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ABSTRACT

The surface of steel billets, sheets and coils become oxidized 
after each forming operation. Before further fabrication the oxide 
scale has to be removed. A very efficient way is to pickle the steel in 
an acid. The acid used is either hydrochloric or sulfuric. The spent 
acid solution contains iron and free acid and is discarded.

The discarded spent-acid solution represents a form of 
industrial pollution of natural resources. It also represents an 
economic waste of reclaimable acid and iron present in the solution. It 
is the purpose of this thesis to outline a method of regenerating acid 

and reclaiming the iron by closed-circuit operation. In this manner the 
bleed-off from the system would represent an insignificant quantity of 
disposable waste.

The iron is deposited at a continuously flowing mercury cathode 

and forms a fine dispersion in the mercury. The ferrous sulfate 
solution formed by the sulfuric acid pickle solution does not attack the 
lead anode. At the anode, oxygen is liberated, which generates an in
crease in the hydrogen ion concentration. The increase in the hydrogen 
ion content in the solution tested correlated with the amount of iron 
recovered.

Determinations were made of the decomposition potential of iron, 
chlorine and oxygen from sulfate and chloride aqueous solutions using a 
mercury cathode. The values obtained were not absolute but indicated

xii
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the cathodic potential to be applied for the effective disposition of 
iron. The iron decomposition potentials were obtained for a iron 
cathode and tested against theoretical values obtained by applying the 
Nernst equation.

Deposition of iron was investigated from both sulfate and 
chloride solutions. The current efficiency for the deposition was 

evaluated for varying cell conditions.
The possibility of continuous regeneration of acid and recovery 

of iron was tested using the Morris cell with positive results. The 
effect of varying parametric conditions for this cell was evaluated in 
order to determine the optimum operating conditions.

The separation of iron from mercury was also accomplished and 
the correct minimum temperature for the evaporation was established. 
Mercury recovery was complete and the iron obtained was friable for 

distillation in air.
Complete recovery of mercury from the filter cake was found 

possible. The iron was recovered as a mixture of pure iron and iron 

oxide having a very small particle size.



CHAPTER 1

INTRODUCTION

The economic recovery of acid from waste pickle liquor has 
received attention in the past. However, at the present, with increas
ing attention being directed to pollution by industrial waste, the need 
for regenerative processes cannot be belittled. In this context the 
development of any process whereby the quantity of waste produced is 
reduced is most definitely warranted.

The steel industry, merely due to the volume of material it
processes, generates large quantities of waste. This waste contains

/

large quantities of spent pickle liquor. This waste product contains 
an appreciable quantity of dissolved iron and unused acid and has to 
be safely dumped.

A cyclic process for the regeneration of acid and the pro
duction of pure iron powder is the subject of this investigation. The 
studies undertaken were to determine:

1. The type of pickle solution amenable to electrolytic 

regeneration techniques using a mercury cathode.
2. The feasibility of regenerating acid and the deposition 

of iron in a system using a mercury cathode.
3. The quality of the iron powder produced after filtering 

and distilling of the mercury.



The purpose of the research was to determine the conditions 
and efficiencies possible for the proposed method of cyclic regeneration 

of the pickle solution. By determining the effect of varying cell 
conditions, the optimum operating conditions for the system could be 
obtained.



CHAPTER 2

THEORETICAL CONSIDERATIONS

Since the proposed method of regeneration of the pickling 
solution is by electrolytic means, it is necessary to outline a few 
electro-chemical fundamentals. A short description of the pickle liquor 
and is uses are also outlined.

Nernst Equation

The Nernst equation gives the basis for the determination of the 
electrical requirements for the reduction of metal ion at the cathode. 
For the electrolytic process suggested it is desired to reduce the iron 
into the mercury cathode while liberating oxygen at the anode by 
oxidation. In this manner the increase in the hydrogen ion concentra
tion will render the liquor more acidic.

The Nernst equation derivation is based on thermodynamic 
principles, as has been outlined by Kortum and Bockris (1951), Harned 
and Owen (1943), and Lingane (1955). It is based on the Gibbs-Helmholtz 

equation and is stated as:

E = E° - H  In L [1]

for room temperature 25°C the equation [1] reduces to
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where

is

L for the reaction
aA +; bB + . . . = cC + dD + . . . [2]

Cc
[3]

E° = the standard potential,
E = the reversible electromotive force potential,
a, b, c, d = the moles reacting,
n = the valence,
A, B, C, D = the molar concentrations.

This equation is applied to half-cell potentials and in this case to
the reduction of the ration at the cathode and to the oxidation of the
anion at the anode.

If the half-cell reaction is

Mn+ + ne = M° [4]

then by the Nernst equation .

^cathode = E° " ^  ^  ^M

where

L = ^ - '  161



the reacting species in L have molar concentration values which are 
assumed to be equivalent to activities. Pure, solid metal is designated 
as having unit activity.

L - ^  [7]

The relationship of molar concentration to activity is not strictly 
correct, but for low concentration ranges it is adequate, however at 
higher concentration of the metal ion the relationship includes the 
activity coefficient. This is noted by Lingane (1955). The calculations 
here are based on the assumption that the activity is equivalent to the 

metal ion concentration in the solution.
For a metal, such as iron, which does not form a true amalgam 

with mercury, but forms a suspension as is indicated by Hohn (1950a), and 
also in cases where the metal dissolves in mercury, the activity of the 
metal will be less than one, and will be the function of the diluting 
effect of mercury. Finally the Nemst equation is modified by Nelson 
(1963) to take into consideration the activity of the metal an amalgam 

and in the solution and was given in its final form as

E - E -  - log T ; * 1* )  [8]
s

where

K& n amalgam constant for the Nernst equation, 

Ks = solution constant for the Nernst equation.



This equation, however, is not valid for all metal deposition in mercury 
but gives the linear results modified for zinc amalgams and extended for 
zinc-type amalgams. Extension being made between 0.5 to 0.005 molar 
concentration of zinc type amalgams. Nelson concluded that extension 
beyond this limit may be probable. Iron type amalgams apparently do not 
lend themselves to simple modification due to non-linear response above 
and below the solution limit.

Standard Electrode Potentials

By convention it is arbitrarily assumed that the standard 
potential for the reaction:

H2 = 2 H+ + 2e~ [9]

is equal to zero at all temperatures, the pressure of hydrogen being 
one atmosphere and the activity of the hydrogen ion being one. There

fore from the Nernst equation

E = 0.05915 log —  [10]
PH2

where

p„ = fugacity of hydrogen in atmospheres.
2

The hydrogen electrode potential is measured using a piece of 
platinized platinum immersed in a solution saturated with hydrogen gas 
at one atmosphere, or more conveniently a glass electrode, whose 
potential is at equilibrium with hydrogen ions. All values of electrode



potential, are usually listed with reference to the hydrogen electrode 
or the saturated calomel electrode. . . '

Esatd.calomel = -  EH2 + °*242 t11!

