
Chapter 11

Solutions and Colloids

Figure 11.1 Coral reefs, such as this one at the Palmyra Atoll National Wildlife Refuge, are vital to the ecosystem of
earth’s oceans but are threatened by climate change and dissolved pollution. Marine life depends on the specific
chemical composition of the complex mixture we know as seawater. (credit: modification of work by “USFWS –
Pacific Region”/Wikimedia Commons)
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Introduction
Coral reefs are home to about 25% of all marine species. They are being threatened by climate change, oceanic
acidification, and water pollution, all of which change the composition of the solution we know as seawater. Dissolved
oxygen in seawater is critical for sea creatures, but as the oceans warm, oxygen becomes less soluble. As the
concentration of carbon dioxide in the atmosphere increases, the concentration of carbon dioxide in the oceans
increases, contributing to oceanic acidification. Coral reefs are particularly sensitive to the acidification of the ocean,
since the exoskeletons of the coral polyps are soluble in acidic solutions. Humans contribute to the changing of
seawater composition by allowing agricultural runoff and other forms of pollution to affect our oceans.

Solutions are crucial to the processes that sustain life and to many other processes involving chemical reactions. In
this chapter, we will consider the nature of solutions, and examine factors that determine whether a solution will form
and what properties it may have. In addition, we will discuss colloids—systems that resemble solutions but consist of
dispersions of particles somewhat larger than ordinary molecules or ions.
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11.1 The Dissolution Process

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

• Describe the basic properties of solutions and how they form

• Predict whether a given mixture will yield a solution based on molecular properties of its components

• Explain why some solutions either produce or absorb heat when they form

An earlier chapter of this text introduced solutions, defined as homogeneous mixtures of two or more substances.
Often, one component of a solution is present at a significantly greater concentration, in which case it is called the
solvent. The other components of the solution present in relatively lesser concentrations are called solutes. Sugar is
a covalent solid composed of sucrose molecules, C12H22O11. When this compound dissolves in water, its molecules

become uniformly distributed among the molecules of water:

C12 H22 O11(s) ⟶ C12 H22 O11(aq)

The subscript “aq” in the equation signifies that the sucrose molecules are solutes and are therefore individually
dispersed throughout the aqueous solution (water is the solvent). Although sucrose molecules are heavier than water
molecules, they remain dispersed throughout the solution; gravity does not cause them to “settle out” over time.

Potassium dichromate, K2Cr2O7, is an ionic compound composed of colorless potassium ions, K+, and orange

dichromate ions, Cr2 O7
2−. When a small amount of solid potassium chromate is added to water, the compound

dissolves and dissociates to yield potassium ions and dichromate ions uniformly distributed throughout the mixture
(Figure 11.2), as indicated in this equation:

K2 Cr2 O7(s) ⟶ 2K+(aq) + Cr2 O7(aq)

As for the mixture of sugar and water, this mixture is also an aqueous solution. Its solutes, potassium and dichromate
ions, remain individually dispersed among the solvent (water) molecules.

Figure 11.2 When potassium dichromate (K2Cr2O7) is mixed with water, it forms a homogeneous orange solution.
(credit: modification of work by Mark Ott)

Visit this virtual lab (http://openstaxcollege.org/l/16Phetsugar) to view
simulations of the dissolution of common covalent and ionic substances (sugar and
salt) in water.

Water is used so often as a solvent that the word solution has come to imply an aqueous solution to many people.
However, almost any gas, liquid, or solid can act as a solvent. Many alloys are solid solutions of one metal
dissolved in another; for example, US five-cent coins contain nickel dissolved in copper. Air is a gaseous solution, a
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homogeneous mixture of nitrogen, oxygen, and several other gases. Oxygen (a gas), alcohol (a liquid), and sugar (a
solid) all dissolve in water (a liquid) to form liquid solutions. Table 11.1 gives examples of several different solutions
and the phases of the solutes and solvents.

Different Types of Solutions

Solution Solute Solvent

air O2(g) N2(g)

soft drinks[1] CO2(g) H2O(l)

hydrogen in palladium H2(g) Pd(s)

rubbing alcohol H2O(l) C3H8O(l) (2-propanol)

saltwater NaCl(s) H2O(l)

brass Zn(s) Cu(s)

Table 11.1

Solutions exhibit these defining traits:

• They are homogeneous; that is, after a solution is mixed, it has the same composition at all points throughout
(its composition is uniform).

• The physical state of a solution—solid, liquid, or gas—is typically the same as that of the solvent, as
demonstrated by the examples in Table 11.1.

• The components of a solution are dispersed on a molecular scale; that is, they consist of a mixture of separated
molecules, atoms, and/or ions.

• The dissolved solute in a solution will not settle out or separate from the solvent.

• The composition of a solution, or the concentrations of its components, can be varied continuously, within
limits.

