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solution

in chemistry, a homogenous mixture of two or more substances in relative amounts that can be varied
continuously up to what is called the limit of solubility. The term solution is commonly applied to the liquid state
of matter, but solutions of gases and solids are possible. Air, for example, is a solution consisting chiefly of
oxygen and nitrogen with trace amounts of several other gases, and brass is a solution composed of copper and
zinc.

A brief treatment of solutions follows. For full treatment, seeliquid: Solutions and solubilities.

Life processes depend in large part on solutions. Oxygen from the lungs goes into solution in the blood plasma,
unites chemically with the hemoglobin in the red blood cells, and is released to the body tissues. The products of
digestion also are carried in solution to the different parts of the body. The ability of liquids to dissolve other
fluids or solids has many practical applications. Chemists take advantage of differences in solubility to separate
and purify materials and to carry out chemical analysis. Most chemical reactions occur in solution and are
influenced by the solubilities of the reagents. Materials for chemical manufacturing equipment are selected to

resist the solvent action of their contents.

The liquid in a solution is customarily designated the solvent, and the substance added is called the solute. If
both components are liquids, the distinction loses significance; the one present in smaller concentration is likely
to be called the solute. The concentration of any component in a solution may be expressed in units of weight or

volume or in moles. These may be mixed—e.g., moles per litre and moles per kilogram.

Crystals of some salts contain lattices of ions—i.e., atoms or groups of atoms with alternating positive and
negative charges. When such a crystal is to be dissolved, the attraction of the oppositely charged ions, which are
largely responsible for cohesion in the crystal, must be overcome by electric charges in the solvent. These may
be provided by the ions of a fused salt or by electric dipoles in the molecules of the solvent. Such solvents
include water, methyl alcohol, liquid ammonia, and hydrogen fluoride. The ions of the solute, surrounded by
dipolar molecules of the solvent, are detached from each other and are free to migrate to charged electrodes.
Such a solution can conduct electricity, and the solute is called an electrolyte.

The potential energy of attraction between simple, nonpolar molecules (nonelectrolytes) is of very short range; it
decreases approximately as the seventh power of the distance between them. For electrolytes the energy of
attraction and repulsion of charged ions drops only as the first power of the distance. Accordingly, their solutions
have very different properties from those of nonelectrolytes.

It is generally presumed that all gases are completely miscible (mutually soluble in all proportions), but this is
true only at normal pressures. At high pressures, pairs of chemically dissimilar gases may very well exhibit only
limited miscibility. Many different metals are miscible in the liquid state, occasionally forming recognizable
compounds. Some are sufficiently alike to form solid solutions (seealloy).
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ENIEEEE
electrolyte

in chemistry and physics, substance that conducts electric current as a result of a dissociation into positively and
negatively charged particles called ions, which migrate toward and ordinarily are discharged at the negative and
positive terminals (cathode and anode) of an electric circuit, respectively. The most familiar electrolytes are
acids, bases, and salts, which ionize when dissolved in such solvents as water or alcohol. Many salts, such as
sodium chloride, behave as electrolytes when melted in the absence of any solvent; and some, such as silver
iodide, are electrolytes even in the solid state.

Conducting electric current in a solution of electrolytes.
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liquid
in physics, one of the three principal states of matter, intermediate between gas and crystalline solid.

Physical properties of liquids

The most obvious physical properties of a liquid are its retention of volume and its conformation to the shape of
its container. When a liquid substance is poured into a vessel, it takes the shape of the vessel, and, as long as
the substance stays in the liquid state, it will remain inside the vessel. Furthermore, when a liquid is poured from
one vessel to another, it retains its volume (as long as there is no vaporization or change in temperature) but not
its shape. These properties serve as convenient criteria for distinguishing the liquid state from the solid and
gaseous states. Gases, for example, expand to fill their container so that the volume they occupy is the same as
that of the container. Solids retain both their shape and volume when moved from one container to another.

Liquids may be divided into two general categories: pure liquids and liquid mixtures. On Earth, water is the most
abundant liquid, although much of the water with which organisms come into contact is not in pure form but is a
mixture in which various substances are dissolved. Such mixtures include those fluids essential to life—blood, for
example—beverages, and seawater. Seawater is a liquid mixture in which a variety of salts have been dissolved

in water. Even though in pure form these salts are solids, in oceans they are part of the liquid phase. Thus, liquid
mixtures contain substances that in their pure form may themselves be liquids, solids, or even gases.

The liquid state sometimes is described simply as the state that occurs between the solid and gaseous states,
and for simple molecules this distinction is unambiguous. However, clear distinction between the liquid, gaseous,
and solid states holds only for those substances whose molecules are composed of a small number of atoms.
When the number exceeds about 20, the liquid may often be cooled below the true melting point to form a glass,
which has many of the mechanical properties of a solid but lacks crystalline order. If the number of atoms in the
molecule exceeds about 100-200, the classification into solid, liquid, and gas ceases to be useful. At low
temperatures such substances are usually glasses or amorphous solids, and their rigidity falls with increasing
temperature—i.e., they do not have fixed melting points; some may, however, form true liquids. With these large
molecules, the gaseous state is not attainable, because they decompose chemically before the temperature is
high enough for the liquid to evaporate. Synthetic and natural high polymers (e.g., nylon and rubber) behave in
this way.

If the molecules are large, rigid, and either roughly planar or linear, as in cholesteryl acetate or p-azoxyanisole,
the solid may melt to an anisotropic liquid (i.e., one that is not uniform in all directions) in which the molecules
are free to move about but have great difficulty in rotating. Such a state is called a liquid crystal, and the
anisotropy produces changes of the refractive index (a measure of the change in direction of light when it
passes from one medium into another) with the direction of the incident light and hence leads to unusual optical
effects. Liquid crystals have found widespread applications in temperature-sensing devices and in displays for
watches and calculators. However, no inorganic compounds and only about 5 percent of the known organic
compounds form liquid crystals. The theory of normal liquids is, therefore, predominantly the theory of the
behaviour of substances consisting of simple molecules.

A liquid lacks both the strong spatial order of a solid, though it has the high density of solids, and the absence of
order of a gas that results from the low density of gases—i.e., gas molecules are relatively free of each other’s
influence. The combination of high density and of partial order in liquids has led to difficulties in developing
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quantitatively acceptable theories of liquids. Understanding of the liquid state, as of all states of matter, came
with the kinetic molecular theory, which stated that matter consisted of particles in constant motion and that
this motion was the manifestation of thermal energy. The greater the thermal energy of the particle, the faster it

moved.

Transitions between states of matter

In very general terms, the particles that constitute matter include molecules, atoms, ions, and electrons. In a gas
these particles are far enough from one another and are moving fast enough to escape each other’s influence,
which may be of various kinds—such as attraction or repulsion due to electrical charges and specific forces of
attraction that involve the electrons orbiting around atomic nuclei. The motion of particles is in a straight line,
and the collisions that result occur with no loss of energy, although an exchange of energies may result between
colliding particles. When a gas is cooled, its particles move more slowly, and those slow enough to linger in each
other’s vicinity will coalesce, because a force of attraction will overcome their lowered kinetic energy and, by
definition, thermal energy. Each particle, when it joins others in the liquid state, gives up a measure of heat
called the latent heat of liquefaction, but each continues to move at the same speed within the liquid as long as
the temperature remains at the condensation point. The distances that the particles can travel in a liquid without
colliding are on the order of molecular diameters. As the liquid is cooled, the particles move more slowly still,
until at the freezing temperature the attractive energy produces so high a density that the liquid freezes into the
solid state. They continue to vibrate, however, at the same speed as long as the temperature remains at the
freezing point, and their latent heat of fusion is released in the freezing process. Heating a solid provides the
particles with the heat of fusion necessary to allow them to escape one another’s influence enough to move
about in the liquid state. Further heating provides the liquid particles with their heat of evaporation, which
enables them to escape one another completely and enter the vapour, or gaseous, state.

This starkly simplified view of the states of matter ignores many complicating factors, the most important being
the fact that no two particles need be moving at the same speed in a gas, liquid, or solid and the related fact
that even in a solid some particles may have acquired the energy necessary to exist as gas particles, while even
in a gas some particles may be practically motionless for a brief time. It is the average kinetic energy of the
particles that must be considered, together with the fact that the motion is random. At the interface between
liquid and gas and between liquid and solid, an exchange of particles is always taking place: slow gas molecules
condensing at the liquid surface and fast liquid molecules escaping into the gas. An equilibrium state is reached
in any closed system, so that the number of exchanges in either direction is the same. Because the kinetic
energy of particles in the liquid state can be defined only in statistical terms (i.e., every possible value can be
found), discussion of the liquid (as well as the gaseous) state at the molecular level involves formulations in
terms of probability functions.
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Behaviour of pure liquids

Phase diagram of a pure substance
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Figure 1: Phase diagram of argon.

Encyclopeedia Britannica, Inc.

When the temperature and pressure of a pure substance are fixed, the equilibrium state of the substance is also
fixed. This is illustrated in Figure 1, which shows the phase diagram for pure argon. In the diagram a single
phase is shown as an area, two as a line, and three as the intersection of the lines at the triple point, T. Along
the line TC, called the vapour-pressure curve, liquid and vapour exist in equilibrium. The liquid region exists to
the left and above this line while the gas, or vapour, region exists below it. At the upper extreme, this curve
ends at the critical point, C. If line TC is crossed by moving directly from point Pto S, there is a distinct phase
change accompanied by abrupt changes in the physical properties of the substance (e.g., density, heat capacity,
viscosity, and dielectric constant) because the vapour and liquid phases have distinctly different properties. At
the critical point, however, the vapour and liquid phases become identical, and above the critical point, the two
phases are no longer distinct. Thus, if the substance moves from point Pto S by the path PQRS so that no phase-
change lines are crossed, the change in properties will be smooth and continuous, and the specific moment
when the substance converts from a liquid to a gas is not clearly defined. In fact, the path PORS demonstrates
the essential continuity of state between liquid and gas, which differ in degree but which together constitute the
single fluid state. Strictly speaking, the term liquid should be applied only to the denser of the two phases on the
line TC, but it is generally extended to any dense fluid state at low temperatures—i.e., to the area lying within
the angle CTM.

The extension of line TC below the triple point is called the sublimation curve. It represents the equilibrium
between solid and gas, and when the sublimation curve is crossed, the substance changes directly from solid to
gas. This conversion occurs when dry ice (solid carbon dioxide) vaporizes at atmospheric pressure to form
gaseous carbon dioxide because the triple-point pressure for carbon dioxide is greater than atmospheric
pressure. Line TM is the melting curve and represents an equilibrium between solid and liquid; when this curve is
crossed from left to right, solid changes to liquid with the associated abrupt change in properties.

The melting curve is initially much steeper than the vapour-pressure curve; hence, as the pressure is changed,
the temperature does not change much, and the melting temperature is little affected by pressure. No
substance has been found to have a critical point on this line, and there are theoretical reasons for supposing
that it continues indefinitely to high temperatures and pressures, until the substance is so compressed that the
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molecules break up into atoms, ions, and electrons. At pressures above 10° bars (one bar is equal to 0.987
atmosphere, where one atmosphere is the pressure exerted by the air at sea level), it is believed that most
substances pass into a metallic state.

It is possible to cool a gas at constant pressure to a temperature lower than that of the vapour-pressure line
without producing immediate condensation, since the liquid phase forms readily only in the presence of suitable
nuclei (e.g., dust particles or ions) about which the drops can grow. Unless the gas is scrupulously cleaned, such
nuclei remain; a subcooled vapour is unstable and will ultimately condense. It is similarly possible to superheat a
liquid to a temperature where, though still a liquid, the gas is the stable phase. Again, this occurs most readily
with clean liquids heated in smooth vessels, because bubble formation occurs around foreign particles or sharp
points. When the superheated liquid changes to gas, it does so with almost explosive violence. A liquid also may
be subcooled to below its freezing temperature.

Representative values of phase-diagram parameters

To a certain extent the behaviour of all substances is similar to that described in Figure 1. The parameters that
vary from substance to substance are the particular values of the triple-point and critical-point temperature and
pressure, the size of the various regions, and the slopes of the lines. Triple-point temperatures range from 14 K
(0 K equals -273.15° C [-459.67° F]), for hydrogen to temperatures too high for accurate measurement. Triple-

point pressures are generally low, that of carbon dioxide at 5.2 bars being one of the highest. Most are around 10

-3 bar, and those of some hydrocarbons are as low as 10" bar. The normal melting point of a substance is
defined as the melting temperature at a pressure of one atmosphere (equivalent to 1.01325 bars); it differs little
from the triple-point temperature, because of the steepness of melting lines (TM in Figure 1). Critical
temperatures (the maximum temperature at which a gas can be liquefied by pressure) range from 5.2 K, for
helium, to temperatures too high to measure. Critical pressures (the vapour pressure at the critical temperature)
are generally about 40-100 bars. The normal boiling point is the temperature at which the vapour pressure
reaches one atmosphere. The normal liquid range is defined as the temperature interval between the normal
melting point and the normal boiling point, but such a restriction is artificial, the true liquid range being from
triple point to critical point. Substances whose triple-point pressures are above atmospheric (e.g., carbon
dioxide) have no normal liquid range but sublime at atmospheric pressure.

Each of the three two-phase lines in Figure 1 can be described by the Clapeyron equation:
P _ fiv 0
dT  TAV'

In this equation, dp/dT is the slope of the curve under consideration—i.e., either the melting, sublimation, or
vapour-pressure curve. AH is the latent heat required for the phase change, and AV is the change in volume
associated with the phase change. Thus, for the sublimation and vapour-pressure curves, since AH and AV are
both positive (i.e., heat is required for vaporization, and the volume increases on vaporization), the slope is
always positive. Although not apparent from Figure 1, the slope of the sublimation curve immediately below the
triple point is greater than the slope of the vapour-pressure curve immediately above it, so that the vapour-
pressure curve is not continuous through the triple point. This is consistent with equation (1) because the heat of
sublimation for a substance is somewhat larger than its heat of vaporization. The slope of the melting line is
usually positive, but there are a few substances, such as water and bismuth, for which the melting-line slope is
negative. The negative melting-line slope is consistent with equation (1) because, for these two substances, the
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density of the solid is less than the density of the liquid. This is the reason ice floats. For water, this negative
volume change (i.e., shrinking) persists to 2.1 kilobars and -22° C, at which point the normal form of ice changes
to a denser form, and thereafter the change in volume on melting is positive.