Table 1 lists the standard electrode potentials of some electrode 
reactions as given by Latimer (1953). In this nominal listing, the 

reactions most likely to occur are those having a more positive 
oxidation potential. This factor indicates the thermodynamic need that 
the material seek the state of lowest energy. From the relation .

AG = - nFE, . " [12]

where

AG = the free energy change, 
n = the valence,
F = Faradays constant,

all reactions proceeding towards lower energy states must have a 
negative free energy change. This is satisfied for positive values of 

oxidation potentials.

Helmholtz Layers

A factor effecting the electrode reaction is the Helmholtz 
layer at the interface of electrolyte and the metal surface of the 
electrode. The evaluation of this layer is done by assuming a static 
condition under which it behaves as a capacitor.



Table 1. Standard Electrode Potentials at 25°C*

Electrode Reaction E?98 V0lt

Li = Li+ + e + 3.020
K = K+ + e~ + 2.925

*f* *{* ~A1 = A1 + 3e + 1.670
H2 (g) + 2 OH™ = 2 H20 (1) + 2e” + 0.828

+ + — Fe Fe + 2e + 0.441
SO™" + Pb = PbS04 (s) + 2e~ + 0.355

2C1™ + Pb = PbS04 (s) + 2e™ + 0.268

Pb = Pb++ + 2e™ + 0.126

H2 = 2H+ + 2e" 0.000
Cu = Cu + 2e - 0.167

20H™ = 1/2 02 + H20 (1) - 0.401

SO™" + 2Hg = Hg2S04 (s) + 2e™ - 0.6141
„ ++ t, ++ +Fe = Fe + e - 0.771

2Hg = Hg2+ + e™ - 0.799

Hg = Hg++ + ,2e - 0.854

Hg2+ = 2Hg+ + 2e - 0.920
H20 = 1/2 02 (g) + 2H+ + 2e~ - 1.229

Cl™ = 1/2 Cl2 (g) + e™ - 1.3595

*Latimer (1953)



Mott and Tobin (1961) have in their publication given a 
relationship for the interface between the metal and the electrolyte.
In Figure 1 the position of the inner and outer Helmholtz planes are. 
given by A and C at distances g and y respectively along the axis.

H' is the energy required to bring an ion from solution to a 
position of specific absorption, and U represents a potential barrier 
due to energy required to dehyrate the ion. To the right of C the ion 
is attracted by a weak image force towards the metal. In addition it 
is attracted by the potential gradient in the diffuse layer. If the 
potential (4>) exists between the metal and the electrolyte,-H' will 
change to

Neis H 1 = H' +_ eXijj [13]

with e representing the charge on the ion and X the fraction of the 
total potential across the outer layer,

X = y / (y + 3) [14]

which acts on the ion passing through the electrolyte to position A.

If Mott's relationship is followed, the potential barrier U is 
a function of the energy of hydration, and the parameter H' changes with 
a change in ip. This would represent the only way to modify H' in 
concentrated solutions. In dilute solutions however it will be affected 

by the change in the stirring speed. This shows that part of the energy 
required to bring the ion to the electrodes is supplied by mechanical 
means.
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t
F

0 x •>

Figure 1. Helmholtz Layer IZncrgy Diagram - Free I ncrgy of an ion (F) 
Versus Distance (x) from the Surface of a Metal. (Mott and 
Tobin, 1961).
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The potential, ip, between the metal ion and the electrode will 
effect the value of H'. The importance of this with respect to a 
mercury electrode is emphasized, ip is obviously related to ^
If the cathode is an amalgam of mercury another metal, \p is proportional 
to:

==ath„ae = E° - log MLiM. [IS]
M

and the activity of metal in the amalgam, vis-a-vis the activity of the 
metal ion, becomes important. The activity of the metal in the true 
amalgam would be related to that of the metal dissolved in a binary 
system.

Therefore, the difference of activity and thereby the difference 
of energy requirements which exist, will be manifest in slight changes 
in the standard reduction potentials at the metal electrodes, as against 
that of a mercury cathode. This is illustrated by Eq. 13 relating H' to

Electrode Polarization

The effect of polarization in a cell is to cause the potential 
of the anode to become more positive and the potential at the cathode to 
become more negative. This is the overall effect of the various factors 
contributing to the phenomenon of polarization. The various ways a cell 
can become polarized are:

1. Concentration polarization.
2. Activation polarization.
3. Ohmic resistance.
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Concentration polarization is caused by the depletion of the 
metal ion around the electrode by deposition. If the concentration of 
a metal ion is reduced from to on passing a current through the 
cell, then the reduction potential as given by the Nemst equation will 
change from

E1 = E° + 0.059 log M* [16]

to E2 = E° + 0.059 log M* [17]

because of the decrease of the concentration of the metal ion near the 
surface of the cathode from to M^. This means that the polarized 
cathode is more active than when no current was allowed to flow through 
the system. The difference of potential E^ - E^ is known as the 
concentration polarization. The greater the applied current, the faster 
is the rate of deposition of the metal ion and so the lower is the 
surface concentration of the metal ion. This results in a greater 

potential difference as given by (E^ - E^), that is the polarization is 
greater. In this example the valence (n) was one for the monovalent 
metal ion selected.

The value of the current density at which the concentration of 
the metal ion at the surface M* approaches zero, is known as the limiting 
current density. In practice this value is never achieved, as a second 
reduction reaction would be initiated at the electrode. For the pickling 
acid system the reduction of iron at the cathode would be followed by the 

reduction of hydrogen ion to hydrogen.
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The concentration polarization in a system increases as the 
applied current density approaches the limiting current density. The 
polarization becomes infinite when the applied and limiting current 
densities are equal. Glasstone (1964) states that the limiting current 
is proportional to the concentration of the diffusing ion and inversely 
proportional to the thickness of diffusion layer at the surface of the 
electrode. The limiting current can therefore be increased by decreas

ing the thickness of the diffuse layer. One method to do this is by 

means of stirring.
Activation polarization is caused by a slow electrode reaction.

A very important example of this form of polarization is the hydrogen 
overvoltage. Lingane (1955) describes it as the voltage greater than 
the reversible electromotive force which must be applied in order for 
the process to proceed at an appreciable rate. This can be stated as 
that activation energy required at the electrode for the reaction to 
proceed.

For cathodic deposition the overvoltage varies for different 
metals. Iron, nickel and cobalt exhibit high overvoltages, whereas 
cadmium, zinc and copper exhibit low overvoltages. The overvoltage for 

a metal varies with the type of electrode among other factors. It also 

reflects the complexed condition of the metal ion when present. The 
phenomenon of overvoltage is not restricted to,any electrode but occurs, 
depending on the anion or cation, the current density and the environ

ment .
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The hydrogen overvoltage in electrodeposition is very important 
as it affects the process and allows a less noble metal to be electro
deposited before hydrogen is evolved. This is of particular importance 
in this study as the reduction of the less noble iron (standard 
reduction potential - 0.441) is desired before hydrogen (standard 

reduction potential 0.000).
A sequence of electrode reactions was given by Pfutton and 

Maron (1947) and is given below. These reactions will indicate the 
different steps involved in hydrogen evolution. It shows, thereby, 
that the kinetics of the reaction will be dependant on the slowest 
reaction in the chain. The steps in the reaction are:

1. Diffusion of the hydronium ions from the solution to the 
cathode.

2. Transfer of the hydronium ions from the solution to the 
electrode.

3. Discharge of the ions by the electron addition to form 
atomic hydrogen.

4. Combination of the hydrogen atoms to form molecules.
5. Escape of the hydrogen molecules from the electrode 

surface as bubbles.
The hydrogen overvoltage is dependent on a number of cell 

conditions. It is of great importance as indicated earlier that the 
hydrogen overvoltage be high. This would enable the preferential 
deposition of a less noble metal at the cathode. The hydrogen over

voltage can be increased in a system by
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1. Decreasing temperature.
2. Having a smooth cathode surface.
3. Increasing the current density.

