Concentrations, strong electrolytes

1. Calculate the volume of 20% NaOH (density 1.22 g/cm3) which contains exactly 0.1 moles of the hydroxide.
100 g of this solution contains 20 g of NaOH and has volume 81.97 cm3. 0.1 moles of NaOH means 4 g. Proportion: 20/81.97=4/X results in X=16.39 cm3.

2. One adds 10 cm3 of 10% HCl (d=1.047 g/cm3) to 10 cm3 of 11% KOH (d=1.100 g/mL). Calculate pH of the mixture.
We mix an acid with a base, they react. Masses are: acid 0.955 g, base 1.000 g. Their numbers of moles are: acid 0.0262, base 0.0178. After reaction we have 0.00834 moles of acid in 20 cm3. Concentration is 0.417 M, pH=0.38 (note that for this system one should use rather activities…)
3. Calculate the ionic strength of 5% NaOH (d=1.054 g/cm3).
Molar concentration is 0.132 M. There are only two ions in the solution: Na+ and OH-, both with c=0.132. μ=1/2.(0.132.12+0.132.12)=0.132.
4. Calculate the ionic strength of a mixture of 100 cm3 of 0.2 M H2SO4 and 100 cm3 of 0.002 M HCl.
These two solutions dilute mutually. The resulting molar concentrations of ions are 0.1 M for SO42-, 0.2+0.001=0.201 M for H+, 0.001 M for Cl-. 

μ=1/2.(0.1.22+0.201.12+0.001.12)=0.301.

5. Calculate the activity of a) H+ ions, b) SO42- ions in the solution from the preceding task.
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, so we have to use the following equation for H+: 
fH+=0.665; activity aH+=0.201.0.665=0.134
For SO42- : 
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 ; fSO42-=0.196; activity a SO42-=0.1.0.196=0.0196
6. Calculate a) pH, b) paH of the latter solution.
pH=0.697; paH=0.873

7. Calculate a) pH, b) paH of 2 M H2SO4.

pH= –log(4)= –0.6 (!)

μ=1/2.(2.22+4.12)=6
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fH+=0.4416; activity aH+=4.0.4416=1.77; paH= –0.25

(Note the negative value. For such large ionic strengths this theory is too simple!)

Weak electrolytes

1. Calculate pH of a mixture of 10 mL of 0.01 M HCOOH (formic acid, pKa=3.8) with 90 cm3 of water. 

Answer: pH=3.4 but it leads to α=39.8%! You have to calculate the pH from 
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(the exact result is pH=3.49, α=32.7%)

2. Calculate pH of 0.01 M cyanic acid (HOCN, pKa=3.7) and its degree of dissociation.

Like before: pH=2.85 but it leads to α=14.1%! You should calculate the pH from 
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(the exact result is pH=2.88, α=13.2%)

3. Calculate pH and the degree of dissociation of 0.001 M ammonia (NH4OH). The strength of the ammonium cation, NH4+, is pKa=9.2.

Answer: remembering that ammonia is a base, use 
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i.e. pOH=3.9 and pH=10.1. However, pOH is close to cb=10-3! The resulting α=12.6%. Try  quadratic equation derived from 
4. Calculate the degree of dissociation of a solution of CH3COOH (pKa=4.8), if its pH=3.


[image: image9.wmf]%

58

.

1

10

]

[

]

][

[

]

[

]

][

[

8

,

1

3

3

3

=

=

Þ

=

@

=

-

+

-

+

-

+

a

a

H

c

COO

CH

H

COOH

CH

COO

CH

H

K

a

a


5. Calculate the degree of dissociation of hydrazoic acid (HN3, pKa=4.7) in its 0.1 M aqueous solution. What happens with α if pH of the solution was lowered to the value of 2 by addition of a strong acid (without changing the volume significantly)?

First part – use Ostwald equation; α=1.41%

Second part – 
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(note how dissociation has been shifted left!)

Ampholites, polyproton acids
1. Calculate pH of 0.1 M solution of NaHCO3 (for carbonic acid: pKa1=6.35; pKa2=10.33).
Because c»Ka1, one can use the formula 
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pH=8.34.
2. Calculate pH of 0.001 M solution of NaH2PO4 (for phosphoric acid: pKa1=2.15; pKa2=7.20; pKa3=12.35).

