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Statement of Thesis

In a process as complex as the corrosion of iron 
and steel, the experimental study of every possible reaction 
which might occur among the many possible individual compon
ents of metal, gases, solutions, corroded and corrosive 
material would be a task of very great magnitude. If we 
add to this the necessity of determining the effects of 
such variables as temperature, physical character of the 
metal surface and composition upon each of the possible 
reactions, the problem becomes so large and complex that 
one might never expect to come to the end of it.

For certain practical purposes it is quite un
necessary to study every possible reaction, but rather the 
results of the reactions due to a combination of the import
ant substances in the pure state. Therefore the object of 
the following investigation was to determine and study the 
galvanic corrosion tendencies of iron-carbon couples in an 
open circuit in various electrolytes.

The results of such studies may be expressed in 
curves, illustrating the mechanism and■tendency for corrosion, 
in which the potential of the iron-carbon in an electrolyte 
is plotted against either (1) the advance of time, (2) the 
hydrogen-ion concentration of the electrolyte, (3) the 
electrolyte inhibitor concentration.
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General Discussion

Previous The cause of corrosion appeared in the early
Work experiments of Galvani and Volta which stood

at the very "beginning of the modern develop
ment of electrical knowledge and theory. In 1889 Nernst 
proposed a mechanism for the potential of the single electrode, 
which was of great importance in the early development of 
electrochemistry. Whitney, in 1900, showed the mechanism of 
corrosion to be an electrochemical phenomenon, obeying the 
laws of electrochemistry. Walker, in 1907, demonstrated the 
function of oxygen in corrosion and applied the experimental 
facts to the preservation of many engineering structures.

Blum proved the importance of potentials with time 
and electrolyte in determining>natural corrosion tendencies.
The importance of the physical nature of the corrosion product 
in deciding the course of corrosion was emphasized many Jears 
ago by Bengough and Stuart. The experiments of Mann, Lauer, 
and Hultin of the University of Minn, confirm the effective
ness of inhibitors in reducing corrosion.

Scientists agree that the difference of potential 
in a galvanic cell, determined by the free energy change 
involved, is the cause of corrosion which results. At 
present,there is an increasing interest in learning to 
regulate the free energy change according to the needs in 
the protection against and prevention of the iron and steel 
corrosion.
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Theory The usual criterion for predicting whether or
not a metal will corrode is its position in the

electromotive force series. This series is referred to
extensively in discussions of corrosion problems, because
of the general acceptance of the electromotive theory of
corrosion. However, when factors which effect reversible
electrode potentials are neglected, a literal application
of the series is of little value. The electromotive force
series is based on measurements of the potential of metal
electrodes in the following cell:

Metal/ Metal ion (asl) // H ion (a=l) / H atom (1 atm.) 
(anode-oxidation) (cathode-reduction)

The fundamental reaction for iron:
(1) at the anode H e — ^Fen 4  2 e (electrons)
(2) at the cathode 2 H H  2e —  ̂2 H — *Hg

In this test the surface of the iron acts as the 
anode and the carbon acts as the cathode; according to reactions 
(1) and (2)f A combination of these reactions results as the 
fundamental reaction in the corrosion of iron as first pointed 
out by Whitney.
(3) He 4- 2H1 — ^ Fe" 4- H atom (1 atm. )
In the absence of oxygen the electrode potential exhibited 
by iron immersed in a solution must be a measure of iron- 
ferrous ion equilibrium or of the monatomic hydrogen-hydrogen 
ion equilibrium. The monatomic hydrogen, according to Walker, 
may be removed in one of two ways:
(4) 2H ̂  Hg gas
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(5) 2H 4 JO2 — HgO
Furthermore, as the ferrous ion concentration increases and 
that of the hydrogen ion decreases, a removal of ferrous ion 
from solution is possible by precipitation of ferrous hydroxide.
(6) Fe"-(- 8 OH’ — ^Fe(OH)
(7) Fe -+- 2HgO  >- Fe(OH)g -|- H (1 atm.)
The equation for oxygenated water
(8) 2 Fe 4- 2 HgO +  Og (0.21 atm.) --^  2 Fe(OH)
The hypothetical cell may be represented as:

Fe (s) / Fe(0H)o (aq.) // HQ (1 atm.)CJ (Zi

While the free energy change is a measure of the 
driving force behind a chemical reaction, it does not necess
arily follow that the free energy change is a measure of the 
reaction velocity. Yet any reaction which can take place with 
a free energy decrease is a possible reaction. It seems, 
therefore, that in the attack of iron by the hydrogen ion, 
a reaction which is accompanied by a free energy decrease is 
bound to play a part in effecting the rate of attack. For 
reaction (3) at unit activity:

Fe (s) +  2 H f(a=l)— ^Fe« ( a - 1 )  4- Hg (latm.)
( -DF) =  20350 cal. =- nFE or E^0.44 volts

Therefore, the reaction tends to go to the right with a
driving force of 20,350 cal.
When the Fe" and H ’ ion activities are variable

/ aH t) 2
(-DF) =  203504 RT Inf----- =  nFE

<aFe")
From the above it can be seen that as the hydrogen ion 
activity decreases or the ferrous ion increases, while
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either one remains constant, the driving force for the reaction 
decreases.

i sThe log. of the ratio iaH T) Has a definite value
TafeJ

where (DF) equals zero or where equilibrium occurs. I hen the 
activity of the ferrous ion is unity, equilibrium occurs at 
the point where log a^f equals -7.2 or where the pH of the 
solution is 7.2. It is evident that there is only one value 
of this ratio at which the system Fe (s), Fe" , H T , is in 
equilibrium. Then. Fen is unity in an oxygen-free solution of 
this type, the iron should continue to be attacked until the 
pH of the solution rises to 7.2. It is generally the case, 
however, that the equilibrium is not reached. This is due to 
the fact that ferrous hydroxide is precipitated or formed 
on the iron surface, due to the increase of ferrous ion and
hydroxide ion above the solubility product of ferrous hydro-

,_ -18.8, xiae (10 ).
The electromotive force of the hypothetical cell
Fe (s) / Fe(OH)g (aq.) // Hg (1 atm.)

may be calculated from the free energy decrease-accompanying
the reaction.

Oxygen cell Hydrogen cell
-DF (cal.) E (volts) -DF (cal.) E (volts)

Fe(OH)g 56800 1.23 780 0.02
Fe(OH)„ 81800 1.18 -2300 -0.035
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A positive electromotive force indicates that 
metallic ions tend to form. A negative value indicates that 
the reaction tends to go in the opposite direction. According 
to the above calculations, iron would not tend to go to the 
ferric state if only hyrogen evolution is considered. When 
oxygen is dissolved in the water,the free energy decreases 
and the voltages of the hypothetical cells are positive and 
iron tends to corrode to both states.

Fe (s)-----Fe(0H)2 --- ^  Fe$0E)3
A reaction may take place between these gelatinous 

films or precipitates of the hydroxides to form magnetic " 
oxide of iron, which has a markedly different physical 
structure than hydroxides. The magnetic iron oxide has a 
loose granular structure and is identified as the black film.

The inhibitors, such as quinoline, when present in
an electrolyte, interfere with either one or both reactions

%
(1) and (2). The inhibitor particles become charged under the 
influence of the electric field and travel with the hydrogen 
ion. When the positively charged heavy inhibitor particles 
are discharged, they cannot escape by chemical action or 
gaseous evolution and. are accordingly adsorbed on the dis
charging surface, thereby building up a film.

The films forming on surfaces during corrosion 
offer varying degrees of resistance to the passage of ions 
and the diffusion of oxygen. The degree of resistance depends 
on the physical structure of the film. A high resistance 
brings about a lowering of the potential and a resulting 
decrease in the tendency for corrosion.
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Practice Our knowledge of the phenomena of corrosion may
be compared to the method of the development of 

all sciences and arts. The practical arts born of necessity 
develop© first. Theory or vague speculation has its inception 
much later, and at first following a parallel course of 
development with practice, finally converges on the latter, 
whereupon the two proceed together. The theory and practice 
in connection with the corrosion of metals are now beginning 
to converge, producing practical conditions or a finished 
product with considerable resistance to corrosion without 
seriously modifying desirable and essential physical properties.

