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Introduction

The object of thi3 study І3 to determine the 
formal redox potenţial of the ferrous-ferric system 
at the end point of the Zimmerrnann-Reinhardt method 
of determining iron in an ore.

The potenţial is lowered somewhat more than 
the theoretical value because the activities of Ліе 
ferrous and ferric ions are considerably affected 
by the ionic strength and complex ion formation 
brought about by the various acids used. Hence, 
formal potentials are more practicai than the 
standard potenţial.

The method of analysis־*־® is the same as that 
employed by a student of Quantitative Analysis, 
hence in this study the technique used by a student 
is duplicated as nearly as possible.
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Theoretical Dłscussion

Consider an inert electrode immersed in a 
solution containing ferrous and ferric ions. By 
virtue of the reaction

— Fe +· e♦++ _ ·+־#- у Pe (1)
the electron content of the inert electrode is 
altered. The ferrous ion, which is capable of 
being oxidized, tends to lose an electron to the 
inert electrode giving it a negative charge. The 
ferric ion, which is capable of being reduced, 
gains an electron from the electrode tending to 
give it then a po3itive charge. The extent to which
the net reaction proceeds is smali because the 
charge on the electrode prevents the loss or gain 
of more electrons either by repulsion of other 
electrons when the electrode is negative or by the 
attraction of electrons when the electrode is posi- 
tive. The magnitude of the electrode potenţial is 
thus a measure of the tendency of ionic substances 
to change from one oxidation state to another.^
This potenţial developed between the inert electrode 
and the solution is called the oxidation-reduction 
potenţial or simply the redox potenţial of the system. 
The redox potenţial of a solution is a measure of the 
tendency of the solutes to acquire electronsД 5
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Since equatîon (1) represents only a half reac- 
tion, a reference electrode is used in order to сот- 
plete the celi. In this study the reference electrode 
used was a saturated calomel electrode. The completed
celi сап be written as

Pt I Fe , Fe. ׳+++ ־♦־־♦״ Sat. KC1 Hg2Cl2+Hg 
From thermodynamics,2,3,15 can ■ђе demonstrated

that the value of the redox potenţial of a solution of 
ferric and ferrous ions is given by the equatîon

E E°+RT 10£ (Fe+*+) (2)
Tf^ T

where E° is a constant called the standard molar poten- 
tial of the ferrous-ferric system. E° is equal to the

potenţial of a platinum electrode immersed in a solution 
in which the activities of both the ferrous and ferric 
ions are equal to unity. The numerical value is based 
on the assumptlon that the molar potenţial of the nor- 
mal hydrogen electrode is assigned a value of zero.

Consider noiv the solution of ferrous and ferric 
ions in the Zimmermann-Reinhardt method. Many complexes 
such as FeCl , FeClg , Fe(OH) (H20)5 , Fe(S04)2 ,
and others are involved, making the application of the 
standard molar potenţial to practicai problema quite 
difficult. Using the symbolism of Rieman, Nieuss and 
Naiman16, letlFlqdenote the total concentration of iron
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in the tervalent state in the various ferric complex, 
giving the equation

[pe®J״ţFê j4־jFecrJ-f jpeClgJ+|^Fe (S04) gJ+.....

In a similar manner, the total ferrous ion can te 
represented by

[Fe1]־ jFe^+jFe (OH) (H20)tj+....

By letting J3 denote that fraction of the ferric iron 
that is immediately available to act as an oxidizing 
agent, and Jg as that fraction of the ferrous iron 
that can act directly as a reducing agent, equation 
(2 ) becomes

SPe =  E°pe + 0.1983T log [Fe*] J3 ţfr*** (3 )
P ־״״־.<* J J2״e־

By expansion of the last term on the rlght side, the 
equation becomes

EFe~ Ере+0.1983Т logjj^j + 0.1983T logfş^Q. 1983T log Jj
~lz

The first, third and fourth terrns on the right 
side of this equation remain constant in any given 
solution, the latter two depending on the concentration 
and klnd of acid used.