We should use Ka1 and Ka2 (why?), and “exact” equation (Ka1 isn’t small compared to c): 
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i.e. pH=5.13 

3. Calculate pH of 0.1 M aqueous solution of phosphoric acid (pKa1=2.15; pKa2=7.20; pKa3=12.35).

Assume that the pH is determined by the first dissociation step H3PO4(H++H2PO4-. We treat it in the simplest way (Ostwald simplifications): 
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The resulting pH=1.58, but one should check assumption of Ostwald. In this case:
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This is too much; one should calculate pH rather from quadratic equation derived from 
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However, we should also to check if the second (and may be third) step of dissociation influences the pH, that means if the value of α’’  (the degree of dissociation in the second step) is small:
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(as you see, α’’ has very low value, i.e. this step does not contribute to the total [H+] concentration).
In general: for polyprotic acids (or polyhydroxyl bases) try to proceed as in the example, i.e. use only the first step of dissociation, if possible applying the Ostwald simplifications. But assumptions should be checked.
Buffers
1. Calculate pH of a mixture of 10 cm3 of 0.1 M HCOONa and 30 cm3 of 0.2 M HCOOH (pKa=3.8)
We mix a salt of strong base and weak acid with this acid – this is buffer. The numbers of moles are, respectively: 0.01.0.1=0.001 moles for salt and 0.03.0.2=0.006 moles for acid.

Acidity is governed by dissociation of formic acid: HCOOH(H++HCOO-, described by:
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(Do you remember why the molar concentration can be replaced by the numbers of moles here?)
2. Calculate pH of a mixture of 10 cm3 of 0.1 M NaOH and 30 cm3 of 0.2 M HCOOH (pKa=3.8)

Different than in the preceding example, here the components react. The number of moles of base is smaller than that of acid. 
This means that the resulting csalt=0.001 moles, and cacid=0.006-0.001=0.005 moles
Further calculations are similar to those above:
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3. How to prepare a buffer of pH=4.5, if we have 0.1 M solution of CH3COONa and 0.2 M solution of CH3COOH (pKa=4.8)?

Knowing that pH is determined by dissociation of acetic acid, we derive:
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If concentrations were equal,  these two solutions should be mixed in proportion 2:1 (2 volume parts of acid per 1 of salt). However, they are not, acid is two times more concentrated than salt. So the correct proportion is 1:1.
4. How to prepare a buffer of pH=4.5, if we have 0.1 M solution of NaOH and 0.2 M solution of CH3COOH (pKa=4.8)?

Now these components will react. The calculations will be as follows:
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Here nacid and nbase mean the numbers of moles of CH3COOH and NaOH, respectively, used in preparing the buffer (initial values). The equation can be solved assuming any value for one of these. Let us try with nbase=1:
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This means that we have to mix 3 moles of acid with 1 mole of base. Because of the concentrations (0.2 M and 0.1 M), if one uses (for example) 3 dm3 of acid (0.2.3=0.6 moles), the corresponding volume of base is 2 dm3 (2.0.1=0.2 moles), and the molar proportion 3:1 is conserved (0.6:0.2=3:1).
Answer: mix the solutions in volume proportions 3:2.

Buffers (continued)
1. Calculate the change of pH when 10 cm3 of 0.1 M HCl is added to a buffer prepared as a mixture of 200 cm3 of 0.1 M NaOH and 300 cm3 of 0.1 M HCOOH (pKa=3.8). Compare the result with that obtained if 10 cm3 of 0.1 M HCl was added to 400 cm3 of water.

First, we should calculate the pH of pure buffer. 
nNaOH=0.2.0.1=0.02 moles ; nHCOOH=0.2.0.1=0.03 moles

These components react, HCOOH is in excess. After reaction we have in 400 cm3 (0.4 dm3):

nHCOONa=0.02 moles ; nHCOOH=0.03-0.02=0.01 moles


[image: image22.wmf]10

.

4

02

.

0

01

.

0

10

]

[

]

[

]

[

]

][

[

8

.

3

=

Þ

×

=

=

Þ

@

=

-

+

+

-

+

pH

n

n

K

H

c

c

H

HCOOH

HCOO

H

K

salt

acid

a

acid

salt

a


Adding HCl (nHCl=0.01.0.1=0.001 moles) results in “consumption” of the bas HCOO- and formation of corresponding amount of acid HCOOH:
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Answer: ΔpH=4.04–4.10= –0.06
However, 0.001 moles of HCl in 0.4 dm3 of water means cHCl=cH+=0.001/0.4=0.0025 M, pH=2.6. Pure water has pH=7, in this case ΔpH=7.0–2.6= –4.4

2. How many grams of solid NH4Cl had been dissolved in 0.2 dm3 of 0.1 M ammonia, if concentration of H+ cations increased 100 times?

