aluminum, sodium, and 

potassium) and coated with a material to make it conductive (such as indium tin oxide). The circuit board uses a 

semiconductor material (usually silicon); commonly used metals like copper, tin, silver, and gold; and more 

unfamiliar elements such as yttrium, praseodymium, and gadolinium. The battery relies upon lithium ions and a 

variety of other materials, including iron, cobalt, copper, polyethylene oxide, and polyacrylonitrile. 

 

 

Figure 2.14 Almost one-third of naturally occurring elements are used to make a cell phone. (credit: modification of 

work by John Taylor) 

 

2.2 Physical and Chemical Properties 

By the end of this section, you will be able to: 

• Identify properties of and changes in matter as physical or chemical 

• Identify properties of matter as extensive or intensive 

The characteristics that enable us to distinguish one substance from another are called properties. A physical 

property is a characteristic of matter that is not associated with a change in its chemical composition. Familiar 

examples of physical properties include density, color, hardness, melting and boiling points, and electrical 

conductivity. We can observe some physical properties, such as density and color, without changing the physical state 

of the matter observed. Other physical properties, such as the melting temperature of iron or the freezing temperature 

of water, can only be observed as matter undergoes a physical change. A physical change is a change in the state or 

properties of matter without any accompanying change in its chemical composition (the identities of the substances 



 

contained in the matter). We observe a physical change when wax melts, when sugar dissolves in coffee, and when 

steam condenses into liquid water (Figure 2.15). Other examples of physical changes include magnetizing and 

demagnetizing metals (as is done with common antitheft security tags) and grinding solids into powders (which can 

sometimes yield noticeable changes in color). In each of these examples, there is a change in the physical state, form, 

or properties of the substance, but no change in its chemical composition. 

 

 

Figure 2.15 (a) wax undergoes a physical change when solid wax is heated and forms liquid wax. (b) steam 

condensing inside a cooking pot is a physical change, as water vapor is changed into liquid water. (credit a: 

modification of work by “95jb14”/Wikimedia Commons; credit b: modification of work by “mjneuby”/Flickr) 

  

The change of one type of matter into another type (or the inability to change) is a chemical property. Examples of 

chemical properties include flammability, toxicity, acidity, reactivity (many types), and heat of combustion. Iron, for 

example, combines with oxygen in the presence of water to form rust; chromium does not oxidize (Figure 2.16). 

Nitroglycerin is very dangerous because it explodes easily; neon poses almost no hazard because it is very unreactive. 

 

Figure 2.16 (a) One of the chemical properties of iron is that it rusts; (b) one of the chemical properties of chromium 

is that it does not. (credit a: modification of work by Tony Hisgett; credit b: modification of work by 

“Atoma”/Wikimedia Commons) 

 



 

To identify a chemical property, we look for a chemical change. A chemical change always produces one or more 

types of matter that differ from the matter present before the change. The formation of rust is a chemical change 

because rust is a different kind of matter than the iron, oxygen, and water present before the rust formed. The 

explosion of nitroglycerin is a chemical change because the gases produced are very different kinds of matter from the 

original substance. Other examples of chemical changes include reactions that are performed in a lab (such as copper 

reacting with nitric acid), all forms of combustion (burning), and food being cooked, digested, or rotting (Figure 

2.17). 

 

Figure 2.17 (a) Copper and nitric acid undergo a chemical change to form copper nitrate and +brown, gaseous 

nitrogen dioxide. (b) During the combustion of a match, cellulose in the match and oxygen from the air undergo a 

chemical change to form carbon dioxide and water vapor. (c) Cooking red meat causes a number of chemical changes, 

including the oxidation of iron in myoglobin that results in the familiar red-to-brown color change. (d) A banana 

turning brown is a chemical change as new, darker (and less tasty) substances form. (credit b: modification of work 

by Jeff Turner; credit c: modification of work by Gloria Cabada-Leman; credit d: modification of work by Roberto 

Verzo) 

 

Properties of matter fall into one of two categories. If the property depends on the amount of matter present, it is an 

extensive property. The mass and volume of a substance are examples of extensive properties; for instance, a gallon 

of milk has a larger mass and volume than a cup of milk. The value of an extensive property is directly proportional 

to the amount of matter in question. If the property of a sample of matter does not depend on the amount of matter 



 

present, it is an intensive property. Temperature is an example of an intensive property. If the gallon and cup of milk 

are each at 20 °C (room temperature), when they are combined, the temperature remains at 20 °C. As another 

example, consider the distinct but related properties of heat and temperature. A drop of hot cooking oil spattered on 

your arm causes brief, minor discomfort, whereas a pot of hot oil yields severe burns. Both the drop and the pot of oil 

are at the same temperature (an intensive property), but the pot clearly contains much more heat (extensive property). 

 

Chemistry in Everyday Life 

Hazard Diamond 

You may have seen the symbol shown in Figure 2.18 on containers of chemicals in a laboratory or workplace. 

Sometimes called a “fire diamond” or “hazard diamond,” this chemical hazard diamond provides valuable 

information that briefly summarizes the various dangers of which to be aware when working with a particular 

substance. 

 

Figure 2.18 The National Fire Protection Agency (NFPA) hazard diamond summarizes the major hazards of a 

chemical substance. 

The National Fire Protection Agency (NFPA) 704 Hazard Identification System was developed by NFPA to provide 

safety information about certain substances. The system details flammability, reactivity, health, and other hazards. 

Within the overall diamond symbol, the top (red) diamond specifies the level of fire hazard (temperature range for 

flash point). The blue (left) diamond indicates the level of health hazard. The yellow (right) diamond describes 

reactivity hazards, such as how readily the substance will undergo detonation or a violent chemical change. The white 



 

(bottom) diamond points out special hazards, such as if it is an oxidizer (which allows the substance to burn in the 

absence of air/oxygen), undergoes an unusual or dangerous reaction with water, is corrosive, acidic, alkaline, a 

biological hazard, radioactive, and so on. Each hazard is rated on a scale from 0 to 4, with 0 being no hazard and 4 

being extremely hazardous. 

 

2.3 Energy Basics 

By the end of this section, you will be able to: 

• Define energy, distinguish types of energy, and describe the nature of energy changes that accompany 

chemical and physical changes 

• Distinguish the related properties of heat, thermal energy, and temperature 

• Define and distinguish specific heat and heat capacity, and describe the physical implications of both 

• Perform calculations involving heat, specific heat, and temperature change 

Chemical changes and their accompanying changes in energy are important parts of our everyday world (Figure 

2.19). The macronutrients in food (proteins, fats, and carbohydrates) undergo metabolic reactions that provide the 

energy to keep our bodies functioning. We burn a variety of fuels (gasoline, natural gas, coal) to produce energy   for 

transportation, heating, and the generation of electricity. Industrial chemical reactions use enormous amounts of 

energy to produce raw materials (such as iron and aluminum). Energy is then used to manufacture those raw materials 

into useful products, such as cars, skyscrapers, and bridges. 
 

Figure 2.19 The energy involved in chemical changes is important to our daily lives: (a) A cheeseburger for lunch 

provides the energy you need to get through the rest of the day; (b) the combustion of gasoline provides the energy 

that moves your car (and you) between home, work, and school; and (c) coke, a processed form of coal, provides the 

energy needed to convert iron ore into iron, which is essential for making many of the products we use daily. (credit 

a: modification of work by “Pink Sherbet Photography”/Flickr; credit b: modification of work by Jeffery Turner) 

 

Over 90% of the energy we use comes originally from the sun. Every day, the sun provides the earth with almost 

10,000 times the amount of energy necessary to meet all of the world’s energy needs for that day. Our challenge is to 

find ways to convert and store incoming solar energy so that it can be used in reactions or chemical processes that are 

both convenient and nonpolluting. Plants and many bacteria capture solar energy through photosynthesis. We release 



 

the energy stored in plants when we burn wood or plant products such as ethanol. We also use this energy to fuel our 

bodies by eating food that comes directly from plants or from animals that got their energy by eating plants. Burning 

coal and petroleum also releases stored solar energy: These fuels are fossilized plant and animal matter. 

This chapter will introduce the basic ideas of an important area of science concerned with the amount of heat absorbed 

or released during chemical and physical changes—an area called thermochemistry. The concepts introduced in 

this chapter are widely used in almost all scientific and technical fields. Food scientists use them to determine the 

energy content of foods. Biologists study the energetics of living organisms, such as the metabolic combustion of 

sugar into carbon dioxide and water. The oil, gas, and transportation industries, renewable energy providers, and many 

others endeavor to find better methods to produce energy for our commercial and personal needs. Engineers strive to 

improve energy efficiency, find better ways to heat and cool our homes, refrigerate our food and drinks, and meet 

the energy and cooling needs of computers and electronics, among other applications. Understanding thermochemical 

principles is essential for chemists, physicists, biologists, geologists, every type of engineer, and just about anyone 

who studies or does any kind of science. 

Energy 

Energy can be defined as the capacity to supply heat or do work. One type of work (w) is the process of causing 

matter to move against an opposing force. For example, we do work when we inflate a bicycle tire—we move matter 

(the air in the pump) against the opposing force of the air already in the tire. 

Like matter, energy comes in different types. One scheme classifies energy into two types: potential energy, the 

energy an object has because of its relative position, composition, or condition, and kinetic energy, the energy that 

an object possesses because of its motion. Water at the top of a waterfall or dam has potential energy because of its 

position; when it flows downward through generators, it has kinetic energy that can be used to do work and produce 

electricity in a hydroelectric plant (Figure 2.20). A battery has potential energy because the chemicals within it can 

produce electricity that can do work. 

Figure 2.20 (a) Water that is higher in elevation, for example, at the top of Victoria Falls, has a higher potential 

energy than water at a lower elevation. As the water falls, some of its potential energy is converted into kinetic 

energy. (b) If the water flows through generators at the bottom of a dam, such as the Hoover Dam shown here, its 



 

kinetic energy is converted into electrical energy. (credit a: modification of work by Steve Jurvetson; credit b: 

modification of work by “curimedia”/Wikimedia commons) 

Energy can be converted from one form into another, but all of the energy present before a change occurs always 

exists in some form after the change is completed. This observation is expressed in the law of conservation of energy: 

during a chemical or physical change, energy can be neither created nor destroyed, although it can be changed in 

form. 

When one substance is converted into another, there is always an associated conversion of one form of energy into 

another. Heat is usually released or absorbed, but sometimes the conversion involves light, electrical energy, or  some 

other form of energy.  For example, chemical energy (a type of potential energy) is stored in the molecules that 

compose gasoline. When gasoline is combusted within the cylinders of a car’s engine, the rapidly expanding gaseous 

products of this chemical reaction generate mechanical energy (a type of kinetic energy) when they move the 

cylinders’ pistons. 

According to the law of conservation of matter, there is no detectable change in the total amount of matter during a 

chemical change. When chemical reactions occur, the energy changes are relatively modest and the mass changes 

are too small to measure, so the laws of conservation of matter and energy hold well. However, in nuclear reactions, 

the energy changes are much larger (by factors of a million or so), the mass changes are measurable, and matter-

energy conversions are significant. This will be examined in more detail in a later chapter on nuclear chemistry. To 

encompass both chemical and nuclear changes, we combine these laws into one statement: The total quantity of 

matter and energy in the universe is fixed. 

 

Thermal Energy, Temperature, and Heat 

Thermal energy is kinetic energy associated with the random motion of atoms and molecules. Temperature is a 

quantitative measure of “hot” or “cold.” When the atoms and molecules in an object are moving or vibrating quickly, 

they have a higher average kinetic energy (KE), and we say that the object is “hot.” When the atoms and molecules 

are moving slowly, they have lower average KE, and we say that the object is “cold” (Figure 2.21). Assuming that no 

chemical reaction or phase change (such as melting or vaporizing) occurs, increasing the amount of thermal energy 

in a sample of matter will cause its temperature to increase. And, assuming that no chemical reaction or phase change 

(such as condensation or freezing) occurs, decreasing the amount of thermal energy in a sample of matter will cause 

its temperature to decrease. 



 

 

Figure 2.21 (a) The molecules in a sample of hot water move more rapidly than (b) those in a sample of cold water. 

 

 

Most substances expand as their temperature increases and contract as their temperature decreases. This property can 

be used to measure temperature changes, as shown in Figure 2.22. The operation of many thermometers depends on 

the expansion and contraction of substances in response to temperature changes. 

 

Figure 2.22 (a) In an alcohol or mercury thermometer, the liquid (dyed red for visibility) expands when heated and 

contracts when cooled, much more so than the glass tube that contains the liquid. (b) In a bimetallic thermometer, 

two different metals (such as brass and steel) form a two-layered strip. When heated or cooled, one of the metals 

Link to Learning 

Click on this interactive simulation (http://openstaxcollege.org/l/ 

16PHETtempFX) to view the effects of temperature on molecular 

motion. 

http://openstaxcollege.org/l/16PHETtempFX
http://openstaxcollege.org/l/16PHETtempFX


 

(brass) expands or contracts more than the other metal (steel), causing the strip to coil or uncoil. Both types of 

thermometers have a calibrated scale that indicates the temperature. (credit a: modification of work by 

“dwstucke”/Flickr) 

 

 

Heat (q) is the transfer of thermal energy between two bodies at different temperatures. Heat flow (a redundant term, 

but one commonly used) increases the thermal energy of one body and decreases the thermal energy of the other. 

Suppose we initially have a high temperature (and high thermal energy) substance (H) and a low temperature (and low 

thermal energy) substance (L). The atoms and molecules in H have a higher average KE than those in L. If we place 

substance H in contact with substance L, the thermal energy will flow spontaneously from substance H to substance L. 

The temperature of substance H will decrease, as will the average KE of its molecules; the temperature of substance 

L will increase, along with the average KE of its molecules. Heat flow will continue until the two substances are at 

the same temperature (Figure 2.23). 

 

 

Figure 2.23 (a) Substances H and L are initially at different temperatures, and their atoms have different average 

kinetic energies. (b) When they are put into contact with each other, collisions between the molecules result in the 

transfer of kinetic (thermal) energy from the hotter to the cooler matter. (c) The two objects reach “thermal 

equilibrium” when both substances are at the same temperature, and their molecules have the same average kinetic 

energy. 

Link to Learning 

The following demonstration (http://openstaxcollege.org/l/16Bimetallic) 
allows 

one to view the effects of heating and cooling a coiled bimetallic strip. 

http://openstaxcollege.org/l/16Bimetallic
http://openstaxcollege.org/l/16Bimetallic


 

 

 

Matter undergoing chemical reactions and physical changes can release or absorb heat. A change that releases heat 

is called an exothermic process. For example, the combustion reaction that occurs when using an oxyacetylene torch 

is an exothermic process—this process also releases energy in the form of light as evidenced by the torch’s flame 

(Figure 2.24). A reaction or change that absorbs heat is an endothermic process. A cold pack used to treat muscle 

strains provides an example of an endothermic process. When the substances in the cold pack (water and a salt like 

ammonium nitrate) are brought together, the resulting process absorbs heat, leading to the sensation of cold. 

 

 

Figure 2.24 (a) An oxyacetylene torch produces heat by the combustion of acetylene in oxygen. The energy released 

by this exothermic reaction heats and then melts the metal being cut. The sparks are tiny bits of the molten metal 

flying away. (b) A cold pack uses an endothermic process to create the sensation of cold. (credit a: modification of 

work by “Skatebiker”/Wikimedia commons) 

 

Historically, energy was measured in units of calories (cal). A calorie is the amount of energy required to raise one 

gram of water by 1 degree C (1 kelvin). However, this quantity depends on the atmospheric pressure and the starting 

temperature of the water. The ease of measurement of energy changes in calories has meant that the calorie is still 

frequently used. The Calorie (with a capital C), or large calorie, commonly used in quantifying food energy content, 

is a kilocalorie. The SI unit of heat, work, and energy is the joule. A joule (J) is defined as the amount of energy 

used when a force of 1 newton moves an object 1 meter. It is named in honor of the English physicist James Prescott 

Link to Learning 

Click on the PhET simulation (http://openstaxcollege.org/l/16PHETenergy) to 

explore energy forms and changes. Visit the Energy Systems tab to create 

combinations of energy sources, transformation methods, and outputs. Click on 

Energy Symbols to visualize the transfer of energy. 

http://openstaxcollege.org/l/16PHETenergy


 

Joule. One joule is equivalent to 1 kg m2/s2, which is also called 1 newton–meter. A kilojoule (kJ) is 1000 joules. 

To standardize its definition, 1 calorie has been set to equal 4.184 joules. 

We now introduce two concepts useful in describing heat flow and temperature change. The heat capacity (C) of a 

body of matter is the quantity of heat (q) it absorbs or releases when it experiences a temperature change (ΔT) of 1 

degree Celsius (or equivalently, 1 kelvin):  

𝐶 =  
𝑞

∆𝑇
 

Heat capacity is determined by both the type and amount of substance that absorbs or releases heat. It is therefore an 

extensive property—its value is proportional to the amount of the substance. 