The Formation of Solutions

The formation of a solution is an example of a spontaneous process, a process that occurs under specified conditions
without the requirement of energy from some external source. Sometimes we stir a mixture to speed up the dissolution
process, but this is not necessary; a homogeneous solution would form if we waited long enough. The topic of
spontaneity is critically important to the study of chemical thermodynamics and is treated more thoroughly in a later
chapter of this text. For purposes of this chapter’s discussion, it will suffice to consider two criteria that favor, but do
not guarantee, the spontaneous formation of a solution:

1. a decrease in the internal energy of the system (an exothermic change, as discussed in the previous chapter on
thermochemistry)

2. an increase in the disorder in the system (which indicates an increase in the entropy of the system, as you will
learn about in the later chapter on thermodynamics)

In the process of dissolution, an internal energy change often, but not always, occurs as heat is absorbed or evolved.
An increase in disorder always results when a solution forms.

1. If bubbles of gas are observed within the liquid, the mixture is not homogeneous and, thus, not a solution.
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When the strengths of the intermolecular forces of attraction between solute and solvent species in a solution are no
different than those present in the separated components, the solution is formed with no accompanying energy change.
Such a solution is called an ideal solution. A mixture of ideal gases (or gases such as helium and argon, which closely
approach ideal behavior) is an example of an ideal solution, since the entities comprising these gases experience no
significant intermolecular attractions.

When containers of helium and argon are connected, the gases spontaneously mix due to diffusion and form a solution
(Figure 11.3). The formation of this solution clearly involves an increase in disorder, since the helium and argon
atoms occupy a volume twice as large as that which each occupied before mixing.

Figure 11.3 Samples of helium and argon spontaneously mix to give a solution in which the disorder of the atoms of
the two gases is increased.

Ideal solutions may also form when structurally similar liquids are mixed. For example, mixtures of the alcohols
methanol (CH3OH) and ethanol (C2H5OH) form ideal solutions, as do mixtures of the hydrocarbons pentane, C5H12,

and hexane, C6H14. Placing methanol and ethanol, or pentane and hexane, in the bulbs shown in Figure 11.3 will

result in the same diffusion and subsequent mixing of these liquids as is observed for the He and Ar gases (although
at a much slower rate), yielding solutions with no significant change in energy. Unlike a mixture of gases, however,
the components of these liquid-liquid solutions do, indeed, experience intermolecular attractive forces. But since
the molecules of the two substances being mixed are structurally very similar, the intermolecular attractive forces
between like and unlike molecules are essentially the same, and the dissolution process, therefore, does not entail
any appreciable increase or decrease in energy. These examples illustrate how diffusion alone can provide the driving
force required to cause the spontaneous formation of a solution. In some cases, however, the relative magnitudes of
intermolecular forces of attraction between solute and solvent species may prevent dissolution.

Three types of intermolecular attractive forces are relevant to the dissolution process: solute-solute, solvent-solvent,
and solute-solvent. As illustrated in Figure 11.4, the formation of a solution may be viewed as a stepwise process
in which energy is consumed to overcome solute-solute and solvent-solvent attractions (endothermic processes) and
released when solute-solvent attractions are established (an exothermic process referred to as solvation). The relative
magnitudes of the energy changes associated with these stepwise processes determine whether the dissolution process
overall will release or absorb energy. In some cases, solutions do not form because the energy required to separate
solute and solvent species is so much greater than the energy released by solvation.
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Figure 11.4 This schematic representation of dissolution shows a stepwise process involving the endothermic
separation of solute and solvent species (Steps 1 and 2) and exothermic solvation (Step 3).

For example, cooking oils and water will not mix to any appreciable extent to yield solutions (Figure 11.5).
Hydrogen bonding is the dominant intermolecular attractive force present in liquid water; the nonpolar hydrocarbon
molecules of cooking oils are not capable of hydrogen bonding, instead being held together by dispersion forces.
Forming an oil-water solution would require overcoming the very strong hydrogen bonding in water, as well as the
significantly strong dispersion forces between the relatively large oil molecules. And, since the polar water molecules
and nonpolar oil molecules would not experience very strong intermolecular attraction, very little energy would be
released by solvation.
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Figure 11.5 A mixture of nonpolar cooking oil and polar water does not yield a solution. (credit: Gautam Dogra)

On the other hand, a mixture of ethanol and water will mix in any proportions to yield a solution. In this case, both
substances are capable of hydrogen bonding, and so the solvation process is sufficiently exothermic to compensate
for the endothermic separations of solute and solvent molecules.

As noted at the beginning of this module, spontaneous solution formation is favored, but not guaranteed, by
exothermic dissolution processes. While many soluble compounds do, indeed, dissolve with the release of heat,
some dissolve endothermically. Ammonium nitrate (NH4NO3) is one such example and is used to make instant cold

packs for treating injuries like the one pictured in Figure 11.6. A thin-walled plastic bag of water is sealed inside
a larger bag with solid NH4NO3. When the smaller bag is broken, a solution of NH4NO3 forms, absorbing heat

from the surroundings (the injured area to which the pack is applied) and providing a cold compress that decreases
swelling. Endothermic dissolutions such as this one require a greater energy input to separate the solute species than
is recovered when the solutes are solvated, but they are spontaneous nonetheless due to the increase in disorder that
accompanies formation of the solution.
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Figure 11.6 An instant cold pack gets cold when certain salts, such as ammonium nitrate, dissolve in water—an
endothermic process.