Ammonia is a base, its pKb=14–9.2=4.8.

Adding NH4Cl to ammonia produces buffer. Initially, 0.1 M NH4OH had pH: 
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We expect 100 higher [H+], i.e. pH=11.1–2=9.1 (because log10100=2). 

The final pOH=14–9.1=4.9.

Our buffer contains nbase=0.2.0.1=0.02 moles and unknown number of moles of the salt, nsalt.

For the buffer made of weak base and its salt with a strong acid, pH is governed by the dissociation reaction of the base only:

NH4OH ( NH4+ + OH–  (of course if water does not affect this equilibrium).

Thus:
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Because the molar mass of NH4Cl=53.5 g/mole, the answer is 0.025.53.5=1.34 g.
Titration curves: strong acids vs. strong bases
1. Calculate the pH when 10 cm3 of 0.2 M NaOH is added to 100 cm3 of 0.1 M HCl.

The numbers of moles is: nNaOH=0.01.0.2=0.002 moles, nHCl=0.1.0.1=0.01 moles.
These compounds react: nNaCl=nNaOH=0.002 moles is formed, the same amount of HCl is consumed and the remaining amount of acid is n’HCl=0.01-0.002=0.008 moles. The total volume of the mixture is V=10cm3+100cm3=110cm3=0.11 dm3. Consequently:

[H+]=cHCl=0.008/0.11=0.073 M ( pH=1.14

2. Calculate the pH when 50 cm3 of 0.2 M NaOH is added to 100 cm3 of 0.1 M HCl. 

The same procedure as before yields nNaCl=nNaOH=0.05.0.2=0.01 moles formed. This means that all HCl reacted. The mixture contains only NaCl. This is a salt of strong acid with strong base and its pH=7.
3. Calculate the pH when 80 cm3 of 0.2 M NaOH is added to 100 cm3 of 0.1 M HCl.
nNaOH=0.08.0.2=0.016 moles, nHCl=0.1.0.1=0.01 moles. The base prevails. The amount of NaCl formed is now equal to that of HCl: nNaCl =nHCl=0.01 moles. The remaining NaOH, nNaCl=0.016-0.01=0.006 moles determines pH. The total volume is V=0.08+0.1=0.18 dm3. Thus: [OH-]=0.006/0.18=0.033 M ( pOH=1.48 ( pH=12.52

4. Calculate the pH of a mixture of 15 cm3 of 0.01 M HCl and 25 cm3 of 0.06 M NaOH.
The amount of base is higher than that of acid:nHCl=0.015.0.01=0.00015 moles; nNaOH=0.025.0.06=0.0015 moles. The remaining base is n’NaOH=0.0015-0.00015=0.00135 moles. The total volume is V=0.015+0.025=0.04 dm3.

So: [OH-]=0.00135/0.04=0.003375 M = pOH=1.47 = pH=12.53

5. For titration in examples 1-3 draw the titration curve.

We assume the sample is 100 cm3 of 0.1 M HCl and the titrant is 0.2 M NaOH. 

Calculations give results as in the Table below: 

	Volume of titrant added
	Total volume [dm3]
	nNaOH added
	nHCl remaining
	nNaOH remain.
	[H+]

moles/dm3
	[OH-] 

moles/dm3
	pH
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	20
	0.120
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	0
	0.05
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	1.30
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	0.140
	0.008
	0.002
	0
	0.014
	10-12.15
	1.85
	

	45
	0.145
	0.009
	0.001
	0
	0.0069
	10-11.84
	2.16
	

	49
	0.149
	0.0098
	0.0002
	0
	0.0013
	10-11.13
	2.87
	

	50 (stoichio​met​ric point!)
	0.150
	0.01
	0
	0
	10-7
	10-7
	7
	

	51
	0.151
	0.0102
	0
	0.0002
	10-11.12
	0.0013
	11.12
	

	55
	0.155
	0.011
	0
	0.001
	10-11.81
	0.0065
	11.81
	

	60
	0.160
	0.012
	0
	0.002
	10-12.10
	0.0125
	12.10
	

	80
	0.180
	0.016
	0
	0.004
	10-12.35
	0.022
	12.35
	

	100
	0.200
	0.02
	0
	0.01
	10-12.7
	0.05
	12.70
	


Titration curves: weak acids vs. strong bases
1. Calculate the pH when 10 cm3 of 0.2 M NaOH is added to 100 cm3 of 0.1 M HCOOH (pKa=3.8).

