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1.1: Structure Determines Properties

Here on Earth, we all live in a state of gravity. Not only us, but everything around us, including water, is being pulled towards the
center of the planet by gravity. True, it is nice that our dogs don't float off into space, but when a child drops their ice cream (which
is full of water, by the way) they don't have to know about gravity to be upset

Floating Water in Zero Gravity: Once again, astronauts on the International Space Station dissolved an effervescent tablet in a
floating ball of water, and captured images using a camera capable of recording four times the resolution of normal high-definition
cameras. The higher resolution images and higher frame rate videos can reveal more information when used on science
investigations, giving researchers a valuable new tool aboard the space station. This footage is one of the first of its kind. The
cameras are being evaluated for capturing science data and vehicle operations by engineers at NASA's Marshall Space Flight
Center in Huntsville, Alabama.

If you go far enough out in space, for instance, onto the International Space Station, gravity becomes negligible, and the laws of
physics act differently than here on Earth. Just how might water act in a place of zero gravity? This video above from NASA gives
you a good idea of how different water behaves when the effects if gravity are counteracted.

Actually, on the International Space Station, there is plenty of gravity—according to NASA scientists, the pull of Earth's gravity on
the space station and its occupants is substantial: about 90 percent of the force at the Earth's surface. But since the space station is
continuously falling around our planet, the astronauts and objects on board are in a kind of free-fall, too, and feel nearly weightless.
Water on the space station behaves as if in a zero-gravity environment.

This unique picture shows not only a water drop but also an air bubble inside of the water drop. Notice they both behave the
same....according to the laws of physics in space. They both form spheres. This makes sense, as without gravity to tug downward,
the forces governing the objects are all the same. So, the water drop (and air bubble) form themselves so they occupy a shape
having the least amount of surface area, which is a sphere. On Earth, gravity distorts the shape, but not in space.

Consider what would happen on Earth: The air bubble, lighter than water, would race upward to burst through the surface of the
droplet. In space, the air bubble doesn't rise because it is no lighter than the water around it—there's no buoyancy. The droplet
doesn't fall from the leaf because there's no force to pull it off. It's stuck there by molecular adhesion.

Sticky water. No buoyancy. These are some of the factors space-farers must take into account when they plan their space gardens.
If water is sprayed onto the base of the plant will it trickle down to the roots? More likely it will stick to the stem or adhere to the
material in which the plant grows. As humans spend more time and go farther out in space in the future, the physics of "space
water" will need to be well understood.
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1.2: Solids, Liquids, and Gases- A Molecular Comparison

4} Learning Objectives

e To be familiar with the kinetic molecular description of liquids.

The physical properties of a substance depends upon its physical state. Water vapor, liquid water and ice all have the same chemical
properties, but their physical properties are considerably different. In general covalent bonds determine: molecular shape, bond
energies, chemical properties, while intermolecular forces (non-covalent bonds) influence the physical properties of liquids and
solids. The kinetic molecular theory of gases gives a reasonably accurate description of the behavior of gases. A similar model can

be applied to liquids, but it must take into account the nonzero volumes of particles and the presence of strong intermolecular
attractive forces.

Figure 1.2.1: The three common states of matter. From the left, they are solid, liquid, and gas, represented by an ice sculpture, a

drop of water, and the air around clouds, respectively. Images used with permission from Wikipedia.
The state of a substance depends on the balance between the kinetic energy of the individual particles (molecules or atoms) and the
intermolecular forces. The kinetic energy keeps the molecules apart and moving around, and is a function of the temperature of the
substance. The intermolecular forces are attractive forces that try to draw the particles together (Figure 1.2.2). A discussed
previously, gasses are very sensitive to temperatures and pressure. However, these also affect liquids and solids too. Heating and
cooling can change the kinetic energy of the particles in a substance, and so, we can change the physical state of a substance by

heating or cooling it. Increasing the pressure on a substance forces the molecules closer together, which increases the strength of
intermolecular forces.

Molecular level picture of gases, liquids and solids.
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Figure 1.2.2: Molecular level picture of gases, liquids and solids.

Below is an overview of the general properties of the three different phases of matter.

Properties of Gases

e A collection of widely separated molecules

o The kinetic energy of the molecules is greater than any attractive forces between the molecules

o The lack of any significant attractive force between molecules allows a gas to expand to fill its container
o If attractive forces become large enough, then the gases exhibit non-ideal behavior

Properties of Liquids

o The intermolecular attractive forces are strong enough to hold molecules close together
¢ Liquids are more dense and less compressible than gasses
¢ Liquids have a definite volume, independent of the size and shape of their container
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o The attractive forces are not strong enough, however, to keep neighboring molecules in a fixed position and molecules are free
to move past or slide over one another

I Thus, liquids can be poured and assume the shape of their containers.

Properties of Solids

e The intermolecular forces between neighboring molecules are strong enough to keep them locked in position
o Solids (like liquids) are not very compressible due to the lack of space between molecules
o If the molecules in a solid adopt a highly ordered packing arrangement, the structures are said to be crystalline

I Due to the strong intermolecular forces between neighboring molecules, solids are rigid.

e Cooling a gas may change the state to a liquid

e Cooling a liquid may change the state to a solid

o Increasing the pressure on a gas may change the state to a liquid
o Increasing the pressure on a liquid may change the state to a solid

Video 1.2.1: Video highlighting the properties for the three states of matter. Source found at www.youtube.com/watch?v=s-
KvoVzukHo.

Physical Properties of Liquids

In a gas, the distance between molecules, whether monatomic or polyatomic, is very large compared with the size of the molecules;
thus gases have a low density and are highly compressible. In contrast, the molecules in liquids are very close together, with
essentially no empty space between them. As in gases, however, the molecules in liquids are in constant motion, and their kinetic
energy (and hence their speed) depends on their temperature. We begin our discussion by examining some of the characteristic
properties of liquids to see how each is consistent with a modified kinetic molecular description.

The properties of liquids can be explained using a modified version of the described previously.
This model explains the higher density, greater order, and lower compressibility of liquids versus gases; the thermal expansion of
liquids; why they diffuse; and why they adopt the shape (but not the volume) of their containers. A kinetic molecular description of
liquids must take into account both the nonzero volumes of particles and the presence of strong intermolecular attractive forces.
Solids and liquids have particles that are fairly close to one another, and are thus called "condensed phases" to distinguish them
from gases

o Density: The molecules of a liquid are packed relatively close together. Consequently, liquids are much denser than gases. The
density of a liquid is typically about the same as the density of the solid state of the substance. Densities of liquids are therefore
more commonly measured in units of grams per cubic centimeter (g/cm?) or grams per milliliter (g/mL) than in grams per liter
(g/L), the unit commonly used for gases.

¢ Molecular Order: Liquids exhibit short-range order because strong intermolecular attractive forces cause the molecules to
pack together rather tightly. Because of their higher kinetic energy compared to the molecules in a solid, however, the molecules
in a liquid move rapidly with respect to one another. Thus unlike the ions in the ionic solids, the molecules in liquids are not
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arranged in a repeating three-dimensional array. Unlike the molecules in gases, however, the arrangement of the molecules in a
liquid is not completely random.

o Compressibility: Liquids have so little empty space between their component molecules that they cannot be readily
compressed. Compression would force the atoms on adjacent molecules to occupy the same region of space.

o Thermal Expansion: The intermolecular forces in liquids are strong enough to keep them from expanding significantly when
heated (typically only a few percent over a 100°C temperature range). Thus the volumes of liquids are somewhat fixed. Notice
from Table S1 (with a shorten version in Table 1.2.1) that the density of water, for example, changes by only about 3% over a
90-degree temperature range.

Table 1.2.1: The Density of Water at Various Temperatures

T (°C) Density (g/cm?)
0 0.99984
30 0.99565
60 0.98320
90 0.96535

o Diffusion: Molecules in liquids diffuse because they are in constant motion. A molecule in a liquid cannot move far before
colliding with another molecule, however, so the mean free path in liquids is very short, and the rate of diffusion is much slower
than in gases.

o Fluidity: Liquids can flow, adjusting to the shape of their containers, because their molecules are free to move. This freedom of
motion and their close spacing allow the molecules in a liquid to move rapidly into the openings left by other molecules, in turn
generating more openings, and so forth (Figure 1.2.3).

Figure 1.2.3: Why Liquids Flow. Molecules in a liquid are in constant motion. Consequently, when the flask is tilted, molecules
move to the left and down due to the force of gravity, and the openings are occupied by other molecules. The result is a net flow of
liquid out of the container. (CC BY-SA-NC; Anonymous vy request).
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1.3: Intermolecular Forces- The Forces that Hold Condensed Phases Together

4} Learning Objectives

e To describe the intermolecular forces in liquids.

The properties of liquids are intermediate between those of gases and solids, but are more similar to solids. In contrast to
intramolecular forces, such as the covalent bonds that hold atoms together in molecules and polyatomic ions, intermolecular forces
hold molecules together in a liquid or solid. Intermolecular forces are generally much weaker than covalent bonds. For example, it
requires 927 kJ to overcome the intramolecular forces and break both O—H bonds in 1 mol of water, but it takes only about 41 kJ to
overcome the intermolecular attractions and convert 1 mol of liquid water to water vapor at 100°C. (Despite this seemingly low
value, the intermolecular forces in liquid water are among the strongest such forces known!) Given the large difference in the
strengths of intra- and intermolecular forces, changes between the solid, liquid, and gaseous states almost invariably occur for
molecular substances without breaking covalent bonds.

The properties of liquids are intermediate between those of gases and solids, but are more
similar to solids.

Intermolecular forces determine bulk properties, such as the melting points of solids and the boiling points of liquids. Liquids boil
when the molecules have enough thermal energy to overcome the intermolecular attractive forces that hold them together, thereby
forming bubbles of vapor within the liquid. Similarly, solids melt when the molecules acquire enough thermal energy to overcome
the intermolecular forces that lock them into place in the solid.

Intermolecular forces are electrostatic in nature; that is, they arise from the interaction between positively and negatively charged
species. Like covalent and ionic bonds, intermolecular interactions are the sum of both attractive and repulsive components.
Because electrostatic interactions fall off rapidly with increasing distance between molecules, intermolecular interactions are most
important for solids and liquids, where the molecules are close together. These interactions become important for gases only at very
high pressures, where they are responsible for the observed deviations from the ideal gas law at high pressures.

In this section, we explicitly consider three kinds of intermolecular interactions. There are two additional types of electrostatic
interaction that you are already familiar with: the ion—ion interactions that are responsible for ionic bonding, and the ion—dipole
interactions that occur when ionic substances dissolve in a polar substance such as water. The first two are often described
collectively as van der Waals forces.

Dipole—Dipole Interactions

Polar covalent bonds behave as if the bonded atoms have localized fractional charges that are equal but opposite (i.e., the two
bonded atoms generate a dipole). If the structure of a molecule is such that the individual bond dipoles do not cancel one another,
then the molecule has a net dipole moment. Molecules with net dipole moments tend to align themselves so that the positive end of
one dipole is near the negative end of another and vice versa, as shown in Figure 1.3.1a.

Figure 1.3.1: Attractive and Repulsive Dipole-Dipole Interactions. (a and b) Molecular orientations in which the positive end of
one dipole (§) is near the negative end of another (§7) (and vice versa) produce attractive interactions. (c and d) Molecular
orientations that juxtapose the positive or negative ends of the dipoles on adjacent molecules produce repulsive interactions. (CC
BY-SA-NC; anonymous)
These arrangements are more stable than arrangements in which two positive or two negative ends are adjacent (Figure 1.3.10).
Hence dipole—dipole interactions, such as those in Figure 1.3.14, are attractive intermolecular interactions, whereas those in Figure
1.3.1d are repulsive intermolecular interactions. Because molecules in a liquid move freely and continuously, molecules always
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experience both attractive and repulsive dipole—dipole interactions simultaneously, as shown in Figure 1.3.2. On average, however,
the attractive interactions dominate.

Figure 1.3.2: Both attractive and repulsive dipole—dipole interactions occur in a liquid sample with many molecules. (CC BY-SA-
NC; anonymous)

The green arrows pointing towards each other represent attraction. The gray arrows pointing away from each other represent

repulsion
Because each end of a dipole possesses only a fraction of the charge of an electron, dipole—dipole interactions are substantially
weaker than the interactions between two ions, each of which has a charge of at least +1, or between a dipole and an ion, in which
one of the species has at least a full positive or negative charge. In addition, the attractive interaction between dipoles falls off
much more rapidly with increasing distance than do the ion—ion interactions. Recall that the attractive energy between two ions is
proportional to 1/r, where r is the distance between the ions. Doubling the distance (r — 2r) decreases the attractive energy by one-
half. In contrast, the energy of the interaction of two dipoles is proportional to 1/, so doubling the distance between the dipoles
decreases the strength of the interaction by 23, or 8-fold. Thus a substance such as HCI, which is partially held together by dipole—
dipole interactions, is a gas at room temperature and 1 atm pressure. Conversely, NaCl, which is held together by interionic
interactions, is a high-melting-point solid. Within a series of compounds of similar molar mass, the strength of the intermolecular
interactions increases as the dipole moment of the molecules increases, as shown in Table 1.3.1.

Table 1.3.1: Relationships Between the Dipole Moment and the Boiling Point for Organic Compounds of Similar Molar Mass

Compound Molar Mass (g/mol) Dipole Moment (D) Boiling Point (K)
C3Hg (cyclopropane) 42 0 240
CH30CHj3 (dimethyl ether) 46 1.30 248
CH3CN (acetonitrile) 41 3.9 355

The attractive energy between two ions is proportional to 1/r, whereas the attractive
energy between two dipoles is proportional to 1/r6.
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Video Discussing Dipole Intermolecular Forces. Source: [youtu.be]

v/ Example 1.3.1

Arrange ethyl methyl ether (CH3OCH,CH3), 2-methylpropane [isobutane, (CH3)CHCH3], and acetone (CH3COCHS3) in order
of increasing boiling points. Their structures are as follows:

Given: compounds.

Asked for: order of increasing boiling points.

Strategy:

Compare the molar masses and the polarities of the compounds. Compounds with higher molar masses and that are polar will
have the highest boiling points.

Solution:

The three compounds have essentially the same molar mass (58-60 g/mol), so we must look at differences in polarity to predict
the strength of the intermolecular dipole—dipole interactions and thus the boiling points of the compounds.

The first compound, 2-methylpropane, contains only C—H bonds, which are not very polar because C and H have similar
electronegativities. It should therefore have a very small (but nonzero) dipole moment and a very low boiling point.

Ethyl methyl ether has a structure similar to H,O; it contains two polar C-O single bonds oriented at about a 109° angle to
each other, in addition to relatively nonpolar C-H bonds. As a result, the C—O bond dipoles partially reinforce one another and
generate a significant dipole moment that should give a moderately high boiling point.

Acetone contains a polar C=0 double bond oriented at about 120° to two methyl groups with nonpolar C-H bonds. The C-O
bond dipole therefore corresponds to the molecular dipole, which should result in both a rather large dipole moment and a high
boiling point.
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Thus we predict the following order of boiling points:

2-methyipropane < ethyl methyl ether < acetone

This result is in good agreement with the actual data: 2-methylpropane, boiling point = —=11.7°C, and the dipole moment () =
0.13 D; methyl ethyl ether, boiling point = 7.4°C and p = 1.17 D; acetone, boiling point = 56.1°C and p = 2.88 D.

? Exercise 1.3.1

Arrange carbon tetrafluoride (CF,4), ethyl methyl sulfide (CH3SC,Hs), dimethyl sulfoxide [(CH3),S=0], and 2-methylbutane
[isopentane, (CH3),CHCH,CHj3] in order of decreasing boiling points.

Answer

dimethyl sulfoxide (boiling point = 189.9°C) > ethyl methyl sulfide (boiling point = 67°C) > 2-methylbutane (boiling point
= 27.8°C) > carbon tetrafluoride (boiling point = —128°C)

London Dispersion Forces

Thus far, we have considered only interactions between polar molecules. Other factors must be considered to explain why many
nonpolar molecules, such as bromine, benzene, and hexane, are liquids at room temperature; why others, such as iodine and
naphthalene, are solids. Even the noble gases can be liquefied or solidified at low temperatures, high pressures, or both (Table
1.3.2).

What kind of attractive forces can exist between nonpolar molecules or atoms? This question was answered by Fritz London
(1900-1954), a German physicist who later worked in the United States. In 1930, London proposed that temporary fluctuations in
the electron distributions within atoms and nonpolar molecules could result in the formation of short-lived instantaneous dipole
moments, which produce attractive forces called London dispersion forces between otherwise nonpolar substances.

Table 1.3.2: Normal Melting and Boiling Points of Some Elements and Nonpolar Compounds

Substance Molar Mass (g/mol) Melting Point (°C) Boiling Point (°C)
Ar 40 -189.4 -185.9
Xe 131 -111.8 -108.1
N, 28 -210 -195.8
0, 32 -218.8 -183.0
F; 38 -219.7 -188.1
I 254 113.7 184.4
CHy 16 -182.5 -161.5

Consider a pair of adjacent He atoms, for example. On average, the two electrons in each He atom are uniformly distributed around
the nucleus. Because the electrons are in constant motion, however, their distribution in one atom is likely to be asymmetrical at
any given instant, resulting in an instantaneous dipole moment. As shown in part (a) in Figure 1.3.3, the instantaneous dipole
moment on one atom can interact with the electrons in an adjacent atom, pulling them toward the positive end of the instantaneous
dipole or repelling them from the negative end. The net effect is that the first atom causes the temporary formation of a dipole,
called an induced dipole, in the second. Interactions between these temporary dipoles cause atoms to be attracted to one another.
These attractive interactions are weak and fall off rapidly with increasing distance. London was able to show with quantum
mechanics that the attractive energy between molecules due to temporary dipole—induced dipole interactions falls off as 1/r®.
Doubling the distance therefore decreases the attractive energy by 25, or 64-fold.
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Figure 1.3.3: Instantaneous Dipole Moments. The formation of an instantaneous dipole moment on one He atom (a) or an H,

molecule (b) results in the formation of an induced dipole on an adjacent atom or molecule.
Instantaneous dipole—induced dipole interactions between nonpolar molecules can produce intermolecular attractions just as they
produce interatomic attractions in monatomic substances like Xe. This effect, illustrated for two H, molecules in part (b) in Figure
1.3.3, tends to become more pronounced as atomic and molecular masses increase (Table 1.3.2). For example, Xe boils at
—108.1°C, whereas He boils at —269°C. The reason for this trend is that the strength of London dispersion forces is related to the
ease with which the electron distribution in a given atom can be perturbed. In small atoms such as He, the two 1s electrons are held
close to the nucleus in a very small volume, and electron—electron repulsions are strong enough to prevent significant asymmetry in
their distribution. In larger atoms such as Xe, however, the outer electrons are much less strongly attracted to the nucleus because
of filled intervening shells. As a result, it is relatively easy to temporarily deform the electron distribution to generate an
instantaneous or induced dipole. The ease of deformation of the electron distribution in an atom or molecule is called its
polarizability. Because the electron distribution is more easily perturbed in large, heavy species than in small, light species, we say
that heavier substances tend to be much more polarizable than lighter ones.

For similar substances, London dispersion forces get stronger with increasing molecular
size.

The polarizability of a substance also determines how it interacts with ions and species that possess permanent dipoles. Thus,
London dispersion forces are responsible for the general trend toward higher boiling points with increased molecular mass and
greater surface area in a homologous series of compounds, such as the alkanes (part (a) in Figure 1.3.4). The strengths of London
dispersion forces also depend significantly on molecular shape because shape determines how much of one molecule can interact
with its neighboring molecules at any given time. For example, part (b) in Figure 1.3.4 shows 2,2-dimethylpropane (neopentane)
and n-pentane, both of which have the empirical formula CsH;,. Neopentane is almost spherical, with a small surface area for
intermolecular interactions, whereas n-pentane has an extended conformation that enables it to come into close contact with other
n-pentane molecules. As a result, the boiling point of neopentane (9.5°C) is more than 25°C lower than the boiling point of n-
pentane (36.1°C).
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Figure 1.3.4: Mass and Surface Area Affect the Strength of London Dispersion Forces. (a) In this series of four simple alkanes,
larger molecules have stronger London forces between them than smaller molecules do, and consequently have higher boiling
points. (b) Linear n-pentane molecules have a larger surface area and stronger intermolecular forces than spherical neopentane
molecules. As a result, neopentane is a gas at room temperature, whereas n-pentane is a volatile liquid.
All molecules, whether polar or nonpolar, are attracted to one another by London dispersion forces in addition to any other
attractive forces that may be present. In general, however, dipole—dipole interactions in small polar molecules are significantly
stronger than London dispersion forces, so the former predominate.

Video Discussing London/Dispersion Intermolecular Forces. Source:

[youtu.be]
v/ Example 1.3.2

Arrange n-butane, propane, 2-methylpropane [isobutene, (CH3),CHCH3], and n-pentane in order of increasing boiling points.
Given: compounds

Asked for: order of increasing boiling points

Strategy:

Determine the intermolecular forces in the compounds, and then arrange the compounds according to the strength of those
forces. The substance with the weakest forces will have the lowest boiling point.

Solution:

The four compounds are alkanes and nonpolar, so London dispersion forces are the only important intermolecular forces.
These forces are generally stronger with increasing molecular mass, so propane should have the lowest boiling point and n-
pentane should have the highest, with the two butane isomers falling in between. Of the two butane isomers, 2-methylpropane
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is more compact, and n-butane has the more extended shape. Consequently, we expect intermolecular interactions for n-butane
to be stronger due to its larger surface area, resulting in a higher boiling point. The overall order is thus as follows, with actual
boiling points in parentheses: propane (—42.1°C) < 2-methylpropane (—11.7°C) < n-butane (—0.5°C) < n-pentane (36.1°C).

Arrange GeHy, SiCly, SiH4, CHy, and GeCly in order of decreasing boiling points.

Answer

GeCl, (87°C) > SiCl, (57.6°C) > GeH, (-88.5°C) > SiH, (-111.8°C) > CH, (-161°C)

Hydrogen Bonds

Molecules with hydrogen atoms bonded to electronegative atoms such as O, N, and F (and to a much lesser extent, Cl and S) tend
to exhibit unusually strong intermolecular interactions. These result in much higher boiling points than are observed for substances
in which London dispersion forces dominate, as illustrated for the covalent hydrides of elements of groups 14-17 in Figure 1.3.5.
Methane and its heavier congeners in group 14 form a series whose boiling points increase smoothly with increasing molar mass.
This is the expected trend in nonpolar molecules, for which London dispersion forces are the exclusive intermolecular forces. In
contrast, the hydrides of the lightest members of groups 15-17 have boiling points that are more than 100°C greater than predicted
on the basis of their molar masses. The effect is most dramatic for water: if we extend the straight line connecting the points for
H,Te and H,Se to the line for period 2, we obtain an estimated boiling point of —130°C for water! Imagine the implications for life
on Earth if water boiled at —130°C rather than 100°C.

Figure 1.3.5: The Effects of Hydrogen Bonding on Boiling Points. These plots of the boiling points of the covalent hydrides of the
elements of groups 14-17 show that the boiling points of the lightest members of each series for which hydrogen bonding is
possible (HF, NH3, and H,0O) are anomalously high for compounds with such low molecular masses.

Group 14 is in purple, group 15 is in green, group 16 is red, and group 17 is blue. Graph of boiling point against period.

Why do strong intermolecular forces produce such anomalously high boiling points and other unusual properties, such as high
enthalpies of vaporization and high melting points? The answer lies in the highly polar nature of the bonds between hydrogen and
very electronegative elements such as O, N, and F. The large difference in electronegativity results in a large partial positive charge
on hydrogen and a correspondingly large partial negative charge on the O, N, or F atom. Consequently, H-O, H-N, and H-F bonds
have very large bond dipoles that can interact strongly with one another. Because a hydrogen atom is so small, these dipoles can
also approach one another more closely than most other dipoles. The combination of large bond dipoles and short dipole—dipole
distances results in very strong dipole—dipole interactions called hydrogen bonds, as shown for ice in Figure 1.3.6. A hydrogen
bond is usually indicated by a dotted line between the hydrogen atom attached to O, N, or F (the hydrogen bond donor) and the
atom that has the lone pair of electrons (the hydrogen bond acceptor). Because each water molecule contains two hydrogen atoms
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and two lone pairs, a tetrahedral arrangement maximizes the number of hydrogen bonds that can be formed. In the structure of ice,
each oxygen atom is surrounded by a distorted tetrahedron of hydrogen atoms that form bridges to the oxygen atoms of adjacent
water molecules. The bridging hydrogen atoms are not equidistant from the two oxygen atoms they connect, however. Instead, each
hydrogen atom is 101 pm from one oxygen and 174 pm from the other. In contrast, each oxygen atom is bonded to two H atoms at
the shorter distance and two at the longer distance, corresponding to two O—H covalent bonds and two O-:-H hydrogen bonds from
adjacent water molecules, respectively. The resulting open, cagelike structure of ice means that the solid is actually slightly less
dense than the liquid, which explains why ice floats on water, rather than sinks.

Figure 1.3.6: The Hydrogen-Bonded Structure of Ice

Each water molecule accepts two hydrogen bonds from two other water molecules and donates two hydrogen atoms to form
hydrogen bonds with two more water molecules, producing an open, cage like structure. The structure of liquid water is very
similar, but in the liquid, the hydrogen bonds are continually broken and formed because of rapid molecular motion.

Hydrogen bond formation requires both a hydrogen bond donor and a hydrogen bond
acceptor.

Because ice is less dense than liquid water, rivers, lakes, and oceans freeze from the top down. In fact, the ice forms a protective
surface layer that insulates the rest of the water, allowing fish and other organisms to survive in the lower levels of a frozen lake or
sea. If ice were denser than the liquid, the ice formed at the surface in cold weather would sink as fast as it formed. Bodies of water
would freeze from the bottom up, which would be lethal for most aquatic creatures. The expansion of water when freezing also
explains why automobile or boat engines must be protected by “antifreeze” and why unprotected pipes in houses break if they are
allowed to freeze.

Video Discussing Hydrogen Bonding Intermolecular Forces. Source:
[youtu.be]
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v/ Example 1.3.3

Considering CH30H, C,Hg, Xe, and (CH3)3N, which can form hydrogen bonds with themselves? Draw the hydrogen-bonded
structures.

Given: compounds

Asked for: formation of hydrogen bonds and structure

Strategy:

A. Identify the compounds with a hydrogen atom attached to O, N, or F. These are likely to be able to act as hydrogen bond
donors.

B. Of the compounds that can act as hydrogen bond donors, identify those that also contain lone pairs of electrons, which
allow them to be hydrogen bond acceptors. If a substance is both a hydrogen donor and a hydrogen bond acceptor, draw a
structure showing the hydrogen bonding.

Solution:

A. Of the species listed, xenon (Xe), ethane (C,Hg), and trimethylamine [(CH;3);N] do not contain a hydrogen atom attached to
O, N, or F; hence they cannot act as hydrogen bond donors.

B. The one compound that can act as a hydrogen bond donor, methanol (CH30H), contains both a hydrogen atom attached to O
(making it a hydrogen bond donor) and two lone pairs of electrons on O (making it a hydrogen bond acceptor); methanol can
thus form hydrogen bonds by acting as either a hydrogen bond donor or a hydrogen bond acceptor. The hydrogen-bonded
structure of methanol is as follows:

? Exercise 1.3.3

Considering CH3CO,H, (CHjz)3N, NH;, and CH;3F, which can form hydrogen bonds with themselves? Draw the hydrogen-
bonded structures.

Answer

CH3CO,H and NHj;

Hydrogen bonding in ammonia between nitrogen and hydrogen. hydrogen bonding in acetic acid is between oxygen and
hydrogen.
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Although hydrogen bonds are significantly weaker than covalent bonds, with typical dissociation energies of only 15-25 kJ/mol,

bonds at a time as can, on average, pure liquid NH3. Consequently, even though their molecular masses are similar to that of water,
their boiling points are significantly lower than the boiling point of water, which forms four hydrogen bonds at a time.

v/ Example 1.3.4: Buckyballs

Arrange Cgo (buckminsterfullerene, which has a cage structure), NaCl, He, Ar, and N>O in order of increasing boiling points.
Given: compounds.

Asked for: order of increasing boiling points.

Strategy:

Identify the intermolecular forces in each compound and then arrange the compounds according to the strength of those forces.
The substance with the weakest forces will have the lowest boiling point.

Solution

Electrostatic interactions are strongest for an ionic compound, so we expect NaCl to have the highest boiling point. To predict
the relative boiling points of the other compounds, we must consider their polarity (for dipole—dipole interactions), their ability
to form hydrogen bonds, and their molar mass (for London dispersion forces). Helium is nonpolar and by far the lightest, so it
should have the lowest boiling point. Argon and N,O have very similar molar masses (40 and 44 g/mol, respectively), but N,O
is polar while Ar is not. Consequently, N,O should have a higher boiling point. A Cg, molecule is nonpolar, but its molar mass
is 720 g/mol, much greater than that of Ar or N,O. Because the boiling points of nonpolar substances increase rapidly with
molecular mass, Cgy should boil at a higher temperature than the other nonionic substances. The predicted order is thus as
follows, with actual boiling points in parentheses:

He (~269°C) < Ar (~185.7°C) < N0 (~88.5°C) < Cgo (>280°C) < NaCl (1465°C).

? Exercise 1.3.4

Arrange 2,4-dimethylheptane, Ne, CS», Cly, and KBr in order of decreasing boiling points.

Answer
KBr (1435°C) > 2,4-dimethylheptane (132.9°C) > CS; (46.6°C) > Cl, (—34.6°C) > Ne (—246°C)

v/ Example 1.3.5

Identify the most significant intermolecular force in each substance.

a. C3Hg
b. CH30H
c. HpS

Solution

a. Although C-H bonds are polar, they are only minimally polar. The most significant intermolecular force for this substance
would be dispersion forces.

b. This molecule has an H atom bonded to an O atom, so it will experience hydrogen bonding.

c¢. Although this molecule does not experience hydrogen bonding, the Lewis electron dot diagram and VSEPR indicate that it

is bent, so it has a permanent dipole. The most significant force in this substance is dipole-dipole interaction.
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? Exercise 1.3.6

Identify the most significant intermolecular force in each substance.
a. HF
b. HCl
Answer a
hydrogen bonding
Answer b

dipole-dipole interactions

Summary

Intermolecular forces are electrostatic in nature and include van der Waals forces and hydrogen bonds. Molecules in liquids are
held to other molecules by intermolecular interactions, which are weaker than the intramolecular interactions that hold the atoms
together within molecules and polyatomic ions. Transitions between the solid and liquid, or the liquid and gas phases, are due to
changes in intermolecular interactions, but do not affect intramolecular interactions. The three major types of intermolecular
interactions are dipole—dipole interactions, London dispersion forces (these two are often referred to collectively as van der Waals
forces), and hydrogen bonds. Dipole—dipole interactions arise from the electrostatic interactions of the positive and negative ends
of molecules with permanent dipole moments; their strength is proportional to the magnitude of the dipole moment and to 1/r3,
where r is the distance between dipoles. London dispersion forces are due to the formation of instantaneous dipole moments in
polar or nonpolar molecules as a result of short-lived fluctuations of electron charge distribution, which in turn cause the temporary
formation of an induced dipole in adjacent molecules; their energy falls off as 1/r°. Larger atoms tend to be more polarizable than
smaller ones, because their outer electrons are less tightly bound and are therefore more easily perturbed. Hydrogen bonds are
especially strong dipole—dipole interactions between molecules that have hydrogen bonded to a highly electronegative atom, such
as O, N, or F. The resulting partially positively charged H atom on one molecule (the hydrogen bond donor) can interact strongly
with a lone pair of electrons of a partially negatively charged O, N, or F atom on adjacent molecules (the hydrogen bond acceptor).
Because of strong O---H hydrogen bonding between water molecules, water has an unusually high boiling point, and ice has an
open, cage like structure that is less dense than liquid water.

1.3: Intermolecular Forces- The Forces that Hold Condensed Phases Together is shared under a not declared license and was authored, remixed,
and/or curated by LibreTexts.

« 11.2: Intermolecular Forces is licensed CC BY-NC-SA 3.0.
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1.4: Intermolecular Forces in Action- Surface Tension, Viscosity, and Capillary Action

4} Learning Objectives

o To describe the unique properties of liquids.

Although you have been introduced to some of the interactions that hold molecules together in a liquid, we have not yet discussed
the consequences of those interactions for the bulk properties of liquids. We now turn our attention to three unique properties of
liquids that intimately depend on the nature of intermolecular interactions:

o surface tension,
o capillary action, and
e viscosity.

Surface Tension

If liquids tend to adopt the shapes of their containers, then why do small amounts of water on a freshly waxed car form raised
droplets instead of a thin, continuous film? The answer lies in a property called surface tension, which depends on intermolecular
forces. Surface tension is the energy required to increase the surface area of a liquid by a unit amount and varies greatly from liquid
to liquid based on the nature of the intermolecular forces, e.g., water with hydrogen bonds has a surface tension of 7.29 x 10 J/m?
(at 20°C), while mercury with metallic bonds has as surface tension that is 15 times higher: 4.86 x 10™" J/m? (at 20°C).

Figure 1.4.1 presents a microscopic view of a liquid droplet. A typical molecule in the interior of the droplet is surrounded by other
molecules that exert attractive forces from all directions. Consequently, there is no net force on the molecule that would cause it to
move in a particular direction. In contrast, a molecule on the surface experiences a net attraction toward the drop because there are
no molecules on the outside to balance the forces exerted by adjacent molecules in the interior. Because a sphere has the smallest
possible surface area for a given volume, intermolecular attractive interactions between water molecules cause the droplet to adopt
a spherical shape. This maximizes the number of attractive interactions and minimizes the number of water molecules at the
surface. Hence raindrops are almost spherical, and drops of water on a waxed (nonpolar) surface, which does not interact strongly
with water, form round beads. A dirty car is covered with a mixture of substances, some of which are polar. Attractive interactions
between the polar substances and water cause the water to spread out into a thin film instead of forming beads.

Figure 1.4.1: A Representation of Surface Tension in a Liquid. Molecules at the surface of water experience a net attraction to

other molecules in the liquid, which holds the surface of the bulk sample together. In contrast, those in the interior experience

uniform attractive forces.
The same phenomenon holds molecules together at the surface of a bulk sample of water, almost as if they formed a skin. When
filling a glass with water, the glass can be overfilled so that the level of the liquid actually extends above the rim. Similarly, a
sewing needle or a paper clip can be placed on the surface of a glass of water where it “floats,” even though steel is much denser
than water. Many insects take advantage of this property to walk on the surface of puddles or ponds without sinking. This is even
observable in the zero gravity conditions of space as shown in Figure 1.4.2 (and more so in the video link) where water wrung
from a wet towel continues to float along the towel's surface!
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Figure 1.4.2: The Effects of the High Surface Tension of Liquid Water. The full video can be found at www.youtube.com/watch?

v=9jB7rOC5kG8.
Such phenomena are manifestations of surface tension, which is defined as the energy required to increase the surface area of a
liquid by a specific amount. Surface tension is therefore measured as energy per unit area, such as joules per square meter (J/m?) or
dyne per centimeter (dyn/cm), where 1 dyn = 1 x 10~ N. The values of the surface tension of some representative liquids are listed
in Table 1.4.1. Note the correlation between the surface tension of a liquid and the strength of the intermolecular forces: the
stronger the intermolecular forces, the higher the surface tension. For example, water, with its strong intermolecular hydrogen
bonding, has one of the highest surface tension values of any liquid, whereas low-boiling-point organic molecules, which have
relatively weak intermolecular forces, have much lower surface tensions. Mercury is an apparent anomaly, but its very high surface
tension is due to the presence of strong metallic bonding.

Table 1.4.1: Surface Tension, Viscosity, Vapor Pressure (at 25°C Unless Otherwise Indicated), and Normal Boiling Points of Common

Liquids
Substance Surface T;l:i()m (<1072 Viscosity (mPa¢s) Vapor Pressure (mmHg) Normal Boiling Point (°C)
Organic Compounds
diethyl ether 17 0.22 531 34.6
n-hexane 18 0.30 149 68.7
acetone 23 0.31 227 56.5
ethanol 22 1.07 59 78.3
ethylene glycol 48 16.1 ~0.08 198.9
Liquid Elements
bromine 41 0.94 218 58.8
mercury 486 1.53 0.0020 357
Water
0°C 75.6 1.79 4.6 —
20°C 72.8 1.00 17.5 —
60°C 66.2 0.47 149 —
100°C 58.9 0.28 760 —

Adding soaps and detergents that disrupt the intermolecular attractions between adjacent water molecules can reduce the surface
tension of water. Because they affect the surface properties of a liquid, soaps and detergents are called surface-active agents, or
surfactants. In the 1960s, US Navy researchers developed a method of fighting fires aboard aircraft carriers using “foams,” which

are aqueous solutions of fluorinated surfactants. The surfactants reduce the surface tension of water below that of fuel, so the
fluorinated solution is able to spread across the burning surface and extinguish the fire. Such foams are now used universally to
fight large-scale fires of organic liquids.

https://chem.libretexts.org/@go/page/463633


https://libretexts.org/
https://chem.libretexts.org/@go/page/463633?pdf

Capillary Action

Intermolecular forces also cause a phenomenon called capillary action, which is the tendency of a polar liquid to rise against
gravity into a small-diameter tube (a capillary), as shown in Figure 1.4.3. When a glass capillary is is placed in liquid water, water
rises up into the capillary. The height to which the water rises depends on the diameter of the tube and the temperature of the water
but not on the angle at which the tube enters the water. The smaller the diameter, the higher the liquid rises.

Figure 1.4.3: The Phenomenon of Capillary Action. Capillary action seen as water climbs to different levels in glass tubes of
different diameters. Credit: Dr. Clay Robinson, PhD, West Texas A&M University.

o Cohesive forces bind molecules of the same type together
o Adhesive forces bind a substance to a surface

Capillary action is the net result of two opposing sets of forces: cohesive forces, which are the intermolecular forces that hold a
liquid together, and adhesive forces, which are the attractive forces between a liquid and the substance that composes the capillary.
Water has both strong adhesion to glass, which contains polar SiOH groups, and strong intermolecular cohesion. When a glass
capillary is put into water, the surface tension due to cohesive forces constricts the surface area of water within the tube, while
adhesion between the water and the glass creates an upward force that maximizes the amount of glass surface in contact with the
water. If the adhesive forces are stronger than the cohesive forces, as is the case for water, then the liquid in the capillary rises to
the level where the downward force of gravity exactly balances this upward force. If, however, the cohesive forces are stronger
than the adhesive forces, as is the case for mercury and glass, the liquid pulls itself down into the capillary below the surface of the
bulk liquid to minimize contact with the glass (Figure 1.4.4). The upper surface of a liquid in a tube is called the meniscus, and the
shape of the meniscus depends on the relative strengths of the cohesive and adhesive forces. In liquids such as water, the meniscus
is concave; in liquids such as mercury, however, which have very strong cohesive forces and weak adhesion to glass, the meniscus
is convex (Figure 1.4.4).

Figure 1.4.4: The Phenomenon of Capillary Action. Capillary action of water compared to mercury, in each case with respect to a
polar surface such as glass. 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)

l Polar substances are drawn up a glass capillary and generally have a concave meniscus.

Fluids and nutrients are transported up the stems of plants or the trunks of trees by capillary action. Plants contain tiny rigid tubes
composed of cellulose, to which water has strong adhesion. Because of the strong adhesive forces, nutrients can be transported
from the roots to the tops of trees that are more than 50 m tall. Cotton towels are also made of cellulose; they absorb water because
the tiny tubes act like capillaries and “wick” the water away from your skin. The moisture is absorbed by the entire fabric, not just
the layer in contact with your body.
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Viscosity

(n) is the resistance of a liquid to flow. Some liquids, such as gasoline, ethanol, and water, flow very readily and hence
have a low viscosity. Others, such as motor oil, molasses, and maple syrup, flow very slowly and have a high viscosity. The two
most common methods for evaluating the viscosity of a liquid are (1) to measure the time it takes for a quantity of liquid to flow
through a narrow vertical tube and (2) to measure the time it takes steel balls to fall through a given volume of the liquid. The
higher the viscosity, the slower the liquid flows through the tube and the steel balls fall. Viscosity is expressed in units of the poise
(mPa¢s); the higher the number, the higher the viscosity. The viscosities of some representative liquids are listed in Table 11.3.1 and
show a correlation between viscosity and intermolecular forces. Because a liquid can flow only if the molecules can move past one
another with minimal resistance, strong intermolecular attractive forces make it more difficult for molecules to move with respect
to one another. The addition of a second hydroxyl group to ethanol, for example, which produces ethylene glycol
(HOCH,CH,0H), increases the viscosity 15-fold. This effect is due to the increased number of hydrogen bonds that can form
between hydroxyl groups in adjacent molecules, resulting in dramatically stronger intermolecular attractive forces.

There is also a correlation between viscosity and molecular shape. Liquids consisting of long, flexible molecules tend to have
higher viscosities than those composed of more spherical or shorter-chain molecules. The longer the molecules, the easier it is for
them to become “tangled” with one another, making it more difficult for them to move past one another. London dispersion forces
also increase with chain length. Due to a combination of these two effects, long-chain hydrocarbons (such as motor oils) are highly
viscous.

I Viscosity increases as intermolecular interactions or molecular size increases.

Video Discussing Surface Tension and Viscosity. Video Link:

X Application: Motor Oils

Motor oils and other lubricants demonstrate the practical importance of controlling viscosity. The oil in an automobile engine
must effectively lubricate under a wide range of conditions, from subzero starting temperatures to the 200°C that oil can reach
in an engine in the heat of the Mojave Desert in August. Viscosity decreases rapidly with increasing temperatures because the
kinetic energy of the molecules increases, and higher kinetic energy enables the molecules to overcome the attractive forces

[youtu.be]
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that prevent the liquid from flowing. As a result, an oil that is thin enough to be a good lubricant in a cold engine will become
too “thin” (have too low a viscosity) to be effective at high temperatures.

Figure 1.4.5: Oil being drained from a car

The viscosity of motor oils is described by an SAE (Society of Automotive Engineers) rating ranging from SAE 5 to SAE 50
for engine oils: the lower the number, the lower the viscosity (Figure 1.4.5). So-called single-grade oils can cause major
problems. If they are viscous enough to work at high operating temperatures (SAE 50, for example), then at low temperatures,
they can be so viscous that a car is difficult to start or an engine is not properly lubricated. Consequently, most modern oils are
multigrade, with designations such as SAE 20W/50 (a grade used in high-performance sports cars), in which case the oil has
the viscosity of an SAE 20 oil at subzero temperatures (hence the W for winter) and the viscosity of an SAE 50 oil at high
temperatures. These properties are achieved by a careful blend of additives that modulate the intermolecular interactions in the
oil, thereby controlling the temperature dependence of the viscosity. Many of the commercially available oil additives “for
improved engine performance” are highly viscous materials that increase the viscosity and effective SAE rating of the oil, but
overusing these additives can cause the same problems experienced with highly viscous single-grade oils.

v/ Example 1.4.1

Based on the nature and strength of the intermolecular cohesive forces and the probable nature of the liquid—glass adhesive
forces, predict what will happen when a glass capillary is put into a beaker of SAE 20 motor oil. Will the oil be pulled up into
the tube by capillary action or pushed down below the surface of the liquid in the beaker? What will be the shape of the
meniscus (convex or concave)? (Hint: the surface of glass is lined with Si—-OH groups.)