The hydrogen voltage is dependent on the catalytic properties of the 
metal, also. For example, a good catalyst such as platinum or iron 
leads to a low value of hydrogen overvoltage, whereas a poor catalyst 
such as lead or mercury has a high overvoltage.

In this study the acidity of the pickle solution can only be 
increased if the hydrogen is not liberated at the anode. In dilute 
acid solutions the overvoltage is independent of the acid concentration. 
The addition of neutral salts to a solution of constant hydrogen ion 
concentration increases the overvoltage proportional to the amount of 
salt in solution; similarly multivalent cations cause an increase in 

overvoltage. In concentrated acids the overvoltage decreases with in
creasing concentration of acid. Frumkin (1961) has explained the effect 
of hydrogen overvoltage.

A list of hydrogen overvoltages is shown in Table 2 obtained 

from Lingane (1955). It indicates an increase in hydrogen overvoltage, 
with current density. Mercury, it should be noted, has the highest 
hydrogen overvoltage and this factor is found useful in electrolytic 
processes as has been described earlier.

An attempt has been made by Kortum and Bockris (1951) and Smith 
(1958) to correlate and explain the thermoionic work function of the 
hydrogen overvoltage mechanism, and its dependence on surface conditions. 
Using Kittel's (1955) list of Fermi energies and the thermoionic work
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Table 2. Hydrogen Overvoltage on Various Cathodes*

Cathode Solution
First Visible 

Bubbles
Current Density

2 2 0.1 amp-cm 0.1 amp-cm

Pt (bright) 1M H2S°4 0.000002 0.16 -
Pd 1M H2S04 0.00000(?) 0.04 -
Ir 1M H2S°4 0.0026 0.20 -
Au 1M H2S°4 0.017 . 0.40 1.0
Co 0.005M H2S04 0.067 0.20 -

Ag 1M H2S04 0.097 0.30 0.9

Ni 1M H2S04 0.14 0.30 0.7
Fe 1M h 2S04 ; - 0.30 -
Cr 1M H2S°4 - 0.40 -
Cu 1M H2S°4 0.19 0.40 0.8

Sb 1M H2S°4 0.23 0.40 -

A1 0.005M H2S°4 0.30 - -
As 1M H2S°4 0.37 - -

Bi 1M H2S°4 0.39 0.40 -

Ta 1M H2S°4 0.39 0.40 -
Cd 0.005M- H SO 0.39 - -

1M H2S04 - - 1.22

Sn 0.005M h SO 0.40 - -
1M H2S04 0.5 1.2

Pb ■ 1M H2S04 0.40 0.4 1.2

Zn 0.01M Zn(C2H302)2 0.48 0.7 -

Hg 1M H2S°4 0.80 1.2 1.3

*Lingane (1955)



17

functions listed in the Handbook of Chemistry and Physics (1961-2),
Nelson (1963) indicates that platinum has the highest and mercury the 

lowest Fermi energy. This shows an inverse relation as compared to the 
hydrogen overvoltage on these two metals.

An ohmic resistance through a metal reaction surface film at 
the electrode, or the electrolyte around the electrode, or both, are 
included for polarization measurements. This contribution to polar
ization is equal to the product of i, the current density, and R (equal 
to 1/k) representing the ohmic drop as a function of the path, 1, and 
the specific conductivity, k, of the solution.

Stirring of the solution has a significant effect only on 
concentration polarization.; It does not affect the ohmic resistance or 

activation polarization significantly. The decrease of the concentration 
polarization by stirring can also be explained by Picks law. For a 
diffuse layer at the surface of the electrode of thickness, d, the 
instantaneous current, i^, is given by the equation:

• it = n F D A1 ((C - Co)/ d) [18]

where:
D = the diffusion coefficient

A^ = the area of the electrode
n = the valence
F = Faradays constant
C = concentration in bulk

G = concentration at electrode surface, o



From the above equation it can be seen that as the value of Cq decreases 
the difference (C -< Cq) increases. As the rate of electrolysis in
creases to a maximum the instantaneous current becomes a constant and 
is called tile limiting current, i^.

The limiting current, as, has been pointed out earlier, also 
respresents the point where the concentration at the surface of the 
electrode approaches or is equal to zero. Equation 18 therefore reduces 
to:

11 = n F D A2 C / d [19]

The limiting current can be increased only by the decrease of the 
diffuse layer thickness, d.

Limiting current can also be defined as that current at which 
the overvoltage is infinite. The relationship of overvoltage to the 
current density is illustrated in Figure 2. If the value of limiting 
current is reached during electrolysis, then, because of the infinite 
value of overvoltage, electrolysis will stop. It is therefore very 
desirable that the value of limiting current be increased as much as 
possible. By Picks law the limiting current can also be written as:

12 = D Ax / (V d) - [20]

where V is the volume and all other terms are as previously defined.
This again shows that for any particular system where area, temperature, 
volume and the diffusion coefficient are constant the limiting current 
will be increased by decreasing the diffuse layer. This can be 

accomplished by having a well-stirred system.
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Controlled Electrolysis

As most electrowinning processes involve deposition at the 
cathode, a primary consideration is that the cathode potential be 
maintained such that it exceeds the decomposition potential of the 
metal ion to be deposited.

There are three ways by which electrodeposition can be 
accomplished. They are:

1. Constant-current method.
2. Constant-applied-potential method.
3. Constant-cathode-potential method.

These three methods are described below.
In the constant-current method, selectivity in metal deposition 

is lost as there is no way by which one knows the cathode potential.

If the exact cathode potential is not known then it is quite possible 
that more than one metallic ion may be deposited at the cathode. This 
method is economical however for systems where there is only one 
metallic ion in the electrolyte, that is, a pure solution.

For the constant applied potential system the ohmic resistance 

is significant. This is because resistance, R, between electrodes is 
large. If the ohmic resistance is large then it causes the potential 
at the cathode to become more negative. To maintain the potential at 
the cathode, the current density has to be decreased and this increases 
the total time for the electrolysis.

The third method utilizes cathode-potential control and thus 

eliminates the large resistance drop through electrolyte. By this
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method the cathode potential can be maintained at a potential above 
that required for deposition and selectivity of metal ion deposition 
can be achieved. There would be a small ohmic resistance between the 
electrode and the reference electrode used for cathode-potential 
measurement.