Watch this brief video (http://openstaxcollege.org/l/16endoexo) illustrating
endothermic and exothermic dissolution processes.

11.2 Electrolytes

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

• Define and give examples of electrolytes

• Distinguish between the physical and chemical changes that accompany dissolution of ionic and

covalent electrolytes

• Relate electrolyte strength to solute-solvent attractive forces

When some substances are dissolved in water, they undergo either a physical or a chemical change that yields ions
in solution. These substances constitute an important class of compounds called electrolytes. Substances that do not
yield ions when dissolved are called nonelectrolytes. If the physical or chemical process that generates the ions
is essentially 100% efficient (all of the dissolved compound yields ions), then the substance is known as a strong
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electrolyte. If only a relatively small fraction of the dissolved substance undergoes the ion-producing process, it is
called a weak electrolyte.

Substances may be identified as strong, weak, or nonelectrolytes by measuring the electrical conductance of an
aqueous solution containing the substance. To conduct electricity, a substance must contain freely mobile, charged
species. Most familiar is the conduction of electricity through metallic wires, in which case the mobile, charged
entities are electrons. Solutions may also conduct electricity if they contain dissolved ions, with conductivity
increasing as ion concentration increases. Applying a voltage to electrodes immersed in a solution permits assessment
of the relative concentration of dissolved ions, either quantitatively, by measuring the electrical current flow, or
qualitatively, by observing the brightness of a light bulb included in the circuit (Figure 11.7).

Figure 11.7 Solutions of nonelectrolytes such as ethanol do not contain dissolved ions and cannot conduct
electricity. Solutions of electrolytes contain ions that permit the passage of electricity. The conductivity of an
electrolyte solution is related to the strength of the electrolyte.

Ionic Electrolytes

Water and other polar molecules are attracted to ions, as shown in Figure 11.8. The electrostatic attraction between
an ion and a molecule with a dipole is called an ion-dipole attraction. These attractions play an important role in the
dissolution of ionic compounds in water.
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Figure 11.8 As potassium chloride (KCl) dissolves in water, the ions are hydrated. The polar water molecules are

attracted by the charges on the K+ and Cl− ions. Water molecules in front of and behind the ions are not shown.

When ionic compounds dissolve in water, the ions in the solid separate and disperse uniformly throughout the solution
because water molecules surround and solvate the ions, reducing the strong electrostatic forces between them. This
process represents a physical change known as dissociation. Under most conditions, ionic compounds will dissociate
nearly completely when dissolved, and so they are classified as strong electrolytes.

Let us consider what happens at the microscopic level when we add solid KCl to water. Ion-dipole forces attract the
positive (hydrogen) end of the polar water molecules to the negative chloride ions at the surface of the solid, and they
attract the negative (oxygen) ends to the positive potassium ions. The water molecules penetrate between individual

K+ and Cl− ions and surround them, reducing the strong interionic forces that bind the ions together and letting them
move off into solution as solvated ions, as Figure 11.8 shows. The reduction of the electrostatic attraction permits
the independent motion of each hydrated ion in a dilute solution, resulting in an increase in the disorder of the system
as the ions change from their fixed and ordered positions in the crystal to mobile and much more disordered states in
solution. This increased disorder is responsible for the dissolution of many ionic compounds, including KCl, which
dissolve with absorption of heat.

In other cases, the electrostatic attractions between the ions in a crystal are so large, or the ion-dipole attractive forces
between the ions and water molecules are so weak, that the increase in disorder cannot compensate for the energy
required to separate the ions, and the crystal is insoluble. Such is the case for compounds such as calcium carbonate
(limestone), calcium phosphate (the inorganic component of bone), and iron oxide (rust).
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Covalent Electrolytes

Pure water is an extremely poor conductor of electricity because it is only very slightly ionized—only about two out
of every 1 billion molecules ionize at 25 °C. Water ionizes when one molecule of water gives up a proton to another
molecule of water, yielding hydronium and hydroxide ions.

H2 O(l) + H2 O(l) ⇌ H3 O+(aq) + OH−(aq)

In some cases, we find that solutions prepared from covalent compounds conduct electricity because the solute
molecules react chemically with the solvent to produce ions. For example, pure hydrogen chloride is a gas consisting
of covalent HCl molecules. This gas contains no ions. However, when we dissolve hydrogen chloride in water, we
find that the solution is a very good conductor. The water molecules play an essential part in forming ions: Solutions
of hydrogen chloride in many other solvents, such as benzene, do not conduct electricity and do not contain ions.

Hydrogen chloride is an acid, and so its molecules react with water, transferring H+ ions to form hydronium ions

(H3O
+) and chloride ions (Cl−):

This reaction is essentially 100% complete for HCl (i.e., it is a strong acid and, consequently, a strong electrolyte).
Likewise, weak acids and bases that only react partially generate relatively low concentrations of ions when dissolved
in water and are classified as weak electrolytes. The reader may wish to review the discussion of strong and weak
acids provided in the earlier chapter of this text on reaction classes and stoichiometry.

