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PART 4
ELECTROLYTICAL DISSOCIATION

I.THERMODYNAMICS OF DISSOCIATION

A process of dissociation of an electrolyte:

AB [image: image1.wmf] A+ + B- (4.1)

can be treated as a sum of two processes:

1) the separation of positive ion from negative one,

2) the hydration of ions.

To make a conclusion about the spontaneousity of the overall dissociation process, one can express the ∆G of dissociation process as:

∆G = ∆H - T∆S

The entropy change in such a process is positive (see (4.1)), as a more chaotic state (two ions) is obtained from a more ordered one (one molecule). The overall ∆H consists of two parts

∆H = ∆Hseparation + ∆Hhydration,

where ∆Hseparation  is the heat, that has to be supplied for separation of positive and negative ions from each other. As this process requires energy, ∆Hseparation > 0.

∆Hhydration is the heat of hydration process. As hydration of ions is an exothermal process, ∆Hhydration < 0.

Determining the sign of ∆G, one has to compare the sum of negative values (-T∆S and ∆Hhydration) to positive value (∆Hseparation). If  
|∆Hhydration -T∆S| > |∆Hseparation|, 
∆G is negative and dissociation is a spontaneous process. In the opposite case ∆G is positive and dissociation is not a spontaneous process.

In other words, as the heats of processes here play the most important role here, if ions are well hydrated and not very much energy is required for their separation, dissociation occurs spontaneously.

If the ions are weakly hydrated and great energy is required for their separation, dissociation is not a spontaneous process.

Equilibrium constant for equation (4.1) can be expressed as 
Kdis = 
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where [A+] and [B-] are the concentrations of ions and [AB]nondis is the concentration of non-dissociated molecules.

Dissociation constant, as all the equilibrium constants, can be expressed as

Kdis = e-∆G/RT
If ∆G for dissociation process is negative, then Kdis >>1 (as e is taken into positive power). In this case the product of ionic concentrations is much greater than the concentration of non-dissociated molecules (see (4.2)). In this case electrolyte is called strong electrolyte.

If ∆G is positive, e is taken into a negative power in calculation of Kdis, therefore Kdis much smaller then 1 (0 < Kdis << 1). In this case the electrolyte is weak.

II. DISSOCIATION OF A WEAK ELECTROLYTE

There are two different characteristics for the dissociation of an electrolyte - the dissociation constant (see (4.2)) and the dissociation degree α, which is expressed as

α = ndis /ntotal = cdis /ctotal.

For calculations of ionic concentrations α is much more convenient to use, than Kdis, because ionic concentration can always be found as α product of α and the total concentration of molecules. Unfortunately, α is not a constant value at different concentrations: the lower is the concentration of solution, the more easily ions escape from each other and the lower is the probability, that they meet to form back a molecule (see (4.1)). For this reason, the lower is concentration, the greater is α. As it is impossible to make tables of α for all concentrations and all electrolytes, normally a dissociation constant of a weak electrolyte can be found in chemical tables and α has to be calculated from it for a given concentration.

Dissociation constant, as all equilibrium constants, is not dependent on ionic concentrations, thus there is just one value of dissociation constant of a given electrolyte at a given temperature.

The equation, that connects K and α is called Ostwald’s dilution law. To obtain the expression, connecting α and K we have to express the concentrations of ions and non-dissociated molecules through α and the total concentration of electrolyte and insert the results into (4.2). As the concentrations of both ions are equal and they are at the same time equal to the concentration of dissociated molecules, we have

[A+] = [B-] = Cdis = αC

where C is the total concentration of electrolyte.