Behaviour of substances near critical and triple points

At the critical point the liquid is identical to the vapour phase, and near the critical point the liquid behaviour is
somewhat similar to vapour-phase behaviour. While the particular values of the critical temperature and
pressure vary from substance to substance, the nature of the behaviour in the vicinity of the critical point is
similar for all compounds. This fact has led to a method that is commonly referred to as the law of corresponding
states. Roughly speaking, this approach presumes that, if the phase diagram is plotted using reduced variables,
the behaviour of all substances will be more or less the same. Reduced variables are defined by dividing the
actual variable by its associated critical constant: the reduced temperature, Tr, equals T/TC, and the reduced

pressure, p, equals p/pc. Then for all substances the critical point occurs at a value of Trand P, equal to unity.

This approach has been used successfully to develop equations to correlate and predict a number of liquid-phase
properties including vapour pressures, saturated and compressed liquid densities, heat capacities, and latent
heats of vaporization. The corresponding states approach works remarkably well at temperatures between the
normal boiling point and the critical point for many compounds but tends to break down near and below the
triple-point temperature. At these temperatures the liquid is influenced more by the behaviour of the solid,

which has not been successfully correlated by corresponding states methods.

Many of the properties of a liquid near its triple point are closer to those of the solid than to those of the gas. It
has a high density (typically 0.5-1.5 grams per cubic centimetre [0.02-0.05 pound per cubic inch]), a high
refractive index (which varies from 1.3 to 1.8 for liquids), a high heat capacity at constant pressure (two to four

joules per gram per kelvin, one joule being equal to 0.239 calorie), and a low compressibility (0.5-1 x 10 per

bar). The compressibility falls to values characteristic of a solid (0.1 x 10 per bar or less) as the pressure
increases. A simple and widely used equation describes the change of specific volume with pressure. If V(p) is
the volume at pressure p,V(0) is volume at zero pressure, and A and B are positive parameters (constants whose
values may be arbitrarily assigned), then the difference in volume resulting from a change in pressure equals
the product of A, the pressure, and the volume at zero pressure, divided by the sum of B and the pressure. This
is written:

Apl0
noy — Hp) = 2P0

(B+p)

(2)

The pressure parameter B is close to the pressure at which the compressibility has fallen to half its initial value
and is generally about 500 bars for liquids near their triple points. It falls rapidly with increasing temperature.

As a liquid is heated along its vapour-pressure curve, TC, its density falls and its compressibility rises.
Conversely, the density of the saturated vapour in equilibrium with the liquid rises; i.e., the number of gas
molecules in a fixed space above the liquid increases. Liquid and gas states approach each other with increasing
rapidity as the temperature approaches C, until at this point they become identical and have a density about
one-third that of the liquid at point T. The change of saturated-gas density ( pg) and liquid density ( p,) with

temperature T can be expressed by a simple equation when the temperature is close to critical. If P, is the
density at the critical temperature TC, then the difference between densities equals the difference between

temperatures raised to a factor called beta, g:
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(0, —0,) =~ o) =(T,-T)7, (3)

where B is about 0.34. The compressibility and the heat capacity of the gas at constant pressure (Cp) become
infinite as T approaches TC from above along the path of constant density. The infinite compressibility implies

that the pressure no longer restrains local fluctuations of density. The fluctuations grow to such an extent that
their size is comparable with the wavelength of light, which is therefore strongly scattered. Hence, at the critical
point, a normally transparent liquid is almost opaque and usually dark brown in colour. The classical description
of the critical point and the results of modern measurement do not agree in detail, but recent considerations of
thermodynamic stability show that there are certain regularities in behaviour that are common to all substances.

Surface tension

Learn about surface tension and compare the surface tensions of different liquids, including water, alcohol, mercury, and soap bubbles.

Encyclopaedia Britannica, Inc.

Between a liquid and its corresponding vapour there is a dividing surface that has a measurable tension; work
must be done to increase the area of the surface at constant temperature. Hence, in the absence of gravity or
during free fall, the equilibrium shape of a volume of liquid is one that has a minimum area—i.e., a sphere. In the
Earth’s field this shape is found only for small drops, for which the gravitational forces, since they are
proportional to the volume, are negligible compared with surface forces, which are proportional to the area. The
surface tension falls with rising temperature and vanishes at the critical point. There is a similar dividing surface
between two immiscible liquids, but this usually has lower tension. There is a tension also between a liquid and a
solid (often referred to as surface energy), though it is not directly measurable, because of the rigidity of the
solid; it may be inferred, however, under certain assumptions, from the angle of contact between the liquid and
the solid (i.e., the angle at which the liquid’s surface meets the solid). If this angle is zero, the liquid surface is
parallel to the solid surface and is said to wet the solid completely. The equation relating the angle of contact to
the surface tensions of the liquid-air, liquid-solid, and solid-air interfaces is called the Young equation after
British scientist Thomas Young.

Molecular structure of liquids

For a complete understanding of the liquid state of matter, an understanding of behaviour on the molecular level
is necessary. Such behaviour is characterized by two quantities called the intermolecular pair potential function,
u, and the radial distribution function, g. The pair potential gives information about the energy due to the
interaction of a pair of molecules and is a function of the distance r between their centres. Information about the
structure or the distances between pairs of molecules is contained in the radial distribution function. If g and u
are known for a substance, macroscopic properties can be calculated.
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The radial distribution function, g, is a measure
of the probability of finding the centre of one
molecule at a distance F from g central molecule.
The molecular diameter is .
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Figure 2: Radial distribution function for a dense liquid.
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In an ideal gas—where there are no forces between molecules, and the volume of the molecules is negligible—g
is unity, which means that the chance of encountering a second molecule when moving away from a central
molecule is independent of position. In a solid, g takes on discrete values at distances that correspond to the
locations associated with the solid’s crystal structure. Liquids possess neither the completely ordered structure
of a solid crystal nor the complete randomness of an ideal gas. The structure in a liquid is intermediate to these
two extremes—i.e., the molecules in a liquid are free to move about, but there is some order because they
remain relatively close to one another. Although there are an infinite number of possible positions one molecule
may assume with respect to another, some are more likely than others. This is illustrated by Figure 2, which
shows an example of the radial distribution function for the dense packing typical of liquids. In this figure, g is a
measure of the probability of finding the centre of one molecule at a distance r from the centre of a second
molecule. For values of rless than those of the molecular diameter, d, g goes to zero. This is consistent with the
fact that two molecules cannot occupy the same space. The most likely location for a second molecule with
respect to a central molecule is slightly more than one molecular diameter away, which reflects the fact that in
liquids the molecules are packed almost against one another. The second most likely location is a little more
than two molecular diameters away, but beyond the third layer preferred locations damp out, and the chance of
finding the centre of a molecule becomes independent of position.

The pair potential function, v, is a large positive number for rless than d, assumes a minimum value at the most
preferred location (this corresponds to the maximum of the curve in Figure 2), and damps out to zero as r
approaches infinity. The large positive value of u corresponds to a strong repulsion, while the minimum
corresponds to the net result of repulsive and attractive forces.

There are two methods of measuring the radial distribution function g: first, by X-ray or neutron diffraction from
simple fluids and, second, by computer simulation of the molecular structure and motions in a liquid. In the first,
the liquid is exposed to a specific, single wavelength (monochromatic) radiation, and the observed results are

then subjected to a mathematical treatment known as a Fourier transform.

The second method of obtaining the radial distribution function g supposes that the energy of interaction, u, for
the liquid under study is known. A computer model of a liquid is set up, in which between 100 and 1,000
molecules are contained within a cube. There are now two methods of proceeding: by Monte Carlo calculation or
by what is called molecular dynamics; only the latter is discussed here. Each molecule is assigned a random
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position and velocity, and Newton’s equations of motion are solved to calculate the path of each molecule in the
changing field of all the others. A molecule that leaves the cell is deemed to be replaced by a new one with
equal velocity entering through the corresponding point on the opposite wall. After a few collisions per molecule,
the distribution of velocities conforms with equations worked out by the Scottish physicist James Clerk Maxwell,
and after a longer time the mean positions are those appropriate to the density and mean kinetic energy (i.e.,
temperature) of the liquid. Functions such as the radial distribution function g can now be evaluated by taking
suitable averages as the system evolves in time. Since 1958 such computer experiments have added more to
the knowledge of the molecular structure of simple liquids than all the theoretical work of the previous century
and continue to be an active area of research for not only pure liquids but liquid mixtures as well.

Speed of sound and electric properties

A sound wave is a series of longitudinal compressions and expansions that travels through a liquid at a speed of
about one kilometre per second (0.62 mile per second), or about three times the speed of sound in air. If the
frequency is not too high, the compressions and expansions are adiabatic (i.e., the changes take place without
transfer of heat) and reversible. Conduction of energy from the hot (compressed) to the cold (expanded) regions
of the liquid introduces irreversible effects, which are dissipative, and thus such conduction leads to the
absorption of the sound. A longitudinal compression (in the direction of the wave) is a combination of a uniform
compression and a shearing stress (a force that causes one plane of a substance to glide past an adjacent

plane). Hence, both bulk and shear viscosity also govern the propagation of sound in a liquid.

If a liquid is placed in a static electric field, the field exerts a force on any free carriers of electric charge in the
liquid, and the liquid, therefore, conducts electricity. Such carriers are of two kinds: mobile electrons and ions.
The former are present in abundance in liquid metals, which have conductivities that are generally about one-
third of the conductivity of the corresponding solid. The decrease in conductivity upon melting arises from the
greater disorder of the positive ions in the liquid and hence their greater ability to scatter electrons. The
contribution of the ions is small, less than 5 percent in most liquid metals, but it is the sole cause of conductivity
in molten salts and in their aqueous solutions. Such conductivities vary widely but are much lower than those of

liquid metals.

Nonionic liquids (those composed of molecules that do not dissociate into ions) have negligible conductivities,
but they are polarized by an electric field; that is, the liquid develops positive and negative poles and also a
dipole moment (which is the product of the pole strength and the distance between the poles) that is oriented
against the field, from which the liquid acquires energy. This polarization is of three kinds: electron, atomic, and
orientation. In electron polarization the electrons in each atom are displaced from their usual positions, giving
each molecule a small dipole moment. The contribution of electron polarization to the dielectric constant (see
belowElectrolytes and nonelectrolytes) of the liquid is numerically equal to the square root of its refractive index.
The second effect, atomic polarization, arises because there is a relative change in the mean positions of the
atomic nuclei within the molecules. This generally small effect is observed at radio frequencies but not at optical,
and so it is missing from the refractive index. The third effect, orientation polarization, occurs with molecules
that have permanent dipole moments. These molecules are partially aligned by the field and contribute heavily
to the polarization. Thus, the dielectric constant of a nonpolar liquid, such as a hydrocarbon, is about 2, that of a
weakly polar liquid, such as chloroform or ethyl ether, about 5, while those of highly polar liquids, such as
ethanol and water, range from 25 to 80.

John Shipley RowlinsonBruce E. Poling
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Solutions and solubilities

The ability of liquids to dissolve solids, other liquids, or gases has long been recognized as one of the
fundamental phenomena of nature encountered in daily life. The practical importance of solutions and the need
to understand their properties have challenged numerous writers since the lonian philosophers and Aristotle.
Though many physicists and chemists have devoted themselves to a study of solutions, as of the early 1990s it
was still an incompletely understood subject under active investigation.

A solution is a mixture of two or more chemically distinct substances that is said to be homogeneous on the
molecular scale—the composition at any one point in the mixture is the same as that at any other point. This is
in contrast to a suspension (or slurry), in which small discontinuous particles are surrounded by a continuous
fluid. Although the word solution is commonly applied to the liquid state of matter, solutions of solids and gases
are also possible; brass, for example, is a solution of copper and zinc, and air is a solution primarily of oxygen
and nitrogen with a few other gases present in relatively small amounts.

The ability of one substance to dissolve another depends always on the chemical nature of the substances,
frequently on the temperature, and occasionally on the pressure. Water, for example, readily dissolves methyl
alcohol but does not dissolve mercury; it barely dissolves benzene at room temperature but does so increasingly
as the temperature rises. While the solubility in water of the gases present in air is extremely small at
atmospheric pressure, it becomes appreciable at high pressures where, in many cases, the solubility of a gas is
(approximately) proportional to its pressure. Thus, a diver breathes air (four-fifths nitrogen) at a pressure
corresponding to the pressure around him, and, as he goes deeper, more air dissolves in his blood. If he ascends
rapidly, the solubility of the gases decreases so that they leave his blood suddenly, forming bubbles in the blood
vessels. This condition (known as the bends) is extremely painful and may cause death; it can be alleviated by
breathing, instead of air, a mixture of helium and oxygen because the solubility of helium in blood is much lower
than that of nitrogen.

The solubility of one fluid in another may be complete or partial; thus, at room temperature water and methyl
alcohol mix in all proportions, but 100 grams of water dissolve only 0.07 gram of benzene. Though it is generally
supposed that all gases are completely miscible—i.e., mutually soluble in all proportions—this is true only at
normal pressures. At high pressures pairs of chemically unlike gases may exhibit only limited miscibility; for
example, at 20° C helium and xenon are completely miscible at pressures below 200 atmospheres but become

increasingly immiscible as the pressure rises.

The ability of a liquid to dissolve selectively forms the basis of common separation operations in chemical and
related industries. A mixture of two gases, carbon dioxide and nitrogen, can be separated by bringing it into
contact with ethanolamine, a liquid solvent that readily dissolves carbon dioxide but barely dissolves nitrogen. In
this process, called absorption, the dissolved carbon dioxide is later recovered, and the solvent is made usable
again by heating the carbon dioxide-rich solvent, since the solubility of a gas in a liquid usually (but not always)
decreases with rising temperature. A similar absorption operation can remove a pollutant such as sulfur dioxide

from smokestack gases in a plant using sulfur-containing coal or petroleum as fuel.

The process wherein a dissolved substance is transferred from one liquid to another is called extraction. As an
example, phenolic pollutants (organic compounds of the types known as phenol, cresol, and resorcinol) are
frequently found in industrial agueous waste streams, and, since these phenolics are damaging to marine life, it
is important to remove them before sending the waste stream back to a lake or river. One such removal
technique is to bring the waste stream into contact with a water-insoluble solvent (e.g., an organic liquid such as
a high-boiling hydrocarbon) that has a strong affinity for the phenolic pollutant. The solubility of the phenolic in
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the solvent divided by that in water is called the distribution coefficient, and it is clear that for an efficient
extraction process it is desirable to have as large a distribution coefficient as possible.

Classes of solutions

Electrolytes and nonelectrolytes

Conducting electric current in a solution of electrolytes.

Encyclopeedia Britannica, Inc.