11.3 Solubility

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

• Describe the effects of temperature and pressure on solubility

• State Henry’s law and use it in calculations involving the solubility of a gas in a liquid

• Explain the degrees of solubility possible for liquid-liquid solutions

Imagine adding a small amount of salt to a glass of water, stirring until all the salt has dissolved, and then adding
a bit more. You can repeat this process until the salt concentration of the solution reaches its natural limit, a limit
determined primarily by the relative strengths of the solute-solute, solute-solvent, and solvent-solvent attractive forces
discussed in the previous two modules of this chapter. You can be certain that you have reached this limit because, no
matter how long you stir the solution, undissolved salt remains. The concentration of salt in the solution at this point
is known as its solubility.

The solubility of a solute in a particular solvent is the maximum concentration that may be achieved under given
conditions when the dissolution process is at equilibrium. Referring to the example of salt in water:

NaCl(s) ⇌ Na+(aq) + Cl−(aq)

When a solute’s concentration is equal to its solubility, the solution is said to be saturated with that solute. If the
solute’s concentration is less than its solubility, the solution is said to be unsaturated. A solution that contains
a relatively low concentration of solute is called dilute, and one with a relatively high concentration is called
concentrated.

If we add more salt to a saturated solution of salt, we see it fall to the bottom and no more seems to dissolve. In fact,
the added salt does dissolve, as represented by the forward direction of the dissolution equation. Accompanying this
process, dissolved salt will precipitate, as depicted by the reverse direction of the equation. The system is said to be
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at equilibrium when these two reciprocal processes are occurring at equal rates, and so the amount of undissolved
and dissolved salt remains constant. Support for the simultaneous occurrence of the dissolution and precipitation
processes is provided by noting that the number and sizes of the undissolved salt crystals will change over time,
though their combined mass will remain the same.

Use this interactive simulation (http://openstaxcollege.org/l/16Phetsoluble) to
prepare various saturated solutions.

Solutions may be prepared in which a solute concentration exceeds its solubility. Such solutions are said to be
supersaturated, and they are interesting examples of nonequilibrium states. For example, the carbonated beverage
in an open container that has not yet “gone flat” is supersaturated with carbon dioxide gas; given time, the CO2

concentration will decrease until it reaches its equilibrium value.

Watch this impressive video (http://openstaxcollege.org/l/16NaAcetate)
showing the precipitation of sodium acetate from a supersaturated solution.

Solutions of Gases in Liquids

In an earlier module of this chapter, the effect of intermolecular attractive forces on solution formation was discussed.
The chemical structures of the solute and solvent dictate the types of forces possible and, consequently, are important
factors in determining solubility. For example, under similar conditions, the water solubility of oxygen is
approximately three times greater than that of helium, but 100 times less than the solubility of chloromethane, CHCl3.

Considering the role of the solvent’s chemical structure, note that the solubility of oxygen in the liquid hydrocarbon
hexane, C6H14, is approximately 20 times greater than it is in water.

Other factors also affect the solubility of a given substance in a given solvent. Temperature is one such factor, with
gas solubility typically decreasing as temperature increases (Figure 11.9). This is one of the major impacts resulting
from the thermal pollution of natural bodies of water.
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Figure 11.9 The solubilities of these gases in water decrease as the temperature increases. All solubilities were
measured with a constant pressure of 101.3 kPa (1 atm) of gas above the solutions.

When the temperature of a river, lake, or stream is raised abnormally high, usually due to the discharge of hot water
from some industrial process, the solubility of oxygen in the water is decreased. Decreased levels of dissolved oxygen
may have serious consequences for the health of the water’s ecosystems and, in severe cases, can result in large-scale
fish kills (Figure 11.10).

Figure 11.10 (a) The small bubbles of air in this glass of chilled water formed when the water warmed to room
temperature and the solubility of its dissolved air decreased. (b) The decreased solubility of oxygen in natural waters
subjected to thermal pollution can result in large-scale fish kills. (credit a: modification of work by Liz West; credit b:
modification of work by U.S. Fish and Wildlife Service)

The solubility of a gaseous solute is also affected by the partial pressure of solute in the gas to which the solution is
exposed. Gas solubility increases as the pressure of the gas increases. Carbonated beverages provide a nice illustration
of this relationship. The carbonation process involves exposing the beverage to a relatively high pressure of carbon
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dioxide gas and then sealing the beverage container, thus saturating the beverage with CO2 at this pressure. When

the beverage container is opened, a familiar hiss is heard as the carbon dioxide gas pressure is released, and some of
the dissolved carbon dioxide is typically seen leaving solution in the form of small bubbles (Figure 11.11). At this
point, the beverage is supersaturated with carbon dioxide and, with time, the dissolved carbon dioxide concentration
will decrease to its equilibrium value and the beverage will become “flat.”

Figure 11.11 Opening the bottle of carbonated beverage reduces the pressure of the gaseous carbon dioxide above
the beverage. The solubility of CO2 is thus lowered, and some dissolved carbon dioxide may be seen leaving the
solution as small gas bubbles. (credit: modification of work by Derrick Coetzee)

For many gaseous solutes, the relation between solubility, Cg, and partial pressure, Pg, is a proportional one:

Cg = kPg

where k is a proportionality constant that depends on the identities of the gaseous solute and solvent, and on the
solution temperature. This is a mathematical statement of Henry’s law: The quantity of an ideal gas that dissolves in
a definite volume of liquid is directly proportional to the pressure of the gas.