For example, consider the heat capacities of two cast iron frying pans. The heat capacity of the large pan is five times 

greater than that of the small pan because, although both are made of the same material, the mass of the large pan    

is five times greater than the mass of the small pan. More mass means more atoms are present in the larger pan, so   

it takes more energy to make all of those atoms vibrate faster. The heat capacity of the small cast iron frying pan is 

found by observing that it takes 18,150 J of energy to raise the temperature of the pan by 50.0 °C: 

𝐶𝑠𝑚𝑎𝑙𝑙 𝑝𝑎𝑛 =  
18,140 𝐽 

50.0 ℃
= 363 𝐽/℃ 

The larger cast iron frying pan, while made of the same substance, requires 90,700 J of energy to raise its temperature 

by 50.0 °C. The larger pan has a (proportionally) larger heat capacity because the larger amount of material requires 

a (proportionally) larger amount of energy to yield the same temperature change:  

𝐶𝑙𝑎𝑟𝑔𝑒 𝑝𝑎𝑛 =  
90,700 𝐽 

50.0 ℃
= 1814 𝐽/℃ 

The specific heat capacity (c) of a substance, commonly called its “specific heat,” is the quantity of heat required to 

raise the temperature of 1 gram of a substance by 1 degree Celsius (or 1 kelvin): 

𝐶 =  
𝑞

𝑚∆ 𝑇
 

Specific heat capacity depends only on the kind of substance absorbing or releasing heat. It is an intensive property 

the type, but not the amount, of the substance is all that matters. For example, the small cast iron frying pan has a 

mass of 808 g. The specific heat of iron (the material used to make the pan) is therefore: 

𝐶𝑖𝑟𝑜𝑛 =
18,140 𝐽 

(808 𝑔)( 50.0 ℃)
= 0.449 𝐽/𝑔 ℃ 

The large frying pan has a mass of 4040 g. Using the data for this pan, we can also calculate the specific heat of iron: 

𝐶𝑖𝑟𝑜𝑛 =  
90,700 𝐽

(4040 𝑔)(50.0℃)
= 0.449 𝐽/𝑔℃ 

Although the large pan is more massive than the small pan, since both are made of the same material, they both yield 

the same value for specific heat (for the material of construction, iron). Note that specific heat is measured in units of 

energy per temperature per mass and is an intensive property, being derived from a ratio of two extensive properties 

(heat and mass). The molar heat capacity, also an intensive property, is the heat capacity per mole of a particular 

substance and has units of J/mol °C (Figure 2.25). 

 



 

Figure 2.25 Due to its larger mass, a large frying pan has a larger heat capacity than a small frying pan. Because they 

are made of the same material, both frying pans have the same specific heat. (credit: Mark Blaser) 

Liquid water has a relatively high specific heat (about 4.2 J/g °C); most metals have much lower specific heats 

(usually less than 1 J/g °C). The specific heat of a substance varies somewhat with temperature. However, this 

variation is usually small enough that we will treat specific heat as constant over the range of temperatures that will 

be considered in this chapter. Specific heats of some common substances are listed in Table 2.2. 

Specific Heats of Common Substances at 25 °C and 1 bar 

Substance Symbol (state) Specific Heat (J/g °C) 

helium He(g) 5.193 

water H2O(l) 4.184 

ethanol C2H6O(l) 2.376 

ice H2O(s) 2.093 (at −10 °C) 

water vapor H2O(g) 1.864 

nitrogen N2(g) 1.040 

air  1.007 

oxygen O2(g) 0.918 

aluminum Al(s) 0.897 

carbon dioxide CO2(g) 0.853 

argon Ar(g) 0.522 

iron Fe(s) 0.449 

copper Cu(s) 0.385 

lead Pb(s) 0.130 

gold Au(s) 0.129 

silicon Si(s) 0.712 

         Table 2.2: Specific heats of some common substances 

 



 

If we know the mass of a substance and its specific heat, we can determine the amount of heat, q, entering or leaving 

the substance by measuring the temperature change before and after the heat is gained or lost: 

𝑞 = (𝑠𝑝𝑒𝑐𝑖𝑓𝑖𝑐 ℎ𝑒𝑎𝑡) ∗ ( 𝑚𝑎𝑠𝑠 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒) ∗ (𝑡𝑒𝑚𝑝𝑒𝑟𝑎𝑡𝑢𝑟𝑒 𝑐ℎ𝑎𝑛𝑔𝑒) 

𝑞 = 𝑐 ∗ 𝑚 ∗ ∆𝑇 =  𝑐 ∗ 𝑚 ∗ (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙 )  

In this equation, c is the specific heat of the substance, m is its mass, and ΔT (which is read “delta T”) is the 

temperature change, Tfinal − Tinitial. If a substance gains thermal energy, its temperature increases, its final temperature 

is higher than its initial temperature, Tfinal − Tinitial has a positive value, and the value of q is positive. If a substance 

loses thermal energy, its temperature decreases, the final temperature is lower than the initial temperature, Tfinal − 

Tinitial has a negative value, and the value of q is negative. 

 

Example 2.1 

Measuring Heat: A flask containing 8.0 × 102 g of water is heated, and the temperature of the water increases from 

21 °C to 85 °C. How much heat did the water absorb? 

Solution: 

To answer this question, consider these factors: 

    •    the specific heat of the substance being heated (in this case, water) 

         •   the amount of substance being heated (in this case, 8.0 × 102 g) 

         •   the magnitude of the temperature change (in this case, from 21 °C to 85 °C). 

The specific heat of water is 4.184 J/g °C, so to heat 1 g of water by 1 °C requires 4.184 J. We note that since 4.184 

J is required to heat 1 g of water by 1 °C, we will need 800 times as much to heat 8.0 × 102 g of water by 1 °C. 

Finally, we observe that since 4.184 J are required to heat 1 g of water by 1 °C, we will need 64 times as much to 

heat it by 64 °C (that is, from 21 °C to 85 °C). 

This can be summarized using the equation: 

𝑞 = 𝑐 ∗ 𝑚 ∗ ∆𝑇 = 𝑐 ∗ 𝑚 (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙 ) 

= (4.184 𝐽/𝑔 °𝐶) × (8.0 𝑥 102𝑔 ) ×  (85 −  21)°𝐶 

= (4.184 𝐽/ 𝑔 ° 𝐶 ) × (8.0 𝑥 102𝑔 ) × (64° 𝐶) 

= 210,000 𝐽 ( =  2.1 × 102𝑘𝐽) 

Because the temperature increased, the water absorbed heat and q is positive. 

Check Your Learning 

How much heat, in joules, must be added to a 5.07 × 104 J iron skillet to increase its temperature from 25°C to 250 

°C? The specific heat of iron is 0.449 J/g °C. 

Answer: 5.07 × 104 J 

Note that the relationship between heat, specific heat, mass, and temperature change can be used to determine any of 

these quantities (not just heat) if the other three are known or can be deduced. 

 

Example 2.2 

Determining Other Quantities: A piece of unknown metal weighs 348 g. When the metal piece absorbs 6.64 kJ 



 

of heat, its temperature increases from 22.4 °C to 43.6 °C. Determine the specific heat of this metal (which might 

provide a clue to its identity). 

Solution: 

Since mass, heat, and temperature change are known for this metal, we can determine its specific heat using 

the relationship: 

𝑞 = 𝑐 ∗ 𝑚 ∗ ∆𝑇 = 𝑐 ∗ 𝑚 ∗ (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙 ) 

Substituting the known values: 

6640 𝐽 = 𝑐 ∗ (348𝑔) ∗ (43.6 − 22.4) 

Solving: 

𝐶 =  
6640 𝐽

(348 𝑔)(21.2℃)
= 0.900 𝐽/𝑔℃ 

Comparing this value with the values in Table 2.2, this value matches the specific heat of aluminum, which suggests 

that the unknown metal may be aluminum. 

Check Your Learning 

A piece of unknown metal weighs 217 g. When the metal piece absorbs 1.43 kJ of heat, its temperature increases 

from 24.5 °C to 39.1 °C. Determine the specific heat of this metal and predict its identity. 

Answer: c = 0.451 J/g °C; the metal is likely to be iron 

 

Chemistry in Everyday Life 

Solar Thermal Energy Power Plants 

The sunlight that reaches the earth contains thousands of times more energy than we presently capture. Solar thermal 

systems provide one possible solution to the problem of converting energy from the sun into energy we can use. 

Large-scale solar thermal plants have different design specifics, but all concentrate sunlight to heat some substance; 

the heat “stored” in that substance is then converted into electricity. The Solana Generating Station in Arizona’s 

Sonora Desert produces 280 megawatts of electrical power. It uses parabolic mirrors that focus sunlight on pipes 

filled with a heat transfer fluid (HTF) (Figure 2.26). The HTF then does two things: It turns water into steam, which 

spins turbines, which in turn produces electricity, and it melts and heats a mixture of salts, which functions as a 

thermal energy storage system. After the sun goes down, the molten salt mixture can then release enough of its stored 

heat to produce steam to run the turbines for 6 hours. Molten salts are used because they possess a number of beneficial 

properties, including high heat capacities and thermal conductivities. 

 

 



 

 

Figure 2.26 This solar thermal plant uses parabolic trough mirrors to concentrate sunlight. (credit a: modification of 

work by Bureau of Land Management) 

 

The 377-megawatt Ivanpah Solar Generating System, located in the Mojave Desert in California, is the largest solar 

thermal power plant in the world (Figure 2.27). Its 170,000 mirrors focus huge amounts of sunlight on three water-

filled towers, producing steam at over 538 °C that drives electricity-producing turbines. It produces enough energy to 

power 140,000 homes. Water is used as the working fluid because of its large heat capacity and heat of vaporization. 

 

Figure 2.27 (a) The Ivanpah solar thermal plant uses 170,000 mirrors to concentrate sunlight on water-filled towers. 

(b) It covers 4000 acres of public land near the Mojave Desert and the California-Nevada border. (credit a: 

modification of work by Craig Dietrich; credit b: modification of work by “USFWS Pacific Southwest 

Region”/Flickr) 

2.4 Calorimetry 

By the end of this section, you will be able to: 

• Explain the technique of calorimetry 

• Calculate and interpret heat and related properties using typical calorimetry data 



 

One technique we can use to measure the amount of heat involved in a chemical or physical process is known as 

calorimetry. Calorimetry is used to measure amounts of heat transferred to or from a substance. To do so, the heat 

is exchanged with a calibrated object (calorimeter). The temperature change measured by the calorimeter is used to 

derive the amount of heat transferred by the process under study. The measurement of heat transfer using  this 

approach requires the definition of a system (the substance or substances undergoing the chemical or physical 

change) and its surroundings (the other components of the measurement apparatus that serve to either provide heat 

to the system or absorb heat from the system). Knowledge of the heat capacity of the surroundings, and careful 

measurements of the masses of the system and surroundings and their temperatures before and after the process allows 

one to calculate the heat transferred as described in this section. 

A calorimeter is a device used to measure the amount of heat involved in a chemical or physical process. For 

example, when an exothermic reaction occurs in solution in a calorimeter, the heat produced by the reaction is 

absorbed by the solution, which increases its temperature. When an endothermic reaction occurs, the heat required 

is absorbed from the thermal energy of the solution, which decreases its temperature (Figure 2.28). The temperature 

change, along with the specific heat and mass of the solution, can then be used to calculate the amount of heat 

involved in either case. 

 

 

Figure 2.28 In a calorimetric determination, either (a) an exothermic process occurs and heat, q, is negative, 

indicating that thermal energy is transferred from the system to its surroundings, or (b) an endothermic process occurs 

and heat, q, is positive, indicating that thermal energy is transferred from the surroundings to the system. 

Scientists use well-insulated calorimeters that all but prevent the transfer of heat between the calorimeter and its 

environment. This enables the accurate determination of the heat involved in chemical processes, the energy content 

of foods, and so on. General chemistry students often use simple calorimeters constructed from polystyrene cups 

(Figure 2.29). These easy-to-use “coffee cup” calorimeters allow more heat exchange with the outside environment, 

and therefore produce less accurate energy values. 



 

 

Figure 2.29 A simple calorimeter can be constructed from two polystyrene cups. A thermometer and stirrer extend 

through the cover into the reaction mixture. 

Commercial solution calorimeters are also available. Relatively inexpensive calorimeters often consist of two thin- 

walled cups that are nested in a way that minimizes thermal contact during use, along with an insulated cover, 

handheld stirrer, and simple thermometer. More expensive calorimeters used for industry and research typically have a 

well-insulated, fully enclosed reaction vessel, motorized stirring mechanism, and a more accurate temperature sensor 

(Figure 2.30). 

 

Figure 2.30 Commercial solution calorimeters range from (a) simple, inexpensive models for student use to (b) expensive, more 

accurate models for industry and research. 

 



 

Before we practice calorimetry problems involving chemical reactions, consider a simpler example that illustrates the 

core idea behind calorimetry. Suppose we initially have a high-temperature substance, such as a hot piece of metal 

(M), and a low-temperature substance, such as cool water (W). If we place the metal in the water, heat will flow from 

M to W. The temperature of M will decrease, and the temperature of W will increase, until the two substances have 

the same temperature—that is, when they reach thermal equilibrium (Figure 2.31). If this occurs in a calorimeter, 

ideally all of this heat transfer occurs between the two substances, with no heat gained or lost by either the calorimeter 

or the calorimeter’s surroundings. Under these ideal circumstances, the net heat change is zero: 

𝑞𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒 𝑀 + 𝑞𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒 𝑊 = 0 

This relationship can be rearranged to show that the heat gained by substance M is equal to the heat lost by substance 

W: 

𝑞𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒 𝑀 =  −𝑞𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒 𝑊 

The magnitude of the heat (change) is therefore the same for both substances, and the negative sign merely shows 

that qsubstance M and qsubstance W are opposite in direction of heat flow (gain or loss) but does not indicate the arithmetic 

sign of either q value (that is determined by whether the matter in question gains or loses heat, per definition). In the 

specific situation described, qsubstance M is a negative value and qsubstance W is positive, since heat is transferred from   M 

to W. 

 

 

Figure 2.31 In a simple calorimetry process, (a) heat, q, is transferred from the hot metal, M, to the cool water, W, 

until (b) both are at the same temperature. 

Example 2.3 

Heat Transfer between Substances at Different Temperatures: A 360.0-g piece of rebar (a steel rod used for 

reinforcing concrete) is dropped into 425 mL of water at 24.0 °C. The final temperature of the water was measured 

as 42.7 °C. Calculate the initial temperature of the piece of rebar. Assume the specific heat of steel is approximately 



 

the same as that for iron (Table 2.1), and that all heat transfer occurs between the rebar and the water (there is no 

heat exchange with the surroundings). 

Solution: 

The temperature of the water increases from 24.0 °C to 42.7 °C, so the water absorbs heat. That heat came from the 

piece of rebar, which initially was at a higher temperature. Assuming that all heat transfer was between the rebar and 

the water, with no heat “lost” to the outside environment, then heat given off by rebar= −heat taken in by water, or: 

𝑞𝑟𝑒𝑏𝑎𝑟 = − 𝑞𝑤𝑎𝑡𝑒𝑟  

Since we know how heat is related to other measurable quantities, we have: 

( 𝑐 ∗ 𝑚 ∗ ∆𝑇)𝑟𝑒𝑏𝑎𝑟  =  −( 𝑐 ∗ 𝑚 ∗ ∆𝑇)𝑤𝑎𝑡𝑒𝑟  

Letting f = final and i = initial, in expanded form, this becomes: 

𝐶𝑟𝑒𝑏𝑎𝑟 ∗ 𝑚𝑟𝑒𝑏𝑎𝑟 ∗ (𝑇𝑓,𝑟𝑒𝑏𝑎𝑟 − 𝑇𝑖,𝑟𝑒𝑏𝑎𝑟) = −𝐶𝑤𝑎𝑡𝑒𝑟 ∗ 𝑚𝑤𝑎𝑡𝑒𝑟 ∗ (𝑇𝑓,𝑤𝑎𝑡𝑒𝑟 − 𝑇𝑖,𝑤𝑎𝑡𝑒𝑟) 

The density of water is 1.0 g/mL, so 425 mL of water = 425 g. Noting that the final temperature of both the rebar and 

water is 42.7 °C, substituting known values yields: 

(0.449
𝐽

𝑔
℃) (360.0 𝑔)(42.7℃ − 𝑇𝑖,𝑟𝑒𝑏𝑎𝑟) =  − (4.184

𝐽

𝑔
℃) (425𝑔)( 42.7℃ − 24.0℃) 

𝑇𝑖, 𝑟𝑒𝑏𝑎𝑟 =
(4.184

𝐽
𝑔

℃) (425𝑔)(42.7℃ − 24.0℃)

(0.449
𝐽
𝑔

℃)(360.0𝑔)
+ 42.7℃

Solving this gives Ti,rebar= 248 °C, so the initial temperature of the rebar was 248 °C. 

Check Your Learning 

A 248-g piece of copper is dropped into 390 mL of water at 22.6 °C. The final temperature of the water was measured 

as 39.9 °C. Calculate the initial temperature of the piece of copper. Assume that all heat transfer occurs between the 

copper and the water. 

Answer: The initial temperature of the copper was 335.6 °C. 

 

Check Your Learning 

A 248-g piece of copper initially at 314 °C is dropped into 390 mL of water initially at 22.6 °C. Assuming that all 

heat transfer occurs between the copper and the water, calculate the final temperature. 

Answer: The final temperature (reached by both copper and water) is 38.7  

 

This method can also be used to determine other quantities, such as the specific heat of an unknown metal. 

 

Example 2.4 

Identifying a Metal by Measuring Specific Heat: A 59.7 g piece of metal that had been submerged in boiling 

water was quickly transferred into 60.0 mL of water initially at 22.0 °C. The final temperature is 28.5 °C. Use these 

data to determine the specific heat of the metal. Use this result to identify the metal. 