Given: substance and composition of the glass surface

Asked for: behavior of oil and the shape of meniscus

Strategy:

A. Identify the cohesive forces in the motor oil.
B. Determine whether the forces interact with the surface of glass. From the strength of this interaction, predict the behavior of
the oil and the shape of the meniscus.

Solution

A Motor oil is a nonpolar liquid consisting largely of hydrocarbon chains. The cohesive forces responsible for its high boiling
point are almost solely London dispersion forces between the hydrocarbon chains.

B Such a liquid cannot form strong interactions with the polar Si—-OH groups of glass, so the surface of the oil inside the
capillary will be lower than the level of the liquid in the beaker. The oil will have a convex meniscus similar to that of mercury.

? Exercise 1.4.1

Predict what will happen when a glass capillary is put into a beaker of ethylene glycol. Will the ethylene glycol be pulled up
into the tube by capillary action or pushed down below the surface of the liquid in the beaker? What will be the shape of the
meniscus (convex or concave)?
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Answer

Capillary action will pull the ethylene glycol up into the capillary. The meniscus will be concave.

Summary

Surface tension, capillary action, and viscosity are unique properties of liquids that depend on the nature of intermolecular
interactions. Surface tension is the energy required to increase the surface area of a liquid by a given amount. The stronger the
intermolecular interactions, the greater the surface tension. Surfactants are molecules, such as soaps and detergents, that reduce
the surface tension of polar liquids like water. Capillary action is the phenomenon in which liquids rise up into a narrow tube
called a capillary. It results when cohesive forces, the intermolecular forces in the liquid, are weaker than adhesive forces, the
attraction between a liquid and the surface of the capillary. The shape of the meniscus, the upper surface of a liquid in a tube, also
reflects the balance between adhesive and cohesive forces. The viscosity of a liquid is its resistance to flow. Liquids that have
strong intermolecular forces tend to have high viscosities.

1.4: Intermolecular Forces in Action- Surface Tension, Viscosity, and Capillary Action is shared under a not declared license and was authored,
remixed, and/or curated by LibreTexts.

¢ 11.3: Some Properties of Liquids is licensed CC BY-NC-SA 3.0.
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1.5: Vaporization and Vapor Pressure

4b Learning Objectives

¢ To know how and why the vapor pressure of a liquid varies with temperature.

e To understand that the equilibrium vapor pressure of a liquid depends on the temperature and the intermolecular forces
present.

o To understand that the relationship between pressure, enthalpy of vaporization, and temperature is given by the Clausius-
Clapeyron equation.

Nearly all of us have heated a pan of water with the lid in place and shortly thereafter heard the sounds of the lid rattling and hot
water spilling onto the stovetop. When a liquid is heated, its molecules obtain sufficient kinetic energy to overcome the forces
holding them in the liquid and they escape into the gaseous phase. By doing so, they generate a population of molecules in the
vapor phase above the liquid that produces a pressure—the vapor pressure of the liquid. In the situation we described, enough
pressure was generated to move the lid, which allowed the vapor to escape. If the vapor is contained in a sealed vessel, however,
such as an unvented flask, and the vapor pressure becomes too high, the flask will explode (as many students have unfortunately
discovered). In this section, we describe vapor pressure in more detail and explain how to quantitatively determine the vapor
pressure of a liquid.

Evaporation and Condensation

against their kinetic energy to obtain the kinetic energy distribution of the molecules in the liquid (Figure 1.5.1), just as we did for
a gas. As for gases, increasing the temperature increases both the average kinetic energy of the particles in a liquid and the range of
kinetic energy of the individual molecules. If we assume that a minimum amount of energy (Ej) is needed to overcome the
intermolecular attractive forces that hold a liquid together, then some fraction of molecules in the liquid always has a kinetic energy
greater than Ey. The fraction of molecules with a kinetic energy greater than this minimum value increases with increasing
temperature. Any molecule with a kinetic energy greater than Ej has enough energy to overcome the forces holding it in the liquid
and escape into the vapor phase. Before it can do so, however, a molecule must also be at the surface of the liquid, where it is
physically possible for it to leave the liquid surface; that is, only molecules at the surface can undergo evaporation (or
vaporization), where molecules gain sufficient energy to enter a gaseous state above a liquid’s surface, thereby creating a vapor
pressure.

Figure 1.5.1: The Distribution of the Kinetic Energies of the Molecules of a Liquid at Two Temperatures. Just as with gases,
increasing the temperature shifts the peak to a higher energy and broadens the curve. Only molecules with a kinetic energy greater
than E can escape from the liquid to enter the vapor phase, and the proportion of molecules with KE > E is greater at the higher
temperature. (CC BY-SA-NC; Anonymous by request)

Graph of fraction of molecules with a particular kinetic energy against kinetic energy. Green line is temperature at 400 kelvin,
purple line is temperature at 300 kelvin.
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To understand the causes of vapor pressure, consider the apparatus shown in Figure 1.5.2. When a liquid is introduced into an
evacuated chamber (part (a) in Figure 1.5.2), the initial pressure above the liquid is approximately zero because there are as yet no
molecules in the vapor phase. Some molecules at the surface, however, will have sufficient kinetic energy to escape from the liquid
and form a vapor, thus increasing the pressure inside the container. As long as the temperature of the liquid is held constant, the
fraction of molecules with K'E > F; will not change, and the rate at which molecules escape from the liquid into the vapor phase
will depend only on the surface area of the liquid phase.

Figure 1.5.2: Vapor Pressure. (a) When a liquid is introduced into an evacuated chamber, molecules with sufficient kinetic energy

escape from the surface and enter the vapor phase, causing the pressure in the chamber to increase. (b) When sufficient molecules

are in the vapor phase for a given temperature, the rate of condensation equals the rate of evaporation (a steady state is reached),

and the pressure in the container becomes constant. (CC BY-SA-NC; Anonymous by request)
As soon as some vapor has formed, a fraction of the molecules in the vapor phase will collide with the surface of the liquid and
reenter the liquid phase in a process known as condensation (part (b) in Figure 1.5.2). As the number of molecules in the vapor
phase increases, the number of collisions between vapor-phase molecules and the surface will also increase. Eventually, a steady
state will be reached in which exactly as many molecules per unit time leave the surface of the liquid (vaporize) as collide with it
(condense). At this point, the pressure over the liquid stops increasing and remains constant at a particular value that is
characteristic of the liquid at a given temperature. The rates of evaporation and condensation over time for a system such as this are
shown graphically in Figure 1.5.3.

Figure 1.5.3: The Relative Rates of Evaporation and Condensation as a Function of Time after a Liquid Is Introduced into a Sealed
Chamber. The rate of evaporation depends only on the surface area of the liquid and is essentially constant. The rate of
condensation depends on the number of molecules in the vapor phase and increases steadily until it equals the rate of evaporation.
(CC BY-SA-NC; Anonymous by request)

Graph of rate against time. The green line is evaporation while the pruple line is condensation. Dynamic equilibrium is established
when the evaporation and condensation rates are equal.

Equilibrium Vapor Pressure

Two opposing processes (such as evaporation and condensation) that occur at the same rate and thus produce no net change in a
system, constitute a dynamic equilibrium. In the case of a liquid enclosed in a chamber, the molecules continuously evaporate and
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condense, but the amounts of liquid and vapor do not change with time. The pressure exerted by a vapor in dynamic equilibrium
with a liquid is the equilibrium vapor pressure of the liquid.

If a liquid is in an open container, however, most of the molecules that escape into the vapor phase will not collide with the surface
of the liquid and return to the liquid phase. Instead, they will diffuse through the gas phase away from the container, and an
equilibrium will never be established. Under these conditions, the liquid will continue to evaporate until it has “disappeared.” The
speed with which this occurs depends on the vapor pressure of the liquid and the temperature. Volatile liquids have relatively high
vapor pressures and tend to evaporate readily; nonvolatile liquids have low vapor pressures and evaporate more slowly. Although
the dividing line between volatile and nonvolatile liquids is not clear-cut, as a general guideline, we can say that substances with
vapor pressures greater than that of water (Figure 1.5.4) are relatively volatile, whereas those with vapor pressures less than that of
water are relatively nonvolatile. Thus diethyl ether (ethyl ether), acetone, and gasoline are volatile, but mercury, ethylene glycol,
and motor oil are nonvolatile.

Figure 1.5.4: The Vapor Pressures of Several Liquids as a Function of Temperature. The point at which the vapor pressure curve

crosses the P = 1 atm line (dashed) is the normal boiling point of the liquid. (CC BY-SA-NC; Anonymous by request)
The equilibrium vapor pressure of a substance at a particular temperature is a characteristic of the material, like its molecular mass,
melting point, and boiling point. It does not depend on the amount of liquid as long as at least a tiny amount of liquid is present in
equilibrium with the vapor. The equilibrium vapor pressure does, however, depend very strongly on the temperature and the
intermolecular forces present, as shown for several substances in Figure 1.5.4. Molecules that can hydrogen bond, such as ethylene
glycol, have a much lower equilibrium vapor pressure than those that cannot, such as octane. The nonlinear increase in vapor
pressure with increasing temperature is much steeper than the increase in pressure expected for an ideal gas over the corresponding
temperature range. The temperature dependence is so strong because the vapor pressure depends on the fraction of molecules that
have a kinetic energy greater than that needed to escape from the liquid, and this fraction increases exponentially with temperature.
As aresult, sealed containers of volatile liquids are potential bombs if subjected to large increases in temperature. The gas tanks on
automobiles are vented, for example, so that a car won’t explode when parked in the sun. Similarly, the small cans (1-5 gallons)
used to transport gasoline are required by law to have a pop-off pressure release.

Volatile substances have low boiling points and relatively weak intermolecular
interactions; nonvolatile substances have high boiling points and relatively strong
intermolecular interactions.
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A Video Discussing Vapor Pressure and Boiling Points. Video Source:
[youtu.be]

The exponential rise in vapor pressure with increasing temperature in Figure 1.5.4 allows us to use natural logarithms to express
the nonlinear relationship as a linear one.

_AHvap 1
InP=—0pF <T)+C (1.5.1)

where

e In P is the natural logarithm of the vapor pressure,

o AH,q is the ,

e R is the universal gas constant [8.314 J/(mol*K)],

e T'is the temperature in kelvins, and

o (' is the y-intercept, which is a constant for any given line.

Plotting In P versus the inverse of the absolute temperature (1/7T) is a straight line with a slope of —AH,,/R. Equation ,
called the , can be used to calculate the A H,q;, of a liquid from its measured vapor pressure at two or
more temperatures. The simplest way to determine AH,,, is to measure the vapor pressure of a liquid at two temperatures and
insert the values of P and T for these points into Equation , which is derived from the Clausius—Clapeyron equation:

P\ —AHyg (1 1
o) Al (L 1) 152

Conversely, if we know AH,,, and the vapor pressure P; at any temperature 77, we can use Equation to calculate the vapor
pressure P, at any other temperature 75, as shown in Example 1.5.1.
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A Video Discussing the Clausius-Clapeyron Equation. Video Link: The Clausius-Clapeyron Equation(opens in new window)
[youtu.be]

v/ Example 1.5.1: Vapor Pressure of Mercury

The experimentally measured vapor pressures of liquid Hg at four temperatures are listed in the following table:

experimentally measured vapor pressures of liquid Hg at four temperatures
T (°C) 80.0 100 120 140

P (torr) 0.0888 0.2729 0.7457 1.845

From these data, calculate the enthalpy of vaporization (AHy,p) of mercury and predict the vapor pressure of the liquid at
160°C. (Safety note: mercury is highly toxic; when it is spilled, its vapor pressure generates hazardous levels of mercury
vapor.)

Given: vapor pressures at four temperatures

Asked for: AH,,, of mercury and vapor pressure at 160°C

Strategy:

A. Use Equation 1.5.2 to obtain AH,,, directly from two pairs of values in the table, making sure to convert all values to the
appropriate units.
B. Substitute the calculated value of AH,,, into Equation 1.5.2to obtain the unknown pressure (P,).

Solution:

A The table gives the measured vapor pressures of liquid Hg for four temperatures. Although one way to proceed would be to
plot the data using Equation 1.5.1 and find the value of AH,,, from the slope of the line, an alternative approach is to use
Equation 1.5.2 to obtain AH,,,, directly from two pairs of values listed in the table, assuming no errors in our measurement. We
therefore select two sets of values from the table and convert the temperatures from degrees Celsius to kelvin because the
equation requires absolute temperatures. Substituting the values measured at 80.0°C (T;) and 120.0°C (T,) into Equation 1.5.2
gives

[ 07457 Topr —AH,, ( 1 1 )
n = _
0.0888 Towr 8.314 J/mol- K \ (120+273) K (80.0 +273) K
—AH
In(8.398) = kecd (—2.88 x107* K‘/I)

8.314 J/mol - K
2.13 = —AHyq, (—3.46 x107*) J - mol
AH,q, =61,400 J/mol =61.4 kJ/mol

B We can now use this value of AH,,,

ln( P, ) —61,400 J/mok (( 1 1 )

0.0888 torr) ~ 5314 J/mob K1 -

to calculate the vapor pressure of the liquid (P,) at 160.0°C (T5):

160+273) K (80.0+273) K
Using the relationship e'*? = z, we have

P,
ln(m> =3.86

P, B
0.0888 Torr
P, =4.21Torr

e386 =475
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l At 160°C, liquid Hg has a vapor pressure of 4.21 torr, substantially greater than the pressure at 80.0°C, as we would expect.

? Exercise 1.5.1: Vapor Pressure of Nickel

The vapor pressure of liquid nickel at 1606°C is 0.100 torr, whereas at 1805°C, its vapor pressure is 1.000 torr. At what
temperature does the liquid have a vapor pressure of 2.500 torr?

Answer

1896°C

Boiling Points

As the temperature of a liquid increases, the vapor pressure of the liquid increases until it equals the external pressure, or the
atmospheric pressure in the case of an open container. Bubbles of vapor begin to form throughout the liquid, and the liquid begins
to boil. The temperature at which a liquid boils at exactly 1 atm pressure is the normal boiling point of the liquid. For water, the
normal boiling point is exactly 100°C. The normal boiling points of the other liquids in Figure 1.5.4 are represented by the points
at which the vapor pressure curves cross the line corresponding to a pressure of 1 atm. Although we usually cite the normal boiling
point of a liquid, the actual boiling point depends on the pressure. At a pressure greater than 1 atm, water boils at a temperature
greater than 100°C because the increased pressure forces vapor molecules above the surface to condense. Hence the molecules
must have greater kinetic energy to escape from the surface. Conversely, at pressures less than 1 atm, water boils below 100°C.

Table 1.5.1: The Boiling Points of Water at Various Locations on Earth

Place Altitude above Sea Level (ft) Atmospheric Pressure (mmHg) Boiling Point of Water (°C)
Mt. Everest, Nepal/Tibet 29,028 240 70
Bogota, Colombia 11,490 495 88
Denver, Colorado 5280 633 95
Washington, DC 25 759 100
Dead Sea, Israel/Jordan -1312 799 101.4

Typical variations in atmospheric pressure at sea level are relatively small, causing only minor changes in the boiling point of
water. For example, the highest recorded atmospheric pressure at sea level is 813 mmHg, recorded during a Siberian winter; the
lowest sea-level pressure ever measured was 658 mmHg in a Pacific typhoon. At these pressures, the boiling point of water
changes minimally, to 102°C and 96°C, respectively. At high altitudes, on the other hand, the dependence of the boiling point of
water on pressure becomes significant. Table 1.5.1 lists the boiling points of water at several locations with different altitudes. At
an elevation of only 5000 ft, for example, the boiling point of water is already lower than the lowest ever recorded at sea level. The
lower boiling point of water has major consequences for cooking everything from soft-boiled eggs (a “three-minute egg” may well
take four or more minutes in the Rockies and even longer in the Himalayas) to cakes (cake mixes are often sold with separate high-
altitude instructions). Conversely, pressure cookers, which have a seal that allows the pressure inside them to exceed 1 atm, are
used to cook food more rapidly by raising the boiling point of water and thus the temperature at which the food is being cooked.

I As pressure increases, the boiling point of a liquid increases and vice versa.

v/ Example 1.5.2: Boiling Mercury

Use Figure 1.5.4to estimate the following.

a. the boiling point of water in a pressure cooker operating at 1000 mmHg
b. the pressure required for mercury to boil at 250°C
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Mercury boils at 356 °C at room pressure. To see video go to www.youtube.com/watch?v=0iizsbXW Yoo
Given: Data in Figure 1.5.4, pressure, and boiling point

Asked for: corresponding boiling point and pressure

Strategy:

A. To estimate the boiling point of water at 1000 mmHg, refer to Figure 1.5.4 and find the point where the vapor pressure
curve of water intersects the line corresponding to a pressure of 1000 mmHg.

B. To estimate the pressure required for mercury to boil at 250°C, find the point where the vapor pressure curve of mercury
intersects the line corresponding to a temperature of 250°C.

Solution:

a. A The vapor pressure curve of water intersects the P = 1000 mmHg line at about 110°C; this is therefore the boiling point
of water at 1000 mmHg.

b. B The vertical line corresponding to 250°C intersects the vapor pressure curve of mercury at P ~ 75 mmHg. Hence this is
the pressure required for mercury to boil at 250°C.

? Exercise 1.5.2: Boiling Ethlyene Glycol

Ethylene glycol is an organic compound primarily used as a raw material in the manufacture of polyester fibers and fabric
industry, and polyethylene terephthalate resins (PET) used in bottling. Use the data in Figure 1.5.4 to estimate the following.

a. the normal boiling point of ethylene glycol
b. the pressure required for diethyl ether to boil at 20°C.

Answer a
200°C
Answer b

450 mmHg

Summary

Because the molecules of a liquid are in constant motion and possess a wide range of kinetic energies, at any moment some fraction
of them has enough energy to escape from the surface of the liquid to enter the gas or vapor phase. This process, called
vaporization or evaporation, generates a vapor pressure above the liquid. Molecules in the gas phase can collide with the liquid
surface and reenter the liquid via condensation. Eventually, a steady state is reached in which the number of molecules
evaporating and condensing per unit time is the same, and the system is in a state of dynamic equilibrium. Under these conditions,
a liquid exhibits a characteristic equilibrium vapor pressure that depends only on the temperature. We can express the nonlinear
relationship between vapor pressure and temperature as a linear relationship using the Clausius—Clapeyron equation. This
equation can be used to calculate the enthalpy of vaporization of a liquid from its measured vapor pressure at two or more
temperatures. Volatile liquids are liquids with high vapor pressures, which tend to evaporate readily from an open container;
nonvolatile liquids have low vapor pressures. When the vapor pressure equals the external pressure, bubbles of vapor form within
the liquid, and it boils. The temperature at which a substance boils at a pressure of 1 atm is its normal boeiling point.

https://chem.libretexts.org/@go/page/463634


https://libretexts.org/
https://chem.libretexts.org/@go/page/463634?pdf

Contributors and Attributions
e Modified by Joshua Halpern (Howard University)

1.5: Vaporization and Vapor Pressure is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

o 11.5: Vapor Pressure is licensed CC BY-NC-SA 3.0.

https://chem.libretexts.org/@go/page/463634


https://libretexts.org/
https://chem.libretexts.org/@go/page/463634?pdf
http://www.coas.howard.edu/chem/jhalpern/
http://www.howard.edu/
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/01%3A_Liquids_Solids_and_Intermolecular_Forces/1.05%3A_Vaporization_and_Vapor_Pressure
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/01%3A_Liquids_Solids_and_Intermolecular_Forces/1.05%3A_Vaporization_and_Vapor_Pressure?no-cache
https://chem.libretexts.org/@go/page/21773
https://creativecommons.org/licenses/by-nc-sa/3.0/

1.6: Sublimation and Fusion

Sublimation

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 CO») 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 1.6.6). 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.

This figure shows a test tube. In the bottom is a dark substance which breaks up into a purple gas at the top.

Figure 1.6.6: 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, AHsub, 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:

CO,(s) — CO,(9) AHgu, =26.1kJ/mol (1.6.1)

Likewise, the enthalpy change for the reverse process of deposition is equal in magnitude but opposite in sign to that for
sublimation:

CO,(g9) — CO,(s) AHgep = —AHgp =—26.1kJ/mol (1.6.2)

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. This same logic
can be used to derive an approximate relation between the enthalpies of all phase changes for a given substance. Though not an
entirely accurate description, sublimation may be conveniently modeled as a sequential two-step process of melting followed by
vaporization in order to apply Hess’s Law.

solid — liquid A Hjpys (1.6.3)
liquid — gas  AHy,p
solid — gas AHgyp = AHps +AH,ap

Viewed in this manner, the enthalpy of sublimation for a substance may be estimated as the sum of its enthalpies of fusion and
vaporization, as illustrated in Figure 1.6.7. For example:
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Figure 1.6.7: For a given substance, the sum of its enthalpy of fusion and enthalpy of vaporization is approximately equal to its
enthalpy of sublimation.

An energy level diagram is shown with three horizontal lines representing states of solid, liquid, and gas in increasing energy
levels. The enthalpy of fusion is shown by arrow pointing from solid to liquid. Enthalpy of vaporization is shown with arrow
pointing from liquid to gas. The enthalpy of sublimation points from solid to gas and has the same length as the arrows for fusion
and vaporization combined.

Fusion

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 \(\PageIndex{5}\).

Figure 1.6.5: (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 process 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 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,
AHj,; of the substance. The enthalpy of fusion of ice is 6.0 kJ/mol at 0 °C. Fusion (melting) is an endothermic process:
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The reciprocal process, freezing, is an exothermic process whose enthalpy change is —6.0 kJ/mol at 0 °C:
HzO(l) — H2O(s) AHfrZ = —AHfus =-6.01 kJ/mol (165)

Selected molar enthalpies of fusion are tabulated in Table 1.6.1. Solids like ice which have strong intermolecular forces have much
higher values than those like CH4 with weak ones. Note that the enthalpies of fusion and vaporization change with temperature.

Table 1.6.1: Molar Enthalpies of Fusion and Vaporization of Selected Substances.

Substance Formula AH(quimll) Melting Point / K AH(vaporize_llti on) Boiling Point / K (Al:llv/rb)_l
/ kJ mol / kJ mol / JK* mol
Neon Ne 0.33 24 1.80 27 67
Oxygen (o)) 0.44 54 6.82 90.2 76
Methane CHy 0.94 90.7 8.18 112 73
Ethane CyoHg 2.85 90.0 14.72 184 80
Chlorine Cl, 6.40 172.2 20.41 239 85
tetriiﬂ;g;‘i e ccly 2.67 250.0 30.00 350 86
6.00678 at 0°C,

40.657 at 100 °C,
101kPa

Water* H,0 6354 a1 81,6 °C 273.1 45.051 at 0 °C, 373.1 109
S0% ateLh T, 46.567 at -33 °C

2.50 MPa
n-Nonane CoHap 19.3 353 40.5 491 82
Mercury Hg 2.30 234 58.6 630 91
Sodium Na 2.60 371 98 1158 85
Aluminum Al 10.9 933 284 2600 109
Lead Pb 4.77 601 178 2022 88

*wwwl.lsbu.ac.uk/water/data.html
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o Paul Flowers (University of North Carolina - Pembroke), Klaus Theopold (University of Delaware) and Richard Langley
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under a Creative Commons Attribution License 4.0 license. Download for free at http:/cnx.org/contents/85abf193-
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1.7: Heating Curve for Water

Freezing, condensation, and deposition, which are the reverse of fusion, sublimation, and vaporization—are exothermic. Thus heat
pumps that use refrigerants are essentially air-conditioners running in reverse. Heat from the environment is used to vaporize the
refrigerant, which is then condensed to a liquid in coils within a house to provide heat. The energy changes that occur during phase
changes can be quantified by using a heating or cooling curve.

Heating Curves

Figure 1.7.3 shows a heating curve, a plot of temperature versus heating time, for a 75 g sample of water. The sample is initially ice
at 1 atm and —23°C; as heat is added, the temperature of the ice increases linearly with time. The slope of the line depends on both
the mass of the ice and the specific heat (C;) of ice, which is the number of joules required to raise the temperature of 1 g of ice by
1°C. As the temperature of the ice increases, the water molecules in the ice crystal absorb more and more energy and vibrate more
vigorously. At the melting point, they have enough kinetic energy to overcome attractive forces and move with respect to one
another. As more heat is added, the temperature of the system does not increase further but remains constant at 0°C until all the ice
has melted. Once all the ice has been converted to liquid water, the temperature of the water again begins to increase. Now,
however, the temperature increases more slowly than before because the specific heat capacity of water is greater than that of ice.
When the temperature of the water reaches 100°C, the water begins to boil. Here, too, the temperature remains constant at 100°C
until all the water has been converted to steam. At this point, the temperature again begins to rise, but at a faster rate than seen in
the other phases because the heat capacity of steam is less than that of ice or water.

Figure 1.7.1: A Heating Curve for Water. This plot of temperature shows what happens to a 75 g sample of ice initially at 1 atm

and —23°C as heat is added at a constant rate: A-B: heating solid ice; B-C: melting ice; C-D: heating liquid water; D-E:

vaporizing water; E-F: heating steam.
Thus the temperature of a system does not change during a phase change. In this example, as long as even a tiny amount of ice is
present, the temperature of the system remains at 0°C during the melting process, and as long as even a small amount of liquid
water is present, the temperature of the system remains at 100°C during the boiling process. The rate at which heat is added does
not affect the temperature of the ice/water or water/steam mixture because the added heat is being used exclusively to overcome the
attractive forces that hold the more condensed phase together. Many cooks think that food will cook faster if the heat is turned up
higher so that the water boils more rapidly. Instead, the pot of water will boil to dryness sooner, but the temperature of the water
does not depend on how vigorously it boils.

I The temperature of a sample does not change during a phase change.

If heat is added at a constant rate, as in Figure 1.7.3, then the length of the horizontal lines, which represents the time during which
the temperature does not change, is directly proportional to the magnitude of the enthalpies associated with the phase changes. In
Figure 1.7.3, the horizontal line at 100°C is much longer than the line at 0°C because the enthalpy of vaporization of water is
several times greater than the enthalpy of fusion.

A superheated liquid is a sample of a liquid at the temperature and pressure at which it should be a gas. Superheated liquids are not
stable; the liquid will eventually boil, sometimes violently. The phenomenon of superheating causes “bumping” when a liquid is
heated in the laboratory. When a test tube containing water is heated over a Bunsen burner, for example, one portion of the liquid
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can easily become too hot. When the superheated liquid converts to a gas, it can push or “bump” the rest of the liquid out of the test
tube. Placing a stirring rod or a small piece of ceramic (a “boiling chip”) in the test tube allows bubbles of vapor to form on the
surface of the object so the liquid boils instead of becoming superheated. Superheating is the reason a liquid heated in a smooth cup
in a microwave oven may not boil until the cup is moved, when the motion of the cup allows bubbles to form.

Cooling Curves

The cooling curve, a plot of temperature versus cooling time, in Figure 1.7.4 plots temperature versus time as a 75 g sample of
steam, initially at 1 atm and 200°C, is cooled. Although we might expect the cooling curve to be the mirror image of the heating
curve in Figure 1.7.3, the cooling curve is not an identical mirror image. As heat is removed from the steam, the temperature falls
until it reaches 100°C. At this temperature, the steam begins to condense to liquid water. No further temperature change occurs
until all the steam is converted to the liquid; then the temperature again decreases as the water is cooled. We might expect to reach
another plateau at 0°C, where the water is converted to ice; in reality, however, this does not always occur. Instead, the temperature
often drops below the freezing point for some time, as shown by the little dip in the cooling curve below 0°C. This region
corresponds to an unstable form of the liquid, a supercooled liquid. If the liquid is allowed to stand, if cooling is continued, or if a
small crystal of the solid phase is added (a seed crystal), the supercooled liquid will convert to a solid, sometimes quite suddenly.
As the water freezes, the temperature increases slightly due to the heat evolved during the freezing process and then holds constant
at the melting point as the rest of the water freezes. Subsequently, the temperature of the ice decreases again as more heat is
removed from the system.

Figure 1.7.2: A Cooling Curve for Water. This plot of temperature shows what happens to a 75 g sample of steam initially at 1 atm

and 200°C as heat is removed at a constant rate: A—B: cooling steam; B—C: condensing steam; C-D: cooling liquid water to give a

supercooled liquid; D-E: warming the liquid as it begins to freeze; E-F: freezing liquid water; F-G: cooling ice.
Supercooling effects have a huge impact on Earth’s climate. For example, supercooling of water droplets in clouds can prevent the
clouds from releasing precipitation over regions that are persistently arid as a result. Clouds consist of tiny droplets of water, which
in principle should be dense enough to fall as rain. In fact, however, the droplets must aggregate to reach a certain size before they
can fall to the ground. Usually a small particle (a nucleus) is required for the droplets to aggregate; the nucleus can be a dust
particle, an ice crystal, or a particle of silver iodide dispersed in a cloud during seeding (a method of inducing rain). Unfortunately,
the small droplets of water generally remain as a supercooled liquid down to about —10°C, rather than freezing into ice crystals that
are more suitable nuclei for raindrop formation. One approach to producing rainfall from an existing cloud is to cool the water
droplets so that they crystallize to provide nuclei around which raindrops can grow. This is best done by dispersing small granules
of solid CO; (dry ice) into the cloud from an airplane. Solid CO, sublimes directly to the gas at pressures of 1 atm or lower, and the
enthalpy of sublimation is substantial (25.3 kJ/mol). As the CO, sublimes, it absorbs heat from the cloud, often with the desired
results.

Example 1.7.1: Cooling Hot Tea

If a 50.0 g ice cube at 0.0°C is added to 500 mL of tea at 20.0°C, what is the temperature of the tea when the ice cube has just
melted? Assume that no heat is transferred to or from the surroundings. The density of water (and iced tea) is 1.00 g/mL over
the range 0°C-20°C, the specific heats of liquid water and ice are 4.184 J/(g*°C) and 2.062 J/(g+°C), respectively, and the
enthalpy of fusion of ice is 6.01 kJ/mol.
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Given: mass, volume, initial temperature, density, specific heats, and AH f,,

Asked for: final temperature

Strategy:

Substitute the values given into the general equation relating heat gained to heat lost (Equation 5.39) to obtain the final
temperature of the mixture.

Solution:

When two substances or objects at different temperatures are brought into contact, heat will flow from the warmer one to the
cooler. The amount of heat that flows is given by

qg=mC;AT (1.7.1)

where q is heat, m is mass, C; is the specific heat, and AT is the temperature change. Eventually, the temperatures of the two
substances will become equal at a value somewhere between their initial temperatures. Calculating the temperature of iced tea
after adding an ice cube is slightly more complicated. The general equation relating heat gained and heat lost is still valid, but
in this case we also have to take into account the amount of heat required to melt the ice cube from ice at 0.0°C to liquid water
at 0.0°C.

Exercise 1.7.1: Death by Freezing

Suppose you are overtaken by a blizzard while ski touring and you take refuge in a tent. You are thirsty, but you forgot to bring
liquid water. You have a choice of eating a few handfuls of snow (say 400 g) at —5.0°C immediately to quench your thirst or
setting up your propane stove, melting the snow, and heating the water to body temperature before drinking it. You recall that
the survival guide you leafed through at the hotel said something about not eating snow, but you cannot remember why—after
all, it’s just frozen water. To understand the guide’s recommendation, calculate the amount of heat that your body will have to
supply to bring 400 g of snow at —5.0°C to your body’s internal temperature of 37°C. Use the data in Example 1.7.1

Answer

200 kJ (4.1 KkJ to bring the ice from —5.0°C to 0.0°C, 133.6 kJ to melt the ice at 0.0°C, and 61.9 kJ to bring the water from
0.0°C to 37°C), which is energy that would not have been expended had you first melted the snow.

1.7: Heating Curve for Water is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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1.8: Water - An Extraordinary Substance

Learning Objectives

o Identify three special properties of water that make it unusual for a molecule of its size, and explain how these result from
hydrogen bonding.

o Explain what is meant by hydrogen bonding and the molecular structural features that bring it about.

e Describe the "structure", such as it is, of liquid water.

o Sketch out structural examples of hydrogen bonding in three small molecules other than H,O.

o Describe the roles of hydrogen bonding in proteins and in DNA.

Most students of chemistry quickly learn to relate the structure of a molecule to its general properties. Thus we generally expect
small molecules to form gases or liquids, and large ones to exist as solids under ordinary conditions. And then we come to H,O,
and are shocked to find that many of the predictions are way off, and that water (and by implication, life itself) should not even
exist on our planet! In this section we will learn why this tiny combination of three nuclei and ten electrons possesses special
properties that make it unique among the more than 15 million chemical species we presently know.

In water, each hydrogen nucleus is covalently bound to the central oxygen atom by a pair of electrons that are shared between
them. In H,O, only two of the six outer-shell electrons of oxygen are used for this purpose, leaving four electrons which are
organized into two non-bonding pairs. The four electron pairs surrounding the oxygen tend to arrange themselves as far from each
other as possible in order to minimize repulsions between these clouds of negative charge. This would ordinarily result in a
tetrahedral geometry in which the angle between electron pairs (and therefore the H-O-H bond angle) is 109.5°. However, because
the two non-bonding pairs remain closer to the oxygen atom, these exert a stronger repulsion against the two covalent bonding
pairs, effectively pushing the two hydrogen atoms closer together. The result is a distorted tetrahedral arrangement in which the H
—O—H angle is 104.5°.

Water's large dipole moment leads to hydrogen bonding

The H,0 molecule is electrically neutral, but the positive and negative charges are not distributed uniformly. This is illustrated by
the gradation in color in the schematic diagram here. The electronic (negative) charge is concentrated at the oxygen end of the
molecule, owing partly to the nonbonding electrons (solid blue circles), and to oxygen's high nuclear charge which exerts stronger
attractions on the electrons. This charge displacement constitutes an electric dipole, represented by the arrow at the bottom; you
can think of this dipole as the electrical "image" of a water molecule.

o} L

0:

o

HO
HO

8+ &=
—_—

Opposite charges attract, so it is not surprising that the negative end of one water molecule will tend to orient itself so as to be close
to the positive end of another molecule that happens to be nearby. The strength of this dipole-dipole attraction is less than that of a
normal chemical bond, and so it is completely overwhelmed by ordinary thermal motions in the gas phase. However, when the H,O
molecules are crowded together in the liquid, these attractive forces exert a very noticeable effect, which we call (somewhat
misleadingly) hydrogen bonding. And at temperatures low enough to turn off the disruptive effects of thermal motions, water
freezes into ice in which the hydrogen bonds form a rigid and stable network.
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Notice that the hydrogen bond (shown by the dashed green line) is somewhat longer than the covalent O—H bond. It is also much
weaker, about 23 kJ mol™! compared to the O-H covalent bond strength of 492 kJ mol ™.

Water has long been known to exhibit many physical properties that distinguish it from other small molecules of comparable mass.
Although chemists refer to these as the "anomalous" properties of water, they are by no means mysterious; all are entirely
predictable consequences of the way the size and nuclear charge of the oxygen atom conspire to distort the electronic charge clouds
of the atoms of other elements when these are chemically bonded to the oxygen.

The combination of large bond dipoles and short dipole—dipole distances results in very strong dipole—dipole interactions called
hydrogen bonds, as shown for ice in Figure 1.8.6. A hydrogen bond is usually indicated by a dotted line between the hydrogen
atom attached to O, N, or F (the hydrogen bond donor) and the atom that has the lone pair of electrons (the hydrogen bond
acceptor). Because each water molecule contains two hydrogen atoms and two lone pairs, a tetrahedral arrangement maximizes the
number of hydrogen bonds that can be formed. In the structure of ice, each oxygen atom is surrounded by a distorted tetrahedron of
hydrogen atoms that form bridges to the oxygen atoms of adjacent water molecules. The bridging hydrogen atoms are not
equidistant from the two oxygen atoms they connect, however. Instead, each hydrogen atom is 101 pm from one oxygen and 174
pm from the other. In contrast, each oxygen atom is bonded to two H atoms at the shorter distance and two at the longer distance,
corresponding to two O-H covalent bonds and two O---H hydrogen bonds from adjacent water molecules, respectively. The
resulting open, cagelike structure of ice means that the solid is actually slightly less dense than the liquid, which explains why ice
floats on water rather than sinks.

Figure 1.8.6: The Hydrogen-Bonded Structure of Ice.

Each water molecule accepts two hydrogen bonds from two other water molecules and donates two hydrogen atoms to form
hydrogen bonds with two more water molecules, producing an open, cagelike structure. The structure of liquid water is very
similar, but in the liquid, the hydrogen bonds are continually broken and formed because of rapid molecular motion.

Hydrogen bond formation requires both a hydrogen bond donor and a hydrogen bond
acceptor.
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Boiling Point

Molecules with hydrogen atoms bonded to electronegative atoms such as O, N, and F (and to a much lesser extent Cl and S) tend to
exhibit unusually strong intermolecular interactions. These result in much higher boiling points than are observed for substances in
which London dispersion forces dominate, as illustrated for the covalent hydrides of elements of groups 14-17 in Figure 1.8.5.
Methane and its heavier congeners in group 14 form a series whose boiling points increase smoothly with increasing molar mass.
This is the expected trend in nonpolar molecules, for which London dispersion forces are the exclusive intermolecular forces. In
contrast, the hydrides of the lightest members of groups 15-17 have boiling points that are more than 100°C greater than predicted
on the basis of their molar masses. The effect is most dramatic for water: if we extend the straight line connecting the points for
H,Te and H,Se to the line for period 2, we obtain an estimated boiling point of —130°C for water! Imagine the implications for life
on Earth if water boiled at —130°C rather than 100°C.

Figure 1.8.5: The Effects of Hydrogen Bonding on Boiling Points. These plots of the boiling points of the covalent hydrides of the

elements of groups 14-17 show that the boiling points of the lightest members of each series for which hydrogen bonding is

possible (HF, NH3, and H,0O) are anomalously high for compounds with such low molecular masses.
Why do strong intermolecular forces produce such anomalously high boiling points and other unusual properties, such as high
enthalpies of vaporization and high melting points? The answer lies in the highly polar nature of the bonds between hydrogen and
very electronegative elements such as O, N, and F. The large difference in electronegativity results in a large partial positive charge
on hydrogen and a correspondingly large partial negative charge on the O, N, or F atom. Consequently, H-O, H-N, and H-F bonds
have very large bond dipoles that can interact strongly with one another. Because a hydrogen atom is so small, these dipoles can
also approach one another more closely than most other dipoles.

Ice Floats on Water

The most energetically favorable configuration of H,O molecules is one in which each molecule is hydrogen-bonded to four
neighboring molecules. Owing to the thermal motions described above, this ideal is never achieved in the liquid, but when water
freezes to ice, the molecules settle into exactly this kind of an arrangement in the ice crystal. This arrangement requires that the
molecules be somewhat farther apart then would otherwise be the case; as a consequence, ice, in which hydrogen bonding is at its
maximum, has a more open structure, and thus a lower density than water.

Here are three-dimensional views of a typical local structure of water (left) and ice (right.) Notice the greater openness of the ice
structure which is necessary to ensure the strongest degree of hydrogen bonding in a uniform, extended crystal lattice. The more
crowded and jumbled arrangement in liquid water can be sustained only by the greater amount of thermal energy available above
the freezing point.
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When ice melts, the more vigorous thermal motion disrupts much of the hydrogen-bonded structure, allowing the molecules to
pack more closely. Water is thus one of the very few substances whose solid form has a lower density than the liquid at the freezing
point. Localized clusters of hydrogen bonds still remain, however; these are continually breaking and reforming as the thermal
motions jiggle and shove the individual molecules. As the temperature of the water is raised above freezing, the extent and
lifetimes of these clusters diminish, so the density of the water increases.

At higher temperatures, another effect, common to all substances, begins to dominate: as the temperature increases, so does the
amplitude of thermal motions. This more vigorous jostling causes the average distance between the molecules to increase, reducing
the density of the liquid; this is ordinary thermal expansion. Because the two competing effects (hydrogen bonding at low
temperatures and thermal expansion at higher temperatures) both lead to a decrease in density, it follows that there must be some
temperature at which the density of water passes through a maximum. This temperature is 4° C; this is the temperature of the water

you will find at the bottom of an ice-covered lake in which this most dense of all water has displaced the colder water and pushed it
nearer to the surface.

Because ice is less dense than liquid water, rivers, lakes, and oceans freeze from the top down. In fact, the ice forms a protective
surface layer that insulates the rest of the water, allowing fish and other organisms to survive in the lower levels of a frozen lake or
sea. If ice were denser than the liquid, the ice formed at the surface in cold weather would sink as fast as it formed. Bodies of water
would freeze from the bottom up, which would be lethal for most aquatic creatures. The expansion of water when freezing also

explains why automobile or boat engines must be protected by “antifreeze” and why unprotected pipes in houses break if they are
allowed to freeze.

Contributors

o Stephen Lower, Professor Emeritus (Simon Fraser U.) Chem1 Virtual Textbook

1.8: Water - An Extraordinary Substance is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

https://chem.libretexts.org/@go/page/463637


https://libretexts.org/
https://chem.libretexts.org/@go/page/463637?pdf
http://www.sfu.ca/
http://www.chem1.com/
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/01%3A_Liquids_Solids_and_Intermolecular_Forces/1.08%3A_Water_-_An_Extraordinary_Substance
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/01%3A_Liquids_Solids_and_Intermolecular_Forces/1.08%3A_Water_-_An_Extraordinary_Substance?no-cache

CHAPTER OVERVIEW

2: Solutions
2.1: Types of Solutions and Solubility

2.2: Energetics of Solution Formation

2.3: Solution Equilibrium and Factors Affecting Solubility

2.4: Expressing Solution Concentration

2.5: Colligative Properties- Freezing Point Depression, Boiling Point Elevation, and Osmosis
2.6: The Colligative Properties of Strong Electrolyte Solutions

2: Solutions is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.



https://libretexts.org/
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions/2.01%3A_Types_of_Solutions_and_Solubility
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions/2.02%3A_Energetics_of_Solution_Formation
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions/2.03%3A_Solution_Equilibrium_and_Factors_Affecting_Solubility
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions/2.04%3A_Expressing_Solution_Concentration
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions/2.05%3A_Colligative_Properties-_Freezing_Point_Depression_Boiling_Point_Elevation_and_Osmosis
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions/2.06%3A_The_Colligative_Properties_of_Strong_Electrolyte_Solutions
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/02%3A_Solutions
https://creativecommons.org/licenses/by-nc-sa/4.0

2.1: Types of Solutions and Solubility

4} Learning Objectives

o To understand how enthalpy and entropy changes affect solution formation.
e To use the magnitude of the changes in both enthalpy and entropy to predict whether a given solute—solvent combination
will spontaneously form a solution.

In all solutions, whether gaseous, liquid, or solid, the substance present in the greatest amount is the solvent, and the substance or
substances present in lesser amounts are the solute(s). The solute does not have to be in the same physical state as the solvent, but
the physical state of the solvent usually determines the state of the solution. As long as the solute and solvent combine to give a
homogeneous solution, the solute is said to be soluble in the solvent. Table 2.1.1 lists some common examples of gaseous, liquid,
and solid solutions and identifies the physical states of the solute and solvent in each.