Broadly speaking, liquid mixtures can be classified as either solutions of electrolytes or solutions of
nonelectrolytes. Electrolytes are substances that can dissociate into electrically charged particles called ions,
while nonelectrolytes consist of molecules that bear no net electric charge. Thus, when ordinary salt (sodium
chloride, formula NaCl) is dissolved in water, it forms an electrolytic solution, dissociating into positive sodium

ions (Na+) and negative chloride ions (Cl'), whereas sugar dissolved in water maintains its molecular integrity

and does not dissociate.

Because of its omnipresence, water is the most common solvent for electrolytes; the ocean is a solution of
electrolytes. Electrolyte solutions, however, are also formed by other solvents (such as ammonia and sulfur
dioxide) that have a large dielectric constant (a measure of the ability of a fluid to decrease the forces of
attraction and repulsion between charged particles). The energy required to separate an ion pair (i.e., one ion of
positive charge and one ion of negative charge) varies inversely with the dielectric constant, and, therefore,
appreciable dissociation into separate ions occurs only in solvents with large dielectric constants.

Most electrolytes (for example, salts) are nonvolatile, which means that they have essentially no tendency to
enter the vapour phase. There are, however, some notable exceptions, such as hydrogen chloride (HCI), which is

readily soluble in water, where it forms hydrogen ions (H*) and chloride ions (CI'). At normal temperature and
pressure, pure hydrogen chloride is a gas, and, in the absence of water or some other ionizing solvent, hydrogen

chloride exists in molecular, rather than ionic, form.

Solutions of electrolytes readily conduct electricity, whereas nonelectrolyte solutions do not. A dilute solution of
hydrogen chloride in water is a good electrical conductor, but a dilute solution of hydrogen chloride in a
hydrocarbon is a good insulator. Because of the large difference in dielectric constants, hydrogen chloride is
ionized in water but not in hydrocarbons.

The ability of a solution to conduct electricity is called conductivity, and it decreases as the concentration of the
electrolytes decreases. The molar conductivity of a solution is the conductivity divided by the concentration of
the solution measured in moles per volume. Thus as the concentration decreases, the molar conductivity

increases.

Conductivity is measured in units of siemens per meter (or amperes per volt-meter). The conductivity of a
solution is not only affected by the molar concenration of the ions but also by temperature and pressure.
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Devices called conductivity cells that have two electrodes with a current between them. By measuring the
current between them and using solutions of potassium chloride (KCl) as a standard, one can determine the
conductivity of the solution.

Weak electrolytes

While classification under the heading electrolyte-solution or nonelectrolyte-solution is often useful, some
solutions have properties near the boundary between these two broad classes. Although such substances as
ordinary salt and hydrogen chloride are strong electrolytes—i.e., they dissociate completely in an ionizing
solvent—there are many substances, called weak electrolytes, that dissociate to only a small extent in ionizing
solvents. For example, in aqueous solution, acetic acid can dissociate into a positive hydrogen ion and a

negative acetate ion (CH3COO'), but it does so to a limited extent; in an aqueous solution containing 50 grams

acetic acid and 1,000 grams water, less than 1 percent of the acetic acid molecules are dissociated into ions.
Therefore, a solution of acetic acid in water exhibits some properties associated with electrolyte solutions (e.g.,
it is a fair conductor of electricity), but in general terms it is more properly classified as a nonelectrolyte solution.
By similar reasoning, an aqueous solution of carbon dioxide is also considered a nonelectrolyte solution even

though carbon dioxide and water have a slight tendency to form carbonic acid, which, in turn, dissociates to a

small extent to hydrogen ions and bicarbonate ions (HCO3').

Endothermic and exothermic solutions

When two substances mix to form a solution, heat is either evolved (an exothermic process) or absorbed (an
endothermic process); only in the special case of an ideal solution do substances mix without any heat effect.
Most simple molecules mix with a small endothermic heat of solution, while exothermic heats of solution are
observed when the components interact strongly with one another. An extreme example of an exothermic heat
of mixing is provided by adding an aqueous solution of sodium hydroxide, a powerful base, to an aqueous

solution of hydrogen chloride, a powerful acid; the hydroxide ions (OH") of the base combine with the hydrogen
ions of the acid to form water, a highly exothermic reaction that yields 75,300 calories per 100 grams of water
formed. In nonelectrolyte solutions, heat effects are usually endothermic and much smaller, often about 100
calories, when roughly equal parts are mixed to form 100 grams of mixture.

Formation of a solution usually is accompanied by a small change in volume. If equal parts of benzene and
stannic chloride are mixed, the temperature drops; if the mixture is then heated slightly to bring its temperature
back to that of the unmixed liquids, the volume increases by about 2 percent. On the other hand, mixing roughly
equal parts of acetone and chloroform produces a small decrease in volume, about 0.2 percent. It frequently
happens that mixtures with endothermic heats of mixing expand—i.e., show small increases in volume—while
mixtures with exothermic heats of mixing tend to contract.

A large decrease in volume occurs when a gas is dissolved in a liquid. For example, at 0° C and atmospheric
pressure, the volume of 28 grams of nitrogen gas is 22,400 cubic centimetres. When these 28 grams of nitrogen
are dissolved in an excess of water, the volume of the water increases only 40 cubic centimetres; the decrease
in volume accompanying the dissolution of 28 grams of nitrogen in water is therefore 22,360 cubic centimetres.
In this case, it is said that the nitrogen gas has been condensed into a liquid, the word condense meaning “to
make dense”—i.e., to decrease the volume.
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Properties of solutions
Composition ratios

The composition of a liquid solution means the composition of that solution in the bulk—that is, of that part that
is not near the surface. The interface between the liquid solution and some other phase (for example, a gas such
as air) has a composition that differs, sometimes very much, from that of the bulk. The environment at an
interface is significantly different from that throughout the bulk of the liquid, and in a solution the molecules of a
particular component may prefer one environment over the other. If the molecules of one component in the
solution prefer to be at the interface as opposed to the bulk, it is said that this component is positively adsorbed
at the interface. In aqueous solutions of organic liquids, the organic component is usually positively adsorbed at
the solution-air interface; as a result, it is often possible to separate a mixture of an organic solute from water by
a process called froth separation. Air is bubbled vigorously into the solution, and a froth is formed. The
composition of the froth differs from that of the bulk because the organic solute concentrates at the interfacial
region. The froth is mechanically removed and collapsed, and, if further separation is desired, a new froth is
generated. The tendency of some dissolved molecules to congregate at the surface has been utilized in water
conservation. A certain type of alcohol, when added to water, concentrates at the surface to form a barrier to
evaporating water molecules. In warm climates, therefore, water loss by evaporation from lakes can be

significantly reduced by introducing a solute that adsorbs positively at the lake-air interface.

The composition of a solution can be expressed in a variety of ways, the simplest of which is the weight fraction,
or weight percent; for example, the salt content of seawater is about 3.5 weight percent—i.e., of 100 grams of
seawater, 3.5 grams is salt. For a fundamental understanding of solution properties, howeuver, it is often useful to
express composition in terms of molecular units such as molecular concentration, molality, or mole fraction. To
understand these terms, it is necessary to define atomic and molecular weights. The atomic weight of elements
is a relative figure, with one atom of the carbon-12 isotope being assigned the atomic weight of 12; the atomic
weight of hydrogen is then approximately 1, of oxygen approximately 16, and the molecular weight of water (H2

0) 18. The atomic and molecular theory of matter asserts that the atomic weight of any element in grams must
contain the same number of atoms as the atomic weight in grams (the gram-atomic weight) of any other
element. Thus, two grams of molecular hydrogen (H2)—its gram-molecular weight—contain the same number of

molecules as 18 grams of water or 32 grams of oxygen molecules (02). Further, a specified volume of any gas

(at low pressure) contains the same number of molecules as the same volume of any other gas at the same
temperature and pressure. At standard temperature and pressure (0° C and one atmosphere) the volume of one
gram-molecular weight of any gas has been determined experimentally to be approximately 22.4 litres (23.7
quarts). The number of molecules in this volume of gas, or in the gram-molecular weight of any compound, is
called Avogadro’s number.

Molarity

Molecular concentration is the number of molecules of a particular component per unit volume. Since the
number of molecules in a litre or even a cubic centimetre is enormous, it has become common practice to use
what are called molar, rather than molecular, quantities. A mole is the gram-molecular weight of a substance
and, therefore, also Avogadro’s number of molecules (6.02 x 1023). Thus, the number of moles in a sample is
the weight of the sample divided by the molecular weight of the substance; it is also the number of molecules in

the sample divided by Avogadro’s number. Instead of using molecular concentration, it is more convenient to
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use molar concentration; instead of saying, for example, that the concentration is 12.04 x 1023 molecules per
litre, it is simpler to say that it is two moles per litre. Concentration in moles per litre (i.e., molarity) is usually

designated by the letter M.
Molality

In electrolyte solutions it is common to distinguish between the solvent (usually water) and the dissolved
substance, or solute, which dissociates into ions. For these solutions it is useful to express composition in terms
of molality, designated as m, a unit proportional to the number of undissociated solute molecules (or,
alternatively, to the number of ions) per 1,000 grams of solvent. The number of molecules or ions in 1,000
grams of solvent usually is very large, so molality is defined as the number of moles per 1,000 grams of solvent.

Formality

Many compounds do not exist in molecular form, either as pure substances or in their solutions. The particles
that make up sodium chloride (NaCl), for example, are sodium ions (Na+) and chloride ions (CI'), and, although
equal numbers of these two ions are present in any sample of sodium chloride, no Na* ion is associated with a

particular CI" ion to form a neutral molecule having the composition implied by the formula. Therefore, even
though the compositions of such compounds are well defined, it would be erroneous to express concentrations
of their solutions in terms of molecular weights. A useful concept in cases of this kind is that of the formula
weight, defined as the sum of the weights of the atoms in the formula of the compound; thus, the formula
weight of sodium chloride is the sum of the atomic weights of sodium and chlorine, 23 plus 35.5, or 58.5, and a
solution containing 58.5 grams of sodium chloride per litre is said to have a concentration of one formal, or 1 F.

Mole fraction and mole percentage

It often is useful to express the composition of nonelectrolyte solutions in terms of mole fraction or mole

percentage. In a binary mixture—i.e., a mixture of two components, 1 and 2—there are two mole fractions, X;

and Xo» which satisfy the relation x; +x, =1 The mole fraction X is the fraction of molecules of species 1 in

the solution, and Xy is the fraction of molecules of species 2 in the solution. (Mole percentage is the mole

fraction multiplied by 100.)
Volume fraction

The composition of a nonelectrolyte solution containing very large molecules, known as polymers, is most
conveniently expressed by the volume fraction (®)—i.e., the volume of polymer used to prepare the solution
divided by the sum of that volume of polymer and the volume of the solvent.

Equilibrium properties

A quantitative description of liquid-solution properties when the system is in equilibrium is provided by relating
the vapour pressure of the solution to its composition. The vapour pressure of a liquid, pure or mixed, is the
pressure exerted by those molecules that escape from the liquid to form a separate vapour phase above the
liquid. If a quantity of liquid is placed in an evacuated, closed container the volume of which is slightly larger
than that of the liquid, most of the container is filled with the liquid, but, immediately above the liquid surface, a
vapour phase forms, consisting of molecules that have passed through the liquid surface from liquid to gas; the
pressure exerted by that vapour phase is called the vapour (or saturation) pressure. For a pure liquid, this
pressure depends only on the temperature, the best-known example being the normal boiling point, which is
that temperature at which the vapour pressure is equal to the pressure of the atmosphere. The vapour pressure
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is one atmosphere at 100° C for water, at 78.5° C for ethyl alcohol, and at 125.7° C for octane. In a liquid
solution, the component with the higher vapour pressure is called the light component, and that with the lower
vapour pressure is called the heavy component.

In a liquid mixture, the vapour pressure depends not only on the temperature but also on the composition, and
the key problem in understanding the properties of solutions lies in determining this composition dependence.
The simplest approximation is to assume that, at constant temperature, the vapour pressure of a solution is a
linear function of its composition (i.e., as one increases, so does the other in such proportion that, when the
values are plotted, the resulting graph is a straight line). A mixture following this approximation is called an ideal

solution.
Fugacity

In a pure liquid, the vapour generated by its escaping molecules necessarily has the same composition as that of
the liquid. In a mixture, however, the composition of the vapour is not the same as that of the liquid; the vapour
is richer in that component whose molecules have greater tendency to escape from the liquid phase. This
tendency is measured by fugacity, a term derived from the Latin fugere (“to escape, to fly away”). The fugacity
of a component in a mixture is (essentially) the pressure that the component exerts in the vapour phase when
the vapour is in equilibrium with the liquid mixture. (A state of equilibrium is attained when all the properties
remain constant in time and there is no net transfer of energy or matter between the vapour and the liquid.) If
the vapour phase can be considered to be an ideal gas (i.e., the molecules in the gas phase are assumed to act
independently and without any influence on each other), then the fugacity of a component, j, is equal to its
partial pressure, which is defined as the product of the total vapour pressure, P, and the vapour-phase mole
fraction, Y; Assuming ideal gas behaviour for the vapour phase, the fugacity (y,.P) equals the product of the

liquid-phase mole fraction, Xy the vapour pressure of pure liquid at the same temperature as that of the mixture,
P,.°, and the activity coefficient, Y The real concentration of a substance may not be an accurate measure of its

effectiveness, because of physical and chemical interactions, in which case an effective concentration must be
used, called the activity. The activity is given by the product of the mole fraction X; and the activity coefficient 17

The equation is:
¥ F =y B (4

Raoult’s law

In a real solution, the activity coefficient, Yy depends on both temperature and composition, but, in an ideal
solution, Y equals 1 for all components in the mixture. For an ideal binary mixture then, the above equation
becomes, for components 1 and 2, ylP = x1P1° and y2P = x2P2°, respectively. Upon adding these equations—
recalling that X+ X, = 1 and Yity,= 1—the total pressure, P, is shown to be expressed by the equation P = x

1P1 + x2P2 = xl[P1 - P2 1+ P.°, which is a linear function of Xy

Assuming V1=V, = 1, equations for ylP and y2P express what is commonly known as Raoult’s law, which states

that at constant temperature the partial pressure of a component in a liquid mixture is proportional to its mole
fraction in that mixture (i.e., each component exerts a pressure that depends directly on the number of its
molecules present). It is unfortunate that the word law is associated with this relation, because only very few
mixtures behave according to the equations for ideal binary mixtures. In most cases the activity coefficient, Yy is
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not equal to unity. When Y; is greater than 1, there are positive deviations from Raoult’s law; when Y; is less than

1, there are negative deviations from Raoult’s law.
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Figure 3: Total pressure and partial pressures for the system benzene-carbon disulfide at 25° C (see text).