 



 

Solution: 

Assuming perfect heat transfer, heat given off by metal = −heat taken in by water, or: 

𝑞𝑚𝑒𝑡𝑎𝑙 =  −𝑞𝑤𝑎𝑡𝑒𝑟  

In expanded form, this is: 

𝐶𝑚𝑒𝑡𝑎𝑙 ∗ 𝑚𝑚𝑒𝑡𝑎𝑙 ∗ (𝑇𝑓,𝑚𝑒𝑛𝑡𝑎𝑙 − 𝑇𝑖,𝑚𝑒𝑡𝑎𝑙) = −𝐶𝑤𝑎𝑡𝑒𝑟 ∗ 𝑚𝑤𝑎𝑡𝑒𝑟 ∗ (𝑇𝑓,𝑤𝑎𝑡𝑒𝑟 − 𝑇𝑖,𝑤𝑎𝑡𝑒𝑟) 

Noting that since the metal was submerged in boiling water, its initial temperature was 100.0 °C; and that 

for water, 60.0 mL = 60.0 g; we have: 

(𝐶𝑚𝑒𝑡𝑎𝑙)(59.7 𝑔)(28.5℃ − 100.0℃) =  −(4.18
𝐽

𝑔
℃)(60.0 𝑔)(28.5℃ − 22.0℃) 

Solving this: 

𝐶𝑚𝑒𝑡𝑎𝑙 =
−(4.181

𝐽
𝑔

℃)(60.0 𝑔)(6.5℃)

(59.7 𝑔)(−71.5℃)
 0.38 𝐽/𝑔 °𝐶 

Comparing this with values in Table 2.2, our experimental specific heat is closest to the value for copper 

(0.39 J/g °C), so we identify the metal as copper. 

Check Your Learning 

A 92.9-g piece of a silver/gray metal is heated to 178.0 °C, and then quickly transferred into 75.0 mL of water initially 

at 24.0 °C. After 5 minutes, both the metal and the water have reached the same temperature: 29.7 °C. Determine the 

specific heat and the identity of the metal. (Note: You should find that the specific heat is close to that of two different 

metals. Explain how you can confidently determine the identity of the metal). 

Answer: Cmetal=0.13 j/g°C This specific heat is close to that of either gold or lead. It would be difficult to determine 

which metal this was based solely on the numerical values. However, the observation that the metal is silver/gray in 

addition to the value for the specific heat indicates that the metal is lead. 

 

When we use calorimetry to determine the heat involved in a chemical reaction, the same principles we have been 

discussing apply. The amount of heat absorbed by the calorimeter is often small enough that we can neglect it (though 

not for highly accurate measurements, as discussed later), and the calorimeter minimizes energy exchange with the 

outside environment. Because energy is neither created nor destroyed during a chemical reaction, there is no overall 

energy change during the reaction. The heat produced or consumed in the reaction (the “system”), qreaction, plus the 

heat absorbed or lost by the solution (the “surroundings”), qsolution, must add up to zero: 

𝑞𝑟𝑒𝑎𝑐𝑡𝑖𝑜𝑛 + 𝑞𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0 

This means that the amount of heat produced or consumed in the reaction equals the amount of heat absorbed or lost 

by the solution: 

𝑞𝑟𝑒𝑎𝑐𝑡𝑖𝑜𝑛 = −𝑞𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

This concept lies at the heart of all calorimetry problems and calculations. 

 

 



 

Chemistry in Everyday Life 

Thermochemistry of Hand Warmers 

When working or playing outdoors on a cold day, you might use a hand warmer to warm your hands (Figure 2.32). 

common reusable hand warmer contains a supersaturated solution of NaC2H3O2 (sodium acetate) and a metal disc. 

Bending the disk creates nucleation sites around which the metastable NaC2H3O2 quickly crystallizes (a later chapter 

on solutions will investigate saturation and supersaturation in more detail). 

The process  𝑁𝑎𝐶2 +  𝐻3 + 𝑂2(𝑎𝑞) ⟶  𝑁𝑎𝐶2 +  𝐻3 + 𝑂2(𝑠) is exothermic, and the heat produced by this process 

is absorbed by your hands, thereby warming them (at least for a while). If the hand warmer is reheated, the NaC2H3O2 

redissolves and can be reused. 

 

 

Figure 2.32 Chemical hand warmers produce heat that warms your hand on a cold day. In this one, you can see the 

metal disc that initiates the exothermic precipitation reaction. (credit: modification of work by Science Buddies 

TV/YouTube) 

 

Another common hand warmer produces heat when it is ripped open, exposing iron and water in the hand warmer to 

oxygen in the air. One simplified version of this exothermic reaction is 2𝐹𝑒 (𝑠) + 𝑂2(𝑔) →  𝐹𝑒2 + 𝑂3(𝑠)2
3 . Salt in 

the hand warmer catalyzes the reaction, so it produces heat more rapidly; cellulose, vermiculite, and activated carbon 

help distribute the heat evenly. Other types of hand warmers use lighter fluid (a platinum catalyst helps lighter fluid 

oxidize exothermically), charcoal (charcoal oxidizes in a special case), or electrical units that produce heat by passing 

an electrical current from a battery through resistive wires. 

 

 

Example 2.5 

Heat Flow in an Instant Ice Pack: When solid ammonium nitrate (NH4NO3) dissolves in water, the solution 

becomes cold. This is the basis for an “instant ice pack” (Figure 2.36). When 3.21 g of solid NH4NO3 dissolves in 

50.0 g of water at 24.9 °C in a calorimeter, the temperature decreases to 20.3 °C. Calculate the value of q for this 

Link to Learning 

This link (http://openstaxcollege.org/l/16Handwarmer) shows the 
precipitationreaction that occurs when the disk in a chemical hand warmer is 
flexed. 

http://openstaxcollege.org/l/16Handwarmer


 

reaction and explain the meaning of its arithmetic sign. State any assumptions that you made. 

 

 

Figure 2.36 An instant cold pack consists of a bag containing solid ammonium nitrate and 

a second bag of water. When the bag of water is broken, the pack becomes cold because 

the dissolution of ammonium nitrate is an endothermic process that removes thermal 

energy from the water. The cold pack then removes thermal energy from your body. 

Solution: 

We assume that the calorimeter prevents heat transfer between the solution and its 

external environment (including the calorimeter itself), in which case: 

𝑞𝑟𝑥𝑛 = −𝑞𝑠𝑜𝑙𝑛 

with “rxn” and “soln” used as shorthand for “reaction” and “solution,” 

respectively. Assuming also that the specific heat of the solution is the same 

as that for water, we have: 

𝑞𝑟𝑥𝑛 = −𝑞𝑠𝑜𝑙𝑛 =  −( 𝑐 ∗ 𝑚 ∗ ∆𝑇)𝑠𝑜𝑙𝑛  

= −[(4.184 𝐽/𝑔 °𝐶)  ×  (53.2 𝑔)  × (20.3 °𝐶 −  24.9 °𝐶)]   

=  − [(4.184
𝐽

𝑔
°𝐶) ×  (53.2 𝑔) ×  (−4.6 °𝐶)] + 1.0 ∗ 103𝐽  

=  +1.0 𝐾𝐽 

The positive sign for q indicates that the dissolution is an endothermic process. 

Check Your Learning 

When a 3.00-g sample of KCl was added to 3.00 × 102 g of water in a coffee cup calorimeter, the temperature 

decreased by 1.05 °C. How much heat is involved in the dissolution of the KCl? What assumptions did you make? 



 

Answer: 1.33 kJ; assume that the calorimeter prevents heat transfer between the solution and its external environment 

(including the calorimeter itself) and that the specific heat of the solution is the same as that for water 

 

Assessment 2.1 

A student hears about the following “diet hack” on the internet: “DRINK COLD WATER AND LOSE WEIGHT!” 

If a 150-pound student drinking 1 L of ice cold water (0 °C), how many Calories did they “save?” Assume a normal 

human body temperature of 37 °C.  

Here, the mass of the student is a “distractor” it is not needed to solve the problem.  

Strategy: Convert L of water into a mass using density. Determine the energy needed to heat 1 L of water from 0  

°C to 37 °C. Convert calories to kilocalories (Calories). 

Key Equation:  

q = m ×  c × ΔT 

 

Step 1: Convert L to g using density of water (1 g/mL) 

1 𝐿 𝐻2𝑂

1
×

1,000 𝑚𝐿

1 𝐿
×

1 𝑔 𝐻2𝑂

1 𝑚𝐿 𝐻2𝑂 
= 1,000 𝑔 𝐻2𝑂 

Step 2: Determine the energy of heating. The specific heat of water in calories is 1.  

𝑞 = 𝑚 × 𝑐 × ∆𝑇 

𝑞 = 1,000 𝑔 × (1 
𝑐𝑎𝑙𝑜𝑟𝑖𝑒

𝑔 × ℃
)  × (37℃ − 0℃) 

𝑞 = 37,000 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠 

Step 3: Get answer into the correct units.  

37,000 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠

1
×

1 𝑘𝑐𝑎𝑙

1,000 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠
×

1 𝐶𝑎𝑙𝑜𝑟𝑖𝑒

1 𝑘𝑐𝑎𝑙
= 37 𝐶𝑎𝑙𝑜𝑟𝑖𝑒𝑠 

 

If the amount of heat absorbed by a calorimeter is too large to neglect or if we require more accurate results, then we 

must take into account the heat absorbed both by the solution and by the calorimeter. 

The calorimeters described are designed to operate at constant (atmospheric) pressure and are convenient to measure 

heat flow accompanying processes that occur in solution. A different type of calorimeter that operates at constant 

volume, colloquially known as a bomb calorimeter, is used to measure the energy produced by reactions that    yield 

large amounts of heat and gaseous products, such as combustion reactions. (The term “bomb” comes from    the 

observation that these reactions can be vigorous enough to resemble explosions that would damage other 

calorimeters.) This type of calorimeter consists of a robust steel container (the “bomb”) that contains the reactants and 

is itself submerged in water (Figure 2.37). The sample is placed in the bomb, which is then filled with oxygen at high 

pressure. A small electrical spark is used to ignite the sample. The energy produced by the reaction is absorbed by the 

steel bomb and the surrounding water. The temperature increase is measured and, along with the known heat capacity 

of the calorimeter, is used to calculate the energy produced by the reaction. Bomb calorimeters require calibration to 

determine the heat capacity of the calorimeter and ensure accurate results. The calibration is accomplished using a 



 

reaction with a known q, such as a measured quantity of benzoic acid ignited by a spark from a nickel fuse wire that is 

weighed before and after the reaction. The temperature change produced by the known reaction is used to determine 

the heat capacity of the calorimeter. The calibration is generally performed each time before the calorimeter is used 

to gather research data. 

 

 

Figure 2.37 (a) A bomb calorimeter is used to measure heat produced by reactions involving gaseous reactants or 

products, such as combustion. (b) The reactants are contained in the gas-tight “bomb,” which is submerged in water 

and surrounded by insulating materials. (credit a: modification of work by “Harbor1”/Wikimedia commons) 

 

 

Example 2.6 

Bomb Calorimetry: When 3.12 g of glucose, C6H12O6, is burned in a bomb calorimeter, the temperature of the 

calorimeter increases from 23.8 °C to 35.6 °C. The calorimeter contains 775 g of water, and the bomb itself has a 

heat capacity of 893 J/°C. How much heat was produced by the combustion of the glucose sample? 

Solution:  

The combustion produces heat that is primarily absorbed by the water and the bomb. (The amounts of heat absorbed 

by the reaction products and the unreacted excess oxygen are relatively small and dealing with them is beyond the 

scope of this text. We will neglect them in our calculations.) 

The heat produced by the reaction is absorbed by the water and the bomb:  

Link to Learning 

Click on this link (http://openstaxcollege.org/l/16BombCal) to view how a 

bomb calorimeter is prepared for action. This site 

(http://openstaxcollege.org/l/16Calorcalcs)  shows calorimetric calculations 

using sample data. 

http://openstaxcollege.org/l/16BombCal
http://openstaxcollege.org/l/16Calorcalcs
http://openstaxcollege.org/l/16Calorcalcs


 

𝑞𝑟𝑥𝑛 =  −( 𝑞𝑤𝑎𝑡𝑒𝑟 + 𝑞𝑏𝑜𝑚𝑏) 

= −[(4.184 𝐽/𝑔 °𝐶)  ×  (775 𝑔)  ×  (35.6 °𝐶 −  23.8 °𝐶)  +  893 𝐽/°𝐶 × (35.6 °𝐶 −  23.8 °

=  −(38,300 𝐽 +  10,500 𝐽) 

=  −48,800 𝐽 =  −48.8 𝑘𝐽 

This reaction released 48.7 kJ of heat when 3.12 g of glucose was burned. 

Check Your Learning 

When 0.963 g of benzene, C6H6, is burned in a bomb calorimeter, the temperature of the calorimeter increases by 

8.39 °C. The bomb has a heat capacity of 784 J/°C and is submerged in 925 mL of water. How much heat was 

produced by the combustion of the glucose sample? 

Answer: 39.0 kJ 

 

Since the first one was constructed in 1899, 35 calorimeters have been built to measure the heat produced by a living 

person.[2] These whole-body calorimeters of various designs are large enough to hold an individual human being. 

More recently, whole-room calorimeters allow for relatively normal activities to be performed, and these calorimeters 

generate data that more closely reflect the real world. These calorimeters are used to measure the metabolism of 

individuals under different environmental conditions, different dietary regimes, and with different health conditions, 

such as diabetes. In humans, metabolism is typically measured in Calories per day. A nutritional calorie (Calorie) is 

the energy unit used to quantify the amount of energy derived from the metabolism of foods; one Calorie is equal to 

1000 calories (1 kcal), the amount of energy needed to heat 1 kg of water by 1 °C. 

 

Assessment 2.2 

If 10 grams of glucose are metablolized to produce 38 kcal, how many calories, Joules, and kiloJoules are produced. 

Strategy: use the appropriate conversion factors to go between kcal and target unit.  

Step 1: Convert kcal to calories. There are 1,000 calories per kcal.  

38 𝑘𝑐𝑎𝑙

1
×

1,000 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠

1 𝑘𝑐𝑎𝑙
= 38,000 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠 

Step 2: Convert calories to Joules. There are 4.18 Joules per calorie 

38,000 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠

1
×

4.184 𝐽𝑜𝑢𝑙𝑒𝑠

1 𝑐𝑎𝑙𝑜𝑟𝑖𝑒
= 158,992 𝐽𝑜𝑢𝑙𝑒𝑠  =    160,000 𝐽 𝑡𝑜 𝑡𝑤𝑜 𝑠. 𝑓. 

Step 3: Convert Joules to kiloJoules. There are 1,000 Joules per kiloJoule. 

158,992 𝐽  

1
×

1 𝑘𝐽

1,000 𝐽
= 158.992 𝑘𝐽 = 160 𝑘𝐽 𝑡𝑜 𝑡𝑤𝑜 𝑠. 𝑓. 

 

Assessment 2.3 

If 10 mL of sweat removes 73.18 kJ of heat from a human body, how many degrees cooler will a 150-pound (68.04 

kg) person be after perspiring? The average specific heat capacity of a human body is approximately 3.500 kJ/(kg ×°C)? 

(Note that the specific heat here is given in units of kJ and kg, rather than in grams and Joules.) 

Key equations: 



 

 𝑞𝑠𝑤𝑒𝑎𝑡 = −𝑞𝑏𝑜𝑑𝑦  

𝑞𝑏𝑜𝑑𝑦 = 𝑚 × 𝑐 × ∆𝑇 

Strategy: Use the given energy gain by the sweat to calculate the energy lost by the body. Use the energy and mass 

of the body to calculate the temperature change in the body.  

Step One:  

𝑞𝑠𝑤𝑒𝑎𝑡 = −𝑞𝑏𝑜𝑑𝑦 

73.18 𝑘𝐽 = −73.18 𝑘𝐽 

Step Two: Use the energy to find the temperature change of the body.  

𝑞𝑏𝑜𝑑𝑦 = 𝑚 × 𝑐 × ∆𝑇 

Rearrange to solve for ΔT 

∆𝑇 =  
𝑞𝑏𝑜𝑑𝑦

𝑚 × 𝑐
 

∆𝑇 =
1

68.04 kg 
×

𝑘𝑔 × ℃

3.500 𝑘𝐽
×

−73.18 𝑘𝐽

1
= − 0.307 ℃ 

Note that the sign on ΔT is negative, indicating a decrease in temperature.  

 

Assessment 2.4 

The recommended temperature of a newborn’s bath is about body temperature, 38.0 °C. A parent adds 1 gallon (3.79 

L) of water comfortable to an adult (105 ° F,  40.6 °C). Realizing their mistake, they quickly add 100 mL of cool 

water (68 °F, or 20 °C). What is the temperature of the resulting mixture? How much water cool water should they 

have added to get a bath at 38.0C? The specific heat of water is 4.184 J/g×°C. 

Key equations: 

𝑞𝑐𝑜𝑙𝑑 = −𝑞ℎ𝑜𝑡  

𝑞 = 𝑚 × 𝑐 × ∆𝑇 

Strategy: The finial temperature of the water is the same for both the “hot” and “cold” water. Conservation of energy 

says the amount of heat lost by the hot water is equal to the amount of heat gained by the cold water. The respective 

energies can be calculated using specific heats. For the second part, the set up is the same, but now the final 

temperatures are known, and the mass of the unknown “cold” water must be solved for.   

Step 1: Convert the volumes of water into masses using the density of water.  

Step 2: Use conservation of energy. 

𝑞𝑐𝑜𝑙𝑑 = −𝑞ℎ𝑜𝑡  

Step 3: Replace q values with equations using specific heat. 

𝑚𝑐𝑜𝑙𝑑 × 𝑐 × ∆𝑇𝑐𝑜𝑙𝑑 = −[𝑚ℎ𝑜𝑡 × 𝑐 × ∆𝑇ℎ𝑜𝑡] 

Step 4: Explicitly write out the change in temperature. 

𝑚𝑐𝑜𝑙𝑑 × 𝑐 × (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙𝑐𝑜𝑙𝑑
) = −[𝑚ℎ𝑜𝑡 × 𝑐 × (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙ℎ𝑜𝑡

)] 

Step 5: Replace with known values, solve for Tfinal. 