The numbers of moles is: nNaOH=0.01.0.2=0.002 moles, nHCOOH=0.1.0.1=0.01 moles.

These compounds react: nNaHCOO=nNaOH=0.002 moles is formed, the same amount of HCOOH is consumed and the remaining amount of acid is n’HCOOH=0.01-0.002=0.008 moles. Because the system is a buffer: 
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2. Calculate the pH when 50 cm3 of 0.2 M NaOH is added to 100 cm3 of 0.1 M HCOOH. 

The same procedure as before yields nNaHCOO=nNaOH=0.05.0.2=0.01 moles formed. This means that all HCOOH reacted. The mixture contains only NaHCOO. This is a salt of weak acid with strong base and its pH can be calculated from Ostwald equations for bases (the formate ions HCOO- is a base conjugated with formic acid). The above amount of salt is dissolved in 50+100=150 cm3 of water. So we have weak base HCOO-, with cbase=0.01/0.15=0.06667 M and strength pKb=14-3.8=10.2. From Ostwald:
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3. Calculate the pH when 80 cm3 of 0.2 M NaOH is added to 100 cm3 of 0.1 M HCOOH.

nNaOH=0.08.0.2=0.016 moles, nHCOOH=0.1.0.1=0.01 moles. The base prevails. The amount of NaHCOO formed is now equal to that of HCOOH: nNaHCOO =nHCOOH=0.01 moles. The remaining NaOH, nNaHCOO=0.016-0.01=0.006 moles determines pH, because NaOH is stronger base than HCOO- ion. The total volume is V=0.08+0.1=0.18 dm3. 

Thus: [OH-]=0.006/0.18=0.033 M ( pOH=1.48 ( pH=12.52, like for strong acids (previous page).

4. Calculate the pH of a mixture of 15 cm3 of 0.01 M HCOOH and 25 cm3 of 0.06 M NaOH.

The amount of base is higher than that of acid:

nHCOOH=0.015.0.01=0.00015 moles; nNaOH=0.025.0.06=0.0015 moles. The remaining base is n’NaOH=0.0015-0.00015=0.00135 moles. The total volume is V=0.015+0.025=0.04 dm3.

So: [OH-]=0.00135/0.04=0.003375 M = pOH=1.47 = pH=12.53

5. For titration in examples 1-3 draw the titration curve.

We assume the sample is 100 cm3 of 0.1 M HCOOH and the titrant is 0.2 M NaOH. 

Calculations give results as in the Table below. Note that above the stoichiometric point the results are identical as for a strong acid.
	Volume of titrant added
	Total volume [dm3]
	nNaOH added
	nHCOOH remaining
	nNaOH remain.
	[H+]

moles/dm3
	[OH-] 

moles/dm3
	pH
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	0.000631
	10-10.8
	3.2
	

	20
	0.120
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	3.62
	

	40
	0.140
	0.008
	0.002
	0
	0.0000396
	10-9.6
	4.4
	

	45
	0.145
	0.009
	0.001
	0
	0.0000176
	10-9.25
	4.75
	

	49
	0.149
	0.0098
	0.0002
	0
	0.0000032
	10-8.51
	5.49
	

	50 (stoichio​m. point!)
	0.150
	0.01
	0
	0
	10-8.31
	2.05.10-6
	8.31
	

	51
	0.151
	0.0102
	0
	0.0002
	10-11.12
	0.0013
	11.12
	

	55
	0.155
	0.011
	0
	0.001
	10-11.81
	0.0065
	11.81
	

	60
	0.160
	0.012
	0
	0.002
	10-12.10
	0.0125
	12.10
	

	80
	0.180
	0.016
	0
	0.004
	10-12.35
	0.022
	12.35
	

	100
	0.200
	0.02
	0
	0.01
	10-12.7
	0.05
	12.70
	


Solubility product vs. solubility
1. Calculate the solubility of BaSO4 (pKso=10) in water.