Concentration of non-dissociated molecules is equal to the difference between total the concentration of electrolyte and the concentration of dissociated molecules:

[AB]nondis = C - Cdis = C - αC

Inserting all these results into (4.2) we have:

Kdis = 
[image: image3.wmf]C

C

C

a

a

-

2

2

 = 
[image: image4.wmf]a

a

-

1

2

C

                               (4.3)
Expression (4.3) in its present form allows the calculation of Kdis, when α is known. The opposite case - calculation of α from known Kdis is more common, therefore let us express α through Kdis. To do this, let us first 56

(3). As we are dealing with a weak electrolyte, α=>0 and (1-α)=>1 at the same time, therefore

K ≈ α2C

and, solving it for a, we have

α = 
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(4.3a)
In (4.3a) it is seen mathematically, that the greater is the concentration of solution, the smaller is a and vice versa. Calculating the concentration of ions, we get:
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III.STRONG ELECTROLYTES

Many of the strong electrolytes (all salts, for instance) exist in an ionic form already before dissolution. When they are dissolved in water, no dissociation is required - just ions are transferred from the solid state into solution. From these considerations it is clear, that α = 1 in the solutions of strong electrolytes.

However, if α is measured experimentally (from the measurements of freezing point depression, boiling point raise, osmotic pressure or electrical conductivity of solution), the measured values of α are smaller than 1 - they often are around α = 0.8-0.9. As the true dissociation degree for the strong electrolytes is 1. a conclusion has to be done, that only a part of ions is active, or, in other words, only a part of ions express themselves in the properties of solution.

The reason of this is easily understood, if one considers the measurements of electrical conductivity. When electrodes are immersed into solution and a potential difference between them exists, positive ions should move towards the negative electrode and vice versa. Any positive ion is surrounded by negative ions, that make a ionic atmosphere around it. Forces of the electrical attraction from the side of ionic atmosphere work against motion of the ion towards the electrode, therefore the motion of ion in the electrical field is slower, than it could be, if ion was alone and the result of the conductivity measurement is lowered. For this reason, value of α, that is calculated from conductivity measurements, is lower than 1.

It is easy to understand, that, the more dense is the ionic atmosphere, the smaller will be the measured α, which will be further called imaginary α (as the real α is equal to 1). 
Na+Cl-+12H2O=>[Na+6H2O]aqua+(Cl-+6H2O)
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Fig.4.1. Ionic atmosphere around ions.

The active concentration or activity of solute can be calculated from the total concentration of solute as: 
a = γC, 
where γ is the activity coefficient, 0 < γ ≤ 1.

Values of the activity coefficients can be calculated precisely from the expressions of Debye - Huckels' theory of strong electrolytes, but, as these expressions are very complicated, a more common case is to find of activity coefficients in tables.

As it can be understood from the previous material, the activity coefficient must be dependent on the density of ionic atmosphere - the more dense is the ionic atmosphere, the lower must be the activity coefficient. To characterize the density of ionic atmosphere a parameter, called ionic strength μ of solution is invented:

μ = 1/2 ∑ Cizi2,

where Ci and zi are the concentration and charge of each ion respectively.

Values of the activity coefficients are given in chemical tables for each given value of ionic strength.

Activity coefficient of a given ion depends on its charge, too. From fig.4.1 it is easy to understand, that the greater is the charge of an ion, the more it will be attracted by ionic atmosphere. For example, in a 0.01 M solution of Na2SO4 activity coefficients are 0.85 for Na+ ion and 0.45 for SO42- ion.

IV. DISSOCIATION OF WATER. pH FUNCTION.

Water is a very weak electrolyte, but still it dissociates and a dissociation equilibrium

[image: image10.wmf]H

2

O

 

®

 

¬

 

H

+

 

+

 

OH

-


can be written for it.

(To be more precise, the process in water is
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but mathematically we will have the same results.)

A dissociation constant for the dissociation of water looks as:
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As the numerical value of the dissociation constant of water is so small, the concentration of non dissociated water is equal to the concentration of water, which can be found as
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(1000 is a mass of 1 liter of water, 18 is its molar mass).

Inserting the concentration of water into expression of K, we have

[H+][OH-] = 1.8×10-16×55,5(5) = 10-14 (4.4)

This last equation has a very important meaning:

it means, that in pure water, as well as in all water solutions the product of H and OH concentrations is constant and it is 10-14. This means, that none of these two concentrations can be changed alone - if, for example, an acid is added and [H+] increased, [OH-] must decrease to maintain the product of concentrations constant.