Example 11.1

Application of Henry’s Law

At 20 °C, the concentration of dissolved oxygen in water exposed to gaseous oxygen at a partial pressure of

101.3 kPa (760 torr) is 1.38 × 10−3 mol L−1. Use Henry’s law to determine the solubility of oxygen when

its partial pressure is 20.7 kPa (155 torr), the approximate pressure of oxygen in earth’s atmosphere.

Solution
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According to Henry’s law, for an ideal solution the solubility, Cg, of a gas (1.38 × 10−3 mol L−1, in this

case) is directly proportional to the pressure, Pg, of the undissolved gas above the solution (101.3 kPa, or

760 torr, in this case). Because we know both Cg and Pg, we can rearrange this expression to solve for k.

Cg = kPg

k =
Cg
Pg

= 1.38 × 10−3 mol L−1

101.3 kPa
= 1.36 × 10−5 mol L−1 kPa−1

⎛
⎝1.82 × 10−6 mol L−1 torr−1⎞

⎠

Now we can use k to find the solubility at the lower pressure.

Cg = kPg

1.36 × 10−5 mol L−1 kPa−1 × 20.7 kPa
⎛
⎝or 1.82 × 10−6 mol L−1 torr−1 × 155 torr⎞

⎠
= 2.82 × 10−4 mol L−1

Note that various units may be used to express the quantities involved in these sorts of computations. Any
combination of units that yield to the constraints of dimensional analysis are acceptable.

Check Your Learning

Exposing a 100.0 mL sample of water at 0 °C to an atmosphere containing a gaseous solute at 20.26 kPa

(152 torr) resulted in the dissolution of 1.45 × 10−3 g of the solute. Use Henry’s law to determine the

solubility of this gaseous solute when its pressure is 101.3 kPa (760 torr).

Answer: 7.25 × 10−3 g

Decompression Sickness or “The Bends”

Decompression sickness (DCS), or “the bends,” is an effect of the increased pressure of the air inhaled
by scuba divers when swimming underwater at considerable depths. In addition to the pressure exerted by
the atmosphere, divers are subjected to additional pressure due to the water above them, experiencing an
increase of approximately 1 atm for each 10 m of depth. Therefore, the air inhaled by a diver while submerged
contains gases at the corresponding higher ambient pressure, and the concentrations of the gases dissolved
in the diver’s blood are proportionally higher per Henry’s law.

As the diver ascends to the surface of the water, the ambient pressure decreases and the dissolved gases
becomes less soluble. If the ascent is too rapid, the gases escaping from the diver’s blood may form bubbles
that can cause a variety of symptoms ranging from rashes and joint pain to paralysis and death. To avoid
DCS, divers must ascend from depths at relatively slow speeds (10 or 20 m/min) or otherwise make several
decompression stops, pausing for several minutes at given depths during the ascent. When these preventive
measures are unsuccessful, divers with DCS are often provided hyperbaric oxygen therapy in pressurized
vessels called decompression (or recompression) chambers (Figure 11.12).

Chemistry in Everyday Life
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Figure 11.12 (a) US Navy divers undergo training in a recompression chamber. (b) Divers receive
hyperbaric oxygen therapy.

Deviations from Henry’s law are observed when a chemical reaction takes place between the gaseous solute and the
solvent. Thus, for example, the solubility of ammonia in water does not increase as rapidly with increasing pressure
as predicted by the law because ammonia, being a base, reacts to some extent with water to form ammonium ions and
hydroxide ions.

Gases can form supersaturated solutions. If a solution of a gas in a liquid is prepared either at low temperature or
under pressure (or both), then as the solution warms or as the gas pressure is reduced, the solution may become
supersaturated. In 1986, more than 1700 people in Cameroon were killed when a cloud of gas, almost certainly carbon
dioxide, bubbled from Lake Nyos (Figure 11.13), a deep lake in a volcanic crater. The water at the bottom of Lake
Nyos is saturated with carbon dioxide by volcanic activity beneath the lake. It is believed that the lake underwent a
turnover due to gradual heating from below the lake, and the warmer, less-dense water saturated with carbon dioxide
reached the surface. Consequently, tremendous quantities of dissolved CO2 were released, and the colorless gas,

which is denser than air, flowed down the valley below the lake and suffocated humans and animals living in the
valley.
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Figure 11.13 (a) It is believed that the 1986 disaster that killed more than 1700 people near Lake Nyos in Cameroon
resulted when a large volume of carbon dioxide gas was released from the lake. (b) A CO2 vent has since been
installed to help outgas the lake in a slow, controlled fashion and prevent a similar catastrophe from happening in the
future. (credit a: modification of work by Jack Lockwood; credit b: modification of work by Bill Evans)

Solutions of Liquids in Liquids

We know that some liquids mix with each other in all proportions; in other words, they have infinite mutual solubility
and are said to be miscible. Ethanol, sulfuric acid, and ethylene glycol (popular for use as antifreeze, pictured in
Figure 11.14) are examples of liquids that are completely miscible with water. Two-cycle motor oil is miscible with
gasoline.