Mercury Cathode

The advantages of using a mercury cathode in the electrowinning 
process are numerous. Anode and cathode arrangements proposed in the 
past have always been unable to overcome the large inventory of mercury 
that is required. However the recent invention of Dr. T. M. Morris 
(1969) revolutionizes cell design and satisfactorily eliminates the 

need for a large inventory of mercury.
The use of vertical anodes and cathodes is one form of mercury 

cell design. Among the advantages of using this cell design for metal 
recovery by electrolytic means, and also the use of mercury are:

1. The hydrogen overvoltage is high.
2. There is no build up of metal deposits on the cathode that 

could cause short circuits, eliminating the need for the

periodic removal of the cathode-, from the cell.
. . j3. The spacing of anodes and cathodes much closer than in

conventional cells.
4. The use of a thin film of mercury on the rotating cathode 

reduces the diffusion layer, and so the limiting current 
is increased.
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5. The activity of metals soluble in mercury is less than
one. Therefore the decomposition potentials of metals at
a mercury cathode are lower than at a metal cathode.

6. Metals insoluble in mercury have an activity of one and
they form a dispersion in the mercury.

Pickling Solutions

Pickling is a process by which oxide scale is removed from a 
steel product by means of acid. This scale is formed during hot shaping 

and other forming operations when oxidation of the steel surface is 

unavoidable, and consists of FeO, Pe2 ® 3 anc* The scale is removed
by mechanical operations such as high pressure sprays, scale breakers 
and shot blasting. However the most satisfactory results are obtained 
by pickling in acid.

Pickling is done by using either sulfuric or hydrochloric 
acid along with inhibitors, as shown by Kuhn and Nathan (1966), and 
Alfandry et al., (1966), to reduce the attack on the base metal. The 
waste pickle liquor contains a large percentage of unused acid, and has 
iron dissolved in it. The Inland Steel Company, for example, uses 12 
percent hydrochloric acid fresh pickle liquor and dumps waste liquor 
containing 1.4 percent hydrochloric acid and 3.2 percent iron at the 
rate of 50 gallons per minute.

Use of hydrochloric acid or sulfuric acid as pickle liquor 
depends on the market price of these acids. Hydrochloric acid is 
considered a more efficient pickling agent by Gehman (1966) and McClune 
(1966) and their reasons are listed below:



1. A cleaner surface is obtained.
2. Scale breaking is obviated.
3. Overpickling is reduced due to a slower reaction.
4. The improvement of subsequent processing owing to the

solubility of compounds.
5. Total acid recovery possible.

In the electrolytic process suggested by this thesis, both 
sulfuric and hydrochloric acid pickle liquors are considered. In 
previous works, Bramer and Coull (1955), Horner et al., (1955) and 
Mantell and Grenni (1962), these investigators have considered 

electrolytic systems for the treatment of sulfuric acid pickle liquor 
using ion permeable membranes, anion exchange membranes and perm- 
selective membranes respectively.

There are three major factors to be considered in an electrolytic 
regeneration process. The first is to prevent the oxidation of the 
ferrous ion to ferric ion, the second is to get preferrential reduction 
of ferrous ions at the cathode with respect to hydrogen, and thirdly, 
the prevention of chlorine evolution at the anode for a hydrochloric 
waste pickle solution.

The oxidation-reduction, of ferrous to ferric and the ferric to 
ferrous, at the anode and cathode respectively must be minimized to 
obtain high current efficiencies. Table 1 lists the ferrous to ferric 
reaction oxidation potential as - 0.771 and so the ferric to ferrous 
standard reduction potential would be + 0.771. The reduction reaction 
of ferrous ion going to iron standard reduction potential is listed as 
- 0.441. From these figures it can be seen that the reaction:
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Fe++ + 2e = Fe - 0.441 [21]

at the cathode would take place after the reaction:

Fe++ + 0.771 [22]

because it is less noble.
Uhlig (1967) lists the reduction potential of the ferric to 

iron reaction as:

this reaction is dependent on the ratio of the ferrous and ferric ions 
in the solution and is very slow.

voltage which allows the removal from the solution of the less noble 
ferrous ion. The different states of iron in solution each have their 
own metallic, overvoltage at a mercury cathode. The value of these over
voltages depends on their concentration in the solution vamong other 
factors. The net result is that values of decomposition of iron at the 
mercury cathode will be different to that obtained using an iron cathode.

Fe+++ + 3e = Fe E° = - 0.036 volts [23]

The reaction of ferric ion going to iron is more noble than those 
indicated by Eqs. 21 and 22, and so should take place first. However,

At the mercury cathode there apparently is a hydrogen over-

General Discussion

Hohn (1950b), has suggested an amalgam process and the equipment 
that could be used. However no process using amalgamation for the re
generation of acid could be found in the literature. The solubilities
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of selected metals in mercury as given by Gordon and Wickers (1957) are 
listed in Table 3.

Other processes, not electrolytic, concerning the recovery of 
waste pickle liquor have been considered; roasting, ion exchange, 
absorption and other techniques have been reported by Tucker (1966), 
Vital and Jegge (1966), Anon (1966), Borgolte (1965), Ruthner (1966), 
and Borgolte (1966). Some of these have been referenced through their 
abstracts.

The waste liquor disposal, as has already been indicated, causes 
severe problems and the method generally employed by steel companies is 
to pump the waste liquor down deep underground shafts. This is done by 
Inland Steel Company and also Midwest Steel Company as discussed by 
Hartman (1966) among others. This method of disposal has caused in
creasing concern among pollution control and public health agencies.

The day is not far off, therefore, when tighter legislative controls 

will force industrial waste producers to use cyclic processes, elimi
nating, or vastly reducing the quantity of waste production.
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Table 3. Solubilities of Selected Metals in Mercury at 
18°C - Weight Percent*

Co 1 x 10"6 Na 0.68
Fe 1.5 x 10"6 Li 0.09

Ni 2 x 10™6 K 0.80

Cr 4 x 10"7 Ca 0.30

Cu 2 x 10'3 Ba 0.33
Mn 1.7 x 10“3
Pb 1.3
Sn 0.62

Zn 2.15

Cd 4.92
T1 42.8

Bi 1.4

*Gordon and Wickers (1957) n



CHAPTER 3

DETERMINATION OF DECOMPOSITION POTENTIALS

A standard method was used to determine the decomposition 

potential of iron at an iron cathode and at a mercury cathode, as 
described in Lingane (1955).

Introduction

The reduction potentials of iron ions at an iron cathode or the 
mercury cathode are influenced by the metal ion valence, concentration, 
solution interface and the diffuse layer. Parsons(1961) has indicated 
that this diffuse layer is 1 to 2 angstroms thick. Measurements of the 
calomel potential is less affected in concentrated solutions because the 
spacing between the calomel tip and the surface of the electrode has 

very little or no effect on the reading. For dilute solutions the effect 
is significant due to a thicker diffuse layer, but stirring reduces this 
effect. The calomel electrode tip has to be kept beyond the diffuse 

layer.
As the Nemst equation forms the basis of electrolytic work it 

is necessary that the theoretical values of the decomposition potential 
for the ferrous ion correlate with the practically obtained values.