It also means that in pure water or any other neutral environment, where concentrations of H+ and OH- are equal, each of them can be calculated as
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Finally, this expression can be used for calculation of [H+], if [OH-] is known and vice versa. As these calculations are connected with dividing of values, having negative powers, this has seemed inconvenient to the investigators, therefore the so-called hydrogen exponent pH was invented.

If we take a logarithm of both sides of (4.4), we have:

log ([H+]×[OH-]) = log10-14 
or log [H+] + log [OH-] = -14,

or, changing the signs of both sides

-log [H+] - log [OH-] = 14

Value -log [H+] was called pH (hydrogen exponent), value -log [OH-] was called pOH (hydroxyl exponent), therefore the last equation can be rewritten as

pH + pOH = 14

Using this equation it is very easy to find pH, if pOH is known and vice versa.

pH scale is normally used from 0 to 14. The pH of a neutral solution is 7 (as in a neutral solution [H+] = 10 moles/l. In acidic solutions pH values are below 7, in basic environment - over 7:

Scale of pH 
With the corresponding values of pOH and [H+]

	pH    0  1   2   3

pOH  14  13   12   11
[H+]  1   0.1 10-2 10-3
	4   5   6

10    9    8
10-4 10-5 10-6
	7

7
10-7
	  8    9   10

   6      5      4 
10-8 10-9 10-10
	 11    12    13    14

  3         2       1        0
10-11 10-12 10-13 10-14

	    acidic
	slightly acidic 
	neutr
	   slightly 
     basic
	     alkaline


pH of human blood is 7.36 - slightly basic, because it must have a reserve of alkalinity to fight the acidic products of metabolism.

Values 0 and 14 at the ends of pH scale mean:

pH = 0 means a 1 molar solution of H+ ions (1 molar strong acid), 
pH = 14 means, that pOH = 14 - pH = 0 - it is a 1 molar solution of a strong univalent base. 
pH of some well-known liquids is given in figure 4.2.
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Fig.4.2. pH values of some well-known liquids

V. FORMULAE FOR CALCULATION OF pH IN SOLUTIONS OF ACIDS AND BASES

In this chapter the formulae for pH calculation will be derived for the 4 most important cases:

weak and strong acid and base.

V.1. pH IN A SOLUTION OF STRONG ACID.

In a solution of strong acid the concentration of H+ ions can be calculated as

[H+] = zCdis,

where
z is the number of H+ ions in one molecule of acid,



Cdis is the concentration of dissociated molecules.

As Cdis = αCM, the concentration of H+ ions is

[H+] = CM×α×z or, since CM×z = CN [H+] = CN×α, 
Taking logarithm from both sides and changing signs we obtain:

pH = -log [H+] = -logCM×α×z or pH=-log CN×α.

V.2. pH IN A SOLUTION OF WEAK ACID.

In a solution of a weak acid the concentration of H+ ions can be found as 
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(see page 53).

Taking a logarithm from both sides, we have
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After change of signs it looks like 
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A symbol pK is assigned to -log K, therefore the final pH equation looks like:
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V.3. SOLUTION OF A STRONG BASE.

In a solution of a strong base the expression of [OH-] has the same form, as the expression for [H+] in a strong acid:

[OH-] = z×Cdis = α×z×CM = α×CN
Expressing pOH as -log [OH-], we have:

pOH = -logCMαz=-log CNα 
or:  pH=14 - pOH=14 + logCMαz

V.4. SOLUTION OF A WEAK BASE.

Here the equation for OH- concentration has the same form as the equation for the H+ concentration in a weak acid:
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,

where K is the dissociation constant of the base.