Now, if we let

Ѕ/Ч=£У«+ 0 *1983Т lQg J3 -+. 0.1983T log f
Јг “

then equation (3) can be written in terrns of the total
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concentration of the ferrous and ferric forma of iron,

where E° is called the formal redox potenţial. In 
general, the formal redox potenţial is equal to the 
redox potenţial of a solution which contains equal 
stoichiometrlc amounts of an oxidizing agent and its 
conjugate reducing agent. By a stoichiometrlc amount 
is meant the total amount including the various corn- 
plex ions. It is the amount calculated as though no 
formation of complex ions existed. This amount is 
always measured in moles or in millimoles.

The degree of completeness of the oxidation of 
ferrous ion to the tervalent state in this study was

 -calculated from the ratio of Pe to Pe at the experi♦4־+ +4
mental end point values of E and E° and was found to 
be 999.7597 parts per thousand. Hence, for every 
four millimoles of ferrous ion oxidized, 0.00096 
millimoles will stili remain as ferrous ion. Now, if 
3.99809 millimoles of ferrous sulfate is added, the 
ratio of ferrous to ferric ions would become unity.
At this point, equation (5) would become

Efc= 0·1983T lc>£ 1
or

( 6 )Ê =  Eî.
where E is the observed potenţial after the addition 
of a stoichiometrlc amount of ferrous ion.
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Experimental Procedure

A. Apparatus
1. Potentiometer: A Leeds-Northrup type К 

potentiometer complete with galvanometer.
2. Standard Celi: The celi used was a standard 

Weston celi having a potenţial of 1.0189 
volts.

3. Reference Electrode: A number 7724 and 
number 7748-P-2 Calomel electrode assembly was 
used. This electrode consisted of three major 
parts designated as A, B, and E in figure 1.
The outside glass tubes A and E along with
the ground glass joint F form the salt bridge 
while В is the calomel electrode.

The calomel electrode was prepared in the 
usual manner using saturated potassium chloride 
as the liquid junction.^ The numerlcal value 
of the electrode was taken to be 0.2415 volts 
at 25 degrees centigrade .5 י5 י

4. Indicator Electrode: This electrode was pre- 
pared by sealing a piece of platinum (2.5 x 18 mm) 
in the end of a 7 mm x 12 cm glass tube. A 
piece of copper wire was placed in the tube 
which was filled with reagent grade mercury.
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Fig. 1

י>
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The end was sealed, exposing only enough wire 
for a proper electrical connection. The elec- 
trode was then platinized by the method de3- 
cribed in Jasper.7

5. Celi vessels: Ordinary 600 ml and 1000 ml 
beakers served as celi vessels. The size used 
depended upon the final volume of solution.

6. Miscellaneous apparatus: 50 ml. volumetric
flasks, automatic burets, analytical balance 
and weights.

B. Chemicals
1. Potassium Permanganate: A 0.02 molar solution 

was boiled for one hour to remove traces of 
organie matter. The solution was allowed to 
stand overnight then was filtered through an 
asbestos mat.18 The solution was standardized 
with analytical grade sodium oxalate.®*!3

2. Ferrous Sulfate: A 0.1 molar solution was 
madę fresh every one working hour. This 
solution was analyzed using standard potassium 
permanganate. Thirty milliliters of the 
ferrous sulfate solution was titrated with 
standard permanganate in presence of 5.0 ml
of preventive solution.

3. Iron Ore: Analyzed samples from the Standard
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Sample Company, Detroit were used.
4. Hydrcchloric Acid: 8 normal stock solution
5. Stannous Chloride: 1.0 Molar solution madę 

from C. P. grade salt.
6. Mercuric Chloride: 0.25 Molar solution madę 

from C. P. grade salt.
7. Preventive Solution: 0.5 Molar with manganous 

sulfate, 2 Molar with sulfuric acid and 2 Molar 
with phosphoric acid.

