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CHAPTER I

INTRODUCTION

In 1850 at the meeting of'the British 
Association for the Advancement of Science in 
Edinburgh, Dr. Prederich Penny read a paper on 
the now classical method for the determination 
of iron by titration with potassium dichromate.1 
The author in his own words tells why he devel- 

x oped this method and preferred it to other well- 
known analytical methods.

When the iron compound occurs mixed with 
other substances, the exact determination of its amount by one of the ordinary processes 
is both tedious and difficult, requiring 
considerable time and a certain degree of 
practical skill on*the part of the operator.
At any rate, I found them to be altogether 
unsuitable for the experiments . . . and 
I was therefore compelled to search for a 
more convenient and more expedious method 
of procedure.2

For the reaction of chromic acid plus ferrous 
iron he suggests the following equation:

2 CrO'z +• 6 FeO ,v -> Cro0 + 3 Pe 0 .° 2 3 2 3 1 2

1Caley and Anders, J. Chem. Ed., 26, 203 (1949).
2F. Penny, Chem. Gaz., 8, 330 (1850).



Although the form of this equation Is most valuable
now for its historical significance, one important
point advanced by Penny's reaction cannot be disputed.
During the process electrons are withdrawn from one
system, while simultaneously they are added to the
other substance. According to modern ideas, the
reaction then must be studied as a typical example

1of oxidation-reduction.
A method of studying oxidation-reduction 

systems involving the determination of potentials 
during the course of titration with a suitable 
substance, which frequently acts as a potential 
mediator, has been employed to a considerable extent. 
The potential of an inert electrode immersed in the 
reacting solution is measured after each addition 
of titrant by combining it with a reference electrode 
such as a calomel electrode. The point at which the 
solution undergoes a rapid change in potential is 
that corresponding to the equivalence point of the 
titration. After this equivalence point has been ' 

attained, the usual path of the potential is to 1

1H. J. Creighton and W. A. Koehler, "Prin
ciples and Applications of Electrochemistry," 1943. p. 227.



continue rising with the addition of more oxidizing 
agent.

Observations reported in the textbook of Rei
man, Neuss, and Naiman (Figure 1)1 do not seem to 
indicate that this rise occurs in the above titration 
by Penny. As shown by the curve, the potential 
fails to rise with an increase in the dichromate ion 
concentration after the equivalence point has been 
attained; the possibility is suggested that it is 
not the dichromate ion, but the chromate ion in 
equilibrium with trie dichromate ion, which acts as 
the oxidizing agent. This possibility is suggested 
through consideration of the equilibrium between 
Cr04 and CrgOy ions which shows that the concentration 
of Cr(>4 ion varies with* the square root of CrgO^ ion. 
Consequently, primary interest in this study has been 
centered upon the course of the reaction after com
plete oxidation of the ferrous ions has been accom
plished .

Reiman, J. Neuss, and B. Naiman, "Quantitative Analysis," 1942, p. 206.



CHAPTER II

THEORETICAL DISCUSSION

A. Oxidation-Reduction Electrodes
An inert metal electrode, immersed into a 

solution containing the oxidized and reduced forms 
of an oxidation-reduction system, serves as a con
ductor for electrical contact and as a reservoir 
of electrons. The electrode acquires the potential 
which results from the tendency of ions in one 
state of oxidation to pass over into a second more 
stable state. The reaction at an oxidation-reduction 
electrode is either an oxidation of the reduced state 
or reduction of the oxidized state, depending upon 
the systems involved. In all such reactions the 
electrode process may be written in the general 
form

Reduced State;==^ Oxidized State+ ne 
where n is the number of electrons by which the 
oxidized and reduced states differ. It is a matter 
of convenience to consider electrodes involving the 
oxidation-reduction systems separately in the spe
cialized sense of an oxidation and a reduction.