This is 1:1 salt; BaSO4(Ba2++SO42- . The corresponding equilibrium constant has the form:
Kso=[Ba2+][ SO42-], where [Ba2+]=s and [SO42-]=s (s – solubility expressed in moles/dm3). 

So, Kso=s2 ( 
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2. Calculate the solubility of PbI2 (pKso=8.2) in water.

This is 1:2 salt; PbI2(Pb2++2I- . The corresponding equilibrium constant has the form:

Kso=[Pb2+][ I-]2, where [Pb2+]=s and [I-]=2s (s – solubility expressed in moles/dm3). 

So, Kso=s.(2s)2 ( 
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3. Calculate the solubility of Co3(AsO4)2 (pKso=28.1) in water.

This is 3:2 salt; Co3(AsO4)2(3Co2+ + 2AsO43- . The corresponding equilibrium constant has the form: Kso=[Co2+]3[AsO43-]2, where [Co2+]=3s and [AsO43-]=2s (s – solubility expressed in moles/dm3). So, Kso=(3s)3.(2s)2=108s5 ( 
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4. Calculate the solubility of Fe(OH)3 (pKso=38.6) in water. (Common ion effect!)
This is 1:3 electrolyte; Fe(OH)3(Fe3+ + 3OH- . The corresponding equilibrium constant has the form: Kso=[Fe3+][OH-]3, where [Fe3+]=s but the OH- ions seem to origin rather from self-dissociation of water: H2O=H++OH-, Kw=10-14=[H+][OH-]. Let us try to apply the value of [OH‑]=10-7 M: Kso=s.(10-7)3=s.10-21( 
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This value is much smaller than 10-7 (amount of OH- ions from water self-dissociation), i.e. the assumption was correct (water is the dominating source of OH- anions).

5. Compare the solubility of AgBr (pKso=12.3) in water and in 0.2 M Ca(NO3)2. (Salt effect!)
This is 1:1 electrolyte; AgBr(Ag++Br- . The corresponding equilibrium constant has the form: Kso=[Ag+][Br-] . In pure water the solubility is 
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In 0.2 M Ca(NO3)2, however, the ionic strength is high and one should use activities instead of molar concentrations. The ionic strength is μ=½.(0.2.22 + 0.4.12)=0.6 
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In the electrolytic solution, solubility of AgBr increases 1.65 times (1.17.10-6/7.08.10-7).
Solubility product, solubility - miscellaneous
1. Solubility of SrF2 in water is 8.56.10-4 moles/dm3. Calculate the pKso.

This is 1:2 salt; SrF2(Sr2++2F- . The corresponding equilibrium constant has the form:

Kso=[Sr2+][ F-]2, where [Sr2+]=s and [F-]=2s (s – solubility expressed in moles/dm3). 

So, Kso=4s3 =2.51.10-9 ( pKso=8.6   
2. Calculate solubility of Mg(OH)2 (pKso=10.7) in water. 
This is 1:2 electrolyte; Mg(OH)2(Mg2++2OH- . The corresponding equilibrium constant has the form: Kso=[Mg2+][ OH-]2, where [Mg2+]=s and [OH-]=2s (s – solubility expressed in moles/dm3), but only if self-dissociation of water could be neglected. Let us assume it could.
So, Kso=s.(2s)2 ( 
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so

moles/dm

 

K

s

000171

.

0

4

10

4

3

7

.

10

3

=

=

=

-


This  means [OH-]=2s=0.000342 M – the value relatively high compared to 10-7 (i.e. [OH-] in pure water). Our assumption is valid.

3. Calculate solubility of Mg(OH)2 (pKso=10.7) in 0.01 M NaOH. (Common ion effect!)
This is 1:2 electrolyte; Mg(OH)2(Mg2++2OH- . The corresponding equilibrium constant has the form: Kso=[Mg2+][OH-]2, where [Mg2+]=s and [OH-]=0.01 M (s – solubility expressed in moles/dm3). So, Kso=s.0.012  = s.10-4 ( s=10-10.7/10-4 = 10-6.7 = 3.10-7 moles/dm3. 
4. We are adding gradually 0.1 M AgNO3 to a solution containing 0.1 M NaCl and 0.01 M NaBr. Which salt, AgCl (pKso=9.8) or AgBr (pKso=12.3), will be precipitated first? Is it possible to precipitate these salts fractionally (i.e. to separate them by precipitation)?
The minimum concentrations of silver cations Ag+ to start precipitation is equal to 10‑9.8/0.1=1.58.10-9 moles/dm3; while for AgBr it is 10‑12.3/0.01=5.01.10-11 moles/dm3. AgBr will precipitate first (it needs lower concentration of Ag+ to start precipitation).