8. Silver Nitrate: 0.2 molar standardized with 
reagent grade potassium chloride using dichloro- 
fluorescein as the indicator.®

ן
C. Procedure: A sample of dry iron ore yielding 8 mmol 

of iron was accurately weighed. This sample was 
placed in a 50 ml volumetric fiask and approximately 
40 ml. of 8 molar hydrochloric acid was added. The 
solution was heated for one hour or until the iron 
was completely dissolved. The solution was then 
cooled and 8 molar hydrochloric acid was added to 
the 50 ml. mark. In order to determine the amount 
of the acid used, 1.00 ml. of the solution was 
pipetted into a 250 ml. Erlenmeyer fiask, 60 ml. of 
water was added and then neutralized with sodium 
hydroxide. The solution was titrated with standard 
silver nitrate solution using dichlorofluorescein
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as the Indicator. The molarity of the acid present 
in the iron solution was then calculated.

25.00 ml. of the iron solution was pipetted 
into a 600 ml beaker and heated on a hot plate until 
the hydrochlorie acid fumes began to form. One molar 
stannous chloride was added dropwise until a pale 
green to colorless solution was observed, then two 
drops excess of stannous chloride was added. The 
solution was cooled and 10 ml of 0.25 molar mercuric 
chloride was added. The solution was allowed to 
stand ten minutes in order to complete the reaction.
A smali amount of silky white precipitate of mere- 
urous chloride was obtained. Pour hundred ml. of 
dlstilled water was added and stirred for about one 
minute. The observed potenţial was recorded at this 
point. Next, 25 ml. of preventive solution was added, 
then stirred for about one minute, and again the 
potenţial was recorded.

The solution was titrated immediately with 
standard permanganate, adding the permanganate slowly 
until a faint pink end point color was obtained 
which persisted for at least ten seconds. The 
potenţial was recorded at this point.

The calculated amount of standard ferrous sulfate
necessary to make the ratio of ferrous to ferric
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equal to unity was then added. Again the potenţial 
of the solution was recorded. (From equation (5) 
we readily see that, by making the ferrie-ferrous 
ratio unity, the formal redox potenţial is obtained.)

Finally, the ionic strength after the addition 
of the standard ferrous sulfate was calculated from 
the known quantities of the various electrolytes.
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Discussion of Results

Formal oxidation-reduction potenţiala have Ъееп 
determined in various concentrations of perchloric 
acid,17 sulfuric acid,6 hydrochloric acid14 and 
phosphoric acid.10

Since the Zimmermann-Reirihardt method of deter- 
minlng iron In an ore employs three of the above acids, 
it would be very useful to have a knowledge of the 
formal redox potenţial of the ferrous-ferric system 
under actual laboratory cond.1 tlona.

As was stated earlier in the theox*etical discussion,
the degree of completeness of the oxidation of ferrous

\

ion by permanganate was found to be 999.7597 parts per
thousand. This result was calculated as follows:

The observed potenţial at the end point was 834
millivolts, while the formal redox potenţial was 626
millivolts. If we let nX eq.ua 1 the fraction of iron
that is oxidized to the tervalent state, then n(l-X) is
the fraction of iron that remains in the ferrous state
at the end point. Substituting these values in equation
(5) we find that at 23° C (Experimental values)

834= 626 4· 57.7 log (X)
(1-X) ־

where X 999.7597 parts per thousand.
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Thls computation shows that the ferrous ion 
remaining unoxidized at the end point 1 3 negligibly 
smali and that the reaction is quantit&tive.