The study of the potentiometric titration
of ferrous iron with dichromate involves these 
principles. As an oxidation reaction showing how 
ferrous ion is oxidized, the partial is written:

6 Fe+ + —  6 Fe+ + + +  6 e. (1
For the corresponding reduction partial reaction, 
the formation of chromic ions appears as:

6 e -h 14 H+ 4- Cr20 7 ^ = ^ 2  Cr4+ -+- 7 H20. (2
The complete reaction, which is merely the sum of 
the two individual partials, now is clearly expressed: 

' Cr20y +  14 H+ + 6  Fe+4'^=^2 Cr4+++ 7  HgO 4- 6 Pe4 + + (3

B. Oxidation-Reduction Potentials
The potential of an electrode containing the

oxidation-reduction conjugates is given by the gen-
»

eral Nernst equation

TP _ Eo _ RT , (Oxidized State) 
nF (Reduced State 7

where the parenthesis represents activities. The 
standard potential E° is defined as the potential ' 
for a system in which both states are at unit 
activity.^ When all the species concerned are in

-*-S. G-lasstone, MAn Introduction to Electro
chemistry," 1942, p. 226.



their standard states, i. e., at unit activity, the 
measured potential E is equal to E°. It is import
ant to remember that in order that a stable revers
ible potential may be obtained, all the substances 
involved in the system must be present; the actual 
potential will depend on their respective activities. 
The potential of an oxidation-reduction electrode 
is not dependent upon the total concentration of 
oxidant and reductant, but merely on the ratio 
of the two. I

In order to calculate accurately the poten
tial of the entire reaction from the Nernst equation, 
the concentration of the acid, the chromium system, 
and the iron system should be known, as well as the 
reference calomel potential and the potential of the 
two systems. A more satisfactory method to obtain 
a clear picture of the change in the potential is 
the construction of a curve which traces the change 
as affected by changes in the ratio of the concen
tration between ions.

A platinum electrode becomes more positively 
charged the greater the oxidizing power of the

^I. M. Kolthoff and N. H. .Furman, "Potentio- metric Titrations," 1926, p. 56.



solution; therefore it undergoes the greatest change 
of potential when the last traces of the reducing 
agent are oxidized, that is, at the equivalent point. 
At this point the concentration of the reduced form 
of the titrating solution (with CrpO^ the reduced 
form is Cr+++) becomes a maximum, and so any con
tinued further addition of the oxidizing agent 
should result in a continued rise of potential.

The numerical value of the titration curve 
of ferrous iron with dichromate in acid solution 
depends upon the ratio of oxidant to reductant.
Before the equivalence point is reached, the per 
cent of ferrous iron oxidized determines the elec
trode potential. After the equivalence point, 
ferrous iron remains totally oxidized and the per 
cent of excess dichromate ion in respect to the 
chromic ion governs the value for the electrode 
potential. Since the reaction is studied with focus 
on the curve after the equivalence point, the mea
sured potential merely represents an expression of 
the reduction partial. Hence the Nernst equation

^J. H. Hildebrand, J. Am. Chem. Soc.,35, 847 (1913).



cc.
Figure 1

Titration of a mixture of Stannous 
Ion and Ferrous Ion with 0.100 N 

Potassium Dichromate

reported in this thesis a pure ferrous compound was 
used, the presence of tin and the first great rise 
in potential were eliminated. The second jump in 
the curve of Fig. 1 marks the equivalence point for 
the oxidation of the ferrous ions. Rather than 
continuing an increase after the end point, the po
tential reading shown in Fig. 3 becomes constant 
in the same way as was shown in the curve of Reiman, 
Neuss and Naiman in Fig. 1.

The failure of this curve to rise after the 
equivalence point, as should be expected, might



indicate the presence of an ion other than dichromate 
ion as the oxidizing agent. Since chromate ion exist 
in equilibrium with dichromate ion in an aqueous 
solution, the possibility that the former could be 
the oxidizing agent might serve to explain the 
anomolous results.

Consequently, the object of the experiments 
presented in this thesis was twofold:

1. Duplicate the entire titration curve 
of the reduction of dichromate ion in 
order to verify the abnormal curve.

2. Offer an explanation for the deviation 
of this curve from the usual curves 
obtained from potentiometric titrations.
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Figure 2

Diagram of Apparatus



CHAPTER III

EXPERIMENTAL PROCEDURE

A. The Saturated Calomel Reference Electrode
The electrode vessel was a 25 x 150 pyrex 

tube with a platinum wire leading through the bot
tom of the tube into a mercury filled pyrex U-tube. 
Another tube, equipped with a stopcock, served as 
a salt bridge to the beaker containing the solution 
being measured. A constriction about 1 mm. in 
diameter was contained at the very end of the salt 
bridge. This permitted the bridge to be submerged 
into the solution without the potassium chloride 
solution contaminating the solution under observa
tion. In order to insure this purity the bridge 
solution was replaced for each observation.