Table 2.1.1: Types of Solutions

Solution Solute Solvent Examples

gas gas gas air, natural gas
liquid gas liquid seltzer water (CO, gas in water)
liquid liquid liquid alCOhOIija't’:r‘f?izl(fia“Ol in
liquid solid liquid tea, salt water

solid gas solid H, in Pd (used for H, storage)
solid solid liquid (ameflrlge;rcnu?f,tierlll Suﬂs\;zri?lrdge[:tcilstry)
solid solid solid alloys and other "solid solutions"

Forming a Solution

The formation of a solution from a solute and a solvent is a physical process, not a chemical one. That is, both solute and solvent
can be recovered in chemically unchanged forms using appropriate separation methods. For example, solid zinc nitrate dissolves in
water to form an aqueous solution of zinc nitrate:

Zn(NO,),(s) +H,O(1) — Zn* " (aq) +2 NOj; (aq) (2.1.1)

Because Zn(NOj3)2 can be recovered easily by evaporating the water, this is a physical process. In contrast, metallic zinc appears
to dissolve in aqueous hydrochloric acid. In fact, the two substances undergo a chemical reaction to form an aqueous solution of
zinc chloride with evolution of hydrogen gas:

Zn(s) +2H" (aq) +2 Cl™ (aq) — Zn? " (aq) +2 Cl” (aq) + H,(g) (2.1.2)

When the solution evaporates, we do not recover metallic zinc, so we cannot say that metallic zinc is soluble in aqueous
hydrochloric acid because it is chemically transformed when it dissolves. The dissolution of a solute in a solvent to form a solution
does not involve a chemical transformation (that it is a physical change).

Dissolution of a solute in a solvent to form a solution does not involve a chemical
transformation.

Substances that form a single homogeneous phase in all proportions are said to be completely miscible in one another. Ethanol and
water are miscible, just as mixtures of gases are miscible. If two substances are essentially insoluble in each other, such as oil and
water, they are immiscible. Examples of gaseous solutions that we have already discussed include Earth’s atmosphere.

The Role of Enthalpy in Solution Formation

Energy is required to overcome the intermolecular interactions in a solute, which can be supplied only by the new interactions that
occur in the solution, when each solute particle is surrounded by particles of the solvent in a process called solvation (or hydration
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when the solvent is water). Thus all of the solute—solute interactions and many of the solvent—solvent interactions must be disrupted
for a solution to form. In this section, we describe the role of enthalpy in this process.

Because enthalpy is a state function, we can use a thermochemical cycle to analyze the energetics of solution formation. The
process occurs in three discrete steps, indicated by AHy, AHs, and AHj in Figure 2.1.2. The overall enthalpy change in the
formation of the solution (A H ;) is the sum of the enthalpy changes in the three steps:

AH, o = AHy, + AH, + AH, (2.1.3)

When a solvent is added to a solution, steps 1 and 2 are both endothermic because energy is required to overcome the
intermolecular interactions in the solvent (A Hy) and the solute (A Hs). Because A H is positive for both steps 1 and 2, the solute—
solvent interactions (A Hjz) must be stronger than the solute-solute and solvent-solvent interactions they replace in order for the
dissolution process to be exothermic (A H,yp, < 0). When the solute is an ionic solid, AHy corresponds to the lattice energy that
must be overcome to form a solution. The higher the charge of the ions in an ionic solid, the higher the lattice energy.
Consequently, solids that have very high lattice energies, such as M gO (-3791 kJ/mol), are generally insoluble in all solvents.

Figure 2.1.2: Enthalpy Changes That Accompany the Formation of a Solution. Solvation can be an exothermic or endothermic
process depending on the nature of the solute and solvent. In both cases, step 1, separation of the solvent particles, is energetically
uphill (AH; > 0), as is step 2, separation of the solute particles (AH, > 0). In contrast, energy is released in step 3 (AH3; < 0)
because of interactions between the solute and solvent. (a) When A Hj is larger in magnitude than the sum of AH; and A Hs, the
overall process is exothermic (A H,,, < 0), as shown in the thermochemical cycle. (b) When AHj3 is smaller in magnitude than
the sum of A H; and A Hy, the overall process is endothermic (A Hyp, > 0).
A positive value for AH,,;,, does not mean that a solution will not form. Whether a given process, including formation of a
solution, occurs spontaneously depends on whether the total energy of the system is lowered as a result. Enthalpy is only one of the
contributing factors. A high AH,,y, is usually an indication that the substance is not very soluble. Instant cold packs used to treat
athletic injuries, for example, take advantage of the large positive A H,,;,, of ammonium nitrate during dissolution (+25.7 kJ/mol),
which produces temperatures less than 0°C (Figure 2.1.3).
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Figure 2.1.3: Commercial Cold Packs for Treating Injuries. These packs contain solid NHyNQO; and water in separate
compartments. When the seal between the compartments is broken, the N H,N O3 dissolves in the water. Because AH,,;, for
NHyNQO;3 is much greater than zero, heat is absorbed by the cold pack during the dissolution process, producing local
temperatures less than 0°C.

Entropy and Solution Formation

The enthalpy change that accompanies a process is important because processes that release substantial amounts of energy tend to
occur spontaneously. A second property of any system, its entropy, is also important in helping us determine whether a given
process occurs spontaneously. We will discuss entropy in more detail elsewhere, but for now we can state that entropy (S) is a
thermodynamic property of all substances that is proportional to their degree of disorder. A perfect crystal at 0 K, whose atoms are
regularly arranged in a perfect lattice and are motionless, has an entropy of zero. In contrast, gases have large positive entropies
because their molecules are highly disordered and in constant motion at high speeds.

The formation of a solution disperses molecules, atoms, or ions of one kind throughout a second substance, which generally
increases the disorder and results in an increase in the entropy of the system. Thus entropic factors almost always favor formation
of a solution. In contrast, a change in enthalpy may or may not favor solution formation. The London dispersion forces that hold
cyclohexane and n-hexane together in pure liquids, for example, are similar in nature and strength. Consequently, A H;,, should
be approximately zero, as is observed experimentally. Mixing equal amounts of the two liquids, however, produces a solution in
which the n-hexane and cyclohexane molecules are uniformly distributed over approximately twice the initial volume. In this case,
the driving force for solution formation is not a negative A H,;,, but rather the increase in entropy due to the increased disorder in
the mixture. All spontaneous processes with AH > 0 are characterized by an increase in entropy. In other cases, such as mixing oil
with water, salt with gasoline, or sugar with hexane, the enthalpy of solution is large and positive, and the increase in entropy
resulting from solution formation is not enough to overcome it. Thus in these cases a solution does not form.

I All spontaneous processes with AH > 0 are characterized by an increase in entropy.

Table 2.1.2 summarizes how enthalpic factors affect solution formation for four general cases. The column on the far right uses the
relative magnitudes of the enthalpic contributions to predict whether a solution will form from each of the four. Keep in mind that
in each case entropy favors solution formation. In two of the cases the enthalpy of solution is expected to be relatively small and
can be either positive or negative. Thus the entropic contribution dominates, and we expect a solution to form readily. In the other
two cases the enthalpy of solution is expected to be large and positive. The entropic contribution, though favorable, is usually too
small to overcome the unfavorable enthalpy term. Hence we expect that a solution will not form readily.

Table 2.1.2: Relative Changes in Enthalpies for Different Solute—Solvent Combinations*

AH, (separation of AH, (separation of AH3 (solute-solvent AH,, (AH; + AH, +  Result of Mixing Solute
solvent molecules) solute particles) interactions) AHS3) and Solventf
large; positive large; positive large; negative small; positive or negative  solution will usually form
small; positive large; positive small; negative large; positive solution will not form
large; positive small; positive small; negative large; positive solution will not form
small; positive small; positive small; negative small; positive or negative  solution will usually form
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AH, (separation of AH, (separation of AH3 (solute-solvent AH,,, (AH, + AH, + Result of Mixing Solute
solvent molecules) solute particles) interactions) AH3) and Solventf

*AH,, AH,, and AHj refer to the processes indicated in the thermochemical cycle shown in Figure 2.1.2.
TIn all four cases, entropy increases.

In contrast to liquid solutions, the intermolecular interactions in gases are weak (they are considered to be nonexistent in ideal
gases). Hence mixing gases is usually a thermally neutral process (AH,y, =~ 0), and the entropic factor due to the increase in
disorder is dominant (Figure 2.1.4). Consequently, all gases dissolve readily in one another in all proportions to form solutions.

Figure 2.1.4: Formation of a Solution of Two Gases. (top) Pure samples of two different gases are in separate bulbs. (bottom)
When the connecting stopcock is opened, diffusion causes the two gases to mix together and form a solution. Even though A H,;,,
is zero for the process, the increased entropy of the solution (the increased disorder) versus that of the separate gases favors
solution formation.

v/ Example 2.1.1

Considering LiCl, benzoic acid (C;H;CO,H), and naphthalene, which will be most soluble and which will be least soluble in
water?

Given: three compounds
Asked for: relative solubilities in water

Strategy: Assess the relative magnitude of the enthalpy change for each step in the process shown in Figure 2.1.2. Then use
Table 2.1.2to predict the solubility of each compound in water and arrange them in order of decreasing solubility.

Solution:

The first substance, LiCl, is an ionic compound, so a great deal of energy is required to separate its anions and cations and
overcome the lattice energy (AH, is far greater than zero in Equation 2.1.1). Because water is a polar substance, the
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interactions between both Li* and Cl~ ions and water should be favorable and strong. Thus we expect A Hj3 to be far less than
zero, making LiCl soluble in water. In contrast, naphthalene is a nonpolar compound, with only London dispersion forces
holding the molecules together in the solid state. We therefore expect AH, to be small and positive. We also expect the
interaction between polar water molecules and nonpolar naphthalene molecules to be weak A Hs =~ 0. Hence we do not expect
naphthalene to be very soluble in water, if at all. Benzoic acid has a polar carboxylic acid group and a nonpolar aromatic ring.
We therefore expect that the energy required to separate solute molecules (AH») will be greater than for naphthalene and less
than for LiCl. The strength of the interaction of benzoic acid with water should also be intermediate between those of LiCl and
naphthalene. Hence benzoic acid is expected to be more soluble in water than naphthalene but less soluble than LiCl. We thus
predict LiCl to be the most soluble in water and naphthalene to be the least soluble.

? Exercise 2.1.1

Considering ammonium chloride, cyclohexane, and ethylene glycol (HOC H>C HyOH), which will be most soluble and
which will be least soluble in benzene?

Answer

The most soluble is cyclohexane; the least soluble is ammonium chloride.

Summary

Solutions are homogeneous mixtures of two or more substances whose components are uniformly distributed on a microscopic
scale. The component present in the greatest amount is the solvent, and the components present in lesser amounts are the solute(s).
The formation of a solution from a solute and a solvent is a physical process, not a chemical one. Substances that are miscible, such
as gases, form a single phase in all proportions when mixed. Substances that form separate phases are immiscible. Solvation is the
process in which solute particles are surrounded by solvent molecules. When the solvent is water, the process is called hydration.
The overall enthalpy change that accompanies the formation of a solution, A Hy,,, is the sum of the enthalpy change for breaking
the intermolecular interactions in both the solvent and the solute and the enthalpy change for the formation of new solute—solvent
interactions. Exothermic (AHg,;, < 0) processes favor solution formation. In addition, the change in entropy, the degree of
disorder of the system, must be considered when predicting whether a solution will form. An increase in entropy (a decrease in
order) favors dissolution.

2.1: Types of Solutions and Solubility is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

« 13.1: The Solution Process is licensed CC BY-NC-SA 3.0.
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2.2: Energetics of Solution Formation

4b Learning Objectives

o Understand entropy drives solution formation but necessary enthalpy changes can prevent solution formation.

o Define heat of solute and heat of solvent, know these are always endothermic. ("the price you pay to pull substances
apart")

o Define heat of mixing, know this is always exothermic. ("energy that splashes out when you drop atoms into each others
energy well")

o Define heat of solvation, identify when it will be exothermic and when it will be endothermic.

o Define heat of hydration, know this is the sum of heat of mixing and heat of solvent when the solvent is water.

o Relate lattice energy to heat of solute.

e Given a substances lattice energy and heat of hydration, determine heat of solvation for that substance in water.

o Use the magnitude of changes in enthalpy to predict whether a given solute—solvent combination can form a solution.

In all solutions, whether gaseous, liquid, or solid, the substance present in the greatest amount is the solvent, and the substance or
substances present in lesser amounts are the solute(s). The solute does not have to be in the same physical state as the solvent, but
the physical state of the solvent usually determines the state of the solution. As long as the solute and solvent combine to give a
homogeneous solution, the solute is said to be soluble in the solvent. Table 2.2.1 lists some common examples of gaseous, liquid,
and solid solutions and identifies the physical states of the solute and solvent in each.

The Role of Enthalpy in Solution Formation

Energy is required to overcome the intermolecular interactions in a solute, which can be supplied only by the new interactions that
occur in the solution, when each solute particle is surrounded by particles of the solvent in a process called solvation (or hydration
when the solvent is water). Thus all of the solute—solute interactions and many of the solvent—solvent interactions must be disrupted
for a solution to form. In this section, we describe the role of enthalpy in this process.

Because enthalpy is a state function, we can use a thermochemical cycle to analyze the energetics of solution formation. The
process occurs in three discrete steps, indicated by AH;, AH,, and AHj3 in Figure 2.2.2. The overall enthalpy change in the
formation of the solution (A H,yy, ) is the sum of the enthalpy changes in the three steps:

AH,,,=AH,+AH,+AH; (2.2.1)

When a solvent is added to a solution, steps 1 and 2 are both endothermic because energy is required to overcome the
intermolecular interactions in the solvent (A H;) and the solute (A H>). Because AH is positive for both steps 1 and 2, the solute—
solvent interactions (A H3) must be stronger than the solute-solute and solvent—solvent interactions they replace in order for the
dissolution process to be exothermic (AH,yp, < 0). When the solute is an ionic solid, A Hj corresponds to the lattice energy that
must be overcome to form a solution. The higher the charge of the ions in an ionic solid, the higher the lattice energy.
Consequently, solids that have very high lattice energies, such as M gO (-3791 kJ/mol), are generally insoluble in all solvents.
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Figure 2.2.2: Enthalpy Changes That Accompany the Formation of a Solution. Solvation can be an exothermic or endothermic
process depending on the nature of the solute and solvent. In both cases, step 1, separation of the solvent particles, is energetically
uphill (AH; > 0), as is step 2, separation of the solute particles (AH, > 0). In contrast, energy is released in step 3 (AH3 < 0)
because of interactions between the solute and solvent. (a) When A Hj is larger in magnitude than the sum of AH; and A Hs, the
overall process is exothermic (A H,y, < 0), as shown in the thermochemical cycle. (b) When AHj is smaller in magnitude than
the sum of AH; and A H,, the overall process is endothermic (A Hy, > 0).
A positive value for AH,,;,, does not mean that a solution will not form. Whether a given process, including formation of a
solution, occurs spontaneously depends on whether the total energy of the system is lowered as a result. Enthalpy is only one of the
contributing factors. A high AH,,y, is usually an indication that the substance is not very soluble. Instant cold packs used to treat
athletic injuries, for example, take advantage of the large positive A H,,;,, of ammonium nitrate during dissolution (+25.7 kJ/mol),

which produces temperatures less than 0°C (Figure 2.2.3).

Figure 2.2.3: Commercial Cold Packs for Treating Injuries. These packs contain solid NHyNQO; and water in separate
compartments. When the seal between the compartments is broken, the N H,N O3 dissolves in the water. Because AH,,;, for
NHyNQO;s is much greater than zero, heat is absorbed by the cold pack during the dissolution process, producing local
temperatures less than 0°C.

Entropy and Solution Formation

The enthalpy change that accompanies a process is important because processes that release substantial amounts of energy tend to
occur spontaneously. A second property of any system, its entropy, is also important in helping us determine whether a given
process occurs spontaneously. We will discuss entropy in more detail elsewhere, but for now we can state that entropy (S) is a
thermodynamic property of all substances that is proportional to their degree of disorder. A perfect crystal at 0 K, whose atoms are
regularly arranged in a perfect lattice and are motionless, has an entropy of zero. In contrast, gases have large positive entropies
because their molecules are highly disordered and in constant motion at high speeds.

The formation of a solution disperses molecules, atoms, or ions of one kind throughout a second substance, which generally
increases the disorder and results in an increase in the entropy of the system. Thus entropic factors almost always favor formation
of a solution. In contrast, a change in enthalpy may or may not favor solution formation. The London dispersion forces that hold
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cyclohexane and n-hexane together in pure liquids, for example, are similar in nature and strength. Consequently, A H,,;, should
be approximately zero, as is observed experimentally. Mixing equal amounts of the two liquids, however, produces a solution in
which the n-hexane and cyclohexane molecules are uniformly distributed over approximately twice the initial volume. In this case,
the driving force for solution formation is not a negative A H,;,, but rather the increase in entropy due to the increased disorder in
the mixture. All spontaneous processes with AH > 0 are characterized by an increase in entropy. In other cases, such as mixing oil
with water, salt with gasoline, or sugar with hexane, the enthalpy of solution is large and positive, and the increase in entropy
resulting from solution formation is not enough to overcome it. Thus in these cases a solution does not form.

I All spontaneous processes with AH > 0 are characterized by an increase in entropy.

Table 2.2.2 summarizes how enthalpic factors affect solution formation for four general cases. The column on the far right uses the
relative magnitudes of the enthalpic contributions to predict whether a solution will form from each of the four. Keep in mind that
in each case entropy favors solution formation. In two of the cases the enthalpy of solution is expected to be relatively small and
can be either positive or negative. Thus the entropic contribution dominates, and we expect a solution to form readily. In the other
two cases the enthalpy of solution is expected to be large and positive. The entropic contribution, though favorable, is usually too
small to overcome the unfavorable enthalpy term. Hence we expect that a solution will not form readily.

Table 2.2.2: Relative Changes in Enthalpies for Different Solute—Solvent Combinations*

AH; (separation of AH> (separation of AH3 (solute-solvent AHsoin (AH1 + AH2 +  Result of Mixing Solute
solvent molecules) solute particles) interactions) AH3) and Solventf
large; positive large; positive large; negative small; positive or negative  solution will usually form
small; positive large; positive small; negative large; positive solution will not form
large; positive small; positive small; negative large; positive solution will not form
small; positive small; positive small; negative small; positive or negative  solution will usually form

*AH1, AH>, and AH3 refer to the processes indicated in the thermochemical cycle shown in Figure 2.2.2.
TIn all four cases, entropy increases.

In contrast to liquid solutions, the intermolecular interactions in gases are weak (they are considered to be nonexistent in ideal
gases). Hence mixing gases is usually a thermally neutral process (AH,y, =~ 0), and the entropic factor due to the increase in
disorder is dominant (Figure 2.2.4). Consequently, all gases dissolve readily in one another in all proportions to form solutions.

Figure 2.2.4: Formation of a Solution of Two Gases. (top) Pure samples of two different gases are in separate bulbs. (bottom)
When the connecting stopcock is opened, diffusion causes the two gases to mix together and form a solution. Even though A H,;,,
is zero for the process, the increased entropy of the solution (the increased disorder) versus that of the separate gases favors
solution formation.

v/ Example 2.2.1

Considering LiCl, benzoic acid (C4H; CO,H), and naphthalene, which will be most soluble and which will be least soluble in
water?
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Given: three compounds
Asked for: relative solubilities in water

Strategy: Assess the relative magnitude of the enthalpy change for each step in the process shown in Figure 2.2.2. Then use
Table 2.2.2to predict the solubility of each compound in water and arrange them in order of decreasing solubility.

Solution:

The first substance, LiCl, is an ionic compound, so a great deal of energy is required to separate its anions and cations and
overcome the lattice energy (AHj is far greater than zero in Equation ??7). Because water is a polar substance, the interactions
between both Li* and C1~ ions and water should be favorable and strong. Thus we expect A H3 to be far less than zero, making
LiCl soluble in water. In contrast, naphthalene is a nonpolar compound, with only London dispersion forces holding the
molecules together in the solid state. We therefore expect AHs to be small and positive. We also expect the interaction
between polar water molecules and nonpolar naphthalene molecules to be weak AHj3~ 0. Hence we do not expect
naphthalene to be very soluble in water, if at all. Benzoic acid has a polar carboxylic acid group and a nonpolar aromatic ring.
We therefore expect that the energy required to separate solute molecules (AH;) will be greater than for naphthalene and less
than for LiCl. The strength of the interaction of benzoic acid with water should also be intermediate between those of LiCl and
naphthalene. Hence benzoic acid is expected to be more soluble in water than naphthalene but less soluble than LiCl. We thus
predict LiCl to be the most soluble in water and naphthalene to be the least soluble.

? Exercise 2.2.1

Considering ammonium chloride, cyclohexane, and ethylene glycol (HOC H,C H,OH), which will be most soluble and
which will be least soluble in benzene?

Answer

The most soluble is cyclohexane; the least soluble is ammonium chloride.

Summary

Solutions are homogeneous mixtures of two or more substances whose components are uniformly distributed on a microscopic
scale. The component present in the greatest amount is the solvent, and the components present in lesser amounts are the solute(s).
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The formation of a solution from a solute and a solvent is a physical process, not a chemical one. Substances that are miscible, such
as gases, form a single phase in all proportions when mixed. Substances that form separate phases are immiscible. Solvation is the
process in which solute particles are surrounded by solvent molecules. When the solvent is water, the process is called hydration.
The overall enthalpy change that accompanies the formation of a solution, A Hy,,,, is the sum of the enthalpy change for breaking
the intermolecular interactions in both the solvent and the solute and the enthalpy change for the formation of new solute—solvent
interactions. Exothermic (AHg,;, < 0) processes favor solution formation. In addition, the change in entropy, the degree of
disorder of the system, must be considered when predicting whether a solution will form. An increase in entropy (a decrease in
order) favors dissolution.

2.2: Energetics of Solution Formation is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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2.3: Solution Equilibrium and Factors Affecting Solubility

4P Learning Objectives

o To understand the relationship among temperature, pressure, and solubility.
o The understand that the solubility of a solid may increase or decrease with increasing temperature,
o To understand that the solubility of a gas decreases with an increase in temperature and a decrease in pressure.

Experimentally it is found that the solubility of most compounds depends strongly on temperature and, if a gas, on pressure as well. As we shall see, the ability to manipulate the solubility by
changing the temperature and pressure has several important consequences.

Effect of Temperature on the Solubility of Solids

Figure 2.3.1 shows plots of the solubilities of several organic and inorganic compounds in water as a function of temperature. Although the solubility of a solid generally increases with increasing
temperature, there is no simple relationship between the structure of a substance and the temperature dependence of its solubility. Many compounds (such as glucose and CH;CO,Na) exhibit a
dramatic increase in solubility with increasing temperature. Others (such as NaCl and K,SO,) exhibit little variation, and still others (such as Li,SO,) become less soluble with increasing
temperature.

Figure 2.3.1: Solubilities of Several Inorganic and Organic Solids in Water as a Function of Temperature. Solubility may increase or decrease with temperature; the magnitude of this temperature
dependence varies widely among compounds. (CC BY-SA-NC; anonymous)

Graph of solubility against temperature. Plots of sucrose, NHANO3, glucose, CaCl2, KBr, CH3CO2Na, NH4Cl, Li2S04, Na2S04, K2504.
Notice in particular the curves for NH,NO, and CaCl,. The dissolution of ammonium nitrate in water is endothermic (AH o, = +25.7 kJ/mol), whereas the dissolution of calcium chloride is
exothermic (A Hy,p,, = —68.2 kJ/mol), yet Figure 2.3.1 shows that the solubility of both compounds increases sharply with increasing temperature. In fact, the magnitudes of the changes in both
enthalpy and entropy for dissolution are temperature dependent. Because the solubility of a compound is ultimately determined by relatively small differences between large numbers, there is
generally no good way to predict how the solubility will vary with temperature.

The variation of solubility with temperature has been measured for a wide range of compounds, and the results are published in many standard reference books. Chemists are often able to use this
information to separate the components of a mixture by fractional crystallization, the separation of compounds on the basis of their solubilities in a given solvent. For example, if we have a mixture of
150 g of sodium acetate (CH;CO,Na) and 50 g of KBr, we can separate the two compounds by dissolving the mixture in 100 g of water at 80°C and then cooling the solution slowly to 0°C.
According to the temperature curves in Figure 2.3.1, both compounds dissolve in water at 80°C, and all 50 g of KBr remains in solution at 0°C. Only about 36 g of CH;CO,Na are soluble in 100 g
of water at 0°C, however, so approximately 114 g (150 g - 36 g) of CH;CO,Na crystallizes out on cooling. The crystals can then be separated by filtration. Thus fractional crystallization allows us
to recover about 75% of the original CH;CO,Na in essentially pure form in only one step.

Fractional crystallization is a common technique for purifying compounds as diverse as those shown in Figure 2.3.1 and from antibiotics to enzymes. For the technique to work properly, the
compound of interest must be more soluble at high temperature than at low temperature, so that lowering the temperature causes it to crystallize out of solution. In addition, the impurities must be
more soluble than the compound of interest (as was KBr in this example) and preferably present in relatively small amounts.

Effect of Temperature on the Solubility of Gases

The solubility of gases in liquids decreases with increasing temperature, as shown in Figure 2.3.2. Attractive intermolecular interactions in the gas phase are essentially zero for most substances.
‘When a gas dissolves, it does so because its molecules interact with solvent molecules. Because heat is released when these new attractive interactions form, dissolving most gases in liquids is an
exothermic process (AH i, < 0). Conversely, adding heat to the solution provides thermal energy that overcomes the attractive forces between the gas and the solvent molecules, thereby decreasing
the solubility of the gas. The phenomenon is similar to that involved in the increase in the vapor pressure of a pure liquid with increasing temperature. In the case of vapor pressure, however, it is
attractive forces between solvent molecules that are being overcome by the added thermal energy when the temperature is increased.

Figure 2.3.2: Solubilities of Several Common Gases in Water as a Function of Temperature at Partial Pressure of 1 atm. The solubilities of all gases decrease with increasing temperature. (CC BY-SA-
NC; anonymous)

The decrease in the solubilities of gases at higher temperatures has both practical and environmental implications. Anyone who routinely boils water in a teapot or electric kettle knows that a white or
gray deposit builds up on the inside and must eventually be removed. The same phenomenon occurs on a much larger scale in the giant boilers used to supply hot water or steam for industrial
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applications, where it is called “boiler scale,” a deposit that can seriously decrease the capacity of hot water pipes (Figure 2.3.3). The problem is not a uniquely modern one: aqueducts that were built
by the Romans 2000 years ago to carry cold water from alpine regions to warmer, drier regions in southern France were clogged by similar deposits. The chemistry behind the formation of these
deposits is moderately complex and will be described elsewhere, but the driving force is the loss of dissolved CO,, from solution. Hard water contains dissolved Ca’" and HCO; (bicarbonate) ions.
Calcium bicarbonate (Ca(HCO,), is rather soluble in water, but calcium carbonate (CaCO;) is quite insoluble. A solution of bicarbonate ions can react to form carbon dioxide, carbonate ion, and
water:

2HCOj (aq) — CO3 ~(aq) +H,0(1) + CO, (aq) (2.3.1)

Heating the solution decreases the solubility of CO,, which escapes into the gas phase above the solution. In the presence of calcium ions, the carbonate ions precipitate as insoluble calcium
carbonate, the major component of boiler scale.

Figure 2.3.3: Calcium carbonate deposits (left) Calcium carbonate (CaCOs3) deposits in hot water pipes can significantly reduce pipe capacity. These deposits, called boiler scale, form when
dissolved CO, is driven into the gas phase at high temperatures. (right) Highly calcified remains of Eiffel aqueduct near Euskirchen-Kreuzweingarten, Germany. (Wikipedia)

X Thermal Pollution

In thermal pollution, lake or river water that is used to cool an industrial reactor or a power plant is returned to the environment at a higher temperature than normal. Because of the reduced
solubility of O, at higher temperatures (Figure 2.3.2), the warmer water contains less dissolved oxygen than the water did when it entered the plant. Fish and other aquatic organisms that need
dissolved oxygen to live can literally suffocate if the oxygen concentration of their habitat is too low. Because the warm, oxygen-depleted water is less dense, it tends to float on top of the cooler,
denser, more oxygen-rich water in the lake or river, forming a barrier that prevents atmospheric oxygen from dissolving. Eventually even deep lakes can be suffocated if the problem is not
corrected. Additionally, most fish and other nonmammalian aquatic organisms are cold-blooded, which means that their body temperature is the same as the temperature of their environment.
Temperatures substantially greater than the normal range can lead to severe stress or even death. Cooling systems for power plants and other facilities must be designed to minimize any adverse
effects on the temperatures of surrounding bodies of water.

There are many causes of fish kill, but oxygen depletion is the most common cause. (Public Domain; United States Fish and Wildlife Service)

A similar effect is seen in the rising temperatures of bodies of water such as the k00i89Chesapeake Bay, the largest estuary in North America, where \lobal warming has been implicated as the
cause. For each 1.5°C that the bay’s water warms, the capacity of water to dissolve oxygen decreases by about 1.1%. Many marine species that are at the southern limit of their distributions have
shifted their populations farther north. In 2005, the eelgrass, which forms an important nursery habitat for fish and shellfish, disappeared from much of the bay following record high water
temperatures. Presumably, decreased oxygen levels decreased populations of clams and other filter feeders, which then decreased light transmission to allow the eelsgrass to grow. The complex
relationships in ecosystems such as the Chesapeake Bay are especially sensitive to temperature fluctuations that cause a deterioration of habitat quality.

Effect of Pressure on the Solubility of Gases: Henry’s Law

External pressure has very little effect on the solubility of liquids and solids. In contrast, the solubility of gases increases as the partial pressure of the gas above a solution increases. This point is
illustrated in Figure 2.3.4, which shows the effect of increased pressure on the dynamic equilibrium that is established between the dissolved gas molecules in solution and the molecules in the gas
phase above the solution. Because the concentration of molecules in the gas phase increases with increasing pressure, the concentration of dissolved gas molecules in the solution at equilibrium is also
higher at higher pressures.

Figure 2.3.4: A Model Depicting Why the Solubility of a Gas Increases as the Partial Pressure Increases at Constant Temperature. (a) When a gas comes in contact with a pure liquid, some of the gas

molecules (purple spheres) collide with the surface of the liquid and dissolve. When the concentration of dissolved gas molecules has increased so that the rate at which gas molecules escape into the

gas phase is the same as the rate at which they dissolve, a dynamic equilibrium has been established, as depicted here. This equilibrium is entirely analogous to the one that maintains the vapor

pressure of a liquid. (b) Increasing the pressure of the gas increases the number of molecules of gas per unit volume, which increases the rate at which gas molecules collide with the surface of the

liquid and dissolve. (c) As additional gas molecules dissolve at the higher pressure, the concentration of dissolved gas increases until a new dynamic equilibrium is established. (CC BY-SA-NC;

anonymous)
The relationship between pressure and the solubility of a gas is described quantitatively by Henry’s law, which is named for its discoverer, the English physician and chemist, William Henry (1775—
1836):

C=kP (2.3.2)
where

o C is the concentration of dissolved gas at equilibrium,
o P is the partial pressure of the gas, and
o k is the Henry’s law constant, which must be determined experimentally for each combination of gas, solvent, and temperature.

Although the gas concentration may be expressed in any convenient units, we will use molarity exclusively. The units of the Henry’s law constant are therefore mol/(L-atm) = M/atm. Values of the
Henry’s law constants for solutions of several gases in water at 20°C are listed in Table 2.3.1.
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As the data in Table 2.3.1 demonstrate, the concentration of a dissolved gas in water at a given pressure depends strongly on its physical properties. For a series of related substances, London

dispersion forces increase as molecular mass increases. Thus among the elements, the Henry’s law constants increase smoothly from He to Ne to Ar.
Table 2.3.1: Henry’s Law Constants for Selected Gases in Water at 20°C

Gas Henry’s Law Constant [mol/(L-atm)] x 1074
He 3.9
Ne 4.7
Ar 15

2 8.1

2 7.1

2 14
co, 392

X Oxygen is Especially Soluble

Nitrogen and oxygen are the two most prominent gases in the Earth’s atmosphere and they share many similar physical properties. However, as Table 2.3.1 shows, O, is twice as soluble in water
as N,. Many factors contribute to solubility including the nature of the intermolecular forces at play. For a details discussion, see "The O,/N;, Ratio Gas Solubility Mystery" by Rubin Battino and
Paul G. Seybold ( ),

Gases that react chemically with water, such as HC1 and the other hydrogen halides, H,S, and NH;, do net obey Henry’s law; all of these gases are much more soluble than predicted by Henry’s law.
For example, HC reacts with water to give H" (aq) and C1 (aq), not dissolved HC1 molecules, and its dissociation into ions results in a much higher solubility than expected for a neutral molecule.

I Gases that react with water do not obey Henry’s law.

Henry’s law has important applications. For example, bubbles of CO, form as soon as a carbonated beverage is opened because the drink was bottled under CO, at a pressure greater than 1 atm.
When the bottle is opened, the pressure of CO, above the solution drops rapidly, and some of the dissolved gas escapes from the solution as bubbles. Henry’s law also explains why scuba divers have
to be careful to ascend to the surface slowly after a dive if they are breathing compressed air. At the higher pressures under water, more N2 from the air dissolves in the diver’s internal fluids. If the
diver ascends too quickly, the rapid pressure change causes small bubbles of N,, to form throughout the body, a condition known as “the bends.” These bubbles can block the flow of blood through the
small blood vessels, causing great pain and even proving fatal in some cases.

Due to the low Henry’s law constant for O,, in water, the levels of dissolved oxygen in water are too low to support the energy needs of multicellular organisms, including humans. To increase the O,
concentration in internal fluids, organisms synthesize highly soluble carrier molecules that bind O, reversibly. For example, human red blood cells contain a protein called hemoglobin that
specifically binds O, and facilitates its transport from the lungs to the tissues, where it is used to oxidize food molecules to provide energy. The concentration of hemoglobin in normal blood is about
2.2 mM, and each hemoglobin molecule can bind four O, molecules. Although the concentration of dissolved O, in blood serum at 37°C (normal body temperature) is only 0.010 mM, the total
dissolved O, concentration is 8.8 mM, almost a thousand times greater than would be possible without hemoglobin. Synthetic oxygen carriers based on fluorinated alkanes have been developed for
use as an emergency replacement for whole blood. Unlike donated blood, these “blood substitutes” do not require refrigeration and have a long shelf life. Their very high Henry’s law constants for O,
result in dissolved oxygen concentrations comparable to those in normal blood.

A Video Discussing Henry's Law. Video Link: [youtu.be]

v Example 2.3.1

The Henry’s law constant for O, in water at 25°C is 1.27 x 10 3M/atm, and the mole fraction of O, in the atmosphere is 0.21. Calculate the solubility of O, in water at 25°C at an atmospheric
pressure of 1.00 atm.

Given: Henry’s law constant, mole fraction of O,, and pressure

Asked for: solubility
Strategy:

A. Use Dalton’s law of partial pressures to calculate the partial pressure of oxygen. (For more information about Dalton’s law of partial pressures)
B. Use Henry’s law to calculate the solubility, expressed as the concentration of dissolved gas.

Solution:
A According to , the partial pressure of O, is proportional to the mole fraction of O,:
Py =xaP
=(0.21)(1.00 atm)
=0.21 atm
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B From Henry’s law, the concentration of dissolved oxygen under these conditions is
[CO,] =kPo,
=(1.27 x 107 M/ atper)(0.21 atpwr)
=2.7x10"* M

? Exercise 2.3.1

To understand why soft drinks “fizz” and then go “flat” after being opened, calculate the concentration of dissolved CO, in a soft drink:
a. bottled under a pressure of 5.0 atm of CO,
b. in equilibrium with the normal partial pressure of CO, in the atmosphere (approximately 3 x 10~* atm). The Henry’s law constant for CO, in water at 25°C is 3.4 x 1072 M/atm.
Answer a
0.17TM
Answer b

1x107°M

Summary

The solubility of most substances depends strongly on the temperature and, in the case of gases, on the pressure. The solubility of most solid or liquid solutes increases with increasing temperature.
The components of a mixture can often be separated using fractional crystallization, which separates compounds according to their solubilities. The solubility of a gas decreases with increasing
temperature. Henry’s law describes the relationship between the pressure and the solubility of a gas.

2.3: Solution Equilibrium and Factors Affecting Solubility is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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2.4: Expressing Solution Concentration

4} Learning Objectives

o To describe the concentration of a solution in the way that is most appropriate for a particular problem or application.
e To be familiar with the different units used to express the concentrations of a solution.

There are several different ways to quantitatively describe the concentration of a solution. For example, molarity is a useful way to
describe solution concentrations for reactions that are carried out in solution. Mole fractions are used not only to describe gas
concentrations but also to determine the vapor pressures of mixtures of similar liquids. Example 2.4.1 reviews the methods for
calculating the molarity and mole fraction of a solution when the masses of its components are known.

v/ Example 2.4.1: Molarity and Mole Fraction

Commercial vinegar is essentially a solution of acetic acid in water. A bottle of vinegar has 3.78 g of acetic acid per 100.0 g of
solution. Assume that the density of the solution is 1.00 g/mL.

a. What is its molarity?
b. What is its mole fraction?

Given: mass of substance and mass and density of solution
Asked for: molarity and mole fraction
Strategy:

A. Calculate the number of moles of acetic acid in the sample. Then calculate the number of liters of solution from its mass
and density. Use these results to determine the molarity of the solution.

B. Determine the mass of the water in the sample and calculate the number of moles of water. Then determine the mole
fraction of acetic acid by dividing the number of moles of acetic acid by the total number of moles of substances in the
sample.

Solution:

A: The molarity is the number of moles of acetic acid per liter of solution. We can calculate the number of moles of acetic acid
as its mass divided by its molar mass.

3.78 g CH,CO,H

moles CH;CO,H =
60.05 g//mol

=0.0629 mol

The volume of the solution equals its mass divided by its density.

mass
volume = -
density
100.0 & solution
= =100 mL
1.00 g /mL
Then calculate the molarity directly.
. moles CH; CO,H
molarity of CH,CO,H =

liter solution

0.0629 mol CH,CO,H
— —0.629 M CH,CO,H

(100 mlr)(1 L/1000 mlr)
This result makes intuitive sense. If 100.0 g of aqueous solution (equal to 100 mL) contains 3.78 g of acetic acid, then 1 L of
solution will contain 37.8 g of acetic acid, which is a little more than % mole. Keep in mind, though, that the mass and volume
of a solution are related by its density; concentrated aqueous solutions often have densities greater than 1.00 g/mL.
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B: To calculate the mole fraction of acetic acid in the solution, we need to know the number of moles of both acetic acid and
water. The number of moles of acetic acid is 0.0629 mol, as calculated in part (a). We know that 100.0 g of vinegar contains
3.78 g of acetic acid; hence the solution also contains (100.0 g — 3.78 g) = 96.2 g of water. We have

96.2 & H,0O

moles H,0 = —————
18.02 g//mol

=5.34 mol H,0

The mole fraction x of acetic acid is the ratio of the number of moles of acetic acid to the total number of moles of substances
present:

moles CH,CO,H
XCH,COM =" les CH;CO,H +moles H,O

_ 0.0629 mol
" 0.0629 mol +5.34 mol

=0.0116 =1.16 x 1072

This answer makes sense, too. There are approximately 100 times as many moles of water as moles of acetic acid, so the ratio
should be approximately 0.01.

? Exercise 2.4.1: Molarity and Mole Fraction

A solution of HCI gas dissolved in water (sold commercially as “muriatic acid,” a solution used to clean masonry surfaces) has
20.22 g of HCI per 100.0 g of solution, and its density is 1.10 g/mL.

a. What is its molarity?
b. What is its mole fraction?

Answer a
6.10 M HCI
Answer b

xucr =0.111

The concentration of a solution can also be described by its molality (m), the number of moles of solute per kilogram of solvent:

moles solute

molality (m) =

= — (2.4.1)
kilogram solvent

Molality, therefore, has the same numerator as molarity (the number of moles of solute) but a different denominator (kilogram of
solvent rather than liter of solution). For dilute aqueous solutions, the molality and molarity are nearly the same because dilute
solutions are mostly solvent. Thus because the density of water under standard conditions is very close to 1.0 g/mL, the volume of
1.0 kg of HO under these conditions is very close to 1.0 L, and a 0.50 M solution of K Br in water, for example, has
approximately the same concentration as a 0.50 m solution.

Another common way of describing concentration is as the ratio of the mass of the solute to the total mass of the solution. The
result can be expressed as mass percentage, parts per million (ppm), or parts per billion (ppb):

mass of solute

mass percentage = —————— — x 100 (2.4.2)
mass of solution
f solut
parts per million (ppm) = _nawo e u. © x10° (2.4.3)
mass of solution
f solut
parts per billion (ppb) = ass ol somre ’ (2.4.4)

mass of solution

In the health sciences, the concentration of a solution is often expressed as parts per thousand (ppt), indicated as a proportion. For
example, adrenalin, the hormone produced in high-stress situations, is available in a 1:1000 solution, or one gram of adrenalin per
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1000 g of solution.

The labels on bottles of commercial reagents often describe the contents in terms of mass percentage. Sulfuric acid, for example, is
sold as a 95% aqueous solution, or 95 g of H,SO, per 100 g of solution. Parts per million and parts per billion are used to describe
concentrations of highly dilute solutions. These measurements correspond to milligrams and micrograms of solute per kilogram of
solution, respectively. For dilute aqueous solutions, this is equal to milligrams and micrograms of solute per liter of solution
(assuming a density of 1.0 g/mL).

v/ Example 2.4.2: Molarity and Mass

Several years ago, millions of bottles of mineral water were contaminated with benzene at ppm levels. This incident received a
great deal of attention because the lethal concentration of benzene in rats is 3.8 ppm. A 250 mL sample of mineral water has
12.7 ppm of benzene. Because the contaminated mineral water is a very dilute aqueous solution, we can assume that its density
is approximately 1.00 g/mL.

a. What is the molarity of the solution?
b. What is the mass of benzene in the sample?

Given: volume of sample, solute concentration, and density of solution
Asked for: molarity of solute and mass of solute in 250 mL
Strategy:

A. Use the concentration of the solute in parts per million to calculate the molarity.
B. Use the concentration of the solute in parts per million to calculate the mass of the solute in the specified volume of
solution.

Solution:

a. A To calculate the molarity of benzene, we need to determine the number of moles of benzene in 1 L. of solution. We know
that the solution contains 12.7 ppm of benzene. Because 12.7 ppm is equivalent to 12.7 mg/1000 g of solution and the density
of the solution is 1.00 g/mL, the solution contains 12.7 mg of benzene per liter (1000 mL). The molarity is therefore

larit moles
molarity = ——
Y liter solution

1 4 1 mol
(12.7 mg) (1000 'n}gz) (78.114 g/>
o 1.00 L
=1.63x10*M

b. B We are given that there are 12.7 mg of benzene per 1000 g of solution, which is equal to 12.7 mg/L of solution. Hence the
mass of benzene in 250 mL (250 g) of solution is

(12.7 mg benzene) (250 mkr)
1000 mE

mass of benzene =

=3.18 mg
=3.18 x 10~ g benzene

? Exercise 2.4.2: Molarity of Lead Solution

The maximum allowable concentration of lead in drinking water is 9.0 ppb.
a. What is the molarity of Pb?* in a 9.0 ppb aqueous solution?

b. Use your calculated concentration to determine how many grams of Pb% " are in an 8 oz glass of water.

Answer a
43x1078M
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Answer b

2x10%g

How do chemists decide which units of concentration to use for a particular application? Although molarity is commonly used to
express concentrations for reactions in solution or for titrations, it does have one drawback—molarity is the number of moles of
solute divided by the volume of the solution, and the volume of a solution depends on its density, which is a function of
temperature. Because volumetric glassware is calibrated at a particular temperature, typically 20°C, the molarity may differ from
the original value by several percent if a solution is prepared or used at a significantly different temperature, such as 40°C or 0°C.
For many applications this may not be a problem, but for precise work these errors can become important. In contrast, mole
fraction, molality, and mass percentage depend on only the masses of the solute and solvent, which are independent of temperature.