Procedure

The electrical circuit for the cell with an iron cathode was set 
up as is shown in Figure 3. The tip of the saturated calomel electrode

27
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12V battery

f- variable 
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A - ammeter 
V - voltmeter

Figure 3. Electrical Circuit for Potential and Current Measurements



was placed about 0.2 inch from the surface of the iron cathode or the 
surface of the mercury pool cathode. The experimental set up using a 
mercury cathode is illustrated in Figure 4. As stirring of the solution 

is of utmost significance in electrolysis, stirring speed selection was 
first done. The selection of the stirring speed was such as to allow 
rapid agitation of the solution so that the liquid flow in the test cell 
was laminar. If the agitation was too violent for the mercury pool 
cathode there was a tendency for the mercury to short circuit the system. 
The stirring was done by a magnetic stirrer Mag Mix made by the 
Precision Scientific Company of Chicago. The anode used was a platinum 
coil electrode!

b

In all cases the solutions were prepared from chemically pure, 
commercially available salts. These solutions were found to accurately 
simulate the waste liquor as produced in actual plant operation.

The potentiometer used was standardized by using a standardized 
Weston cell of constant potential. The total cell potential applied was 
recorded as was the cell current. The anode and cathode potentials were 
also recorded using saturated calomel reference electrodes. The calomel 
electrodes were made by Coleman Company. The readings were taken by 
incrementing the applied total cell potential and recording the cathode 
potential change, anode potential change and the change of current 
density.

The applicability of the Nemst equation was tested by using an 
iron cathode and varying concentrations of ferrous ions in the electro
lyte. The decomposition potential of the ferrous ion reduction thus 
obtained were checked against theoretical results.
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Figure 4. Cell Arrangement
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Discussion of Results

The decomposition potential of ferrous ion reduction at the 

iron cathode is found to become increasingly more positive as the 
concentration of the ferrous ion in the electrolyte increases. This is 
as would be expected if the Nernst equation is applied.

At the cathode the reaction is:

Fe++ + 2e = Fe E° = - 0.441 [21]

using the Nernst equation:

Ecathode = E° - J _  [5] , [7]
M

Ecathode = ' °-441 " ^  l0S ^  f24l

Equation 24 gives the theoretical reduction potential of ferrous ion at 

the cathode for the concentration M of the ferrous ion in the solution.
The validity of the Nernst equation was tested by using ferrous, 

sulfate solutions having a concentration of 1 , 0.5 and 0.1 percent Fe 
in solution. The pH of the solutions were adjusted to 1.0 using 
sulfuric acid. An iron cathode and a platinum coil anode were used.

The data obtained are listed in Table 4 and illustrated in 
Figure 5. From the results it can be seen that the decomposition 
potentials of the ferrous reduction at the cathode become more positive 
as the concentration is increased. This agrees quite well with the 
theoretical values as can be seen in Eq. 24. As the concentration;-Mn+, 
is increased, E will become more positive.
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Table 4. . Decomposition Potential Data for Ferrous Ion in Sulfate 

Solution Using a Platinum Coil Anode and an Iron Cathode. 
Solution pH 1.0.

0.1 percent Fe 0.5 percent Fe 1.0 percent Fe
E volt i amp/ft^ E volt i amp/ft^ E volt i amp/ft^

- 0.296 0.00 - 0.285 0.00 - 0.265 0.00

- 0.344 0.36 - 0.377 0.67 - 0.382 0.95

- 0.448 1.03 - 0.457 1.26 - 0.463 1.45

- 0.482 1.29 - 0.473 1.33 - 0.527 2.57
- 0.556 2.20 - 0.550 2.34 - 0.549 3.80

- 0.605 3.70 - 0.591 4.73
- 0.620 5.07

E volts - Cathode voltage versus normal hydiogdn electrode. 
2i amp/ft - Current density at the cathode.

Table 5. Theoretical and Actual Decomposition Potentials of Ferrous 
Ion in Ferrous Sulfate Solution.

Concentration of
ferrous ion, percent E volt calculated E volt experimental

0.1%
0.5%
1.0%

- 0.4925
- 0.4719
- 0.4631

- 0.4750
- 0.4700
- 0.4625
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Figure 5

0.5% Fe 
1.0% Fe

• H

0.4 0.60.3 0.5

cathode potential (NHE volt)

Current Density Versus the Cathode Potential for Aqueous 
Ferrous Sulfate Solution at pH 1.0, Using Platinum Coil 
Anode and an Iron Cathode.
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The values of the decomposition potentials were then obtained 
from Figure 5 as the first points of deviation from a straight line.
The characteristics of the curves obtained for the decomposition 
potential indicate quite clearly that the solution is not pure, that is, 
there was more than one type of ion in the solution used for the 
determination of the decomposition potential. Lingane (1955) has 
qualitatively shown the shape of the current density versus electrode 

potential curves as a function of the purity. These are reproduced in 
Figure 6.

The impurity possible in the acid ferrous sulfate system could 
only come from the oxidation of some of the ferrous ions to ferric ion 
at the anode. The reduction of the ferric ion at the- cathode, as given 
by Eq. 22 may.also have an influence on the shape of the decomposition 
curve obtained. Further it must be noted that the ferrous reduction 
reaction is less noble than the hydrogen reduction reaction at the 
cathode. For a solution of pH equal to one, and a cathode of iron the 
theoretical value of hydrogen decomposition can be calculated. Over-, 
voltage of hydrogen at iron cathode is 0.3 volts, see Table 2.

kathode ’ E° - °-059 1 %  H+ * [25]

+where H is the concentration of hydrogen ions in the solution

E° is the standard oxidation potential for hydrogen as given 

in Table 1, and is equal to 0.00 volts
is the hydrogen overvoltage at the cathode, 

but the pH of a solution is defined as the negative log of the hydrogen 

ion concentration, and so:
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Figure 6. Affect of Impurities on the Current Density Versus the 
Decomposition Potential Curve.
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pH = - log H+ [26]

and the Eq. 25 can be rewritten as:

Ecathode = ~ 0.059 pH - 0.3 [27]

and for a solution. pH of one Eq. 27 gives us the decomposition potential
for hydrogen reduction at the iron cathode as - 0.36 volts.

From the above calculated decomposition value of hydrogen 
reduction at the cathode and the decomposition values of the ferrous 
ions as listed in Table 5 for the concentrations of 1.0, 0.5 and 0.1 
percent ferrous ion, it can be seen that the ferrous reduction reactions 
are all less noble. It is therefore quite probable that the reason that 
a sharp inflection in the decomposition curves of Figure 5 was not 
obtained may be partly due to the simultaneous reduction of ferrous ion 
and hydrogen ion at the cathode.

The correlation obtained between the theoretical values of 
decomposition potential and that obtained from Figure 5 is quite 

significant as can be seen in Table 5. This shows that the experimental 
procedures were correct. The method of experimentation can thus be 
applied for further investigation.'