For the actual preparation of the saturated 
calomel reference electrode, Mallinckrodt Analyti
cal Reagent grade mercury was purified by passing ' 
it through a column of 10% nitric acid and washing 
with distilled water. Eimer and Amend Reagent 
grade potassium chloride was recrystallized from 
distilled water and the resulting crystals were



suction filtered, dried in air, and then dissolved 
in distilled water at 40°G leaving a slight excess 
of solid KC1 in order to insure saturation. Mall- 
inckrodt Analytical Reagent grade mercurous chloride 
was washed five times in distilled water and three 
times in the saturated KC1 solution. A small amount 
of purified mercury, mercurous chloride, and the 
saturated KC1 solution were shaken until a thin 
paste was obtained. Finally, purified mercury (C) 
was poured into the cell vessel to a depth of about 
2 cm., completely covering the platinum connecting 
wire; the mercury was covered with the mixture of 
Hg-HgCl-KCl paste (B). After the calomel had set
tled, the cell vessel was filled with saturated 
KC1 solution (A) and covered with a glass stopper.

B. Cell Vessel and Electrodes
Electrodes (E) for use were prepared from 

platinum wire sealed into glass tubes. The wire 
was spiralled in order to give greater surface ' 
area for the electrode in contact with the solu
tion. Each electrode tube and the connecting 
tube of the calomel vessel were filled with puri
fied mercury and a copper wire inserted and then
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sealed into position with sealing wax. The elec
trodes were washed in concentrated nitric acid to 
remove any impurities present, then in dilute acid, 
and finally in distilled water to remove any traces 
of the acid.

The solution being observed (D) was placed 
in a 150 cc. pyrex beaker covered with a large rub
ber stopper, containing two holes from which any 
loose particles of rubber had been removed. The 
platinum electrode was inserted through one of 
these holes; into the second hole, a 2 cm. long 
oval, the salt bridge arm was introduced.

C. Solutions for Measurement
Solutions of known concentrations with re- 

spect to potassium dichromate and sulfuric acid 
were prepared and served as stock solutions through 
the entire investigation. One liter of 0.10 normal 
potassium dichromate was prepared by dissolving in 
a one liter volumetric flask Eimer and Amend Reagent 
grade potassium dichromate, dried at 110°C. The 
standard acid solution was Baker's Analyzed Reagent 
grade sulfuric acid of a 18.1 molar strength. Each 
solution under observation contained 4 milliequivalents



of Mallinckrodt hexa-hydrated ferrous ammonium 
sulfate analytical reagent dissolved In 40 cc. 
of distilled water. Only the amounts of sulfuric 
acid and potassium dichromate solution added were 
varied; the 4 milliequivalents of ferrous ion were 
held constant in all determinations. With these 
particular concentrations a convenient volume of 
40 cc. of the dichromate solution were required 
for the titration to reach the equivalence point.

D. Measurement of Electrode Potentials
Measurements of the potential differences 

between the spiral platinum electrode submerged in 
solution and the calomel reference electrode were 
made with a Leeds and Northrup type K potentiometer 
using a Leeds and Northrup type R high sensitivity 
galvonometer. The working cell was made up of two 
li volt dry cell in series referred to an Eppley 
Standard Cell.

Before actual measurements were made, test 
titrations were performed in order to obtain practi
cal data. Results showed that the experiment was 
unsuccessful in the absence of acid because a brown 
precipitate settled from solution, making accurate
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potentiometric readings impossible. One per cent 
diphenylamine solution was added as the organic 
indicator to give physical evidence of changes and 
readily changed to a violet color slightly before 
40 cc. of the dichromate solution had been added.
As a calibration of the potentiometer, a reading 
was taken when the violet color was first observed. 
The 0.600 volt reading obtained compared favorably 
with the 0.525 volt reading obtained by Kolthoff1 
with the saturated calomel since higher readings 
than those in the literature were obtained through
out the investigation. The violet color was diffi
cult to detect for it faded very quickly.

