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Hydrated Ions
Ions and molecules in solution are surrounded by an organized sheath of solvent 
molecules. The oxygen atom of H2O has a partial negative charge, and each hydrogen 
atom has half as much positive charge.

Water interacts (binds) to cations via to oxygen atom, and to anions via the protons.  In the 
case of Li+, there are ca. 4 H2O molecules in the first coordination sphere.  For Cl-, there 
are 6 H2O molecules in the first coordination sphere.  In all cases, there is rapid exchange 
between water molecules in the coordination sites and in the bulk solution.



Hydrated Ions, 2
Ionic radii are estimated by X-ray diffraction techniques in solids; however, hydrated radii are 
estimated from diffusion coefficients in solution (and mobilities of ions in electric fields).  
Interestingly, smaller, highly charged ions bind more water molecules, and behave as “larger” 
species in solution.  The activity of these ions is related to the size of these species.

Estimated number of waters of hydration



Hydrated Ions, 3
In Chapter 6, we stated that the equilibrium constant for this reaction is written as:

However, this plot shows that as 
“inert” KNO3 is added to solution, the 
concentration quotient (i.e., K value) 
decreases, meaning that the so-
called equilibrium constant is not 
really a constant (and can depend on 
non-reacting species).

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.

We will see that concentrations will 
be replaced with activities (i.e., non-
ideal concentrations) in order to 
obtain meaningful values of K.



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

According to this figure from Ch. 6, the solubility of CaSO4 is 0.015 M, and The dissolved 
species are mainly 0.010 M Ca2+, 0.010 M SO42- and 0.005 M CaSO4(aq) (an ion pair).

If 0.050 M KNO3 is added to the saturated solution of 
CaSO4, more solid dissolves until the concentrations of 
Ca2+ and SO42- have each increased by about 30%.  
However, KNO3 is considered to be inert, since neither 
the K+ or NO3- ions react with Ca2+ and SO42-.

In general, the addition of an “inert” salt (KNO3) to a 
sparingly soluble salt (CaSO4) increases the solubility of 
the sparingly soluble salt.

The ionic strength (vide infra) of the solution is said to be 
increased.



Ionic Strength
Why does the solubility of CaSO4  increase when “inert” salts are added to the solution?

Ca2+:
Surrounded by K+, Ca2+, NO3- and SO42-

But: more NO3- and SO42-

Region of net negative charge around cation

SO42-:
Surrounded by K+, Ca2+, NO3- and SO42-

But: more K+ and Ca2+

Region of net positive charge around anion

These regions are known as ionic 
atmospheres, and may be approximately 
pictured as spherical clouds of δ+ or δ- charge.

Important points:
- Ions diffuse in and out of the atmosphere
- The net charge of the atmosphere is less than 
the net charge of the ion
- The atmosphere attenuates attractions 
between positive and negative ions
- The greater the ionic strength of a solution, 
the higher the charge of the ionic atmosphere

The charge of a lone cation is more positive than that of a 
cation with an ionic atmosphere.  Similarly, the charge of a 
lone anion is more negative than that of an anion with an 
ionic atmosphere.  The net attraction between lone 
cations and anions is greater than that between cations 
and anions with ionic atmospheres.



Ionic Strength, 2
Increasing ionic strength means a net reduction in attractive forces between any given 
Ca2+ and SO42- ions (i.e., relative to their attraction in pure distilled water).  Hence, since 
the ions are less attracted to one another, there is a lesser tendency for them to come 
together, meaning that the solubility of CaSO4 is increased.

Each of the reactions pictured below are drive to the right (i.e., substances become more 
soluble, having a greater tendency to dissociate into ions), if the ionic strength is increased 
from 0.01 to 0.1 M:



Ionic Strength, 3
Ionic strength, μ, is a measure of the total concentration of ions in solution. cThe more 
highly charged an ion, the more it is counted.
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where ci is the concentration of the ith species and zi is its charge.  The sum extends over 
all ions in solution.

NaNO3 is called a 1:1 electrolyte because 
the cation and the anion both have a 
charge of 1. For 1:1 electrolytes, ionic 
strength equals molarity.  For other 
stoichiometries (such as the 2:1 
electrolyte Na2SO4), ionic strength is 
greater than molarity.