Figure 11.14 Water and antifreeze are miscible; mixtures of the two are homogeneous in all proportions. (credit:
“dno1967”/Wikimedia commons)
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Liquids that mix with water in all proportions are usually polar substances or substances that form hydrogen bonds.
For such liquids, the dipole-dipole attractions (or hydrogen bonding) of the solute molecules with the solvent
molecules are at least as strong as those between molecules in the pure solute or in the pure solvent. Hence, the
two kinds of molecules mix easily. Likewise, nonpolar liquids are miscible with each other because there is no
appreciable difference in the strengths of solute-solute, solvent-solvent, and solute-solvent intermolecular attractions.
The solubility of polar molecules in polar solvents and of nonpolar molecules in nonpolar solvents is, again, an
illustration of the chemical axiom “like dissolves like.”

Two liquids that do not mix to an appreciable extent are called immiscible. Layers are formed when we pour
immiscible liquids into the same container. Gasoline, oil (Figure 11.15), benzene, carbon tetrachloride, some paints,
and many other nonpolar liquids are immiscible with water. The attraction between the molecules of such nonpolar
liquids and polar water molecules is ineffectively weak. The only strong attractions in such a mixture are between
the water molecules, so they effectively squeeze out the molecules of the nonpolar liquid. The distinction between
immiscibility and miscibility is really one of degrees, so that miscible liquids are of infinite mutual solubility, while
liquids said to be immiscible are of very low (though not zero) mutual solubility.

Figure 11.15 Water and oil are immiscible. Mixtures of these two substances will form two separate layers with the
less dense oil floating on top of the water. (credit: “Yortw”/Flickr)

Two liquids, such as bromine and water, that are of moderate mutual solubility are said to be partially miscible. Two
partially miscible liquids usually form two layers when mixed. In the case of the bromine and water mixture, the
upper layer is water, saturated with bromine, and the lower layer is bromine saturated with water. Since bromine is
nonpolar, and, thus, not very soluble in water, the water layer is only slightly discolored by the bright orange bromine
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dissolved in it. Since the solubility of water in bromine is very low, there is no noticeable effect on the dark color of
the bromine layer (Figure 11.16).

Figure 11.16 Bromine (the deep orange liquid on the left) and water (the clear liquid in the middle) are partially
miscible. The top layer in the mixture on the right is a saturated solution of bromine in water; the bottom layer is a
saturated solution of water in bromine. (credit: Paul Flowers)

Solutions of Solids in Liquids

The dependence of solubility on temperature for a number of inorganic solids in water is shown by the solubility
curves in Figure 11.17. Reviewing these data indicate a general trend of increasing solubility with temperature,
although there are exceptions, as illustrated by the ionic compound cerium sulfate.

620 Chapter 11 Solutions and Colloids

This content is available for free at http://cnx.org/content/col11760/1.9



Figure 11.17 This graph shows how the solubility of several solids changes with temperature.

The temperature dependence of solubility can be exploited to prepare supersaturated solutions of certain compounds.
A solution may be saturated with the compound at an elevated temperature (where the solute is more soluble) and
subsequently cooled to a lower temperature without precipitating the solute. The resultant solution contains solute
at a concentration greater than its equilibrium solubility at the lower temperature (i.e., it is supersaturated) and is
relatively stable. Precipitation of the excess solute can be initiated by adding a seed crystal (see the video in the Link
to Learning earlier in this module) or by mechanically agitating the solution. Some hand warmers, such as the one
pictured in Figure 11.18, take advantage of this behavior.

Figure 11.18 This hand warmer produces heat when the sodium acetate in a supersaturated solution precipitates.
Precipitation of the solute is initiated by a mechanical shockwave generated when the flexible metal disk within the
solution is “clicked.” (credit: modification of work by “Velela”/Wikimedia Commons)
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This video (http://openstaxcollege.org/l/16handwarmer) shows the
crystallization process occurring in a hand warmer.

Link to Learning

622 Chapter 11 Solutions and Colloids

This content is available for free at http://cnx.org/content/col11760/1.9

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


alloy

amphiphilic

boiling point elevation

boiling point elevation constant

colligative property

colloid

crenation

dispersed phase

dispersion medium

dissociation

electrolyte

emulsifying agent

emulsion

freezing point depression

freezing point depression constant

gel

hemolysis

Henry’s law

hypertonic

hypotonic

ideal solution

immiscible

ion pair

ion-dipole attraction

isotonic

miscible

Key Terms

solid mixture of a metallic element and one or more additional elements

molecules possessing both hydrophobic (nonpolar) and a hydrophilic (polar) parts

elevation of the boiling point of a liquid by addition of a solute

the proportionality constant in the equation relating boiling point elevation to
solute molality; also known as the ebullioscopic constant

property of a solution that depends only on the concentration of a solute species