A period of three weeks was required to reach 
the first constant reading, but this time required 
to reach each equilibrium became shorter as the 
reaction proceeded to completion. Equilibrium was 
reached within twenty-four hours as the titration 
reached within 10 cc. of the end point, but on and 
after this point, the time required for equilibrium 
tended toward an increase. Readings were considered 
constant when variation over six hours did not exceed

■'"Kolthoff and Sawer, J. Am. Chem. Soc.. 52. 4179 (1930). --— ----------- — *



one millivolt at a constant temperature of within 
one-tenth of 25°C. After the end point, excess di
chromate had little effect on the curve; additional 
sulfuric acid tended to raise the curve slightly. 
Hildebrand"'' has made the observation that a greater 
concentration produces a sharper end point, a faster 
rise after the end point, and a higher potential 
throughout.

•'"Hildebrand, op. cit., p. 847.
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CHAPTER IV

RESULTS

Potassium Dichromate (cc.) 
Figure 3

Experimental Potentiometrie Curve
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TABLE 2
ELECTRODE POTENTIAL COMPARISONS

KoCrgOy *"cc.
tt 1 ^RNN ECalc. E0bs.

10 0.600 0.660
20 0.660 0.682
30 0.685 0.712
40 0.880 0.897
45 1.035 1.055 1.240
50 1.039 1.058 1.235
55 lo042 1.061 1.232
60 1.046 1.062 1.230
70 1.065 1.227

Converted from Reiman, Neuss and Naiman graph, Pig. 1.



CHAPTER V

DISCUSSION OF RESULTS

A study of the potentiometric curve pro- 
curred from experimental data substantiates the 
curve previously described by Reiman, Neuss and 
Naiman. Potentiometric readings obtained during 
the investigation were somewhat higher than those 
reported in the literature, but the general shape 
of the graph was similar to that of the textbook, 
showing a failure to rise after the equivalence 
point was attained.

The explanation for this deformity must be 
in the nature of the solution of the oxidizing agent. 
As seen in the Nernst equation, the potential of the 
dichromate-chromic ions system is calculated as:

tration has but little, if any, influence on the po
tential of this system, probably due to the formation

According to I. M. Kolthoff1 the chromic ion concen

1 .Kolthoff and Furman, op. cit., p. 130.
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of intermediate products in the reaction between 
dichromate and chromxc ions. But since no accept
able intermediate products have been presented, 
this postulate serves only as a caution in the ap
plication of theoretical considerations in cases 
where the electrode reactions are not reversible.

A more satisfactory qualitative explanation 
might be offered through the fact that in an aqueous 
solution dichromate ions exist in equilibrium with 
chromate ions. The value of the resulting equili
brium constant can be determined by a summation of 
the individual partial reactions involving suitable 
equilibrium reactions and also their corresponding 
constants.

Cr2°7 +  H2° - 2 HCr04
2 HCrO^ —  v 2 H + + 2  CrO^

Cr2°7 +  H2° ^ 2 H + + 2  CrO^

K iHCrp-)8
( '̂•r>2®7 ^

Kg = (H+)2 (Cr04= )2
(HCr04~)2

=  (H+)2 (CrO<T)2 
(Cr207= )

=  1.4 x 10"2 

=  6.4 x 10"1

=  9.1 x 10'15

m/l

m/l

m/l

(5)
( 6 )

(7)

' (5a) 

(6a)

(7a)
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The collection of all known terms of equation (7a) 
on one side yields an expression for the chromate 
ion concentration:

and dichromate ions, the potential of the Penny 
reaction has been considered to be the reduction 
of'chromate ions to chromic ions, whose potential 
is 1.195 volts;-*"

By substituting the chromate ion concentration of

tion which could be solved from experimental data 
was obtained:
E = E °(croi,ci*++) + ^  log <8-5 X 10~8)-(1

4 3 (C^44) (H+)
The values of these calculated potentials appear in
Table 1. They are lower than the experimental values,
but are almost identical with the values reported by
Reiman, Neuss and Naiman in Table 2.