Mole fraction is not very useful for experiments that involve quantitative reactions, but it is convenient for calculating the partial
pressure of gases in mixtures, as discussed previously. Mole fractions are also useful for calculating the vapor pressures of certain
types of solutions. Molality is particularly useful for determining how properties such as the freezing or boiling point of a solution
vary with solute concentration. Because mass percentage and parts per million or billion are simply different ways of expressing
the ratio of the mass of a solute to the mass of the solution, they enable us to express the concentration of a substance even when
the molecular mass of the substance is unknown. Units of ppb or ppm are also used to express very low concentrations, such as
those of residual impurities in foods or of pollutants in environmental studies.

Table 2.4.1 summarizes the different units of concentration and typical applications for each. When the molar mass of the solute
and the density of the solution are known, it becomes relatively easy with practice to convert among the units of concentration we
have discussed, as illustrated in Example 2.4.3.

Table 2.4.1: Different Units for Expressing the Concentrations of Solutions*

Unit Definition Application

Used for quantitative reactions in solution and
molarity (M) moles of solute/liter of solution (mol/L) titrations; mass and molecular mass of solute
and volume of solution are known.

Used for partial pressures of gases and vapor
mole fraction (x) moles of solute/total moles present (mol/mol) pressures of some solutions; mass and
molecular mass of each component are known.

Used in determining how colligative properties
molality (m) moles of solute/kg of solvent (mol/kg) vary with solute concentration; masses and
molecular mass of solute are known.
Useful when masses are known but molecular

mass percentage (%) [mass of solute (g)/mass of solution (g)] x 100
masses are unknown.

. Used in the health sciences, ratio solutions are
[mass of solute/mass of solution] x 103 (g

icall i h
soluterkg solution) typically expressed as a proportion, such as

1:1000.

parts per thousand (ppt)

[mass of solute/mass of solution] x 106 (mg  Used for trace quantities; masses are known but

parts per million (ppm) .
solute/kg solution) molecular masses may be unknown.

[mass of solute/mass of solution] x 10° (ug  Used for trace quantities; masses are known but

parts per billion (ppb) .
solute/kg solution) molecular masses may be unknown.

*The molarity of a solution is temperature dependent, but the other units shown in this table are independent of temperature.

v/ Example 2.4.3: Vodka

Vodka is essentially a solution of ethanol in water. Typical vodka is sold as “80 proof,” which means that it contains 40.0%
ethanol by volume. The density of pure ethanol is 0.789 g/mL at 20°C. If we assume that the volume of the solution is the sum
of the volumes of the components (which is not strictly correct), calculate the following for the ethanol in 80-proof vodka.

a. the mass percentage
b. the mole fraction
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c. the molarity
d. the molality

Given: volume percent and density
Asked for: mass percentage, mole fraction, molarity, and molality
Strategy:

A. Use the density of the solute to calculate the mass of the solute in 100.0 mL of solution. Calculate the mass of water in
100.0 mL of solution.

B. Determine the mass percentage of solute by dividing the mass of ethanol by the mass of the solution and multiplying by
100.

C. Convert grams of solute and solvent to moles of solute and solvent. Calculate the mole fraction of solute by dividing the
moles of solute by the total number of moles of substances present in solution.

D. Calculate the molarity of the solution: moles of solute per liter of solution. Determine the molality of the solution by
dividing the number of moles of solute by the kilograms of solvent.

Solution:

The key to this problem is to use the density of pure ethanol to determine the mass of ethanol (C H3C HyOH), abbreviated as
EtOH, in a given volume of solution. We can then calculate the number of moles of ethanol and the concentration of ethanol in
any of the required units. A Because we are given a percentage by volume, we assume that we have 100.0 mL of solution. The
volume of ethanol will thus be 40.0% of 100.0 mL, or 40.0 mL of ethanol, and the volume of water will be 60.0% of 100.0 mL,
or 60.0 mL of water. The mass of ethanol is obtained from its density:

0.789 g
mlr

If we assume the density of water is 1.00 g/mL, the mass of water is 60.0 g. We now have all the information we need to
calculate the concentration of ethanol in the solution.

mass of EtOH = (40.0 mL) < ) =31.6 g EtOH

B The mass percentage of ethanol is the ratio of the mass of ethanol to the total mass of the solution, expressed as a percentage:

mass of EtOH
- (100)
mass of solution

%EtOH = (

31.6 ¢ EtOH )
~\ 316 gyEtOH+60.0 g/HgO (100)
=34.5%

C The mole fraction of ethanol is the ratio of the number of moles of ethanol to the total number of moles of substances in the
solution. Because 40.0 mL of ethanol has a mass of 31.6 g, we can use the molar mass of ethanol (46.07 g/mol) to determine
the number of moles of ethanol in 40.0 mL:

1 mol

46.07 g CHyCH, 08

moles CH;CH,OH = (31.6 g CW)

=0.686 mol CH;CH,OH

Similarly, the number of moles of water is

les 1,0 = (60.0 g0 [ 220 ) 540 im0
moles =(60.0 g —— | =3.33 mo
: 22| 502 gH,0- ’
The mole fraction of ethanol is thus
0.686 mok
XCH,CH,0H — =0.171

0.686 mok+3.33 mok
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D The molarity of the solution is the number of moles of ethanol per liter of solution. We already know the number of moles of
ethanol per 100.0 mL of solution, so the molarity is

0.686 mol 1000 pod”
100 md” L

The molality of the solution is the number of moles of ethanol per kilogram of solvent. Because we know the number of moles
of ethanol in 60.0 g of water, the calculation is again straightforward:

Mon,cu,on = ( ) =6.86 M

0.686 mol EtOH \ [ 1000 g 11.4 mol EtOH
— —11.4m

TTOR,CH,0H = ( 60.0 g HyO kg kg H,O

? Exercise 2.4.3: Toluene/Benzene Solution

A solution is prepared by mixing 100.0 mL of toluene with 300.0 mL of benzene. The densities of toluene and benzene are
0.867 g/mL and 0.874 g/mL, respectively. Assume that the volume of the solution is the sum of the volumes of the
components. Calculate the following for toluene.

a. mass percentage
b. mole fraction
c. molarity
d. molality
Answer a
mass percentage toluene = 24.8%
Answer b
Xtoluene = 0.219
Answer c
2.35 M toluene
Answer d

3.59 m toluene

A Video Discussing Different Measures of Concentration. Video Link:
[youtu.be]
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A Video Discussing how to Convert Measures of Concentration. Video Link:
[youtu.be]

Summary

Different units are used to express the concentrations of a solution depending on the application. The concentration of a solution is
the quantity of solute in a given quantity of solution. It can be expressed in several ways: molarity (moles of solute per liter of
solution); mole fraction, the ratio of the number of moles of solute to the total number of moles of substances present; mass
percentage, the ratio of the mass of the solute to the mass of the solution times 100; parts per thousand (ppt), grams of solute per
kilogram of solution; parts per million (ppm), milligrams of solute per kilogram of solution; parts per billion (ppb), micrograms of
solute per kilogram of solution; and molality (m), the number of moles of solute per kilogram of solvent.
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2.5: Colligative Properties- Freezing Point Depression, Boiling Point Elevation, and
Osmosis

4) Learning Objectives

o To describe the relationship between solute concentration and the physical properties of a solution.
o To understand that the total number of nonvolatile solute particles determines the decrease in vapor pressure, increase in
boiling point, and decrease in freezing point of a solution versus the pure solvent.

Many of the physical properties of solutions differ significantly from those of the pure substances discussed in earlier chapters, and
these differences have important consequences. For example, the limited temperature range of liquid water (0°C-100°C) severely
limits its use. Aqueous solutions have both a lower freezing point and a higher boiling point than pure water. Probably one of the
most familiar applications of this phenomenon is the addition of ethylene glycol (“antifreeze”) to the water in an automobile
radiator. This solute lowers the freezing point of the water, preventing the engine from cracking in very cold weather from the
expansion of pure water on freezing. Antifreeze also enables the cooling system to operate at temperatures greater than 100°C
without generating enough pressure to explode.

Changes in the freezing point and boiling point of a solution depend primarily on the number of solute particles present rather than
the kind of particles. Such properties of solutions are called colligative properties (from the Latin colligatus, meaning “bound
together” as in a quantity). As we will see, the vapor pressure and osmotic pressure of solutions are also colligative properties.

X Counting concentrations

When we determine the number of particles in a solution, it is important to remember that not all solutions with the same
molarity contain the same concentration of solute particles. Consider, for example, 0.01 M aqueous solutions of sucrose, NaCl,
and CaCl,. Because sucrose dissolves to give a solution of neutral molecules, the concentration of solute particles in a 0.01 M
sucrose solution is 0.01 M. In contrast, both NaCl and CaCl, are ionic compounds that dissociate in water to yield solvated
ions. As a result, a 0.01 M aqueous solution of NaCl contains 0.01 M Na™ ions and 0.01 M CI~ ions, for a total particle
concentration of 0.02 M. Similarly, the CaCl, solution contains 0.01 M Ca’ " ions and 0.02 M CI~ ions, for a total particle
concentration of 0.03 M. These values are correct for dilute solutions, where the dissociation of the compounds to form
separately solvated ions is complete.

At higher concentrations (typically >1 M), especially with salts of small, highly charged ions (such as Mg2 Tor AP *), orin
solutions with less polar solvents, dissociation to give separate ions is often incomplete. The sum of the concentrations of the
dissolved solute particles dictates the physical properties of a solution. In the following discussion, we must therefore keep the
chemical nature of the solute firmly in mind.

Vapor Pressure of Solutions and Raoult’'s Law

Adding a nonvolatile solute, one whose vapor pressure is too low to measure readily, to a volatile solvent decreases the vapor
pressure of the solvent. We can understand this phenomenon qualitatively by examining Figure 2.5.1, which is a schematic diagram
of the surface of a solution of glucose in water. In an aqueous solution of glucose, a portion of the surface area is occupied by
nonvolatile glucose molecules rather than by volatile water molecules. As a result, fewer water molecules can enter the vapor phase
per unit time, even though the surface water molecules have the same kinetic energy distribution as they would in pure water. At
the same time, the rate at which water molecules in the vapor phase collide with the surface and reenter the solution is unaffected.
The net effect is to shift the dynamic equilibrium between water in the vapor and the liquid phases, decreasing the vapor pressure
of the solution compared with the vapor pressure of the pure solvent.
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Figure 2.5.1: A Model Depicting Why the Vapor Pressure of a Solution of Glucose Is Less Than the Vapor Pressure of Pure Water.

(a) When water or any volatile solvent is in a closed container, water molecules move into and out of the liquid phase at the same

rate in a dynamic equilibrium. (b) If a nonvolatile solute such as glucose is added, some fraction of the surface area is occupied by

solvated solute molecules. As a result, the rate at which water molecules evaporate is decreased, although initially their rate of

condensation is unchanged. (c) When the glucose solution reaches equilibrium, the concentration of water molecules in the vapor

phase, and hence the vapor pressure, is less than that of pure water.
Figure 2.5.2 shows two beakers, one containing pure water and one containing an aqueous glucose solution, in a sealed chamber.
We can view the system as having two competing equilibria: water vapor will condense in both beakers at the same rate, but water
molecules will evaporate more slowly from the glucose solution because fewer water molecules are at the surface. Eventually all of
the water will evaporate from the beaker containing the liquid with the higher vapor pressure (pure water) and condense in the
beaker containing the liquid with the lower vapor pressure (the glucose solution). If the system consisted of only a beaker of water
inside a sealed container, equilibrium between the liquid and vapor would be achieved rather rapidly, and the amount of liquid
water in the beaker would remain constant.

Figure 2.5.2: Transfer of Water to a Beaker Containing a Glucose Solution. (top) One beaker contains an aqueous solution of
glucose, and the other contains pure water. If they are placed in a sealed chamber, the lower vapor pressure of water in the glucose
solution results in a net transfer of water from the beaker containing pure water to the beaker containing the glucose solution.
(bottom) Eventually, all of the water is transferred to the beaker that has the glucose solution.
If the particles of a solute are essentially the same size as those of the solvent and both solute and solvent have roughly equal
probabilities of being at the surface of the solution, then the effect of a solute on the vapor pressure of the solvent is proportional to
the number of sites occupied by solute particles at the surface of the solution. Doubling the concentration of a given solute causes
twice as many surface sites to be occupied by solute molecules, resulting in twice the decrease in vapor pressure. The relationship
between solution composition and vapor pressure is therefore

Py =x4P" (2.5.1)

where P is the vapor pressure of component A of the solution (in this case the solvent), x 4 is the mole fraction of A in solution,
and PX is the vapor pressure of pure A. Equation 2.5.1 is known as Raoult’s law, after the French chemist who developed it. If the
solution contains only a single nonvolatile solute (B), then x4 + x5 =1, and we can substitute x4, =1 — xp to obtain

Py =(1—-x35)P) (2.5.2)
=P} —xgP) (2.5.3)

Rearranging and defining AP, = PAO — P, , we obtain a relationship between the decrease in vapor pressure and the mole fraction
of nonvolatile solute:
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P)— P, =APy (2.5.4)
=xpP) (2.5.5)
We can solve vapor pressure problems in either of two ways: by using Equation 2.5.1 to calculate the actual vapor pressure above a

solution of a nonvolatile solute, or by using Equation 2.5.5 to calculate the decrease in vapor pressure caused by a specified
amount of a nonvolatile solute.

v/ Example 2.5.1: Anti-Freeze

Ethylene glycol (HOCH, CH,OH), the major ingredient in commercial automotive antifreeze, increases the boiling point of
radiator fluid by lowering its vapor pressure. At 100°C, the vapor pressure of pure water is 760 mmHg. Calculate the vapor
pressure of an aqueous solution containing 30.2% ethylene glycol by mass, a concentration commonly used in climates that do
not get extremely cold in winter.

Given: identity of solute, percentage by mass, and vapor pressure of pure solvent
Asked for: vapor pressure of solution
Strategy:

A. Calculate the number of moles of ethylene glycol in an arbitrary quantity of water, and then calculate the mole fraction of
water.
B. Use Raoult’s law to calculate the vapor pressure of the solution.

Solution:

A A 30.2% solution of ethylene glycol contains 302 g of ethylene glycol per kilogram of solution; the remainder (698 g) is
water. To use Raoult’s law to calculate the vapor pressure of the solution, we must know the mole fraction of water. Thus we
must first calculate the number of moles of both ethylene glycol (EG) and water present:

les BG = (302 ¢) [ =) _ 4.87 mol BG
moles = [ 62.07 5 =4.87 mo
1 mol
moles HQO = (698 g/) m = 38.7 mol H20
The mole fraction of water is thus
38.7 mpt HyO
X0 = < —0.888

38.7 mok HyO +4.87 mok EG

B From Raoult’s law (Equation 2.5.1), the vapor pressure of the solution is

Pr,0 = (xm20)(Py,0)
= (0.888)(760 mmHg) =675 mmHg

Alternatively, we could solve this problem by calculating the mole fraction of ethylene glycol and then using Equation 2.5.5 to
calculate the resulting decrease in vapor pressure:

B 4.87 mol EG
~ 4.87 mol EG+38.7 mol H,O

APy, = (xpc)(Ph,o) = (0.112)(760 mmHg) = 85.1 mmHg

XEG =0.112

Pr,0 = PI(}ZO —APg,0 =760 mmHg—85.1 mmHg=675 mmHg

The same result is obtained using either method.
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? Exercise 2.5.1

Seawater is an approximately 3.0% aqueous solution of NaCl by mass with about 0.5% of other salts by mass. Calculate the
decrease in the vapor pressure of water at 25°C caused by this concentration of NaCl, remembering that 1 mol of NaCl
produces 2 mol of solute particles. The vapor pressure of pure water at 25°C is 23.8 mmHg.

Answer

0.45 mmHg. This may seem like a small amount, but it constitutes about a 2% decrease in the vapor pressure of water and
accounts in part for the higher humidity in the north-central United States near the Great Lakes, which are freshwater lakes.
The decrease therefore has important implications for climate modeling.

Even when a solute is volatile, meaning that it has a measurable vapor pressure, we can still use Raoult’s law. In this case, we
calculate the vapor pressure of each component separately. The total vapor pressure of the solution (Pj;) is the sum of the vapor
pressures of the components:

Pyt = Py + Pp =xaP} +x5P) (2.5.6)
Because xp =1 — x4 for a two-component system,
Pyt = xaP) +(1—x4)Pp (2.5.7)

Thus we need to specify the mole fraction of only one of the components in a two-component system. Consider, for example, the
vapor pressure of solutions of benzene and toluene of various compositions. At 20°C, the vapor pressures of pure benzene and
toluene are 74.7 and 22.3 mmHg, respectively. The vapor pressure of benzene in a benzene—toluene solution is

Pe,u, = XcoH, P g, (2.5.8)
and the vapor pressure of toluene in the solution is
PCsHsCHjz = x0ym,0m, PO, . omrs (2.5.9)

Equations 2.5.8 and 2.5.9 are both in the form of the equation for a straight line: y = ma + b, where b = 0. Plots of the vapor
pressures of both components versus the mole fractions are therefore straight lines that pass through the origin, as shown in Figure
2.5.3. Furthermore, a plot of the total vapor pressure of the solution versus the mole fraction is a straight line that represents the
sum of the vapor pressures of the pure components. Thus the vapor pressure of the solution is always greater than the vapor
pressure of either component.

Figure 2.5.3: Vapor Pressures of Benzene-Toluene Solutions. Plots of the vapor pressures of benzene (C;H) and toluene (
C4H, CHj,) versus the mole fractions at 20°C are straight lines. For a solution like this, which approximates an ideal solution, the
total vapor pressure of the solution (P;;) is the sum of the vapor pressures of the components.

Graph of vapp pressure in mmHg against benzene and toulen mole fractions. Benzene mole fractions increase from left to right
while toluene mole fractions decrease from left to right on the x axis.
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A solution of two volatile components that behaves like the solution in Figure 2.5.3, which is defined as a solution that obeys
Raoult’s law. Like an ideal gas, an ideal solution is a hypothetical system whose properties can be described in terms of a simple
model. Mixtures of benzene and toluene approximate an ideal solution because the intermolecular forces in the two pure liquids are
almost identical in both kind and magnitude. Consequently, the change in enthalpy on solution formation is essentially zero (
AH,y, = 0), which is one of the defining characteristics of an ideal solution.

I Ideal solutions and ideal gases are both simple models that ignore intermolecular interactions.

Most real solutions, however, do not obey Raoult’s law precisely, just as most real gases do not obey the ideal gas law exactly. Real
solutions generally deviate from Raoult’s law because the intermolecular interactions between the two components A and B differ.
We can distinguish between two general kinds of behavior, depending on whether the intermolecular interactions between
molecules A and B are stronger or weaker than the A—A and B-B interactions in the pure components. If the A-B interactions are
stronger than the A—A and B-B interactions, each component of the solution exhibits a lower vapor pressure than expected for an
ideal solution, as does the solution as a whole. The favorable A-B interactions effectively stabilize the solution compared with the
vapor. This kind of behavior is called a negative deviation from Raoult’s law. Systems stabilized by hydrogen bonding between two
molecules, such as acetone and ethanol, exhibit negative deviations from Raoult’s law. Conversely, if the A-B interactions are
weaker than the A—A and B-B interactions yet the entropy increase is enough to allow the solution to form, both A and B have an
increased tendency to escape from the solution into the vapor phase. The result is a higher vapor pressure than expected for an ideal
solution, producing a positive deviation from Raoult’s law. In a solution of CCl, and methanol, for example, the nonpolar CCl,
molecules interrupt the extensive hydrogen bonding network in methanol, and the lighter methanol molecules have weaker London
dispersion forces than the heavier CCl, molecules. Consequently, solutions of CCl, and methanol exhibit pesitive deviations
from Raoult’s law.

v/ Example 2.5.2

For each system, compare the intermolecular interactions in the pure liquids and in the solution to decide whether the vapor
pressure will be greater than that predicted by Raoult’s law (positive deviation), approximately equal to that predicted by
Raoult’s law (an ideal solution), or less than the pressure predicted by Raoult’s law (negative deviation).

a. cyclohexane and ethanol
b. methanol and acetone
c. n-hexane and isooctane (2,2,4-trimethylpentane)

Given: identity of pure liquids

Asked for: predicted deviation from Raoult’s law (Equation 2.5.1)

Strategy:

Identify whether each liquid is polar or nonpolar, and then predict the type of intermolecular interactions that occur in solution.
Solution:

a. Liquid ethanol contains an extensive hydrogen bonding network, and cyclohexane is nonpolar. Because the cyclohexane
molecules cannot interact favorably with the polar ethanol molecules, they will disrupt the hydrogen bonding. Hence the
A-B interactions will be weaker than the A—A and B-B interactions, leading to a higher vapor pressure than predicted by
Raoult’s law (a positive deviation).

b. Methanol contains an extensive hydrogen bonding network, but in this case the polar acetone molecules create A—B
interactions that are stronger than the A—A or B-B interactions, leading to a negative enthalpy of solution and a lower vapor
pressure than predicted by Raoult’s law (a negative deviation).

c. Hexane and isooctane are both nonpolar molecules (isooctane actually has a very small dipole moment, but it is so small
that it can be ignored). Hence the predominant intermolecular forces in both liquids are London dispersion forces. We

expect the A—B interactions to be comparable in strength to the A—A and B-B interactions, leading to a vapor pressure in
good agreement with that predicted by Raoult’s law (an ideal solution).
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? Exercise 2.5.2

For each system, compare the intermolecular interactions in the pure liquids with those in the solution to decide whether the
vapor pressure will be greater than that predicted by Raoult’s law (positive deviation), approximately equal to that predicted by
Raoult’s law (an ideal solution), or less than the pressure predicted by Raoult’s law (negative deviation):

a. benzene and n-hexane
b. ethylene glycol and CCl,
c. acetic acid and n-propanol
Answer a
approximately equal
Answer b
positive deviation (vapor pressure greater than predicted)
Answer c

negative deviation (vapor pressure less than predicted)

A Video Discussing Roult's Law. Video Link:
[youtu.be]

A Video Discussing How to find the Vapor Pressure of a Solution. Video Link:
[youtu.be]
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Boiling Point Elevation

Recall that the normal boiling point of a substance is the temperature at which the vapor pressure equals 1 atm. If a nonvolatile
solute lowers the vapor pressure of a solvent, it must also affect the boiling point. Because the vapor pressure of the solution at a
given temperature is less than the vapor pressure of the pure solvent, achieving a vapor pressure of 1 atm for the solution requires a
higher temperature than the normal boiling point of the solvent. Thus the boiling point of a solution is always greater than that of
the pure solvent. We can see why this must be true by comparing the phase diagram for an aqueous solution with the phase diagram
for pure water (Figure 2.5.4). The vapor pressure of the solution is less than that of pure water at all temperatures. Consequently,
the liquid—vapor curve for the solution crosses the horizontal line corresponding to P = 1 atm at a higher temperature than does the
curve for pure water.

Figure 2.5.4: Phase Diagrams of Pure Water and an Aqueous Solution of a Nonvolatile Solute. The vaporization curve for the
solution lies below the curve for pure water at all temperatures, which results in an increase in the boiling point and a decrease in
the freezing point of the solution.

The boiling point of a solution with a nonvolatile solute is always greater than the boiling
point of the pure solvent.
The magnitude of the increase in the boiling point is related to the magnitude of the decrease in the vapor pressure. As we have just

discussed, the decrease in the vapor pressure is proportional to the concentration of the solute in the solution. Hence the magnitude
of the increase in the boiling point must also be proportional to the concentration of the solute (Figure 2.5.5).
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Figure 2.5.5: Vapor Pressure Decrease and Boiling Point Increase as Functions of the Mole Fraction of a Nonvolatile Solute

Change in vapor pressure in atm in on the left side y axis while change in temperature is on the right side y axis. These are being
plotted against mole fraction of solute.

We can define the boiling point elevation (AT} ) as the difference between the boiling points of the solution and the pure solvent:
AT, =T, - T (2.5.10)

where T}, is the boiling point of the solution and Tb0 is the boiling point of the pure solvent. We can express the relationship
between AT}, and concentration as follows

AT[, :me (2511)

where m is the concentration of the solute expressed in molality, and Kj is the molal beiling point elevation constant of the
solvent, which has units of °C/m. Table 2.5.1 lists characteristic K} values for several commonly used solvents. For relatively
dilute solutions, the magnitude of both properties is proportional to the solute concentration.

Table 2.5.1: Boiling Point Elevation Constants (Kp) and Freezing Point Depression Constants (K¢) for Some Solvents

Solvent Boiling Point (°C) Kp (°C/m) Freezing Point (°C) K (°C/m)
acetic acid 117.90 3.22 16.64 3.63
benzene 80.09 2.64 5.49 5.07
d-(+)-camphor 207.4 491 178.8 37.8
carbon disulfide 46.2 2.42 -112.1 3.74
carbon tetrachloride 76.8 5.26 —-22.62 314
chloroform 61.17 3.80 -63.41 4.60
nitrobenzene 210.8 5.24 5.70 6.87
water 100.00 0.51 0.00 1.86

The concentration of the solute is typically expressed as molality rather than mole fraction or molarity for two reasons. First,
because the density of a solution changes with temperature, the value of molarity also varies with temperature. If the boiling point
depends on the solute concentration, then by definition the system is not maintained at a constant temperature. Second, molality
and mole fraction are proportional for relatively dilute solutions, but molality has a larger numerical value (a mole fraction can be
only between zero and one). Using molality allows us to eliminate nonsignificant zeros.

According to Table 2.5.1, the molal boiling point elevation constant for water is 0.51°C/m. Thus a 1.00 m aqueous solution of a
nonvolatile molecular solute such as glucose or sucrose will have an increase in boiling point of 0.51°C, to give a boiling point of
100.51°C at 1.00 atm. The increase in the boiling point of a 1.00 m aqueous NaCl solution will be approximately twice as large as
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that of the glucose or sucrose solution because 1 mol of NaCl produces 2 mol of dissolved ions. Hence a 1.00 m NaCl solution
will have a boiling point of about 101.02°C.

v/ Example 2.5.3

In Example 2.5.1, we calculated that the vapor pressure of a 30.2% aqueous solution of ethylene glycol at 100°C is 85.1
mmHg less than the vapor pressure of pure water. We stated (without offering proof) that this should result in a higher boiling
point for the solution compared with pure water. Now that we have seen why this assertion is correct, calculate the boiling
point of the aqueous ethylene glycol solution.

Given: composition of solution
Asked for: boiling point
Strategy:

Calculate the molality of ethylene glycol in the 30.2% solution. Then use Equation to calculate the increase in boiling
point.

Solution:

From Example 2.5.1, we know that a 30.2% solution of ethylene glycol in water contains 302 g of ethylene glycol (4.87 mol)
per 698 g of water. The molality of the solution is thus

4. 1 1000
molality of ethylene glycol = <6988;72020> ( 1 kgg/ =6.98m

From Equation , the increase in boiling point is therefore
AT, =mK, = (6.98 -)(0.51°C/ ;) =3.6"C

The boiling point of the solution is thus predicted to be 104°C. With a solute concentration of almost 7 m, however, the
assumption of a dilute solution used to obtain Equation may not be valid.

? Exercise 2.5.3

Assume that a tablespoon (5.00 g) of NaCl is added to 2.00 L of water at 20.0°C, which is then brought to a boil to cook
spaghetti. At what temperature will the water boil?

Answer

100.04°C, or 100°C to three significant figures. (Recall that 1 mol of NaCl produces 2 mol of dissolved particles. The
small increase in temperature means that adding salt to the water used to cook pasta has essentially no effect on the cooking
time.)
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A Video Discussing Boiling Point Elevation and Freezing Point Depression. Video Link: Boiling Point Elevation and Freezing
Point Depression, YouTube(opens in new window) [youtu.be] (Opens in new window)

Freezing Point Depression

The phase diagram in Figure 2.5.4 shows that dissolving a nonvolatile solute in water not only raises the boiling point of the water
but also lowers its freezing point. The solid—liquid curve for the solution crosses the line corresponding to P =1 atm at a lower
temperature than the curve for pure water.

We can understand this result by imagining that we have a sample of water at the normal freezing point temperature, where there is
a dynamic equilibrium between solid and liquid. Water molecules are continuously colliding with the ice surface and entering the
solid phase at the same rate that water molecules are leaving the surface of the ice and entering the liquid phase. If we dissolve a
nonvolatile solute such as glucose in the liquid, the dissolved glucose molecules will reduce the number of collisions per unit time
between water molecules and the ice surface because some of the molecules colliding with the ice will be glucose. Glucose,
though, has a very different structure than water, and it cannot fit into the ice lattice. Consequently, the presence of glucose
molecules in the solution can only decrease the rate at which water molecules in the liquid collide with the ice surface and solidify.
Meanwhile, the rate at which the water molecules leave the surface of the ice and enter the liquid phase is unchanged. The net
effect is to cause the ice to melt. The only way to reestablish a dynamic equilibrium between solid and liquid water is to lower the
temperature of the system, which decreases the rate at which water molecules leave the surface of the ice crystals until it equals the
rate at which water molecules in the solution collide with the ice.

By analogy to our treatment of boiling point elevation,the freezing point depression (ATY) is defined as the difference between the
freezing point of the pure solvent and the freezing point of the solution:

ATy =T} Ty (2.5.12)
where Tf0 is the freezing point of the pure solvent and T is the freezing point of the solution.

The order of the terms is reversed compared with Equation 2.5.10 to express the freezing point depression as a positive number.
The relationship between AT and the solute concentration is given by an equation analogous to Equation 2.5.11:

ATf :me (2513)
where m is the molality of the solution and K is the molal freezing point depression constant for the solvent (in units of °C/m).

Like K3, each solvent has a characteristic value of Ky (see Table 2.5.1). Freezing point depression depends on the total number of
dissolved nonvolatile solute particles, just as with boiling point elevation. Thus an aqueous NaCl solution has twice as large a
freezing point depression as a glucose solution of the same molality.

People who live in cold climates use freezing point depression to their advantage in many ways. For example, salt is used to melt
ice and snow on roads and sidewalks, ethylene glycol is added to engine coolant water to prevent an automobile engine from being
destroyed, and methanol is added to windshield washer fluid to prevent the fluid from freezing.

The decrease in vapor pressure, increase in boiling point, and decrease in freezing point of a solution versus a pure liquid all
depend on the total number of dissolved nonvolatile solute particles.

v/ Example 2.5.4: Salting the Roads

In colder regions of the United States, NaCl or CaCl, is often sprinkled on icy roads in winter to melt the ice and make
driving safer. Use the data in the Figure below to estimate the concentrations of two saturated solutions at 0°C, one of NaCl
and one of CaCl,, and calculate the freezing points of both solutions to see which salt is likely to be more effective at melting
ice.
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Solubilities of Several Inorganic and Organic Solids in Water as a Function of Temperature. Solubility may increase or
decrease with temperature; the magnitude of this temperature dependence varies widely among compounds.

Graph of solubility against temperature. Plots of sucrose, NH4NO3, glucose, CaCl2, KBr, CH3CO2Na, NH4Cl, NaCl,
Li2S04, Na2S04, K2S04.

Given: solubilities of two compounds
Asked for: concentrations and freezing points
Strategy:

A. Estimate the solubility of each salt in 100 g of water from the figure. Determine the number of moles of each in 100 g and
calculate the molalities.

B. Determine the concentrations of the dissolved salts in the solutions. Substitute these values into Equation 2.5.13to
calculate the freezing point depressions of the solutions.

Solution:

A From Figure above, we can estimate the solubilities of NaCl and CaCl, to be about 36 g and 60 g, respectively, per 100 g
of water at 0°C. The corresponding concentrations in molality are

36 9 NaC+\ (1 mol NaCl (1000 9/) C6om

T\ 100 g Hy0 ) \58.44 gNagw )\ The
(60 gCactr 1 mol CaCl, 00 g\ L,
@\ 100 ¢ B0 | \ 11098 gcacsy) \ The )

The lower formula mass of NaCl more than compensates for its lower solubility, resulting in a saturated solution that has a
slightly higher concentration than CaCls.

B Because these salts are ionic compounds that dissociate in water to yield two and three ions per formula unit of NaCl and
CaCly, respectively, the actual concentrations of the dissolved species in the two saturated solutions are 2 x 6.2 m = 12 m for
NaCland 3 x 5.4 m = 16 m for CaCl'ly. The resulting freezing point depressions can be calculated using Equation 2.5.13;

NaCl: ATy =mK; = (12 13-)(1.86°C/ ) =22°C
CaCl, : ATy =mK; = (16 m)(1.86°C/ 1) =30°C

Because the freezing point of pure water is 0°C, the actual freezing points of the solutions are —22°C and -30°C, respectively.
Note that CaCls is substantially more effective at lowering the freezing point of water because its solutions contain three ions
per formula unit. In fact, CaCls is the salt usually sold for home use, and it is also often used on highways.
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Because the solubilities of both salts decrease with decreasing temperature, the freezing point can be depressed by only a
certain amount, regardless of how much salt is spread on an icy road. If the temperature is significantly below the minimum
temperature at which one of these salts will cause ice to melt (say —35°C), there is no point in using salt until it gets warmer

? Exercise 2.5.4

Calculate the freezing point of the 30.2% solution of ethylene glycol in water whose vapor pressure and boiling point we
calculated in Examples 2.5.5and 2.5.5.

Answer

—-13.0°C

v Example 2.5.5

Arrange these aqueous solutions in order of decreasing freezing points: 0.1 m KCI, 0.1 m glucose, 0.1 m SrCl2, 0.1 m
ethylene glycol, 0.1 m benzoic acid, and 0.1 m HCI.

Given: molalities of six solutions
Asked for: relative freezing points
Strategy:

A. Identify each solute as a strong, weak, or nonelectrolyte, and use this information to determine the number of solute
particles produced.

B. Multiply this number by the concentration of the solution to obtain the effective concentration of solute particles. The
solution with the highest effective concentration of solute particles has the largest freezing point depression.

Solution:

A Because the molal concentrations of all six solutions are the same, we must focus on which of the substances are strong
electrolytes, which are weak electrolytes, and which are nonelectrolytes to determine the actual numbers of particles in
solution. KCI, SrCl,, and HCI are strong electrolytes, producing two, three, and two ions per formula unit, respectively.
Benzoic acid is a weak electrolyte (approximately one particle per molecule), and glucose and ethylene glycol are both
nonelectrolytes (one particle per molecule).

B The molalities of the solutions in terms of the total particles of solute are: KC1 and HC], 0.2 m; SrCl,, 0.3 m; glucose and
ethylene glycol, 0.1 m; and benzoic acid, 0.1-0.2 m. Because the magnitude of the decrease in freezing point is proportional to
the concentration of dissolved particles, the order of freezing points of the solutions is: glucose and ethylene glycol (highest
freezing point, smallest freezing point depression) > benzoic acid > HCl = KCl1 > SrCl,,.

? Exercise 2.5.5

Arrange these aqueous solutions in order of increasing freezing points: 0.2 m NaCl, 0.3 m acetic acid, 0.1 m CaCl,, and 0.2 m
sucrose.

Answer

0.2 m NaCl (lowest freezing point) < 0.3 m acetic acid ~ 0.1 m CaCl, < 0.2 m sucrose (highest freezing point)

Colligative properties can also be used to determine the molar mass of an unknown compound. One method that can be carried out
in the laboratory with minimal equipment is to measure the freezing point of a solution with a known mass of solute. This method
is accurate for dilute solutions (<1% by mass) because changes in the freezing point are usually large enough to measure accurately
and precisely. By comparing K3 and K values in Table 2.5.1, we see that changes in the boiling point are smaller than changes in
the freezing point for a given solvent. Boiling point elevations are thus more difficult to measure precisely. For this reason, freezing
point depression is more commonly used to determine molar mass than is boiling point elevation. Because of its very large value of
K (37.8°C/m), d-(+)-camphor (Table 2.5.1) is often used to determine the molar mass of organic compounds by this method.
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v/ Example 2.5.6: Sulfur

A 7.08 g sample of elemental sulfur is dissolved in 75.0 g of C'Ss to create a solution whose freezing point is —113.5°C. Use
these data to calculate the molar mass of elemental sulfur and thus the formula of the dissolved Sn molecules (i.e., what is the
value of n?).

Given: masses of solute and solvent and freezing point
Asked for: molar mass and number of S atoms per molecule
Strategy:

A. Use Equation 2.5.12, the measured freezing point of the solution, and the freezing point of C'S; from Table 2.5.1 to
calculate the freezing point depression. Then use Equation 2.5.13 and the value of K from Table 2.5.1to calculate the
molality of the solution.

B. From the calculated molality, determine the number of moles of solute present.

C. Use the mass and number of moles of the solute to calculate the molar mass of sulfur in solution. Divide the result by the
molar mass of atomic sulfur to obtain n, the number of sulfur atoms per mole of dissolved sulfur.

Solution:
A The first step is to calculate the freezing point depression using Equation 2.5.12

ATy = T}’ —-Ty=-1121"C - (-113.5°C)=1.4"C
Then Equation 2.5.13 gives
ATy 14° ¢
K; 3747 7 /m

B The total number of moles of solute present in the solution is

. 1
moles solute = | 257} (75.0 g) ( kg ) —0.028 mol
k}q« 1000 g

C We now know that 0.708 g of elemental sulfur corresponds to 0.028 mol of solute. The molar mass of dissolved sulfur is thus

7.08 g
0.028 mol

=0.3Tm

m =

molar mass = =260 g/mol

The molar mass of atomic sulfur is 32 g/mol, so there must be 260/32 = 8.1 sulfur atoms per mole, corresponding to a formula
of Sg.

? Exercise 2.5.6

One of the byproducts formed during the synthesis of Cg is a deep red solid containing only carbon. A solution of 205 mg of
this compound in 10.0 g of C'Cly has a freezing point of —23.38°C. What are the molar mass and most probable formula of the
substance?

Answer
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l 847 g/mol; C,,

A Video Discussing how to find the Molecular Weight of an Unknown using Colligative Properties. Video Link:
[youtu.be]

Osmotic Pressure

Osmotic pressure is a colligative property of solutions that is observed using a semipermeable membrane, a barrier with pores small
enough to allow solvent molecules to pass through but not solute molecules or ions. The net flow of solvent through a
semipermeable membrane is called osmosis (from the Greek osmds, meaning “push”). The direction of net solvent flow is always
from the side with the lower concentration of solute to the side with the higher concentration.

Osmosis can be demonstrated using a U-tube like the one shown in Figure 2.5.6, which contains pure water in the left arm and a
dilute aqueous solution of glucose in the right arm. A net flow of water through the membrane occurs until the levels in the arms
eventually stop changing, which indicates that equilibrium has been reached. The osmotic pressure (IT) of the glucose solution is
the difference in the pressure between the two sides, in this case the heights of the two columns. Although the semipermeable
membrane allows water molecules to flow through in either direction, the rate of flow is not the same in both directions because the
concentration of water is not the same in the two arms. The net flow of water through the membrane can be prevented by applying
a pressure to the right arm that is equal to the osmotic pressure of the glucose solution.

Figure 2.5.6: Osmotic Pressure. (a) A dilute solution of glucose in water is placed in the right arm of a U-tube, and the left arm is
filled to the same height with pure water; a semipermeable membrane separates the two arms. Because the flow of pure solvent
through the membrane from left to right (from pure water to the solution) is greater than the flow of solvent in the reverse direction,
the level of liquid in the right tube rises. (b) At equilibrium, the pressure differential, equal to the osmotic pressure of the solution (
II50:n), equalizes the flow rate of solvent in both directions. (c) Applying an external pressure equal to the osmotic pressure of the
original glucose solution to the liquid in the right arm reverses the flow of solvent and restores the original situation.

Just as with any other colligative property, the osmotic pressure of a solution depends on the concentration of dissolved solute
particles. Osmotic pressure obeys a law that resembles the ideal gas equation:

__ nRT

I = MRT (2.5.14)
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where M is the number of moles of solute per unit volume of solution (i.e., the molarity of the solution), R is the ideal gas
constant, and 7 is the absolute temperature.

As shown in Example 2.5.7, osmotic pressures tend to be quite high, even for rather dilute solutions.

v/ Example 2.5.7

When placed in a concentrated salt solution, certain yeasts are able to produce high internal concentrations of glycerol to
counteract the osmotic pressure of the surrounding medium. Suppose that the yeast cells are placed in an aqueous solution
containing 4.0% NaCl by mass; the solution density is 1.02 g/mL at 25°C.

a. Calculate the osmotic pressure of a 4.0% aqueous NaCl solution at 25°C.
b. If the normal osmotic pressure inside a yeast cell is 7.3 atm, corresponding to a total concentration of dissolved particles of
0.30 M, what concentration of glycerol must the cells synthesize to exactly balance the external osmotic pressure at 25°C?

Given: concentration, density, and temperature of NaCl solution; internal osmotic pressure of cell
Asked for: osmotic pressure of NaCl solution and concentration of glycerol needed
Strategy:

A. Calculate the molarity of the NaCl solution using the formula mass of the solute and the density of the solution. Then
calculate the total concentration of dissolved particles.

B. Use Equation 2.5.14to calculate the osmotic pressure of the solution.

C. Subtract the normal osmotic pressure of the cells from the osmotic pressure of the salt solution to obtain the additional
pressure needed to balance the two. Use Equation 2.5.14to calculate the molarity of glycerol needed to create this osmotic
pressure.

Solution:

A The solution contains 4.0 g of NaCl per 100 g of solution. Using the formula mass of NaCl (58.44 g/mol) and the density of
the solution (1.02 g/mL), we can calculate the molarity:

moles NaCl

Mpac1 = Titer solution
4.0 g NaCl 1 1.02 g solution 1000 mkr
- <58.44 g/mol NaC’l) (100 gsol}tim—) (1.00 r@ksolution) ( 1L )
—0.70 M NaCl

Because 1 mol of NaCl produces 2 mol of particles in solution, the total concentration of dissolved particles in the solution is
(2)(0.70 M) = 1.4 M.

B Now we can use Equation 2.5.14to calculate the osmotic pressure of the solution:
II = MRT
= (1.4 mol/L)[0.0821 (L-atm)/(K - mol)] (298 K)
=34 atm

C If the yeast cells are to exactly balance the external osmotic pressure, they must produce enough glycerol to give an
additional internal pressure of (34 atm — 7.3 atm) = 27 atm. Glycerol is a nonelectrolyte, so we can solve Equation 2.5.14 for
the molarity corresponding to this osmotic pressure:

II
M =27

_ 27 atpr
[0.0821(L- atpr)/( B -mol)|(298 k)
1.1 M glycerol
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In solving this problem, we could also have recognized that the only way the osmotic pressures can be the same inside the cells
and in the solution is if the concentrations of dissolved particles are the same. We are given that the normal concentration of
dissolved particles in the cells is 0.3 M, and we have calculated that the NaCl solution is effectively 1.4 M in dissolved
particles. The yeast cells must therefore synthesize enough glycerol to increase the internal concentration of dissolved particles
from 0.3 M to 1.4 M—that is, an additional 1.1 M concentration of glycerol.

? Exercise 2.5.7

Assume that the fluids inside a sausage are approximately 0.80 M in dissolved particles due to the salt and sodium nitrite used
to prepare them. Calculate the osmotic pressure inside the sausage at 100°C to learn why experienced cooks pierce the
semipermeable skin of sausages before boiling them.

Answer

24 atm

Because of the large magnitude of osmotic pressures, osmosis is extraordinarily important in biochemistry, biology, and medicine.
Virtually every barrier that separates an organism or cell from its environment acts like a semipermeable membrane, permitting the
flow of water but not solutes. The same is true of the compartments inside an organism or cell. Some specialized barriers, such as
those in your kidneys, are slightly more permeable and use a related process called dialysis, which permits both water and small
molecules to pass through but not large molecules such as proteins.

