
An Introduction to 
Electrochemistry



Balancing Redox Equations

half-reaction technique

Sn2+ +  Fe3+ <=> Sn4+ +  Fe2+

Fe2+ +  MnO4
- <=> Fe3+ +  Mn2+

Redox Reaction

ox1 +  red2 <=> red1 +  ox2



Balancing using the electron change

• 1- balance no of atoms

• 2- determine the e change for the half reaction

• 3- balance the charges -ve (OH-, alkaline med), 
+ve (H+, acidic med)

• 4- balance oxygen and hydrogen by adding H2O

• (AECO)

• H2O2 + MnO4
-
 O2 + Mn2+ (acid soln)



5H2O2 + 2MnO4
- +6H+

 5O2 + 2Mn2+ + 8H2O

• MnO4
-
Mn2+

• MnO4
- +5eMn2+

• MnO4
- +8H++5eMn2+

• MnO4
- +8H++5eMn2+

• +4H2O
• X 2

• H2O2 O2

• H2O2 O2 +2e
• H2O2 O2+2H++2e

• X 5



Balancing without knowledge of oxdn stats

• 1- balance the no of atoms (red/oxd)

• 2- balance oxygen (by adding H2O)

• 3- balance hydrogen (by adding H+)

• 4- balance the charges (by adding e)

• (AOHC)

• H2O2 + MnO4
-
 O2 + Mn2+ (acid soln)



5 H2O2 + 2 MnO4
- + 6H+

 5 O2 +  2 Mn2+ + 8H2O

• H2O2 O2

• H2O2 O2 + 2H+

• H2O2 O2 + 2H+ +2e

• X 5

• MnO4
-
Mn2+

• MnO4
-
Mn2+ +4H2O

• MnO4
- +8H+

Mn2+ +4H2O

• MnO4
- +8H++5eMn2+ +4H2O

• X 2



Potassium permenganate

• Oxidising agent for over 100 years.

• Mn (+2,3,4,6,7)

• The most common reaction in acidic soln >= 
0.1N

MnO4
- + 8H+ +5e  Mn2+ +4H2O



• The slight excess of MnO4
- (at ep) MnO2(s). 

• The reaction is slow  the ppt is formed at 
the ep 

• MnO4
- reacts rapidly with many reducing agents, 

but some substances require heating or the use 
of cat to speed up the reaction 

• MnO4
- is a strong agent to oxidise Mn(II) to MnO2

• 3Mn2++ 2 MnO4
- + 2H2O  5MnO2(s) + 4H+



Precautions taken in the prepn of KMnO4 soln

• Dissolve the crystals (heat)  to destroy reducible 
substances  filter through sintered glass (non reducing 
filters) MnO2 is removed

• Traces of MnO2 (present in KMnO4 or formed by the 
reaction with traces of reducing agents in H2O) catalyses 
the decomposition of KMnO4 soln.

•  pure soln of KMnO4 titrate against stand soln 

•  keep in the dark  avoid acidifying 

•  its concen would be stable for several months 



Acidic soln of MnO4
- is not stable 

• Slow reaction (dil soln, RT)

• Never add excess MnO4
- to a reducing agent and 

then raise the temp to hasten oxdn 

•  the foregoing reactn will occur at an 
appreciable rate.

4MnO4
- +4H+

 4MnO2(s) + 3O2 (g) + 2H2O



Primary stand for MnO4
-

Sod oxalate

Exact mechan is not clear.

T=60oC

The rate increases as Mn(II) is formed

Autocatalytic reactn



• Pure sodium oxalte (Na2C2O4, mol wt 134) 
(0.2856 g) in water, H2SO4 is added, titrated 70 oC 

• KMnO4 45.12 mL 

• e.p. overrun

• Extra vol required 1.74 mL 0.0516 M oxalic acid

• Calculate the molarity of KMnO4

• Two solutions NaHA, HA how can you calculate 
the pH of each solution

• How can you prepare 250 mL, 0.10 M solution 
NaOH (mol wt 40)



• 5 (M*V) KMnO4 = 2 ((M*V)Na2C2O4 + (M*V)H2C2O4 )