2 =  9.1 x 10"15 lCr207 )
(H+)2 ( 8 )

or
(CrOr) =  9.5 x 10"8 V(Cr2°7 )

(H+) '
In view of the equilibrium between chromate

(9)

( 10 )

equation (9) into equation (10), a practical equa

1Creighton and Koehler, op. cit., p. 234.
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The explanation for the peculiar curve can 
now be attributed to the action of chromate ions.
As the reaction progresses, before the end point, 
the chromate ion is reduced to chromic ion in the 
manner expected. Therefore no discrepancy is ex
hibited between the action of chromate or dichro
mate ions in the role of oxidizing agent before the 
equivalence point. But after the ferrous ions have 
been completely oxidized, the oxidizing agent alone 
determines the path of the titration curve for the 
chromic ion concentration remains constant. If 
this agent was the added dichromate ion, the curve 
would continue a normal rise; but if it was chro
mate ion from the added dichromate solution, the 
curve would be similar^to the experimental results.

In equation (9) it is indicated that the 
chromate ion concentration varies with the square 
root of the dichromate ion concentration added. 
Because of this relationship the chromate ion has 
a much smaller influence towards a potentiometric 
rise. Therefore the slope of the curve will be dis
placed in the direction of lower potentiometric 
values.



CHAPTER VI

CONCLUSIONS

Electrode potentials for the titration of fer
rous ammonium sulfate by 0.10 N potassium di
chromate in acid solution were measured beyond 
the equivalence point.

The failure of the potential to increase after 
the equivalence point as shown in the textbook 
of Reiman, Neuss and Naiman was verified.

The possibility of the equilibrium between chro
mate and dichromate ions as the cause of this
failure was advanced.»

The function of the chromate ions as the true 
oxidizing agent was indicated.

0?8S;>



BIBLIOGRAPHY

Archibald, E. H. The Preparation of Pure Inor
ganic Substances. New York: John Wiley and 
Sons Inc., 1932.

Creighton, H. J. and Koehler, W. A. Principles 
and Applications of Electrochemistry. New 
York: John Wiley and Sons Inc., 1943.

Glasstone, S. An Introduction to Electrochem
istry. New York: D. van Nostrand Co., Inc., 
1942.

Kolthofi, I. M. and Furman, N. H. Potentiometrie 
Titrations. New York: John Wiley and Sons 
Inc., 1926.

Latimer, W. M. The Oxidation States of Elements 
And Their Potentials in Aqueous Solutions.
New York: Prentice-Hall Inc., 1938.

MacInnés, D. The Principles of Electrochemistry. 
New York: Reinhold Publishing Corp., 1939.

Reiman, W., Neuss, J. and Naiman, B. Quantita- 
tive Analysis. New York: McGraw-Hill Book 
Co., Inc., 1942.

Thompson, M. K. Theoretical and Applied Elec
trochemistry. New York: The Macmillan Co., 
1939.



27
Articles

1. Caley, E. R. and Anders, H. K. "On the Intro
duction of Potassium Dichromate as a Volu
metric Reagent," Journal of Chemical Edu
cation, 26 (1949), 203-5.

2. Eppley, M. and Vosburgh, W. C. "The Electrometric
Titration of Dichromate with Ferrous Sulfate," 
Journal of the American Chemical Society,
44 (1922), 2148.

3. Forbes, G. S. and Bartlett, E. P. "An Improved
Method for the Electrometric Titration of 
Ferrous Salts," Journal of the American Chem
ical Society. 35 (1913), 1535.

4. Hildebrand, J. H. "Some Applications of the Hy
drogen Electrode in Analysis, Research, and 
Teaching," Journal of the American Chemical 
Society, 35 (1913), 847.

5. Hostetter, J. C. and Roberts, H. S. "Electro
metric Titrations with Special Reference to 
the Determination of Ferrous and Ferric Ions," 
Journal of the American Chemical Society', 41 
(1919), 1337.

6. Kolthoff, I. M. and Sawer, L. A. "Proporties of
Diphenylamine and Diphenylbenzidine as Oxi
dation-Reduction Indicators," Journal of the
American Chemical Society, 52 (1930), 4179


	TABLE OF CONTENTS
	LIST OF TABLES
	LIST OF ILLUSTRATIONS
	CHAPTER I INTRODUCTION
	CHAPTER II
	CHAPTER III
	RESULTS
	CHAPTER V
	CHAPTER VI
	BIBLIOGRAPHY