(also, colloidal dispersion) mixture in which relatively large solid or liquid particles are dispersed uniformly
throughout a gas, liquid, or solid

process whereby biological cells become shriveled due to loss of water by osmosis

substance present as relatively large solid or liquid particles in a colloid

solid, liquid, or gas in which colloidal particles are dispersed

physical process accompanying the dissolution of an ionic compound in which the compound’s
constituent ions are solvated and dispersed throughout the solution

substance that produces ions when dissolved in water

amphiphilic substance used to stabilize the particles of some emulsions

colloid formed from immiscible liquids

lowering of the freezing point of a liquid by addition of a solute

(also, cryoscopic constant) proportionality constant in the equation relating
freezing point depression to solute molality

colloidal dispersion of a liquid in a solid

rupture of red blood cells due to the accumulation of excess water by osmosis

law stating the proportional relationship between the concentration of dissolved gas in a solution and
the partial pressure of the gas in contact with the solution

of greater osmotic pressure

of less osmotic pressure

solution that forms with no accompanying energy change

of negligible mutual solubility; typically refers to liquid substances

solvated anion/cation pair held together by moderate electrostatic attraction

electrostatic attraction between an ion and a polar molecule

of equal osmotic pressure

mutually soluble in all proportions; typically refers to liquid substances
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molality (m)

nonelectrolyte

osmosis

osmotic pressure (Π)

partially miscible

Raoult’s law

saturated

semipermeable membrane

solubility

solvation

spontaneous process

strong electrolyte

supersaturated

Tyndall effect

unsaturated

van’t Hoff factor (i)

weak electrolyte

a concentration unit defined as the ratio of the numbers of moles of solute to the mass of the solvent in
kilograms

substance that does not produce ions when dissolved in water

diffusion of solvent molecules through a semipermeable membrane

opposing pressure required to prevent bulk transfer of solvent molecules through a
semipermeable membrane

of moderate mutual solubility; typically refers to liquid substances

the partial pressure exerted by a solution component is equal to the product of the component’s mole
fraction in the solution and its equilibrium vapor pressure in the pure state

of concentration equal to solubility; containing the maximum concentration of solute possible for a given
temperature and pressure

a membrane that selectively permits passage of certain ions or molecules

extent to which a solute may be dissolved in water, or any solvent

exothermic process in which intermolecular attractive forces between the solute and solvent in a solution
are established

physical or chemical change that occurs without the addition of energy from an external
source

substance that dissociates or ionizes completely when dissolved in water

of concentration that exceeds solubility; a nonequilibrium state

scattering of visible light by a colloidal dispersion

of concentration less than solubility

the ratio of the number of moles of particles in a solution to the number of moles of formula
units dissolved in the solution

substance that ionizes only partially when dissolved in water

Key Equations

• Cg = kPg

• ⎛
⎝PA = XA PA°

⎞
⎠

• Psolution = ∑
i

Pi = ∑
i

Xi Pi°

• Psolution = Xsolvent Psolvent°

• ΔTb = Kbm

• ΔTf = Kfm

• Π = MRT
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Summary

11.1 The Dissolution Process
A solution forms when two or more substances combine physically to yield a mixture that is homogeneous at the
molecular level. The solvent is the most concentrated component and determines the physical state of the solution.
The solutes are the other components typically present at concentrations less than that of the solvent. Solutions may
form endothermically or exothermically, depending upon the relative magnitudes of solute and solvent intermolecular
attractive forces. Ideal solutions form with no appreciable change in energy.

11.2 Electrolytes
Substances that dissolve in water to yield ions are called electrolytes. Electrolytes may be covalent compounds
that chemically react with water to produce ions (for example, acids and bases), or they may be ionic compounds
that dissociate to yield their constituent cations and anions, when dissolved. Dissolution of an ionic compound is
facilitated by ion-dipole attractions between the ions of the compound and the polar water molecules. Soluble ionic
substances and strong acids ionize completely and are strong electrolytes, while weak acids and bases ionize to only
a small extent and are weak electrolytes. Nonelectrolytes are substances that do not produce ions when dissolved in
water.

11.3 Solubility
The extent to which one substance will dissolve in another is determined by several factors, including the types
and relative strengths of intermolecular attractive forces that may exist between the substances’ atoms, ions, or
molecules. This tendency to dissolve is quantified as substance’s solubility, its maximum concentration in a solution
at equilibrium under specified conditions. A saturated solution contains solute at a concentration equal to its solubility.
A supersaturated solution is one in which a solute’s concentration exceeds its solubility—a nonequilibrium (unstable)
condition that will result in solute precipitation when the solution is appropriately perturbed. Miscible liquids are
soluble in all proportions, and immiscible liquids exhibit very low mutual solubility. Solubilities for gaseous solutes
decrease with increasing temperature, while those for most, but not all, solid solutes increase with temperature. The
concentration of a gaseous solute in a solution is proportional to the partial pressure of the gas to which the solution
is exposed, a relation known as Henry’s law.

Exercises

11.1 The Dissolution Process
1. How do solutions differ from compounds? From other mixtures?

2. Which of the principal characteristics of solutions can we see in the solutions of K2Cr2O7 shown in Figure

11.2?
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3. When KNO3 is dissolved in water, the resulting solution is significantly colder than the water was originally.

(a) Is the dissolution of KNO3 an endothermic or an exothermic process?