100 𝑔 × 4.184 
𝐽

𝑔×℃
× (𝑇𝑓𝑖𝑛𝑎𝑙 − 20℃) = −[3,790 𝑔 × 4.184 

𝐽

𝑔×℃
× (𝑇𝑓𝑖𝑛𝑎𝑙 − 40.6℃)] 



 

418.4 
𝐽

℃
× (𝑇𝑓𝑖𝑛𝑎𝑙 − 20℃) = −[15,857 

𝐽

℃
× (𝑇𝑓𝑖𝑛𝑎𝑙 − 40.6℃)] 

418.4 
𝐽

℃
𝑇𝑓𝑖𝑛𝑎𝑙 − 8,368 𝐽 = − (15,857 

𝐽

℃
 𝑇𝑓𝑖𝑛𝑎𝑙) + 643,809 𝐽 

418.4 
𝐽

℃
𝑇𝑓𝑖𝑛𝑎𝑙 = − (15,857 

𝐽

℃
 𝑇𝑓𝑖𝑛𝑎𝑙) + 652,177 𝐽 

16,275.4 
𝐽

℃
 𝑇𝑓𝑖𝑛𝑎𝑙 = +652,177 𝐽 

𝑇𝑓𝑖𝑛𝑎𝑙 = 40.1 ℃ 

Note: An easier way to do this is to use a weighted average. This only works if the two substances have the same 

heat capacity.  

𝑇𝑓𝑖𝑛𝑎𝑙 = 𝑚𝑎𝑠𝑠 𝑓𝑟𝑎𝑐𝑡𝑖𝑜𝑛 𝑜𝑓 ℎ𝑜𝑡 𝑤𝑎𝑡𝑒𝑟 × 𝑇𝑖ℎ𝑜𝑡
+ 𝑚𝑎𝑠𝑠 𝑓𝑟𝑎𝑐𝑡𝑖𝑜𝑛 𝑜𝑓 𝑐𝑜𝑙𝑑 𝑤𝑎𝑡𝑒𝑟 × 𝑇𝑖𝑐𝑜𝑙𝑑

  

𝑇𝑓𝑖𝑛𝑎𝑙 =
3,790 𝑔

(3,790 𝑔 + 100 𝑔)
× 40.6℃ +

100

(3,790 𝑔 + 100 𝑔)
× 20℃  

𝑇𝑓𝑖𝑛𝑎𝑙 = (0.9742 × 40.6℃) + (0.0257 × 20℃) 

𝑇𝑓𝑖𝑛𝑎𝑙 = 39.56℃ + .514 ℃ 

Step 6: Use the conservation of energy equation and solve for the mass of cold water. Replace 38.0 °C as the final 

temperature.  

 𝑞𝑐𝑜𝑙𝑑 = −𝑞ℎ𝑜𝑡 

𝑚𝑐𝑜𝑙𝑑 × 𝑐 × ∆𝑇𝑐𝑜𝑙𝑑 = −[𝑚ℎ𝑜𝑡 × 𝑐 × ∆𝑇ℎ𝑜𝑡] 

𝑚𝑐𝑜𝑙𝑑 × 𝑐 × (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙𝑐𝑜𝑙𝑑
) = −[𝑚ℎ𝑜𝑡 × 𝑐 × (𝑇𝑓𝑖𝑛𝑎𝑙 − 𝑇𝑖𝑛𝑖𝑡𝑖𝑎𝑙ℎ𝑜𝑡

)] 

𝑚𝑐𝑜𝑙𝑑 × 4.184 
𝐽

𝑔×℃
× (38.0℃ − 20℃) = −[3,790 𝑔 × 4.184 

𝐽

𝑔×℃
× (38.0℃ − 40.6℃)] 

Note that the change in temperature of the hot side is negative, which cancels the negative sign outside the brackets.  

𝑚𝑐𝑜𝑙𝑑 × 75.312
𝐽

𝑔
 = 41,229 𝐽 

𝑚𝑐𝑜𝑙𝑑 = 547.4 𝑔 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 𝑛𝑒𝑒𝑑𝑒𝑑 𝑡𝑜 𝑐𝑜𝑜𝑙  

 

Measuring Nutritional Calories 

In your day-to-day life, you may be more familiar with energy being given in Calories, or nutritional calories, which 

are used to quantify the amount of energy in foods. One calorie (cal) = exactly 4.184 joules, and one Calorie (note 

the capitalization) = 1000 cal, or 1 kcal. (This is approximately the amount of energy needed to heat 1 kg of water 

by 1 °C.) The macronutrients in food are proteins, carbohydrates, and fats or oils. Proteins provide about 4 Calories  

per gram, carbohydrates also provide about 4 Calories per gram, and fats and oils provide about 9 Calories/g. 

Nutritional labels on food packages show the caloric content of one serving of the food, as well as the breakdown 

into Calories from each of the three macronutrients (Figure 2.38). 

 

 

 



 

 

Figure 2.38 (a) Macaroni and cheese contain energy in the form of the macronutrients in the food. (b) The food’s 

nutritional information is shown on the package label. In the US, the energy content is given in Calories (per serving); 

the rest of the world usually uses kilojoules. (credit a: modification of work by “Rex Roof”/Flickr) 

 

For the example shown in (b), the total energy per 228-g portion is calculated by:(5 g protein × 4 Calories/g) + (31 g 

carb × 4 Calories/g) + (12 g fat × 9 Calories/g) = 252 Calories So, you can use food labels to count your Calories. 

But where do the values come from? And how accurate are they? The caloric content of foods can be determined by 

using bomb calorimetry; that is, by burning the food and measuring the energy it contains. A sample of food is 

weighed, mixed in a blender, freeze-dried, ground into powder, and formed into a pellet. The pellet is burned inside 

a bomb calorimeter, and the measured temperature change is converted into energy per gram of food. 

 

Assessment 2.4 

The signature sandwich at national fast-food chain weighs 219 grams.  A researcher homogenizes a whole burger in 

an industrial blender, and takes a 3.00 g analytical sample of the resulting slurry and places it in a bomb calorimeter. 

A temperature rise of 6.59 °C is noted. Given a calorimeter constant (Ccal)of 4.90 kJ/°C, what is the should be printed 

on the menu for “calories per sandwich?” 

Key Equation:  

𝑞 = 𝐶𝑐𝑎𝑙 × ∆𝑇 

Strategy: Use the equation to determine the amount of energy in the analytical sample. Then, relate the energy in 

the analytical sample to the who burger. Finally, make sure the energy units are converted from kJ to kcal.  

Step 1: Determine the energy content of the analytical sample. Note that the equation for the bomb calorimeter does 

not rely on the mass of the sample. It directly relates energy to temperature change.  

𝑞 = 𝐶𝑐𝑎𝑙 × ∆𝑇 

𝑞 =
4.90 𝑘𝐽

℃
 ×

6.59 ℃

1
 

𝑞 = 32.27 𝑘𝐽 



 

Step 2: Determine the how many kJ in the whole sample. One figures out the correct factor to multiply by using the 

ratio of the whole sample to the analytical sample. That factor is then multiplied by the amount of energy is the 

analytical sample to get the total energy from the whole burger.  

219 𝑔 (𝑏𝑢𝑟𝑔𝑒𝑟)

3.00 𝑔 (𝑠𝑎𝑚𝑝𝑙𝑒)
×

32.27 𝑘𝐽

1
= 2,355.7 𝑘𝐽 𝑝𝑒𝑟 𝑏𝑢𝑟𝑔𝑒𝑟 

Step 3: Convert the amount of energy in a burger in kJ to amount of energy in a burger in kcal.  

2,355.7 𝑘𝐽 

𝑏𝑢𝑟𝑔𝑒𝑟
×

1 𝑘𝑐𝑎𝑙

4.184 𝑘𝐽
= 563.5 𝑘𝐽 𝑝𝑒𝑟 𝑏𝑢𝑟𝑔𝑒𝑟   

Today, the caloric content on food labels is derived using a method called the Atwater system that uses the average 

caloric content of the different chemical constituents of food, protein, carbohydrate, and fats. The average amounts 

are those given in the equation and are derived from the various results given by bomb calorimetry of whole foods. 

The carbohydrate amount is discounted a certain amount for the fiber content, which is indigestible carbohydrate. To 

determine the energy content of a food, the quantities of carbohydrate, protein, and fat are each multiplied by the 

average Calories per gram for each and the products summed to obtain the total energy. 

 

 

 

 

 

 

 

 

Assessment 2.5 

Determine the Calorie content in Snack Crackers if a serving of 14 crackers (31.5 g) contains 0.8 g of saturated fat, 

1.6 g monounsaturated fat, 18.5 g carbohydrates, and 2.2 g protein. If a moderately active 19-30-year-old female 

daily requires 2,100 kcal, and a highly active one requires 2,400 kcal, how many extra crackers can the active woman 

eat? 

Strategy: Use the energy values of the individual components of the food, and sum to determine the total caloric 

content. Calculate the amount of extra energy the active person uses, then use the energy value per serving to 

determine the number of extra servings that contain the amount of extra energy.  

Step 1: Calculate the individual energy values of the food components using the mass times the caloric value, then 

add.  

𝑞𝑡𝑜𝑡𝑎𝑙 = 𝑞𝑓𝑎𝑡 + 𝑞𝑐𝑎𝑟𝑏𝑠 + 𝑞𝑝𝑟𝑜𝑡𝑒𝑖𝑛  

𝑞𝑡𝑜𝑡𝑎𝑙 = (9
𝑘𝑐𝑎𝑙

𝑔
× (0.8 𝑔 + 1.6 𝑔)) + (4

𝑘𝑐𝑎𝑙

𝑔
× 18.5 𝑔) + (4

𝑘𝑐𝑎𝑙

𝑔
× 2.2 𝑔) 

𝑞𝑡𝑜𝑡𝑎𝑙 = 104.4 𝑘𝑐𝑎𝑙 𝑝𝑒𝑟 𝑠𝑒𝑟𝑣𝑖𝑛𝑔 

Step 2: Determine the amount of extra energy needed by the highly active person 

𝑞𝑒𝑥𝑡𝑟𝑎 = 𝑞ℎ𝑖𝑔ℎ𝑙𝑦 𝑎𝑣𝑡𝑖𝑣𝑒 − 𝑞𝑚𝑜𝑑𝑒𝑟𝑎𝑡𝑙𝑦 𝑎𝑐𝑡𝑖𝑣𝑒  

Link to Learning 

Click on this link (http://openstaxcollege.org/l/16USDA) to access the US 
Department of Agriculture (USDA) National Nutrient Database, containing 
nutritional information on over 8000 foods. 

http://openstaxcollege.org/l/16USDA


 

 

𝑞𝑒𝑥𝑡𝑟𝑎 = 2,400 𝑘𝑐𝑎𝑙 − 2,100 𝑘𝑐𝑎𝑙 = 300 𝑘𝑐𝑎𝑙 

Step 3: Calculate the number of extra crackers using calories per serving and the number of calories calculated in  

Step 2:  

300 𝑘𝑐𝑎𝑙 ×
1 𝑠𝑒𝑟𝑣𝑖𝑛𝑔

104.4 𝑘𝑐𝑎𝑙
×

14 𝑐𝑟𝑎𝑐𝑘𝑒𝑟𝑠

1 𝑠𝑒𝑟𝑣𝑖𝑛𝑔
= 40.22 𝑐𝑟𝑎𝑐𝑘𝑒𝑟𝑠.  

 

Assessment 2.5 

If you want to lose one pound of body fat (15% water), how many Calories do you need to burn? 

Strategy: Convert to the weight to grams, and determine the mass of pure fat. Then, use the energy value fat to 

calculate the energy in units of kcal.  

Step 1: Convert mass of fat to units of grams. 

1 𝑙𝑏 𝑏𝑜𝑑𝑦 𝑓𝑎𝑡

1
×

453.6 𝑔

1 𝑙𝑏
= 453.6 𝑔 𝑏𝑜𝑑𝑦 𝑓𝑎𝑡 

Step 2: Determine mass of pure fat. 

453.6 𝑔 𝑏𝑜𝑑𝑦 𝑓𝑎𝑡

1
×

15 𝑔 𝑝𝑢𝑟𝑒 𝑓𝑎𝑡

100 𝑔 𝑏𝑜𝑑𝑦 𝑓𝑎𝑡
= 68.04 𝑔 𝑝𝑢𝑟𝑒 𝑓𝑎𝑡 

Step 3: Calculate the number of calories using energy value table. 

 

68.04 𝑔 𝑝𝑢𝑟𝑒 𝑓𝑎𝑡

1
×

9 𝑘𝑐𝑎𝑙

1 𝑔 𝑓𝑎𝑡
= 612.4 𝑘𝑐𝑎𝑙 

 

2.5 Intermolecular Forces 

By the end of this section, you will be able to: 

• Describe the types of intermolecular forces possible between atoms or molecules in condensed phases 

(dispersion forces, dipole-dipole attractions, and hydrogen bonding) 

• Identify the types of intermolecular forces experienced by specific molecules based on their structures 

• Explain the relation between the intermolecular forces present within a substance and the temperatures 

associated with changes in its physical state 

As was the case for gaseous substances, the kinetic molecular theory may be used to explain the behavior of solids 

and liquids. In the following description, the term particle will be used to refer to an atom, molecule, or ion. Note 

that we will use the popular phrase “intermolecular attraction” to refer to attractive forces between the particles of a 

substance, regardless of whether these particles are molecules, atoms, or ions.Consider these two aspects of the 

molecular-level environments in solid, liquid, and gaseous matter: 

• Particles in a solid are tightly packed together and often arranged in a regular pattern; in a liquid, they 

are close together with no regular arrangement; in a gas, they are far apart with no regular arrangement. 



 

• Particles in a solid vibrate about fixed positions and do not generally move in relation to one another; 

in a liquid, they move past each other but remain in essentially constant contact; in a gas, they move independently of 

one another except when they collide. 

The differences in the properties of a solid, liquid, or gas reflect the strengths of the attractive forces between the 

atoms, molecules, or ions that make up each phase. The phase in which a substance exists depends on the relative 

extents of its intermolecular forces (IMFs) and the kinetic energies (KE) of its molecules. IMFs are the various 

forces of attraction that may exist between the atoms and molecules of a substance due to electrostatic phenomena, as 

will be detailed in this module. These forces serve to hold particles close together, whereas the particles’ KE provides 

the energy required to overcome the attractive forces and thus increase the distance between particles. Figure 2.39 

illustrates how changes in physical state may be induced by changing the temperature, hence, the average KE, of a 

given substance. 
 

Figure 2.39 Transitions between solid, liquid, and gaseous states of a substance occur when conditions of temperature 

or pressure favor the associated changes in intermolecular forces. (Note: The space between particles in the gas phase 

is much greater than shown.) 

 

As an example of the processes depicted in this figure, consider a sample of water. When gaseous water is cooled 

sufficiently, the attractions between H2O molecules will be capable of holding them together when they come into 

contact with each other; the gas condenses, forming liquid H2O. For example, liquid water forms on the outside of a 

cold glass as the water vapor in the air is cooled by the cold glass, as seen in Figure 2.40. 



 

 

Figure 2.40 Condensation forms when water vapor in the air is cooled enough to form liquid water, such as (a) on 

the outside of a cold beverage glass or (b) in the form of fog. (credit a: modification of work by Jenny Downing; 

credit b: modification of work by Cory Zanker) 

 

We can also liquefy many gases by compressing them, if the temperature is not too high. The increased pressure 

brings the molecules of a gas closer together, such that the attractions between the molecules become strong relative 

to their KE. Consequently, they form liquids. Butane, C4H10, is the fuel used in disposable lighters and is a gas at 

standard temperature and pressure. Inside the lighter’s fuel compartment, the butane is compressed to a pressure that 

results in its condensation to the liquid state, as shown in Figure 2.41. 

 

Figure 2.41 Gaseous butane is compressed within the storage compartment of a disposable lighter, resulting in its 

condensation to the liquid state. (credit: modification of work by “Sam-Cat”/Flickr) 

Finally, if the temperature of a liquid becomes sufficiently low, or the pressure on the liquid becomes sufficiently 

high, the molecules of the liquid no longer have enough KE to overcome the IMF between them, and a solid forms. 

A more thorough discussion of these and other changes of state, or phase transitions, is provided in a later module of 

this chapter. 



 

 

 

Forces between Molecules 

Under appropriate conditions, the attractions between all gas molecules will cause them to form liquids or solids. 

This is due to intermolecular forces, not intramolecular forces. Intramolecular forces are those within the molecule 

that keep the molecule together, for example, the bonds between the atoms. Intermolecular forces are the attractions 

between molecules, which determine many of the physical properties of a substance. Figure 2.42 illustrates these 

different molecular forces. The strengths of these attractive forces vary widely, though usually the IMFs between 

small molecules are weak compared to the intramolecular forces that bond atoms together within a molecule. For 

example, to overcome the IMFs in one mole of liquid HCl and convert it into gaseous HCl requires only about 17 

kilojoules. However, to break the covalent bonds between the hydrogen and chlorine atoms in one mole of HCl 

requires about 25 times more energy—430 kilojoules. 

 

Figure 2.42 Intramolecular forces keep a molecule intact. Intermolecular forces hold multiple molecules together 

and determine many of a substance’s properties. 

All of the attractive forces between neutral atoms and molecules are known as van der Waals forces, although they 

are usually referred to more informally as intermolecular attraction. We will consider the various types of IMFs in the 

next three sections of this module. 