The same principle has long been used to preserve fruits and their essential vitamins over the long winter. High concentrations of
sugar are used in jams and jellies not for sweetness alone but because they greatly increase the osmotic pressure. Thus any bacteria
not killed in the cooking process are dehydrated, which keeps them from multiplying in an otherwise rich medium for bacterial
growth. A similar process using salt prevents bacteria from growing in ham, bacon, salt pork, salt cod, and other preserved meats.
The effect of osmotic pressure is dramatically illustrated in Figure 2.5.7, which shows what happens when red blood cells are
placed in a solution whose osmotic pressure is much lower or much higher than the internal pressure of the cells.

Figure 2.5.7: Effect on Red Blood Cells of the Surrounding Solution’s Osmotic Pressure. (a) When red blood cells are placed in a
dilute salt solution having the same osmotic pressure as the intracellular fluid, the rate of flow of water into and out of the cells is
the same and their shape does not change. (b) When cells are placed in distilled water whose osmotic pressure is less than that of
the intracellular fluid, the rate of flow of water into the cells is greater than the rate of flow out of the cells. The cells swell and
eventually burst. (c) When cells are placed in a concentrated salt solution with an osmotic pressure greater than that of the
intracellular fluid, the rate of flow of water out of the cells is greater than the rate of flow into the cells. The cells shrivel and
become so deformed that they cannot function.
In addition to capillary action, trees use osmotic pressure to transport water and other nutrients from the roots to the upper
branches. Evaporation of water from the leaves results in a local increase in the salt concentration, which generates an osmotic

pressure that pulls water up the trunk of the tree to the leaves.

Finally, a process called reverse osmosis can be used to produce pure water from seawater. As shown schematically in Figure 2.5.8
applying high pressure to seawater forces water molecules to flow through a semipermeable membrane that separates pure water
from the solution, leaving the dissolved salt behind. Large-scale desalinization plants that can produce hundreds of thousands of
gallons of freshwater per day are common in the desert lands of the Middle East, where they supply a large proportion of the
freshwater needed by the population. Similar facilities are now being used to supply freshwater in southern California. Small, hand-
operated reverse osmosis units can produce approximately 5 L of freshwater per hour, enough to keep 25 people alive, and are now
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Figure 2.5.8: Desalinization of Seawater by Reverse Osmosis. (top) When the pressure applied to seawater equals its osmotic
pressure (IL,,;,,), there is no net flow of water across the semipermeable membrane. (bottom) The application of pressure greater
than the osmotic pressure of seawater forces water molecules to flow through the membrane, leaving behind a concentrated salt
solution. In desalinization plants, seawater is continuously introduced under pressure and pure water is collected, so the process
continues indefinitely.

A Video Discussing Osmotic Pressure. Video Link: [youtu.be]

Colligative Properties of Electrolyte Solutions

Thus far we have assumed that we could simply multiply the molar concentration of a solute by the number of ions per formula
unit to obtain the actual concentration of dissolved particles in an electrolyte solution. We have used this simple model to predict
such properties as freezing points, melting points, vapor pressure, and osmotic pressure. If this model were perfectly correct, we
would expect the freezing point depression of a 0.10 m solution of sodium chloride, with 2 mol of ions per mole of NaCl in
solution, to be exactly twice that of a 0.10 m solution of glucose, with only 1 mol of molecules per mole of glucose in solution. In
reality, this is not always the case. Instead, the observed change in freezing points for 0.10 m aqueous solutions of NaCl and KC1
are significantly less than expected (—0.348°C and —0.344°C, respectively, rather than —0.372°C), which suggests that fewer
particles than we expected are present in solution.

The relationship between the actual number of moles of solute added to form a solution and the apparent number as determined by
colligative properties is called the van’t Hoff factor (¢) and is defined as follows:

. apparent number of particles in solution

number of moles of solute dissolved (2.5.15)

Named for Jacobus Hendricus van’t Hoff (1852—-1911), a Dutch chemistry professor at the University of Amsterdam who won the
first Nobel Prize in Chemistry (1901) for his work on thermodynamics and solutions.

I As the solute concentration increases, the van’t Hoff factor decreases.

The van’t Hoff factor is therefore a measure of a deviation from ideal behavior. The lower the van’t Hoff factor, the greater the
deviation. As the data in Table 2.5.2 show, the van’t Hoff factors for ionic compounds are somewhat lower than expected; that is,
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their solutions apparently contain fewer particles than predicted by the number of ions per formula unit. As the concentration of the
solute increases, the van’t Hoff factor decreases because ionic compounds generally do not totally dissociate in aqueous solution.

Table 2.5.2: van’t Hoff Factors for 0.0500 M Aqueous Solutions of Selected Compounds at 25°C

Compound i (measured) i (ideal)
glucose 1.0 1.0
sucrose 1.0 1.0
NaCl 1.9 2.0

HCl 1.9 2.0
MgCl, 2.7 3.0
FeCls 34 4.0

Ca(NOs), 2.5 3.0

AlCl; 3.2 4.0
MgSO, 14 2.0

Instead, some of the ions exist as ion pairs, a cation and an anion that for a brief time are associated with each other without an
intervening shell of water molecules (Figure 2.5.9). Each of these temporary units behaves like a single dissolved particle until it
dissociates. Highly charged ions such as Mg*", AI**, SO?~, and POZ‘ have a greater tendency to form ion pairs because of their
strong electrostatic interactions. The actual number of solvated ions present in a solution can be determined by measuring a
colligative property at several solute concentrations.

Figure 2.5.9: Ton Pairs. In concentrated solutions of electrolytes like NaC'l, some of the ions form neutral ion pairs that are not
separated by solvent and diffuse as single particles.

v Example 2.5.8: Iron Chloride in Water

A 0.0500 M aqueous solution of FeCl3 has an osmotic pressure of 4.15 atm at 25°C. Calculate the van’t Hoff factor ¢ for the
solution.

Given: solute concentration, osmotic pressure, and temperature
Asked for: van’t Hoff factor
Strategy:

A. Use Equation 2.5.14to calculate the expected osmotic pressure of the solution based on the effective concentration of
dissolved particles in the solvent.

B. Calculate the ratio of the observed osmotic pressure to the expected value. Multiply this number by the number of ions of
solute per formula unit, and then use Equation 2.5.15to calculate the van’t Hoff factor.
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Solution:
A If FeCl, dissociated completely in aqueous solution, it would produce four ions per formula unit [Fe3+(aq) plus 3Cl-(aq)]
for an effective concentration of dissolved particles of 4 x 0.0500 M = 0.200 M. The osmotic pressure would be
II=MRT
=(0.200 mol/L)[0.0821 (L-atm)/(K -moal)] (298 K) =4.89 atm

B The observed osmotic pressure is only 4.15 atm, presumably due to ion pair formation. The ratio of the observed osmotic
pressure to the calculated value is 4.15 atm/4.89 atm = 0.849, which indicates that the solution contains (0.849)(4) = 3.40
particles per mole of FeCl; dissolved. Alternatively, we can calculate the observed particle concentration from the osmotic
pressure of 4.15 atm:

01 s — 7 0.0821 (L - atm) (298 K)
o arm = (K - mol)

or after rearranging
M =0.170mol

The ratio of this value to the expected value of 0.200 M is 0.170 M/0.200 M = 0.850, which again gives us (0.850)(4) = 3.40
particles per mole of FeCl, dissolved. From Equation , the van’t Hoff factor for the solution is

. 3.40 particles observed
1 formula unit FeCl,

? Exercise 2.5.8: Magnesium Chloride in Water

Calculate the van’t Hoff factor for a 0.050 m aqueous solution of M gC/ls that has a measured freezing point of —0.25°C.

=3.40

Answer

2.7 (versus an ideal value of 3).

A Video Discussing the Colligative Properties in Solutions. Video Link:
[youtu.be]

Summary

The colligative properties of a solution depend on only the total number of dissolved particles in solution, not on their chemical
identity. Colligative properties include vapor pressure, boiling point, freezing point, and osmotic pressure. The addition of a
nonvolatile solute (one without a measurable vapor pressure) decreases the vapor pressure of the solvent. The vapor pressure of the
solution is proportional to the mole fraction of solvent in the solution, a relationship known as Raoult’s law. Solutions that obey
Raoult’s law are called ideal solutions. Most real solutions exhibit positive or negative deviations from Raoult’s law. The boiling
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point elevation (AT;) and freezing point depression (ATY) of a solution are defined as the differences between the boiling and
freezing points, respectively, of the solution and the pure solvent. Both are proportional to the molality of the solute. When a
solution and a pure solvent are separated by a semipermeable membrane, a barrier that allows solvent molecules but not solute
molecules to pass through, the flow of solvent in opposing directions is unequal and produces an osmotic pressure, which is the
difference in pressure between the two sides of the membrane. Osmosis is the net flow of solvent through such a membrane due to
different solute concentrations. Dialysis uses a semipermeable membrane with pores that allow only small solute molecules and
solvent molecules to pass through. In more concentrated solutions, or in solutions of salts with highly charged ions, the cations and
anions can associate to form ion pairs, which decreases their effect on the colligative properties of the solution. The extent of ion
pair formation is given by the van’t Hoff factor (i), the ratio of the apparent number of particles in solution to the number predicted
by the stoichiometry of the salt.

e Henry’s law:

kP

Q
Il

o Raoult’s law:
Py = xaP}
e vapor pressure lowering:
P} - P, =AP, =xpP)
e vapor pressure of a system containing two volatile components:
Piot = xaP3 +(1—x4)Pp
¢ boiling point elevation:
AT, =mK,
o freezing point depression:
ATy =mKjy
e osmotic pressure:
II=nRTV = MRT

« van ’t Hoff factor:

. apparent number of particles in solution
1=
number of moles of solute dissolved

2.5t Colligative Properties- Freezing Point Depression, Boiling Point Elevation, and Osmosis is shared under a not declared license and was
authored, remixed, and/or curated by LibreTexts.

o 13.5: Colligative Properties by Anonymous is licensed CC BY-NC-SA 3.0.
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2.6: The Colligative Properties of Strong Electrolyte Solutions

4} Learning Objectives

o To understand the factors that determine the solubility of ionic compounds.

The solubility product of an ionic compound describes the concentrations of ions in equilibrium with a solid, but what happens if
some of the cations become associated with anions rather than being completely surrounded by solvent? Then predictions of the
total solubility of the compound based on the assumption that the solute exists solely as discrete ions would differ substantially
from the actual solubility, as would predictions of ionic concentrations. In general, four situations explain why the solubility of a
compound may be other than expected: ion pair formation, the incomplete dissociation of molecular solutes, the formation of
complex ions, and changes in pH.

lon-Pair Formation

An ion pair consists of a cation and an anion that are in intimate contact in solution, rather than separated by solvent (Figure
2.6.1). The ions in an ion pair are held together by the same attractive electrostatic force in ionic solids. As a result, the ions in an
ion pair migrate as a single unit, whose net charge is the sum of the charges on the ions. In many ways, we can view an ion pair as a
species intermediate between the ionic solid (in which each ion participates in many cation—anion interactions that hold the ions in
a rigid array) and the completely dissociated ions in solution (where each is fully surrounded by water molecules and free to
migrate independently).

Figure 2.6.1: Ion-Pair Formation. In an ion pair, the cation and the anion are in intimate contact in solution and migrate as a single

unit. They are not completely dissociated and individually surrounded by solvent molecules, as are the hydrated ions, which are

free to migrate independently.
As illustrated for calcium sulfate in the following equation, a second equilibrium must be included to describe the solubility of salts
that form ion pairs:

CaS04(s) = Ca’" - 802 (aq) = Ca’"(aq) +S02 (aq) (2.6.1)
—_—
ion pair
The ion pair is represented by the symbols of the individual ions separated by a dot, which indicates that they are associated in
solution. The formation of an ion pair is a dynamic process, just like any other equilibrium, so a particular ion pair may exist only
briefly before dissociating into the free ions, each of which may later associate briefly with other ions.
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Ion-pair formation can have a major effect on the measured solubility of a salt. For example, the measured Ky, for calcium sulfate
is 4.93 x 107° at 25°C. The solubility of CaSO, should be 7.02 x 103 M if the only equilibrium involved were as follows:

CaS0,(s) = Ca’ " (aq) +S0] ~(aq) (2.6.2)

In fact, the experimentally measured solubility of calcium sulfate at 25°C is 1.6 x 1072 M, almost twice the value predicted from its
Ksp. The reason for the discrepancy is that the concentration of ion pairs in a saturated CaSO, solution is almost as high as the
concentration of the hydrated ions. Recall that the magnitude of attractive electrostatic interactions is greatest for small, highly
charged ions. Hence ion pair formation is most important for salts that contain M?* and M3* ions, such as Ca** and La>", and is
relatively unimportant for salts that contain monopositive cations, except for the smallest, Li*. We therefore expect a saturated
solution of CaSO, to contain a high concentration of ion pairs and its solubility to be greater than predicted from its Kjp.

I The formation of ion pairs increases the solubility of a salt.

Incomplete Dissociation

A molecular solute may also be more soluble than predicted by the measured concentrations of ions in solution due to incomplete
dissociation. This is particularly common with weak organic acids. Although strong acids (HA) dissociate completely into their
constituent ions (H and A7) in water, weak acids such as carboxylic acids do not (K, = 1.5 x 107°). However, the molecular
(undissociated) form of a weak acid (HA) is often quite soluble in water; for example, acetic acid (CH3CO;H) is completely
miscible with water. Many carboxylic acids, however, have only limited solubility in water, such as benzoic acid (CgH5CO,H),
with K, = 6.25 x 107>, Just as with calcium sulfate, we need to include an additional equilibrium to describe the solubility of
benzoic acid:

C4H;CO,H(s) = C;H,CO,H(aq) = C;H;CO; (aq) + H' (aq)

In a case like this, measuring only the concentration of the ions grossly underestimates the total concentration of the organic acid in
solution. In the case of benzoic acid, for example, the pH of a saturated solution at 25°C is 2.85, corresponding to [H'] =
[CeHsCO, ] = 1.4 x 1073 M. The total concentration of benzoic acid in the solution, however, is 2.8 x 1072 M. Thus approximately
95% of the benzoic acid in solution is in the form of hydrated neutral molecules—Cs H5C O H(,5—and only about 5% is present
as the dissociated ions (Figure 2.6.2).

Figure 2.6.2: Incomplete Dissociation of a Molecular Solute. In a saturated solution of benzoic acid in water at 25°C, only about
5% of the dissolved benzoic acid molecules are dissociated to form benzoate anions and hydrated protons. The remaining 95%
exists in solution in the form of hydrated neutral molecules. (H,O molecules are omitted for clarity.)

Although ion pairs, such as Ca?"-S0,2", and undissociated electrolytes, such as CgHsCO,H, are both electrically neutral, there is a
major difference in the forces responsible for their formation. Simple electrostatic attractive forces between the cation and the anion
hold the ion pair together, whereas a polar covalent O—H bond holds together the undissociated electrolyte.

Incomplete dissociation of a molecular solute that is miscible with water can increase the
solubility of the solute.
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Complex lon Formation

Previously, you learned that metal ions in aqueous solution are hydrated—that is, surrounded by a shell of usually four or six water
molecules. A hydrated ion is one kind of a complex ion (or, simply, complex), a species formed between a central metal ion and
one or more surrounding ligands, molecules or ions that contain at least one lone pair of electrons, such as the [Al(H,0)g]3* ion.

A complex ion forms from a metal ion and a ligand because of a Lewis acid—base interaction. The positively charged metal ion acts
as a Lewis acid, and the ligand, with one or more lone pairs of electrons, acts as a Lewis base. Small, highly charged metal ions,
such as Cu?* or Ru®*, have the greatest tendency to act as Lewis acids, and consequently, they have the greatest tendency to form
complex ions.

As an example of the formation of complex ions, consider the addition of ammonia to an aqueous solution of the hydrated Cu®* ion
{[Cu(H,0)¢]**}. Because it is a stronger base than H,0, ammonia replaces the water molecules in the hydrated ion to form the
[Cu(NH3),(H,0),]%" ion. Formation of the [Cu(NH;),(H,0),]*" complex is accompanied by a dramatic color change, as shown in
Figure 2.6.1. The solution changes from the light blue of [Cu(H,0)4]*" to the blue-violet characteristic of the [Cu(NH;),(H,0),]*"
ion.

Figure 2.6.3: The Formation of Complex Ions. An aqueous solution of CuSO, consists of hydrated Cu?* ions in the form of pale
blue [Cu(H,0)s]** (left). The addition of aqueous ammonia to the solution results in the formation of the intensely blue-violet
[Cu(NH,),(H,0),]?" ions, usually written as [Cu(NH;),]>* ion (right) because ammonia, a stronger base than H,O, replaces water
molecules from the hydrated Cu?* ion. For a more complete description, see www.youtube.com/watch?v=IQNcLH60ZKO.

The Formation Constant

The replacement of water molecules from [Cu(H, 0)6]2 * by ammonia occurs in sequential steps. Omitting the water molecules
bound to \(\ce{Cur {>*1V for simplicity, we can write the equilibrium reactions as follows:

Cu’*(aq) + NHz(aq) = [Cu(NH3)[?7,  Ki
[Cu(NHy)J?/ ) +NHq) = [Cu(NHp)o [ Ko

[Cu(NH;)o]7 ) +NHs(ag) = [Cu(NHs)s]? K;

[Cu(NH3)3}2+) +NH3(aq) = [Cu NH3 4]2+ K4

(aq
The sum of the stepwise reactions is the overall equation for the formation of the complex ion: The hydrated Cu®* ion contains six
H,O0 ligands, but the complex ion that is produced contains only four IV Hj ligands, not six.

Cu® " (aq) +4NH,(aq) = [Cu(NH;),)* " (aq) (2.6.3)

The equilibrium constant for the formation of the complex ion from the hydrated ion is called the formation constant (K ). The
equilibrium constant expression for K has the same general form as any other equilibrium constant expression. In this case, the
expression is as follows:

[[Cu(NH3)4)*"]

=2.1x10" = K1 K5, K3 K. 2.6.4
(Cor N i 209

=
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The formation constant (Ky) has the same general form as any other equilibrium
constant expression.

Water, a pure liquid, does not appear explicitly in the equilibrium constant expression, and the hydrated Cu?*(aq) ion is represented
as Cu?* for simplicity. As for any equilibrium, the larger the value of the equilibrium constant (in this case, Ky), the more stable the
product. With K; = 2.1 x 1013, the [Cu(NH;),(H,0),]** complex ion is very stable. The formation constants for some common
complex ions are listed in Table 2.6.1.

Table 2.6.1: Formation Constants for Selected Complex Ions in Aqueous Solution*

Complex Ion Equilibrium Equation Ky
[Ag(NH3),]" Ag" + 2NHj = [Ag(NHz),]" 1.1x 107
Ammonia Complexes [Cu(NH3),]** Cu®* + 4NH; = [Cu(NH;),]% 2.1x10'3
[Ni(NH3)g]% Ni2* + 6NH; = [Ni(NH;3)g]*" 5.5 x 108
[Ag(CN),] Ag* +2CN™ = [Ag(CN),]” 1.1x10'8
Cyanide Complexes [Ni(CN)4]*~ Ni?* + 4CN™ = [Ni(CN)4]*~ 2.2 x 103!
[Fe(CN)g]*~ Fe3* + 6CN™ = [Fe(CN)g]>~ 1 x 10%
[Zn(OH)4*~ Zn%* + 40H™ = [Zn(OH)4*~ 4.6 x 10V
Hydroxide Complexes
[Cr(OH)4]" Cr®* + 40H™ = [Cr(OH)4]™ 8.0 x 10%
[HgClg*™ Hg?" + 4Cl™ = [HgCly*~ 1.2 x 101
Halide Complexes [Cd1,)*~ Cd%* + 41 = [CdI,]> 2.6 x 10°
[AlFg)*~ AP* + 6F = [AlFg]> 6.9 x 10'°
[Ag(S203),* Ag' +25,03% 2 [Ag(S;05),1 2.9x 108
Other Complexes
[Fe(Cy04)31°" Fe3* + 3C,042 = [Fe(Cy04)31%~ 2.0 x 1020

*Reported values are overall formation constants. Source: Data from Lange’s Handbook Of Chemistry, 15t ed.
(1999).

Example

If 12.5 g of Cu(NO3),*6H,0 is added to 500 mL of 1.00 M aqueous ammonia, what is the equilibrium concentration of Cu?"
(aq)?
Given: mass of Cu?" salt and volume and concentration of ammonia solution

Asked for: equilibrium concentration of Cu?*(aq)

Strategy:

A. Calculate the initial concentration of Cu?* due to the addition of copper(II) nitrate hexahydrate. Use the stoichiometry of
the reaction shown in Equation 2.6.3 to construct a table showing the initial concentrations, the changes in concentrations,
and the final concentrations of all species in solution.

B. Substitute the final concentrations into the expression for the formation constant (Equation 2.6.4) to calculate the
equilibrium concentration of Cu?*(aq).

Solution

Adding an ionic compound that contains Cu?* to an aqueous ammonia solution will result in the formation of [Cu(NH;),]1**
(aq), as shown in Equation 2.6.3. We assume that the volume change caused by adding solid copper(II) nitrate to aqueous
ammonia is negligible.
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A The initial concentration of Cu®* from the amount of added copper nitrate prior to any reaction is as follows:

1 mol 1 1000
12.5 g,Cu(N03)2-6H20<2951_2; g/) (500 @z) ( 1LW> —0.0846 M

Because the stoichiometry of the reaction is four NH; to one Cu®*, the amount of NH; required to react completely with the
Cu®" is 4(0.0846) = 0.338 M. The concentration of ammonia after complete reaction is 1.00 M — 0.338 M = 0.66 M. These
results are summarized in the first two lines of the following table. Because the equilibrium constant for the reaction is large
(2.1 x 10"3), the equilibrium will lie far to the right. Thus we will assume that the formation of [Cu(NH;),]*" in the first step is
complete and allow some of it to dissociate into Cu?>" and NH; until equilibrium has been reached. If we define x as the amount
of Cu®" produced by the dissociation reaction, then the stoichiometry of the reaction tells us that the change in the
concentration of [Cu(NH3)4]2+ is —x, and the change in the concentration of ammonia is +4x, as indicated in the table. The final
concentrations of all species (in the bottom row of the table) are the sums of the concentrations after complete reaction and the
changes in concentrations.

Cu® " +4NH, = [Cu(NH,),]* "

Solutions to Example 17.5.1

[Cu*] [NH;] [[Cu(NH3),1*]
initial 0.0846 1.00 0
after complete reaction 0 0.66 0.0846
change +x +4x -X
final X 0.66 + 4x 0.0846 — x

B Substituting the final concentrations into the expression for the formation constant (Equation 2.6.4) and assuming that
x < 0.0846, which allows us to remove x from the sum and difference,
Cu(NH3)4)** .0846 — .084
o [[Cu(NH;)a" ] 0.0846 =z L 00846 o
[Cu?t]|[NH;)* z(0.66 +4z)*  z(0.66)*
r=21x10""

The value of z indicates that our assumption was justified. The equilibrium concentration of Cu? *(aq) in a 1.00 M ammonia
solution is therefore 2.1 x 10~ M.

? Exercise 2.6.1

The ferrocyanide ion [Fe(CN),]* ~ is very stable, with a K¢ = 1 x 10%. Calculate the concentration of cyanide ion in
equilibrium with a 0.65 M solution of K, [Fe(CN),].

Answer

2x10%M

The Effect of the Formation of Complex lons on Solubility

What happens to the solubility of a sparingly soluble salt if a ligand that forms a stable complex ion is added to the solution? One
such example occurs in conventional black-and-white photography. Recall that black-and-white photographic film contains light-
sensitive microcrystals of AgBr, or mixtures of AgBr and other silver halides. AgBr is a sparingly soluble salt, with a K, of 5.35 x
10713 at 25°C. When the shutter of the camera opens, the light from the object being photographed strikes some of the crystals on
the film and initiates a photochemical reaction that converts AgBr to black Ag metal. Well-formed, stable negative images appear
in tones of gray, corresponding to the number of grains of AgBr converted, with the areas exposed to the most light being darkest.
To fix the image and prevent more AgBr crystals from being converted to Ag metal during processing of the film, the unreacted
AgBr on the film is removed using a complexation reaction to dissolve the sparingly soluble salt.

The reaction for the dissolution of silver bromide is as follows:
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AgBr(s) = Ag*(aq) +Br (aq)
with K, =5.35 x 107** at 25°C.

The equilibrium lies far to the left, and the equilibrium concentrations of Ag* and Br~ ions are very low (7.31 x 1077 M). As a
result, removing unreacted AgBr from even a single roll of film using pure water would require tens of thousands of liters of water
and a great deal of time. Le Chatelier’s principle tells us, however, that we can drive the reaction to the right by removing one of
the products, which will cause more AgBr to dissolve. Bromide ion is difficult to remove chemically, but silver ion forms a variety
of stable two-coordinate complexes with neutral ligands, such as ammonia, or with anionic ligands, such as cyanide or thiosulfate
(S203%7). In photographic processing, excess AgBr is dissolved using a concentrated solution of sodium thiosulfate.

The reaction of Ag* with thiosulfate is as follows:
— RN 3 —
Ag'(aq)+2 Sy O% (aq) = [Ag(S5,0;),]" (aq)
with K =2.9 x 103 .

The magnitude of the equilibrium constant indicates that almost all Ag™ ions in solution will be immediately complexed by
thiosulfate to form [Ag(S,05),]3". We can see the effect of thiosulfate on the solubility of AgBr by writing the appropriate
reactions and adding them together:

AgBr(s) = Ag'(aq) +Br (aq) Ky, =5.35x10713 (2.6.5)
Ag'(aq) +28,0% (aq) = [Ag(S:03)2)* (aq) K; =2.9x10" (2.6.6)
AgBr(s) +2S,02 (aq) = [Ag(S203)2)* (aq) +Br (aq) K =K, K;=15 (2.6.7)

Comparing K with K, shows that the formation of the complex ion increases the solubility of AgBr by approximately 3 x 1013,
The dramatic increase in solubility combined with the low cost and the low toxicity explains why sodium thiosulfate is almost
universally used for developing black-and-white film. If desired, the silver can be recovered from the thiosulfate solution using any
of several methods and recycled.

If a complex ion has a large Ky, the formation of a complex ion can dramatically increase
the solubility of sparingly soluble salts.

v/ Example 2.6.2

Due to the common ion effect, we might expect a salt such as AgCl to be much less soluble in a concentrated solution of KCl
than in water. Such an assumption would be incorrect, however, because it ignores the fact that silver ion tends to form a two-
coordinate complex with chloride ions (AgCl,"). Calculate the solubility of AgCl in each situation:

a. in pure water

b. in 1.0 M KClI solution, ignoring the formation of any complex ions

c. the same solution as in part (b) except taking the formation of complex ions into account, assuming that AgCl,™ is the only
Ag" complex that forms in significant concentrations

At 25°C, Ky, = 1.77 x 107" for AgCl and K; = 1.1 x 10° for AgCl, ™.
Given: K, of AgCl, K; of AgCl,", and KCI concentration

Asked for: solubility of AgCl in water and in KClI solution with and without the formation of complex ions

Strategy:
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A. Write the solubility product expression for AgCl and calculate the concentration of Ag* and C1” in water.

B. Calculate the concentration of Ag” in the KCI solution.

C. Write balanced chemical equations for the dissolution of AgCl and for the formation of the AgCl,” complex. Add the two
equations and calculate the equilibrium constant for the overall equilibrium.

D. Write the equilibrium constant expression for the overall reaction. Solve for the concentration of the complex ion.

Solution
a. A If we let x equal the solubility of AgCl, then at equilibrium [Ag+] = [C] ] = x M. Substituting this value into the
solubility product expression,
Ky, = [Ag'IICIT] = (0)(x) = x2 =1.77x10710
x=1.33x107°
Thus the solubility of AgCl in pure water at 25°C is 1.33 x 107> M.
b. B If x equals the solubility of AgCl in the KCI solution, then at equilibrium [Ag+] =xMand [C]"] = (1.0 + x) M.

Substituting these values into the solubility product expression and assuming that x << 1.0,
Kqp = [Ag'IICIT] = ()(1.0 + x) ~ x(1.0) = 1.77x107 10 = x
If the common ion effect were the only important factor, we would predict that AgCl is approximately five orders of

magnitude less soluble in a 1.0 M KCl solution than in water.

c. C To account for the effects of the formation of complex ions, we must first write the equilibrium equations for both the
dissolution and the formation of complex ions. Adding the equations corresponding to K, and K; gives us an equation that
describes the dissolution of AgCl in a KCl solution. The equilibrium constant for the reaction is therefore the product of Ky,

and Ky
AgCl(s) = Ag* (aq) +Cl (aq) Ky, =1.77x1071° (2.6.8)
Ag'(aq)+2C1 = [AgClL]™ K; =1.1x10° (2.6.9)
AgCl(s)+Cl~ = [AgCl]~ K =K, ,K;=19x107" (2.6.10)

D If we let x equal the solubility of AgCl in the KCl solution, then at equilibrium [AgCl, ] = x and [CI ] = 1.0 — x. Substituting
these quantities into the equilibrium constant expression for the net reaction and assuming that x << 1.0,

[AgClg] T

= ~1. 1_52
or] Lo g roxiT=e

That is, AgCl dissolves in 1.0 M KCl to produce a 1.9 x 10~ M solution of the AgCl,” complex ion. Thus we predict that
AgCl has approximately the same solubility in a 1.0 M KCl solution as it does in pure water, which is 10° times greater than
that predicted based on the common ion effect. (In fact, the measured solubility of AgCl in 1.0 M KCl is almost a factor of 10
greater than that in pure water, largely due to the formation of other chloride-containing complexes.)

? Exercise 2.6.2

Calculate the solubility of mercury(II) iodide (HgL,) in each situation:

a. pure water
b. a 3.0 M solution of Nal, assuming [Hgl,]*~ is the only Hg-containing species present in significant amounts

Kqp = 2.9 x 107 for Hgl, and K; = 6.8 x 10% for [Hgl4]*".

Answer

a19x10710Mm
b.1.4M
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Solubility of Complex Ions: [youtu.be]

Complexing agents, molecules or ions that increase the solubility of metal salts by forming soluble metal complexes, are common
components of laundry detergents. Long-chain carboxylic acids, the major components of soaps, form insoluble salts with Ca®>* and
Mg?*, which are present in high concentrations in “hard” water. The precipitation of these salts produces a bathtub ring and gives a
gray tinge to clothing. Adding a complexing agent such as pyrophosphate (O3POPO3*", or P,0,*") or triphosphate (P3010°7) to
detergents prevents the magnesium and calcium salts from precipitating because the equilibrium constant for complex-ion
formation is large:

Ca’*(aq) + 0,POPO’ ~(aq) = [Ca(0,POPO,)I’ ~(aq) (2.6.11)
with K =4 x 10*.

However, phosphates can cause environmental damage by promoting eutrophication, the growth of excessive amounts of algae in a
body of water, which can eventually lead to large decreases in levels of dissolved oxygen that kill fish and other aquatic organisms.
Consequently, many states in the United States have banned the use of phosphate-containing detergents, and France has banned
their use beginning in 2007. “Phosphate-free” detergents contain different kinds of complexing agents, such as derivatives of acetic
acid or other carboxylic acids. The development of phosphate substitutes is an area of intense research.

Commercial water softeners also use a complexing agent to treat hard water by passing the water over ion-exchange resins, which
are complex sodium salts. When water flows over the resin, sodium ion is dissolved, and insoluble salts precipitate onto the resin
surface. Water treated in this way has a saltier taste due to the presence of Na", but it contains fewer dissolved minerals.

Another application of complexing agents is found in medicine. Unlike x-rays, magnetic resonance imaging (MRI) can give
I is based on the magnetic properties of the 'H nucleus of

hydrogen atoms in water, which is a major component of soft tissues. Because the properties of water do not depend very much on
whether it is inside a cell or in the blood, it is hard to get detailed images of these tissues that have good contrast. To solve this
problem, scientists have developed a class of metal complexes known as “MRI contrast agents.” Injecting an MRI contrast agent
into a patient selectively affects the magnetic properties of water in cells of normal tissues, in tumors, or in blood vessels and
allows doctors to “see” each of these separately (Figure 2.6.4). One of the most important metal ions for this application is Gd>",
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which with seven unpaired electrons is highly paramagnetic. Because Gd>*(aq) is quite toxic, it must be administered as a very
stable complex that does not dissociate in the body and can be excreted intact by the kidneys. The complexing agents used for

Figure 2.6.4: An MRI Image of the Heart, Arteries, and Veins. When a patient is injected with a paramagnetic metal cation in the
form of a stable complex known as an MRI contrast agent, the magnetic properties of water in cells are altered. Because the
different environments in different types of cells respond differently, a physician can obtain detailed images of soft tissues.

Summary

Ion-pair formation, the incomplete dissociation of molecular solutes, the formation of complex ions, and changes in pH all affect
solubility. There are four explanations why the solubility of a compound can differ from the solubility indicated by the
concentrations of ions: (1) ion pair formation, in which an anion and a cation are in intimate contact in solution and not separated
by solvent, (2) the incomplete dissociation of molecular solutes, (3) the formation of complex ions, and (4) changes in pH. An ion
pair is held together by electrostatic attractive forces between the cation and the anion, whereas incomplete dissociation results
from intramolecular forces, such as polar covalent O—H bonds.

The formation of complex ions can substantially increase the solubility of sparingly soluble salts if the complex ion has a large K.
A complex ion is a species formed between a central metal ion and one or more surrounding ligands, molecules or ions that contain
at least one lone pair of electrons. Small, highly charged metal ions have the greatest tendency to act as Lewis acids and form
complex ions. The equilibrium constant for the formation of the complex ion is the formation constant (Kf). The formation of a
complex ion by adding a complexing agent increases the solubility of a compound.
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3.2: Rates of Reaction and the Particulate Nature of Matter

4} Learning Objectives

e To determine the reaction rate of a reaction.

Reaction rates are usually expressed as the concentration of reactant consumed or the concentration of product formed per unit
time. The units are thus moles per liter per unit time, written as M/s, M/min, or M/h. To measure reaction rates, chemists initiate the
reaction, measure the concentration of the reactant or product at different times as the reaction progresses, perhaps plot the
concentration as a function of time on a graph, and then calculate the change in the concentration per unit time.

Figure 3.2.1: The Progress of a Simple Reaction (A — B). The mixture initially contains only A molecules (purple). Over time, the

number of A molecules decreases and more B molecules (green) are formed (top). The graph shows the change in the number of A

and B molecules in the reaction as a function of time over a 1 min period (bottom).
The progress of a simple reaction (A — B) is shown in Figure 3.2.1; the beakers are snapshots of the composition of the solution at
10 s intervals. The number of molecules of reactant (A) and product (B) are plotted as a function of time in the graph. Each point in
the graph corresponds to one beaker in Figure 3.2.1. The reaction rate is the change in the concentration of either the reactant or the
product over a period of time. The concentration of A decreases with time, while the concentration of B increases with time.

AB]  A[A]

rate:Tt :_Tt (321)

Square brackets indicate molar concentrations, and the capital Greek delta (A) means “change in.” Because chemists follow the
convention of expressing all reaction rates as positive numbers, however, a negative sign is inserted in front of A[A]/At to convert
that expression to a positive number. The reaction rate calculated for the reaction A — B using Equation 3.2.1 is different for each
interval (this is not true for every reaction, as shown below). A greater change occurs in [A] and [B] during the first 10 s interval,
for example, than during the last, meaning that the reaction rate is greatest at first.

I Reaction rates generally decrease with time as reactant concentrations decrease.
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A Video Discussing Average Reaction Rates. Video Link:
[youtu.be]

Determining the Reaction Rate of Hydrolysis of Aspirin

We can use Equation to determine the reaction rate of hydrolysis of aspirin, probably the most commonly used drug in the
world (more than 25,000,000 kg are produced annually worldwide). Aspirin (acetylsalicylic acid) reacts with water (such as water
in body fluids) to give salicylic acid and acetic acid, as shown in Figure 3.2.2.

Figure 3.2.2: Hydrolysis of Aspirin reaction.

Because salicylic acid is the actual substance that relieves pain and reduces fever and inflammation, a great deal of research has
focused on understanding this reaction and the factors that affect its rate. Data for the hydrolysis of a sample of aspirin are in Table
3.2.1and are shown in the graph in Figure 3.2.3.

Table 3.2.1: Data for Aspirin Hydrolysis in Aqueous Solution at pH 7.0 and 37°C*

Time (h) [Aspirin] (M) [Salicylic Acid] (M)
0 5.55x 1072 0
2.0 5.51 x 1073 0.040 x 1073
5.0 5.45 x 1073 0.10 x 1073
10 5.35 x 1073 0.20 x 1073
20 5.15x 1073 0.40 x 1073
30 4,96 x 1073 0.59 x 1073
40 4.78 x 1073 0.77 x 1073
50 4.61x1073 0.94 x 1073
100 3.83x 1073 1.72 x 1073
200 2.64 %1072 291 %1073
300 1.82x 1073 3.73x1073

*The reaction at pH 7.0 is very slow. It is much faster under acidic conditions, such as those found in the stomach.

The data in Table 3.2.1 were obtained by removing samples of the reaction mixture at the indicated times and analyzing them for
the concentrations of the reactant (aspirin) and one of the products (salicylic acid).
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Figure 3.2.3: The Hydrolysis of Aspirin. This graph shows the concentrations of aspirin and salicylic acid as a function of time,
based on the hydrolysis data in Table 14.1. The time dependence of the concentration of the other product, acetate, is not shown,
but based on the stoichiometry of the reaction, it is identical to the data for salicylic acid.

Graph of concentration against time in hours. The purple line is aspirin. The green line is salicylic acid.

The average reaction rate for a given time interval can be calculated from the concentrations of either the reactant or one of the
products at the beginning of the interval (time = t;) and at the end of the interval (t;). Using salicylic acid, the reaction rate for the
interval between t = 0 h and t = 2.0 h (recall that change is always calculated as final minus initial) is calculated as follows:

[salicyclic acid]s — [salicyclic acid]o

rate(;=0-2.0h) =

20h—0h
0.040 x 103 M—-0M 5
= S O0T =2.0x10"° M/h

The reaction rate can also be calculated from the concentrations of aspirin at the beginning and the end of the same interval,
remembering to insert a negative sign, because its concentration decreases:

[aspirin]y — [aspirin]g

rate;_g_2.0n = —

2.0h—0h
~ (5:51x107* M) —(5.55 x 10° M)
B 2.0h
=2x107° M/h

If the reaction rate is calculated during the last interval given in Table 3.2.1(the interval between 200 h and 300 h after the start of
the reaction), the reaction rate is significantly slower than it was during the first interval (t = 0-2.0 h):

[salicyclic acid]3pp — [salicyclic acid]ago

rate(;=200-300n) =

300h—200h
(3.73 x107° M) — (2.91 x 107 M)
T 100 h
=8.2x107%M/h

Calculating the Reaction Rate of Fermentation of Sucrose

In the preceding example, the stoichiometric coefficients in the balanced chemical equation are the same for all reactants and
products; that is, the reactants and products all have the coefficient 1. Consider a reaction in which the coefficients are not all the
same, the fermentation of sucrose to ethanol and carbon dioxide:
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C12H22011 (aq) +H, O(l) — 4CyHj OH(aq) +4CO, (g) (3.2.2)
sucrose
The coefficients indicate that the reaction produces four molecules of ethanol and four molecules of carbon dioxide for every one
molecule of sucrose consumed. As before, the reaction rate can be found from the change in the concentration of any reactant or
product. In this particular case, however, a chemist would probably use the concentration of either sucrose or ethanol because gases
are usually measured as volumes and, as explained in Chapter 10, the volume of CO; gas formed depends on the total volume of
the solution being studied and the solubility of the gas in the solution, not just the concentration of sucrose. The coefficients in the
balanced chemical equation tell us that the reaction rate at which ethanol is formed is always four times faster than the reaction rate
at which sucrose is consumed:
A[CyH;0H] 4Alsucrose]

VR (3.2.3)

The concentration of the reactant—in this case sucrose—decreases with time, so the value of A[sucrose] is negative. Consequently,
a minus sign is inserted in front of A[sucrose] in Equation 3.2.3 so the rate of change of the sucrose concentration is expressed as a
positive value. Conversely, the ethanol concentration increases with time, so its rate of change is automatically expressed as a
positive value.

Often the reaction rate is expressed in terms of the reactant or product with the smallest coefficient in the balanced chemical
equation. The smallest coefficient in the sucrose fermentation reaction (Equation 3.2.2) corresponds to sucrose, so the reaction rate
is generally defined as follows:

Alsucrose] 1 (A[C2H5OH]> (3.2.4)

te = — i
rate At

At 4
v Example 3.2.1: Decomposition Reaction |

Consider the thermal decomposition of gaseous N,Os to NO, and O, via the following equation:

2N, 05(g) i> 4NOs(g) +O2(g)

Write expressions for the reaction rate in terms of the rates of change in the concentrations of the reactant and each product
with time.

Given: balanced chemical equation

Asked for: reaction rate expressions

Strategy:

A. Choose the species in the equation that has the smallest coefficient. Then write an expression for the rate of change of that
species with time.
B. For the remaining species in the equation, use molar ratios to obtain equivalent expressions for the reaction rate.

Solution

A Because O has the smallest coefficient in the balanced chemical equation for the reaction, define the reaction rate as the rate
of change in the concentration of O, and write that expression.

B The balanced chemical equation shows that 2 mol of N,Og must decompose for each 1 mol of O, produced and that 4 mol of
NO, are produced for every 1 mol of O, produced. The molar ratios of O, to N,O5 and to NO, are thus 1:2 and 1:4,
respectively. This means that the rate of change of [N,0Os] and [NO,] must be divided by its stoichiometric coefficient to obtain
equivalent expressions for the reaction rate. For example, because NO, is produced at four times the rate of O,, the rate of
production of NO, is divided by 4. The reaction rate expressions are as follows:

A[O2]  A[NOq] A[N;Os]

rte = T T4Ar . 2A¢
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? Exercise 3.2.1: Contact Process |

The is used in the manufacture of sulfuric acid. A key step in this process is the reaction of SO, with O to
produce SOs.

250,(g) +0y(g) = 2505,
Write expressions for the reaction rate in terms of the rate of change of the concentration of each species.

Answer

rate = — AlG,] _ A[S0,] _ A[SO;]

At 2At 2At

Instantaneous Rates of Reaction

The instantaneous rate of a reaction is the reaction rate at any given point in time. As the period of time used to calculate an
average rate of a reaction becomes shorter and shorter, the average rate approaches the instantaneous rate. Comparing this to
calculus, the instantaneous rate of a reaction at a given time corresponds to the slope of a line tangent to the concentration-versus-
time curve at that point—that is, the derivative of concentration with respect to time.

The distinction between the instantaneous and average rates of a reaction is similar to the distinction between the actual speed of a
car at any given time on a trip and the average speed of the car for the entire trip. Although the car may travel for an extended
period at 65 mph on an interstate highway during a long trip, there may be times when it travels only 25 mph in construction zones
or 0 mph if you stop for meals or gas. The average speed on the trip may be only 50 mph, whereas the instantaneous speed on the
interstate at a given moment may be 65 mph. Whether the car can be stopped in time to avoid an accident depends on its
instantaneous speed, not its average speed. There are important differences between the speed of a car during a trip and the speed of
a chemical reaction, however. The speed of a car may vary unpredictably over the length of a trip, and the initial part of a trip is
often one of the slowest. In a chemical reaction, the initial interval typically has the fastest rate (though this is not always the case),
and the reaction rate generally changes smoothly over time.