• wt (Na2C2O4) = (M*V)oxalate*mol wt/1000

• 0.2856 = (M*V)oxalate * 134 /1000

• (M*V)oxalate = 2.127

• (M*V) oxalic = 0.0516 * 1.74 = 0.0898

• 5 (M*45.12) KMnO4 = 2 (2.127 + 0.0898)

• M (KMnO4) = 0.0197 mmol/ml



• How can you prepare 250 mL, 1.0 M solution 
NaOH (mol wt 40)

• 40 gm NaOH (in 1.0 L 1000 mL) -------- 1.0 M

• 1000 mL/4 = 250 mL

• 40 gm/4 = 10 gm 

• 10 gm NaOH dissolved in 250 mL water = 1.0 
M solution NaOH



Primary stand for MnO4
-

• Normally this reaction is slow

• Presence of iron  catalyse the reaction

• A soln of Mn(II) sulphate, H2SO4, and H3PO4
(Zimmermann – Reinhardt reagent) called preventive 
soln.

• It is added to Fe(II) in HCl before titrn with KMnO4

• Iron wire (high degree of purity (dil HCl)  soln 
add reducing agent (SnCl2)  redn of Fe(III)  Fe(II)

• If directly titrated against KMnO4 in the presence of Cl-

•  oxdn of Cl-Cl2



Determination with MnO4
- : Iron in iron ores

• Addn. of HgCl2 should be slow and the soln. should be cold

• Hg produced in a finely devided state  ppt appears grey 
to black  sample should be discarded

•  cool then add Hg(II) chloride Sn4+ +Hg2Cl2 (s) + 
Fe2+ + 2Cl-

• Excess SnCl2 Hg2Cl2 +Sn2+
 2Hg +2Cl- + Sn4+

• Iron ore  add HCl, heat hot soln Fe (II, III)  add 
SnCl2 (slight excess to ensure complete redn) 

•  Fe(II) soln + SnCl2 (must be removed to avoid reactn 
with MnO4

-)



Oxidation with Potassium Dichromate

• Is a less powerful oxidizing agent than MnO4
-. 

In basic solution, Cr2O7
2- is converted into 

yellow chromate ion CrO4
2-

• CrO4
2- oxidizing power is nil 



• K2Cr2O7, is a primary standard.

• Stable solution  and cheap. 

• K2Cr2O7 is orange

• Cr3+ complexes range from green to violet

• indicators should be used

• e.g. diphenylamine sulfonic acid or 
diphenylbenzidine sulfonic acid

Cr(VI) waste is 
carcinogenic 



• K2Cr2O7 < MnO4
- as an oxidant

• Employed for the determination of Fe(II) and, 
indirectly, for species that will oxidize Fe(II) 
to Fe(III). 

• For indirect analyses, 

• unknown + measured excess Fe(II) . 

• unreacted Fe(II) against K2Cr2O7.

• e.g. , organic peroxides and



Methods Involving Iodine 

• In iodometry, an 
oxidizing analyte is 

added to excess I- to 
produce iodine, which 

is then titrated with 
standard thiosulfate 

solution. 

• When a reducing 
analyte is titrated 

with iodine (to 
produce I-), the 

method is called 
iodimetry. 



• I2 is only slightly soluble in water (1.3 * 10-3 M 
at 20 oC), but its solubility is enhanced by 
complexation with I-

• 0.05 M solution of I3 for titrations is prepared 
by dissolving 0.12 mol of KI + 0.05 mol of I2 in 
1 L of water 

• When iodine is used as a titrant, it means a 
solution of I2 + excess I-. 



Use of Starch Indicator 

• In iodimetry (titration with I3
-), 

starch can be added at the beginning 
of the titration. 

• The first drop of excess I3
- after the 

equivalence point causes the 
solution to turn dark blue. 

starch is used as an indicator for iodine. 

With starch, the limit of detection is extended by 
about a factor of 10. 



• Starch-iodine complexation is temperature 
dependent. 

• At 50 0C, the color is only 1/10 as intense as at 25 0C 
 cooling in ice water is recommended. 