 

Dispersion Forces 

One of the three van der Waals forces is present in all condensed phases, regardless of the nature of the atoms or 

molecules composing the substance. This attractive force is called the London dispersion force in honor of German- 

born American physicist Fritz London who, in 1928, first explained it. This force is often referred to as simply the 

dispersion force. Because the electrons of an atom or molecule are in constant motion (or, alternatively, the electron’s 

Link to Learning 

Access this interactive simulation (http://openstaxcollege.org/l/16phetvisual) 

on states of matter, phase transitions, and intermolecular forces. This simulation 

is useful for visualizing concepts introduced throughout this chapter. 

http://openstaxcollege.org/l/16phetvisual


 

location is subject to quantum-mechanical variability), at any moment in time, an atom or molecule can develop       a 

temporary, instantaneous dipole if its electrons are distributed asymmetrically. The presence of this dipole can, in 

turn, distort the electrons of a neighboring atom or molecule, producing an induced dipole. These two rapidly 

fluctuating, temporary dipoles thus result in a relatively weak electrostatic attraction between the species—a so-

called dispersion force like that illustrated in Figure 2.43. 

Figure 2.43 Dispersion forces result from the formation of temporary dipoles, as illustrated here for two nonpolar 

diatomic molecules. 

 

Dispersion forces that develop between atoms in different molecules can attract the two molecules to each other.  The 

forces are relatively weak, however, and become significant only when the molecules are very close. Larger and 

heavier atoms and molecules exhibit stronger dispersion forces than do smaller and lighter atoms and molecules. F2 

and Cl2 are gases at room temperature (reflecting weaker attractive forces); Br2 is a liquid, and I2 is a solid (reflecting 

stronger attractive forces). Trends in observed melting and boiling points for the halogens clearly demonstrate this 

effect, as seen in Table 2.3. 

Melting and Boiling Points of the Halogens 

Halogen Molecular 

Mass 

Atomic Radius Melting Point Boiling Point 

fluorine, F2 
38 amu 72 pm 53 K 85 K 

chlorine, Cl2 
71 amu 99 pm 172 K 238 K 

bromine, Br2 
160 amu 114 pm 266 K 332 K 

iodine, I2 
254 amu 133 pm 387 K 457 K 

astatine, At2 
420 amu 150 pm 575 K 610 K 

Table 2.3: Melting and boiling points 

 

The increase in melting and boiling points with increasing atomic/molecular size may be rationalized by considering 

how the strength of dispersion forces is affected by the electronic structure of the atoms or molecules in the substance. 



 

In a larger atom, the valence electrons are, on average, farther from the nuclei than in a smaller atom. Thus, they 

are less tightly held and can more easily form the temporary dipoles that produce the attraction. The measure of how 

easy or difficult it is for another electrostatic charge (for example, a nearby ion or polar molecule) to distort a 

molecule’s charge distribution (its electron cloud) is known as polarizability. A molecule that has a charge cloud 

that is easily distorted is said to be very polarizable and will have large dispersion forces; one with a charge cloud 

that is difficult to distort is not very polarizable and will have small dispersion forces. 

 

Chemistry in Everyday Life  

Geckos and Intermolecular Forces 

Geckos have an amazing ability to adhere to most surfaces. They can quickly run up smooth walls and across ceilings 

that have no toeholds, and they do this without having suction cups or a sticky substance on their toes. And while a 

gecko can lift its feet easily as it walks along a surface, if you attempt to pick it up, it sticks to the surface. How are 

geckos (as well as spiders and some other insects) able to do this? Although this phenomenon has been investigated 

for hundreds of years, scientists only recently uncovered the details of the process that allows geckos’ feet to behave 

this way. 

Geckos’ toes are covered with hundreds of thousands of tiny hairs known as setae, with each seta, in turn, branching 

into hundreds of tiny, flat, triangular tips called spatulae. The huge numbers of spatulae on its setae provide a gecko, 

shown in Figure 2.44, with a large total surface area for sticking to a surface. In 2000, Kellar Autumn, who leads a 

multi-institutional gecko research team, found that geckos adhered equally well to both polar silicon dioxide and 

nonpolar gallium arsenide. This proved that geckos stick to surfaces because of dispersion forces—weak 

intermolecular attractions arising from temporary, synchronized charge distributions between adjacent molecules. 

Although dispersion forces are very weak, the total attraction over millions of spatulae is large enough to support 

many times the gecko’s weight. 

In 2014, two scientists developed a model to explain how geckos can rapidly transition from “sticky” to “non- 

sticky.” Alex Greaney and Congcong Hu at Oregon State University described how geckos can achieve this by 

changing the angle between their spatulae and the surface. Geckos’ feet, which are normally nonsticky, become 

sticky when a small shear force is applied. By curling and uncurling their toes, geckos can alternate between sticking 

and unsticking from a surface, and thus easily move across it. Further investigations may eventually lead to the 

development of better adhesives and other applications. 



 

 

Figure 2.44 Geckos’ toes contain large numbers of tiny hairs (setae), which branch into many triangular tips 

(spatulae). Geckos adhere to surfaces because of van der Waals attractions between the surface and a gecko’s millions 

of spatulae. By changing how the spatulae contact the surface, geckos can turn their stickiness “on” and “off.” (credit 

photo: modification of work by “JC*+A!”/Flickr) 

 

Dipole-Dipole Attractions 

Electronegativity 

Whether a bond is nonpolar or polar covalent is determined by a property of the bonding atoms called 

electronegativity. Electronegativity is a measure of the tendency of an atom to attract electrons (or electron density) 

towards itself. It determines how the shared electrons are distributed between the two atoms in a bond. The more 

strongly an atom attracts the electrons in its bonds, the larger its electronegativity. Electrons in a polar covalent bond 

are shifted toward the more electronegative atom; thus, the more electronegative atom is the one with the partial 

negative charge. The greater the difference in electronegativity, the more polarized the electron distribution and the 

larger the partial charges of the atoms. 

Figure 2.45 shows the electronegativity values of the elements as proposed by one of the most famous chemists of 

the twentieth century: Linus Pauling (Figure 2.46). In general, electronegativity increases from left to right across a 

period in the periodic table and decreases down a group. Thus, the nonmetals, which lie in the upper right, tend to 

have the highest electronegativities, with fluorine the most electronegative element of all (EN = 4.0). Metals tend to 

be less electronegative elements, and the group 1 metals have the lowest electronegativities. Note that noble gases are 

excluded from this figure because these atoms usually do not share electrons with others atoms since they have a full 

valence shell. (While noble gas compounds such as XeO2 do exist, they can only be formed under extreme conditions, 

and thus they do not fit neatly into the general model of electronegativity.) 

Link to Learning 

Watch this video (http://openstaxcollege.org/l/16kellaraut) to learn more about 

Kellar Autumn’s research that determined that van der Waals forces are 

responsible for a gecko’s ability to cling and climb. 

http://openstaxcollege.org/l/16kellaraut


 

 

Figure 2.45 The electronegativity values derived by Pauling follow predictable periodic trends with the higher 

electronegativities toward the upper right of the periodic table. 

 

Electronegativity describes how tightly an atom attracts electrons in a bond. It is a dimensionless quantity that is 

calculated, not measured. Pauling derived the first electronegativity values by comparing the amounts of energy 

required to break different types of bonds. He chose an arbitrary relative scale ranging from 0 to 4. 

 

Portrait of a Chemist 

Linus Pauling 

Linus Pauling, shown in Figure 2.46, is the only person to have received two unshared (individual) Nobel Prizes: one 

for chemistry in 1954 for his work on the nature of chemical bonds and one for peace in 1962    for his opposition to 

weapons of mass destruction. He developed many of the theories and concepts that are foundational to our current 

understanding of chemistry, including electronegativity and resonance structures. 

 

Figure 2.46 Linus Pauling (1901–1994) made many important contributions to the field of chemistry. He was also a 

prominent activist, publicizing issues related to health and nuclear weapons. 



 

Consequently, polar molecules have a partial positive charge on one side (least electronegative atom) and a partial 

negative charge on the other side of the molecule (most electronegative atom)—a separation of charge called a dipole. 

Consider a polar molecule such as hydrogen chloride, HCl. In the HCl molecule, the more electronegative Cl atom 

bears the partial negative charge, whereas the less electronegative H atom bears the partial positive charge. An 

attractive force between HCl molecules results from the attraction between the positive end of one HCl molecule and 

the negative end of another. This attractive force is called a dipole-dipole attraction—the electrostatic force between 

the partially positive end of one polar molecule and the partially negative end of another, as illustrated in Figure 

2.47. 

Figure 2.47 This image shows two arrangements of polar molecules, such as HCl, that allow an attraction between 

the partial negative end of one molecule and the partial positive end of another. 

 

The effect of a dipole-dipole attraction is apparent when we compare the properties of HCl molecules to nonpolar F2 

molecules. Both HCl and F2 consist of the same number of atoms and have approximately the same molecular mass. 

At a temperature of 150 K, molecules of both substances would have the same average KE. However, the dipole- 

dipole attractions between HCl molecules are sufficient to cause them to “stick together” to form a liquid, whereas 

the relatively weaker dispersion forces between nonpolar F2 molecules are not, and so this substance is gaseous      at 

this temperature. The higher normal boiling point of HCl (188 K) compared to F2 (85 K) is a reflection of the greater 

strength of dipole-dipole attractions between HCl molecules, compared to the attractions between nonpolar F2 

molecules. We will often use values such as boiling or freezing points, or enthalpies of vaporization or fusion, as 

indicators of the relative strengths of IMFs of attraction present within different substances. 

 

Example 2.7 

Dipole-Dipole Forces and Their Effects: Predict which will have the higher boiling point: N2 or CO. Explain your 

reasoning. 

Solution: 

CO and N2 are both diatomic molecules with masses of about 28 amu, so they experience similar London dispersion 

forces. Because CO is a polar molecule, it experiences dipole-dipole attractions. Because N2 is nonpolar, its 

molecules cannot exhibit dipole-dipole attractions. The dipole-dipole attractions between CO molecules are 

comparably stronger than the dispersion forces between nonpolar N2 molecules, so CO is expected to have the higher 

boiling point. 

Check Your Learning 

Predict which will have the higher boiling point: ICl or Br2. Explain your reasoning. 

Answer: ICl. ICl and Br2 have similar masses (~160 amu) and therefore experience similar London dispersion forces. 



 

ICl  is polar and thus also exhibits dipole-dipole attractions; Br2 is nonpolar and does not. The relatively stronger 

dipole-dipole attractions require more energy to overcome, so ICl will have the higher boiling point. 

 

Hydrogen Bonding 

Nitrosyl fluoride (ONF, molecular mass 49 atomic mass units) is a gas at room temperature. Water  (H2O, molecular 

mass 18  atomic mass units) is a liquid, even though it has a lower molecular mass. We  clearly cannot attribute this 

difference between    the two compounds to dispersion forces. Both molecules have about the same shape and ONF 

is the heavier and larger molecule. It is, therefore, expected to experience more significant dispersion forces. 

Additionally, we cannot attribute this difference in boiling points to differences in the dipole moments of the 

molecules. Both molecules are polar and exhibit comparable dipole moments. The large difference between the 

boiling points is due to a particularly strong dipole-dipole attraction that may occur when a molecule contains a 

hydrogen atom bonded to a fluorine, oxygen, or nitrogen atom (the three most electronegative elements). The very 

large difference in electronegativity between the H atom (2.1) and the atom to which it is bonded (4.0 for an F atom, 

3.5 for an O atom, or 3.0 for a N atom), combined with the very small size of a H atom and the relatively small sizes 

of F,  O, or N atoms, leads to highly concentrated partial charges with these atoms. Molecules with F-H, O-H, or N-

H moieties are very strongly attracted to similar moieties in nearby molecules, a particularly strong type of dipole-

dipole attraction called hydrogen bonding. Examples of hydrogen bonds include HF⋯HF, H2O⋯HOH, and 

H3N⋯HNH2, in which the hydrogen bonds are denoted by dots. Figure 2.48 illustrates hydrogen bonding between 

water molecules. 

 
 

Figure 2.48 Water molecules participate in multiple hydrogen-bonding interactions with nearby water molecules. 

 

Despite use of the word “bond,” keep in mind that hydrogen bonds are intermolecular attractive forces, not 

intramolecular attractive forces (covalent bonds). Hydrogen bonds are much weaker than covalent bonds, only about 

5 to 10% as strong, but are generally much stronger than other dipole-dipole attractions and dispersion forces. 

Hydrogen bonds have a pronounced effect on the properties of condensed phases (liquids and solids).  



 

How Sciences Interconnect 

Hydrogen Bonding and DNA 

Deoxyribonucleic acid (DNA) is found in every living organism and contains the genetic information that determines 

the organism’s characteristics, provides the blueprint for making the proteins necessary for life, and serves as a 

template to pass this information on to the organism’s offspring. A DNA molecule consists of two (anti-)parallel 

chains of repeating nucleotides, which form its well-known double helical structure, as shown in Figure 2.49. 

 

 

 

 

 

 

 

 

 

 

 

Figure 2.49 Two separate DNA molecules form a double-stranded helix in which the molecules are held together 

via hydrogen bonding. (credit: modification of work by Jerome Walker, Dennis Myts) 

 

Each nucleotide contains a (deoxyribose) sugar bound to a phosphate group on one side, and one of four nitrogenous 

bases on the other. Two of the bases, cytosine (C) and thymine (T), are single-ringed structures known as pyrimidines. 

The other two, adenine (A) and guanine (G), are double-ringed structures called purines. These bases form 

complementary base pairs consisting of one purine and one pyrimidine, with adenine pairing with thymine, and 

cytosine with guanine. Each base pair is held together by hydrogen bonding. A and T share two hydrogen bonds, C and 

G share three, and both pairings have a similar shape and structure Figure 2.50. 

 



 

 

Figure 2.50 The geometries of the base molecules result in maximum hydrogen bonding between adenine and 

thymine (AT) and between guanine and cytosine (GC), so-called “complementary base pairs.” 

 

The cumulative effect of millions of hydrogen bonds effectively holds the two strands of DNA together. Importantly, 

the two strands of DNA can relatively easily “unzip” down the middle since hydrogen bonds are relatively weak 

compared to the covalent bonds that hold the atoms of the individual DNA molecules together. This allows both 

strands to function as a template for replication.x Effect of the forces on the physical properties of liquids: 

When you pour a glass of water, or fill a car with gasoline, you observe that water and gasoline flow freely. But when 

you pour syrup on pancakes or add oil to a car engine, you note that syrup and motor oil do not flow as readily. The 

viscosity of a liquid is a measure of its resistance to flow. Water, gasoline, and other liquids that flow freely have a 

low viscosity. Honey, syrup, motor oil, and other liquids that do not flow freely, like those shown in Figure 2.51, 

have higher viscosities. We can measure viscosity by measuring the rate at which a metal ball falls through a liquid 

(the ball falls more slowly through a more viscous liquid) or by measuring the rate at which a liquid flows through a 

narrow tube (more viscous liquids flow more slowly). 

 



 

 

Figure 2.51 (a) Honey and (b) motor oil are examples of liquids with high viscosities; they flow slowly. (credit a: 

modification of work by Scott Bauer; credit b: modification of work by David Nagy) 

 

The IMFs between the molecules of a liquid, the size and shape of the molecules, and the temperature determine how 

easily a liquid flows. As Table 2.4 shows, the more structurally complex are the molecules in a liquid and  the stronger 

the IMFs between them, the more difficult it is for them to move past each other and the greater is the viscosity of 

the liquid. As the temperature increases, the molecules move more rapidly and their kinetic energies are better able 

to overcome the forces that hold them together; thus, the viscosity of the liquid decreases. 

 

Viscosities of Common Substances at 25 °C 

Substance Formula Viscosity (mPa·s) 

water H2O 0.890 

mercury Hg 1.526 

ethanol C2H5OH 1.074 

octane C8H18 0.508 

ethylene glycol CH2(OH)CH2(OH

) 

16.1 

honey variable ~2,000–10,000 

motor oil variable ~50–500 

Table 2.4: viscosity 

The various IMFs between identical molecules of a substance are examples of cohesive forces. The molecules within 

a liquid are surrounded by other molecules and are attracted equally in all directions by the cohesive forces within 

the liquid. However, the molecules on the surface of a liquid are attracted only by about one-half as many molecules. 



 

Because of the unbalanced molecular attractions on the surface molecules, liquids contract to form a shape that 

minimizes the number of molecules on the surface—that is, the shape with the minimum surface area. A small drop 

of liquid tends to assume a spherical shape, as shown in Figure 2.52, because in a sphere, the ratio of surface area to 

volume is at a minimum. Larger drops are more greatly affected by gravity, air resistance, surface interactions, and so 

on, and as a result, are less spherical. 

 

 

Figure 2.52 Attractive forces result in a spherical water drop that minimizes surface area; cohesive forces hold the 

sphere together; adhesive forces keep the drop attached to the web. (credit photo: modification of work by 

“OliBac”/Flickr) 

Surface tension is defined as the energy required to increase the surface area of a liquid, or the force required to 

increase the length of a liquid surface by a given amount. This property results from the cohesive forces between 

molecules at the surface of a liquid, and it causes the surface of a liquid to behave like a stretched rubber membrane. 

Surface tensions of several liquids are presented in Table 2.5. Among common liquids, water exhibits a distinctly 

high surface tension due to strong hydrogen bonding between its molecules. As a result of this high surface tension, 

the surface of water represents a relatively “tough skin” that can withstand considerable force without breaking. A 

steel needle carefully placed on water will float. Some insects, like the one shown in Figure 2.53, even though they 

are denser than water, move on its surface because they are supported by the surface tension. 

Surface Tensions of Common Substances at 25 °C 

Substance Formula Surface Tension (mN/m) 

water H2O 71.99 

mercury Hg 458.48 

ethanol C2H5OH 21.97 

octane C8H18 21.14 

ethylene glycol CH2(OH)CH2(OH) 47.99 

Table 2.3: Surface Tensions of Common Substances at 25 °C 

 



 

Figure 2.53 Surface tension (right) prevents this insect, a “water strider,” from sinking into the water. 