Chemical kinetics generally focuses on one particular instantaneous rate, which is the
initial reaction rate, t = 0. Initial rates are determined by measuring the reaction rate at
various times and then extrapolating a plot of rate versus time to t = 0.

v Example 3.2.2: Decomposition Reaction I

Using the reaction shown in Example 3.2.1, calculate the reaction rate from the following data taken at 56°C:
2ZN>05(9) — AN O (g) +Ox(g)

calculate the reaction rate from the following data taken at 56°C:
Time (s) [N20s] (M) [NO,] (M) [O02] (M)
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Time (s) [N>Os] (M) [NO,] (M) [0.] (M)
240 0.0388 0.0314 0.00792

600 0.0197 0.0699 0.0175

Given: balanced chemical equation and concentrations at specific times

Asked for: reaction rate

Strategy:

A. Using the equations in Example 3.2.1, subtract the initial concentration of a species from its final concentration and
substitute that value into the equation for that species.
B. Substitute the value for the time interval into the equation. Make sure your units are consistent.

Solution

A Calculate the reaction rate in the interval between t; = 240 s and t, = 600 s. From Example 3.2.1, the reaction rate can be
evaluated using any of three expressions:
A[Os]  AINO,] A[N,Os5]
rate = = = —
At 4At 2At
Subtracting the initial concentration from the final concentration of N>Os and inserting the corresponding time interval into the
rate expression for N»Os,

A[N205] [Ng 05]600 = [N205]240
rate = — =—
2At 2(600 s — 240 s)

B Substituting actual values into the expression,

0.0197 M —0.0388 M
rate = — =2.65x107° M/s
2(360 )

Similarly, NO; can be used to calculate the reaction rate:

AINO NO —[NO . M—-0.0314 M
rate — [NO] _ [NO2]600 — [NO2]240 _ 0.0699 0.03 —2.67x10°° M/s
4At 4(600 s —240 s) 4(360 s)

Allowing for experimental error, this is the same rate obtained using the data for N>Os. The data for O, can also be used:

A[O2]  [O2]00 = [O2]240  0.0175 M —0.00792 M
At  600s—240s 360 s

rate = =2.66 x107° M/s

Again, this is the same value obtained from the N»,Os5 and NO, data. Thus, the reaction rate does not depend on which reactant
or product is used to measure it.

? Exercise 3.2.2: Contact Process |
Using the data in the following table, calculate the reaction rate of SO (g) with O2(g) to give SO3(g).
2503(g) + O2(9) — 2503y

calculate the reaction rate of SO5(g) with O2(g) to give SO3(g).

Time (s) [SO]1 M) [02] (M) [SO3] (M)
300 0.0270 0.0500 0.0072
720 0.0194 0.0462 0.0148
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Answer:
9.0 x 107 M/s

Summary

In this Module, the quantitative determination of a reaction rate is demonstrated. Reaction rates can be determined over particular
time intervals or at a given point in time. A rate law describes the relationship between reactant rates and reactant concentrations.
Reaction rates are reported as either the average rate over a period of time or as the instantaneous rate at a single time. Reaction
rates can be determined over particular time intervals or at a given point in time.

o General definition of rate for A —» B:

rate:ﬂ:—%

At At

3.2: Rates of Reaction and the Particulate Nature of Matter is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.

o 14.2: Reaction Rates is licensed CC BY-NC-SA 3.0.
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3.3: Defining and Measuring the Rate of a Chemical Reaction
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3.4: The Rate Law- The Effect of Concentration on Reaction Rate

4} Learning Objectives

e To understand the meaning of the rate law.

The factors that affect the reaction rate of a chemical reaction, which may determine whether a desired product is formed. In this
section, we will show you how to quantitatively determine the reaction rate.

Rate Laws

Typically, reaction rates decrease with time because reactant concentrations decrease as reactants are converted to products.
Reaction rates generally increase when reactant concentrations are increased. This section examines mathematical expressions
called rate laws, which describe the relationships between reactant rates and reactant concentrations. Rate laws are mathematical
descriptions of experimentally verifiable data.

Rate laws may be written from either of two different but related perspectives. A differential rate law expresses the reaction rate
in terms of changes in the concentration of one or more reactants (A[R]) over a specific time interval (At). In contrast, an
integrated rate law describes the reaction rate in terms of the initial concentration ([R]p) and the measured concentration of one or
more reactants ([R]) after a given amount of time (t); integrated rate laws are discussed in more detail later. The integrated rate law
is derived by using calculus to integrate the differential rate law. Whether using a differential rate law or integrated rate law, always
make sure that the rate law gives the proper units for the reaction rate, usually moles per liter per second (M/s).

Reaction Orders

For a reaction with the general equation:
aA+bB— cC+dD (3.4.1)
the experimentally determined rate law usually has the following form:
rate = k[A]™[B]" (3.4.2)

The proportionality constant (k) is called the rate constant, and its value is characteristic of the reaction and the reaction
conditions. A given reaction has a particular rate constant value under a given set of conditions, such as temperature, pressure, and
solvent; varying the temperature or the solvent usually changes the value of the rate constant. The numerical value of k, however,
does not change as the reaction progresses under a given set of conditions.

Under a given set of conditions, the value of the rate constant does not change as the
reaction progresses.

The reaction rate thus depends on the rate constant for the given set of reaction conditions and the concentration of A and B raised
to the powers m and n, respectively. The values of m and n are derived from experimental measurements of the changes in reactant
concentrations over time and indicate the reaction order, the degree to which the reaction rate depends on the concentration of
each reactant; m and n need not be integers. For example, Equation 3.4.2 tells us that Equation 3.4.1 is m™ order in reactant A and
n'™ order in reactant B. It is important to remember that n and m are not related to the stoichiometric coefficients a and b in the
balanced chemical equation and must be determined experimentally. The overall reaction order is the sum of all the exponents in
the rate law: m + n.

The orders of the reactions (e.g. n and m) are not related to the stoichiometric coefficients
in the balanced chemical (e.g., a and b).

To illustrate how chemists interpret a differential rate law, consider the experimentally derived rate law for the hydrolysis of t-butyl
bromide in 70% aqueous acetone.
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This reaction produces t-butanol according to the following equation:

(CH3)3CBT(soln) + H2O(soln) - (CH3)3COH(soln) + HBT(soln) (343)
Combining the rate expression in Equation 3.4.2 with the definition of average reaction rate
o Al
Tate = ——-
gives a general expression for the differential rate law:
AlA]
rate = ——— = k[A]™[B]" 3.4.4
= — H{A]" (B (3.4.4)
Inserting the identities of the reactants into Equation 3.4.4 gives the following expression for the differential rate law for the
reaction:
A[(CH;3)3CB
rate — — ACH)sCBI oy CBam L 0] (3.4.5)

At

Experiments to determine the rate law for the hydrolysis of t-butyl bromide show that the reaction rate is directly proportional to
the concentration of (CH3)3CBr but is independent of the concentration of water. Therefore, m and n in Equation 3.4.4 are 1 and 0,
respectively, and,

rate = k[(C H3)3CBr|![H20)° = k[(CHj3)3C Br] (3.4.6)

Because the exponent for the reactant is 1, the reaction is first order in (CH3)3CBr. It is zeroth order in water because the exponent
for [H>O] is 0. (Recall that anything raised to the zeroth power equals 1.) Thus, the overall reaction order is 1 + 0 = 1. The reaction
orders state in practical terms that doubling the concentration of (CH3)3CBr doubles the reaction rate of the hydrolysis reaction,
halving the concentration of (CH3)3CBr halves the reaction rate, and so on. Conversely, increasing or decreasing the concentration
of water has no effect on the reaction rate. (Again, when working with rate laws, there is no simple correlation between the
stoichiometry of the reaction and the rate law. The values of k, m, and n in the rate law must be determined experimentally.)
Experimental data show that k has the value 5.15 x 10™* s™! at 25°C. The rate constant has units of reciprocal seconds (s™!) because
the reaction rate is defined in units of concentration per unit time (M/s). The units of a rate constant depend on the rate law for a
particular reaction.

Under conditions identical to those for the t-butyl bromide reaction, the experimentally derived differential rate law for the
hydrolysis of methyl bromide (CH3Br) is as follows:
A[CHgBI‘}

- — - /
rate = AL k'[CH;Br] (3.4.7)

This reaction also has an overall reaction order of 1, but the rate constant in Equation 3.4.7 is approximately 10° times smaller than
that for t-butyl bromide. Thus, methyl bromide hydrolyzes about 1 million times more slowly than t-butyl bromide, and this
information tells chemists how the reactions differ on a molecular level.

Frequently, changes in reaction conditions also produce changes in a rate law. In fact, chemists often alter reaction conditions to
study the mechanics of a reaction. For example, when t-butyl bromide is hydrolyzed in an aqueous acetone solution containing
OH~ ions rather than in aqueous acetone alone, the differential rate law for the hydrolysis reaction does not change. In contrast, for
methyl bromide, the differential rate law becomes

rate =k’ [CH3Br|[OH ]

with an overall reaction order of 2. Although the two reactions proceed similarly in neutral solution, they proceed very differently
in the presence of a base, providing clues as to how the reactions differ on a molecular level.
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v/ Example 3.4.1: Writing Rate Laws from Reaction Orders

An experiment shows that the reaction of nitrogen dioxide with carbon monoxide:
NO,(g) +CO(g) — NO(g) +CO,(9)

is second order in NO, and zero order in CO at 100 °C. What is the rate law for the reaction?

Solution
The reaction will have the form:
rate = k[NO,|™[CO]"
The reaction is second order in NO,; thus m = 2. The reaction is zero order in CO; thus n = 0. The rate law is:
rate = k[NO,|*[CO]° = k[NO,)?

Remember that a number raised to the zero power is equal to 1, thus [CO]® = 1, which is why we can simply drop the
concentration of CO from the rate equation: the rate of reaction is solely dependent on the concentration of NO,. When we
consider rate mechanisms later in this chapter, we will explain how a reactant’s concentration can have no effect on a reaction
despite being involved in the reaction.

? Exercise 3.4.14

The rate law for the reaction:

H,(g) +2NO(g) — N,0(g) +H,0(g)

has been experimentally determined to be rate = k[ NO]?|Ha] . What are the orders with respect to each reactant, and what is the
overall order of the reaction?

Answer
e order in NO =2
e orderinH, =1
o overall order = 3

? Exercise 3.4.1B

In a transesterification reaction, a triglyceride reacts with an alcohol to form an ester and glycerol. Many students learn about
the reaction between methanol (CH30H) and ethyl acetate (CH3CH,OCOCH3) as a sample reaction before studying the
chemical reactions that produce biodiesel:

CH,OH + CH,CH,0COCH, — CH,0COCH, + CH,CH,OH

The rate law for the reaction between methanol and ethyl acetate is, under certain conditions, experimentally determined to be:
rate = k[CH, OH]
What is the order of reaction with respect to methanol and ethyl acetate, and what is the overall order of reaction?

Answer
e order in CH;OH =1
e order in CH3;CH,OCOCH; =0
e overall order = 1
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v/ Example 3.4.2: Differential Rate Laws

Below are three reactions and their experimentally determined differential rate laws. For each reaction, give the units of the
rate constant, give the reaction order with respect to each reactant, give the overall reaction order, and predict what happens to
the reaction rate when the concentration of the first species in each chemical equation is doubled.

Pt
a, 2HI(g) — Ha(g) +12(g)
1 / A[HI] )
A
b. 2N,0(g) — 2N2(g) + O2(g)
1 /A[NO]\
rate = ~3 (Tt) =k
C cyclopropane(g) — propane(g)
Al[cyclopropane]

rate = — A7 = k[cyclopropane]

Given: balanced chemical equations and differential rate laws

Asked for: units of rate constant, reaction orders, and effect of doubling reactant concentration

Strategy:

A. Express the reaction rate as moles per liter per second [mol/(L-s), or M/s]. Then determine the units of each chemical
species in the rate law. Divide the units for the reaction rate by the units for all species in the rate law to obtain the units for
the rate constant.

B. Identify the exponent of each species in the rate law to determine the reaction order with respect to that species. Add all
exponents to obtain the overall reaction order.

C. Use the mathematical relationships as expressed in the rate law to determine the effect of doubling the concentration of a
single species on the reaction rate.

Solution

1. A [HI]? will give units of (moles per liter)’. For the reaction rate to have units of moles per liter per second, the rate
constant must have reciprocal units [1/(M-s)]:

M/s_ 1 M-L. 51

M2 = = = .
k 2 M s S

M
s

B The exponent in the rate law is 2, so the reaction is second order in HI. Because HI is the only reactant and the only
species that appears in the rate law, the reaction is also second order overall.

C If the concentration of HI is doubled, the reaction rate will increase from k[HI],? to k(2[HI]),? = 4k[HI],2. The reaction
rate will therefore quadruple.

2. A Because no concentration term appears in the rate law, the rate constant must have M/s units for the reaction rate to have
M/s units.

B The rate law tells us that the reaction rate is constant and independent of the N,O concentration. That is, the reaction is
zeroth order in N,O and zeroth order overall.

C Because the reaction rate is independent of the N>O concentration, doubling the concentration will have no effect on the
reaction rate.

3. A The rate law contains only one concentration term raised to the first power. Hence the rate constant must have units of
reciprocal seconds (s™!) to have units of moles per liter per second for the reaction rate: M-s™* = M/s.
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B The only concentration in the rate law is that of cyclopropane, and its exponent is 1. This means that the reaction is first
order in cyclopropane. Cyclopropane is the only species that appears in the rate law, so the reaction is also first order
overall.

C Doubling the initial cyclopropane concentration will increase the reaction rate from k[cyclopropane], to
2k[cyclopropane],. This doubles the reaction rate.

? Exercise 3.4.2

Given the following two reactions and their experimentally determined differential rate laws: determine the units of the rate
constant if time is in seconds, determine the reaction order with respect to each reactant, give the overall reaction order, and
predict what will happen to the reaction rate when the concentration of the first species in each equation is doubled.

A[CH;N=NCH
. CH;N=NCHj(g) — C,Hg(g) + Ny(g) rate=— (CH, i d (3.4.8)
= k[CH;N=NCH] (3.4.9)
_ A[Fy] 1 A[NO,]
b, 2NO;(g) +F2(g) —» 2NO2F(g) rate=— A 3 ( ~ (3.4.10)
= k[NO;][F5] (3.4.11)
Answer a

s~ L first order in CH3N=NCH3; first order overall; doubling [CH3N=NCH3] will double the reaction rate.
Answer b

M L-s71; first order in NO», first order in F»; second order overall; doubling [NO;] will double the reaction rate.

Determining the Rate Law of a Reaction

The number of fundamentally different mechanisms (sets of steps in a reaction) is actually rather small compared to the large
number of chemical reactions that can occur. Thus understanding reaction mechanisms can simplify what might seem to be a
confusing variety of chemical reactions. The first step in discovering the reaction mechanism is to determine the reaction’s rate law.
This can be done by designing experiments that measure the concentration(s) of one or more reactants or products as a function of
time. For the reaction A+ B — products , for example, we need to determine k and the exponents m and n in the following
equation:

rate = k[A]™[B]|" (3.4.12)

To do this, we might keep the initial concentration of B constant while varying the initial concentration of A and calculating the
initial reaction rate. This information would permit us to deduce the reaction order with respect to A. Similarly, we could determine
the reaction order with respect to B by studying the initial reaction rate when the initial concentration of A is kept constant while
the initial concentration of B is varied. In earlier examples, we determined the reaction order with respect to a given reactant by
comparing the different rates obtained when only the concentration of the reactant in question was changed. An alternative way of
determining reaction orders is to set up a proportion using the rate laws for two different experiments. Rate data for a hypothetical
reaction of the type A+ B — products are given in Table 3.4.1.

Table 3.4.1: Rate Data for a Hypothetical Reaction of the Form A + B — products

Experiment [A] M) [B] (M) Initial Rate (M/min)
1 0.50 0.50 8.5% 1073
2 0.75 0.50 19 x107°
3 1.00 0.50 34x1073
4 0.50 0.75 8.5x 1073
5 0.50 1.00 8.5x 1073
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The general rate law for the reaction is given in Equation 3.4.12. We can obtain m or n directly by using a proportion of the rate
laws for two experiments in which the concentration of one reactant is the same, such as Experiments 1 and 3 in Table 3.4.3.

rate;  k[A;]"[B:]"

rates  k[A3]™[Bs]"

Inserting the appropriate values from Table 3.4.3,

8.5x107° M/min _ £[0.50 M]™[0.50 M]"
341073 M/min  k[1.00 MJ™[0.50 M]"

Because 1.00 to any power is 1, [1.00 M]™ = 1.00 M. We can cancel like terms to give 0.25 = [0.50]™, which can also be written as
1/4 = [1/2]™. Thus we can conclude that m = 2 and that the reaction is second order in A. By selecting two experiments in which
the concentration of B is the same, we were able to solve for m.

Conversely, by selecting two experiments in which the concentration of A is the same (e.g., Experiments 5 and 1), we can solve for
n.

rate;  k[A;]"[B:]"

rates k[A5]™[Bs]™

Substituting the appropriate values from Table 3.4.3,

8.5x 107 M/min _ k[0.50 M]™[0.50 M]"
8.5x1073 M/min  k[0.50 M]™[1.00 M]"

Canceling leaves 1.0 = [0.50]", which gives n = 0; that is, the reaction is zeroth order in B. The experimentally determined rate
law is therefore

rate = k[AJA[B]° = k[A]?

We can now calculate the rate constant by inserting the data from any row of Table 3.4.3 into the experimentally determined rate
law and solving for k. Using Experiment 2, we obtain

19 x 1073 M/min = k(0.75 M)?
3.4x 102 M min! =k

You should verify that using data from any other row of Table 3.4.1 gives the same rate constant. This must be true as long as the
experimental conditions, such as temperature and solvent, are the same.

v/ Example 3.4.3

Nitric oxide is produced in the body by several different enzymes and acts as a signal that controls blood pressure, long-term
memory, and other critical functions. The major route for removing NO from biological fluids is via reaction with Oy to give
N Oy, which then reacts rapidly with water to give nitrous acid and nitric acid:

These reactions are important in maintaining steady levels of NO. The following table lists kinetics data for the reaction of NO
with O, at 25°C:

2NO(g) +02(g) — 2N 0 (9g)

Determine the rate law for the reaction and calculate the rate constant.

rate law for the reaction and calculate the rate constant.

Experiment [NO], (M) [02]p (M) Initial Rate (M/s)
1 0.0235 0.0125 7.98 x 1073
2 0.0235 0.0250 15.9 x 1073
3 0.0470 0.0125 32.0x 1073
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Experiment [NO], M) [02]p (M) Initial Rate (M/s)

4 0.0470 0.0250 63.5x 1073

Given: balanced chemical equation, initial concentrations, and initial rates

Asked for: rate law and rate constant

Strategy:

A. Compare the changes in initial concentrations with the corresponding changes in rates of reaction to determine the reaction
order for each species. Write the rate law for the reaction.
B. Using data from any experiment, substitute appropriate values into the rate law. Solve the rate equation for k.

Solution

A Comparing Experiments 1 and 2 shows that as [O;] is doubled at a constant value of [NO5], the reaction rate approximately
doubles. Thus the reaction rate is proportional to [O,]', so the reaction is first order in O,. Comparing Experiments 1 and 3
shows that the reaction rate essentially quadruples when [NO] is doubled and [O;] is held constant. That is, the reaction rate is
proportional to [NOJ?, which indicates that the reaction is second order in NO. Using these relationships, we can write the rate
law for the reaction:

rate = k[NO1%[O5]

B The data in any row can be used to calculate the rate constant. Using Experiment 1, for example, gives

L rate  T.98x 10°M/s 16 % 10° M2 . o1
~ [NOJ2[0,]  (0.0235 M)2(0.0125 M)

Alternatively, using Experiment 2 gives

y rate 15.9 x 1073 M/s 15 s U R o
= = = . X .S
[NOJ2[02]  (0.0235 M)2(0.0250 M)

The difference is minor and associated with significant digits and likely experimental error in making the table.

The overall reaction order (m +mn) = 3, so this is a third-order reaction whose rate is determined by three reactants. The units
of the rate constant become more complex as the overall reaction order increases.

? Exercise 3.4.3

The peroxydisulfate ion (S,04%") is a potent oxidizing agent that reacts rapidly with iodide ion in water:

2— — 2— —
5203(ag) T3 (ag) = 2504 + 130y

The following table lists kinetics data for this reaction at 25°C. Determine the rate law and calculate the rate constant.

kinetics data for this reaction at 25°C.

Experiment [S,05% 1o (M) [T"lo M) Initial Rate (M/s)
1 0.27 0.38 2.05
2 0.40 0.38 3.06
3 0.40 0.22 1.76

Answer:
rate = k[S;0g° I[I']; k=20 M 157!
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A Video Discussing Initial Rates and Rate Law Expressions. Video Link:
[youtu.be]

Summary

The rate law for a reaction is a mathematical relationship between the reaction rate and the concentrations of species in solution.
Rate laws can be expressed either as a differential rate law, describing the change in reactant or product concentrations as a
function of time, or as an integrated rate law, describing the actual concentrations of reactants or products as a function of time. The
rate constant (k) of a rate law is a constant of proportionality between the reaction rate and the reactant concentration. The exponent
to which a concentration is raised in a rate law indicates the reaction order, the degree to which the reaction rate depends on the
concentration of a particular reactant.

is shared under a license and was authored, remixed, and/or
curated by LibreTexts.

. is licensed

https://chem.libretexts.org/@go/page/463649



https://libretexts.org/
https://chem.libretexts.org/@go/page/463649?pdf
https://youtu.be/VZl5dipsCEQ
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/03%3A_Chemical_Kinetics/3.04%3A_The_Rate_Law-_The_Effect_of_Concentration_on_Reaction_Rate
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/03%3A_Chemical_Kinetics/3.04%3A_The_Rate_Law-_The_Effect_of_Concentration_on_Reaction_Rate?no-cache
https://chem.libretexts.org/@go/page/25177
https://creativecommons.org/licenses/by-nc-sa/3.0/
https://www.youtube.com/watch?v=VZl5dipsCEQ
https://www.youtube.com/watch?v=VZl5dipsCEQ

3.5: The Integrated Rate Law- The Dependence of Concentration on Time

4} Learning Objectives

o To apply rate laws to zeroth, first and second order reactions.

Either the differential rate law or the integrated rate law can be used to determine the reaction order from experimental data. Often,
the exponents in the rate law are the positive integers: 1 and 2 or even 0. Thus the reactions are zeroth, first, or second order in each
reactant. The common patterns used to identify the reaction order are described in this section, where we focus on characteristic
types of differential and integrated rate laws and how to determine the reaction order from experimental data. The learning
objective of this Module is to know how to determine the reaction order from experimental data.

Zeroth-Order Reactions

A zeroth-order reaction is one whose rate is independent of concentration; its differential rate law is
rate = k.

We refer to these reactions as zeroth order because we could also write their rate in a form such that the exponent of the reactant in
the rate law is O:

A[A
rate = —% = k[reactant]’ = k(1) =k (3.5.1)

Because rate is independent of reactant concentration, a graph of the concentration of any reactant as a function of time is a straight
line with a slope of —k. The value of k is negative because the concentration of the reactant decreases with time. Conversely, a
graph of the concentration of any product as a function of time is a straight line with a slope of k, a positive value.

Figure 3.5.1: The graph of a zeroth-order reaction. The change in concentration of reactant and

product with time produces a straight line.

Graph of concentration against time. The reactant is in purple and has a slope of minus k. The product is in green and has a slope of
positive k.

The integrated rate law for a zeroth-order reaction also produces a straight line and has the general form
[A] = [A]o —kt (3.5.2)
where [A]y is the initial concentration of reactant A. Equation 3.5.2 has the form of the algebraic equation for a straight line,
y=mx +Db,
withy = [A], mz = —kt,and b= [4],.)

In a zeroth-order reaction, the rate constant must have the same units as the reaction rate, typically moles per liter per second.

Although it may seem counterintuitive for the reaction rate to be independent of the reactant concentration(s), such reactions are
rather common. They occur most often when the reaction rate is determined by available surface area. An example is the
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decomposition of N>O on a platinum (Pt) surface to produce N, and O,, which occurs at temperatures ranging from 200°C to
400°C:

2N,0(g) — 2Ns (g) + Oa(g) (3.5.3)

Without a platinum surface, the reaction requires temperatures greater than 700°C, but between 200°C and 400°C, the only factor
that determines how rapidly N>O decomposes is the amount of Pt surface available (not the amount of Pt). As long as there is
enough N>O to react with the entire Pt surface, doubling or quadrupling the N>O concentration will have no effect on the reaction
rate. At very low concentrations of N>O, where there are not enough molecules present to occupy the entire available Pt surface,
the reaction rate is dependent on the N»O concentration. The reaction rate is as follows:

rate = —% (%) = %(A[Al\iz]) = A[A(zz] =k[N,0]° =k (3.5.4)

Thus the rate at which N,O is consumed and the rates at which N; and O, are produced are independent of concentration. As
shown in Figure 3.5.2, the change in the concentrations of all species with time is linear. Most important, the exponent (0)
corresponding to the NO concentration in the experimentally derived rate law is not the same as the reactant’s stoichiometric
coefficient in the balanced chemical equation (2). For this reaction, as for all others, the rate law must be determined
experimentally.

Figure 3.5.2: A Zeroth-Order Reaction. This graph shows the concentrations of reactants and products versus time for the zeroth-
order catalyzed decomposition of N,O to N, and O, on a Pt surface. The change in the concentrations of all species with time is
linear.

Graph of concentration against time. N20O is the reactiant is graphed in purple. O2 is one of the products and is graphed in green.

The second product is N2 which is graphed in red
A zeroth-order reaction that takes place in the human liver is the oxidation of ethanol (from alcoholic beverages) to acetaldehyde,
catalyzed by the enzyme alcohol dehydrogenase. At high ethanol concentrations, this reaction is also a zeroth-order reaction. The
overall reaction equation is

Figure 3.5.2

where \ce{NADA{*"") (nicotinamide adenine dinucleotide) and NADH (reduced nicotinamide adenine dinucleotide) are the
oxidized and reduced forms, respectively, of a species used by all organisms to transport electrons. When an alcoholic beverage is
consumed, the ethanol is rapidly absorbed into the blood. Its concentration then decreases at a constant rate until it reaches zero
(Figure 3.5.3a). An average 70 kg person typically takes about 2.5 h to oxidize the 15 mL of ethanol contained in a single 12 oz
can of beer, a 5 oz glass of wine, or a shot of distilled spirits (such as whiskey or brandy). The actual rate, however, varies a great
deal from person to person, depending on body size and the amount of alcohol dehydrogenase in the liver. The reaction rate does
not increase if a greater quantity of alcohol is consumed over the same period of time because the reaction rate is determined only
by the amount of enzyme present in the liver. Contrary to popular belief, the caffeine in coffee is ineffective at catalyzing the
oxidation of ethanol. When the ethanol has been completely oxidized and its concentration drops to essentially zero, the rate of
oxidation also drops rapidly (part (b) in Figure 3.5.3).
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Figure 3.5.3: The Catalyzed Oxidation of Ethanol (a) The concentration of ethanol in human blood decreases linearly with time,
which is typical of a zeroth-order reaction. (b) The rate at which ethanol is oxidized is constant until the ethanol concentration
reaches essentially zero, at which point the reaction rate drops to zero.

These examples illustrate two important points:

1. In a zeroth-order reaction, the reaction rate does not depend on the reactant concentration.
2. A linear change in concentration with time is a clear indication of a zeroth-order reaction.

First-Order Reactions

In a first-order reaction, the reaction rate is directly proportional to the concentration of one of the reactants. First-order reactions
often have the general form A — products. The differential rate for a first-order reaction is as follows:
AlA]

rate:—A—t :k[A] (355)

If the concentration of A is doubled, the reaction rate doubles; if the concentration of A is increased by a factor of 10, the reaction
rate increases by a factor of 10, and so forth. Because the units of the reaction rate are always moles per liter per second, the units
of a first-order rate constant are reciprocal seconds (s ).

The integrated rate law for a first-order reaction can be written in two different ways: one using exponents and one using
logarithms. The exponential form is as follows:

[A] = [A]oe ™ (3.5.6)

where [A]g is the initial concentration of reactant A at ¢ =0; k is the rate constant; and e is the base of the natural logarithms,
which has the value 2.718 to three decimal places. Recall that an integrated rate law gives the relationship between reactant
concentration and time. Equation 3.5.6 predicts that the concentration of A will decrease in a smooth exponential curve over time.
By taking the natural logarithm of each side of Equation 3.5.6 and rearranging, we obtain an alternative logarithmic expression of
the relationship between the concentration of A and ¢:

In[A] =1n[A], — kt (3.5.7)
Because Equation 3.5.7 has the form of the algebraic equation for a straight line,
y=mz +Db,

with y = In[A] and b = In[A], a plot of In[A] versus ¢ for a first-order reaction should give a straight line with a slope of —k and
an intercept of 1n[A]y. Either the differential rate law (Equation 3.5.5) or the integrated rate law (Equation 3.5.7) can be used to
determine whether a particular reaction is first order.

https://chem.libretexts.org/@go/page/463650



https://libretexts.org/
https://chem.libretexts.org/@go/page/463650?pdf

Figure 3.5.4: Graphs of a first-order reaction. The expected shapes of the curves for plots of reactant concentration versus time
(top) and the natural logarithm of reactant concentration versus time (bottom) for a first-order reaction.

First-order reactions are very common. One reaction that exhibits apparent first-order kinetics is the hydrolysis of the anticancer
drug cisplatin. Cisplatin, the first “inorganic” anticancer drug to be discovered, is unique in its ability to cause complete remission
of the relatively rare, but deadly cancers of the reproductive organs in young adults. The structures of cisplatin and its hydrolysis
product are as follows:

Figure 3.5.5: Cis-platin reaction with water.

Both platinum compounds have four groups arranged in a square plane around a Pt(II) ion. The reaction shown in Figure 3.5.5 is
important because cisplatin, the form in which the drug is administered, is not the form in which the drug is active. Instead, at least
one chloride ion must be replaced by water to produce a species that reacts with deoxyribonucleic acid (DNA) to prevent cell
division and tumor growth. Consequently, the kinetics of the reaction in Figure 3.5.4 have been studied extensively to find ways of
maximizing the concentration of the active species.

If a plot of reactant concentration versus time is not linear but a plot of the natural
logarithm of reactant concentration versus time is linear, then the reaction is first order.

The rate law and reaction order of the hydrolysis of cisplatin are determined from experimental data, such as those displayed in
Table 3.5.1. The table lists initial rate data for four experiments in which the reaction was run at pH 7.0 and 25°C but with different
initial concentrations of cisplatin.

Table 3.5.1: Rates of Hydrolysis of Cisplatin as a Function of Concentration at pH 7.0 and 25°C

Experiment [Cisplatin]y (M) Initial Rate (M/min)
1 0.0060 9.0x107®
2 0.012 1.8x107°
3 0.024 3.6x107°
4 0.030 45x107°

Because the reaction rate increases with increasing cisplatin concentration, we know this cannot be a zeroth-order reaction.
Comparing Experiments 1 and 2 in Table 3.5.1 shows that the reaction rate doubles [(1.8 x 107> M/min) < (9.0 x 10™® M/min) =
2.0] when the concentration of cisplatin is doubled (from 0.0060 M to 0.012 M). Similarly, comparing Experiments 1 and 4 shows
that the reaction rate increases by a factor of 5 [(4.5 x 10~ M/min) + (9.0 x 10~® M/min) = 5.0] when the concentration of cisplatin
is increased by a factor of 5 (from 0.0060 M to 0.030 M). Because the reaction rate is directly proportional to the concentration of
the reactant, the exponent of the cisplatin concentration in the rate law must be 1, so the rate law is rate = k[cisplatin]'. Thus the
reaction is first order. Knowing this, we can calculate the rate constant using the differential rate law for a first-order reaction and
the data in any row of Table 3.5.1. For example, substituting the values for Experiment 3 into Equation 3.5.5,

3.6 x 1075 M/min = k(0.024 M)
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1.5%x 103 min ' = k

Knowing the rate constant for the hydrolysis of cisplatin and the rate constants for subsequent reactions that produce species that
are highly toxic enables hospital pharmacists to provide patients with solutions that contain only the desired form of the drug.

v/ Example 3.5.1

At high temperatures, ethyl chloride produces HCI and ethylene by the following reaction:

A
CH,CH,Cl(g) — HCl(g) + C,H,(g)

Using the rate data for the reaction at 650°C presented in the following table, calculate the reaction order with respect to the
concentration of ethyl chloride and determine the rate constant for the reaction.

data for the reaction at 650°C

Experiment [CH3CH,Cl], (M) Initial Rate (M/s)
1 0.010 1.6x1078
2 0.015 24x1078
3 0.030 48x1078
4 0.040 6.4%x1078

Given: balanced chemical equation, initial concentrations of reactant, and initial rates of reaction

Asked for: reaction order and rate constant

Strategy:

A. Compare the data from two experiments to determine the effect on the reaction rate of changing the concentration of a
species.

B. Compare the observed effect with behaviors characteristic of zeroth- and first-order reactions to determine the reaction
order. Write the rate law for the reaction.

C Use measured concentrations and rate data from any of the experiments to find the rate constant.

Solution

The reaction order with respect to ethyl chloride is determined by examining the effect of changes in the ethyl chloride
concentration on the reaction rate.

A Comparing Experiments 2 and 3 shows that doubling the concentration doubles the reaction rate, so the reaction rate is
proportional to [CH3CH,Cl]. Similarly, comparing Experiments 1 and 4 shows that quadrupling the concentration quadruples
the reaction rate, again indicating that the reaction rate is directly proportional to [CH;CH,Cl].

B This behavior is characteristic of a first-order reaction, for which the rate law is rate = klCH3CH,Cl].
C We can calculate the rate constant (k) using any row in the table. Selecting Experiment 1 gives the following:
1.60 x 1078 M/s = k(0.010 M)
16x10°%s =k

? Exercise 3.5.1

Sulfuryl chloride (SO,Cl,) decomposes to SO, and Cl, by the following reaction:
S0,Cly(g) — SO1(g) +Cla(g)
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Data for the reaction at 320°C are listed in the following table. Calculate the reaction order with regard to sulfuryl chloride and
determine the rate constant for the reaction.

Data for the reaction at 320°C

Experiment [SO,Cl,]y (M) Initial Rate (M/s)
1 0.0050 1.10 x 1077
2 0.0075 1.65 x 1077
3 0.0100 220 x 1077
4 0.0125 2.75x 1077

Answer
first order; k = 2.2 x 1075571

We can also use the integrated rate law to determine the reaction rate for the hydrolysis of cisplatin. To do this, we examine the
change in the concentration of the reactant or the product as a function of time at a single initial cisplatin concentration. Figure
3.5.6ashows plots for a solution that originally contained 0.0100 M cisplatin and was maintained at pH 7 and 25°C.

Figure 3.5.6: The Hydrolysis of Cisplatin, a First-Order Reaction. These plots show hydrolysis of cisplatin at pH 7.0 and 25°C as
(a) the experimentally determined concentrations of cisplatin and chloride ions versus time and (b) the natural logarithm of the
cisplatin concentration versus time. The straight line in (b) is expected for a first-order reaction.
The concentration of cisplatin decreases smoothly with time, and the concentration of chloride ion increases in a similar way. When
we plot the natural logarithm of the concentration of cisplatin versus time, we obtain the plot shown in part (b) in Figure 3.5.6. The
straight line is consistent with the behavior of a system that obeys a first-order rate law. We can use any two points on the line to
calculate the slope of the line, which gives us the rate constant for the reaction. Thus taking the points from part (a) in Figure 3.5.6
for t = 100 min ([cisplatin] = 0.0086 M) and t = 1000 min ([cisplatin] = 0.0022 M),
In[cisplatin];ggp — In[cisplatin]qgg
1000 min — 100 min
In0.0022 —1n0.0086 —6.12 —(—4.76 _ B
—k = : — = (, ):fl.5l><103min1
1000 min — 100 min 900 min

k=15x%x10"% min!

slope =

The slope is negative because we are calculating the rate of disappearance of cisplatin. Also, the rate constant has units of min*

because the times plotted on the horizontal axes in parts (a) and (b) in Figure 3.5.6 are in minutes rather than seconds.

The reaction order and the magnitude of the rate constant we obtain using the integrated rate law are exactly the same as those we
calculated earlier using the differential rate law. This must be true if the experiments were carried out under the same conditions.
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Video Example Using the First-Order Integrated Rate Law Equation:

[youtu.be]

v/ Example 3.5.2

If a sample of ethyl chloride with an initial concentration of 0.0200 M is heated at 650°C, what is the concentration of ethyl
chloride after 10 h? How many hours at 650°C must elapse for the concentration to decrease to 0.0050 M (k= 1.6 x 10 ®s71) ?

Given: initial concentration, rate constant, and time interval

Asked for: concentration at specified time and time required to obtain particular concentration

Strategy:

A. Substitute values for the initial concentration ([A]p) and the calculated rate constant for the reaction (k) into the integrated
rate law for a first-order reaction. Calculate the concentration ([A]) at the given time t.
B. Given a concentration [A], solve the integrated rate law for time t.

Solution
The exponential form of the integrated rate law for a first-order reaction (Equation ) is [A] = [Alpe X

A Having been given the initial concentration of ethyl chloride ([A],) and having the rate constant of k= 1.6 x 1076 s™1, we can
use the rate law to calculate the concentration of the reactant at a given time t. Substituting the known values into the integrated

rate law,
[CH3CH,Cl]1 » = [CH3CH,Cl]ge "
—0.0200 M(ef(1.6><10’6 s 1[(10 h)(60 min/h)(60 s/min)] )
=0.0189 M
We could also have used the logarithmic form of the integrated rate law (Equation ):

In[CH3CH;Cll]101, =1n[CH3CH,Cl]p — kt
=1n0.0200 — (1.6 x 1075 s7')[(10 h)(60 min/h)(60 s/min)]
=-3.912-0.0576 = —3.970
[CH3CH,Cl]1o, =e > M
=0.0189 M
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B To calculate the amount of time required to reach a given concentration, we must solve the integrated rate law for ¢.
Equation 3.5.7 gives the following:

ln[CH3 CH2 Cl]t S ln[CH30H2Cl]0 —kt

[CH3CH,Cl]g
kt =1n[CH;CH,Cl], — In[CH;CH,Cl]; = ln ——————
n[C 3C QC ]() II[C 3C zc ]t n [CH3CH201]t
. 1 [CH3CH,Cl), 1 . 0.0200 M
== n = n
k [CH3CH,ClJ; 1.6 x 1076 g1 0.0050 M
__ 40 e 1Ps—240h=24x10°h
1.6 x 1078 -1

? Exercise 3.5.2

In the exercise in Example 3.5.1, you found that the decomposition of sulfuryl chloride (SO, CL,) is first order, and you
calculated the rate constant at 320°C.

a. Use the form(s) of the integrated rate law to find the amount of SO, Cl, that remains after 20 h if a sample with an original
concentration of 0.123 M is heated at 320°C.
b. How long would it take for 90% of the SO,Cl, to decompose?

Answer a
0.0252 M

Answer b
29h

Second-Order Reactions
The simplest kind of second-order reaction is one whose rate is proportional to the square of the concentration of one reactant.
These generally have the form

2 A — products-

A second kind of second-order reaction has a reaction rate that is proportional to the product of the concentrations of two reactants.
Such reactions generally have the form A + B — products. An example of the former is a dimerization reaction, in which two
smaller molecules, each called a monomer, combine to form a larger molecule (a dimer).

The differential rate law for the simplest second-order reaction in which 2A — products is as follows:

A[A]
rate=—2—At = k[A]? (3.5.8)

Consequently, doubling the concentration of A quadruples the reaction rate. For the units of the reaction rate to be moles per liter
per second (M/s), the units of a second-order rate constant must be the inverse (M !s™!). Because the units of molarity are
expressed as mol/L, the unit of the rate constant can also be written as L(mol's).

For the reaction 2A — products, the following integrated rate law describes the concentration of the reactant at a given time:

1 1
T =m+kt (3.5.9)

Because Equation 3.5.9 has the form of an algebraic equation for a straight line, y = mx + b, with y = 1/[A] and b = 1/[A],, a plot of
1/[A] versus t for a simple second-order reaction is a straight line with a slope of k and an intercept of 1/[A],.

I Second-order reactions generally have the form 2A — products or A + B — products.
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Video Discussing the Second-Order Integrated Rate Law Equation:
[youtu.be]

Simple second-order reactions are common. In addition to dimerization reactions, two other examples are the decomposition of
NO; to NO and O and the decomposition of HI to I and H,. Most examples involve simple inorganic molecules, but there are
organic examples as well. We can follow the progress of the reaction described in the following paragraph by monitoring the
decrease in the intensity of the red color of the reaction mixture.

Many cyclic organic compounds that contain two carbon—carbon double bonds undergo a dimerization reaction to give complex
structures. One example is as follows:

Figure 3.5.7

For simplicity, we will refer to this reactant and product as “monomer” and “dimer,” respectively. The systematic name of the
monomer is 2,5-dimethyl-3,4-diphenylcyclopentadienone. The systematic name of the dimer is the name of the monomer followed
by “dimer.” Because the monomers are the same, the general equation for this reaction is 2A — product. This reaction represents
an important class of organic reactions used in the pharmaceutical industry to prepare complex carbon skeletons for the synthesis of
drugs. Like the first-order reactions studied previously, it can be analyzed using either the differential rate law (Equation ) or
the integrated rate law (Equation ).

Table 3.5.2: Rates of Reaction as a Function of Monomer Concentration for an Initial Monomer Concentration of 0.0054 M

Time (min) [Monomer] (M) Instantaneous Rate (M/min)
10 0.0044 8.0 x 107°
26 0.0034 5.0 x 107
44 0.0027 3.1x107°
70 0.0020 1.8 x107°
120 0.0014 8.0x 1076

To determine the differential rate law for the reaction, we need data on how the reaction rate varies as a function of monomer
concentrations, which are provided in Table 3.5.2. From the data, we see that the reaction rate is not independent of the monomer
concentration, so this is not a zeroth-order reaction. We also see that the reaction rate is not proportional to the monomer
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concentration, so the reaction is not first order. Comparing the data in the second and fourth rows shows that the reaction rate
decreases by a factor of 2.8 when the monomer concentration decreases by a factor of 1.7:

5.0 x 107 M/min 3.4x10°M
=28 and ———— =
1.8 x 107 M/min 2.0x1073 M

1.7

Because (1.7)? = 2.9 ~ 2.8, the reaction rate is approximately proportional to the square of the monomer concentration.
rate « [monomer]?

This means that the reaction is second order in the monomer. Using Equation 3.5.8 and the data from any row in Table 3.5.2, we
can calculate the rate constant. Substituting values at time 10 min, for example, gives the following:

rate = k[A]? (3.5.10)
8.0 x 1075 M/min = k(4.4 x 1073 M)? (3.5.11)
4.1M1 - min! =k (3.5.12)

We can also determine the reaction order using the integrated rate law. To do so, we use the decrease in the concentration of the
monomer as a function of time for a single reaction, plotted in Figure 3.5.8a The measurements show that the concentration of the
monomer (initially 5.4 x 1072 M) decreases with increasing time. This graph also shows that the reaction rate decreases smoothly
with increasing time. According to the integrated rate law for a second-order reaction, a plot of 1/[monomer] versus ¢t should be a
straight line, as shown in Figure 3.5.8b Any pair of points on the line can be used to calculate the slope, which is the second-order
rate constant. In this example, k = 4.1 Mmin"!, which is consistent with the result obtained using the differential rate equation.
Although in this example the stoichiometric coefficient is the same as the reaction order, this is not always the case. The reaction
order must always be determined experimentally.

