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SHIFTING EQUILIBRIA
• The metal-ligand complex Fe(SCN)2+ 

is soluble in water and has an orange 
color.

• Higher concentrations of Fe(SCN)2+ 

produce darker solutions.

• The addition of an inert salt (e.g. 
KNO3) is able to reduce the color of 
the solution without reacting with any 
of the other ions in solution.
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Buffer solutions are often prepared using standard “recipes” found in 
the chemical literature.3 In addition, there are computer programs and on-
line calculators to aid in preparing buffers.4 Perhaps the simplest way to 
make a buffer, however, is to prepare a solution containing an appropriate 
conjugate weak acid and weak base and measure its pH. You can then adjust 
the pH to the desired value by adding small portions of either a strong acid 
or a strong base.

6I Activity Effects
Careful measurements on the metal–ligand complex Fe(SCN)2+ suggest 
that its stability decreases in the presence of inert ions.5 We can demonstrate 
this by adding an inert salt to an equilibrium mixture of Fe3+ and SCN–. 
Figure 6.15a shows the result of mixing together equal volumes of 1.0 
mM FeCl3 and 1.5 mM KSCN, both of which are colorless. The solution’s 
reddish–orange color is due to the formation of Fe(SCN)2+.

Fe SCN Fe(SCN)3 2+ − ++( ) ( ) ( )aq aq aqW 6.61
Adding 10 g of KNO3 to the solution and stirring to dissolve the solid, pro-
duces the result shown in Figure 6.15b. The solution’s lighter color suggests 
that adding KNO3 shifts reaction 6.61 to the left, decreasing the concen-
tration of Fe(SCN)2+ and increasing the concentrations of Fe3+ and SCN–. 
The result is a decrease in the complex’s formation constant, K1.
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3 See, for example, (a) Bower, V. E.; Bates, R. G. J. Res. Natl. Bur. Stand. (U. S.) 1955, 55, 197–
200; (b) Bates, R. G. Ann. N. Y. Acad. Sci. 1961, 92, 341–356; (c) Bates, R. G. Determination 
of pH, 2nd ed.; Wiley-Interscience: New York, 1973.

4 (a) Lambert, W. J. J. Chem. Educ. 1990, 67, 150–153; (b) http://www.bioinformatics.org/
JaMBW/5/4/index.html.

5 Lister, M. W.; Rivington, D. E. Can. J. Chem. 1995, 33, 1572–1590.

The 1mM FeCl3 also contains a few drops 
of concentrated HNO3 to prevent the 
precipitation of Fe(OH)3.

Figure 6.15 The effect of a inert salt on a reac-
tion’s equilibrium position is shown by the so-
lutions in these two beakers. The beaker on the 
left contains equal volumes of 1.0 mM FeCl3 
and 1.5 mM KSCN. The solution’s color is due 
to the formation of the metal–ligand complex 
Fe(SCN)2+. Adding 10 g of KNO3 to the bea-
ker on the left produces the result shown on 
the right. The lighter color suggests that there 
is less Fe(SCN)2+ as a result of the equilibrium 
in reaction 6.61 shifting to the left. (a) (b)

(a) Contains 1 mM FeCl3 
and 1.5 mM KSCN.

(b) The same as (a) but 
with 10 g of KNO3.

Fe3+(aq) + SCN−(aq)⇌ Fe(SCN)2+(aq)



ION ATMOSPHERE

• Though the KNO3 does not directly 
interact with either the Fe3+, SCN−, or 
Fe(SCN)2+ ions, the K+ and NO3− do 
alter the environment around those ions.

• Every ion in solution has an “atmosphere” 
of other ions surrounding it.

• The surrounding ions impact how the 
central ion can interact with other ions in 
solution.
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IONIC STRENGTH
The ion atmosphere effectively reduces the 

charge that is seen by more distant ions
Solution of: Fe3+, SCN−, K+ and NO3−
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IONIC STRENGTH
• The higher the number of ions in solution, the 

greater the influence of the ion atmosphere on 
all ions.