 

The IMFs of attraction between two different molecules are called adhesive forces. Consider what happens when 

water comes into contact with some surface. If the adhesive forces between water molecules and the molecules of the 

surface are weak compared to the cohesive forces between the water molecules, the water does not “wet” the surface. 

For example, water does not wet waxed surfaces or many plastics such as polyethylene. Water forms drops on these 

surfaces because the cohesive forces within the drops are greater than the adhesive forces between the water and the 

plastic. Water spreads out on glass because the adhesive force between water and glass is greater than the cohesive 

forces within the water. When water is confined in a glass tube, its meniscus (surface) has a concave shape because 

the water wets the glass and creeps up the side of the tube. On the other hand, the cohesive forces between mercury 

atoms are much greater than the adhesive forces between mercury and glass. Mercury therefore does not wet glass, 

and it forms a convex meniscus when confined in a tube because the cohesive forces within the mercury tend to draw 

it into a drop (Figure 2.54). 

 

Figure 2.54 Differences in the relative strengths of cohesive and adhesive forces result in different meniscus shapes 

for mercury (left) and water (right) in glass tubes. (credit: Mark Ott) 

 

If you place one end of a paper towel in spilled wine, as shown in Figure 2.55, the liquid wicks up the paper towel. A 

similar process occurs in a cloth towel when you use it to dry off after a shower. These are examples of capillary 

action—when a liquid flows within a porous material due to the attraction of the liquid molecules to the surface of 

the material and to other liquid molecules. The adhesive forces between the liquid and the porous material, combined 

with the cohesive forces within the liquid, may be strong enough to move the liquid upward against gravity. 

 



 

                  

Figure 2.55 Wine wicks up a paper towel (left) because of the strong attractions of water (and ethanol) molecules to 

the −OH groups on the towel’s cellulose fibers and the strong attractions of water molecules to other water (and 

ethanol) molecules (right). (credit photo: modification of work by Mark Blaser) 

 

Towels soak up liquids like water because the fibers of a towel are made of molecules that are attracted to water 

molecules. Most cloth towels are made of cotton, and paper towels are generally made from paper pulp. Both consist 

of long molecules of cellulose that contain many −OH groups. Water molecules are attracted to these −OH groups and 

form hydrogen bonds with them, which draws the H2O molecules up the cellulose molecules. The water molecules 

are also attracted to each other, so large amounts of water are drawn up the cellulose fibers. 

Capillary action can also occur when one end of a small diameter tube is immersed in a liquid, as illustrated in Figure 

2.56. If the liquid molecules are strongly attracted to the tube molecules, the liquid creeps up the inside of the tube 

until the weight of the liquid and the adhesive forces are in balance. The smaller the diameter of the tube is, the higher 

the liquid climbs. It is partly by capillary action occurring in plant cells called xylem that water and dissolved 

nutrients are brought from the soil up through the roots and into a plant. Capillary action is the basis for thin layer 

chromatography, a laboratory technique commonly used to separate small quantities of mixtures. You depend on a 

constant supply of tears to keep your eyes lubricated and on capillary action to pump tear fluid away. 

 

Figure 2.56 Depending upon the relative strengths of adhesive and cohesive forces, a liquid may rise (such as water) 

or fall (such as mercury) in a glass capillary tube. The extent of the rise (or fall) is directly proportional to the surface 

tension of the liquid and inversely proportional to the density of the liquid and the radius of the tube. 



 

Chemistry in Everyday Life in Everyday Life 

Biomedical Applications of Capillary Action 

Many medical tests require drawing a small amount of blood, for example to determine the amount of glucose in 

someone with diabetes or the hematocrit level in an athlete. This procedure can be easily done because   of capillary 

action, the ability of a liquid to flow up a small tube against gravity, as shown in Figure 2.56. When your finger is 

pricked, a drop of blood forms and holds together due to surface tension—the unbalanced intermolecular attractions 

at the surface of the drop. Then, when the open end of a narrow-diameter glass tube touches the drop of blood, the 

adhesive forces between the molecules in the blood and those at the glass surface draw the blood up the tube. How 

far the blood goes up the tube depends on the diameter of the tube (and the type of fluid). A small tube has a relatively 

large surface area for a given volume of blood, which results in larger (relative) attractive forces, allowing the blood 

to be drawn farther up the tube. The liquid itself is held together by its own cohesive forces. When the weight of the 

liquid in the tube generates a downward force equal to the upward force associated with capillary action, the liquid 

stops rising. 

 

 

 

 

 

 

 

 

 

Figure 2.56 Blood is collected for medical analysis by capillary action, which draws blood   into a small diameter 

glass tube. (credit: modification of work by Centers for Disease Control and Prevention) 

 

We witness and utilize changes of physical state, or phase transitions, in a great number of ways. As one example of 

global significance, consider the evaporation, condensation, freezing, and melting of water. These changes of state 

are essential aspects of our earth’s water cycle as well as many other natural phenomena and technological processes 

of central importance to our lives. The great distances between atoms and molecules in a gaseous phase, and the 

corresponding absence of any significant interactions between them, allows for simple descriptions of many physical 

properties that are the same for all gases, regardless of their chemical identities. In the liquid and solid states, these 

interactions are of considerable strength and play an important role in determining a number of physical properties 

that do depend on the chemical identity of the substance. In this chapter, the nature of these interactions and their 

effects on various physical properties of liquid and solid phases will be examined. 

 

 



 

2.6 Phase Changes 

By the end of this section, you will be able to: 

• Define phase changes 

• Describe the processes represented by typical heating and cooling curves, and compute heat flows 

accompanying these processes 

 

Vaporization and Condensation 

When a liquid vaporizes in a closed container, gas molecules cannot escape. As these gas phase molecules move 

randomly about, they will occasionally collide with the surface of the condensed phase, and in some cases, these 

collisions will result in the molecules re-entering the condensed phase. The change from the gas phase to the liquid is 

called condensation. When the rate of condensation becomes equal to the rate of vaporization, neither the amount 

of the liquid nor the amount of the vapor in the container changes. The vapor in the container is then said to be in 

equilibrium with the liquid. Keep in mind that this is not a static situation, as molecules are continually exchanged 

between the condensed and gaseous phases. Such is an example of a dynamic equilibrium, the status of a system in 

which reciprocal processes (for example, vaporization and condensation) occur at equal rates. The pressure exerted 

by the vapor in equilibrium with a liquid in a closed container at a given temperature is called the liquid’s vapor 

pressure (or equilibrium vapor pressure). The chemical identities of the molecules in a liquid determine the types 

(and strengths) of intermolecular attractions possible; consequently, different substances will exhibit different 

equilibrium vapor pressures. Relatively strong intermolecular attractive forces will serve to impede vaporization as 

well as favoring “recapture” of gas-phase molecules when they collide with the liquid surface, resulting in a relatively 

low vapor pressure. Weak intermolecular attractions present less of a barrier to vaporization, and a reduced likelihood 

of gas recapture, yielding relatively high vapor pressures.  

Boiling Points 

When the vapor pressure increases enough to equal the external atmospheric pressure, the liquid reaches its boiling 

point. The boiling point of a liquid is the temperature at which its equilibrium vapor pressure is equal to the pressure 

exerted on the liquid by its gaseous surroundings.  

Enthalpy of Vaporization 

Vaporization is an endothermic process. The cooling effect can be evident when you leave a swimming pool or a 

shower. When the water on your skin evaporates, it removes heat from your skin and causes you to feel cold. The 

energy change associated with the vaporization process is the enthalpy of vaporization, ΔHvap. also commonly called 

heat of vaporization. For example, the vaporization of water at standard temperature is endothermic (aborbs heat, 

hence positive value) and is represented by: 

H2 O(l) ⟶ H2 O(g) ΔHvap = 540 cal/g 

The reverse of an endothermic process is exothermic. And so, the condensation of a gas releases heat (note the 



 

negative sign): 

H2 O(g) ⟶ H2 O(l) ΔHcon = −ΔHvap = −540 cal/g 

 

Example 2.9 

Using Enthalpy of Vaporization: One way our body is cooled is by evaporation of the water in sweat (Figure 2.57). 

In very hot climates, we can lose as much as 1.5 L of sweat per day. Although sweat is not pure water, we can get an 

approximate value of the amount of heat removed by evaporation by assuming that it is. How much heat is required 

to evaporate 1.5 L of water (1.5 kg) at T = 37 °C (normal body temperature). 

 

Figure 2.57 Evaporation of sweat helps cool the body. (credit: “Kullez”/Flickr) 

1.5 𝐿 ×  
1000 𝑔

1 𝐿
 × 

540 𝑐𝑎𝑙

1 𝑔
 =  810 000 𝑐𝑎𝑙 = 810 𝑘𝑐𝑎𝑙 

Thus, 810 kcal of heat are removed by the evaporation of 1.5 L of water. 

Melting and Freezing 

When we heat a crystalline solid, we increase the average energy of its atoms, molecules, or ions and the solid gets 

hotter. At some point, the added energy becomes large enough to partially overcome the forces holding the molecules 

or ions of the solid in their fixed positions, and the solid begins the process of transitioning to the liquid state, or 

melting. At this point, the temperature of the solid stops rising, despite the continual input of heat, and it remains 

constant until all of the solid is melted. Only after all of the solid has melted will continued heating increase the 

temperature of the liquid (Figure 2.58). 

 

 



 

Figure 2.58 (a) This beaker of ice has a temperature of −12.0 °C. (b) After 10 minutes the ice has absorbed enough 

heat from the air to warm to 0 °C. A small amount has melted. (c) Thirty minutes later, the ice has absorbed more 

heat, but its temperature is still 0 °C. The ice melts without changing its temperature. (d) Only after all the ice has 

melted does the heat absorbed cause the temperature to increase to 22.2 °C. (credit: modification of work by Mark 

Ott) 

 

If we stop heating during melting and place the mixture of solid and liquid in a perfectly insulated container so no heat 

can enter or escape, the solid and liquid phases remain in equilibrium. This is almost the situation with a mixture of 

ice and water in a very good thermos bottle; almost no heat gets in or out, and the mixture of solid ice and liquid water 

remains for hours. In a mixture of solid and liquid at equilibrium, the reciprocal processes of melting and freezing 

occur at equal rates, and the quantities of solid and liquid therefore remain constant. The temperature at which the 

solid and liquid phases of a given substance are in equilibrium is called the melting point of the solid or the freezing 

point of the liquid. Use of one term or the other is normally dictated by the direction of the phase transition being 

considered, for example, solid to liquid (melting) or liquid to solid (freezing). 

The enthalpy (heat) of fusion and the melting point of a crystalline solid depend on the strength of the attractive 

forces between the units present in the crystal. Molecules with weak attractive forces form crystals with low melting 

points. Crystals consisting of particles with stronger attractive forces melt at higher temperatures. 

The amount of heat required to change one mole of a substance from the solid state to the liquid state is the enthalpy of 

fusion, ΔHfus of the substance. The enthalpy of fusion of ice is 80 cal/g at 0 °C. Fusion (melting) is an endothermic 

process: 

H2 O(s) ⟶ H2 O(l) ΔHfus = 80 cal/g 

The reciprocal process, freezing, is an exothermic process whose enthalpy change is −80 cal/g  at 0 °C: 

H2 O(l) ⟶ H2 O(s) ΔHfrz = −ΔHfus = −80 cal/g  

Sublimation and Deposition 

Some solids can transition directly into the gaseous state, bypassing the liquid state, via a process known as 

sublimation. At room temperature and standard pressure, a piece of dry ice (solid CO2) sublimes, appearing to 

gradually disappear without ever forming any liquid. Snow and ice sublime at temperatures below the melting point of 

water, a slow process that may be accelerated by winds and the reduced atmospheric pressures at high altitudes. When 

solid iodine is warmed, the solid sublimes and a vivid purple vapor forms (Figure 2.59). The reverse of sublimation is 

called deposition, a process in which gaseous substances condense directly into the solid state, bypassing the liquid 

state. The formation of frost is an example of deposition. 



 

 

Figure 2.59 Sublimation of solid iodine in the bottom of the tube produces a purple gas that subsequently deposits 

as solid iodine on the colder part of the tube above. (credit: modification of work by Mark Ott) 

 

Like vaporization, the process of sublimation requires an input of energy to overcome intermolecular attractions. The 

enthalpy of sublimation, ΔHsub, is the energy required to convert one mole of a substance from the solid to the gaseous 

state. For example, the sublimation of carbon dioxide is represented by: 

CO2(s) ⟶ CO2(g) ΔHsub = 142 cal/g 

Likewise, the enthalpy change for the reverse process of deposition is equal in magnitude but opposite in sign to that 

for sublimation: 

CO2(g) ⟶ CO2(s) ΔHdep = −ΔHsub = −142 cal/g 

Consider the extent to which intermolecular attractions must be overcome to achieve a given phase transition. 

Converting a solid into a liquid requires that these attractions be only partially overcome; transition to the gaseous 

state requires that they be completely overcome. As a result, the enthalpy of fusion for a substance is less than its 

enthalpy of vaporization.  

 

Heating and Cooling Curves 

As discussed earlier in this chapter, the relation between the amount of heat absorbed or released by a substance, q, 

and its accompanying temperature change, ΔT, is: 

q = m c ΔT 

where m is the mass of the substance and c is its specific heat. The relation applies to matter being heated or cooled, 

but not undergoing a change in state. When a substance being heated or cooled reaches a temperature corresponding 

to one of its phase transitions, further gain or loss of heat is a result of diminishing or enhancing intermolecular 

attractions, instead of increasing or decreasing molecular kinetic energies. While a substance is undergoing a change 

in state, its temperature remains constant. Figure 2.60 shows a typical heating curve. 



 

Consider the example of heating a pot of water to boiling. A stove burner will supply heat at a roughly constant rate; 

initially, this heat serves to increase the water’s temperature. When the water reaches its boiling point, the temperature 

remains constant despite the continued input of heat from the stove burner. This same temperature is maintained by 

the water as long as it is boiling. If the burner setting is increased to provide heat at a greater rate, the water 

temperature does not rise, but instead the boiling becomes more vigorous (rapid). This behavior is observed for other 

phase transitions as well: For example, temperature remains constant while the change of state is in progress. 

 

 

Figure 2.60 A typical heating curve for a substance depicts changes in temperature that result as the substance 

absorbs increasing amounts of heat. Plateaus in the curve (regions of constant temperature) are exhibited when the 

substance undergoes phase transitions. 

 

Example 2.10 

Total Heat Needed to Change Temperature and Phase for a Substance: How much heat is required to convert 

135 g of ice at −15 °C into water vapor at 120 °C? (Cice = 0.485 cal/g °C, Csteam = 0.400 cal/g °C) 

Solution: 

The transition described involves the following steps: 

1. Heat ice from −15 °C to 0 °C 

2. Melt ice 

3. Heat water from 0 °C to 100 °C 



 

4. Boil water 

5. Heat steam from 100 °C to 120 °C 

The heat needed to change the temperature of a given substance (with no change in phase) is: q = m × c × ΔT. The 

heat needed to induce a given change in phase is given by q = m × ΔH.    

Using these equations with the appropriate values for specific heat of ice, water, and steam, and enthalpies of fusion 

and vaporization, we have: 

𝑞𝑡𝑜𝑡𝑎𝑙 = (𝑚 ∗ 𝑐 ∗ ∆𝑇)𝐼𝑐𝑒 + 𝑚 ∗ ∆𝐻𝑓𝑢𝑠 + (𝑚 ∗ 𝑐 ∗ ∆𝑇)𝑤𝑎𝑡𝑒𝑟 + 𝑚 ∗ ∆𝐻𝑣𝑎𝑝 + (𝑚 ∗ 𝑐 ∗ ∆𝑇)𝑠𝑡𝑒𝑎𝑚 

       = 135𝑔 ∗ (0.485
𝑐𝑎𝑙

𝑔℃
) ∗ (15℃) + (135 𝑔 ∗  80

𝑐𝑎𝑙

𝑔
) 

+135 𝑔 ∗ (1.00
𝑐𝑎𝑙

𝑔℃
) ∗ (100°𝐶) + (135𝑔 ∗ 540

𝑐𝑎𝑙

𝑔
) + 135𝑔 ∗ (0.400

𝑐𝑎𝑙

𝑔℃
) ∗ (20℃)  

= 982 𝑐𝑎𝑙 +  10,800 𝑐𝑎𝑙 +  13,500 𝑐𝑎𝑙 +  72,900 𝑐𝑎𝑙 +  1,080 𝑐𝑎𝑙 = 99,262 𝑐𝑎𝑙 

𝑞𝑡𝑜𝑡𝑎𝑙 = 99.3 𝑘𝑐𝑎𝑙 

 

Assessment 2.5 

Steam burns are worse than burns arising from hot liquid water. This is because the gas phase steam must undergo a 

phase transition in which energy is transferred from the gas to the skin, in addition to the energy change associated 

with cooling hot 100 °C to body temperature.  If 15.00 g of steam at 100 °C cools on a body to 37 °C, how much 

energy in calories is absorbed by the body? 

Strategy: Energy is conserved, so the amount of energy absorbed by the body is equal to the sum of the energy loss 

by the water both the condensation, and the cooling process. 

Key Equations:   

𝑞𝑐𝑜𝑙𝑑 = −𝑞ℎ𝑜𝑡  

𝑞 = ∆𝐻𝑣𝑎𝑝 × 𝑚 

Step 1: Determine the energy involved in condensing the steam. The enthalpy of vaporization for water is 540 cal / 

g. Remember that because this steps is exothermic, a negative sign has to be used: 

𝑞𝑠𝑡𝑒𝑎𝑚 = − ∆𝐻𝑣𝑎𝑝  × 𝑚 

𝑞𝑠𝑡𝑒𝑎𝑚 =
− 540 𝑐𝑎𝑙

1 𝑔 
× 15.00 𝑔 = − 8,100 𝑐𝑎𝑙  

Step 2: Determine the energy involved in cooling the water.  