(b) What conclusions can you draw about the intermolecular attractions involved in the process?

(c) Is the resulting solution an ideal solution?



4. Give an example of each of the following types of solutions:

(a) a gas in a liquid

(b) a gas in a gas

(c) a solid in a solid

5. Indicate the most important types of intermolecular attractions in each of the following solutions:

(a) The solution in Figure 11.2.

(b) NO(l) in CO(l)

(c) Cl2(g) in Br2(l)

(d) HCl(aq) in benzene C6H6(l)

(e) Methanol CH3OH(l) in H2O(l)

6. Predict whether each of the following substances would be more soluble in water (polar solvent) or in a
hydrocarbon such as heptane (C7H16, nonpolar solvent):

(a) vegetable oil (nonpolar)

(b) isopropyl alcohol (polar)

(c) potassium bromide (ionic)

7. Heat is released when some solutions form; heat is absorbed when other solutions form. Provide a molecular
explanation for the difference between these two types of spontaneous processes.

8. Solutions of hydrogen in palladium may be formed by exposing Pd metal to H2 gas. The concentration of

hydrogen in the palladium depends on the pressure of H2 gas applied, but in a more complex fashion than can be

described by Henry’s law. Under certain conditions, 0.94 g of hydrogen gas is dissolved in 215 g of palladium
metal.

(a) Determine the molarity of this solution (solution density = 1.8 g/cm3).

(b) Determine the molality of this solution (solution density = 1.8 g/cm3).

(c) Determine the percent by mass of hydrogen atoms in this solution (solution density = 1.8 g/cm3).

11.2 Electrolytes

9. Explain why the ions Na+ and Cl− are strongly solvated in water but not in hexane, a solvent composed of
nonpolar molecules.

10. Explain why solutions of HBr in benzene (a nonpolar solvent) are nonconductive, while solutions in water (a
polar solvent) are conductive.

11. Consider the solutions presented:

(a) Which of the following sketches best represents the ions in a solution of Fe(NO3)3(aq)?
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(b) Write a balanced chemical equation showing the products of the dissolution of Fe(NO3)3.

12. Compare the processes that occur when methanol (CH3OH), hydrogen chloride (HCl), and sodium hydroxide

(NaOH) dissolve in water. Write equations and prepare sketches showing the form in which each of these
compounds is present in its respective solution.

13. What is the expected electrical conductivity of the following solutions?

(a) NaOH(aq)

(b) HCl(aq)

(c) C6H12O6(aq) (glucose)

(d) NH3(l)

14. Why are most solid ionic compounds electrically nonconductive, whereas aqueous solutions of ionic
compounds are good conductors? Would you expect a liquid (molten) ionic compound to be electrically conductive
or nonconductive? Explain.

15. Indicate the most important type of intermolecular attraction responsible for solvation in each of the following
solutions:

(a) the solutions in Figure 11.8

(b) methanol, CH3OH, dissolved in ethanol, C2H5OH

(c) methane, CH4, dissolved in benzene, C6H6

(d) the polar halocarbon CF2Cl2 dissolved in the polar halocarbon CF2ClCFCl2

(e) O2(l) in N2(l)

11.3 Solubility
16. Suppose you are presented with a clear solution of sodium thiosulfate, Na2S2O3. How could you determine

whether the solution is unsaturated, saturated, or supersaturated?

17. Supersaturated solutions of most solids in water are prepared by cooling saturated solutions. Supersaturated
solutions of most gases in water are prepared by heating saturated solutions. Explain the reasons for the difference in
the two procedures.

18. Suggest an explanation for the observations that ethanol, C2H5OH, is completely miscible with water and that

ethanethiol, C2H5SH, is soluble only to the extent of 1.5 g per 100 mL of water.

19. Calculate the percent by mass of KBr in a saturated solution of KBr in water at 10 °C. See Figure 11.17 for
useful data, and report the computed percentage to one significant digit.

20. Which of the following gases is expected to be most soluble in water? Explain your reasoning.

(a) CH4
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(b) CCl4

(c) CHCl3

21. At 0 °C and 1.00 atm, as much as 0.70 g of O2 can dissolve in 1 L of water. At 0 °C and 4.00 atm, how many

grams of O2 dissolve in 1 L of water?

22. Refer to Figure 11.11.

(a) How did the concentration of dissolved CO2 in the beverage change when the bottle was opened?

(b) What caused this change?

(c) Is the beverage unsaturated, saturated, or supersaturated with CO2?

23. The Henry’s law constant for CO2 is 3.4 × 10−2 M/atm at 25 °C. What pressure of carbon dioxide is needed to

maintain a CO2 concentration of 0.10 M in a can of lemon-lime soda?

24. The Henry’s law constant for O2 is 1.3 × 10−3 M/atm at 25 °C. What mass of oxygen would be dissolved in a

40-L aquarium at 25 °C, assuming an atmospheric pressure of 1.00 atm, and that the partial pressure of O2 is 0.21

atm?

25. How many liters of HCl gas, measured at 30.0 °C and 745 torr, are required to prepare 1.25 L of a 3.20-M
solution of hydrochloric acid?
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