Ionic Strength, 4
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Activity Coefficients
Calculations of K do not predict any effect of ionic strength on a chemical reaction.  To 
account for the effect of ionic strength, concentrations are replaced by activities:

 AC = [C]γ C

where γC is the activity coefficient of species C.  The activity coefficient measures the 
deviation of behaviour from ideality.  If the activity coefficient is equal to 1, then the 
behaviour is ideal and the usual form of the equilibrium constant equation is valid.

The general form of the equilibrium constant is defined as
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i.e., it looks just like the usual equation for K, except all of the concentrations are multiplied 
by the appropriate activity coefficients.



Activity Coefficients, 2
e.g., Consider the CaSO4 reaction.  The value of K is now calculated as

 
Ksp = ACa2+ASO4

2− = [Ca2+ ]γ Ca2+ [SO4
2- ] γ SO42-

Therefore, if the concentrations of the two ions are to increase when a second salt is added 
to the solution, the activity coefficients must decrease with increased ionic strength.

At low ionic strength, activity coefficients approach unity, and the thermodynamic 
equilibrium constant, K, approaches the “concentration” equilibrium constant. One way to 
measure a thermodynamic equilibrium constant is to measure the concentration ratio at 
successively lower ionic strengths and extrapolate to zero ionic strength.

e.g., Write the solubility product expression for La2(SO4)3 with activity coefficients.

N.B., Exponents of activity coefficients are the same as exponents of concentrations:
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Activity Coefficients of Ions
The ionic atmosphere model leads to the extended Debye-Hückel equation, relating 
activity coefficients to ionic strength:

logγ =
−0.51z2 µ

1+ (α µ / 305)

γ is the activity coefficient of an ion of charge ±z and size α (in picometers, pm) in an 
aqueous solution of ionic strength μ.  The equation works fairly well for μ ≤ 0.1 M.  To find 
activity coefficients for ionic strengths above 0.1 M (up to molalities of 2–6 mol/kg for many 
salts), more complicated Pitzer equations are usually used.

The ion size α is an empirical parameter that provides agreement between measured 
activity coefficients and ionic strength up to μ ≈ 0.1 M.  In theory, α is the diameter of the 
hydrated ion.  However, sizes in Table 7-1 (see next slide) cannot be taken literally. For 
example, the diameter of Cs+ ion in crystals is 340 pm.  The hydrated Cs+ ion must be 
larger than the ion in the crystal, but the size of Cs+ in Table 7-1 is only 250 pm.

Even though ion sizes are empirical parameters, trends among sizes are sensible.  Small, 
highly charged ions bind solvent more tightly and have larger effective sizes than do larger 
or less highly charged ions.  For example, the order of sizes in Table 7-1 is Li+ > Na+ > K+ 
> Rb+, even though crystallographic radii are Li+ < Na+ < K+ < Rb+.



Activity Coefficients of Ions, 2



Effect of Ionic Strength, Ion Charge & Size
Over the range of ionic strengths from 0 to 0.1 M, the effect of each variable on activity 
coefficients is as follows:

1. As ionic strength increases, the activity 
coefficient decreases. The activity 
coefficient (γ) approaches unity as the 
ionic strength (μ) approaches 0.

2. As the magnitude of the charge of the ion 
increases, the departure of its activity 
coefficient from unity increases. Activity 
corrections are more important for ions 
with a charge of ±3 than for ions with a 
charge of ±1.

3. The smaller the ion size (α), the more 
important activity effects become (this is 
not pictured in the figure to the right).

Activity coefficients for differently charged ions with 
a constant ionic size (α) of 500 pm. At zero ionic 
strength, γ = 1. The greater the charge of the ion, 
the more rapidly γ decreases as ionic strength 
increases. Note that the abscissa is logarithmic.



Effect of Ionic Strength, Ion Charge & Size, 2
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Activity Coefficients of Non-Ionic Compounds
Neutral molecules, such as benzene and acetic acid, have no ionic atmosphere because 
they have no charge.  To a good approximation, their activity coefficients are unity when 
the ionic strength is less than 0.1 M (i.e., set γ = 1 for neutral molecules). That is, the 
activity of a neutral molecule will be assumed to be equal to its concentration.