Encyclopeedia Britannica, Inc.

An example of a binary system that exhibits positive deviations from Raoult’s law is represented in Figure 3, the
partial pressures and the total pressure being related to the liquid-phase composition; if Raoult’s law were valid,
all the lines would be straight, as indicated by the dashed lines. As a practical result of these relationships, it is
often possible by a series of repeated vaporizations and condensations to separate a liquid mixture into its
components, a sequence of steps called fractional distillation.

When the vapour in equilibrium with a liquid mixture has a composition identical to that of the liquid, the mixture
is called an azeotrope. It is not possible to separate an azeotropic mixture by fractional distillation because no
change in composition is achieved by a series of vaporizations and condensations. Azeotropic mixtures are
common. At the azeotropic composition, the total pressure (at constant temperature) is always either a
maximum or a minimum with respect to composition, and the boiling temperature (at constant pressure) is
always either a minimum or a maximum temperature.

Partial miscibility

Only pairs of liquids that are completely miscible have been considered so far. Many pairs of liquids, however,
are only partially miscible in one another, the degree of miscibility often depending strongly on temperature. In
most cases, rising temperature produces enhanced solubility, but this is not always so. For example, at 50° C the
solubility (weight percent) of n-butyl alcohol in water is 6.5 percent, whereas that of water in n-butyl alcohol is
22.4 percent. At 127° C, the upper consolute temperature, complete miscibility is attained: above 127° C the
two liquids mix in all proportions, but below 127° C they show a miscibility gap. Thus, if n-butyl alcohol is added
to water at 50° C, there is only one liquid phase until 6.5 weight percent of the mixture is alcohol; when more
alcohol is added, a second liquid phase appears the composition of which is 22.4 weight percent water. When
sufficient alcohol is present to make the overall composition 77.6 weight percent alcohol, the first phase

© 2020 Encyclopaedia Britannica, Inc. 18 of 52



Britannica LaunchPacks | Solutions

disappears, and only one liquid phase remains. A qualitatively different example is the system water-
triethylamine, which has a lower consolute temperature at 17° C. Below 17° C the two liquids are completely
miscible, but at higher temperatures they are only partially miscible. Finally, it is possible, although rare, for a
binary system to exhibit both upper and lower consolute temperatures. Above 128° C and below 49° C butyl
glycol and water are completely miscible, but between these temperatures they do not mix in all proportions.

Colligative properties

Colligative properties depend only on the concentration of the solute, not on the identity of the solute molecules.
The concept of an ideal solution, as expressed by Raoult’'s law, was already well-known during the last quarter of
the 19th century, and it provided the early physical chemists with a powerful technique for measuring molecular
weights. (Reliable measurements of molecular weights, in turn, provided important evidence for the modern
atomic and molecular theory of matter.)

Rise in boiling point

It was observed that, whenever one component in a binary solution is present in large excess, the partial
pressure of that component is correctly predicted by Raoult’s law, even though the solution may exhibit
departures from ideal behaviour in other respects. When Raoult’s law is applied to the solvent of a very dilute
solution containing a nonvolatile solute, it is possible to calculate the mole fraction of the solute from an
experimental determination of the rise in boiling point that results when the solute is dissolved in the solvent.
Since the separate weights of solute and solvent are readily measured, the procedure provides a simple
experimental method for the determination of molecular weight. If a weighed amount of a nonvolatile substance,
W, is dissolved in a weighed amount of a solvent, wy, at constant pressure, the increase in the boiling

temperature, ATbl, the gas constant, R (derived from the gas laws), the heat of vaporization of the pure solvent

per unit weight, llvap, and the boiling temperature of pure solvent, Tbl' are related in a simple product of ratios

equal to the molecular weight of the solute, Mz' The equation is:

RT? W 1
My = | | [ = —) 5
i ne (Wl) (E‘-T&l )

The essence of this technique follows from the observation that, in a dilute solution of a nonvolatile solute, the
rise in boiling point is proportional to the number of solute molecules, regardless of their size and mass.

Decrease in freezing point

Another colligative property of solutions is the decrease in the freezing temperature of a solvent that is observed
when a small amount of solute is dissolved in that solvent. By reasoning similar to that leading to equation (5),
the freezing-point depression, ATf, the freezing temperature of pure solvent, Tfl, the heat of fusion (also called

fusion
/1

the heat of melting) of pure solvent per unit weight, , and the weights of solute and solvent in the

solution, w, and Wy, respectively, are so related as to equal the molecular weight of solute, M., in the equation

2
= () (w2 ( L (6)
e Igus:iun W A ?.-,r' ’
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A well-known practical application of freezing-point depression is provided by adding antifreeze to the cooling
water in an automobile’s radiator. Water alone freezes at 0° C, but the freezing temperature decreases
appreciably when ethylene glycol is mixed with water.

Osmotic pressure
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Figure 4: Osmotic pressure m caused by a membrane that allows A to pass but not B. A representative system could consist of water (A)
and salt (B).
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A third colligative property, osmotic pressure, helped to establish the fundamentals of modern physical
chemistry and played a particularly important role in the early days of solution theory. Osmosis is especially
important in medicine and biology, but in recent years it has also been applied industrially to problems such as
the concentration of fruit juices, the desalting of seawater, and the purification of municipal sewage. Osmosis
occurs whenever a liquid solution is in contact with a semipermeable membrane—i.e., a thin, porous wall whose
porosity is such that some, but not all, of the components in the liquid mixture can pass through the wall. A
semipermeable membrane is a selective barrier, and many such barriers are found in plants and animals.
Osmosis gives rise to what is known as osmotic pressure, as illustrated in Figure 4, which shows a container at
uniform temperature divided into two parts by a semipermeable membrane that allows only molecules of
component A to pass from the left to the right side; the selective membrane does not allow molecules of
component B to pass. Example compounds for A and B might be water and sodium chloride (table salt),
respectively. Molecules of component A are free to pass back and forth through the membrane, but, at
equilibrium, when the fugacity (escaping tendency) of A in the right-hand side is the same as that in the left-
hand side, there is no net transfer of A from one side to the other. On the left side, the presence of B molecules
lowers the fugacity of A, and, therefore, to achieve equal fugacities for A on both sides, some compensating
effect is needed on the left side. This compensating effect is an enhanced pressure, designated by mand called
osmotic pressure. At equilibrium the pressure in the left side of the container is larger than that in the right side;
the difference in pressure is r. In the simplest case, when the concentration of B is small (i.e., A is in excess), the
osmotic pressure is the product of the gas constant (R), the absolute temperature (T ), and the concentration of
B (cg) in the solution expressed in moles of B per unit volume: m = RTc,. Since the osmotic pressure for a dilute

solution is proportional to the number of solute molecules, it is a colligative property, and, as a result, osmotic-
pressure measurements are often used to determine molecular weights, especially for large molecules such as
polymers. When Wg grams of solute B are added to a large amount of solvent A at temperature T, and Vs the

volume of liquid solvent A in the left side of the container, then the molecular weight of B, MB, is given by
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For sodium chloride in water, Gy is the concentration of the ions, which is twice the concentration of the salt

owing to the dissociation of the salt (NaCl) into sodium ions (Na*) and chloride ions (CI'). Thus, for a 3.5 percent
sodium chloride solution at 25° C, mis 29 atmospheres, which is the minimum pressure at which a

desalinationreverse osmosis process can operate.

Transport properties in solutions

Pure fluids have two transport properties that are of primary importance: viscosity and thermal conductivity.
Transport properties differ from equilibrium properties in that they reflect not what happens at equilibrium but
the speed at which equilibrium is attained. In solutions these two transport properties are also important. In

addition, there is a third one, called diffusivity.
Viscosity

The viscosity of a fluid (pure or not) is a measure of its ability to resist deformation. If water is poured into a thin
vertical tube with a funnel at the top, it flows easily through the tube, but salad oil is difficult to force into the
tube. If the oil is heated, however, its flow through the tube is much facilitated. The intrinsic property that is
responsible for these phenomena is the viscosity (the “thickness”) of the fluid, a property which is often strongly
affected by temperature. All fluids (liquid or gas) exhibit viscous behaviour (i.e., all fluids resist deformation to
some degree), but the range of viscosity is enormous: the viscosity of air is extremely small, while that of glass
is essentially infinite. The viscosity of a solution depends not only on temperature but also on composition. By
varying the composition of a petroleum mixture, it is possible to attain a desired viscosity at a particular
temperature. This is precisely what the oil companies do when they sell oil to a motorist: in winter, they
recommend an oil with lower viscosity than that used in summer, because otherwise, on a cold morning, the
viscosity of the lubricating oil may be so high that the car’s battery will not be powerful enough to move the
lubricated piston.

Thermal conductivity

The thermal conductivity of a material reflects its ability to transfer heat by conduction. In practical situations
both viscosity and thermal conductivity are important, as is illustrated by the contrast between an air mattress
and a water bed. Because of its low viscosity, air yields rapidly to an imposed load, and thus the air mattress
responds quickly when someone lying on it changes position. Water, because of its higher viscosity, noticeably
resists deformation, and someone lying on a water bed experiences a caressing response whenever position is
changed. At the same time, since the thermal conductivity as well as the viscosity of water are larger than those
of air, the user of a water bed rapidly gets cold unless a heater keeps the water warm. No heater is required by

the user of an air mattress because stagnant air is inefficient in removing heat from a warm body.

Composition and temperature affect the thermal conductivity of a solution but, in typical liquid mixtures, the
effect on viscosity is much larger than that on thermal conductivity.
Diffusivity

While viscosity is concerned with the transfer of momentum and thermal conductivity with the transfer of heat,
diffusivity is concerned with the transport of molecules in a mixture. If a lump of sugar is put into a cup of coffee,
the sugar molecules travel from the surface of the lump into the coffee at a speed determined by the
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temperature and by the pertinent intermolecular forces. The characteristic property that determines this speed
is called diffusivity—i.e., the ability of a molecule to diffuse through a sea of other molecules. Diffusivities in
solids are extremely small, and those in liquids are much smaller than those in gases. For this reason, a spoon is
used to stir the coffee to speed up the motion of the sugar molecules, but, if the odour of cigarette smoke fills a
room, little effort is needed to clear the air—opening the windows for a few minutes is sufficient.

In order to define diffusivity, it is necessary to consider a binary fluid mixture in which the concentration of
solute molecules is o at position 1 and o at position 2, which is / centimetres from position 1; if o is larger than

Gy then the concentration gradient (change with respect to distance), given by (c2 - cl)/I, is a negative number,

indicating that molecules of solute spontaneously diffuse from position 1 to position 2. The number of solute
molecules that pass through an area of one square centimetre perpendicular to /, per second, is called the flux J

(expressed in molecules per second per square centimetre). The diffusivity D is given by the formula

Jg
D=
(e —en/l @

The leading minus sign is introduced because, when the gradient is positive, J is negative, and, by convention, D
is a positive number. In binary gaseous mixtures, diffusivity depends only weakly on the composition, and,
therefore, to a good approximation, the diffusivity of gas A in gas B is the same as that of gas B in gas A. In
liquid systems, however, the diffusivity of solute A in solvent B may be significantly different from that of solute
B in solvent A. In a very viscous fluid, molecules cannot rapidly move from one place to another. Therefore, in
liquid systems, the diffusivity of solute A depends strongly on the viscosity of solvent B and vice versa. While the
letter D is always used for diffusivity, viscosity is commonly given the symbol n: in many liquid solutions it is
observed that, as the composition changes (as long as the temperature remains constant), the product Dn

remains nearly the same.

Thermodynamics and intermolecular forces in solutions

The properties of solutions depend, essentially, on two characteristics: first, the manner in which the molecules
arrange themselves (that is, the geometric array in which the molecules occupy space) and, second, the nature
and strength of the forces operating between the molecules.

Energy considerations

The first characteristic is reflected primarily in the thermodynamic quantity S, called entropy, which is a measure
of disorder, and the second characteristic is reflected in the thermodynamic quantity H, called enthalpy, which is
a measure of potential energy—i.e., the energy that must be supplied to separate all the molecules from one
another. Enthalpy minus the product of the absolute temperature T and entropy equals a thermodynamic
quantity G, called Gibbs energy (also called free energy):

G=H-T5. (=)

From the second law of thermodynamics, it can be shown that, at constant temperature and pressure, any
spontaneous process is accompanied by a decrease in Gibbs energy. The change in G that results from mixing is
designated by AG, which, in turn, is related to changes in H and S at constant temperature by the equation

AG=AHF-TAL, (100
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At a fixed temperature and pressure, two substances mix spontaneously whenever AG is negative; that is,
mixing (either partial or complete) occurs whenever the Gibbs energy of the substances after mixing is less than
that before mixing.

The two characteristics that determine solution behaviour, structure and intermolecular forces, are,
unfortunately, not independent, because the structure is influenced by the intermolecular forces and because
the potential energy of the mixture depends on the structure. Only in limiting cases is it possible, on the one
hand, to calculate AS (the entropy change upon mixing) from structural considerations alone and, on the other,
to calculate AH (the enthalpy change of mixing) exclusively from relations describing intermolecular forces.
Nevertheless, such calculations have proved to be useful for establishing models that approximate solution
behaviour and that serve as guides in interpreting experimental measurements. Solutions for which structural
considerations are dominant are called athermal solutions, and those for which the effects of intermolecular
forces are more important than those of structure are called regular solutions (see belowRegular and athermal
solutions).

Effects of molecular structure

A variety of forces operate between molecules, and there is a qualitative relation between the properties of a
solution and the types of intermolecular forces that operate within it. The volume occupied by a solution is
determined primarily by repulsive forces. When two molecules are extremely close to one another, they must
necessarily exert a repulsive force on each other since two molecules of finite dimensions cannot occupy the
same space; two molecules in very close proximity resist attempts to shorten the distance between them.

At larger distances of separation, molecules may attract or repel each other depending on the sign (plus or
minus) and distribution of their electrical charge. Two ions attract one another if the charge on one is positive
and that on the other is negative; they repel when both carry charges of the same sign. Forces between ions are

called Coulomb forces and are characterized by their long range; the force (F) between two ions is inversely
proportional to the square of the distance between them; i.e., F varies as 1//’2. Noncoulombic physical forces

between molecules decay more rapidly with distance; i.e., in general F varies as 1/, n being larger than 2 for
intermolecular forces other than those between ions.

The Coulomb force (F) equals the product of the magnitude of the charge on one ion (e,) and that on the other (e

1

2) divided by the product of the distance squared (rz) and the dielectric constant (¢):
e1ex

. (11)

e

F=

If both e and e, are positive, Fis positive and the force is repulsive. If either e

L ore, is positive while the other

is negative, Fis negative and the force is attractive. Coulomb forces are dominant in electrolyte solutions.