The decomposition potential for the ferrous ion reduction at the 
mercury pool cathode was obtained. The experimental data are recorded 
in Table 6 and illustrated in Figure 7. For the concentration of ferrous 
ion; 3.2, 1.6 and 0.8 percent in the solution of ferrous sulfate at pH 

of one adjusted by sulfuric acid, the decomposition potentials become 
more positive as the concentration of the ferrous ion is increased. This
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Table 6. Decomposition Potential Data for Ferrous Sulfate Solution 
Using a Platinum Coil Anode and a Mercury Cathode, 
Solution pH of One.

3.2 percent Fe 1.6 percent Fe 0.8 percent Fe
E volts i amp/ft^ E volt i amp/ft^ E volt i amp/ft2

+ 0.132 0.243 + 0.214 0.000 + 0,217 0.000
+ 0.069 0.365 - 0.023 0.015 - 0.162 0.268

- 0.148 0.486 - 0.252 0.021 - 0.290 0.486
- 0.515 0.608 - 0.507 0.040 - 0.654 0.730
- 0.866 0.948 - 0.803 0.048 - 0.860 0.973
- 0.935 1.240 : - 1.066 0.065 - 1.105 1.459

- 1.042 4.353 - 1.176 0.099 - 1.169 1.946
- 1.088 8.269 - 1.225 0:185 - 1.185 2.675

- 1.175 18.240 : - 1.251 0.250 - 1.205 3.697
- 1.330 0.385 - 1.215 4.548

‘ - 1.230 5.180

- 1.230 5.472

E volt - Cathode voltage versus normal hydrogen electrode. 
2i amp/ft - Current density at the cathode.
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3.2% Fe 
1.6% Fe 
0.8% Fe
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cathode potential (NHE volt)

Figure 7. Current Density Versus the Cathode Potential for Aqueous 
Ferrous Sulfate Solution at pH 1.0, Using a Platinum Coil 
Anode and a Mercury Pool Cathode.



39

effect is as predicted by the Nernst equation. However the value of 
decomposition obtained by interpolating the linear, rising portion of 
the curves in Figure 7 are much greater than comparable values obtained 
for reduction at an iron cathode.

As has been stated earlier Nelson (1963) could not correlate 
the decomposition potential of ferrous ion at a mercury cathode with the 
Nernst equation. He found that iron type amalgams do not lend them
selves to correlation due to non-linear response above and below the 
solution limit.

In this system using a mercury cathode however the hydrogen 
overvoltage as listed in Table 2 is 1.2 volts. Using Eq. 25 the 
reduction potential of hydrogen at the cathode is - 1.26 volts. This 
value of the hydrogen reduction at the cathode is much less noble than 
the ferrous ion reduction reaction at the mercury cathode. This would 
mean that there is little or no reduction of hydrogen ion at the mercury 
cathode. This is also highlighted by the fact that the decomposition 
potential curves as seen in Figure 7 have a much sharper breakaway point. 
This would indicate a system which is more pure relative to the system 
in which an iron cathode was used.

The decomposition potential of the ferrous ion at the mercury 
cathode is markedly shifted to more negative values. As the activity of 

the iron, as a fine dispersion in the mercury, is less than one, the 
shift is due to the metallic overvoltage of ferrous ion decomposition at 
a mercury cathode along with diffusion and polarization phenomenon which 
tend to make the potential at the cathode more negative. Even these
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factors however do not cumulatively make the decomposition potential
t

negative enough to make the ferrous ion reduction reaction less noble 
than the hydrogen reduction reaction at the mercury cathode.

For higher current efficiencies to be obtained, therefore, the 
cathode potential should be controlled between the value for ferrous ion 
deposition and that for the hydrogen ion deposition voltages. From 
Figure 7 the decomposition potential of ferrous ion at the mercury 
cathode is obtained. For 3.2 percent ferrous ion the decomposition 
potential is - 0.90 volts, for 1.6 and 0.8 percent ferrous ion the 
decomposition potential is - 1.10 volts and - 1.15 volts respectively. 
The decomposition voltage for hydrogen evolution had earlier been 
calculated as - 1.26 volts.

The values listed would therefore give the range within which 
the deposition of the ferrous ion in the mercury cathode could most 
efficiently be accomplished. It can also be seen that for a solution 
of constant pH, that is, having a constant hydrogen ion concentration, 
the range of effective operation increases with increasing concentration 
of the ferrous ion in the solution.

The next phase was to correlate the decomposition potential of 
the actual pickle liquor with that obtained for simulated solutions. 
Spent pickle liquor solution, sent by the Inland Steel Company contained 
3.2 percent iron, 7.2 percent F e C ^ ,1.4 percent free tested. The 3.2 
percent Fe is nearly all in the form of the ferrous chloride.

The decomposition potential data for the spent pickle liquor 
are presented in Table 7 and illustrated in Figure 8. By linearly
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Table 7. Decomposition Potential Data for Spent Pickling Liquor 
Using a Platinum Coil Anode and a Mercury Pool Cathode.

cathode voltage versus NHE, volt 2current density amp/ft

+ 0.274 0.122
- 0.259 1.338
- 0.361 1.338
- 0.495 1.581
- 0.661 2.169
- 0.846 4.256
- 0.915 6.810

- 0.976 10.336

-1.004 19.456

- 1.011 23.590
- 1.003 27.968

Table 8. Analysis of Spent Pickle Liquor Sent by Inland Steel Company.

Specific gravity at 60°F 1.076
Total dissolved solids (gravimetric) 97,628 ppm
Total suspended solids 3 ppm
Percent free HC1 1.4
Percent iron 3.2
Percent Mn 0.003
Percent FeClg 7.2
Nitrate ppm 0
dil ppm 0.0
Viscosity at 25°C 1.09 centistokes



42

Figure

50

40

30
£

x4~»• H
V)G0)X)

20

10

0
-o -o

+ 0.4 0.0 - 0.4 - 0.8
cathode potential (NUE volt)

-  1.2

Current Density Versus the Cathode Potential for Spent 
Pickling Solution Using a Platinum Coil Anode and a 
Mercury Pool Cathode.



43

interpolating the rising portion of the current density versus cathode 
potential curve the reduction potential of the ferrous ion obtained is 
- 0.95 volts. This value of decomposition portential is slightly more 
negative than that obtained for a 3.2 percent ferrous ion solution that 
had been prepared from commercially available salts. The difference 
would be expected as the spent pickle liquor contained some ferric ion 
in addition to ferrous ion to make up the 3.2 percent iron. As has been 

seen earlier the decrease of the concentration of the metallic ion 
causes the decomposition potential values to become more negative. A 
complete analysis of the Inland Steel Company spent pickle liquor is 
shown in Table 8.

Reaction during an electrolysis is not restricted to the 
cathode. A complete analysis of the system would have to consider the 
oxidation of chloride ion for a hydrochloric pickle liquor and the 
oxidation of the water to oxygen for a sulfuric acid pickle system.
The decomposition potentials at the anode were determined for both the 
ferrous chloride and the ferrous sulfate systems.