• Organic solvents  decrease the affinity of iodine 
for starch

• In iodometry (titration of I3
-), I3

- is present 
throughout the reaction up to the eqc. pt. 

• Starch should be added just before the eqc. pt. 
(fading of the I3

-). 

• If not, iodine would remain bound to starch particles 
after the eqc. pt is reached. 









Preparation and Standardization of I3
- Solutions 

• Triiodide (I3
-) is prepared by dissolving solid I2 in 

excess KI. 

• Sublimed I2 is pure enough to be a primary 
standard, but it is seldom used as a standard 
because it evaporates while it is being weighed. 

• Instead, the approximate amount is rapidly 
weighed, and the soln of I3

- is standardized with a 
pure sample of analyte or Na2S2O3. 

• Acidic solutions of I3
- are unstable because the 

excess I- is slowly oxidized by air 



• In neutral solutions, oxidation is insignificant in the 
absence of heat, light, and metal ions. 

• At pH11, I3
- disproportionates to hypoiodous acid, iodate, 

and iodide. 

• To prepare standard I3
-
 add a weighed quantity of the 

primary stan- dard potassium iodate (KIO3) to a small 
excess of KI. Then add excess strong acid ( pH 1)  I3

- : 

• Freshly acidified iodate + iodide can be used to standardize 
thiosulfate. 

• I3
- must be used immediately or it will be oxidized by air. 

• The disadvantage of KIO3 is its low mol wt relative to the 
number of electrons it accepts  a larger weighing error



Use of Sodium Thiosulfate 

• Sodium thiosulfate is the almost universal 
titrant for triiodide. In neutral or acidic 
solution, triiodide oxidizes thiosulfate to 
tetrathionate: 

In basic solution, I3
- disproportionates to I- and HOI, 

which can oxidize S2O3
2- to SO4

2-

should be carried out below pH 9



• To prepare a stable solution of S2O3
2-
 dissolve Na2S2O3 

in high-quality, freshly boiled distilled water. 

• Dissolved CO2 makes the solution acidic  dispropor-
tionation of S2O3

2- : 

• The common form of thiosulfate, Na2S2O3. 5H2O, is not 
pure enough to be a primary standard  S2O3

2- is usually 
standardized by reaction with a fresh solution of I3

- (KIO3 + 
KI). 

• Metal ions catalyze atmospheric oxidation of S2O3
2- : 



• S2O3
2- solutions should be stored in the dark.

• Addition of 0.1 g of sodium carbonate per liter 
maintains the pH in an optimum range for stability of 
the solution. 

• Three drops of chloroform should also be added to 
each bottle of S2O3

2- solution to help prevent bacterial 
growth. 

• An acidic solution of S2O3
2- is unstable, but the 

reagent can be used to titrate  I3
- in acidic solution 

because the reaction with I3
- is faster than:



• Oxidizing agents can be treated with excess I-
 I3

-.

• The iodometric analysis is completed by titrating the 
liberated I3

- with standard S2O3
2-. Add starch just before 

e.p.

Analytical Applications of Iodine 

• Reducing agents can be titrated directly with standard I3
-

in the presence of starch, until reaching the intense blue 
starch-iodine end point.

• An example is the iodimetric determination of vitamin C: 















• (1) MnO4
– + 5e –→ Mn 2+ (manganous ion) 

• → eq wt of potassium permanganate is 1/5th gram-mol wt 31.61 g. 

• (KMnO4 : 1/5 × 158.05 = 31.61)
(2) Cr2O7

2— + 6e —→ 2Cr 3+ (chromous ion) 

• → eq wt of potassium dichromate is l/6 gram-mol wt 49.03 g. 

• (K2Cr2O7 : 1/6 × 294.18 = 49.03)
(3) I2 + 2e —→ 2I — (iodide ion) 

• → eq wt of iodine is 1 gram-mol wt 126.90 g. (I2 : Molecular 
Weight = 126.90) 

• (4) BrO3
– + 6e — → Br– (bromide ion)

→ eq wt of potassium bromate is 1/6 gram-mol wt 27.83 g. (KBrO3 : 
1/6 × 167.01 = 27.83) 