The lowest [Ag+] to start precipitating AgCl, equal to 1.58.10-9 M, means that the equilibrium concentration of remaining Br- anions is pKso,AgBr=10-12.3=1.58.10-9.[Br-] ( [Br-]=0.000317 moles/dm3. This is ca. 3% of the initial concentration of NaBr (0.01 M), too much for quantitative separation of these two salts.
In these calculations we assume that the volume during addition of AgNO3 has not been changed.
5. Calculate solubility of Fe(OH)3 (pKso=38.6) in 0.01 M NaOH. (Common ion effect!)
Let us try the method from Exercise 3: Kso=s.0.013  = s.10-6 ( s=10-38.6/10-6 = 10-32.6 moles/dm3. 

This result, although  mathematically correct, raises logical doubts: it suggests solubility of the order of one molecule in ca. 1010 dm3=10000 m3 of water! 
6. Calculate solubility of Ag2SO4 (pKso=4.8) in 0.01 M H2SO4. (Common ion effect!)
7. This is 2:1 electrolyte; Ag2SO4(2Ag++ SO42- . The corresponding equilibrium constant has the form: Kso=[Ag+]2[SO42-], where [Ag+]=2s and [SO42-]=0.01 M (s – solubility expressed in moles/dm3). So, Kso=(2s) 2.0.01  = 4s2.10-2 ( 
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However, the solubility of silver sulfate in pure water is almost the same! (Kso=4s3 ( s=0.0158 M).

In this case one should calculate the solubility from Kso=(2s)2.(s+0.01)=4s3+0.04.s2. Rather difficult without a computer…

Redox half-reactions
1. Write the half-reaction of reduction of MnO4- anion in acidic environment.

In acidic solution, permanganates are reduced to Mn2+ cations.

There are two methods:

If one knows the oxidation states of substrate and product:

They are +7 for  MnO4- and +2 for Mn2+ cation, the number of exchanged electrons is 5. First, we write these species at two sides of the reaction together with the electrons, situated always at the side where the more oxidized form is located:

MnO4- + 5e- ( Mn2+
Now we complete oxygens writing 4 water molecules at the right. These oxygens are at unchanged -2 oxidation state at both sides:

MnO4- + 5e- ( Mn2+ + 4H2O

There are 8 hydrogens at right, we write them at left as H+ cations (at unchanged +1 state at both sides):

MnO4- + 8H+ + 5e‑ ( Mn2+ + 4H2O

If one does not know the oxidation states:

First, we write these species at two sides of the reaction:

MnO4- ( Mn2+
Now we complete oxygens writing 4 water molecules at the right. These oxygens are at unchanged -2 oxidation state at both sides:

MnO4-  ( Mn2+ + 4H2O

There are 8 hydrogens at right, we write them at left as H+ cations (at unchanged +1 state at both sides):

MnO4- + 8H+ ( Mn2+ + 4H2O

Now we notice that the sum of charges at left is different than that at right. To correct this, one has to write 5 electrons at left:

MnO4- + 8H+ + 5e‑ ( Mn2+ + 4H2O

2. Write the half-reaction of reduction of MnO4- anion in neutral environment.
In neutral solution, permanganates are reduced to MnO2. The final half-reaction should be:

MnO4- + 4H+ + 3e‑ ( MnO2 + 2H2O

3. Write the half-reaction of reduction of MnO4- anion in basic environment.
In basic solution, permanganates are reduced to MnO42-(manganate ion). The final half-reaction should be:

MnO4- + 1e‑ ( MnO42-
4. Write the half-reaction of reduction of Cr2O72- anion in acidic environment.
The dichromates reduce to Cr3+. Remember the number of chromium atoms reducing. The final half-reaction should be:

Cr​2O72- + 14H+ + 6e‑ ( 2Cr3+ + 7H2O

5. Write the half-reaction of reduction or oxidation of H2O2.
Hydrogen peroxide can be oxidizer or reducer, because its oxygens are at -1 oxidation state (can be changed to -2 or to 0). The final half-reactions should be:

H2O2 + 2H+ + 2e‑ ( 2H2O (oxidizer)  (also the form H2O2 + 2e‑ ( 2OH- is correct)
H2O2 ( O2 + 2H+ + 2e‑ (reducer)

Redox reactions
1. Write the reaction of reduction of MnO4- anion by iron(II) ions in acidic environment.