Figure 3.5.8: Dimerization of a Monomeric Compound, a Second-Order Reaction. These plots correspond to dimerization of the
monomer in Figure 14.4.6 as (a) the experimentally determined concentration of monomer versus time and (b) 1/[monomer] versus
time. The straight line in (b) is expected for a simple second-order reaction.

For two or more reactions of the same order, the reaction with the largest rate constant is the fastest. Because the units of the rate
constants for zeroth-, first-, and second-order reactions are different, however, we cannot compare the magnitudes of rate constants
for reactions that have different orders.

v/ Example 3.5.3

At high temperatures, nitrogen dioxide decomposes to nitric oxide and oxygen.

2NO,(g) —A+ 2NO(g) + 04 (g)

Experimental data for the reaction at 300°C and four initial concentrations of NO are listed in the following table:

Experimental data for the reaction at 300°C and four initial concentrations of NO2

Experiment [NO,]lp (M) Initial Rate (M/s)
1 0.015 1.22x 1074
2 0.010 5.40 x 107°
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Experiment [NO;]p (M) Initial Rate (M/s)
3 0.0080 3.46 x 107

4 0.0050 1.35x 107°

Determine the reaction order and the rate constant.
Given: balanced chemical equation, initial concentrations, and initial rates

Asked for: reaction order and rate constant

Strategy:

A. From the experiments, compare the changes in the initial reaction rates with the corresponding changes in the initial
concentrations. Determine whether the changes are characteristic of zeroth-, first-, or second-order reactions.
B. Determine the appropriate rate law. Using this rate law and data from any experiment, solve for the rate constant (k).

Solution

A We can determine the reaction order with respect to nitrogen dioxide by comparing the changes in NO, concentrations with
the corresponding reaction rates. Comparing Experiments 2 and 4, for example, shows that doubling the concentration
quadruples the reaction rate [(5.40 x 107°) + (1.35 x 107%) = 4.0], which means that the reaction rate is proportional to [NO,]2.
Similarly, comparing Experiments 1 and 4 shows that tripling the concentration increases the reaction rate by a factor of 9,
again indicating that the reaction rate is proportional to [NO,]2. This behavior is characteristic of a second-order reaction.

B We have rate = k[NO,]%>. We can calculate the rate constant (k) using data from any experiment in the table. Selecting
Experiment 2, for example, gives the following:

rate = k[NO,|?
5.40 x 10~° M/s = k(0.010 M)?
0.54M1t.s7! =k

? Exercise 3.5.3

When the highly reactive species HO, forms in the atmosphere, one important reaction that then removes it from the
atmosphere is as follows:

2HO; () — H205(5) + Oy

The kinetics of this reaction have been studied in the laboratory, and some initial rate data at 25°C are listed in the following
table:

Some initial rate data at 25°C

Experiment [HO;]y (M) Initial Rate (M/s)
1 1.1x1078 1.7 x 1077
2 2.5x 1078 8.8x 1077
3 3.4x1078 1.6 x107°
4 5.0 x 1078 3.5x 1076

Determine the reaction order and the rate constant.

Answer
second order in HOy; k= 1.4 x 109 M 17!
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If a plot of reactant concentration versus time is not linear, but a plot of 1/(reactant concentration) versus time is linear, then the
reaction is second order.

v/ Example 3.5.4

If a flask that initially contains 0.056 M NO; is heated at 300°C, what will be the concentration of NO; after 1.0 h? How long
will it take for the concentration of NO, to decrease to 10% of the initial concentration? Use the integrated rate law for a
second-order reaction (Equation 3.5.9) and the rate constant calculated above.

Given: balanced chemical equation, rate constant, time interval, and initial concentration

Asked for: final concentration and time required to reach specified concentration

Strategy:

A. Given k, t, and [A]y, use the integrated rate law for a second-order reaction to calculate [A].
B. Setting [A] equal to 1/10 of [A]y, use the same equation to solve for £.

Solution
A We know k and [NO,],, and we are asked to determine [NO,] at t = 1 h (3600 s). Substituting the appropriate values into
Equation 3.5.9,
1 1
= + kt
[NO2J3e00  [NO2]o
B 1
~0.056 M

=20x10°M!

+](0.54 M -571)(3600 5)]

Thus [NO5]300 = 5.1 X 1074 M.

B In this case, we know k and [NO,],, and we are asked to calculate at what time [NO,] = 0.1[NO,], = 0.1(0.056 M) = 0.0056
M. To do this, we solve Equation 3.5.9 for t, using the concentrations given.

(1/[NOg]) — (1/[NOs]o)

k
_ (1/0.0056 M) — (1/0.056 M)
0.54 M 1.5

=3.0 x10%s=5.0 min

NO, decomposes very rapidly; under these conditions, the reaction is 90% complete in only 5.0 min.

? Exercise 3.5.4

In the previous exercise, you calculated the rate constant for the decomposition of HO; as k = 1.4 x 10° M™!-s™L. This high rate
constant means that HO, decomposes rapidly under the reaction conditions given in the problem. In fact, the HO, molecule is
so reactive that it is virtually impossible to obtain in high concentrations. Given a 0.0010 M sample of HO,, calculate the
concentration of HO, that remains after 1.0 h at 25°C. How long will it take for 90% of the HO, to decompose? Use the
integrated rate law for a second-order reaction (Equation 3.5.9) and the rate constant calculated in the exercise in Example
3.5.3.

Answer
2.0%x10713M;6.4%x 10755

3.5.12 https://chem.libretexts.org/@go/page/463650


https://libretexts.org/
https://chem.libretexts.org/@go/page/463650?pdf

In addition to the simple second-order reaction and rate law we have just described, another very common second-order reaction
has the general form A + B — products , in which the reaction is first order in A and first order in B. The differential rate law for
this reaction is as follows:

A[A] _ A[B]

rate = “A7 = “ AT = k[A][B]

Because the reaction is first order both in A and in B, it has an overall reaction order of 2. (The integrated rate law for this reaction
is rather complex, so we will not describe it.) We can recognize second-order reactions of this sort because the reaction rate is
proportional to the concentrations of each reactant.

Summary

The reaction rate of a zeroth-order reaction is independent of the concentration of the reactants. The reaction rate of a first-order
reaction is directly proportional to the concentration of one reactant. The reaction rate of a simple second-order reaction is
proportional to the square of the concentration of one reactant. Knowing the rate law of a reaction gives clues to the reaction
mechanism.

o zeroth-order reaction:

rate = AA[?} =k
[A] = [Ao — kt
o first-order reaction:
AJA
rate = _A[_t] [A]
[A4] = [A]pe™

« second-order reaction:

3.5: The Integrated Rate Law- The Dependence of Concentration on Time is shared under a not declared license and was authored, remixed,
and/or curated by LibreTexts.

¢ 14.4: The Change of Concentration with Time (Integrated Rate Laws) is licensed CC BY-NC-SA 3.0.
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3.6: The Effect of Temperature on Reaction Rate

4b Learning Objectives

o To understand why and how chemical reactions occur.

It is possible to use kinetics studies of a chemical system, such as the effect of changes in reactant concentrations, to deduce events
that occur on a microscopic scale, such as collisions between individual particles. Such studies have led to the collision model of
chemical kinetics, which is a useful tool for understanding the behavior of reacting chemical species. The collision model explains
why chemical reactions often occur more rapidly at higher temperatures. For example, the reaction rates of many reactions that
occur at room temperature approximately double with a temperature increase of only 10°C. In this section, we will use the collision
model to analyze this relationship between temperature and reaction rates. Before delving into the relationship between temperature
and reaction rate, we must discuss three microscopic factors that influence the observed macroscopic reaction rates.

Microscopic Factor 1: Collisional Frequency

Central to collision model is that a chemical reaction can occur only when the reactant molecules, atoms, or ions collide. Hence, the
observed rate is influence by the frequency of collisions between the reactants. The collisional frequency is the average rate in
which two reactants collide for a given system and is used to express the average number of collisions per unit of time in a defined
system. While deriving the collisional frequency (Z4p) between two species in a gas is , it is beyond the scope of
this text and the equation for collisional frequency of A and B is the following:

8mk BT
ZAB ZNANB(TA+TB)2 E— (3‘6'1)
KAB
with
e N4 and Np are the numbers of A and B molecules in the system, respectively
e 7, and 7y are the radii of molecule A and B, respectively
e kp is the Boltzmann constant kg = 1.380 x 1023 Joules Kelvin
e T is the temperature in Kelvin
. . _ _mamgp
e Lap is calculated via puap = e
The specifics of Equation are not important for this conversation, but it is important to identify that Z4p increases with

increasing density (i.e., increasing N4 and Np), with increasing reactant size (r, and 73), with increasing velocities (predicted via
), and with increasing temperature (although weakly because of the square root function).

A Video Discussing Collision Theory of Kinetics: [youtu.be]

https://chem.libretexts.org/@go/page/463651



https://libretexts.org/
https://chem.libretexts.org/@go/page/463651?pdf
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/03%3A_Chemical_Kinetics/3.06%3A_The_Effect_of_Temperature_on_Reaction_Rate
https://chem.libretexts.org/Bookshelves/Physical_and_Theoretical_Chemistry_Textbook_Maps/Supplemental_Modules_(Physical_and_Theoretical_Chemistry)/Kinetics/06%3A_Modeling_Reaction_Kinetics/6.01%3A_Collision_Theory/6.1.04%3A_Collision_Frequency
https://chem.libretexts.org/Bookshelves/General_Chemistry/Chemistry_1e_(OpenSTAX)/09%3A_Gases/9.5%3A_The_Kinetic-Molecular_Theory
https://youtu.be/k4_5hB9nvH4
https://www.youtube.com/watch?v=k4_5hB9nvH4
https://www.youtube.com/watch?v=k4_5hB9nvH4

Microscopic Factor 2: Activation Energy

Previously, we discussed the kinetic molecular theory of gases, which showed that the average kinetic energy of the particles of a
gas increases with increasing temperature. Because the speed of a particle is proportional to the square root of its kinetic energy,
increasing the temperature will also increase the number of collisions between molecules per unit time. What the kinetic molecular
theory of gases does not explain is why the reaction rate of most reactions approximately doubles with a 10°C temperature
increase. This result is surprisingly large considering that a 10°C increase in the temperature of a gas from 300 K to 310 K
increases the kinetic energy of the particles by only about 4%, leading to an increase in molecular speed of only about 2% and a
correspondingly small increase in the number of bimolecular collisions per unit time.

The collision model of chemical kinetics explains this behavior by introducing the concept of activation energy (E,). We will
define this concept using the reaction of NO with ozone, which plays an important role in the depletion of ozone in the ozone
layer:

NO(g) +0,4(g) = NO,(g) +0,(g)

Increasing the temperature from 200 K to 350 K causes the rate constant for this particular reaction to increase by a factor of more
than 10, whereas the increase in the frequency of bimolecular collisions over this temperature range is only 30%. Thus something
other than an increase in the collision rate must be affecting the reaction rate.

Experimental rate law for this reaction is
rate = k[NOJ[O,]

and is used to identify how the reaction rate (not the rate constant) vares with concentration. The rate constant, however, does vary
with temperature. Figure 3.6.1 shows a plot of the rate constant of the reaction of NO with O, at various temperatures. The
relationship is not linear but instead resembles the relationships seen in graphs of vapor pressure versus temperature (e.g, the
Clausius-Claperyon equation). In all three cases, the shape of the plots results from a distribution of kinetic energy over a
population of particles (electrons in the case of conductivity; molecules in the case of vapor pressure; and molecules, atoms, or ions
in the case of reaction rates). Only a fraction of the particles have sufficient energy to overcome an energy barrier.

Figure 3.6.1: Rate Constant versus Temperature for the Reaction of NO with O, The nonlinear shape of the curve is caused by a
distribution of kinetic energy over a population of molecules. Only a fraction of the particles have enough energy to overcome an

energy barrier, but as the temperature is increased, the size of that fraction increases. (CC BY-SA-NC; anonymous)
In the case of vapor pressure, particles must overcome an energy barrier to escape from the liquid phase to the gas phase. This
barrier corresponds to the energy of the intermolecular forces that hold the molecules together in the liquid. In conductivity, the
barrier is the energy gap between the filled and empty bands. In chemical reactions, the energy barrier corresponds to the amount of
energy the particles must have to react when they collide. This energy threshold, called the activation energy, was first postulated
in 1888 by the Swedish chemist Svante Arrhenius (1859-1927; Nobel Prize in Chemistry 1903). It is the minimum amount of
energy needed for a reaction to occur. Reacting molecules must have enough energy to overcome electrostatic repulsion, and a
minimum amount of energy is required to break chemical bonds so that new ones may be formed. Molecules that collide with less
than the threshold energy bounce off one another chemically unchanged, with only their direction of travel and their speed altered
by the collision. Molecules that are able to overcome the energy barrier are able to react and form an arrangement of atoms called

the activated complex or the transition state of the reaction. The activated complex is not a reaction intermediate; it does not last
long enough to be detected readily.
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Any phenomenon that depends on the distribution of thermal energy in a population of
particles has a nonlinear temperature dependence.

We can graph the energy of a reaction by plotting the potential energy of the system as the reaction progresses. Figure 3.6.2 shows
a plot for the NO-Og3 system, in which the vertical axis is potential energy and the horizontal axis is the reaction coordinate, which
indicates the progress of the reaction with time. The activated complex is shown in brackets with an asterisk. The overall change in
potential energy for the reaction (AFE) is negative, which means that the reaction releases energy. (In this case, AFE is —200.8
kJ/mol.) To react, however, the molecules must overcome the energy barrier to reaction (E, is 9.6 kJ/mol). That is, 9.6 kJ/mol must
be put into the system as the activation energy. Below this threshold, the particles do not have enough energy for the reaction to
occur.

Figure 3.6.2: Energy of the Activated Complex for the NO-O3 System. The diagram shows how the energy of this system varies as

the reaction proceeds from reactants to products. Note the initial increase in energy required to form the activated complex. (CC

BY-SA-NC; anonymous)
Figure 3.6.3a illustrates the general situation in which the products have a lower potential energy than the reactants. In contrast,
Figure 3.6.3b illustrates the case in which the products have a higher potential energy than the reactants, so the overall reaction
requires an input of energy; that is, it is energetically uphill, and \(AE > 0\). Although the energy changes that result from a reaction
can be positive, negative, or even zero, in most cases an energy barrier must be overcome before a reaction can occur. This means
that the activation energy is almost always positive; there is a class of reactions called barrierless reactions, but those are discussed
elsewhere.

Figure 3.6.3: Differentiating between E, and AE. The potential energy diagrams for a reaction with (a) AE < 0 and (b) AE > 0
illustrate the change in the potential energy of the system as reactants are converted to products. In both cases, E, is positive. For a
reaction such as the one shown in (b), E; must be greater than AE. (CC BY-SA-NC; anonymous)

For similar reactions under comparable conditions, the one with the smallest E, will
occur most rapidly.

Whereas AF is related to the tendency of a reaction to occur spontaneously, E, gives us information about the reaction rate and
how rapidly the reaction rate changes with temperature. For two similar reactions under comparable conditions, the reaction with
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the smallest E, will occur more rapidly.

Figure 3.6.4 shows both the kinetic energy distributions and a potential energy diagram for a reaction. The shaded areas show that
at the lower temperature (300 K), only a small fraction of molecules collide with kinetic energy greater than E,; however, at the
higher temperature (500 K) a much larger fraction of molecules collide with kinetic energy greater than E,. Consequently, the
reaction rate is much slower at the lower temperature because only a relatively few molecules collide with enough energy to
overcome the potential energy barrier.

Figure 3.6.4: Surmounting the Energy Barrier to a Reaction. This chart juxtaposes the energy distributions of lower-temperature
(300 K) and higher-temperature (500 K) samples of a gas against the potential energy diagram for a reaction. Only those molecules
in the shaded region of the energy distribution curve have E > E, and are therefore able to cross the energy barrier separating
reactants and products. The fraction of molecules with E > E,, is much greater at 500 K than at 300 K, so the reaction will occur
much more rapidly at 500 K. (CC BY-SA-NC; anonymous)

Energy is on the y axis while reaction coordinate and fraction of molecules with a particular kinetic energy E are on the x axis.

Video Discussing Transition State Theory: [youtu.be]

Microscopic Factor 3: Sterics

Even when the energy of collisions between two reactant species is greater than E,, most collisions do not produce a reaction. The
probability of a reaction occurring depends not only on the collision energy but also on the spatial orientation of the molecules
when they collide. For NO and O, to produce NO,, and O,, a terminal oxygen atom of O, must collide with the nitrogen atom of
NO at an angle that allows O, to transfer an oxygen atom to NO to produce NO, (Figure 3.6.4). All other collisions produce no
reaction. Because fewer than 1% of all possible orientations of NO and O, result in a reaction at kinetic energies greater than E,,
most collisions of NO and O, are unproductive. The fraction of orientations that result in a reaction is called the steric factor (p)
and its value can range from p = 0 (no orientations of molecules result in reaction) to p = 1 (all orientations result in reaction).
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Figure 3.6.4: The Effect of Molecular Orientation on the Reaction of NO and O,. Most collisions of NO and O; molecules occur

with an incorrect orientation for a reaction to occur. Only those collisions in which the N atom of NO collides with one of the
terminal O atoms of O, are likely to produce NO, and O,, even if the molecules collide with E > E,. (CC BY-SA-NC;
anonymous)

Macroscopic Behavior: The Arrhenius Equation

The collision model explains why most collisions between molecules do not result in a chemical reaction. For example, nitrogen
and oxygen molecules in a single liter of air at room temperature and 1 atm of pressure collide about 1030 times per second. If
every collision produced two molecules of NO, the atmosphere would have been converted to NO and then NO,, a long time ago.
Instead, in most collisions, the molecules simply bounce off one another without reacting, much as marbles bounce off each other
when they collide.

For an A + B elementary reaction, all three microscopic factors discussed above that affect the reaction rate can be summarized in
a single relationship:

rate = (collision frequency) x (steric factor) x (fraction of collisions with E > E,)

where
rate = k[A|[B] (3.6.2)

Arrhenius used these relationships to arrive at an equation that relates the magnitude of the rate constant for a reaction to the
temperature, the activation energy, and the constant, A4, called the frequency factor:

k= Ae Ea/RT (3.6.3)

The frequency factor is used to convert concentrations to collisions per second (scaled by the steric factor). Because the frequency
of collisions depends on the temperature, A is actually not constant (Equation 3.6.1). Instead, A increases slightly with
temperature as the increased kinetic energy of molecules at higher temperatures causes them to move slightly faster and thus
undergo more collisions per unit time.

Equation 3.6.3 is known as the Arrhenius equation and summarizes the collision model of chemical kinetics, where T' is the
absolute temperature (in K) and R is the ideal gas constant [8.314 J/(K-mol)]. E, indicates the sensitivity of the reaction to changes
in temperature. The reaction rate with a large E, increases rapidly with increasing temperature, whereas the reaction rate with a
smaller E, increases much more slowly with increasing temperature.

If we know the reaction rate at various temperatures, we can use the Arrhenius equation to calculate the activation energy. Taking
the natural logarithm of both sides of Equation 3.6.3,

RT

() (3)

Ink =lnA+ (— Fs ) (3.6.4)

Equation 3.6.5is the equation of a straight line,
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y=mz+b

where y =Ink and x = 1/T. This means that a plot of Ink versus 1 /7T is a straight line with a slope of —E, /R and an intercept
of In A. In fact, we need to measure the reaction rate at only two temperatures to estimate E,.

Knowing the FE, at one temperature allows us to predict the reaction rate at other temperatures. This is important in cooking and
food preservation, for example, as well as in controlling industrial reactions to prevent potential disasters. The procedure for
determining F, from reaction rates measured at several temperatures is illustrated in Example 3.6.1.

A Video Discussing The Arrhenius Equation: [youtu.be]

v/ Example 3.6.1: Chirping Tree Crickets

Many people believe that the rate of a tree cricket’s chirping is related to temperature. To see whether this is true, biologists
have carried out accurate measurements of the rate of tree cricket chirping (f) as a function of temperature (7"). Use the data in
the following table, along with the graph of In[chirping rate] versus 1/T to calculate E, for the biochemical reaction that
controls cricket chirping. Then predict the chirping rate on a very hot evening, when the temperature is 308 K (35°C, or 95°F).

Chirping Tree Crickets Frequency Table

Frequency (f; chirps/min) In f T (K) 1T (K)
200 5.30 299 3.34x 1073
179 5.19 298 3.36 x 1073
158 5.06 296 3.38 x 1073
141 4.95 294 3.40 x 1073
126 4.84 293 3.41x1073
112 4.72 292 3.42 x 1073
100 4.61 290 3.45x 1073
89 4.49 289 3.46 x 1073
79 437 287 3.48 x 1073

Given: chirping rate at various temperatures

Asked for: activation energy and chirping rate at specified temperature

Strategy:

A. From the plot of In f versus 1 /T, calculate the slope of the line (—E4/R) and then solve for the activation energy.
B. Express Equation in terms of k; and T; and then in terms of k, and T».
C. Subtract the two equations; rearrange the result to describe ko/k; in terms of T and T;.
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D. Using measured data from the table, solve the equation to obtain the ratio ky/k;. Using the value listed in the table for ki,
solve for ks.

Solution

A If cricket chirping is controlled by a reaction that obeys the Arrhenius equation, then a plot of In f versus 1/T should give a
straight line (Figure 3.6.6).

Figure 3.6.6: Graphical Determination of E, for Tree Cricket Chirping. When the natural logarithm of the rate of tree cricket
chirping is plotted versus 1/T, a straight line results. The slope of the line suggests that the chirping rate is controlled by a
single reaction with an E, of 55 kJ/mol. (CC BY-SA-NC; anonymous)
Also, the slope of the plot of In f versus 1/7 should be equal to —E,/R. We can use the two endpoints in Figure 3.6.6 to
estimate the slope:

slope = M
A(1/T)
3 5.30 —4.37
 3.34x103K '-348x103K!
3 0.93
© —0.14x103K™!
=—6.6x10°K

A computer best-fit line through all the points has a slope of —6.67 x 103 K, so our estimate is very close. We now use it to
solve for the activation energy:

E, = —(slope)(R)

8.3147\ [ 1KJ
— _(_ 3
= (6610 K)(K-mol> (1000J>

~ 55kJ
"~ mol

B If the activation energy of a reaction and the rate constant at one temperature are known, then we can calculate the reaction
rate at any other temperature. We can use Equation 3.6.5 to express the known rate constant (k) at the first temperature (77 )
as follows:

E.
RT}y

Ink; =1lnA—

Similarly, we can express the unknown rate constant (k2) at the second temperature (7% ) as follows:

E,
RT;

Ink; =InA —
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C These two equations contain four known quantities (E,, T1, T2, and k;) and two unknowns (A and k). We can eliminate A by
subtracting the first equation from the second:

E, E,
Inky; —Ink; = (lnA_R_Tg) — (lnA— RT1>
B &
RT, RIY

ke E,[1 1
In—=—|—=——-——
kq R\Ty T,
D To obtain the best prediction of chirping rate at 308 K (T»), we try to choose for T; and k; the measured rate constant and

corresponding temperature in the data table that is closest to the best-fit line in the graph. Choosing data for T; = 296 K, where
f= 158, and using the E, calculated previously,

kr, E,[1 1
oL Lo _
kr, R\T, T

B 55 kJ /mol 1000 J 1 1
~ 8.314J/(K-mol) \ 1kJ 296 K 308K

=0.87

Then

Thus k3pg/kogg = 2.4 and kspg = (2.4)(158) = 380, and the chirping rate on a night when the temperature is 308 K is predicted to
be 380 chirps per minute.

? Exercise 3.6.14

The equation for the decomposition of NO, to NO and O, is second order in NO,:
2NO,(g) = 2NO(g) +0,(g)

Data for the reaction rate as a function of temperature are listed in the following table. Calculate E, for the reaction and the
rate constant at 700 K.

Data for the reaction rate as a function of temperature

T (K) k(M s
592 522
603 755
627 1700
652 4020
656 5030

Answer

E, = 114 kJ/mol; kygo= 18,600 M 1:s™! = 1.86 x 104 M 1571,

? Exercise 3.6.1B

What E, results in a doubling of the reaction rate with a 10°C increase in temperature from 20° to 30°C?

Answer

about 51 kJ/mol
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A Video Discussing Graphing Using the Arrhenius Equation:
[youtu.be]

Summary

For a chemical reaction to occur, an energy threshold must be overcome, and the reacting species must also have the correct spatial
orientation. The Arrhenius equation is k= Ae~Pa/ET A minimum energy (activation energy,vE,) is required for a collision
between molecules to result in a chemical reaction. Plots of potential energy for a system versus the reaction coordinate show an
energy barrier that must be overcome for the reaction to occur. The arrangement of atoms at the highest point of this barrier is the
activated complex, or transition state, of the reaction. At a given temperature, the higher the E,, the slower the reaction. The
fraction of orientations that result in a reaction is the steric factor. The frequency factor, steric factor, and activation energy are
related to the rate constant in the Arrhenius equation: k = Ae Fa/BT A plot of the natural logarithm of k versus 1/T is a straight
line with a slope of —E4/R.
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3.7: Reaction Mechanisms

4} Learning Objectives

e To determine the individual steps of a simple reaction.

One of the major reasons for studying chemical kinetics is to use measurements of the macroscopic properties of a system, such as
the rate of change in the concentration of reactants or products with time, to discover the sequence of events that occur at the
molecular level during a reaction. This molecular description is the mechanism of the reaction; it describes how individual atoms,
ions, or molecules interact to form particular products. The stepwise changes are collectively called the reaction mechanism.

In an internal combustion engine, for example, isooctane reacts with oxygen to give carbon dioxide and water:
2 CyH,4(1) +25 0, (g) — 16 CO,(g) + 18 H,0(g) (3.7.1)

For this reaction to occur in a single step, 25 dioxygen molecules and 2 isooctane molecules would have to collide simultaneously
and be converted to 34 molecules of product, which is very unlikely. It is more likely that a complex series of reactions takes place
in a stepwise fashion. Each individual reaction, which is called an elementary reaction, involves one, two, or (rarely) three atoms,
molecules, or ions. The overall sequence of elementary reactions is the mechanism of the reaction. The sum of the individual steps,
or elementary reactions, in the mechanism must give the balanced chemical equation for the overall reaction.

I The overall sequence of elementary reactions is the mechanism of the reaction.

Molecularity and the Rate-Determining Step

To demonstrate how the analysis of elementary reactions helps us determine the overall reaction mechanism, we will examine the
much simpler reaction of carbon monoxide with nitrogen dioxide.

NO, (g) + CO(g) — NO(g) +CO,(g) (3.7.2)

From the balanced chemical equation, one might expect the reaction to occur via a collision of one molecule of NO, with a
molecule of CO that results in the transfer of an oxygen atom from nitrogen to carbon. The experimentally determined rate law for
the reaction, however, is as follows:

rate = k[NO,)? (3.7.3)

The fact that the reaction is second order in [NO,] and independent of [CO] tells us that it does not occur by the simple collision
model outlined previously. If it did, its predicted rate law would be

rate = k[NO,][CO].

The following two-step mechanism is consistent with the rate law if step 1 is much slower than step 2:

two-step mechanism

slow .
step 1 NO, +NO; — NO3 + NO elementary reaction
step 2 NO; +CO — NO, + CO, elementary reaction

sum NO, + CO — NO + CO, overall reaction

According to this mechanism, the overall reaction occurs in two steps, or elementary reactions. Summing steps 1 and 2 and
canceling on both sides of the equation gives the overall balanced chemical equation for the reaction. The NO, molecule is an
intermediate in the reaction, a species that does not appear in the balanced chemical equation for the overall reaction. It is formed
as a product of the first step but is consumed in the second step.

The sum of the elementary reactions in a reaction mechanism must give the overall
balanced chemical equation of the reaction.
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Using Molecularity to Describe a Rate Law

The molecularity of an elementary reaction is the number of molecules that collide during that step in the mechanism. If there is
only a single reactant molecule in an elementary reaction, that step is designated as unimolecular; if there are two reactant
molecules, it is bimolecular; and if there are three reactant molecules (a relatively rare situation), it is termolecular. Elementary
reactions that involve the simultaneous collision of more than three molecules are highly improbable and have never been observed
experimentally. (To understand why, try to make three or more marbles or pool balls collide with one another simultaneously!)

Figure 3.7.1: The Basis for Writing Rate Laws of Elementary Reactions. This diagram illustrates how the number of possible
collisions per unit time between two reactant species, A and B, depends on the number of A and B particles present. The number of
collisions between A and B particles increases as the product of the number of particles, not as the sum. This is why the rate law for
an elementary reaction depends on the product of the concentrations of the species that collide in that step. (CC BY-NC-SA;
anonymous)
Writing the rate law for an elementary reaction is straightforward because we know how many molecules must collide
simultaneously for the elementary reaction to occur; hence the order of the elementary reaction is the same as its molecularity
(Table 3.7.1). In contrast, the rate law for the reaction cannot be determined from the balanced chemical equation for the overall

reaction. The general rate law for a unimolecular elementary reaction (A — products) is
rate = k[ A].

For bimolecular reactions, the reaction rate depends on the number of collisions per unit time, which is proportional to the product
of the concentrations of the reactants, as shown in Figure 3.7.1. For a bimolecular elementary reaction of the foom A + B —
products, the general rate law is

rate = k[A][B].
Table 3.7.1: Common Types of Elementary Reactions and Their Rate Laws
Elementary Reaction Molecularity Rate Law Reaction Order

A - products unimolecular rate = k[A] first

2A - products bimolecular rate = k[A]2 second

A + B - products bimolecular rate = k[A][B] second
2A + B - products termolecular rate = k[A]%[B] third
A + B+ C - products termolecular rate = k[A][B][C] third

For elementary reactions, the order of the elementary reaction is the same as its
molecularity. In contrast, the rate law cannot be determined from the balanced chemical
equation for the overall reaction (unless it is a single step mechanism and is therefore
also an elementary step).

Identifying the Rate-Determining Step

Note the important difference between writing rate laws for elementary reactions and the balanced chemical equation of the overall
reaction. Because the balanced chemical equation does not necessarily reveal the individual elementary reactions by which the
reaction occurs, we cannot obtain the rate law for a reaction from the overall balanced chemical equation alone. In fact, it is the rate
law for the slowest overall reaction, which is the same as the rate law for the slowest step in the reaction mechanism, the rate-
determining step, that must give the experimentally determined rate law for the overall reaction.This statement is true if one step
is substantially slower than all the others, typically by a factor of 10 or more. If two or more slow steps have comparable rates, the
experimentally determined rate laws can become complex. Our discussion is limited to reactions in which one step can be

https://chem.libretexts.org/@go/page/463652


https://libretexts.org/
https://chem.libretexts.org/@go/page/463652?pdf

identified as being substantially slower than any other. The reason for this is that any process that occurs through a sequence of
steps can take place no faster than the slowest step in the sequence. In an automotive assembly line, for example, a component
cannot be used faster than it is produced. Similarly, blood pressure is regulated by the flow of blood through the smallest passages,
the capillaries. Because movement through capillaries constitutes the rate-determining step in blood flow, blood pressure can be
regulated by medications that cause the capillaries to contract or dilate. A chemical reaction that occurs via a series of elementary
reactions can take place no faster than the slowest step in the series of reactions.

Rate-determining step. The phenomenon of a rate-determining step can be compared to a succession of funnels. The smallest-
diameter funnel controls the rate at which the bottle is filled, whether it is the first or the last in the series. Pouring liquid into the
first funnel faster than it can drain through the smallest results in an overflow. (CC BY-NC-SA; anonymous)

Look at the rate laws for each elementary reaction in our example as well as for the overall reaction.

rate laws for each elementary reaction in our example as well as for the overall reaction.

k
step 1 NO, + NO, — NO3 + NO rate = k1[NO2]? (predicted)
2]
step 2 NO; + CO — NO, + CO, rate = k2[NO3][CO] (predicted)
k
SUITE NO,; +CO — NO + CO, rate = k[NO2]® (observed)

The experimentally determined rate law for the reaction of NOs with C'O is the same as the predicted rate law for step 1. This tells
us that the first elementary reaction is the rate-determining step, so k for the overall reaction must equal k;. That is, NOs is formed
slowly in step 1, but once it is formed, it reacts very rapidly with CO in step 2.

Sometimes chemists are able to propose two or more mechanisms that are consistent with the available data. If a proposed
mechanism predicts the wrong experimental rate law, however, the mechanism must be incorrect.

v Example 3.7.1: A Reaction with an Intermediate

In an alternative mechanism for the reaction of NO,, with CO with N, O, appearing as an intermediate.

alternative mechanism for the reaction of NO, with CO with N, O, appearing as an intermediate.

k1
step 1 NO2 + NOz — N2Oy
k:
step 2 N204 + CO —» NO +NOs + CO»
sum NO; +CO — NO + CO,

Write the rate law for each elementary reaction. Is this mechanism consistent with the experimentally determined rate law (rate
= k[NO,]%)?

Given: elementary reactions
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Asked for: rate law for each elementary reaction and overall rate law

Strategy:

A. Determine the rate law for each elementary reaction in the reaction.
B. Determine which rate law corresponds to the experimentally determined rate law for the reaction. This rate law is the one
for the rate-determining step.

Solution
A The rate law for step 1 is rate = k1[NO,]% for step 2, it is rate = kp[N,04][CO].

B If step 1 is slow (and therefore the rate-determining step), then the overall rate law for the reaction will be the same: rate =
k;[NO,]2. This is the same as the experimentally determined rate law. Hence this mechanism, with N,0, as an intermediate,
and the one described previously, with NO5 as an intermediate, are kinetically indistinguishable. In this case, further
experiments are needed to distinguish between them. For example, the researcher could try to detect the proposed
intermediates, NO5 and N,0y,, directly.

? Exercise 3.7.1

Iodine monochloride (ICI) reacts with H,, as follows:
21C1(1) + H,(g) — 2 HCI(g) +1,(s)

The experimentally determined rate law is rate = k[IC1][H,]. Write a two-step mechanism for this reaction using only
bimolecular elementary reactions and show that it is consistent with the experimental rate law. (Hint: HI is an intermediate.)

Answer
Solutions to Exercise 14.6.1
k
step 1 IC1+ H, — HCI+ HI rate = ki [ICI][H,] (slow)
k:
step 2 HI+IC1— HCl+ I, rate = ky[HI|[IC] (fast)
sum 2IC1+ H, — 2HCl+1,

This mechanism is consistent with the experimental rate law if the first step is the rate-determining step.

v Example 3.7.2 : Nitrogen Oxide Reacting with Molecular Hydrogen

Assume the reaction between NO and H,, occurs via a three-step process:

the reaction between NO and H,, occurs via a three-step process

ky
step 1 NO +NO — N, 0, (fast)
k2
step 2 N, 02 +H; — Nzo + HQO (SIOW)
ks
step 3 N,O + H, — N, + H,O (fast)

Write the rate law for each elementary reaction, write the balanced chemical equation for the overall reaction, and identify the
rate-determining step. Is the rate law for the rate-determining step consistent with the experimentally derived rate law for the
overall reaction:

rate = k[NOJ?[H,]? (observed)
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Answer

o Step 1: rate = k; [NOJ?

o Step 2: rate = k[N, O, ] [H,]
o Step 3: rate = k3[N,O|[H,]
The overall reaction is then

2NO(g) +2H,(g) — N,(g) +2H,0(g)

o Rate Determining Step : #2
o Yes, because the rate of formation of [N,O,] = k1 [NOJ?. Substituting k1 [NOJ]? for [N, O,] in the rate law for step 2 gives
the experimentally derived rate law for the overall chemical reaction, where k = k1 k5 .

Reaction Mechanism (Slow step followed by fast step):
[youtu.be]

Summary

A balanced chemical reaction does not necessarily reveal either the individual elementary reactions by which a reaction occurs or
its rate law. A reaction mechanism is the microscopic path by which reactants are transformed into products. Each step is an
elementary reaction. Species that are formed in one step and consumed in another are intermediates. Each elementary reaction can
be described in terms of its molecularity, the number of molecules that collide in that step. The slowest step in a reaction
mechanism is the rate-determining step.

is shared under a license and was authored, remixed, and/or curated by LibreTexts.

. by Anonymous is licensed

https://chem.libretexts.org/@go/page/463652



https://libretexts.org/
https://chem.libretexts.org/@go/page/463652?pdf
https://youtu.be/L3Q7JiTvE00
https://youtu.be/L3Q7JiTvE00
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/03%3A_Chemical_Kinetics/3.07%3A_Reaction_Mechanisms
https://chem.libretexts.org/Courses/San_Diego_Miramar_College/Chemistry_201%3A_General_Chemistry_II_(Garces)/03%3A_Chemical_Kinetics/3.07%3A_Reaction_Mechanisms?no-cache
https://chem.libretexts.org/@go/page/25180
https://creativecommons.org/licenses/by-nc-sa/3.0/
https://www.youtube.com/watch?v=L3Q7JiTvE00
https://www.youtube.com/watch?v=L3Q7JiTvE00

3.8: Catalysis

4} Learning Objectives

o To understand how catalysts increase the reaction rate and the selectivity of chemical reactions.

Catalysts are substances that increase the reaction rate of a chemical reaction without being consumed in the process. A catalyst,
therefore, does not appear in the overall stoichiometry of the reaction it catalyzes, but it must appear in at least one of the
elementary reactions in the mechanism for the catalyzed reaction. The catalyzed pathway has a lower E,, but the net change in
energy that results from the reaction (the difference between the energy of the reactants and the energy of the products) is not
affected by the presence of a catalyst (Figure 3.8.1). Nevertheless, because of its lower E,, the reaction rate of a catalyzed reaction
is faster than the reaction rate of the uncatalyzed reaction at the same temperature. Because a catalyst decreases the height of the
energy barrier, its presence increases the reaction rates of both the forward and the reverse reactions by the same amount. In this
section, we will examine the three major classes of catalysts: heterogeneous catalysts, homogeneous catalysts, and enzymes.

Figure 3.8.1: Lowering the Activation Energy of a Reaction by a Catalyst. This graph compares potential energy diagrams for a
single-step reaction in the presence and absence of a catalyst. The only effect of the catalyst is to lower the activation energy of the
reaction. The catalyst does not affect the energy of the reactants or products (and thus does not affect AE). (CC BY-NC-SA;
anonymous)

The green line represents the uncatalyzed reaction. The purple line represent the catalyzed reaction .

I A catalyst affects E,, not AE.

Heterogeneous Catalysis

In heterogeneous catalysis, the catalyst is in a different phase from the reactants. At least one of the reactants interacts with the
solid surface in a physical process called adsorption in such a way that a chemical bond in the reactant becomes weak and then
breaks. Poisons are substances that bind irreversibly to catalysts, preventing reactants from adsorbing and thus reducing or
destroying the catalyst’s efficiency.

An example of heterogeneous catalysis is the interaction of hydrogen gas with the surface of a metal, such as Ni, Pd, or Pt. As
shown in part (a) in Figure 3.8.2, the hydrogen—hydrogen bonds break and produce individual adsorbed hydrogen atoms on the
surface of the metal. Because the adsorbed atoms can move around on the surface, two hydrogen atoms can collide and form a
molecule of hydrogen gas that can then leave the surface in the reverse process, called desorption. Adsorbed H atoms on a metal
surface are substantially more reactive than a hydrogen molecule. Because the relatively strong H-H bond (dissociation energy =
432 kJ/mol) has already been broken, the energy barrier for most reactions of H, is substantially lower on the catalyst surface.
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Figure 3.8.2: Hydrogenation of Ethylene on a Heterogeneous Catalyst. When a molecule of hydrogen adsorbs to the catalyst
surface, the H-H bond breaks, and new M—H bonds are formed. The individual H atoms are more reactive than gaseous Hy. When
a molecule of ethylene interacts with the catalyst surface, it reacts with the H atoms in a stepwise process to eventually produce
ethane, which is released. (CC BY-NC-SA; anonymous)
Figure 3.8.2 shows a process called hydrogenation, in which hydrogen atoms are added to the double bond of an alkene, such as
ethylene, to give a product that contains C—C single bonds, in this case ethane. Hydrogenation is used in the food industry to
convert vegetable oils, which consist of long chains of alkenes, to more commercially valuable solid derivatives that contain alkyl
chains. Hydrogenation of some of the double bonds in polyunsaturated vegetable oils, for example, produces margarine, a product
with a melting point, texture, and other physical properties similar to those of butter.

Several important examples of industrial heterogeneous catalytic reactions are in Table 3.8.1. Although the mechanisms of these
reactions are considerably more complex than the simple hydrogenation reaction described here, they all involve adsorption of the
reactants onto a solid catalytic surface, chemical reaction of the adsorbed species (sometimes via a number of intermediate species),
and finally desorption of the products from the surface.

Table 3.8.1: Some Commercially Important Reactions that Employ Heterogeneous Catalysts

Commercial Process Catalyst Initial Reaction Final Commercial Product
contact process V5,05 or Pt 2S0; + Oy — 2S03 H,SO4
Haber process Fe, K0, Al,03 N, + 3H,; — 2NH;3 NH3
Ostwald process Pt and Rh 4NH3 + 50, — 4NO + 6H,0 HNO3
H, for NHs, CH;0H h
water—gas shift reaction Fe, Cr,03, or Cu CO + Hy,O - CO, + Hy 2or Nts Cf: io HELICN Y
uels
steam reforming Ni CH,4 + H,O - CO + 3H, H,
methanol synthesis Zn0 and Cr,O3 CO + 2H, — CH30H CH30H
Sohio process bismuth phosphomolybdate CH,=CHCH; + NH; + gOz — CH2:CH&E§—?§¥%§N
Tyloniti
= "+ = — i i
el Gt Ni, Pd, or Pt RCH=CHR' + H2 —» RCH, partially h}fdrogenated oils for
CH,R' margarine, and so forth

Homogeneous Catalysis

In homogeneous catalysis, the catalyst is in the same phase as the reactant(s). The number of collisions between reactants and
catalyst is at a maximum because the catalyst is uniformly dispersed throughout the reaction mixture. Many homogeneous catalysts
in industry are transition metal compounds (Table 3.8.2), but recovering these expensive catalysts from solution has been a major
challenge. As an added barrier to their widespread commercial use, many homogeneous catalysts can be used only at relatively low
temperatures, and even then they tend to decompose slowly in solution. Despite these problems, a number of commercially viable
processes have been developed in recent years. High-density polyethylene and polypropylene are produced by homogeneous
catalysis.

Table 3.8.2: Some Commercially Important Reactions that Employ Homogeneous Catalysts

Commercial Process Catalyst Reactants Final Product

Union Carbide [Rh(CO),I,]” CO + CH30H CH3COH
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Commercial Process Catalyst Reactants Final Product

hydroperoxide process Mo(VI) complexes CH3CH=CH, + R-O-O-H
hydroformylation Rh/PR3 complexes RCH=CH, + CO + H, RCH,CH,CHO
NCCH,CH,CH,CH,CN
adiponitrile process Ni/PR3complexes 2HCN + CH,=CHCH=CH, CCHCHC .ZC 2CN used to

synthesize nylon

olefin polymerization (RCsHs),ZrCl, CH,=CH, ~(CH,CHy-)y: high-density

polyethylene
Enzymes

Enzymes, catalysts that occur naturally in living organisms, are almost all protein molecules with typical molecular masses of
20,000-100,000 amu. Some are homogeneous catalysts that react in aqueous solution within a cellular compartment of an
organism. Others are heterogeneous catalysts embedded within the membranes that separate cells and cellular compartments from
their surroundings. The reactant in an enzyme-catalyzed reaction is called a substrate.