Molecular structure and charge distribution

If a molecule has no net electrical charge, its negative charge is equal to its positive charge. The forces
experienced by such molecules depend on how the positive and negative charges are arranged in space. If the
arrangement is spherically symmetric, the molecule is said to be nonpolar; if there is an excess of positive
charge on one end of the molecule and an excess of negative charge on the other, the molecule has a dipole
moment (i.e., a measurable tendency to rotate in an electric or magnetic field) and is therefore called polar. The
dipole moment (u) is defined as the product of the magnitude of the charge, e, and the distance separating the

positive and negative charges, I: u = el. Electrical charge is measured in electrostatic units (esu), and the typical
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-10

charge at one end of a molecule is of the order of 10"~ esu; the distance between charges is of the order of 108

centimetres (cm). Dipole moments, therefore, usually are measured in debyes (one debye is 1018 esu-cm). For
nonpolar molecules, u = 0.

Polar molecules

The force F between two polar molecules is directly proportional to the product of the two dipole moments (u1
and /.12) and inversely proportional to the fourth power of the distance between them (r4): that is, F varies as My,

/r4. The equation for this relationship contains a constant of proportionality (F = kpluz/r4), the sign and

magnitude of which depend on the mutual orientation of the two dipoles; if the positive end of one faces the
negative end of the other, the constant of proportionality is negative (meaning that an attractive force exists),
while it is positive (meaning that a repulsive force exists) when the positive end of one faces the positive end of
the other. When polar molecules are free to rotate, they tend to favour those orientations that lead to attractive
forces. To a first approximation, the force (averaged over all orientations) is inversely proportional to the
temperature and to the seventh power of the distance of separation. Mixtures of polar molecules often exhibit
only mild deviations from ideality, but mixtures containing polar and nonpolar molecules are frequently strongly
nonideal. Because of the qualitative and quantitative differences in intermolecular forces, the molecules
segregate: the polar molecules prefer to be with each other, and so do the nonpolar ones. Only at higher
temperatures, such that the thermal energy of the molecules offsets the cohesion between identical molecules,
do the two liquids mix in all proportions. In mixtures containing both polar and nonpolar components, deviations
from Raoult’s law diminish as temperature rises.

Nonpolar molecules

A nonpolar molecule is one whose charge distribution is spherically symmetric when averaged over time; since
the charges oscillate, a temporary dipole moment exists at any given instant in a so-called nonpolar molecule.
These temporary dipole moments fluctuate rapidly in magnitude and direction, giving rise to intermolecular
forces of attraction called London (or dispersion) forces. All molecules, charged or not, polar or not, interact by
London forces. To a first approximation, the London force between two molecules is inversely proportional to the
seventh power of the distance of separation; it is therefore short-range, decreasing rapidly as one molecule
moves away from the other. The London theory indicates that for simple molecules positive deviations from

Raoult’s law may be expected (i.e., the activity coefficient Y is greater than 1, as explained previously). Since

the London theory suggests that the attractive forces between unlike simple molecules are smaller than those
corresponding to an ideal solution, the escaping tendency of the molecules in solution is larger than that
calculated by Raoult’s law. As a result, mixing of small nonpolar molecules is endothermic (absorbing heat from
the surroundings) and the volume occupied by the liquid solution often exceeds that of the unmixed
components—that is, the components expand on mixing.

In addition to the forces listed above, there are so-called induction forces set up when a charged or polar
molecule induces a dipole in another molecule: the electric field of the inducing molecule distorts the charge
distribution in the other. When a charged molecule induces a dipole in another, the force is always attractive and
is inversely proportional to the fifth power of the distance of separation. When a polar molecule induces a dipole
in another molecule, the force is also attractive and is inversely proportional to the seventh power of separation.
Induction forces are usually small but may make a significant contribution to the energy of a mixture of
molecules that are strongly dissimilar.
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Effects of chemical interactions

In many cases the properties of a mixture are determined primarily by forces that are more properly classified as
chemical rather than as physical. For example, when dinitrogen pentoxide is dissolved in water, a new
substance, nitric acid, is formed; and it is necessary to interpret the behaviour of such a solution in terms of its
chemical properties, which, in this case, are more important than its physical properties. This example is an
extreme one, and there are many solutions for which the chemical effect is less severe but nevertheless
dominant.

Hydrogen bonding: association

This dominance is especially important in those solutions that involve hydrogen bonding. Whenever a solution
contains molecules with an electropositive hydrogen atom and with an electronegative atom (such as nitrogen,
oxygen, sulfur, or fluorine), hydrogen bonding may occur and, when it does, the properties of the solution are
affected profoundly. Hydrogen bonds may form between identical molecules or between dissimilar molecules;

for example, methanol (CH3OH) has an electropositive (electron-attracting) hydrogen atom and also an

electronegative (electron-donating) oxygen atom, and therefore two methanol molecules may hydrogen-bond

(represented by the dashed line) singly to form the structure
H

I
CH,OH----OCH,,,

or in chains to form

|
O""'\-\.
g CH,
|
H,C—O
x“I-II
O—CH,
I—|I .
H,C—O
etz

Hydrogen bonding between identical molecules is often called association.
Hydrogen bonding: solvation

In a mixture of methanol and, say, pyridine (C5H5N), hydrogen bonds can also form between the electropositive

hydrogen atom in methanol and the electronegative nitrogen atom in pyridine. Hydrogen bonding between
dissimilar molecules is an example of a type of interaction known as solvation. Since the extent of association or
solvation or both depends on the concentrations of the solution’s components, the partial pressure of a
component is not even approximately proportional to its mole fraction as given by Raoult’s law; therefore, large
deviations from Raoult’s law are commonly observed in solutions in which hydrogen bonding is extensive.
Broadly speaking, association of one component, but not the other, tends to produce positive deviations from
Raoult’s law, because the associating component hydrogen-bonds to a smaller extent when it is surrounded by
other molecules than it does in the pure state. On the other hand, solvation between dissimilar molecules tends
to produce negative deviations from Raoult’s law.
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Theories of solutions
Activity coefficients and excess functions

As has been explained previously, when actual concentrations do not give simple linear relations for the
behaviour of a solution, activity coefficients, symbolized by y, are used in expressing deviations from Raoult’s
law. Activity coefficients are directly related to excess functions, and, in attempting to understand solution
behaviour, it is convenient to characterize nonelectrolyte solutions in terms of these functions. In particular, it is
useful to distinguish between two types of limiting behaviour: one corresponds to that of a regular solution; the
other, to that of an athermal solution (i.e., when components are mixed, no heat is generated or absorbed).

In a binary mixture with mole fractions x, and X, and activity coefficients v; and Yy these quantities can be

1
related to a thermodynamic function designated by GE, called the excess Gibbs (or free) energy. The significance

of the word excess lies in the fact that GF is the Gibbs energy of a solution in excess of what it would be if it were
ideal.

In a binary solution the two activity coefficients are not independent but are related by an exact differential
equation called the Gibbs-Duhem relation. If experimental data at constant temperature are available for y, and

y,asa function of composition, it is possible to apply this equation to check the data for thermodynamic

consistency: the data are said to be consistent only if they satisfy the Gibbs-Duhem relation. Experimental data
that do not satisfy this relation are thermodynamically inconsistent and therefore must be erroneous.

To establish a theory of solutions, it is necessary to construct a theoretical (or semitheoretical) equation for the

excess Gibbs energy as a function of absolute temperature (T) and the mole fractions x, and Xy After such an

1
equation has been established, the individual activity coefficients can readily be calculated.

Gibbs energy, by definition, consists of two parts: one part is the enthalpy, which reflects the intermolecular
forces between the molecules, which, in turn, are responsible for the heat effects that accompany the mixing
process (enthalpy is, in a general sense, a measure of the heat content of a substance); and the other part is the
entropy, which reflects the state of disorder (a measure of the random behaviour of particles) in the mixture.

The excess Gibbs energy GFis given by the equation

E= HE_ToE (12)

where HE is the excess enthalpy and sFis the excess entropy. The word excess means in excess of that which
would prevail if the solution were ideal. In the simplest case, both HE and SE are zero; in that case the solution is
ideal and y; =y, = 1. In the general case, neither HE nor SF is zero, but two types of semi-ideal solutions can be

designated: in the first, st is zero but HE is not; this is called a regular solution. In the second, HE is zero but SFis
not; this is called an athermal solution. An ideal solution is both regular and athermal.

Regular and athermal solutions

Regular solutions

The word regular implies that the molecules mix in a completely random manner, which means that there is no
segregation or preference; a given molecule chooses its neighbours with no regard for chemical identity (species
1 or 2). In a regular solution of composition X; and X the probability that the neighbour of a given molecule is

of species 1 is given by the mole fraction X1 and the probability that it is of species 2 is given by Xy

© 2020 Encyclopaedia Britannica, Inc. 26 of 52



Britannica LaunchPacks | Solutions

1 1

1 1
0 @

1 1

1 1

2002121121142 2p(2)4{2)112)1(2
232 2)112) 42 2y 12)42)(2)(2
DO @@OEC
202021 {2) 2 2i12142)020 12
2312} (2){2)12 2y(2)1{z)iz2) iz
before exchange after exchange

£ 992 Encyclopasdia Britannica, Inc.

Figure 5: Physical significance of interchange energy. The energy absorbed in the process above is 2w (see text).
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Two liquids form a solution that is approximately regular when the molecules of the two liquids do not differ
appreciably in size and there are no strong orienting forces caused by dipoles or hydrogen bonding. In that
event, the mixing process can be represented by the lattice model shown in Figure 5; the left half of the diagram
shows pure liquids 1 and 2, and the right half shows the mixture obtained when the central molecule of liquid 1
is interchanged with the central molecule of liquid 2. Before interchange, the potential energy between central

molecule 1 and one of its immediate neighbours is r11' and that between central molecule 2 and one of its

immediate neighbours is F22. After interchange, the potential energy between molecule 1 and one of its

immediate neighbours is I'._, and that between molecule 2 and one of its immediate neighbours is also Mo The

12’
change in energy that accompanies this mixing process is equal to twice the interchange energy (w), which is
equal to the potential energy after mixing less one-half the sum of the potential energies before mixing, the
whole multiplied by the number of immediate neighbours, called the coordination number (z), surrounding the
two shifted molecules:

1
W=z [l"lz - E(Fn + [‘22}] (13)

In the two-dimensional representation (Figure 5), z equals 4; but, in three dimensions, z varies between 6 and
12, depending on the lattice geometry. In this simple lattice model, the interchange process occurs without
change of volume; thus, in this particular case, the excess enthalpy is the same as the energy change upon

mixing. Assuming regular-solution behaviour (i.e., sf= 0), an equation may be derived relating Gibbs energy,
Avogadro’s number, interchange energy, and mole fractions. In principle, the interchange energy (w) may be
positive or negative, but, for simple molecules, for which only London forces of attraction are important, w is
positive. The equation obtained from the simple lattice model can be extended semiempirically to apply to
mixtures of molecules whose sizes are not nearly the same by using volume fractions instead of mole fractions
to express the effect of composition and by introducing the concept of cohesiveenergy density, which is defined
as the potential energy of a liquid divided by its volume. The adjective cohesive is well chosen because it
indicates that this energy is associated with the forces that keep the molecules close together in a condensed

state. Again restricting attention to nonpolar molecules and assuming a completely random mixture (sE=0), an
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equation may be derived that requires only pure-component properties to predict the excess Gibbs energy (and
hence the activity coefficients) of binary mixtures. Because of many simplifying assumptions, this equation does
not give consistently accurate results, but in many cases it provides good semiquantitative estimates. The form
of the equation is such that the excess Gibbs energy is larger than zero; hence, the equation is not applicable to
mixtures that have negative deviations from Raoult’s law.

Athermal solutions

In a solution in which the molecules of one component are much larger than those of the other, the assumption

that the solution is regular (i.e., that sf= 0) no longer provides a reasonable approximation even if the effect of
intermolecular forces is neglected. A large flexible molecule (e.g., a chain molecule such as polyethylene) can
attain many more configurations when it is surrounded by small molecules than it can when surrounded by other
large flexible molecules; the state of disorder in such a solution is therefore much larger than that of a regular

solution in which SE = 0. A solution of very large molecules (i.e., polymers) in an ordinary liquid solvent is
analogous to a mixture of cooked spaghetti (representing the polymers) and tomato sauce (the solvent). When
there is a large amount of sauce and relatively little spaghetti, each piece of spaghetti is free to exist in many
different shapes; this freedom, however, becomes restricted as the number of spaghetti pieces rises and the
amount of sauce available for each strand declines. The excess entropy then is determined primarily by the
freedom that the spaghetti has in the tomato sauce mixture relative to the freedom it has in the absence of

sauce.

Regular solutions and athermal solutions represent limiting cases; real solutions are neither regular nor

athermal. For real solutions it has been proposed to calculate GE by combining the equations derived separately
for regular solutions and for athermal solutions, but, in view of the restrictive and mutually inconsistent
assumptions that were made in deriving these two equations, the proposal has met with only limited success.

Associated and solvated solutions

For those solutions in which there are strong intermolecular forces due to large dipole moments, hydrogen
bonding, or complex formation, equations based on fundamental molecular theory cannot be applied, but it is
frequently useful to apply a chemical treatment—i.e., to describe the liquid mixture in terms of association and
solvation, by assuming the existence of a variety of distinct chemical species in chemical equilibrium with one
another. For example, there is much experimental evidence for association in acetic acid, in which most of the
molecules dimerize; i.e., two single acetic acid molecules, called monomers, combine to form a new molecule,
called a dimer, through hydrogen bonding. When acetic acid is dissolved in a solvent such as benzene, the
extent of dimerization of acetic acid depends on the temperature and on the total concentration of acetic acid in
the solution. The escaping tendency (vapour pressure) of a monomer is much greater than that of a dimer, and it
is thus possible to explain the variation of activity coefficient with composition for acetic acid in benzene; the
activity coefficient of acetic acid in an excess of benzene is large because, under these conditions, acetic acid is
primarily in the monomeric state, whereas pure acetic acid is almost completely dimerized. In the acetic acid-
benzene system, association of acetic acid molecules produces positive deviations from Raoult’s law.

When a solvent and a solute molecule link together with weak bonds, the process is called solvation. For
example, in the system acetone-chloroform, a hydrogen bond is formed between the hydrogen atom in
chloroform and the oxygen atom in acetone. In this case, hydrogen bonding depresses the escaping tendencies
of both components, producing negative deviations from Raoult’s law.