Ihe data obtained using the experimental pro- 
0®dure of Rieman, Nieuss and Naiman16 is shown on 
table 1. Tables 2, 3 and 4 show deviations due to 
the change in iona.c strength. This was necessary in 
order to plot the graph on page 19. As shown frorn 
the tables, the effect of decreasing the concentration 
of acid is to increase the redox potenţial of the 
solul ion. This effect is in agreement with the work 
of Carter.1

ן

The curve on page 19 was obtained by plotting 
the potenţial against the ionic strength. This curve 
 as compared to the results obtained by Schumb and״
oherill using perchloric acid,17 Harvey using sulfuric 
acid, Popoff using hydrochlorlc acid1  ̂and McFall 
using sulfuric acid.10

The results seem to agree quite well since the 
curve falls between those obtained using phosphoric 
acid and sulfuric acid. This is logical since pre- 
ventive solution consista of 2 millimoles of 
phosphoric acid and 2 millimoles of sulfuric acid per 
milliliter of solution. וVillard19 found that sulfuric 
ac-.d decreases the formal redox potenţial of the
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ferrous-ferrlc system by ten percent so it is 
reasonable that phosphoric acid and sulfuric acid 
together would decrease the potenţial even more than 
sulfuric acid alone. The addition of preventive 
solution caused a drop in the potenţial of 58 milli- 
volts. This is in agreement with the value 62 milil- 
volts giveri in the literature. 16

The potenţial is essentially independent of 
chloride ion concentration. Muller12 showed that 

even when the concentration of chloride ion was 1.0 
normal, the potenţial was displaced only by a few 
millivolts.



צ9876

37.72 37.72 37.72 37.70 37.60

1.50 1.50 1.50 1.50 1.50

10.0 10.0 10.0 10.0 10.0

400 400 400 400 400

.591 .581 .581 .595 .594

25.0 25.0 25.0 25.0 25.0

.534 .532 .547 .545 .53**

46.63 46.55 46.52 46.65 46.50

.833 .831 .836 .836 .830

4.136 4.172 4.135 4.139 4.133

0.63 0.63 O.63 0.63 0.63

.626 .625 .626 *626 .626

4321umber

37.72 37.70 37.70

I.63 1.50 1.41

10.0 10.0 10.0

400 400 400

.600 .595 .590

25.0 25.0 25.0

.53** .534 .532

46.90 46.80 46.75

. 00 00 .835 ГЛ009-3־

4.160 4.194 4.156

О .63 O.63 0.63

.625 .626 .62 7

.gNO-a per cid^soln. 41.50

ínCl2 1.50

[gCl2 10.0

later
400

·efóre add. 
solution .601

,revent lve 
ĺ added 25.0

.fter add. 
solution .536

).0889 N ;ed 49.90

>efore
‘e++ 00.

