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In Chapter 6, we wrote the equilibrium constant for a reaction in the form

(7-1)
Pale yellow Colorless Red

Figure 7-1, Demonstration 7-1, and Color Plate 2 show that the concentration quotient in
Equation 7-1 decreases if you add the “inert” salt KNO3 to the solution. That is, the equilib-
rium “constant” is not really constant. This chapter explains why concentrations are replaced
by activities in the equilibrium constant and how activities are used.

The Effect of Ionic Strength on Solubility of Salts
Consider a saturated solution of CaSO4 in distilled water.

(7-2)

Figure 6-1 showed that the solubility is 0.015 M. The dissolved species are mainly 0.010 M
Ca2�, 0.010 M , and 0.005 M CaSO4(aq) (an ion pair).

Now an interesting effect is observed when a salt such as KNO3 is added to the solution.
Neither K� nor reacts with either Ca2� or . Yet, when 0.050 M KNO3 is added to
the saturated solution of CaSO4, more solid dissolves until the concentrations of Ca2� and

have each increased by about 30%.
In general, adding an “inert” salt (KNO3) to a sparingly soluble salt (CaSO4) increases the

solubility of the sparingly soluble salt. “Inert” means that KNO3 has no chemical reaction
with CaSO4. When we add salt to a solution, we say that the ionic strength of the solution
increases. The definition of ionic strength will be given shortly.

The Explanation
Why does the solubility increase when salts are added to the solution? Consider one particu-
lar Ca2� ion and one particular ion in solution. The ion is surrounded by cations
(K�, Ca2�) and anions ( , ) in solution. However, for the average anion, there will
be more cations than anions nearby because cations are attracted to the anion, but anions are
repelled. These interactions create a region of net positive charge around any particular anion.
We call this region the ionic atmosphere (Figure 7-2). Ions continually diffuse into and out
of the ionic atmosphere. The net charge in the atmosphere, averaged over time, is less than
the charge of the anion at the center. Similarly, an atmosphere of negative charge surrounds
any cation in solution.

The ionic atmosphere attenuates (decreases) the attraction between ions. The cation plus
its negative atmosphere has less positive charge than the cation alone. The anion plus its ionic
atmosphere has less negative charge than the anion alone. The net attraction between the
cation with its ionic atmosphere and the anion with its ionic atmosphere is smaller than it
would be between pure cation and anion in the absence of ionic atmospheres. The greater the
ionic strength of a solution, the higher the charge in the ionic atmosphere. Each ion-plus-
atmosphere contains less net charge and there is less attraction between any particular cation
and anion.
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FIGURE 7-1 Student data showing that the
equilibrium quotient of concentrations for the
reaction Fe3� � SCN� Fe(SCN)2� decreases
as potassium nitrate is added to the solution.
Color Plate 2 shows the fading of the red color
of Fe(SCN)2� after KNO3 has been added.
Problem 12-11 gives more information on this
chemical system. [From R. J. Stolzberg, “Discovering

a Change in Equilibrium Constant with Change in Ionic

Strength,” J. Chem. Ed. 1999, 76, 640.]
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FIGURE 7-2 An ionic atmosphere, shown as
a spherical cloud of charge �� or ��, surrounds
ions in solution. The charge of the atmosphere
is less than the charge of the central ion. The
greater the ionic strength of the solution, the
greater the charge in each ionic atmosphere.

Addition of an “inert” salt increases the
solubility of an ionic compound.

An anion is surrounded by excess cations. A
cation is surrounded by excess anions.

This experiment demonstrates the effect of ionic strength on the dis-
sociation of the red iron(III) thiocyanate complex:

Red Pale yellow Colorless

Prepare a solution of 1 mM FeCl3 by dissolving 0.27 g of 
FeCl3�6H2O in 1 L of water containing 3 drops of 15 M (concen-
trated) HNO3. The acid slows the precipitation of Fe(OH)3, which
occurs within a few days and necessitates the preparation of fresh
solution for this demonstration.

To demonstrate the effect of ionic strength on the dissociation
reaction, mix 300 mL of 1 mM FeCl3 with 300 mL of 1.5 mM
NH4SCN or KSCN. Divide the pale red solution into two equal por-
tions and add 12 g of KNO3 to one of them to increase the ionic
strength to 0.4 M. As KNO3 dissolves, the red Fe(SCN)2� complex
dissociates and the color fades (Color Plate 2).

Add a few crystals of NH4SCN or KSCN to either solution to
drive the reaction toward formation of Fe(SCN)2�, thereby inten-
sifying the red color. This reaction demonstrates Le Châtelier’s
principle—adding a product creates more reactant.

Fe(SCN)2� Δ  Fe3� �  SCN�
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