We use the half reactions, written in respective directions:

MnO4- + 8H+ + 5e‑ ( Mn2+ + 4H2O

Fe2+ ( Fe3+ + 1e-
The number of exchanged electrons should be identical, this leads to the following set:

MnO4- + 8H+ + 5e‑ ( Mn2+ + 4H2O

5Fe2+ ( 5Fe3+ + 5e-
Let us add these two equations:

MnO4- + 8H+ + 5e‑ + 5Fe2+ ( Mn2+ + 4H2O +5Fe3+ + 5e-
Electrons appearing at both sides can be removed, the final form is as follows:

 MnO4- + 8H+ + 5Fe2+ ( Mn2+ + 4H2O +5Fe3+ 
2. Write the reaction of reduction of Cr2O72- anion by oxalic anion in acidic environment.

We use the following half reactions, written in respective directions:

Cr​2O72- + 14H+ + 6e‑ ( 2Cr3+ + 7H2O

(COO)22- ( 2CO2 + 2e-
The number of exchanged electrons should be identical, this leads to the following set:

Cr​2O72- + 14H+ + 6e‑ ( 2Cr3+ + 7H2O

3(COO)22- ( 6CO2 + 6e-
Let us add these two equations and remove the electrons appearing at both sides:

Cr​2O72- + 14H+ + 3(COO)22-  ( 2Cr3+ + 7H2O + 6CO2
3. Write the reaction of reduction of BrO3- anion by arsenic(III) anion in acidic environment.

We use the following half reactions, written in respective directions:

BrO3- + 6H+ + 6e‑ ( Br- + 3H2O
AsO33- + H2O ( AsO43- + 2H+ + 2e-
Let us add these two equations and remove the electrons appearing at both sides:

BrO3- + 6H+ + 3AsO33- + 3H2O ( Br- + 3H2O + 3AsO43- + 6H+
Note water and hydrogen cations appearing at both sides. Reduction of them leads to the final form:
BrO3- + 3AsO33- ( Br- + 3AsO43- 

4. Write the reaction of disproportionation of hydrogen peroxide.

Disproportionation occurs when the same compound is reducer and oxidizer at the same time. We combine the half reactions (example 5 at the former page), written in respective directions:

H2O2 + 2H+ + 2e‑ ( 2H2O

H2O2 ( O2 + 2H+ + 2e‑ 

So, the final equation is:

2H2O2 ( 2H2O + O2
5. Write the reaction of iodine with thiosulphate anion.

Iodine is the oxidizer. The following half-reactions are combined:

I2 + 2e- ( 2I-
2S2O32- ( S4O62- + 2e-
The final equation is:

2S2O32- + I2 ( S4O62- + 2I-
Nernst equation, redox potential
1. Construct the Nernst equation for Mn2+/MnO4- redox system.

While the half reaction describing the above redox system in equilibrium (written in the direction of oxidization) is:

Mn2+ + 4H2O ( MnO4- + 8H+ + 5e‑
the expression describing this equilibrium is: 
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(note that this is not an equilibrium constant, this value depends on concentration of reaction components)
Using this expression and the number of electrons (n=5), one constructs the Nernst equation:
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2. Construct the Nernst equation for Pb2+/PbO2 redox system.

While the half reaction describing the above redox system in equilibrium (written in the direction of oxidization) is:

Pb2+ + 2H2O ( PbO2 + 4H+ + 2e‑
the expression describing this equilibrium is: 
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However, the activity of solid phase (PbO2) is equal to 1, so:   
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This implies the following:  
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3. Calculate potential of a copper wire immersed in 0.1 M CuSO4 (E0Cu2+/Cu0=+0.337 V).
The redox equilibrium between the wire and the solution is: Cu0 ( Cu2+ + 2e‑
The corresponding Nernst equation is 
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(because activity of solid copper is equal to 1 – see the previous example). Substituting the data one obtains:  
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4. Calculate potential of a Pt wire immersed in a mixture of 10 cm3 of 0.1 M KBrO3 and 20 cm3 of 0.02 M KBr, pH=2 (in acid solution E0BrO3-/Br-=+1.44 V).