𝑞 = 𝑚 × 𝑐 × ∆𝑇 

𝑞 = 15.00 𝑔 × 1.00  
𝑐𝑎𝑙

𝑔×℃
× (37.0℃ − 100℃) 

𝑞 = −945 𝑐𝑎𝑙  

Step 3: Add the two energies together to determine the energy absorbed by the skin.  

𝑞 = 𝑞𝑐𝑜𝑛𝑑𝑒𝑛𝑠𝑖𝑛𝑔 + 𝑞𝑐𝑜𝑜𝑙𝑖𝑛𝑔 

𝑞 = −8,100 𝑐𝑎𝑙 − 945 𝑐𝑎𝑙 = -9,045 cal 

𝑞 = −9,045 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠 𝑎𝑟𝑒 𝑟𝑒𝑎𝑙𝑖𝑠𝑒𝑑 𝑎𝑛𝑑 𝑡ℎ𝑒𝑟𝑒𝑓𝑜𝑟𝑒 + 9,045 𝑐𝑎𝑙𝑜𝑟𝑖𝑒𝑠 𝑎𝑟𝑒 𝑎𝑏𝑠𝑜𝑟𝑏𝑒𝑑 𝑏𝑦 𝑡ℎ𝑒 𝑠𝑘𝑖𝑛 



 

The vast majority (~90%) of the energy imparted to skin comes from the phase change of steam back to liquid water. 

 

Assessment 2.6 

We sweat to cool our bodies down. Excess body heat provides energy used to vaporize the water our bodies secrete. 

If 10 mL of water is produced as sweat, how much energy is drained away from the body assuming the water directly 

vaporizes with no change in temperature? The enthalpy of vaporization of water is 540 cal/g 

Strategy: Use the enthalpy of vaporization of water to determine the energy gained by the water and lost by the 

body. 

Key Equations: 

𝑞𝑠𝑤𝑒𝑎𝑡 = −𝑞𝑏𝑜𝑑𝑦 

𝑞𝑠𝑤𝑒𝑎𝑡 = ∆𝐻𝑣𝑎𝑝 × 𝑚𝑤𝑎𝑡𝑒𝑟  

Step One: Determine the mass of water in 10.0 mL of water (the density of water is 1.00 g/ml) 

10 𝑚𝐿 𝐻2𝑂

1
×

1 𝑔  𝐻2𝑂

1 𝑚𝐿  𝐻2𝑂
= 10 𝑔  𝐻2𝑂  

Step Two: Calculate the energy needed to vaporize that number of moles of water.  

𝑞 =
540 𝑐𝑎𝑙

1 𝑔
× 10 𝑔 = 5,400 𝑐𝑎𝑙 = 5.4 𝑘𝑐𝑎𝑙 𝑎𝑟𝑒 𝑛𝑒𝑒𝑑 𝑡𝑜 𝑣𝑎𝑝𝑜𝑟𝑖𝑧𝑒 10 𝑚𝐿 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 

 

Chemistry in Everyday Life 

Decaffeinating Coffee Using Supercritical CO2 

Coffee is the world’s second most widely traded commodity, following only petroleum. Across the globe, people love 

coffee’s aroma and taste. Many of us also depend on one component of coffee caffeine to help us get going in the 

morning or stay alert in the afternoon. But late in the day, coffee’s stimulant effect can keep you from sleeping, so 

you may choose to drink decaffeinated coffee in the evening. 

Since the early 1900s, many methods have been used to decaffeinate coffee. All have advantages and disadvantages, 

and all depend on the physical and chemical properties of caffeine. Because caffeine is a somewhat polar molecule, 

it dissolves well in water, a polar liquid. However, since many of the other 400-plus compounds that contribute to 

coffee’s taste and aroma also dissolve in H2O, hot water decaffeination processes can also remove some of these 

compounds, adversely affecting the smell and taste of the decaffeinated coffee. Dichloromethane (CH2Cl2) and ethyl 

acetate (CH3CO2C2H5) have similar polarity to caffeine, and are therefore very effective solvents for caffeine 

extraction, but both also remove some flavor and aroma components, and their use requires long extraction and 

cleanup times. Because both of these solvents are toxic, health concerns have been raised regarding the effect of 

residual solvent remaining in the decaffeinated coffee. 

Supercritical fluid extraction using carbon dioxide is now being widely used as a more effective and environmentally 

friendly decaffeination method (Figure 2.61). At temperatures above 304.2 K and pressures above 7376 kPa, CO2 is 

a supercritical fluid, with properties of both gas and liquid. Like a gas, it penetrates deep into the coffee beans; like 



 

a liquid, it effectively dissolves certain substances. Supercritical carbon dioxide extraction of steamed coffee beans 

removes 97−99% of the caffeine, leaving coffee’s flavor and aroma compounds intact. Because CO2 is a gas under 

standard conditions, its removal from the extracted coffee beans is easily accomplished, as is the recovery of the 

caffeine from the extract. The caffeine recovered from coffee beans via this process is a valuable product that can be 

used subsequently as an additive to other foods 

 

 

Figure 2.61 (a) Caffeine molecules have both polar and nonpolar regions, making it soluble in solvents of varying 

polarities. (b) The schematic shows a typical decaffeination process involving supercritical carbon dioxide. 

 

Portrait of a Chemist 

X-ray Crystallographer Rosalind Franklin 

The discovery of the structure of DNA in 1953 by Francis Crick and James Watson is one of the great achievements 

in the history of science. They were awarded the 1962 Nobel Prize in Physiology or Medicine, along with Maurice 

Wilkins, who provided experimental proof of DNA’s structure. British chemist Rosalind Franklin made invaluable 

contributions to this monumental achievement through her work in measuring X-ray diffraction images of DNA. 

Early in her career, Franklin’s research on the structure of coals proved helpful to the British war effort. After shifting 

her focus to biological systems in the early 1950s, Franklin and doctoral student Raymond Gosling discovered that 

DNA consists of two forms: a long, thin fiber formed when wet (type “B”) and a short, wide fiber formed when dried 

(type “A”). Her X-ray diffraction images of DNA (Figure 2.62) provided the crucial information that allowed Watson 

and Crick to confirm that DNA forms a double helix, and to determine details of its size and structure. Franklin also 

conducted pioneering research on viruses and the RNA that contains their genetic information, uncovering new 

information that radically changed the body of knowledge in the field. After developing ovarian cancer, Franklin 

continued to work until her death in 1958 at age 37. Among many posthumous recognitions of her work, the Chicago 



 

Medical School of Finch University of Health Sciences changed its name to the Rosalind Franklin University of 

Medicine and Science in 2004 and adopted an image of her famous X-ray diffraction image of DNA as its official 

university logo. 

 

     Figure 2.62 

Key Terms 

adhesive force force of attraction between molecules of different chemical identities 

boiling point temperature at which the vapor pressure of a liquid equals the pressure of the gas above it 

bomb calorimeter device designed to measure the energy change for processes occurring under conditions of 

constant volume; commonly used for reactions involving solid and gaseous reactants or products 

calorie (cal) unit of heat or other energy; the amount of energy required to raise 1 gram of water by 1 degree Celsius; 

1 cal is defined as 4.184 J 

calorimeter device used to measure the amount of heat absorbed or released in a chemical or physical process 

calorimetry process of measuring the amount of heat involved in a chemical or physical process 

capillary action flow of liquid within a porous material due to the attraction of the liquid molecules to the surface 

of the material and to other liquid molecules 

chemical change change producing a different kind of matter from the original kind of matter 

chemical property behavior that is related to the change of one kind of matter into another kind of matter 

chemical thermodynamics area of science that deals with the relationships between heat, work, and all forms of 

energy associated with chemical and physical processes 

cohesive force force of attraction between identical molecules 

condensation change from a gaseous to a liquid state 

deposition change from a gaseous state directly to a solid state detectable change in the total amount of matter present 

dipole-dipole attraction intermolecular attraction between two permanent dipoles 

dispersion force (also, London dispersion force) attraction between two rapidly fluctuating, temporary dipoles; 

significant only when particles are very close together 

dynamic equilibrium state of a system in which reciprocal processes are occurring at equal rates 

endothermic process chemical reaction or physical change that absorbs heat 

energy capacity to supply heat or do work 



 

2 

enthalpy change (ΔH) heat released or absorbed by a system under constant pressure during a chemical or physical 

process 

exothermic process chemical reaction or physical change that releases heat 

extensive property property of a substance that depends on the amount of the substance 

freezing change from a liquid state to a solid state 

freezing point temperature at which the solid and liquid phases of a substance are in equilibrium; see also melting 

point 

gas state in which matter has neither definite volume nor shape 

heat (q) transfer of thermal energy between two bodies 

heat capacity (C) extensive property of a body of matter that represents the quantity of heat required to increase its 

temperature by 1 degree Celsius (or 1 kelvin) 

heterogeneous mixture combination of substances with a composition that varies from point to point 

homogeneous mixture (also, solution) combination of substances with a composition that is uniform throughout 

hydrogen bonding occurs when exceptionally strong dipoles attract; bonding that exists when hydrogen is bonded 

to one of the three most electronegative elements: F, O, or N 

induced dipole temporary dipole formed when the electrons of an atom or molecule are distorted by the instantaneous 

dipole of a neighboring atom or molecule 

instantaneous dipole temporary dipole that occurs for a brief moment in time when the electrons of an atom or 

molecule are distributed asymmetrically 

intensive property property of a substance that is independent of the amount of the substance 

intermolecular force noncovalent attractive force between atoms, molecules, and/or ions 

internal energy (U) total of all possible kinds of energy present in a substance or substances 

joule (J) SI unit of energy; 1 joule is the kinetic energy of an object with a mass of 2 kilograms moving with a 

velocity of 1 meter per second, 1 J = 1 kg m2/s and 4.184 J = 1 cal 

kinetic energy  energy of a moving body, in joules, equal to 1mv2 (where m = mass and v = velocity) 

liquid state of matter that has a definite volume but indefinite shape 

mass fundamental property indicating amount of matter 

matter anything that occupies space and has mass 

melting change from a solid state to a liquid state 

melting point temperature at which the solid and liquid phases of a substance are in equilibrium; see also freezing 

point 

mixture matter that can be separated into its components by physical means 

molecule bonded collection of two or more atoms of the same or different elements 



 

nutritional calorie (Calorie) unit used for quantifying energy provided by digestion of foods, defined as 1000 cal 

or 1 kcal 

physical change change in the state or properties of matter that does not involve a change in its chemical composition 

physical property characteristic of matter that is not associated with any change in its chemical composition 

plasma gaseous state of matter containing a large number of electrically charged atoms and/or molecules 

polarizability measure of the ability of a charge to distort a molecule’s charge distribution (electron cloud) 

potential energy energy of a particle or system of particles derived from relative position, composition, or condition 

pure substance homogeneous substance that has a constant composition 

solid state of matter that is rigid, has a definite shape, and has a fairly constant volume 

specific heat capacity (c) intensive property of a substance that represents the quantity of heat required to raise the 

temperature of 1 gram of the substance by 1 degree Celsius (or 1 kelvin) 

standard state set of physical conditions as accepted as common reference conditions for reporting thermodynamic 

properties; 1 bar of pressure, and solutions at 1 molar concentrations, usually at a temperature of 298.15 K 

sublimation change from solid state directly to gaseous state 

supercritical fluid substance at a temperature and pressure higher than its critical point; exhibits properties 

intermediate between those of gaseous and liquid states 

surface tension energy required to increase the area, or length, of a liquid surface by a given amount 

surroundings all matter other than the system being studied 

system portion of matter undergoing a chemical or physical change being studied 

temperature intensive property of matter that is a quantitative measure of “hotness” and “coldness” 

thermal energy kinetic energy associated with the random motion of atoms and molecules 

thermochemistry study of measuring the amount of heat absorbed or released during a chemical reaction or a 

physical change 

van der Waals force attractive or repulsive force between molecules, including dipole-dipole, dipole-induced dipole, 

and London dispersion forces; does not include forces due to covalent or ionic bonding, or the attraction between 

ions and molecules 

vapor pressure (also, equilibrium vapor pressure) pressure exerted by a vapor in equilibrium with a solid or a liquid 

at a given temperature 

vaporization change from liquid state to gaseous state 

viscosity measure of a liquid’s resistance to flow 

volume amount of space occupied by an object 

X-ray crystallography experimental technique for determining distances between atoms in a crystal by measuring 

the angles at which X-rays are diffracted when passing through the crystal 

Key Equation 



 

• q = c × m × ΔT = c × m × (Tfinal − Tinitial) 

Summary 

2.1 Phases and Classification of Matter 

Matter is anything that occupies space and has mass. The basic building block of matter is the atom, the smallest  unit 

of an element that can enter into combinations with atoms of the same or other elements. In many substances, atoms 

are combined into molecules. On earth, matter commonly exists in three states: solids, of fixed shape and volume; 

liquids, of variable shape but fixed volume; and gases, of variable shape and volume. Under high-temperature 

conditions, matter also can exist as a plasma. Most matter is a mixture: It is composed of two or more types of matter 

that can be present in varying amounts and can be separated by physical means. Heterogeneous mixtures vary in 

composition from point to point; homogeneous mixtures have the same composition from point to point. Pure 

substances consist of only one type of matter. A pure substance can be an element, which consists of only one type 

of atom and cannot be broken down by a chemical change, or a compound, which consists of two or more types of 

atoms. 

 

2.2 Physical and Chemical Properties 

All substances have distinct physical and chemical properties, and may undergo physical or chemical changes. 

Physical properties, such as hardness and boiling point, and physical changes, such as melting or freezing, do not 

involve a change in the composition of matter. Chemical properties, such flammability and acidity, and chemical 

changes, such as rusting, involve production of matter that differs from that present beforehand. Measurable 

properties fall into one of two categories. Extensive properties depend on the amount of matter present, for example, 

the mass of gold. Intensive properties do not depend on the amount of matter present, for example, the density of 

gold. Heat is an example of an extensive property, and temperature is an example of an intensive property. 

2.3 Energy Basics 

Energy is the capacity to do work (applying a force to move matter). Kinetic energy (KE) is the energy of motion; 

potential energy is energy due to relative position, composition, or condition. When energy is converted from one 

form into another, energy is neither created nor destroyed (law of conservation of energy or first law of 

thermodynamics).Matter has thermal energy due to the KE of its molecules and temperature that corresponds to the 

average KE of its molecules. Heat is energy that is transferred between objects at different temperatures; it flows 

from a high to a low temperature. Chemical and physical processes can absorb heat (endothermic) or release heat 

(exothermic). The SI unit of energy, heat, and work is the joule (J).Specific heat and heat capacity are measures of 

the energy needed to change the temperature of a substance or object. The amount of heat absorbed or released by a 

substance depends directly on the type of substance, its mass, and the temperature change it undergoes. 

2.4 Calorimetry 

Calorimetry is used to measure the amount of thermal energy transferred in a chemical or physical process. This 

requires careful measurement of the temperature change that occurs during the process and the masses of the system 



 

and surroundings. These measured quantities are then used to compute the amount of heat produced or consumed in 

the process using known mathematical relations. Calorimeters are designed to minimize energy exchange between 

the system being studied and its surroundings. They range from simple coffee cup calorimeters used by introductory 

chemistry students to sophisticated bomb calorimeters used to determine the energy content of food. 

2.5 Intermolecular Forces 

The physical properties of condensed matter (liquids and solids) can be explained in terms of the kinetic molecular 

theory. In a liquid, intermolecular attractive forces hold the molecules in contact, although they still have sufficient 

KE to move past each other. Intermolecular attractive forces, collectively referred to as van der Waals forces, are 

responsible for the behavior of liquids and solids and are electrostatic in nature. Dipole-dipole attractions result from 

the electrostatic attraction of the partial negative end of one dipolar molecule for the partial positive end of another. 

The temporary dipole that results from the motion of the electrons in an atom can induce a dipole in an adjacent atom 

and give rise to the London dispersion force. London forces increase with increasing molecular size. Hydrogen bonds 

are a special type of dipole- dipole attraction that results when hydrogen is bonded to one of the three most 

electronegative elements: F, O, or N.The intermolecular forces between molecules in the liquid state vary depending 

upon their chemical identities      and result in corresponding variations in various physical properties. Cohesive 

forces between like molecules are responsible for a liquid’s viscosity (resistance to flow) and surface tension 

(elasticity of a liquid surface). Adhesive forces between the molecules of a liquid and different molecules composing 

a surface in contact with the liquid are responsible for phenomena such as surface wetting and capillary rise. 

2.6 Phase Changes 

Phase changes are processes that convert matter from one physical state into another. There are six phase changes 

between the three phases of matter. Melting, vaporization, and sublimation are all endothermic processes, requiring 

an input of heat to overcome intermolecular attractions. The reciprocal transitions of freezing, condensation, and 

deposition are all exothermic processes, involving heat as intermolecular attractive forces are established or 

strengthened. The temperatures at which phase changes occur are determined by the relative strengths of 

intermolecular attractions and are, therefore, dependent on the chemical identity of the substance. 

 

Exercises 

2.1 Phases and Classification of Matter 

1. Why do we use an object's mass, rather than its weight, to indicate the amount of matter it contains? 

2. What properties distinguish solids from liquids? Liquids from gases? Solids from gases? 

3. How does a heterogeneous mixture differ from a homogeneous mixture? How are they similar? 

4. How does a homogeneous mixture differ from a pure substance? How are they similar? 

5. How does an element differ from a compound? How are they similar? 

6. How do molecules of elements and molecules of compounds differ? In what ways are they similar? 

7. How does an atom differ from a molecule? In what ways are they similar? 

8. Many of the items you purchase are mixtures of pure compounds. Select three of these commercial 



 

products and prepare a list of the ingredients that are pure compounds. 