.es of 
e d 4.165

>nlc 
t, a/ 0.63

■edox״, ·L, E° .626



8765

38.80 38.90 38.90 39.95

1.45 1.54 1.50 1.54

10.0 10.0 10.0 10.0

300 300 300 300

.602 .602 .603 .600

25.0 25.0 25.0 25.0

.54? .551 .548 •546

36.20 36.10 35.90 35.90

.679 .682 0040. .677

4.409 i*. 186 4.190 4.186

0.78 0.78 0.78 0.?8

.623 .623 .623 .621

4321lumbe r

ílgNOo per iciä^soln. 38.90 38.90 38.95 38.90

SnCl2 1.54 1.54 1.41 1.45

HgCl2
10.0 10.0 10.0 10.0

water
300 300 300 300

before add. 
solutlon .־ .597 .608 .593 .609

Preventive 
m added 25.0 25.0 25.0 25.0

after add. 
solutlon .·׳ .536 .536 .535 .554

0.1166 N 
ised 35.40 36.00 35.95 35.95

before 
Fe ־·־־·־ .667 .663 .668 .668

les of Ide d כ 4.012 4.198 4.192 4.220

Lonlc 
th, Л4 0.78 0.78 0.?8 0.78

redox ,*.-41 ־r* O A כ־ס .622 .622



4 5 6 7 8

33.10 33.10 33.07 33.15 33.02

1.451.58 1.58 1.62 1.58 1.62

10.010.0 10.0 10.0 10.0 10.0

600500 500 500 500 500

.597 .622 .624 .616 .623

?5.025.0 25.0 25.0 25.0 25.0

.562 .579 .583 .562 .568

34.50 34.75 34.72 34.64 34.6О

.709 .716 .708 .711 .714

4.034
4.023 4.041 4.037 4.034 4.О34

0.53 0.53 0.53 0.53 0.53

.628 .629 .628 629629

321Sample number

33.00

ΪΛ 51.58

10.0
1 0 .0

бос
5 0 0

.616

.606

25.025.0

.562

у 34.50* כב·

.654
.711

4 .0 2 6
4.023

0.46 
0.53

.633
.630

33.00 33.10

1.58 1.64
1.58 1.67

10.0 10.0
10.0 10.0

600 600
500 500

.624 .625

.616 .612

25.0 25.025.0 25.0

.611 .605
.561 .562

34.70 34.70
34.80 34.70

.674 .681
.709 .711

4.047 4.047
4.087 4.О36

0.46 0.46
0.53 0.53

.628 .633.628 .629

Ml. of AgN0׳j per 
ml. of acid soln.
Ml. of ЭпвІ;
Ml. of SnClo added
Mi. of %€!- 
Ml. of HgCl2 added
Ml. of water 
Ml. of water 
added
E.M.F. before add. 
E.M.F. before add. 
of Prev. solution
Ml. of Preventive 
Ml. of Preventive 
solution added
E.M.F. afteг add. 
E.M.F. after add. 
of Prev. solution
Ml. of 0.1166 N 
Ml. of 0.1166 N 
KMnOjj. used
E.M.F. before 
E.M.F. before 
aâding Fe
Mlllimoles of 
MiTiimoles of Fe ++ added
Final ionic 
Final ionic 
strength m

I

Formal redox 
Formal redox potenţial, E

t



4 5 6 7 8

33.08 33.00 33.10 33.04 33.10

1.45 1.67 1 . 6 7 1.73 1.45

1 0 .0 1 0 .0 1 0 .0 1 0 .0 1 0 .0

600 600 600 600 600

.623 .624 .6 2 0 .618 .618

25.0 25.0 25.0 2 5 .0 25.0

. 6 1 1 .608 . 6 1 1 .6 1 0 .613

34.60 34.50 34.50 34.65 34.62

.686 .6 8 3 .6 77 .676 .6 75

4.034 4.023 4.023 4.040 4.037

0.46 0.46 0.46 0.46 0.46

634633632631634

321Sample number

32.98 33.15 33.07

1.58 1.64 1.45

.
1 0 .0 1 0 .0 1 0 .0

—

600 600 600

.624 .625 .6 1 6
~θ~ סי ----------------------------- 0 ----------------

1 ^

25.0 25.0 25.0

. 6 1 1 .605 . 6 1 1

Ml. of AgN0׳j per 
ml. of acid soln.
Ml. of SnCl2 
added

Mi. of HgC!2

Ml. of water 
added

E.M.F. before add. 
of Prev. solutlon

E<
Ml. of Preventive 
solution added

E .M.F. after adć. 
of Prev. solution

0.46

.633

Ionic Strength
0.46 0.46

Plot of E°' agalnst the ionic 
strength of various acids.

.633.628o י

Final ionic 
strength,^

Formal redοχ 
potenţial, E



19

Plot of E° against the ionic 
strength of varlous acids.
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Conelusion

The formal redox potenţial of the ferrous- 
ferrlc system under actual lahoratory eonditions of 
the Zimmerman-Reinhardt method was found to he 626 
milllvolts. Thls value, which. was calculated from 
the measured potenţial at the end point, Îs somewhat 
smaller than the value clted in Rieman, Nieu3s and 
NaimanlG which was ohtained from the potenţial of 
the solution at the equlvalence point calculated 
from the estimated formal potentials of the manganese 
and iron systems.

Uslng the above value of the formal redox 
potenţial, the degree of completeness of the 
oxidation of ferrous ion to ferrlc ion by potassium 
permanganate at the end point of the Zimmermann- 
Reinhardt titration was found to be 999.7569 parts 
per thousand. This value may be considered quanti- 
tative making thls particular method of analysis 
quite accurate.
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