The redox equilibrium is: Br- + 3H2O ( BrO3- + 6H+ + 6e‑. The corresponding Nernst equation is:
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Knowing that [H+]=10-2 M, the total volume of the mixture is 10+20=30 cm3 = 0.03 dm3, and that the numbers of moles of the two other components are:
n=0.01.0.1=0.001 moles for BrO3- and n=0.02.0.02=0.0004 moles for Br-
i.e. the corresponding concentrations are: 0.001/0.03= 0.0333M, and 0.0004/0.03=0.0133 M

the potential is:
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(Note that the ratio of concentrations, 0.0333/0.0133, can be replaced by the ratio of numbers of moles, 0.001/0.0004. Why?)

Complex formation equilibria
1. Ca2+ cations form 1:1 complex with EDTA4- (the anions of ethylenediaminoacetic acid); its stability constant is 2.109 (logβ1=9.3). Calculate the concentration of free calcium cations in 0.01 M solution of this complex.

The complex, [CaEDTA2-], dissociates in basic environment according to the following reaction:

[CaEDTA2-] ( Ca2+ + EDTA2-
The equilibrium constant of this is reaction is a reciprocal of β1, i.e. it is equal to 5.10-10. Remembering that in this solution the concentrations of calcium cations and EDTA anions are equal and that the complex is very stable, i.e. one can assume that only little amount of it is dissociated:
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2. Iron(III) forms with cyanide anions only one complex (1:6), its stability constant is logβ6=31. Calculate the concentration of free iron(III) cations in 0.1 M solution of sodium ferrocyanide, Na3[Fe(CN)6].

Sodium ferrocyanide dissociates completely, yielding the respective concentration of ferrocyanide anions (complex anions): Na3[Fe(CN)6] ( 3Na+ + [Fe(CN)6]3-
The anions undergo the equilibrium reaction of dissociations:

[Fe(CN)6]3- ( Fe3+ + 6CN-
This reaction is described by an reciprocal of the stability constant. Like in the previous exercise, we assume that only a little amount of the complex is dissociated. Denoting the free iron(II) concentration as x one obtains:
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3. Calculate the concentration of free cyanide anions in the solution from the previous exercise.

We repeat the procedure, but now x=[CN-]:
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4. Calculate the concentration of free iron(III) cations in a mixture of equal volumes of 0.002 M FeCl3 and 0.2 M NaCN. For the ferrocyanide complex [Fe(CN)6]3-, its logβ6=31.

Fe3+ forms complexes with CN-, but here we have great excess of the ligand. Let us assume that the equilibrium concentration of CN- anions is 0.1 M (remember about the mutual dilution!). Of course, the equilibrium of complex formation is shifted right.
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(this result is logically nonsense, although mathematically correct – do you remember a similar case before?). 
Complex formation equilibria – the molar fractions of forms

(these equations can be applied if 
a) one knows the equilibrium concentration of free ligand;

or 
b) if the excess of ligand over the metal is great enough to assume the consumption of the former in complex forming reaction can be neglected).
1. Chlorides form with cadmium(II) four complexes, their stability constants are logβ1=1.6; logβ2=2.1; logβ3=1.5; logβ4=0.9. Calculate the mutual proportions of different forms of cadmium in a solution, in which the free chloride concentration is [Cl-]=0.1 M.

The respective molar fractions of the free cadmium and of the complexes are as follows:
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For example, the molar fraction of the non-coordinated metal is:
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Consequently, the molar fractions of the complexes are:
α1=0.635; α2=0.201; α3=0.00504; α4=0.000127

Note that in equations above the numerators are subsequent components of the denominator (which is identical in all the equations). This means that the mutual proportions of the forms are proportional to these components and it was even not necessary to calculate the fractions. 
2. We add one drop (0.05 cm3=5.10-5 dm3) of 0.1 M ZnCl2 to 1 dm3 of 0.1M KSCN. Calculate the concentration of free Zn2+ cations (they form with thiocyanates four complexes: logβ1=0.5; logβ2=0.8; logβ3=0.0; logβ4=1.3).
With such the excess of ligand, its concentration remains practically unchanged during complexation reaction. So, we can calculate the mole fraction of free zinc cations:
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The total concentration of zinc is: 
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and the content of free zinc cations is:
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