Logarithming both sides, we have:
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After changing signs:
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or: 


EXAMPLES OF PROBLEMS FOR CALCULATION OF pH FROM GIVEN CONCENTRATION AND CONCENTRATION FROM GIVEN pH

1. Calculate pH of a 2% HCl solution, if ρ = 1 and the imaginary α of HCl is 92%.

a) transfer form mass fraction to molarity



100 g 
HCl solution
contain

2 g of HCl


1000 g of solution
contain



x g of HCl
x = (2×1×1000)/100 = 20 g. 
CM = m:M = 20:36,5 = 0.548 moles/l

b) calculation of pH
pH = -log CM αz = -log 0.548×0.92×1 = 0.036

2. Calculate the mass fraction (in %) of sulfuric acid, if pH = 1.5, 
ρ = 1.01 g/ml and imaginary dissociation degree of sulfuric acid is α = 95%.

a) calculation of CM:
pH = -log CMαz  
or  log CM×0.95×2 = -1.5

CM×1.9 = 10-1.5 = 0.0316

CM = 0.0316:1.9 = 0.016 mole/l

b) calculation of ω%:


1.01×1000 g of solution contain 0.0316×98 grams of H2SO4


100 g
contain

x     grams of H2SO4
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3. Calculate pH of a 1.12 molar solution of CH3COOH, KCH3COOH =1.8×10-5.
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4. Calculate the molarity of a solution of formic acid (HCOOH), if pH of solution is 2.1 and KHCOOH = 2×10-4.
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-log C = 2×2.1 - 3.7 = 0.5
log C = -0.5
C = 10-5 = 0.316 moles/l

5. Calculate pH of a Ca(OH)2 solution, if its CN = 0.12 equiv/l and the imaginary α of Ca(OH)2 is 80%.

pH = 14 + log CN α = 14 + log 0.12×0.8 =
=14 + log 0.096 = 14 - 1.02 = 12.98
6. Calculate the molarity of NaOH solution, if pH = 13.2 and the imaginary α of NaOH is 0.94.

pH = 14 + log CMαz

13.2 = 14 + log CM×0.94×1
log 0.94×CM = 13.2 - 14 = -0.8
0.94×C = 10-0.8 = 0.158
C = 0.158:0.94 = 0.167 moles/l

7. Calculate pH of a 2M solution of NH4OH, KNH4OH = 1.8×10-5.
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8. Calculate the molarity of a NH4OH solution, if pH = 10.63 (pK=4.74).
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VI.THEORY OF pH INDICATORS

Indicators are compounds, that change their color according to the concentration of H ions in the solution. All the pH indicators themselves are weak acids or weak bases, the molecular form of which has a different color from the ionic form. Let us discuss indicator theory for a case, when the indicator is a weak acid (all conclusions will be the same in the opposite case, too). If we assign a symbol HInd to indicator, its dissociation process will be expressed by an equilibrium:





    HInd [image: image18.wmf]H+ + Ind-




   yellow

  red
Let us take as an example, that the molecular form of the indicator has a yellow color, but the ionic form is red.

If the indicator is added to an acidic solution, the H+ ions of that solution will be involved in the equilibrium of indicator’s dissociation and they will shift the equilibrium to the left. For this reason, the color of the molecular form will prevail and we shall see the solution in yellow color.

If the same indicator will be added to a basic solution, the OH- ions from the solution will react with H+ ions from indicators equilibrium, the concentration of H+ will decrease and this will shift the equilibrium to the right. As a result, the ionic form of indicator will prevail in solution and we shall see the solution red.

The reason of color change is now clear, but it is necessary to know, at what value of pH will each particular indicator change its color. To find the pH interval of color change, we have to write an equation of equilibrium constant for indicator’s dissociation and solve that equation against [H+]:
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Expresing the concencentration of hydrogen ions from the previous equation, we get:
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and pH is obtained taking log from both sides of the equation:
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Taking into account, that -logK=pK and changing sign of the second part of the equation, pH becomes:


 EMBED "Equation" "Word Object7" \* mergeformat  


If the concentrations of both forms of indicator in the solution are equal, then

pH = pKInd + log1 = pKInd + 0 = pKInd
The pH value, which is equal to pKInd of indicator is called the color change point of the indicator, as at this pH both forms are in equal amounts, but shifting pH to any side will cause prevalation of one form.