While hydrogen bonding is frequently encountered in solutions, there are many other examples of weak

chemical-bond formation between dissimilar molecules. The formation of such weak bonds is called complex
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formation—that is, formation of a new chemical species, called a complex, which is held together by weak forces
that are chemical in nature rather than physical. Such complexes usually exist only in solution; because of their
low stability, they cannot, in general, be isolated. The ability of molecules to form complexes has a strong effect
on solution behaviour. For example, the solubility of a sparingly soluble species can be much increased by
complex formation: the solubility of silver chloride in water is extremely small since silver chloride dissociates
only slightly to silver ion and chloride ion; however, when a small quantity of ammonia is added, solubility rises

dramatically because of the reaction of six molecules of ammonia with one silver ion to form the complex ion Ag

(NH,). ", By tying up silver ions and forcing extensive dissociation of molecular silver chloride, the ammonia

3)6
pulls silver chloride into aqueous solution.

In recent years there has been much interest in the use of computers to generate theoretical expressions for the
activity coefficients of solutions. In many cases the calculations have been restricted to model systems, in
particular to mixtures of hard-sphere (envisioned as billiard balls) molecules—i.e., idealized molecules that have
finite size but no forces of attraction. These calculations have produced a better understanding of the structure
of simple liquid solutions since the manner in which nonpolar and non-hydrogen-bonding molecules arrange
themselves in space is determined primarily by their size and shape and only secondarily by their attractive
intermolecular forces. The results obtained for hard-sphere molecules can be extended to real molecules by
applying corrections required for attractive forces and for the “softness” of the molecules—i.e., the ability of
molecules to interpenetrate (overlap) at high temperatures. While practical results are still severely limited and
while the amount of required computer calculation is large even for simple binary systems, there is good reason
to believe that advances in the theory of solution will increasingly depend on computerized, as opposed to
analytical, models.

Solutions of electrolytes

Near the end of the 19th century, the properties of electrolyte solutions were investigated extensively by the
early workers in physical chemistry. A suggestion of Svante August Arrhenius, a Swedish chemist, that salts of
strong acids and bases (for example, sodium chloride) are completely dissociated into ions when in aqueous
solution received strong support from electrical-conductivity measurements and from molecular-weight studies
(freezing-point depression, boiling-point elevation, and osmotic pressure). These studies showed that the
number of solute particles was larger than it would be if no dissociation occurred. For example, a 0.001 molal

solution of a uni-univalent electrolyte (one in which each ion has a valence, or charge, of 1, and, when

dissociated, two ions are produced) such as sodium chloride, Na*CrI', exhibits colligative properties
corresponding to a nonelectrolyte solution whose molality is 0.002; the colligative properties of a 0.001 molal

solution of a univalent-divalent electrolyte (yielding three ions) such as magnesium bromide, Mgz+Br2',

correspond to those of a nonelectrolyte solution with a molality of 0.003. At somewhat higher concentrations the
experimental data showed some inconsistencies with Arrhenius’ dissociation theory, and initially these were
ascribed to incomplete, or partial, dissociation. In the years 1920-30, however, it was shown that these
inconsistencies could be explained by electrostatic interactions (Coulomb forces) of the ions in solution. The
current view of electrolyte solutions is that, in water at normal temperatures, the salts of strong acids and strong
bases are completely dissociated into ions at all concentrations up to the solubility limit. At high concentrations
Coulombic interactions may cause the formation of ion pairs, which implies that the ions are not dispersed
uniformly in the solution but have a tendency to form two-ion aggregates in which a positive ion seeks the close
proximity of a negative ion and vice versa. While the theory of dilute electrolyte solutions is well advanced, no
adequate theory exists for concentrated electrolyte solutions primarily because of the long-range Coulomb
forces that dominate in ionic solutions.
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The equilibrium properties of electrolyte solutions can be studied experimentally by electrochemical
measurements, freezing-point depressions, solubility determinations, osmotic pressures, or measurements of
vapour pressure. Most electrolytes, such as salts, are nonvolatile at ordinary temperature, and, in that event, the
vapour pressure exerted by the solution is the same as the partial pressure of the solvent. The activity
coefficient of the solvent can, therefore, be found from total-pressure measurements, and, using the Gibbs-
Duhem equation, it is then possible to calculate the activity coefficient of the electrolyte solute. This activity
coefficient is designated by y, to indicate that it is a mean activity coefficient for the positive and negative ions.

Since it is impossible to isolate positive ions and negative ions into separate containers, it is not possible to
determine individual activity coefficients for the positive ions and for the negative ions. The mean activity
coefficient y, is so defined that it approaches a value of unity at very low molality where the ions are so far

apart that they exert negligible influence on one another. For small concentrations of electrolyte, the theory of
Peter Debye, a Dutch-born American physical chemist, and Erich Hickel, a German chemist, relates y, to the

ionic strength, which is the sum of the products of the concentration of each ion (in moles per litre) and the
square of its charge; the equation predicts that y, decreases with rising ionic strength in agreement with

experiment at very low ionic strength; at higher ionic strength, however, y_ rises, and in some cases vy, is

greater than 1. The derivation of the Debye-Huckel theory clearly shows that it is limited to low concentrations.
Many attempts have been made to extend the Debye-Hlickel equation to higher electrolyte concentrations. One
of the more successful attempts is based on the idea that the ions are solvated, which means that every ion is
surrounded by a tight-fitting shell of solvent molecules.

The concept of solvation is often used to explain properties of aqueous solutions; one well-known property is the
salting-out effect, in which the solubility of a nonelectrolyte in water is decreased when electrolyte is added. For
example, the solubility of ethyl ether in water at 25° C is 0.91 mole percent, but, in an aqueous solution
containing 15 weight percent sodium chloride, it is only 0.13 mole percent. This decrease in solubility can be
explained by postulating that some of the water molecules cannot participate in the dissolution of the ether
because they are tightly held (solvated) by sodium and chloride ions.

Electrolyte solutions have long been of interest in industry since many common inorganic chemicals are directly
obtained, or else separated, by crystallization from aqueous solution. Further, many important chemical and
metallurgical products (e.g., aluminum) are obtained or refined by electrochemical processes that occur in liquid
solution. In recent years there has been renewed interest in electrolyte solutions because of their relevance to

fuel cells as a possible source of power for automobiles.

The properties of electrolyte solutions also have large importance in physiology. Many molecules that occur in
biological systems bear electric charges; a large molecule that has a positive electric charge at one end and a
negative charge at the other is called a zwitterion. Very large molecules, such as those of proteins, may have
numerous positive and negative charges; such molecules are called polyelectrolytes. In solution, the
conformation (i.e., the three-dimensional structure) of a large, charged molecule is strongly dependent on the
ionic strength of the dissolving medium; for example, depending on the nature and concentration of salts
present in the solvent, a polyelectrolyte molecule may coagulate into a ball, it may stretch out like a rod, or it
may form a coil or helix. The conformation, in turn, is closely related to the molecule’s physiological function. As
a result, improved understanding of the properties of electrolyte solutions has direct consequences in molecular

biology and medicine.
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Solubilities of solids and gases

Since the dissolution of one substance in another can occur only if there is a decrease in the Gibbs energy, it
follows that, generally speaking, gases and solids do not dissolve in liquids as readily as do other liquids. To
understand this, the dissolution of a solid can be visualized as occurring in two steps: in the first, the pure solid is
melted at constant temperature to a pure liquid, and, in the second, that liquid is dissolved at constant
temperature in the solvent. Similarly, the dissolution of a gas can be divided at some fixed pressure into two
parts, the first corresponding to constant-temperature condensation of the pure gas to a liquid and the second to
constant-temperature mixing of that liquid with solvent. In many cases, the pure liquids (obtained by melting or
by condensation) may be hypothetical (i.e., unstable and, therefore, physically unobtainable), but usually their
properties can be estimated by reasonable extrapolations. It is found that the change in Gibbs energy
corresponding to the first step is positive and, hence, in opposition to the change needed for dissolution. For
example, at -10° C, ice is more stable than water, and, at 110° C and one atmosphere, steam is more stable
than water. Therefore, the Gibbs energy of melting ice at -10° C is positive, and the Gibbs energy of condensing
steam at one atmosphere and 110° C is also positive. For the second step, however, the change in Gibbs energy
is negative; its magnitude depends on the equilibrium composition of the mixture. Owing to the positive Gibbs
energy change that accompanies the first step, there is a barrier that makes it more difficult to dissolve solids

and gases as compared with liquids.

For gases at normal pressures, the positive Gibbs energy of condensation increases with rising temperature, but,
for solids, the positive Gibbs energy of melting decreases with rising temperature. For example, the change in
energy, AG, of condensing steam at one atmosphere is larger at 120° C than it is at 110° C, while the change in
energy of melting ice at -5° C is smaller than it is at -10° C. Thus, as temperature rises, the barrier becomes
larger for gases but lower for solids, and therefore, with few exceptions, the solubility of a solid rises while the

solubility of a gas falls as the temperature is raised.

For solids, the positive Gibbs energy “barrier” depends on the melting temperature. If the melting temperature
is much higher than the temperature of the solution, the barrier is large, shrinking to zero when the melting
temperature and solution temperature become identical.

The tables give the solubilities of some common gases and the solubility of (solid) naphthalene in a few typical
solvents. These solubilities illustrate the qualitative rule that “like dissolves like”; thus naphthalene, an aromatic
hydrocarbon, dissolves more readily in another aromatic hydrocarbon such as benzene than it does in a
chlorinated solvent such as carbon tetrachloride or in a hydrogen-bonded solvent such as methyl alcohol. By
similar reasoning, the gas methane, a paraffinic hydrocarbon, dissolves more readily in another paraffin such as
hexane than it does in water. In all three solvents, the gas hydrogen (which boils at -252.5° C) is less soluble
than nitrogen (which boils at a higher temperature, -195.8° C).

Solubilities of some gases* (mole percent)

heptane |benzene |water
hydrogen 0.069 0.026 0.0015
nitrogen 0.12 0.45 0.0012
methane 0.47 0.21 0.0024
carbon 0.77 0.97 0.0608
dioxide

*At one atmosphere partial pressure, 25 °
C.

© 2020 Encyclopaedia Britannica, Inc. 31 of 52



Britannica LaunchPacks | Solutions

Solubility of naphthalene in various solvents*

mole percent

solvent naphthalene
benzene 24.1
carbon 20.5

tetrachloride

hexane 9.0
methyl alcohol 1.8
water 0.0004

*At 20 °Celsius.

While exceptions may occur at very high pressures, the solubility of a gas in a liquid generally rises as the
pressure of that gas increases. When the pressure of the gas is much larger than the vapour pressure of the
solvent, the solubility is often proportional to the pressure. This proportionality is consistent with Henry’s law,
which states that, if the gas phase is ideal, the solubility X, of gas 2 in solvent 1 is equal to the partial pressure

(the vapour-phase mole fraction Yy times the total pressure P—i.e., y2P) divided by a temperature-dependent
constant, H2 1 (called Henry’s constant), which is determined to a large extent by the intermolecular forces
between solute 2 and solvent 1:

wF
X3 = =——, 14
2 th (14)

When the vapour pressure of solvent 1 is small compared with the total pressure, the vapour-phase mole
fraction of gas 2 is approximately one, and the solubility of the gas is proportional to the total pressure.

John M. PrausnitzBruce E. Poling

Additional Reading

A classic survey of the liquid state by a pioneer in the field is given in ).5. ROWLINSON (ed.), J.D. van der Waals: On
the Continuity of the Gaseous and Liquid States (1988), with an extensive bibliography. J.N. MURRELL and E.A.
BOUCHER, Properties of Liquids and Solutions, 2nd ed. (1994), is a short introduction to the physics and chemistry
of the liquid state. A general approach to the chemical thermodynamics of pure substances and solutions is
given in the classic text GILBERT NEWTON LEWIS and MERLE RANDALL, Thermodynamics, 2nd ed., rev. by KENNETH S.
PITZER and LEO BREWER (1961). J.S. ROWLINSON and F.L. SWINTON, Liquids and Liquid Mixtures, 3rd ed. (1982), gives a
thorough treatment of the physics of fluids and of the statistical mechanics of the equilibrium properties of
simple pure liquids and liquid mixtures; the work also contains a data bibliography and is primarily for research-
oriented readers.

More-specialized books include JOHN P. 0O’'CONNELL, JOHN M. PRAUSNITZ, and BRUCE E. POLING, The Properties of Gases
and Liquids, 5th ed. (2001), which focuses on the vapour-liquid transition and evaluates techniques for
estimating and correlating properties of gases and liquids, as well as tabulating the properties of 600
compounds; and JOHN M. PRAUSNITZ, RUEDIGER N. LICHTENTHALER, and EDMUNDO GOMES DE AZEVEDO, Molecular
Thermodynamics of Fluid-Phase Equilibria, 3rd ed. (1998), which is written from a chemical-engineering point of

view.
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Those interested in the properties of water from the physical and chemical standpoint, and in terms of biological
function, will find accessible introductory descriptions in SIDNEY PERKOWITZ, “The Rarest Element,” The Sciences,
39:(1): 34-38 (Jan./Feb. 1999); and MARK W. DENNY, Air and Water: The Biology and Physics of Life’s Media (1993).
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"Liquid." Britannica LaunchPacks: Solutions, Encyclopaedia Britannica, 25 Mar. 2025. packs.eb.com. Accessed 4
May. 2025.

While every effort has been made to follow citation style rules, there may be some discrepancies. Please refer to
the appropriate style manual or other sources if you have any questions.

| mamce
salt (NaCl)

sodium chloride, mineral substance of great importance to human and animal health, as well as to industry. The
mineral form halite, or rock salt, is sometimes called common salt to distinguish it from a class of chemical

compounds called salts.

Salt crystal magnified.

© Holcy—iStock/Getty Images

Properties of Salt

Mame of compound

sodium chloride

Chemical formula

MaCl

Formula weight

55.443

Colour

colourless of white when pure; eoloured splotches

(e.g., blue, purple) when impure

Lustre

vitreous

Physical form

transparent to translucent cubic

crystals; also powder or granules

Mohs hardness 2l

Densityat 0" C (32" F) 2.17 glem®

Melting point 801° C(1,474" F)

Beiling point 1,465 C (2,662 F)

Solubility water (5)*; glycercl (s); alechol (ss)f;
hydrochloric acid (i)f

* (5) = soluble; T (s5) = slightly soluble; § (i) = inscluble

Properties of common salt are shown in the table. Salt is essential to the health of both people and animals.
Table salt, used universally as a seasoning, is fine-grained and of high purity. To ensure that this hygroscopic (i.
e., water-attracting) substance will remain free-flowing when exposed to the atmosphere, small quantities of
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sodium aluminosilicate, tricalcium phosphate, or magnesium silicate are added. lodized salt—that is, salt to
which small quantities of potassium iodide have been added—is widely used in areas where iodine is lacking
from the diet, a deficiency that can cause swelling of the thyroid gland, commonly called goitre. Livestock also
require salt; it is often made available in solid blocks.