In galvanic corrosion, wh©Be the iron-carbon couple 
is in the presence of an electrolyte, the tendency for corrosion 
or the free energy changes that take place may be greatly 
diminished by applying either a single or a combination of 
the following conditions: (1) maintaining an electrolyte pH 
greater than 7; (2) adding an inhibitor to the electrolyte;
(3) keeping the electrolyte oxygen content at a minimum;
(4) making the iron cathodic by an imposed e.m.f.

Vhether these conditions are practical or not 
practical depends upon the economic conditions. The fact 
that the cost of replacement caused by corrosion is frequently 
far in excess of the cost of the material itself greatly 
multiplies the economic loss.



Experimental Procedure

The procedure may be divided into the four series: 
Series I Time vs. Potential of the iron-carbon couple in 

pure water in the presence of air.
Series II Time vs. Potential of the iron-carbon couple in 

pure water through which natural gas is passed.
Series III Electrolyte hydrogen ion concentration vs. Potential 

of the iron-carbon couple.
Series IV Electrolyte inhibitor concentration vs. Potential 

of the iron carbon couple.
In preparing the potentiometer for e.m.f. measure

ments* connections were made as shown in the potentiometer 
hook-up diagram. Then the working current through the potentio
meter was adjusted. This was done by throwing the double 
switch to the f,3TD. CELL” position and setting the dial and 
slide wire, A and B, to the voltage of the standard cell or 
in this case to 1.018 volts. Resistance D was then set to 
give approximately 0.01 ampere through the potentiometer, 
remembering that the voltage of two dry cells in series 
is approximately 3 volts and that the internal resistance 
of the potentiometer is approximately 160 ohms. This means't. 
that there should be approximately 140 ohms in the resistance 
D. Key 1 was tapped thereby including the 10000 ohm resist
ance in the circuit, the galvanometer deflection noted and 
the rheostat adjusted until the deflection is very small,or 
zero; then key 2 was tapped and the final adjustment of D 
made until the galvanometer showgl no deflection. The potentio
meter was then ready for measuring e.m.f.
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To make e.m.f. measurements, the double switch 
was thrown to the E.M.F. position, key 1 was tapped and 
the galvanometer deflection reduced, to zero by adjusting 
the dial switch A and slide wire B. Key 2 was tapped and 
slide wire B was adjusted until the galvanometer indicated 
no deflection. The sum of the readings of A and B give 
the voltage being measured.

To make, sure that the working current through 
the potentiometer did not change, the current is frequently 
checked against the standard cell. This same procedure for 
e.m.f. measurement was used for all the series.

Series I The iron (electrolytic) electrode was first
freed of oxide by cleaning in nascent hydrogen 

by using an imposed voltage and making the iron cathodic in 
a strong sodium hydroxide electrolyte. Another piece of 
iron served as the cwhimde; in the cleaning process. After 
the electrolytic iron rod electrode was freed of oxide.ando 
then removed from the sodium hydroxide, it was washed in tap 
water to remove the hydroxide. The iron electrode surface 
was freed of the water by absolute alcohol and then dried.

The prepared iron electrode and a carbon electrode 
were abraded with $0 French emery until the surfaces were 
free of irregularities and impurities. The material clinging 
to the electrodes could be removed with filter paper. The 
cleaned electrodes were held by battery clamps. The clamps 
also served to make the copper wire connections, for the . 
e.m.f. measurements.



The cleaned electrodes were suspended from a 
movable stand by their wire connections, spaced about 
five inches from each other, and placed in contact with 
the electrolyte (five liters of "distilled water in a 
quiescent state and at room temperature). Immediately 
after the iron electrode (anode) and the carbon electrode 
(cathode) made contact with the electrolyte, e.m.f. measure 
iTients were taken with the advance of time for a five day 
test.

Series II The procedure in this test was identical
to that In series I, except that in this 

case the air had been completely boiled out of the electro
lyte and was replaced by natural gas. The gas was passed 
through the electrolyte. A three stopper flask was used 
as a container for the electrolyte. Two of the flask open
ings were used for the electrodes and the third for the 
gas inlet and outlet. The apparatus set-up is shown in 
series II figure.