Visually indicator solution at pH = pKInd has an intermediate color (in our example - orange color).

The properties of the human eye are such, that it is possible to indicate visually the prevalation of one form, if its concentration is 10 times greater, than the concentration of the other form.

Thus, we will see the color of ionic form, if the ratio 
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and the color of molecular form, if 
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Inserting the values 10 and 1/10 into the equation of pH we get the color change interval of the indicator:

pH = pKInd ± 1 
(as log 10 = 1 and log 1/10 = -1)

This means, that, using only one indicator, we can only say, whether pH is greater than pKInd + 1 (indicator will have the color of ionic form then) or it is below pKInd - 1 (indicator will have the color of molecular form then). Inside of the interval the indicator has an intermediate color and it is impossible to detect visually the prevalence of any form.

VII.CHOICE OF INDICATORS FOR ACID-BASE TITRATION

(see next chapter about hydrolysis if these questions are not clear)

At acid-base titration pH indicators are used to indicate the endpoint of titration. If a strong acid is titrated by a strong base (or vice versa), for example HCl is titrated by NaOH:
HCl + NaOH => NaCl + H2O

At the endpoint of titration only NaCl and water are present in the solution. As NaCl is a salt of a strong acid and a strong base, it is not hydrolyzed and the solution is neutral, i.e. its pH = 7. For this case of titration an indicator with pKInd value close to 7 will be required.

When a weak acid is titrated by a strong base, for example, acetic acid is titrated by NaOH:
CH3COOH + NaOH => CH3COONa + H2O

As sodium acetate is a salt of a weak acid, the anion CH3COO- is a rather strong base, therefore it is hydrolyzed:

CH3COO- + H2O[image: image19.wmf] CH3COOH +OH-
As OH- ions are formed in this equilibrium, the environment is basic and an indicator, having pKInd value greater than 7 is required.
When a weak base is titrated with a strong acid, e.g. NH4OH is titrated by HCl:
NH4OH + HCl => NH4Cl + H2O

As NH4OH is a weak base, NH4+ ion is an acid, therefore it reacts with water (it is hydrolyzed):
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H+ ions are a product of this equilibrium, therefore the environment is acidic and an indicator, having pKInd below 7 is required for this case.

VIII. HYDROLYSIS OF SALTS

Any salt can be considered to be produced in a reaction between an acid and a base. As both of these two compounds can be strong or weak, there are 4 groups of salts:

1) salt of a strong acid and a strong base.
Salts of this group are not hydrolyzed, because anion of a strong acid is very weak base and metal ion of a strong base is a very weak acid.

Thus, for instance, Na2SO4 is not hydrolyzed, as SO42- ion is a very weak base and Na+ ion is a very weak acid.

2) salt of a weak acid and a strong base.
Let us take Na2CO3 as example. In this case Na+ ion is not hydrolyzed, as it is a very weak acid, but CO32- ion (as an anion of a weak acid) is a rather strong base and therefore it reacts with water. The hydrolysis of CO32- ion occurs in 2 stages:

stage I:                      CO32- + H2O [image: image21.wmf] HCO3- +OH-
As OH- ions are products of this equilibrium reaction, the environment in a solution of a salt of weak acid and strong base is basic, hence, its pH > 7.

stage II: : 

HCO3- +  H2O[image: image22.wmf] H2CO3 +OH-
Hydrocarbonate weak can be hydrolyzed further just with strong acid, as it can accept one more H+ ion, therefore stage II does not take a place with weak acid water: no reaction:

HCO3- +  H2O =×=> H2CO3 +OH-
The second stage of hydrolysis, however, occurs to a very small extent. This can be explained by the following:

HCO3- ion, which is the product of the first stage of hydrolysis, is the initial compound for the second stage. This means, that, when the 2nd stage begins, there are already OH- ions from the 1st stage in the solution. If we consider the influence of the extra OH- ions (from stage I) to the equilibrium of stage II, it is clear, that they shift the equilibrium to the left.