• Not every ion in solution is equal, the influence 
of PO4

3− on the atmosphere of a cation will be 
greater than F−.

• The ionic strength (µ) of a solution is calculated 
as a sum of the the products of the ion 
concentrations and their charges.

Solution Ionic Strength

c: molar 
concentration of 
ion i
z: charge of ion i



PROBLEM
What is the total ionic strength of an aqueous 

solution of 10 mM sulfuric acid, 5 mM calcium sulfate, 
and 3 mM iron(III) chloride?



ION ACTIVITY

• The influence of the ionic 
strength is seen in the activity 
(a) of ions in solution.

• The activity is calculated by 
modifying the molar 
concentration of the ion by its 
specific activity coefficient (𝛾) at 
the given solution ionic strength

Fe3+(aq) + SCN−(aq)⇌ Fe(SCN)2+(aq)



DETERMINING THE ACTIVITY 
COEFFICIENT

• Once the ionic strength of a solution is known 
the activity coefficient can be calculated with 
the extended Debye-Hückle equation.

• The values of 0.51 and 3.3 are appropriate for 
aqueous solutions at 25°C and can be altered 
as needed.

• The ion’s effective hydrated radius (αA) is a 
tabulated value.

• The equation needs to be modified if the ionic 
strength of a solution exceeds 0.1M.

Extended Debye-Hückle Equation
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aA AA= [ ]γ

The true thermodynamic formation constant for Fe(SCN)2+, therefore, is
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The ACTIVITY COEFFICIENT for a species corrects for any deviation be-
tween its physical concentration and its ideal value. For a gas, a pure solid, 
a pure liquid, or a non-ionic solute, the activity coefficient is approximately 
one under most reasonable experimental conditions. For reactions involv-
ing only these species, the difference between activity and concentration is 
negligible. The activity coefficient for an ion, however, depends on the solu-
tion’s ionic strength, the ion’s charge, and the ion’s size. It is possible to cal-
culate activity coefficients using the EXTENDED DEBYE-HÜCKEL EQUATION
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where zA is the ion’s charge, aA is the effective diameter of the hydrated ion 
in nanometers (Table 6.2), m is the solution’s ionic strength, and 0.51 and 
3.3 are constants appropriate for an aqueous solution at 25 oC. An ion’s ef-
fective hydrated radius is the radius of the ion plus those water molecules  
closely bound to the ion. The effective radius is greater for smaller, more 
highly charged ions than it is for larger, less highly charged ions. 

For a gas the proper terms are fugacity and 
fugacity coefficient, instead of activity and 
activity coefficient.

Table 6.2 Effective Diameters (a) for Selected Ions
Ion Effective Diameter (nm)

H3O+ 0.9
Li+ 0.6
Na+, IO3

–, HSO3
–, HCO3

–, H2PO4
– 0.45

OH–, F–, SCN–, HS–, ClO3
–, ClO4

–, MnO4
– 0.35

K+, Cl–, Br–, I–, CN–, NO2
–, NO3

– 0.3
Cs+, Tl+, Ag+, NH4

+ 0.25
Mg2+, Be2+ 0.8
Ca2+, Cu2+, Zn2+, Sn2+, Mn2+, Fe2+, Ni2+, Co2+ 0.6
Sr2+, Ba2+, Cd2+, Hg2+, S2– 0.5
Pb2+, CO3

2–, SO3
2– 0.45

Hg2
2+, SO4

2–, S2O3
2–, CrO4

2–, HPO4
2– 0.40

Al3+, Fe3+, Cr3+ 0.9
PO4

3–, Fe(CN)6
3– 0.4

Zr4+, Ce4+, Sn4+ 1.1
Fe(CN)6

4– 0.5
Source: Kielland, J. J. Am. Chem. Soc. 1937, 59, 1675–1678.

Unless otherwise specified, the equilib-
rium constants in the appendices are ther-
modynamic equilibrium constants.



PROBLEM
What are the activity coefficients for iron(III) and sulfate in an

aqueous solution of 10 mM sulfuric acid, 5 mM calcium sulfate, and 
3 mM iron(III) chloride?