9. Classify each of the following as an element, a compound, or a mixture: 

(a) copper 

(b) water 

(c) nitrogen 

(d) sulfur 

(e) air 

(f) sucrose 

(g) a substance composed of molecules each of which contains two iodine atoms 

(h) gasoline 

10. Classify each of the following as an element, a compound, or a mixture: 

(a) iron 

(b) oxygen 

(c) mercury oxide 

(d) pancake syrup 

(e) carbon dioxide 

(f) a substance composed of molecules each of which contains one hydrogen atom and one chlorine atom 

(g) baking soda 

(h) baking powder 

11. A sulfur atom and a sulfur molecule are not identical. What is the difference? 

12. How are the molecules in oxygen gas, the molecules in hydrogen gas, and water molecules similar? How 

do they differ? 

13. We refer to astronauts in space as weightless, but not without mass. Why? 

14. As we drive an automobile, we don't think about the chemicals consumed and produced. Prepare a list of 

the principal chemicals consumed and produced during the operation of an automobile. 

15. Matter is everywhere around us. Make a list by name of fifteen different kinds of matter that you 

encounter every day. Your list should include (and label at least one example of each) the following: a solid, a liquid, 

a gas, an element, a compound, a homogenous mixture, a heterogeneous mixture, and a pure substance. 

16. When elemental iron corrodes it combines with oxygen in the air to ultimately form red brown iron(III) 

oxide which we call rust. (a) If a shiny iron nail with an initial mass of 23.2 g is weighed after being coated in a layer 

of rust, would you expect the mass to have increased, decreased, or remained the same? Explain. (b) If the mass of 

the iron nail increases to 24.1 g, what mass of oxygen combined with the iron? 

17. As stated in the text, convincing examples that demonstrate the law of conservation of matter outside of 

the laboratory are few and far between. Indicate whether the mass would increase, decrease, or stay the same for the 

following scenarios where chemical reactions take place: 

(a) Exactly one pound of bread dough is placed in a baking tin. The dough is cooked in an oven at 350 °F 

releasing a wonderful aroma of freshly baked bread during the cooking process. Is the mass of the baked loaf less 



 

than, greater than, or the same as the one pound of original dough? Explain. 

(b) When magnesium burns in air a white flaky ash of magnesium oxide is produced. Is the mass of magnesium 

oxide less than, greater than, or the same as the original piece of magnesium? Explain. 

(c) Antoine Lavoisier, the French scientist credited with first stating the law of conservation of matter, heated 

a mixture of tin and air in a sealed flask to produce tin oxide. Did the mass of the sealed flask and contents decrease, 

increase, or remain the same after the heating? 

18. Yeast converts glucose to ethanol and carbon dioxide during anaerobic fermentation as depicted in the 

simple chemical equation here: 

glucose ⟶ ethanol + carbon dioxide 

(a) If 200.0 g of glucose is fully converted, what will be the total mass of ethanol and carbon dioxide produced? 

(b) If the fermentation is carried out in an open container, would you expect the mass of the container and 

contents after fermentation to be less than, greater than, or the same as the mass of the container and contents before 

fermentation? Explain. 

(c) If 97.7 g of carbon dioxide is produced, what mass of ethanol is produced? 

2.2 Physical and Chemical Properties 

19. Classify the six underlined properties in the following paragraph as chemical or physical: 

Fluorine is a pale yellow gas that reacts with most substances. The free element melts at −220 °C and boils at −188 

°C. Finely divided metals burn in fluorine with a bright flame. Nineteen grams of fluorine will react with 1.0 gram 

of hydrogen. 

20. Classify each of the following changes as physical or chemical: 

(a) condensation of steam 

(b) burning of gasoline 

(c) souring of milk 

(d) dissolving of sugar in water 

(e) melting of gold 

21. Classify each of the following changes as physical or chemical: 

(a) coal burning 

(b) ice melting 

(c) mixing chocolate syrup with milk 

(d) explosion of a firecracker 

(e) magnetizing of a screwdriver 

22. The volume of a sample of oxygen gas changed from 10 mL to 11 mL as the temperature changed. Is this 

a chemical or physical change? 

23. A 2.0-liter volume of hydrogen gas combined with 1.0 liter of oxygen gas to produce 2.0 liters of water 

vapor. Does oxygen undergo a chemical or physical change? 

24. Explain the difference between extensive properties and intensive properties. 



 

25. Identify the following properties as either extensive or intensive. 

(a) volume 

(b) temperature 

(c) humidity 

(d) heat 

(e) boiling point 

26. The density (d) of a substance is an intensive property that is defined as the ratio of its mass (m) to its 

volume 

(V). 𝐷𝑒𝑛𝑠𝑖𝑡𝑦 =  
𝑚𝑎𝑠𝑠

𝑣𝑜𝑙𝑢𝑚𝑒 
     𝑑 =  

𝑚

𝑉
 

Considering that mass and volume are both extensive properties, explain why their ratio, density, is intensive. 

2.3 Energy Basics 

27. A burning match and a bonfire may have the same temperature, yet you would not sit around a burning 

match on a fall evening to stay warm. Why not? 

28. Prepare a table identifying several energy transitions that take place during the typical operation of an 

automobile. 

29. Explain the difference between heat capacity and specific heat of a substance. 

30. Calculate the heat capacity, in joules and in calories per degree, of the following: 

(a) 28.4 g of water 

(b) 1.00 oz of lead 

(c) Calculate the heat capacity, in joules and in calories per degree, of the following: 

(d) 45.8 g of nitrogen gas 

(e) 1.00 pound of aluminum metal 

31. How much heat, in joules and in calories, must be added to a 75.0–g iron block with a specific heat of 

0.449 J/g 

°C to increase its temperature from 25 °C to its melting temperature of 1535 °C? 

32. How much heat, in joules and in calories, is required to heat a 28.4-g (1-oz) ice cube from −23.0 °C to 

−1.0 °C? 

33. How much would the temperature of 275 g of water increase if 36.5 kJ of heat were added? 

34. If 14.5 kJ of heat were added to 485 g of liquid water, how much would its temperature increase? 

35. A piece of unknown substance weighs 44.7 g and requires 2110 J to increase its temperature from 23.2 

°C to 89.6 °C. 

(a) What is the specific heat of the substance? 

(b) If it is one of the substances found in Table 2.1, what is its likely identity? 

36. A piece of unknown solid substance weighs 437.2 g, and requires 8460 J to increase its temperature from   

19.3°C to 68.9 °C. 

(a) What is the specific heat of the substance? 



 

(b) If it is one of the substances found in Table 2.1, what is its likely identity? 

37. An aluminum kettle weighs 1.05 kg. 

(a) What is the heat capacity of the kettle? 

(b) How much heat is required to increase the temperature of this kettle from 23.0 °C to 99.0 °C? 

(c) How much heat is required to heat this kettle from 23.0 °C to 99.0 °C if it contains 1.25 L of water (density 

of 0.997 g/mL and a specific heat of 4.184 J/g °C)? 

2.4 Calorimetry 

1. A 500-mL bottle of water at room temperature and a 2-L bottle of water at the same temperature were 

placed in a refrigerator. After 30 minutes, the 500-mL bottle of water had cooled to the temperature of the refrigerator. 

An hour later, the 2-L of water had cooled to the same temperature. When asked which sample of water lost the most 

heat, one student replied that both bottles lost the same amount of heat because they started at the same temperature 

and finished at the same temperature. A second student thought that the 2-L bottle of water lost more heat because 

there was more water. A third student believed that the 500-mL bottle of water lost more heat because it cooled more 

quickly. A fourth student thought that it was not possible to tell because we do not know the initial temperature and 

the final temperature of the water. Indicate which of these answers is correct and describe the error in each of the 

other answers. 

2. Would the amount of heat measured for the reaction in Example 2.5 be greater, lesser, or remain the same 

if we used a calorimeter that was a poorer insulator than a coffee cup calorimeter? Explain your answer. 

3. Would the amount of heat absorbed by the dissolution in Example 2.6 appear greater, lesser, or remain 

the same if the experimenter used a calorimeter that was a poorer insulator than a coffee cup calorimeter? Explain 

your answer. 

4. Would the amount of heat absorbed by the dissolution in Example 2.6 appear greater, lesser, or remain 

the same if the heat capacity of the calorimeter were taken into account? Explain your answer. 

5. How many milliliters of water at 23 °C with a density of 1.00 g/mL must be mixed with 180 mL (about 6 

oz) of coffee at 95 °C so that the resulting combination will have a temperature of 60 °C? Assume that coffee and 

water have the same density and the same specific heat. 

6. How much will the temperature of a cup (180 g) of coffee at 95 °C be reduced when a 45 g silver spoon 

(specific heat 0.24 J/g °C) at 25 °C is placed in the coffee and the two are allowed to reach the same temperature? 

Assume that the coffee has the same density and specific heat as water. 

7. A 45-g aluminum spoon (specific heat 0.88 J/g °C) at 24 °C is placed in 180 mL (180 g) of coffee at 85 

°C and the temperature of the two become equal. 

(a) What is the final temperature when the two become equal? Assume that coffee has the same specific heat 

as water. 

(b) The first time a student solved this problem she got an answer of 88 °C. Explain why this is clearly an 

incorrect answer. 

8. The temperature of the cooling water as it leaves the hot engine of an automobile is 240 °F. After it passes 

through the radiator it has a temperature of 175 °F. Calculate the amount of heat transferred from the engine to the 



 

surroundings by one gallon of water with a specific heat of 4.184 J/g °C. 

9. A 70.0-g piece of metal at 80.0 °C is placed in 100 g of water at 22.0 °C contained in a calorimeter like 

that shown in Figure 2.12. The metal and water come to the same temperature at 24.6 °C. How much heat did the 

metal give up to the water? What is the specific heat of the metal? 

10. If a reaction produces 1.506 kJ of heat, which is trapped in 30.0 g of water initially at 26.5 °C in a 

calorimeter like that in Figure 2.12, what is the resulting temperature of the water? 

11. A 0.500-g sample of KCl is added to 50.0 g of water in a calorimeter (Figure 2.12). If the temperature 

decreases by 1.05 °C, what is the approximate amount of heat involved in the dissolution of the KCl, assuming the 

specific heat of the resulting solution is 4.18 J/g °C? Is the reaction exothermic or endothermic? 

12. Dissolving 3.0 g of CaCl2(s) in 150.0 g of water in a calorimeter (Figure 2.12) at 22.4 °C causes the 

temperature to rise to 25.8 °C. What is the approximate amount of heat involved in the dissolution, assuming the 

specific heat of the resulting solution is 4.18 J/g °C? Is the reaction exothermic or endothermic? 

13. When 50.0 g of 0.200 M NaCl(aq) at 24.1 °C is added to 100.0 g of 0.100 M AgNO3(aq) at 24.1 °C in a 

calorimeter, the temperature increases to 25.2 °C as AgCl(s) forms. Assuming the specific heat of the solution and 

products is 4.20 J/g °C, calculate the approximate amount of heat in joules produced. 

14. When 1.0 g of fructose, C6H12O6(s), a sugar commonly found in fruits, is burned in oxygen in a bomb 

calorimeter, the temperature of the calorimeter increases by 1.58 °C. If the heat capacity of the calorimeter and its 

contents is 9.90 kJ/°C, what is q for this combustion? 

15. The amount of fat recommended for someone with a daily diet of 2000 Calories is 65 g. What percent of 

the calories in this diet would be supplied by this amount of fat if the average number of Calories for fat is 

9.1 Calories/g? 

16. A teaspoon of the carbohydrate sucrose (common sugar) contains 16 Calories (16 kcal). What is the mass 

of one teaspoon of sucrose if the average number of Calories for carbohydrates is 4.1 Calories/g? 

17. What is the maximum mass of carbohydrate in a 6-oz serving of diet soda that contains less than 1 Calorie 

per can if the average number of Calories for carbohydrates is 4.1 Calories/g? 

18. A pint of premium ice cream can contain 1100 Calories. What mass of fat, in grams and pounds, must be 

produced in the body to store an extra 1.1 × 103 Calories if the average number of Calories for fat is 

9.1 Calories/g? 

19. A serving of a breakfast cereal contains 3 g of protein, 18 g of carbohydrates, and 6 g of fat. What is the 

Calorie content of a serving of this cereal if the average number of Calories for fat is 9.1 Calories/g, for carbohydrates 

is 4.1 Calories/g, and for protein is 4.1 Calories/g? 

2.5 Intermolecular Forces 

1. In terms of their bulk properties, how do liquids and solids differ? How are they similar? 

2. In terms of the kinetic molecular theory, in what ways are liquids similar to solids? In what ways are liquids 

different from solids? 

3. In terms of the kinetic molecular theory, in what ways are liquids similar to gases? In what ways are liquids 

different from gases? 



 

4. Explain why liquids assume the shape of any container into which they are poured, whereas solids are rigid 

and retain their shape. 

5. What is the evidence that all neutral atoms and molecules exert attractive forces on each other? 

6. Open the PhET States of Matter Simulation (http://openstaxcollege.org/l/16phetvisual) to answer the 

following questions: 

(a) Select the Solid, Liquid, Gas tab. Explore by selecting different substances, heating and cooling the systems, 

and changing the state. What similarities do you notice between the four substances for each phase (solid, liquid, 

gas)? What differences do you notice? 

(b) For each substance, select each of the states and record the given temperatures. How do the given 

temperatures for each state correlate with the strengths of their intermolecular attractions? Explain. 

(c) Select the Interaction Potential tab, and use the default neon atoms. Move the Ne atom on the right and 

observe how the potential energy changes. Select the Total Force button, and move the Ne atom as before. When is 

the total force on each atom attractive and large enough to matter? Then select the Component Forces button, and 

move the Ne atom. When do the attractive (van der Waals) and repulsive (electron overlap) forces balance? How 

does this relate to the potential energy versus the distance between atoms graph? Explain. 

7. Define the following and give an example of each: 

(a) dispersion force 

(b) dipole-dipole attraction 

(c) hydrogen bond 

8. The types of intermolecular forces in a substance are identical whether it is a solid, a liquid, or a gas. Why 

then does a substance change phase from a gas to a liquid or to a solid? 

9. The molecular mass of butanol, C4H9OH, is 74.14; that of ethylene glycol, CH2(OH)CH2OH, is 62.08, 

yet their boiling points are 117.2 °C and 174 °C, respectively. Explain the reason for the difference. 

10. On the basis of intermolecular attractions, explain the differences in the boiling points of n–butane (−1 

°C) and chloroethane (12 °C), which have similar molar masses. 

11. On the basis of dipole moments and/or hydrogen bonding, explain in a qualitative way the differences in 

the boiling points of acetone (56.2 °C) and 1-propanol (97.4 °C), which have similar molar masses. 

12. The melting point of H2O(s) is 0 °C. Would you expect the melting point of H2S(s) to be −85 °C, 0 °C, 

or 185 

°C? Explain your answer. 

13. Proteins are chains of amino acids that can form in a variety of arrangements, one of which is a helix. 

What kind of IMF is responsible for holding the protein strand in this shape? On the protein image, show the locations 

of the IMFs that hold the protein together: 

 

14. The test tubes shown here contain equal amounts of the specified motor oils. Identical metal spheres were 

http://openstaxcollege.org/l/16phetvisual


 

dropped at the same time into each of the tubes, and a brief moment later, the spheres had fallen to the heights 

indicated in the illustration. 

Rank the motor oils in order of increasing viscosity, and explain your reasoning: 

15. Although steel is denser than water, a steel needle or paper clip placed carefully lengthwise on the surface 

of still water can be made to float. Explain at a molecular level how this is possible: 

 

Figure 2.67 (credit: Cory Zanker) 

16. The surface tension and viscosity of water at several different temperatures are given in this table. 

Water 
Surface Tension (mN/m) Viscosity (mPa s) 

0 °C 
75.6 1.79 

20 °C 
72.8 1.00 

60 °C 
66.2 0.47 

100 °C 
58.9 0.28 

 

(a) As temperature increases, what happens to the surface tension of water? Explain why this occurs, in terms 

of molecular interactions and the effect of changing temperature. 

(b) As temperature increases, what happens to the viscosity of water? Explain why this occurs, in terms of 

molecular interactions and the effect of changing temperature. 



 

2.6 Phase Changes 

17. Heat is added to boiling water. Explain why the temperature of the boiling water does not change. What 

does change? 

18. Heat is added to ice at 0 °C. Explain why the temperature of the ice does not change. What does change? 

19. What feature characterizes the dynamic equilibrium between a liquid and its vapor in a closed container? 

20. What is the relationship between the intermolecular forces in a liquid and its vapor pressure? 

21. What is the relationship between the intermolecular forces in a solid and its melting temperature? 

22. Explain the following observation: Perspiring is a mechanism for cooling the body. 

23. Ethyl chloride (boiling point, 13 °C) is used as a local anesthetic. When the liquid is sprayed on the skin, 

it cools the skin enough to freeze and numb it. Explain the cooling effect of liquid ethyl chloride. 

24. How much heat is required to convert 422 g of liquid H2O at 23.5 °C into steam at 150 °C? 

25. Evaporation of sweat requires energy and thus take excess heat away from the body. Some of the water 

that you drink may eventually be converted into sweat and evaporate. If you drink a 20-ounce bottle of water that 

had been in the refrigerator at 3.8 °C, how much heat is needed to convert all of that water into sweat and then to 

vapor? (Note: Your body temperature is 36.6 °C. For the purpose of solving this problem, assume that the thermal 

properties of sweat are the same as for water.) 