For gases such as H2, the activity is written

 AH2
= pH2γ H2 = fH2

Activities for gases are known as fugacities, f, and the activity coefficients are known as 
fugacity coefficients.  As we learned in 59-240, a real gas will behave differently from a 
perfect gas as the result of γ being different from unity.  For gases at pressures of 1 bar or 
less, it is safe to set γ ≈ 1 (i.e., for gases, A = p(bar)).



High Ionic Strengths
Above an ionic strength of ~ 1 M, activity coefficients of most ions increase, as shown for 
H+ in NaClO4 solutions in the figure below.  Activity coefficients in concentrated salt 
solutions are generally not the same as those in the corresponding dilute aqueous 
solutions.  The “solvent” is no longer H2O, but rather, a mixture of H2O and NaClO4. 
Hereafter, we limit our attention to dilute aqueous solutions.

Activity coefficient of H+ in solutions containing 
0.010 0 M HClO4 and varying amounts of NaClO4.



pH revisited
Now we realize that our old definition of pH is not exact, since concentrations of non-
reactive species may now influence the degree of dissociation (and hence, the pH).  
Instead, we express the pH in terms of activities:

 pH = − logAH+ = − log[H+]γ H+
e.g., Calculate the pH of pure water at 25 oC by using activity coefficients.

The concentrations of H+ and OH- are 1:1.  If concentrations are designated as x, then

KW = 1.0 ×10−14 = (x)γ H+ (x)γ OH−

The ionic strength of pure water is low, so both values of γ are set to unity.  If we plug this 
into the equation above, then x = 1.0 × 10-7.  Then the pH is:

pH = − log[H+]γ H+ = − log(1.0 ×10−7 )(1.00) = 7.00

(this is not a terribly surprising nor exciting result).



pH revisited, 2
e.g., Calculate the pH of water containing 0.10 M KCl at 25°C.

[H+] = [OH−].  However, the ionic strength of 0.10 M KCl is 0.10 M. The activity coefficients 
of H+ and OH− in Table 7-1 are 0.83 and 0.76, respectively, when μ = 0.10 M.

KW = [H+]γ H+ [OH
− ]γ OH−

1.0 ×10−14 = (x)(0.83)(x)(0.76)
x = 1.26 ×10−7M

So, [H+] = [OH−] = 1.26 × 10-7 M; but, the activities are not equal in this solution:

 

AH+ = [H+]γ H+ = (1.26 ×10
−7 )(0.83) = 1.05 ×10−7

AOH− = [OH− ]γ OH− = (1.26 ×10−7 )(0.76) = 0.96 ×10−7

And finally, the pH is calculated as:

 pH = − logAH+ = − log(1.05 ×10−7 ) = 6.98

The pH of water changes from 7.00 to 6.98 when we add 0.10 M KCl.  KCl is not an acid 
or a base, but influences the activities of H+ and OH−.  Note: this may be difficult to detect 
(within limit of accuracy of pH meter); however, the [H+] in 0.10 M KCl is 26% higher than 
that in pure water: 1.26 × 10-7 M vs. 1.00 × 10-7 M



Systematic Treatment of Equilibrium
The systematic treatment of equilibrium is a way to deal with all types of chemical 
equilibria, regardless of their complexity.

The systematic procedure is to write as many independent algebraic equations as there are 
unknowns (species) in the problem. The equations are generated by writing all the chemical 
equilibrium conditions plus two more: the balances of charge and of mass. N.B., even the 
simplest calculations can be very tedious; hence, spreadsheets are commonly used.



Charge Balance
The charge balance is an algebraic statement of electroneutrality: The sum of the positive 
charges in solution equals the sum of the negative charges in solution.

e.g., solution with H+, OH−, K+, H2PO4, HPO42-, PO43-. The charge balance is:

[H+ ]+ [K+ ] = [OH- ]+ [H2PO4
- ]+ 2[HPO4

2- ]+ 3[PO4
3- ]

This statement says that the total charge contributed by H+ and K+ equals the magnitude of 
the charge contributed by all of the anions on the right side of the equation.  The coefficient 
in front of each species always equals the magnitude of the charge on the ion.  (e.g., 0.01 M 
PO43- contributes 0.03M of negative charge).

The equation above may appear to be unbalanced, but in fact, it is not (since the actual 
concentrations are not yet taken into account).