For a ferrous chloride solution the reaction at the anode will 
be either the oxidation of chloride ion or the evolution of oxygen.
The reaction which will occur first is dependent entirely on the 
individual decomposition potentials. The different anode reactions are 
given below:

Cl" = 1/2 Cl2 (g) + e" •' E° = - 1.36 - [28]

2 H20 = 02 + 4 H+ + 4e" E° = - 1.23 [29]
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The decomposition potential for the chlorine or oxygen liberation is 
also dependent on the overvoltage and other polarization phenomenon 
which would effect each of these two reactions differently.

The decomposition potential values as listed in Table 1 indicate 
that oxygen should be liberated before chlorine. The reaction of ferrous 
oxidation at the anode should not be overlooked. This reaction has an 
oxidation potential of only - 0.771. The anode decomposition should 
therefore show at least three decomposition potential values as the 
applied current density is increased. *

Tables 9 and TO list the data obtained for a ferrous chloride 
solution. The decomposition potentials are obtained from this by making 
a plot of current density versus the electrode potentials. Figure 9 is 
the plot of the current density at the cathode versus the cathode 
potential for the concentrations 0.056 and 0.174 percent ferrous ion are 
obtained from the Tables 9 and 10 respectively. Figure 10 is the plot 
of current and the anode potentials. This plot is for the 0.056 and
0.174 ferrous ion and the data is from Tables 9 and 10 respectively.
The area of the anode was not precisely known and so the anode current 
density was not calculated. However this factor does not alter in any 

way the values of decomposition potential obtained.
The Figure 9 shows that the decomposition potential of. ferrous 

ion at the cathode becomes more positive as the ferrous ion concentration 
is increased in the solution. This agrees with previous results obtained 
and also with the. trend indicated by the Nernst equation.
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Table 9. Decomposition Potential Data for Ferrous Chloride Solution 
Containing 0.056 Percent Ferrous Ion Using a Platinum Coil 
Anode and a Mercury Cathode, Solution pH of One.

E volt c E volt a i amp ic amp/ft2

■+ 0.304 ' + 0.302 0.00 0.000
+0.291 + 0.762 0.00 0.000
- 0.242 + 0.791 0.01 '0.243
- 0.567 + 0.895 0.02 0.486
- 0.699 +1.040 0.03 0.730
- 0.711 + 1.379 0.03 0.730
- 0.878 + 1.450 0.05 1.216
- 0.965 + 1.489 0.10 2.432

- 1.004 + 1.671 0.10 2.432

- 0.985 + 1.767 0.12 2.918

- 1.014 + 1.849 0.16 3.891

- 1.023 + 1.870 0.20 4.864

- 1.036 + 1.901 0.23 5.594

- 1.025 + 1.935 0.28 6.810

- 1.039 + 1.971 0.30 7.296

+ 1.997 0.32

Ec volt - Cathode voltage versus normal hydrogen electrode.

Ea volt - Anode voltage versus normal hydrogen electrode.
i amp - Current flow through cell 

2i amp/ft - Current density at the cathode.
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Table 10. Decomposition Potential Data for Ferrous Chloride Solution 
Containing 0.174 Percent Ferrous Ion Using a Platinum Coil 
Anode and a Mercury Cathode, Solution pH of One.

E volt c E volt a i amp ic amp/ft^

+ 0.274 + 0.267 0.00 0.000
+ 0.256 + 0.656 0.01 0.243
- 0.131 + 0.713 0.02 0.486

-0.483 + 0.735 0.03 0. 730
- 0.675 + 0.749 0.03 0.730

- 0.830 + 0.779 0.04 0.973
- 0.898 + 0.830 0.08 1.946

- 0.930 + 0.908 0.09 2.189

- 0.920 + 1.388 0.10 2.918

- 0.978 + 1.441 0.12 3.648

- 0.999 + 1.520 0.15 4.864

- 0.996 + 1.579 0.20 5.594

- 1.008 + 1.646 0.23 7.053

+ 1.702 0.29
+ 1.908 .0.32

+ 1.953 0.38

+ 2.023 0.41
+ 2.087 0.49

volt - Cathode voltage versus normal hydrogen electrode. 
E volt - Anode voltage versus normal hydrogen electrode.

cl

i amp - Current flow through cell.
2i amp/ft - Current density at cathode.
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Current Density Versus the Cathode Potential for Aqueous
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Figure 10. Current Versus the Anode Potential for Aqueous Ferrous
Chloride Solution at Initial pH 1.0. Platinum Coil
Anode and Mercury Pool Cathode.
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The decomposition potential curve for the anode as given in 
Figure 10 has three inflection points. For a ferrous chloride solution 
containing 0.056 percent ferrous ion the inflections occur at + 0.762,
+ 1.275 and + 1.650 volts. For a solution containing 0.174 percent
ferrous ion the inflections occur at about + 0.61, + 1.275 and + 1.56
volts. The first inflection in the curve indicates the oxidation of the
ferrous ion to ferric ions, the second the evolution of oxygen at the
anode and the third the evolution of chlorine at the anode.

The shift of the decomposition potentials of the ferrous 
oxidation reaction and the chlorine evolution reaction agrees with that 
given by the Nernst equation. As the concentration of ferrous ion is 

increased, the concentration of the chloride ion is also increased.

With increasing concentration of these two ions the decomposition 
potential of their oxidation reactions becomes more negative. The de
composition potential of the oxygen liberation reaction is changed be

cause the water molecule concentration was not constant in both solution.
The fact that oxygen is liberated before chlorine at the anode 

was checked by obtaining decomposition data for the anode reactions 
from both a ferrous chloride and a ferrous sulfate system. The data are 
listed in Table 11 and are illustrated in Figure il. Oxygen decompo
sition potential is found to be + 0.63 volts and the chlorine 
decomposition potential + 0.715 volts.

The curve ferrous chloride solution does not indicate any 
breaks for the ferrous oxidation reaction and the oxygen liberation 
reaction because the increments of applied voltage used were large.
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Table 11. Decomposition Potential Data for 1.0 Percent Ferrous Ion 
in Ferrous Chloride and Ferrous Sulfate Solutions Using 
a Platinum Coil Anode and a Mercury Cathode, Solution pH 
of Oner

Ferrous sulfate Ferrous chloride
E volt a i amp E volt a i amp

- 0.046 0:000 - 0.084 0.000
+ 0.160 0.007 + 0.422 0.030
+0.343 0.007 + 0.632 0.030
+ 0.520 0.007 + 0.806 0.040
+ 0.670 0.035 + 0.969 0.100

+ 0.826 0.139 +1.070 0.133

+ 0.933 0.219 + 1.145 0.165

+ 1.068 0.355

volt - Anode voltage versus normal hydrogen electrode, 

i amp - Current flowing through cell.
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Current Versus the Anode Potential for Ferrous Sulfate
and Ferrous Chloride Solutions at pH of One, Using a
Platinum Coil Anode and a Mercury Cathode.
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Conclusions

From the experimental data obtained the following conclusions 
may be drawn:

1. Nemst equation is obeyed by the system using an iron 
cathode.

2. Ferrous ion cap be reduced at the cathode before the 
reduction of hydrogen ion if a mercury cathode is used.

3., Ferrous ion co-deposits with hydrogen for an iron cathode
giving rise to a decomposition curve indicating an impure 
system.