The meat-packing, sausage-making, fish-curing, and food-processing industries use salt as a preservative or
seasoning or both. It is employed for curing and preserving hides and as a brine for refrigeration.

In the chemical industry, salt is required in the manufacture of sodium bicarbonate (baking soda), sodium
hydroxide (caustic soda), hydrochloric acid, chlorine, and many other chemicals. Salt is also employed in soap,

glaze, and porcelain enamel manufacture and enters into metallurgical processes as a flux (a substance

promoting fusing of metals).

An explanation of how salt is used in the winter to melt ice on roadways.

© American Chemical Society

When applied to snow or ice, salt lowers the melting point of the mixture. Thus, large amounts are used in
northern climates to help rid thoroughfares of accumulated snow and ice. Salt is used in water-softening
equipment that removes calcium and magnesium compounds from water.

History of use

In some parts of the Western Hemisphere and in India, the use of salt was introduced by Europeans, but in parts
of central Africa it is still a luxury available only to the rich. Where people live mainly on milk and raw or roasted
meat (so that its natural salts are not lost), sodium chloride supplements are unnecessary; nomads with their
flocks of sheep or herds of cattle, for example, never eat salt with their food. On the other hand, people who live
mostly on cereal, vegetable, or boiled meat diets require supplements of salt.

The habitual use of salt is intimately connected with the advance from nomadic to agricultural life, a step in
civilization that profoundly influenced the rituals and cults of almost all ancient nations. The gods were
worshipped as the givers of the kindly fruits of the earth, and salt was usually included in sacrificial offerings
consisting wholly or partly of cereal elements. Such offerings were prevalent among the Greeks and Romans and
among a number of the Semitic peoples.

Covenants were ordinarily made over a sacrificial meal, in which salt was a necessary element. The preservative
qualities of salt made it a peculiarly fitting symbol of an enduring compact, sealing it with an obligation to
fidelity. The word salt thus acquired connotations of high esteem and honour in ancient and modern languages.
Examples include the Arab avowal “There is salt between us,” the Hebrew expression “to eat the salt of the
palace,” and the modern Persian phrase namak haram, “untrue to salt” (i.e., disloyal or ungrateful). In English
the term “salt of the earth” describes a person held in high esteem.
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Salt contributes greatly to our knowledge of the ancient highways of commerce. One of the oldest roads in Italy
is the Via Salaria (Salt Route) over which Roman salt from Ostia was carried into other parts of Italy. Herodotus
tells of a caravan route that united the salt oases of the Libyan Desert. The ancient trade between the Aegean
and the Black Sea coast of southern Russia was largely dependent on the salt pans (ponds for evaporating
seawater to obtain salt) at the mouth of the Dnieper River and on the salt fish brought from this district.

China, the United States, India, Germany, Canada, and Australia are the world’s largest salt producers in the
early 21st century.

Frank Osborne Wood

Occurrence

Seawater

An explanation of why seawater is salty.

Contunico © ZDF Studios GmbH, Mainz

Though the material that gives seawater its salty flavour is composed of many substances, sodium chloride, or
common salt, is by far the predominant compound. On the assumption that 1 gallon (about 4 litres) of seawater
contains 0.231 pound (about 105 grams) of salt and that rock salt on the average is 2.17 times as dense as
water, it has been estimated that if the oceans of the world were completely dried up, they would yield at least
4.5 million cubic miles of rock salt, or about 14.5 times the bulk of the entire continent of Europe above the high-
water mark.

Aquarius

Aug. 25-Sepl. 11, 2011

The first map of ocean salinity taken by the Aquarius/SAC-D spacecraft, August-September 2011.
GSFC—JPL-Caltech/NASA

Seawater contains on the average about 3 percent salt, although the actual concentration varies from about 1
percent (in the polar seas) to 5 percent. Enclosed waters such as the Mediterranean and Red seas contain a
higher proportion of salt than does the open ocean at the same latitude. Irrespective of the source of the
seawater, salt obtained by the evaporation of seawater has the following composition: sodium chloride 77.76
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percent, magnesium chloride 10.88 percent, magnesium sulfate 4.74 percent, calcium sulfate 3.60 percent,
potassium chloride 2.46 percent, magnesium bromide 0.22 percent, and calcium carbonate 0.34 percent.

Natural brines

Brine is water containing a high concentration of salt. Natural brines of commercial importance are found in the
Dead Sea as well as in Austria, France, Germany, India, the United States, and the United Kingdom. Salt in brines
is nearly always accompanied by chlorides and sulfates of potassium, calcium, and magnesium; carbonates and
the elementbromine often are present as well.

T —— s

e . A F TN
Salt deposits on the southwestern shore of the Dead Sea near Masada, Israel.

Z. Radovan, Jerusalem

The Dead Sea, which covers an area of 1,020 square km (394 square miles), contains approximately
12,650,000,000 tons of salt. The Jordan River, which contains only 35 parts of salt per 100,000 parts of water,
adds 850,000 tons of salt to this total each year.

The concentration of salts in the Dead Sea varies from 270 to 300 parts per thousand to a depth of 40 metres
(130 feet); it increases gradually from 40 to 100 metres (130 to 330) feet and remains a fairly constant 332
parts per thousand below 100 metres. Dead Sea water is relatively free from sulfates and has a high proportion
of potassium and bromine. Because atmospheric conditions favour evaporation by sunlight (solar evaporation)
for about eight months of the year, the production of salt, potassium, and bromine is feasible in the Dead Sea
area. The process used for recovery of salt and potash is similar to that described below under Salt manufacture.
The Indian brines at Kharaghoda resemble seawater in the character of their dissolved salts but are much more
concentrated and in some cases virtually saturated; that is, they have dissolved all the salt they can.

Certain natural brines occurring in the United Kingdom and the United States are of special interest because
they contain salts, such as the chlorides of barium and strontium, that are not usually found in brines. Special
processing methods are required to produce salt from such brines. In Britain these unusual brines are found at
great depths during test drillings for petroleum, while in the United States such brines occur in deep wells in
several places.

Frank Osborne WoodRobert H. Ralston

Rock salt

Rock salt is crystalline sodium chloride, called halite by mineralogists. It occurs widely in the form of rock masses
and beds and is abundant in rocks from all geologic periods. Because of its great solubility in water, it occurs
under extremely thick cover in humid regions but lies close to the surface in arid regions.
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All major rock salt deposits originated from the evaporation of seawater at some time during the geologic past.
Approximately 78 percent of the mineral matter in normal seawater is sodium chloride. Upon evaporation of
about nine-tenths of the volume of seawater, rock salt is precipitated. Calcium sulfate (gypsum and anhydrite)
and potassium and magnesium salts also are precipitated. Deposits are found in beds from a few feet to many
hundreds of feet thick. The ages of these beds range through much of geologic time. Because evaporation of a
large quantity of seawater leaves only a small amount of salt, it is theorized that many extremely thick rock salt
beds were deposited in partly enclosed arms of the seas in which evaporation was greater than the inflow of salt
water. A barrier on the seafloor at the entrance to the basin prevented the outflow of the concentrated saline
water.

Such bedded salt deposits occur in the Punjab Salt Range in Pakistan and in Iran; however, these deposits have

been little exploited. Similar deposits in the United States and Canada are worked extensively for both industrial
and domestic use. Other important salt deposits, usually classified by the age of the surrounding rock, are found
in Germany, Nova Scotia, the sub-Carpathian region extending from Poland through Hungary and Romania, and

the province of Sichuan in China, where salt wells have been in existence for more than 2,000 years.

Another economically important type of rock salt deposit is the salt domes, which were formed when earth
pressure forced up plugs of rock salt measuring approximately a mile across. The domes appear to result from
pressure, which pushes the salt up through the rocks from depths as great as 50,000 feet (15,000 metres). Many
domes occur at shallow depths and are extensively mined. Domes in the sub-Carpathian region of Europe have
been worked since ancient times. The North German Plain has many extensively mined domes, which are
thought to have originated below 6,000 feet; domes also are abundant along the U.S. Gulf Coast. Rock salt may
be obtained from domes by the usual mining methods or by drilling wells into the salt strata and pumping water
down to dissolve the salt; the brine is then returned to the surface, where it is processed like natural brine.

Frank Osborne WoodJohn M. HillsRobert H. Ralston

Salt manufacture

At one time almost all the salt used in commerce was produced from the evaporation of seawater, and sea salt
still is a staple commodity in many maritime countries, especially where the climate is dry and the summer is
long. Commercial salt is manufactured from rock salt, as well as from seawater and other natural and artificial
brines. Most of the artificial brines are obtained by pumping water into underground salt beds. A considerable

amount of brine itself is used directly in industrial countries.

Manufacture from rock salt

The beds of rock salt are mined or quarried by the usual excavation methods, depending on the depths and
thicknesses of the deposits and on local conditions. The mined rock salt sometimes is dissolved and the salt
manufactured by treatment of the brine, as described below. The method affords opportunities for purification of
the salt. When the rock salt is of a high degree of purity, as in Poland and the United States, the salt may be
ground, screened, and marketed without further processing. The salt is mined in large lumps that are first
crushed, then more finely ground and screened by size into various grades; the salt is then bulk-loaded into
trucks, hoppers, or barges or loaded into bags for further handling. Bulk handling has been greatly facilitated by
the use of anticaking agents which allow the salt to be stored uncovered and outdoors without becoming a hard
mass again.
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Manufacture from seawater and brines

Only a certain quantity of salt will dissolve in water at any given temperature. Once the solution contains as
much salt as it can hold, it is said to be saturated; any further additions of salt will not dissolve.

Evaporation is the reverse of this process. When an aqueous solution of several salts (seawater, for example) is
evaporated, each of the salts precipitates as it reaches its point of saturation in the solution. Thus, the different
salts in seawater will precipitate at different times, forming layers on the bottom of the evaporating pond. For
seawater and many brines, the order of deposition is calcium carbonate, calcium sulfate, sodium chloride,
magnesium sulfate, potassium magnesium chloride, and magnesium chloride.

Solar evaporation

Salt drying on red clay. The salt was evaporated from seawater in the town of Guérande in the Brittany region of France. Salt has been
produced in Guérande since the 16th century.

© Photocomptoir/Fotolia

In maritime countries where there is a negative evaporation rate—i.e., the amount of water evaporating exceeds
the amount of rainfall by at least 75 cm (about 30 inches)—salt is produced by solar evaporation from seawater.
The processes used are similar in general principle from country to country, but details of equipment vary from
sophisticated in the United States to quite primitive in developing nations.

A preliminary concentration is usually accomplished by allowing the seawater to flow through a series of gates
constructed of wood or a combination of wood and concrete into a series of shallow ponds separated by dikes. In
these ponds the solution is concentrated to a specific gravity of about 1.22; this means that a given volume of
brine is 1.22 times as dense as a given volume of pure water. At this stage, suspended impurities such as sand,
clay, and the less soluble salts such as calcium carbonate, or chalk, and calcium sulfate are removed. Solar
evaporation of the Dead Sea water is hastened by adding dye to the water. The dye permits more heat to be
absorbed from sunlight in thinner layers of brine so that shallow ponds may be used and the penetration of brine
into the ground is reduced.

Once it has been concentrated, the brine is run through a series of crystallizing pans, usually four in number,
where the salt is deposited as evaporation proceeds. In the first crystallizing pan, the brine is concentrated to a
specific gravity of 1.23 and remains partly contaminated with calcium sulfate. The specific gravity of the solution
in the pan increases slowly during crystallization of the salt, reaching 1.24 in the second pan. In the third pan the
specific gravity of the solution reaches 1.25, and the salt deposited there contains small amounts of magnesium
sulfate as an impurity. The final solution, termed bitterns, has a specific gravity of 1.25-1.26 and is used in some
countries (United States and Israel) in the manufacture of potash, bromine, epsom salts (magnesium sulfate),
and magnesium chloride.
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In developing countries the salt in each crystallizing pan is raked into rows, where it is allowed to drain for
several days. After that it is collected into heaps, drained again, lifted from the pans, and finally dried. In
industrial countries the salt is harvested mechanically and washed with saturated brine. It is then dewatered,
washed with fresh water, and stored for further processing or direct sale.

Use of artificial heat

In areas where bedded deposits can be solution-mined, evaporated salt is recovered from these solutions with
artificial heat. Some evaporated salt also is made from natural brine or solar salt. Formerly, brine was
concentrated in open pans over fire. More recently, steam-jacketed vessels have been used. The largest amount
of salt produced in the colder climates is rock salt. The largest amount of evaporated salt is produced by
multiple-effect vacuum evaporators, and an important quantity is made in so-called open crystallizers or grainers
that produce a type of crystal preferred for use in some of the food industries. The brine, natural or artificial, is
first pumped into settling tanks, where calcium and magnesium compounds may be removed by chemical
treatment. In grainer operations the settled and filtered brine is delivered to the grainer, a long open trough
heated with steam coils. The brine is fed into the grainer at approximately the same rate at which evaporation is
taking place and at a temperature only slightly below that of the brine in the grainer. The residue of brine, or
bitterns, may be removed continuously, once a day, or less often. Evaporation occurs at the surface of the liquid,
and the crystals originate there. They remain at the surface, held up by the surface tension of the brine. The
crystal grows at the top edges, becoming a small inverted hollow pyramid, or hopper. Eventually the hopper
sinks and ceases to grow. When the crystals are recovered, the salt is largely in the form of flakes, hence the
name flake salt.

When multiple-effect evaporators are used, the vacuum in each vessel is adjusted so that the vapour from the
first vessel is hot enough to boil the brine in the second, the vapour from the second supplying the heat to
operate the third vessel or effect. The brine is usually sent through the stages or effects in succession, although
in the case of salt manufacture fresh brine may be fed to each stage if desired. With open pans, 4,500 to 5,400
kg (10,000 to 12,000 pounds) of steam are required to produce 900 kg (1 ton) of salt. With triple-effect
evaporation, 630 kg (1,400 pounds) of steam produce 1 ton of salt.