This test was made to ascertain the effects which 
this gas and also the oxygen of the air have on potential, 
but the results were,in.partsthe same as those in series 
Possibly the gas should first be passed through alkaline 
pyrogallic acid solution to remove oxygen.
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Series III- At the end of the five day period for the
potential vs time oreseriestlatest, the 

change of potential with the change of time was small. 
Therefore, at this point the same set-up was used to show 
the effects of pH and also inhibitor concentrations on the 
potential.

The electrolyte was brought to approximately the 
pH desired by adding hydrochloric acid or sodium carbonate, 
using the relationship between pH and normality such as 
that given in Van Nostrands' Chemical Annual. The approx
imate pH was checked by the colorimetric method.

Series IV In this test it was found that up*on adding
the inhibitor to the electrolyte, its action

was not immediate. A time interval of several minutes passed
before the inhibitor could attain its maximum effectiveness.

Due to the rapid rate of decrease of potential 
%with inhibitor additions, a high voltage starting point 

was desirable. Therefore,thee starting point was used as 
in series III.
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Series 1

D A T A

The potential of* Iron in Aqueous Solutions

Time vs Potential 
Electrolyte: Pure water 
Electrodes: Pure iron and carbon

Time Yolts
0 min. 0.46
10 min. 0.38
20 min. 0 . 34
30 min. 0.33
40 min. 0.32-
50 min. 0.30
60 min. • 0.30
90 min. 0.30

120 min. 0.29
150 min. 0.29
180 mj.n. 0.28
210 min. 0.27
240 min. 0.26
1 day 0.28
2 days 0.30
3 days 0.34
4 days 0.45
5 days 0.52
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D A T A

The Potential of Iron in Aqueous Solutions

Series II Time vs Potential
Electrolyte: Pure water in a gaseous atmosphere 
Electrodes: Pure iron and graphite

Time Volts
0 min. 0.4
10 min. 0.38
20 min. 0.38
30 min. 0.37
40 min. 0.37
50 min. 0.37
60 min. 0.36
90 min. 0.35
120 min. 0.35
150 min. 0.35
180 min. 0.34
210 min. 0.34
240 min. 0.34
1 day 0.36
2 days 0.36
3 days 0.37
4 days 0.39
5 days 0.42
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D A T A

The potential of iron in Aqueous Solutions

Series III pH vs Potential
Electrolyte: Varied pH by additions of 

hydrochloric and sodium carbonate. 
Electrodes:-Pure iron and carbon.

pH Volts
2 0.97
3 0.94
4 0.94
5 0.92
6 0.89
6.5 0.84
7 0.67
7.5 0.48
8 0.46
9 0.46

10 0.42
11 0.39



16

D A T A

The Potential of Iron in Aqueous Solutions

Series IV Quinoline additions vs Potential

Electrodes: Pure iron and carbon. 
Electrolyte: Pure water with quinoline.

Grains Quinoline volts
per liter water

0 0.50
0.1
0.2 0.&2
0.3 0.36
0.4 0.34
0.5 0.30
0.6 0.30
0.7 0.30
0.8 0.30
0.-9 0.30
1.0 0.30
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Volts

0.4

0.3

DaysHours

Time

Series I 

P O T E N T I A L  vs T I M E
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Volts

n.4

5431 22

Hours Days
T ime

Series II

P O T E N T I A L  vs T I M E



0.4
Hydrochloric Sodium Carbonate

4 85 6 7
pH

-log. Hydrogen Ion Concentration Of Electrolyte
Series III

P O T E N T I A L  vs pH

10 11
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0.4

0.3

oTs0.4
Quinoline Concentration of Electrolyte 

in grams per liter

Series 17

P O T E N T I A L  vs I N H I B I T O R



A comparison of the curves indicates the relative 
tendencies for iron to corrode.
Series I. The iron showed a great tendency to corrode

in the initial period with a rapid decrease
in tendency, until a definite period was reached, when a
tendency increase was experienced.
Series II The initial tendency for iron to corrode in

this test was slightly less than in seriesl.
The rate of decrease in potential during the primary reaction 
was less. The tendency remained constant at the minimum for 
a longer period than in series I. Finally a gradual increase 
of potential was experienced, corresponding to that in series 
The shape of the curve indicates a more uniform tendency for 
corrosion than in series I.
Series III In this test the highest potential was reached.