Thus, the 2nd stage of hydrolysis is oppressed by the 1st stage. For this reason, if we have to write the hydrolysis reaction in molecular form, we have to write it according to 1st stage:

Na2CO3+ H2O [image: image23.wmf] NaHCO3 +NaOH

For this group of salts, the hydrolysis will be increased by adding acid to solution (consider the influence of H+ on the equilibrium) and oppressed by adding base.

3) salt of a strong acid and a weak base, for example ZnCl2.
In this case the anion is not hydrolyzed, as it comes from a strong acid and, hence, is a very weak base. The cation comes from a weak base and therefore it is a rather strong acid. It reacts with water (in this case, as Zn2+ is a bivalent ion, the hydrolysis reaction will again occur in 2 stages):

stage I:

Zn2++ H2O [image: image24.wmf] ZnOH+ + H+
As hydrogen ions are formed, the reaction of a solution of a salt of a strong acid and a weak base will be acidic, pH < 7.

stage II:
ZnOH+ ion can react with another molecule of water -

ZnOH+ + H2O [image: image25.wmf] Zn(OH)2 + H+
Here the 2nd stage of hydrolysis is oppressed by hydrogen ions from stage I, as they are already present in the solution when stage II begins. Thus, the molecular equation again has to be written for stage I:

ZnCl2 + H2O [image: image26.wmf] ZnOHCl + HCl

Special properties of salts with trivalent metal ions
If the metal ion comes from a very weak trivalent base (for example, Bi3+, Cr3+, Sb3+, Fe3+), their hydrolysis really occurs up to the stage II (all together three stages could be possible in this case).

Bi3++ H2O [image: image27.wmf] BiOH2+ + H+

BiOH2+ + H2O [image: image28.wmf] Bi(OH)2+ + H+
and a molecule of H2O is extracted from the product of stage II:

Bi(OH)2+ => BiO+ + H2O

The molecular form of the reaction has a form:

BiCl3+ H2O [image: image29.wmf] BiOCl + HCl

The ions BiO+, CrO+, SbO+ and FeO+ are called bismuthyl-, chromyl-, antimonyl- and ferryl-ions respectively.
4) salt of a weak acid and weak base,for example CH3COONH4 or (CH3COO)2Zn.
In this case both ions are hydrolyzed, because the anion of a weak acid is a strong base and the metal ion of a weak base is a rather strong acid.

For instance, for ammonium acetate we have to write hydrolysis equilibriums for both ions:

CH3COO- + H2O[image: image30.wmf] CH3COOH +OH-
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In this case hydrolysis occurs to a great extent, because H+ and OH- ions, that are formed at the same time, combine together to form water:

H+ + OH- => H2O

As the concentration of a product of reaction drops down in both equilibriums, both equilibriums are shifted to the right.

To consider pH of the solution, one has to compare the strengths of acid and base, that have formed the salt. For example, for ammonium acetate, strength of acetic acid is equal to strength of ammonium hydroxide (KCH3COOH = KNH4OH = 1.8×10-5)

For this reason both acetate and ammonium ions are hydrolyzed to the same extent and the solution should be neutral, pH = 7.

For zinc acetate the situation is different:

Zn(OH)2 is much weaker as a base, than acetic acid as an acid. For this reason, zinc ion is more hydrolyzed, than acetate ion and the solution must be acidic (pH < 7).

As it was shown a little before, a salt of a weak acid and a weak base is hydrolyzed to a great extent. If it happens so, that the salt is composed from a weak acid and a weak base and the final products of hydrolysis are gaseous, then the salt is completely decomposed by water. Such cases are: 
Al2S3, Cr2S3, Al2(CO3)3, Cr2(CO3)3 and Fe2(CO3)3,

Al2S3 + 6H2O => 2Al(OH)3 + 3H2S↑
Cr2(CO3)3 + 3H2O => 2Cr(OH)3 + 3CO2↑.
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