The Alberger process is partially a vacuum-pan and partially a grainer operation in which cubic crystals are
formed in the solution fed to the grainer pans by a partial vacuum-pan evaporation. These seed crystals in the
grainer produce a salt that is a mixture of the grainer-type flake and the flake grown on seed crystals. About
1,360 kg (3,000 pounds) of steam are required to produce one ton of salt. Salt from the Alberger process is
centrifuged (spun) from the brine and then dried. Table salt may have small amounts of aluminum calcium
silicate, calcium silicate, magnesium silicate, tricalcium silicate, magnesium carbonate, or tricalcium phosphate
added to keep it free-flowing. lodized salt has potassium iodide added. In some countries yellow prussiate of
soda, to prevent caking, is added in minute amounts as regulated by the government.

Frank Osborne WoodRobert H. Ralston

Additional Reading
Geology

A factual survey of salt deposits of the world by country is given in STANLEY ). LEFOND, Handbook of World
Salt Resources (1969). An authoritative work on the deposition and geologic history of salt deposits is
HERMANN BORCHERT and RICHARD MUIR, Salt Deposits: The Origin, Metamorphism, and Deformation of
Evaporites (1964; originally published in German, 1959). Additional geologic information may be found in
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I. LERCHE and J.J. O’'BRIEN (eds.), Dynamical Geology of Salt and Related Structures (1987). A good source for
statistics on salt production and markets is the section on salt in the Minerals Yearbook, prepared by the u.
S. BUREAU OF MINES.

Technology

D.W. KAUFMANN (ed.), Sodium Chloride: The Production and Properties of Salt and Brine (1960, reissued
1978), is a technical reference. Salt geology, geochemistry, mining, rock mechanics, solution mining,
underground storage, and other topics are treated in highly technical fashion in a series of proceedings
papers: A.C. BERSTICKER (ed.), Symposium on Salt (1963); JON L. RAU (ed.), Second Symposium on Salt, 2 vol.
(1966); JON L. RAU and LOUIS F. DELLWIG (eds.), Third Symposium on Salt, 2 vol. (1970); ALAN H. COOGAN (ed.),
Fourth Symposium on Salt, 2 vol. (1974); ALAN H. COOGAN and LUKAS HAUBER (eds.), Fifth Symposium on Salt
, 2 vol. (1980); B. CHARLOTTE SCHREIBER and H. LINCOLN HARNER (eds.), Sixth International Symposium on Salt,
2 vol. (1985); and HIDETAKE KAKIHANAet al. (eds.), Seventh Symposium on Salt, 2 vol. (1993). DENNIS S.
KOSTICK, “Salt,” in DONALD D. CARR (ed.), Industrial Minerals and Rocks, 6th ed. (1994), pp. 851-868,
provides an overview of geology, technology, uses, economic factors, and environmental and health

considerations.

History

The use and importance of salt is chronicled by GARNETT LAIDLOW ESKEW, Salt, the Fifth Element: The Story

of a Basic American Industry (1948); ROBERT P. MULTHAUF, Neptune’s Gift: A History of Common Salt (1978),
discussing both naturally occurring and chemically produced salt; and S.A.M. ADSHEAD, Salt and Civilization
(1992), treating production and distribution from primitive to modern times as well as government

involvement and taxation.
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EERTCEEE
solubility

degree to which a substance dissolves in a solvent to make a solution (usually expressed as grams of solute per
litre of solvent). Solubility of one fluid (liquid or gas) in another may be complete (totally miscible; e.g., methanol
and water) or partial (oil and water dissolve only slightly). In general, “like dissolves like” (e.g., aromatic
hydrocarbons dissolve in each other but not in water). Some separation methods (absorption, extraction) rely on
differences in solubility, expressed as the distribution coefficient (ratio of a material’s solubilities in two
solvents). Generally, solubilities of solids in liquids increase with temperature and those of gases decrease with
temperature and increase with pressure. A solution in which no more solute can be dissolved at a given
temperature and pressure is said to be saturated (seesaturation). See also)oel Hildebrand.
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The chemistry of graffiti removal.

© American Chemical Society
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B
solvent

substance, ordinarily a liquid, in which other materials dissolve to form a solution. Polar solvents (e.g., water)
favour formation of ions; nonpolar ones (e.g., hydrocarbons) do not. Solvents may be predominantly acidic,
predominantly basic, amphoteric (both), or aprotic (neither). Organic compounds used as solvents include
aromatic compounds and other hydrocarbons, alcohols, esters, ethers, ketones, amines, and nitrated and
halogenated hydrocarbons. Their chief uses are as media for chemical syntheses, as industrial cleaners, in

extractive processes, in pharmaceuticals, in inks, and in paints, varnishes, and lacquers.

The Editors of Encyclopaedia Britannica

Citation (MLA style):

"Solvent." Britannica LaunchPacks: Solutions, Encyclopaedia Britannica, 6 Mar. 2019. packs.eb.com. Accessed 4
May. 2025.

While every effort has been made to follow citation style rules, there may be some discrepancies. Please refer to
the appropriate style manual or other sources if you have any questions.

© 2020 Encyclopeedia Britannica, Inc. 41 of 52



Britannica LaunchPacks | Solutions

crystal bonding
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Different types of bonding in crystals.
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ionic bond: sodium chloride, or table salt

ionic bond

8 Encyclopeedia Britannica, Inc.

lonic bonding in sodium chloride. An atom of sodium (Na) donates one of its electrons to an atom of chlorine (Cl)

in a chemical reaction, and the resulting positive ion (Na+) and negative ion (Cl™) form a stable ionic compound
(sodium chloride; common table salt) based on this ionic bond.
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Dead Sea

Britannica Note:

Seawater is a solution composed of water (96.5%) and salts (2.5%), along with smaller
amounts of other substances.
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Salt deposits at the Dead Sea near Masada, Israel.

© Kavram/Shutterstock.com
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How different solutions conduct electricity

Video Transcript

It's easy to tell whether a solution has ions. All we need for this test are: a volt-ohm meter, two glass beakers,
pure water, sugar and salt. Let's set the meter to read resistance in ohms. When electricity passes between the
two wire probes, the circuit is complete and the meter records a low resistance. When the circuit is open, the
meter says the resistance is very high. Next, we'll pour pure water into both beakers. When the probes go into
one of the beakers, the resistance is still quite high. Here we see over 900,000 ohms of resistance in this small
sample of water. Pure water is not a good conductor. Now let's add common salt to the water. Salt is sodium
chloride. In salt, each atom of sodium is bonded to an atom of chlorine. But here's how it works: the sodium
atom donates an electron to the chlorine atom, so that the sodium atom has a slight positive charge and the
chlorine has a slight negative charge. This is called an ionic bond. When the sodium chloride dissolves in water,
the sodium atoms and chlorine atoms separate under the influence of the water molecules. They're free to move
around in the water as positively and negatively charged ions. This separation of charge allows the solution to
conduct electricity. In this sample of salt water, the meter reads less than 80,000 ohms of resistance. Salt water
is much more conductive than pure water. But is this true of every water solution? Let's try dissolving sugar in
the other beaker. Sugar is made of carbon, hydrogen, and oxygen held together by covalent bonds: the atoms
share electrons among each other within the molecule. They don't donate electrons, so they don't acquire
positive and negative charges. So when this substance dissolves, it won't break apart into ions. Sure enough,
when we dip the probes into the sugar water, the meter shows a relatively high resistance. This solution is not a
good conductor of electric current. It's clear to see, if substances with covalent bonds are dissolved in water, the
solution conducts electricity poorly. But if the solution contains ions like sodium and chlorine, current flows much

more freely. Scientists call these conductive materials electrolytes.

Conducting electric current in a solution of electrolytes.
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Which has a lower freezing point, salt water or
fresh water?

Video Transcript

Water is something we readily use without thinking twice. Yet being wet isn't a characteristic intrinsic to all
forms of water. At zero degrees centigrade, for example, water begins to freeze. In the University College
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London, chemist Andrea Celler conducts an experiment to explain to us why salt water behaves vary differently
than fresh water. Celler commences with a bowl of ice cubes. The thermometer reads zero degrees. This is both
the freezing point of water and the melting point of ice. At zero degrees, water and ice are in a state of
thermodynamic equilibrium. Water molecules are released from the ice, while at the same time, ice molecules
are formed from the water. Celler now adds a bit of table salt to the bowl and stirs. The temperature drops, but
look at this, the water doesn't freeze. The reason for this is tied to the sodium chloride ions in the salt water
solution, shown here as blue and red circles. These charged particles disrupt the balance of the molecules,
causing the number of water molecules that can hook onto ice molecules to decrease. Water thus freezes at a
slower rate. Scientists refer to this practice as lowering the freezing point. The Italian-born chemist adds more
and more salt to the ice. Yet the freezing can't be lowered indefinitely and eventually stabilizes at 21 degrees
below zero. The reason is that no more salt can be dissolved into the saline solution. At this point, the solution is
said to have reached the saturation point. Seawater, in contrast, has about 35 grams of salt per liter of water -
nowhere near as high a concentration of salt as our saturated solution. Nonetheless, it's still enough to have an

impact on the water's freezing point, in this case lowering it to about minus two degrees.
Learn why fresh water and seawater have different freezing points.

Contunico © ZDF Studios GmbH, Mainz; Thumbnail © Tatianatatiana/Dreamstime.com

Citation (MLA style):

Which has a lower freezing point, salt water or fresh water?. Video. Britannica LaunchPacks: Solutions,

Encyclopaedia Britannica, 23 Mar. 2025. packs.eb.com. Accessed 4 May. 2025.

While every effort has been made to follow citation style rules, there may be some discrepancies. Please refer to
the appropriate style manual or other sources if you have any questions.

The science behind making ice cream

Britannica Note:

Ice cream is a solution!
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Video Transcript

RICH HARTEL: Hi, I'm Rich Hartel. I'm a professor here in food engineering at the University of Wisconsin-
Madison. Ice Cream is an interesting and probably one of the most complex food materials that there are. It's a
foam, because we're aerating. It's a dispersion, because it's got ice crystals in there. It's an emulsion because
there are fat globules. And in fact, we're going to break down those fat globules so they're partially destabilized
to help hold up the air cells. It's also a micellar phase, because the caseins in the milk and the cream are in a
micellar form. And it's also a solution, so those dissolved sugars, dissolved proteins from the milk, and dissolved
salts as well. [MUSIC PLAYING] Ice cream mix is made with sugar, cream, stabilizers to help control the ice
crystals, and then, we add emulsifiers to help control the fat globules. In order to call it "ice cream," it has to
have at least 10% fat. And that fat has to come from the cow. It has to be milk fat. In homemade ice cream, we
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use brine as our refrigerant. We'll take salt and add that to ice. And the salt depresses the freezing point of the
ice, which lowers the temperature of this mixture down below, somewhere around, minus 10 degrees centigrade
or so-- depending on how patient we are. This process has been running now for 45 or 50 minutes. It takes that
long to freeze enough ice to overcome the power of this motor and shut this off. And now, we've turned off the
ice cream making machine. The ice cream is done to our satisfaction. Now, we're going to pour it into our
containers and harden it for the rest of the process. So if you were to eat this, it would taste really good. But you
can even see, on the surface here, that the ice crystals must be fairly large, because it's not a smooth, dry
texture. We're going to harden this. First, we're going to pour these into containers here. For perspective
purposes, the ice crystals in our Babcock ice cream are on the order of 30 to 40 microns in size. These crystals,
on average, are probably already on the order of 60 microns, and it's about 50 microns we can feel in our mouth.
So once we harden these, they're going to be about 70 to 80 microns and very, very distinct in characteristics.
[MUSIC PLAYING]

Discover the chemistry of ice cream.

© American Chemical Society
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3 VIDEO

Discover how calcium and carbonate dissolved in
seawater serve as the building material for seashell
construction

Video Transcript

Living creatures are amazing at building their homes from just about anything, but sea-dwelling creatures our
particular wizards. Microscopic coccolithophores, coral-building algae, and giant snails engineer their own
building material like magic by pulling two dissolved chemicals, calcium and carbonate, out of the water to form
solid shells of, surprise, calcium carbonate. The reason those shells don't dissolve back into calcium and
carbonate as soon as they're built is that ocean water is already holding as much calcium and carbonate as it
can, so the mineral forms much more easily than it dissolves. At least that's the way it works near the surface
where the shell-builders live. But at greater depths, the water isn't quite as saturated with calcium and
carbonate, and thus calcium carbonate is easier to dissolve. So unlike shallow coastal waters where shells of
dead creatures build up on the sea floor, out in the deep ocean there's a depth at which calcium carbonate
starts to break apart and empty shells dissolve before reaching the bottom. This dissolving depth depends on
the concentration of calcium and carbonate already in seawater. If the concentration is high, shells sink deeper
before their calcium carbonate dissolves. And if the concentration is low, the dissolving depth moves closer to
the surface, meaning the deepest intact shells begin to dissolve. But this is a feedback loop. Shells that dissolve
add more calcium carbonate to the water, making it harder for other shells to dissolve and lowering the
dissolving depth. Basically, chemistry in the deep ocean stabilizes the concentrations of calcium and carbonate
in the seawater, which is why the upper part of the ocean is saturated with calcium carbonate and perfect for
shell-building to begin with. Except we forgot to take into account the chemistry of another key part of the
ocean-- the atmosphere. At the ocean's surface, a small proportion of gases like oxygen and carbon dioxide
dissolve into the water. Dissolved oxygen, for example, allows sea creatures to breathe. And when the
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concentration of the gases in the atmosphere rises or falls, so does the amount of gas dissolved in the oceans. If
it weren't for the ocean's own balancing act, any incoming carbon dioxide would be bad news for shell-builders
because more CO2 means less CO3. That might sound weird, but it's just the way the chemistry plays out.
Dissolved CO2 molecules combine with water to form what's called carbonic acid, which in turn combines with
carbonate to form hydrogen carbonate. Simply put, when carbon dioxide in the atmosphere increases, carbonate
in the ocean decreases and shell-building gets harder to do, at least for a moment. Given enough time, the
physics and chemistry of the ocean will cause the dissolving depth to rise, and more shells on the sea floor will
return their calcium and carbonate back to the water, restoring normal levels. There are situations where the
oceans can't keep up this balancing act, though. For example, if so much carbon dioxide were added to the
ocean that the dissolving depth rose high enough, all shells everywhere in the ocean might start dissolving.
While possible, this is a lot less pressing than the risk that for a time, CO2 levels change faster than the ocean
can compensate, so that even if it would eventually stabilize and allow shell formation at the surface, it would
take centuries to do so. During that time, the upper reaches of the ocean where most of the amazing shell-
builders live might become a barren wasteland. And speaking shellfishly, that would be a calamity.

Learn how calcium and carbonate in sea water serve as the raw materials in seashell construction. The
concentration of those chemicals depends in part on water depth and the balance of dissolved gases in the
water column.
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