Consider a solution prepared by weighing out 0.0250 mol of KH2PO4 plus 0.0300 mol of 
KOH, followed by dilution to 1.00 L.  Equilibrium concentrations are:

Note that OH- has reacted with H2PO4- to produce other species.



Charge Balance, 2
If we plug the concentrations into the charge balance equation on the previous slide, we 
see that the equation is balanced:

[H+ ]+ [K+ ] = [OH- ]+ [H2PO4
- ]+ 2[HPO4

2- ]+ 3[PO4
3- ]

5.1×10−12 + 0.0550 = 0.0020 +1.3×10−6 + 2(0.0220) + 3(0.0030)
0.0550 M = 0.0550 M

The general form of the charge balance for any solution is

where [C] is the concentration of a cation, n is the charge of the cation, [A] is the 
concentration of an anion, and m is the magnitude of the charge of the anion.

 n1[C1]+ n2[C2 ]+ = m1[A1]+ m2[A2 ]+



Mass Balance
The mass balance, also called the material balance, is a statement of the conservation of 
matter: The quantity of all species in a solution containing a particular atom (or group of 
atoms) must equal the amount of that atom (or group) delivered to the solution.

e.g., Suppose that a solution is prepared by dissolving 0.050 mol of acetic acid in water to 
give a total volume of 1.00 L. Acetic acid partially dissociates into acetate:

 CH3CO2H CH3CO2
− + H+

The mass balance states that the quantity of dissociated and undissociated acetic acid in 
the solution must equal the amount of acetic acid put into the solution.

0.050 M = [CH3CO2H]+ [CH3CO2
− ]

e.g., When a compound dissociates in several ways, the mass balance must include all 
the products.  When 0.0250 M H3PO4 dissociates to its component ions:

0.0250 M = [H3PO4 ]+ [H2PO4
- ]+ [HPO4

2- ]+ [PO4
3- ]

Example:  Mass balances for K+ and phosphates for 0.0250 mol of KH2PO4 plus 0.0300 
mol KOH and dilution to 1.000 L. (written example).



Mass Balance, 2
Consider a solution prepared by dissolving La(IO3)3 in water.

 

La(IO3)3(s)
Ksp

 La3++3IO3
-

Unknown: how much of the two ions are dissolved
Known: there must be three iodates per one La3+ dissolved

3[La3+ ] = [IO3
- ]

The mass balance equations changes if the solution also contains the ion pair LaIO32+  
and the hydrolysis product LaOH2+:

3{[La3+ ]+ [LaIO3
2+ ]+ [LaOH2+ ]} = [IO3

- ]+ [LaIO3
2+ ]

Example:  Write the mass balance for a saturated solution of the slightly soluble salt 
Ag3PO4, which produces and 3Ag+ and PO43- when it dissolves. (written example)



Systematic Treatment of Equilibrium
Write the pertinent reactions.

Write the charge balance equation.

Write mass balance equations. There may be more than one.

Write the equilibrium constant expression for each chemical reaction. This 
step is the only one in which activity coefficients appear.

Count the equations and unknowns. There should be as many equations 
as unknowns (chemical species). If not, you must either find more 
equilibria or fix some concentrations at known values.

Solve for all unknowns.

Step 1 

Step 2 

Step 3 

Step 4 

Step 5 

Step 6

Steps 1 and 6 are the most important.  Usually, in step 1, guessing the chemical equilibria 
requires a great deal of experience - you will be given help with this.   The solving of 
equations in step 6 will be the biggest challenge.



Solution of Ammonia
Letʼs find the concentrations of species in an aqueous solution containing 0.010 0 mol NH3 
in 1.000 L. The primary equilibria is:

 

NH3 + H2O
Kb

 NH4
+ + OH-               Kb = 1.76 ×10−5  at 25 oC

H2O
Kw

 H+ + OH-               Kw = 1.0 ×10−14  at 25 oC

The secondary equilibrium in every aqueous solution is:

Find the four concentrations ([NH3], [NH4+], [OH-] and [H+]) at equilibrium (written 
example).



Solution of CaSO4
Find the concentrations of the major species in a saturated solution of CaSO4.

Step 1: Find the reactions (there are quite a few for this system):

Caveat emptor: The ability to use the systematic treatment of equilibrium for many 
chemical reactions is limited by how well the chemistry (i.e., possible chemical reactions) 
is understood.

Step 2: Charge balance.