The tendency for corrosion increased with 
decrease in pH value. The ratio of the change of tendency 
to change of pH reaches a maximum at pH7, while from pH 3 
to 5 the ratio is practically zero.
Series IV The curve indicates a steady decrease of

potential with increase of inhibitor con
centration. Beyond a concentration of 0.8 grams pen® liter 
of electrolyte, the potential remained constant at a point 
shoving the least corrosion tendencies of all the series.
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Discussion of Results

The decrease of the tendency for corrosion during 
the primary reaction in series-I points to the formation of 
a protective film (gelatinous ferrous and ferric hydroxides) 
very resistant to the diffusion of oxygen and passage of ions, 
conditions reach equilibrium and the potential remains c 
constant for a period.until another reaction takes place, 
causing a replacement of the film by a low resistant film, 
(black iron oxide) and consequent increase in potential.
If the high resistant film could be maintained, the corrosion 
tendency would be diminished .

In series-II the slower rate of decrease of poten
tial during the primary reaction indicates a retarded film 
formation (ferrous hydroxide) in comparison to the film 
formation in series-I. According to the theory In this 
case, the ferrous hydroxide film remains undisturbed.
The potential should remain constant after equilibrium is 
reached. Some 0X3̂ gen was evidently present, since a corrosion 
tendency increase took place as in series-I.

According to the theory, an Increase in hydrogen 
ion activity increases the tendency to corrode. Therefore 
the results obtained in series-III are as expected. This 
experiment Illustrates the great importance of pH regulation 
in controlling corrosion tendency. The ratio of the change 
of tendency for corrosion to the change of pH illustrates 
the momentous corrosion consequences due to a pH either 
slightly greater or slightly less than 7. For a pH value 
less than seven the corrosion tendency is very great.
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The results of series IY make clear the effect
iveness of low electrolyte inhibitor concentrations in 
diminishing corrosion tendency.

There was no difficulty in reproducing the essential 
characteristics of any of the curves except the curve in 
series-II.

In the tests there are many sources of error 
which may b6 summarized as follows: misinterpretation of 
the theory; poor electrical connections; lack of temperature 
control; impurities on iron or carbon rod electrodes and 
in the electrolyte; falling to maintain the electrolyte 
in a quiescent state; oxygen entering the electrolyte in 
series-II; and grinding oxide into the iron electrode surface 
when abrading..

It was found that by not removing the oxide before 
abrading, there was enough oxide present on the iron surface 
to cause the potential in series-I to increase instead of 
decreasing immediately after the couple made contact with 
the electrolyte.

Conclusions

The curves summarize diagrammatically the general 
nature of the processes that take place in a galvanic cell 
formed in the presence of iron, carbon and various electrolytes. 
In such a cell the tendency of Iron to go into solution, 
as indicated by the voltage, is dependent primarily upon 
the aqueous environment. A study of the effects of the various 
environments may give indications for controlling the corrosion 
tendencies in practice.
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Appendix

Results

Calculations

1, The galvanic* corrosion tendency was greater 
in an oxygenated electrolyte than it was
in an oxygen-free electrolyte.

2, Galvanic corrosion tendency was increased 
and reached the maximum by making the 
electrolyte acid.

3. Galvanic’ corrosion tendency was decreased 
by making the electrolyte basic.

4. Low electrolyte inhibitor concentrations 
were very effective and enduring in 
diminishing the galvanic corrosion 
tendency to the minimum for all the tests.

When the hydrogen ion and ferrous ion are at
unit activity in the following reaction

Fe (s) + 2 H T (a=l) — w FetT(a=l) 4- Hg (1 atm.)
0 -1- 0 =  (-20350) 4  0 4  (-BF)

-DF =  20350 cal. =  nFE, n = 2, F=23074, E then =  0.4-4 v.

To determine the pH of the electrolyte, when the 
Fe11 is at unit activity and conditions are at 
equilibrium (DF) =  0 for equilibrium) in the reaction 
Fe (s) 4  2 H T(a—?)  FetT(a-l) 4" (1 atm.)

.(•, aTT t ) ^
-DF = 0 = 20350 -f RT In*-----

(aFe")
2-298-2.3-2-log.i§Hll_=- -20350, log. (aH t )= -7.2 =  -pH
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