Because enzymes can increase reaction rates by enormous factors (up to 10!7 times the uncatalyzed rate) and tend to be very
specific, typically producing only a single product in quantitative yield, they are the focus of active research. At the same time,
enzymes are usually expensive to obtain, they often cease functioning at temperatures greater than 37 °C, have limited stability in
solution, and have such high specificity that they are confined to turning one particular set of reactants into one particular product.
This means that separate processes using different enzymes must be developed for chemically similar reactions, which is time-
consuming and expensive. Thus far, enzymes have found only limited industrial applications, although they are used as ingredients
in laundry detergents, contact lens cleaners, and meat tenderizers. The enzymes in these applications tend to be proteases, which
are able to cleave the amide bonds that hold amino acids together in proteins. Meat tenderizers, for example, contain a protease
called papain, which is isolated from papaya juice. It cleaves some of the long, fibrous protein molecules that make inexpensive
cuts of beef tough, producing a piece of meat that is more tender. Some insects, like the bombadier beetle, carry an enzyme capable
of catalyzing the decomposition of hydrogen peroxide to water (Figure 3.8.3).

Figure 3.8.3: A Catalytic Defense Mechanism. The scalding, foul-smelling spray emitted by this bombardier beetle is produced by

the catalytic decomposition of H, O,
Enzyme inhibitors cause a decrease in the reaction rate of an enzyme-catalyzed reaction by binding to a specific portion of an
enzyme and thus slowing or preventing a reaction from occurring. Irreversible inhibitors are therefore the equivalent of poisons in
heterogeneous catalysis. One of the oldest and most widely used commercial enzyme inhibitors is aspirin, which selectively
inhibits one of the enzymes involved in the synthesis of molecules that trigger inflammation. The design and synthesis of related
molecules that are more effective, more selective, and less toxic than aspirin are important objectives of biomedical research.

Summary

Catalysts participate in a chemical reaction and increase its rate. They do not appear in the reaction’s net equation and are not
consumed during the reaction. Catalysts allow a reaction to proceed via a pathway that has a lower activation energy than the
uncatalyzed reaction. In heterogeneous catalysis, catalysts provide a surface to which reactants bind in a process of adsorption. In
homogeneous catalysis, catalysts are in the same phase as the reactants. Enzymes are biological catalysts that produce large
increases in reaction rates and tend to be specific for certain reactants and products. The reactant in an enzyme-catalyzed reaction is
called a substrate. Enzyme inhibitors cause a decrease in the reaction rate of an enzyme-catalyzed reaction.
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4.2: The Concept of Dynamic Equilibrium

4} Learning Objectives

o To understand what is meant by chemical equilibrium.

In the last chapter, we discussed the principles of chemical kinetics, which deal with the rate of change, or how quickly a given
chemical reaction occurs. We now turn our attention to the extent to which a reaction occurs and how reaction conditions affect the
final concentrations of reactants and products. For most of the reactions that we have discussed so far, you may have assumed that
once reactants are converted to products, they are likely to remain that way. In fact, however, virtually all chemical reactions are
reversible to some extent. That is, an opposing reaction occurs in which the products react, to a greater or lesser degree, to re-form
the reactants. Eventually, the forward and reverse reaction rates become the same, and the system reaches chemical equilibrium,
the point at which the composition of the system no longer changes with time.

Figure 4.2.1: Dinitrogen tetroxide is a powerful oxidizer that reacts spontaneously upon contact with various forms of hydrazine,

which makes the pair a popular propellant combination for rockets. Nitrogen dioxide at =196 °C, 0 °C, 23 °C, 35 °C, and 50 °C.

(NOy) converts to the colorless dinitrogen tetroxide (N;Oy4) at low temperatures, and reverts to NO, at higher temperatures. (CC

BY-SA 3.0; Eframgoldberg).
Chemical equilibrium is a dynamic process that consists of a forward reaction, in which reactants are converted to products, and a
reverse reaction, in which products are converted to reactants. At equilibrium, the forward and reverse reactions proceed at equal
rates. Consider, for example, a simple system that contains only one reactant and one product, the reversible dissociation of
dinitrogen tetroxide (N, O,) to nitrogen dioxide (NO,)). You may recall that NO, is responsible for the brown color we associate
with smog. When a sealed tube containing solid N, O, (mp = -9.3°C; bp = 21.2°C) is heated from —78.4°C to 25°C, the red-brown
color of NO,, appears (Figure 4.2.1). The reaction can be followed visually because the product (NO,) is colored, whereas the
reactant (N, O, ) is colorless:

ky
N,0,(g) = 2NO,(g) (4.2.1)

colorless kr red—brown

The double arrow indicates that both the forward reaction

kg
N,0,(g) —2NO,(g) (4.2.2)
and reverse reaction
k,
2NO, (g) = N,0,(s) (423)

occurring simultaneously (i.e, the reaction is reversible). However, this does not necessarily mean the system is equilibrium as the
following chapter demonstrates.

Figure 4.2.2 shows how the composition of this system would vary as a function of time at a constant temperature. If the initial
concentration of NO,, were zero, then it increases as the concentration of N, O, decreases. Eventually the composition of the
system stops changing with time, and chemical equilibrium is achieved. Conversely, if we start with a sample that contains no
N,O, but an initial NO, concentration twice the initial concentration of N,O, (Figure 4.2.2a), in accordance with the
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stoichiometry of the reaction, we reach exactly the same equilibrium composition (Figure 4.2.2b). Thus equilibrium can be
approached from either direction in a chemical reaction.

Figure 4.2.2: The Composition of N,O,/NO, Mixtures as a Function of Time at Room Temperature. (a) Initially, this idealized
system contains 0.0500 M gaseous N,O, and no gaseous NO,. The concentration of N,O, decreases with time as the
concentration of NO, increases. (b) Initially, this system contains 0.1000 M NO, and no N,O,. The concentration of NO,,
decreases with time as the concentration of N2 (0] 4, increases. In both cases, the final concentrations of the substances are the same: [
N,0,]=0.0422 M and [NO, ] = 0.0156 M at equilibrium. (CC BY-SA-NC; Anonymous by request)

Figure 4.2.3 shows the forward and reverse reaction rates for a sample that initially contains pure NO,. Because the initial
concentration of N,O, is zero, the forward reaction rate (dissociation of N,O,) is initially zero as well. In contrast, the reverse
reaction rate (dimerization of NO,) is initially very high (2.0 x 10° M /s), but it decreases rapidly as the concentration of NO,
decreases. As the concentration of N,O, increases, the rate of dissociation of N,O, increases—but more slowly than the
dimerization of NO,—because the reaction is only first order in N,O, (rate = kf[N204), where ky is the rate constant for the
forward reaction in Equations 4.2.1 and 4.2.2). Eventually, the forward and reverse reaction rates become identical, k; = k, , and
the system has reached chemical equilibrium. If the forward and reverse reactions occur at different rates, then the system is not at
equilibrium.

Figure 4.2.3: The Forward and Reverse Reaction Rates as a Function of Time for the N Oy, ®2N O, System Shown in Part (b)
in Figure 4.2.2. (CC BY-SA-NC; Anonymous by request)

The rate of dimerization of NO,, (reverse reaction) decreases rapidly with time, as expected for a second-order reaction. Because
the initial concentration of N,O, is zero, the rate of the dissociation reaction (forward reaction) at ¢t =0 is also zero. As the
dimerization reaction proceeds, the N, O, concentration increases, and its rate of dissociation also increases. Eventually the rates of
the two reactions are equal: chemical equilibrium has been reached, and the concentrations of N,,O, and NO, no longer change.

I At equilibrium, the forward reaction rate is equal to the reverse reaction rate.
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v/ Example 4.2.1

The three reaction systems (1, 2, and 3) depicted in the accompanying illustration can all be described by the equation:
2A=B

where the blue circles are A and the purple ovals are B. Each set of panels shows the changing composition of one of the three
reaction mixtures as a function of time. Which system took the longest to reach chemical equilibrium?

In reaction system 1 theree are four purple ovals at t3. In reaction system 2 there are size purple ovals at t3. In reaction system
systems there are six ovals at t2 and t3.

Given: three reaction systems
Asked for: relative time to reach chemical equilibrium
Strategy:

Compare the concentrations of A and B at different times. The system whose composition takes the longest to stabilize took
the longest to reach chemical equilibrium.

Solution:

In systems 1 and 3, the concentration of A decreases from ¢, through ¢, but is the same at both ¢, and 5. Thus systems 1 and 3
are at equilibrium by ¢3. In system 2, the concentrations of A and B are still changing between ¢, and ¢3, so system 2 may not
yet have reached equilibrium by ¢3. Thus system 2 took the longest to reach chemical equilibrium.

? Exercise 4.2.1

In the following illustration, A is represented by blue circles, B by purple squares, and C by orange ovals; the equation for the
reaction is A + B & C. The sets of panels represent the compositions of three reaction mixtures as a function of time. Which, if
any, of the systems shown has reached equilibrium?

In reaction system 1 there are seven orange ovals at t3. In reaction system two there are four orange ovals at t3. In reaction
system three there are three orange ovals at t3.

Answer

system 2
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A Video Introduction to Dynamic Equilibrium: [youtu.be]

Summary

At equilibrium, the forward and reverse reactions of a system proceed at equal rates. Chemical equilibrium is a dynamic process
consisting of forward and reverse reactions that proceed at equal rates. At equilibrium, the composition of the system no longer
changes with time. The composition of an equilibrium mixture is independent of the direction from which equilibrium is
approached.
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4.3: The Equilibrium Constant (K)

&) Learning Objectives

o To know the relationship between the equilibrium constant and the rate constants for the forward and reverse reactions.
e To write an equilibrium constant expression for any reaction.

Because an equilibrium state is achieved when the forward reaction rate equals the reverse reaction rate, under a given set of
conditions there must be a relationship between the composition of the system at equilibrium and the kinetics of a reaction
(represented by rate constants). We can show this relationship using the decomposition reaction of N,O, to NO, . Both the forward
and reverse reactions for this system consist of a single elementary reaction, so the reaction rates are as follows:

forward rate = k[N, O,]
and
reverse rate = k,[NO, |2

At equilibrium, the forward rate equals the reverse rate (definition of equilibrium):

k¢[N,0,] = k,[NO,]? (4.3.1)
so
k NO,|?
Ey _ INOy] (4.3.2)
k. [N,0,]
The ratio of the rate constants gives us a new constant, the equilibrium constant (K'), which is defined as follows:
k
K=-L (4.3.3)
k;

Hence there is a fundamental relationship between chemical kinetics and chemical equilibrium: under a given set of conditions, the
composition of the equilibrium mixture is determined by the magnitudes of the rate constants for the forward and the reverse
reactions.

The equilibrium constant is equal to the rate constant for the forward reaction divided by
the rate constant for the reverse reaction.

A Video for Determining the Equilibrium Expression: [youtu.be]

Table 4.3.1 lists the initial and equilibrium concentrations from five different experiments using the reaction system described by
Equation . At equilibrium the magnitude of the quantity [NO,]*/[N,O,] is essentially the same for all five experiments. In
fact, no matter what the initial concentrations of NO, and N, O, are, at equilibrium the quantity [NO,]?/[N,O,] will always be
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6.53+0.03 x 1073 at 25°C, which corresponds to the ratio of the rate constants for the forward and reverse reactions. That is, at a
given temperature, the equilibrium constant for a reaction always has the same value, even though the specific concentrations of the
reactants and products vary depending on their initial concentrations.

Table 4.3.1: Initial and Equilibrium Concentrations for NO, : N, O, Mixtures at 25°C

[\(\ce{NO2}\)] (M) Initial Concenfifitiofi$02}\)] (M) Concentrations at Equilibrium
Experiment [N, 0,1 (M) [NO,] (M) [N,O,1 (M) [NO,] (M) K= [NO2]2 /IN,O,]
1 0.0500 0.0000 0.0417 0.0165 6.54 x 1072
2 0.0000 0.1000 0.0417 0.0165 6.54 x 1073
3 0.0750 0.0000 0.0647 0.0206 6.56 x 1073
4 0.0000 0.0750 0.0304 0.0141 6.54 x 1073
5 0.0250 0.0750 0.0532 0.0186 6.50 x 1073

Developing an Equilibrium Constant Expression

In 1864, the Norwegian chemists Cato Guldberg (1836-1902) and Peter Waage (1833-1900) carefully measured the compositions
of many reaction systems at equilibrium. They discovered that for any reversible reaction of the general form

aA+bB = cC+dD (4.3.4)

where A and B are reactants, C and D are products, and a, b, c, and d are the stoichiometric coefficients in the balanced chemical
equation for the reaction, the ratio of the product of the equilibrium concentrations of the products (raised to their coefficients in the
balanced chemical equation) to the product of the equilibrium concentrations of the reactants (raised to their coefficients in the
balanced chemical equation) is always a constant under a given set of conditions. This relationship is known as the law of mass
action (or law of chemical equilibrium) and can be stated as follows:

(4.3.5)

where K is the equilibrium constant for the reaction. Equation 4.3.4 is called the equilibrium equation, and the right side of
Equation 4.3.5 is called the equilibrium constant expression. The relationship shown in Equation 4.3.5 is true for any pair of
opposing reactions regardless of the mechanism of the reaction or the number of steps in the mechanism.

The equilibrium constant can vary over a wide range of values. The values of K shown in Table 4.3.2, for example, vary by 60
orders of magnitude. Because products are in the numerator of the equilibrium constant expression and reactants are in the
denominator, values of K greater than 10® indicate a strong tendency for reactants to form products. In this case, chemists say that
equilibrium lies to the right as written, favoring the formation of products. An example is the reaction between H and Cly to
produce HC!, which has an equilibrium constant of 1.6 x 10® at 300 K. Because H, is a good reductant and Cly is a good
oxidant, the reaction proceeds essentially to completion. In contrast, values of K less than 103 indicate that the ratio of products
to reactants at equilibrium is very small. That is, reactants do not tend to form products readily, and the equilibrium lies to the left
as written, favoring the formation of reactants.

Table 4.3.2: Equilibrium Constants for Selected Reactions*

Reaction Temperature (K) Equilibrium Constant (K)
S(s) + Oz(g) = SO0s(q) 300 4.4 % 10%
2Hy(g) + Ogg) = 2H20 ) 500 2.4 x 10%7
Hyg) + Cly) = 2HCl(, 300 1.6 x 10%
Hy(g) + Bryg) = 2HBr(g) 300 4.1 x 108
2NO(y) + Oy) = 2NOy( 300 4.2 x 10"
3Hy(g) + Na(g) = 2N Hy(g) 300 2.7 x 10°

*Equilibrium constants vary with temperature. The K values shown are for systems at the indicated temperatures.
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Reaction Temperature (K) Equilibrium Constant (K)

Hy(g) + Da(g) = 2HDyy) 100 1.92
Hyg) + Iyg) = 2HI(y) 300 2.9x10°"
Iy = 21 () 800 46x1077
Bryg) = 2Br(, 1000 40x107"
Clyg) = 2Cl,) 1000 1.8x10°°
Fyg) = 2F() 500 74x107%

*Equilibrium constants vary with temperature. The K values shown are for systems at the indicated temperatures.

X Effective vs. True Concentrations

You will also notice in Table 4.3.2 that equilibrium constants have no units, even though Equation 4.3.5 suggests that the units
of concentration might not always cancel because the exponents may vary. In fact, equilibrium constants are calculated
using “effective concentrations,” or activities, of reactants and products, which are the ratios of the measured
concentrations to a standard state of 1 M. As shown in Equation 4.3.6, the units of concentration cancel, which makes K
unitless as well:

mol
[A]measm'ed :%: 7 (436)

[A] standard state M mol ,

Because equilibrium constants are calculated using “effective concentrations” relative to a standard state of 1 M, values of K
are unitless.

Many reactions have equilibrium constants between 1000 and 0.001 (10® > K > 1072 ), neither very large nor very small. At
equilibrium, these systems tend to contain significant amounts of both products and reactants, indicating that there is not a strong
tendency to form either products from reactants or reactants from products. An example of this type of system is the reaction of
gaseous hydrogen and deuterium, a component of high-stability fiber-optic light sources used in ocean studies, to form HD:

H, (g) +D,(g) = 2 HD(g)
The equilibrium constant expression for this reaction is

[HDP?

K= 1miD)

with K varying between 1.9 and 4 over a wide temperature range (100-1000 K). Thus an equilibrium mixture of Hy, D, and HD
contains significant concentrations of both product and reactants.

Figure 4.3.3 summarizes the relationship between the magnitude of K and the relative concentrations of reactants and products at
equilibrium for a general reaction, written as reactants = products. Because there is a direct relationship between the kinetics of a
reaction and the equilibrium concentrations of products and reactants (Equations 4.3.6 and 4.3.5), when k; >k, , K is a large
number, and the concentration of products at equilibrium predominate. This corresponds to an essentially irreversible reaction.
Conversely, when k; < k,, K is a very small number, and the reaction produces almost no products as written. Systems for which
ks ~ k, have significant concentrations of both reactants and products at equilibrium.
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Figure 4.3.3: The Relationship between the Composition of the Mixture at Equilibrium and the Magnitude of the Equilibrium
Constant. The larger the K, the farther the reaction proceeds to the right before equilibrium is reached, and the greater the ratio of
products to reactants at equilibrium.

If K is less than 0.001, it is considered small and it will be mostly reactants. If K is greater than 1000, it is considered large and it
will be mostly products. If K is greater than or equal to 0.001 and less than or equal to 1000, it is considered intermediate. there
will be significant amounts or reactants and products.

A large value of the equilibrium constant K means that products predominate at
equilibrium; a small value means that reactants predominate at equilibrium.

v/ Example 4.3.1: Equilibrium Constant Expressions

Write the equilibrium constant expression for each reaction.

o N,(g)+3H,(g) = 2NH,(g)
« CO(g) +30,(g) = CO,(g)
o 2 CO2(g) = 2CO(g) +0, (g)
Given: balanced chemical equations

Asked for: equilibrium constant expressions

Strategy:

Refer to Equation 4.3.5. Place the arithmetic product of the concentrations of the products (raised to their stoichiometric
coefficients) in the numerator and the product of the concentrations of the reactants (raised to their stoichiometric coefficients)
in the denominator.

Solution:

The only product is ammonia, which has a coefficient of 2. For the reactants, N, has a coefficient of 1 and H, has a coefficient
of 3. The equilibrium constant expression is as follows:

[NH,J?
[N,][H,]?

The only product is carbon dioxide, which has a coefficient of 1. The reactants are CO, with a coefficient of 1, and O,, with a
coefficient of % Thus the equilibrium constant expression is as follows:

[CO,]
[COJ[0,]'/

This reaction is the reverse of the reaction in part b, with all coefficients multiplied by 2 to remove the fractional coefficient for
02. The equilibrium constant expression is therefore the inverse of the expression in part b, with all exponents multiplied by 2

[COP*[0,]
[CO,J?
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? Exercise 4.3.1

Write the equilibrium constant expression for each reaction.

a. N,0(g) = N,(g) + 0, (g)
b. 2 CgH4(g) +25 0,(g) = 16 CO,(g) + 18 H,O(g)
c Hy(g) +1L,(g) = 2HI(g)

Answer a
N[O 1/2
K:[ 2][02]
[N20]
Answer b

[CO,)'5[H,0)'8
[Cs H18]2[02]%5

Answer c

K=

v/ Example 4.3.2

Predict which systems at equilibrium will (a) contain essentially only products, (b) contain essentially only reactants, and (c)
contain appreciable amounts of both products and reactants.

1. Hyg) + Iz = 2HI(y K(700x) = 54

2. 2002(g) = 2CO(g) +02(g) K(1200K) =3.1x107!8
3. P0l5(g) = PCl3(g) —‘rClz(g) K(613K) =97
4.203(5 = 302(y) Ka9sx) = 5.9 X 10%

Given: systems and values of K
Asked for: composition of systems at equilibrium
Strategy:

Use the value of the equilibrium constant to determine whether the equilibrium mixture will contain essentially only products,
essentially only reactants, or significant amounts of both.

Solution:

a. Only system 4 has K > 10?, so at equilibrium it will consist of essentially only products.

b. System 2 has K < 1072, so the reactants have little tendency to form products under the conditions specified; thus, at
equilibrium the system will contain essentially only reactants.

c. Both systems 1 and 3 have equilibrium constants in the range 10* > K > 1073 , indicating that the equilibrium mixtures
will contain appreciable amounts of both products and reactants.

? Exercise 4.3.2
Hydrogen and nitrogen react to form ammonia according to the following balanced chemical equation:
3 H,(g) +N,(g) = 2NH,(g)

Values of the equilibrium constant at various temperatures were reported as

o Kos-c=3.3x10%,
o Kiz7o¢=2.6x10%,and
o Kiypr-o=4.1.
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a. At which temperature would you expect to find the highest proportion of Hy and N5 in the equilibrium mixture?
b. Assuming that the reaction rates are fast enough so that equilibrium is reached quickly, at what temperature would you
design a commercial reactor to operate to maximize the yield of ammonia?

Answer a
327°C, where K is smallest
Answer b

25°C

Video which Discusses What Does K Tell us About a Reaction?:
[youtu.be]
Variations in the Form of the Equilibrium Constant Expression

Because equilibrium can be approached from either direction in a chemical reaction, the equilibrium constant expression and thus
the magnitude of the equilibrium constant depend on the form in which the chemical reaction is written. For example, if we write

the reaction described in Equation in reverse, we obtain the following:
cC+dD=aA+bB (4.3.7)
The corresponding equilibrium constant K’ is as follows:
AJe[B]b
K' = [A] ]d (4.3.8)
[C]e[D]

This expression is the inverse of the expression for the original equilibrium constant, so K'=1/K . That is, when we write a
reaction in the reverse direction, the equilibrium constant expression is inverted. For instance, the equilibrium constant for the
reaction N,O, = 2 NO, is as follows:
2
[NO,]

K= N0, (4.3.9)

but for the opposite reaction, 2NOy = N5 Oy, the equilibrium constant K’ is given by the inverse expression:
N,O
k= 204 (4.3.10)
[NO,J?
Consider another example, the formation of water:

2H,(g)+0,(g) = 2H,0(g).

Because H, is a good reductant and O, is a good oxidant, this reaction has a very large equilibrium constant (K = 2.4 x 10%7 at
500 K). Consequently, the equilibrium constant for the reverse reaction, the decomposition of water to form O, and H,, is very
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small: K'=1/K =1/(2.4 x 10*7) =4.2 x 10~*® . As suggested by the very small equilibrium constant, and fortunately for life
as we know it, a substantial amount of energy is indeed needed to dissociate water into H, and O,.

The equilibrium constant for a reaction written in reverse is the inverse of the equilibrium
constant for the reaction as written originally.

Writing an equation in different but chemically equivalent forms also causes both the equilibrium constant expression and the
magnitude of the equilibrium constant to be different. For example, we could write the equation for the reaction

2NO, =— N,0,
as
NO, = 3;N,0,

with the equilibrium constant K" is as follows:

N,0,]"/?
K'= % (4.3.11)
2
The values for K’ (Equation ) and K" are related as follows:
K"=(K")/?=+/K' (4.3.12)

In general, if all the coefficients in a balanced chemical equation were subsequently multiplied by n, then the new equilibrium
constant is the original equilibrium constant raised to the n* power.

A Video Discussing Relationships Involving Equilibrium Constants:

v Example 4.3.3: The Haber Process

At 745 K, K is 0.118 for the following reaction:

[youtu.be]

N, (g)+3H,(g) = 2 NH,(g)
What is the equilibrium constant for each related reaction at 745 K?

a. 2NH,(g) = N,(g) + 3 H,(g)
b. 3Ny (g) + $H,(g) = NH;,(g)

Given: balanced equilibrium equation, K at a given temperature, and equations of related reactions

Asked for: values of K for related reactions

Strategy:
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Write the equilibrium constant expression for the given reaction and for each related reaction. From these expressions,
calculate K for each reaction.

Solution:
The equilibrium constant expression for the given reaction of Ny, with Hy(g) to produce N H3(y at 745 K is as follows:

K= M =0.118
[No][Ho)?

This reaction is the reverse of the one given, so its equilibrium constant expression is as follows:

1 [W][H)3 1
K/ = —_— = = — .4
K~ [NHs?  0.118 847

In this reaction, the stoichiometric coefficients of the given reaction are divided by 2, so the equilibrium constant is calculated
as follows:

[N Hj]

K'=———2 _—K'Y2=,/K=,/0.118=0.344
[N2]1/2[H2]3/2 \/_

? Exercise
At 527°C, the equilibrium constant for the reaction
250,(g) +0,(g) = 2504(g)
is 7.9 x 10*. Calculate the equilibrium constant for the following reaction at the same temperature:
80,(g) = S0,(g) +30,(g)

Answer

3.6x1073

Equilibrium Constant Expressions for Systems that Contain Gases

For reactions that involve species in solution, the concentrations used in equilibrium calculations are usually expressed in

moles/liter. For gases, however, the concentrations are usually expressed in terms of partial pressures rather than molarity, where

the standard state is 1 atm of pressure. The symbol K, is used to denote equilibrium constants calculated from partial pressures.

For the general reaction aA +bB = ¢C +dD , in which all the components are gases, the equilibrium constant expression can be

written as the ratio of the partial pressures of the products and reactants (each raised to its coefficient in the chemical equation):
(Po)*(Pp)*

K, = EATIAD (4.3.13)

Thus K, for the decomposition of N0y (Equation 15.1) is as follows:

Pyo,)?
K,= (Prvo,)” (4.3.14)
P,
N0y
Like K, K, is a unitless quantity because the quantity that is actually used to calculate it is an “effective pressure,” the ratio of the
measured pressure to a standard state of 1 bar (approximately 1 atm), which produces a unitless quantity. The “effective pressure”

is called the fugacity, just as activity is the effective concentration.

Because partial pressures are usually expressed in atmospheres or mmHg, the molar concentration of a gas and its partial pressure
do not have the same numerical value. Consequently, the numerical values of K and K, are usually different. They are, however,
related by the ideal gas constant (R) and the absolute temperature (7):

K, = K(RT)" (4.3.15)
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where K is the equilibrium constant expressed in units of concentration and An is the difference between the numbers of moles of
gaseous products and gaseous reactants (1, — 7, ). The temperature is expressed as the absolute temperature in Kelvin. According

to Equation 4.3.15 K, = K only if the moles of gaseous products and gaseous reactants are the same (i.e., An =0). For the

decomposition of N5y, there are 2 mol of gaseous product and 1 mol of gaseous reactant, so An = 1. Thus, for this reaction,

\[K_p = K(RT)A1 = KRT \nonumber \]

v Example 4.3.4: The Haber Process (again)

equilibrium equation is as follows:
N, (g) +3H,(g) = 2 NH,(g)
What is K, for this reaction at the same temperature?

Given: equilibrium equation, equilibrium constant, and temperature

Asked for: K,

T =745 K. Thus, from Equation 4.3.12 we have the following:

K, = K(RT)
K
~ (RT)?
0.118
~ {[0.08206(L - atm)/ (mol - K)|[745 K] }2
=3.16x10"°

Because Kj, is a unitless quantity, the answer is K, = 3.16 X 1075,

? Exercise 4.3.4
Calculate K, for the reaction
250,(g) +0,(g) = 250, (g)
at 527°C, if K = 7.9 x 10* at this temperature.

Answer

K,=12x10°

The equilibrium constant for the reaction of nitrogen and hydrogen to give ammonia is 0.118 at 745 K. The balanced

Strategy:

Use the coefficients in the balanced chemical equation to calculate An. Then use Equation 4.3.15to calculate K from K.
Solution:

This reaction has 2 mol of gaseous product and 4 mol of gaseous reactants, so An = (2—4)=—2. We know K, and
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Video Discussing Converting Kc to Kp: [youtu.be]

Equilibrium Constant Expressions for the Sums of Reactions

Chemists frequently need to know the equilibrium constant for a reaction that has not been previously studied. In such cases, the
desired reaction can often be written as the sum of other reactions for which the equilibrium constants are known. The equilibrium
constant for the unknown reaction can then be calculated from the tabulated values for the other reactions.

To illustrate this procedure, let’s consider the reaction of N,, with O,, to give NO,,. This reaction is an important source of the NO,,
that gives urban smog its typical brown color. The reaction normally occurs in two distinct steps. In the first reaction (step 1), N,
reacts with O, at the high temperatures inside an internal combustion engine to give NO. The released NO then reacts with
additional O,, to give NO,, (step 2). The equilibrium constant for each reaction at 100°C is also given.

N,(g) +0,(g) = 2NO(g) K;=2.0x10"%
2NO(g) +0,(g) = 2NO,(g) K»=6.4x10°
Summing reactions (step 1) and (step 2) gives the overall reaction of Ny with Os:
N,(g) +20,(g) = 2NOy(g) K3 =7
The equilibrium constant expressions for the reactions are as follows:
[NOJ? X [NO,J? X [NO,J?

Mool T worod T wjor

[N2] (O] [NOJ?[0s]

What is the relationship between K, K», and K3, all at 100°C? The expression for K has [N O]2 in the numerator, the expression
for Ky has [NOJ? in the denominator, and [INO]? does not appear in the expression for K3. Multiplying K; by K> and canceling
the [NO]? terms,

NOF [NOJ _ INOJE X,

K K, = = =
[N2][O] [NQI(0] [N2][02]

Thus the product of the equilibrium constant expressions for K; and K5 is the same as the equilibrium constant expression for Kj:
K; =K K;=(2.0x107%)(6.4 x 10°) =1.3 x 10715

The equilibrium constant for a reaction that is the sum of two or more reactions is equal to the product of the equilibrium constants
for the individual reactions. In contrast, recall that according to , AH for the sum of two or more reactions is the sum of
the AH values for the individual reactions.

To determine K for a reaction that is the sum of two or more reactions, add the reactions

but multiply the equilibrium constants.
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v/ Example 4.3.6

The following reactions occur at 1200°C:

1. CO(g) +3Hyy) = CH4(g) +H20(g) K;=9.17x102
2. CHyg) +2H,8S(y) = CSa(g +4Hs() Ky, =3.3x10*

Calculate the equilibrium constant for the following reaction at the same temperature.
3.COy +2H2Sy) = CSyy) + H20(y + Hy(g) K3 =?
Given: two balanced equilibrium equations, values of K, and an equilibrium equation for the overall reaction
Asked for: equilibrium constant for the overall reaction
Strategy:

Arrange the equations so that their sum produces the overall equation. If an equation had to be reversed, invert the value of K
for that equation. Calculate K for the overall equation by multiplying the equilibrium constants for the individual equations.

Solution:

The key to solving this problem is to recognize that reaction 3 is the sum of reactions 1 and 2:
COy) + 3Hyr = CHygr + H>0()
C% +2H38(g = CSy9 + 3% + Hyg)

CO(g) +3Hy(g) = CSy(g) +H20(g) + Hy(y)
The values for K7 and K are given, so it is straightforward to calculate Kj:

K3 =K Ky =(9.17 x 10 2)(3.3 x 10*) = 3.03 x 10°

? Exercise 4.3.6

In the first of two steps in the industrial synthesis of sulfuric acid, elemental sulfur reacts with oxygen to produce sulfur
dioxide. In the second step, sulfur dioxide reacts with additional oxygen to form sulfur trioxide. The reaction for each step is
shown, as is the value of the corresponding equilibrium constant at 25°C. Calculate the equilibrium constant for the overall
reaction at this same temperature.
1 — _ 53
1. gSS(s) +O2(g) — SOz(g) Ki=4.4x10
2. 502(9) + %OQ(g) = SOg(g) Ky =2.6 x10'2
1 3 s -

Answer

K;=1.1x10%

Summary

The ratio of the rate constants for the forward and reverse reactions at equilibrium is the equilibrium constant (X), a unitless
quantity. The composition of the equilibrium mixture is therefore determined by the magnitudes of the forward and reverse rate
constants at equilibrium. Under a given set of conditions, a reaction will always have the same K. For a system at equilibrium, the
law of mass action relates K to the ratio of the equilibrium concentrations of the products to the concentrations of the reactants
raised to their respective powers to match the coefficients in the equilibrium equation. The ratio is called the equilibrium constant
expression. When a reaction is written in the reverse direction, K and the equilibrium constant expression are inverted. For gases,
the equilibrium constant expression can be written as the ratio of the partial pressures of the products to the partial pressures of the
reactants, each raised to a power matching its coefficient in the chemical equation. An equilibrium constant calculated from partial
pressures (K},) is related to K by the ideal gas constant (R), the temperature (T'), and the change in the number of moles of gas
during the reaction. An equilibrium system that contains products and reactants in a single phase is a homogeneous equilibrium; a
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system whose reactants, products, or both are in more than one phase is a heterogeneous equilibrium. When a reaction can be
expressed as the sum of two or more reactions, its equilibrium constant is equal to the product of the equilibrium constants for the
individual reactions.

o The law of mass action describes a system at equilibrium in terms of the concentrations of the products and the reactants.
o For a system involving one or more gases, either the molar concentrations of the gases or their partial pressures can be used.

o Definition of equilibrium constant in terms of forward and reverse rate constants:
ky

K=—

k

e Equilibrium constant expression (law of mass action):

o Equilibrium constant expression for reactions involving gases using partial pressures:

_ (Po)<(Pp)?
" (Pa)*(Pp)

« Relationship between K, and K:
K, = K(RT)*"

4.3: The Equilibrium Constant (K) is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

¢ 15.2: The Equilibrium Constant is licensed CC BY-NC-SA 3.0.
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4.4: Expressing the Equilibrium Constant in Terms of Pressure

4} Learning Objectives

o To understand how different phases affect equilibria.

When the products and reactants of an equilibrium reaction form a single phase, whether gas or liquid, the system is a
homogeneous equilibrium. In such situations, the concentrations of the reactants and products can vary over a wide range. In
contrast, a system whose reactants, products, or both are in more than one phase is a heterogeneous equilibrium, such as the
reaction of a gas with a solid or liquid.

As noted in the previous section, the equilibrium constant expression is actually a ratio of activities. To simplify the calculations in
general chemistry courses, the activity of each substance in the reaction is often approximated using a ratio of the molarity of a
substance compared to the standard state of that substance. For substances that are liquids or solids, the standard state is just the
concentration of the substance within the liquid or solid. Because the molar concentrations of pure liquids and solids normally do
not vary greatly with temperature, the ratio of the molarity to the standard state for substances that are liquids or solids always has a
value of 1. For example, for a compound such as CaF,(s), the term going into the equilibrium expression is [CaF,]/[CaF,] which
cancels to unity. Thus, when the activities of the solids and liquids (including solvents) are incorporated into the equilibrium
expression, they do not change the value.

Consider the following reaction, which is used in the final firing of some types of pottery to produce brilliant metallic glazes:

CO,(g) +C(s) = 2CO(g) (4.4.1)

The glaze is created when metal oxides are reduced to metals by the product, carbon monoxide. The equilibrium constant
expression for this reaction is as follows:
2 2 2
9co [CO] [CO]

K= aco,ac - [CO,][1] - [CO,] (4.4.2)

The equilibrium constant for this reaction can also be written in terms of the partial pressures of the gases:

(Pco)?
K,= - (4.4.3)
CO;
Incorporating all the constant values into K’ or K, allows us to focus on the substances whose concentrations change during the

reaction.

Although the activities of pure liquids or solids are not written explicitly in the equilibrium constant expression, these substances
must be present in the reaction mixture for chemical equilibrium to occur. Whatever the concentrations of CO and CO,, the system
described in Equation 4.4.1 will reach chemical equilibrium only if a stoichiometric amount of solid carbon or excess solid carbon
has been added so that some is still present once the system has reached equilibrium. As shown in Figure 4.4.1, it does not matter
whether 1 g or 100 g of solid carbon is present; in either case, the composition of the gaseous components of the system will be the
same at equilibrium.
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Figure 4.4.2: Effect of the Amount of Solid Present on Equilibrium in a Heterogeneous Solid—Gas System. In the system, the
equilibrium composition of the gas phase at a given temperature, 1000 K in this case, is the same whether a small amount of solid
carbon (left) or a large amount (right) is present.

v/ Example 4.4.1

Write each expression for K, incorporating all constants, and K, for the following equilibrium reactions.

a. PCl,(1) +CL,(g) = PCl,(s)
b.Fe,O,(s) +4H,(g) = 3 Fe(s) +4H,0(g)

Given: balanced equilibrium equations.
Asked for: expressions for K and K,.
Strategy:

Find K by writing each equilibrium constant expression as the ratio of the concentrations of the products and reactants, each
raised to its coefficient in the chemical equation. Then express K, as the ratio of the partial pressures of the products and
reactants, each also raised to its coefficient in the chemical equation.

Solution

This reaction contains a pure solid (PCl5) and a pure liquid (PC3). Their activities are equal to 1, so when incorporated into
the equilibrium constant expression, they do not change the value. So

1
~ ey
and
1
" (WP
This reaction contains two pure solids (F'e3O4 and F'e), which are each assigned a value of 1 in the equilibrium constant
expressions:
- (IO}
(1)[Ha]*
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and

_ (1)(Pr,0)*
5o ="0) (P

? Exercise 4.4.1

Write the expressions for K and K, for the following reactions.

a. CaCO,4(s) = CaO(s) + CO,(g)
b. CgH,04(s) +6 O,(g) = 6 CO,(g) +6 H,O(g)

glucose

Answer a
K =[CO,| and K, = Pco,
Answer b
[CO,]°[H,0]° (Pco,)® (Prz0)°

K= and K, =
[0,]° g (Po,)®

For reactions carried out in solution, the solvent is assumed to be pure, and therefore is assigned an activity equal to 1 in the
equilibrium constant expression. The activities of the solutes are approximated by their molarities. The result is that the equilibrium
constant expressions appear to only depend upon the concentrations of the solutes.

The activities of pure solids, pure liquids, and solvents are defined as having a value of
'1'. Often, it is said that these activities are "left out" of equilibrium constant expressions.
This is an unfortunate use of words. The activities are not "left out" of equilibrium
constant expressions. Rather, because they have a value of 'l', they do not change the
value of the equilibrium constant when they are multiplied together with the other terms.
The activities of the solutes are approximated by their molarities.

Summary

An equilibrated system that contains products and reactants in a single phase is a homogeneous equilibrium; a system whose
reactants, products, or both are in more than one phase is a heterogeneous equilibrium.

Contributors and Attributions
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4.5: Heterogenous Equilibria - Reactions Involving Solids and Liquids

4} Learning Objectives

o To understand how different phases affect equilibria.

When the products and reactants of an equilibrium reaction form a single phase, whether gas or liquid, the system is a
homogeneous equilibrium. In such situations, the concentrations of the reactants and products can vary over a wide range. In
contrast, a system whose reactants, products, or both are in more than one phase is a heterogeneous equilibrium, such as the
reaction of a gas with a solid or liquid.

As noted in the previous section, the equilibrium constant expression is actually a ratio of activities. To simplify the calculations in
general chemistry courses, the activity of each substance in the reaction is often approximated using a ratio of the molarity of a
substance compared to the standard state of that substance. For substances that are liquids or solids, the standard state is just the
concentration of the substance within the liquid or solid. Because the molar concentrations of pure liquids and solids normally do
not vary greatly with temperature, the ratio of the molarity to the standard state for substances that are liquids or solids always has a
value of 1. For example, for a compound such as CaF,(s), the term going into the equilibrium expression is [CaF,]/[CaF,] which
cancels to unity. Thus, when the activities of the solids and liquids (including solvents) are incorporated into the equilibrium
expression, they do not change the value.

Consider the following reaction, which is used in the final firing of some types of pottery to produce brilliant metallic glazes:

CO,(g) +C(s) = 2CO(g) (4.5.1)

The glaze is created when metal oxides are reduced to metals by the product, carbon monoxide. The equilibrium constant
expression for this reaction is as follows:
2 2 2
9co [CO] [CO]

K= aco,ac - [CO,][1] - [CO,] (4.5.2)

The equilibrium constant for this reaction can also be written in terms of the partial pressures of the gases:

(Pco)?
K,= > (4.5.3)
CO;
Incorporating all the constant values into K’ or K, allows us to focus on the substances whose concentrations change during the

reaction.

Although the activities of pure liquids or solids are not written explicitly in the equilibrium constant expression, these substances
must be present in the reaction mixture for chemical equilibrium to occur. Whatever the concentrations of CO and CO,, the system
described in Equation 4.5.1 will reach chemical equilibrium only if a stoichiometric amount of solid carbon or excess solid carbon
has been added so that some is still present once the system has reached equilibrium. As shown in Figure 4.5.1, it does not matter
whether 1 g or 100 g of solid carbon is present; in either case, the composition of the gaseous components of the system will be the
same at equilibrium.
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Figure 4.5.2: Effect of the Amount of Solid Present on Equilibrium in a Heterogeneous Solid—Gas System. In the system, the
equilibrium composition of the gas phase at a given temperature, 1000 K in this case, is the same whether a small amount of solid
carbon (left) or a large amount (right) is present.

v/ Example 4.5.1

Write each expression for K, incorporating all constants, and K, for the following equilibrium reactions.

a. PCl,(1) +CL,(g) = PCl,(s)
b.Fe,O,(s) +4H,(g) = 3 Fe(s) +4H,0(g)

Given: balanced equilibrium equations.
Asked for: expressions for K and K,.
Strategy:

Find K by writing each equilibrium constant expression as the ratio of the concentrations of the products and reactants, each
raised to its coefficient in the chemical equation. Then express K, as the ratio of the partial pressures of the products and
reactants, each also raised to its coefficient in the chemical equation.

Solution

This reaction contains a pure solid (PCl5) and a pure liquid (PC3). Their activities are equal to 1, so when incorporated into
the equilibrium constant expression, they do not change the value. So

1
~ ey
and
1
" (WP
This reaction contains two pure solids (F'e3O4 and F'e), which are each assigned a value of 1 in the equilibrium constant
expressions:
- (IO}
(1)[Ha]*
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and

_ (1)(Pr,0)*
5o ="0) (P

? Exercise 4.5.1

Write the expressions for K and K, for the following reactions.

a. CaCO,4(s) = CaO(s) + CO,(g)
b. CgH,04(s) +6 O,(g) = 6 CO,(g) +6 H,O(g)

glucose

Answer a
K =[CO,| and K, = Pco,
Answer b
[CO,]°[H,0]° (Pco,)® (Prz0)°

K= and K, =
[0,]° g (Po,)®

For reactions carried out in solution, the solvent is assumed to be pure, and therefore is assigned an activity equal to 1 in the
equilibrium constant expression. The activities of the solutes are approximated by their molarities. The result is that the equilibrium
constant expressions appear to only depend upon the concentrations of the solutes.

The activities of pure solids, pure liquids, and solvents are defined as having a value of
'1'. Often, it is said that these activities are "left out" of equilibrium constant expressions.
This is an unfortunate use of words. The activities are not "left out" of equilibrium
constant expressions. Rather, because they have a value of 'l', they do not change the
value of the equilibrium constant when they are multiplied together with the other terms.
The activities of the solutes are approximated by their molarities.

Summary

An equilibrated system that contains products and reactants in a single phase is a homogeneous equilibrium; a system whose
reactants, products, or both are in more than one phase is a heterogeneous equilibrium.

Contributors and Attributions

e Anonymous
e Modified by Tom Neils (Grand Rapids Community College)
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4.6: The Reaction Quotient- Predicting the Direction of Change

4} Learning Objectives

o To predict in which direction a reaction will proceed.

We previous