Solution of CaSO4, 2
Step 3: Mass balance.  The first reaction equation determines that:

Step 4: Equilibrium constant expressions.

Step 5: Count equations and unknowns. There are seven equations (CB, MB and 5 K 
equations) and seven unknowns ([Ca2+], [SO42-], [CaSO4(aq)], [HSO4-], [SO42-], [H+] and 
[OH-].



Solution of CaSO4, 3
Step 6: Solve. Not easy!  We donʼt know the ionic strength, so we cannot evaluate activity 
coefficients.  Also, where do we start when there are seven unknowns?

Approximations:

1. The acid and base reactions have very small Kʼs compared to the Ksp and Kion pair.  
Therefore, we will neglect these interactions.

2. Set all activity coefficients equal to 1, solve for all concentrations, then calculate ionic 
strength and find values for activity coefficients.  Then, with the new coefficients, plug 
them, in, and go through this process several times, until a constant set of answers is 
achieved.

3. The autoprotolysis reaction of water is independent of the CaSO4 reaction, and we 
roughly know that [H+] ≈ [OH-] ≈ 1.0 × 10-7 M.



Solution of CaSO4, 4
Results:

1. Work only with the first two reactions.

2. For CB, neglect [CaOH+] and [HSO4-].  We can neglect [H+] and [OH-] as well, since 
they just cancel one another.  That leaves:

3. For MB, also neglect [CaOH+] and [HSO4-].  The CaSO4 (aq) cancel, leaving an 
equation that is the same for that of CB above.

4. This leaves three equations and three unknowns ([Ca2+], [SO42-], [CaSO4(aq)]):

2[Ca2+ ] = 2[SO4
2− ]

Ksp = [Ca2+ ]γ Ca2+ [SO4
2− ]γ SO4

2- = 2.4 ×10−5

K ion pair = [CaSO4  (aq)] = 5.0 ×10−3

[Ca2+ ] = [SO4
2− ]

Note that the [CaSO4 (aq)] is known already from the above equations to be 5.0 × 10-3 M.



Solution of CaSO4, 5
We start by setting all of the activity coefficients to 1, and calculating the concentrations:

where the subscript 1 signifies the first approximation.  Then, if the [Ca2+] = [SO42-] = 4.9 × 
10-3 M, then μ = 4(4.9 × 10-3 M) = 0.020 M.  Examination of Table 7-1 (activity coefficients 
and ionic strengths) reveals γCa2+ = 0.628 and γSO4(2-) = 0.606.  These are plugged in as a 
second approximation, 

Repetition yields:



Solution of CaSO4, 6
From [Ca2+] = [SO42-] = 0.0092 M, a check can be made to see if [CaOH+] and [HSO4-] are 
negligible (still neglect activity coefficients, since we are looking for orders of magnitude):

We see their concentrations are ca. 10-5 less than [Ca2+] and [SO42-], so it was reasonable 
to neglect them earlier.

It is also possible, using more complicated procedures, to predict the concentrations for 
the real pH of the solution, which happens to be 7.06 (not 7.00).  We will not treat this now!

Although it is proper to write equilibrium constants in terms of activities, the complexity of 
manipulating activity coefficients is a nuisance. Most of the time, we will omit activity 
coefficients unless there is a particular point to be made. Occasional problems will remind 
you how to use activities.



Solubility of MgOH2
Letʼs examine concentrations of species in a saturated solution of Mg(OH)2, given the 
following chemistry (and ignoring activity coefficients).  Step 1:

Step 2: Charge balance.

Step 3: Mass balance (accounts for both sources of OH−, a bit tricky) - equivalent to CB!

Step 4: Equilibrium constants are given above.

Step 5: We have four equations above, with four unknowns [Mg2+], [MgOH+], [H+], [OH-].



Solubility of MgOH2, 2
Step 6: Solve.
What approximations can be made?
[OH-] >> [H+], so neglect [H+] in the CB:

Then, the K1 expression can be rewritten [MgOH+] = K1[Mg2+][OH-].  This can be 
substituted into the equation above, which can be rearranged to solve for [Mg2+]:

This can be substituted into the equations for Ksp:

The best way to solve this is to make a spreadsheet and try different guesses for [OH-].  
The GOAL SEEK function in Excel can be used for this purpose (see textbook).



Goal Seek in Excel