4. For a ferrous chloride system the reactions possible at the 
anode occur in the following ways.
a. Ferrous ion oxidation to ferric ion.
b. Chloride ion oxidation to chlorine gas.

c. Water molecule oxidized to oxygen gas and hydrogen ion.
5. For a ferrous sulfate system the reactions at the anode 

possible are:
a. Ferrous ion oxidation to ferric ion.
b. Water molecule oxidized to oxygen gas and hydrogen ion.

6. Nernst equation is not obeyed for the reduction of ferrous
ion at the mercury cathode.

7. Ferrous ion deposition can be carried out with good current
efficiencies within the range of cathode potentials defined 
by decomposition potential of the ferrous, ion and the 
decomposition potential of hydrogen evolution.
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8. The evolution of chlorine from a chloride solution can be 
prevented by controlled anode potential.

Since the purpose of this work is to regenerate acid while 
reducing the ferrous ion at the cathode, it is very necessary that the 
water molecule oxidation reaction, as given by Eq. 29, take place. 
Further, it is also necessary, in the chloride system, that chlorine not 
be liberated at the anode. The effect of these reactions is that the 

former results in the formation of the hydrogen ions so necessary for the 
acid regeneration. In the case of the latter however the chlorine 
liberated would attack anode materials besides which its liberation would 
attack anode materials besides which its liberation would not contribute 
to any increase in the acidity.

The reactions that take place for a chloride system at the 
electrodes are listed below:

at cathode: a) Fe++ + 2e = Fe [30]

at anode: a) Fe*"*" = Fe+++ + e [31]

b) H20 = 1/2 02 + 2H+ + 2e [32]

c) 2C1~ = Cl2 + 2e [33]

The reaction of ferrous oxidation to ferric ion does not contribute to 

the overall reaction as the ferric ion gets reduced at the cathode to 
the ferrous ion. This cyclic reaction affects the current efficiency of 

all solutions containing ferrous ions.
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If only oxygen were liberated at the anode, that is, if the 
current densities were low such that the chlorine evolution potential 
were not reached at the anode, the overall cell reaction would be:

FeCl2 + H20 = Pe + 2H+ + 2C1~ + 1/2 02 [34]

This would mean that acid is being regenerated in the system. If the
reaction involved the liberation of chlorine in addition to oxygen at 
the anode, the cell reaction would be:

2FeCl2 + H20 = 2Fe + Cl2 + 1/2 02 + 2H+ + 2Cl" [35]

and so the acidity of the solution would not be increased.

The ferrous sulfate system could be represented by the following 
overall cell reaction:

FeS04 + H20 = Fe + 2H++ + SO"" + 1/2 02 [36]

The above reaction would be the only one possible for the cell, and it 
would result in an increase in the acidity.



CHAPTER 4

DEPOSITION OF IRON IN THE MERCURY CATHODE 

Introduction

Any metal will be deposited on the cathode if it forms an ion 
in solution and the imposed cell voltage is such that the decomposition 
voltage at the cathode is exceeded. After having established the 
decomposition voltage at the cathode of the ferrous ion the decomposition 
of iron should be possible. However since the decomposition potential 
of iron is more electro-negative than hydrogen the tendency would be for 
the hydrogen to be liberated.

The use of a mercury cathode utilizes the activation polarization 
of hydrogen liberation at the mercury cathode. The net effect of 
polarization causes the decomposition potential of hydrogen reduction to 
become more negative. For mercury the polarization is so marked that the 
potential for hydrogen is made more negative than that for ferrous ion 
reduction. This effect known as overvoltage makes possible the efficient 
reduction of the ferrous ion at the cathode.

As the decomposition potential of ferrous ion reduction at the 

cathode represents a lower limit on the operation of iron removal, the 

hydrogen ion reduction potential represents the upper limit. It is for 
this reason that the constant cathode potential method of iron removal 
is chosen for this work.

55
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For the ferrous chloride system, it is of great importance that 
the chlorine is not liberated at the anode. The evolution of chlorine 
at the anode would have two adverse effects on a system. The chlorine 
would attack most industrial anodes, such as lead, and it would not 
allow the solution to become more acidic.

Procedure

The electrical circuit for the cell was similar to that used 
in Chapter 3. The apparatus used was also the same. Two hundred milli
liters of solution was used in each test and was prepared from 
commercially available salts and 25 milliliters of mercury was used. A 
stirring speed of 125 rpm on the magnetic stirrer was Selected. The 
anodes used were platinum coil, lead and carbon. The solution was 
maintained at an initial pH of one.

I Parameters such as the cathode potential, distance of separation
between electrodes, type and orientation of the anode, and the concen
tration of the ferrous ion in the solution were varied. The time for 
which each of the subsequent test was run was 30 minutes.

Analysis for each 10 minute interval of the amount of iron in 

the solution was carried out by using a Perkin-Elmer 290 spectro
photometer. The analysis for the acidity was carried out by using the 
Coleman Metrion pH meter. Standard analysis methods were also employed 
for the determination of the acidity and quantity of iron in the 
solution.



Discussion of Results

The test results for the ferrous chloride solutions, in all 
cases, indicated.the liberation of chlorine at the anode. This indicates 
that for efficient deposition at controlled cathode potential the 

oxidation potential of chlorine ion at the anode is exceeded. The 
oxidation of the chlorine ion could be prevented by using a system bear
ing a controlled anode potential. This, however, would result in lower 
current efficiencies for the iron removal from the system. The applied 
current densities used would also be lower. Besides, the chloride 
solution had a tendency to form a complex with the mercury. This was 
especially true for higher concentrations of ferrous chloride in 
solution.

Based on these results it can be concluded that the electrolytic 
regeneration of acid from a hydrochloric leach solution is not possible.

The different types of anodes tested were the platinum coil, 
lead and carbon. Platinum coil could be used as could the lead anode. 
However the carbon anode disintegrated in solution due to the action of 

the bubbles of oxygen liberated at its surface. The use of carbon anode 
was therefore abandoned.

The spacing of the anode and cathode is important. In the 

conventional cells it is dependent on the ease of removal of electrodes 
and the prevention of short circuits due to dendrite formation among 

other factors. For a flowing mercury cathode dendrite formation is 
eliminated as the iron forms a fine dispersion in the mercury. The 
effect of the distance between the electrodes is also not limited by
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the ease of handling, this because removal of the electrodes is not 
necessary. The choice of the distance is then based on the best current 
efficiency for the iron removal.

Table 12 list data for a ferrous sulfate solution containing 
1.0 percent ferrous ion. The solution pH was one and the total time of 
the test was 30 minutes. A platinum coil anode was used and the cathode 
was a pool of mercury. The result is illustrated in Figure 12. The
data obtained indicates an increase in the current efficiency as the
distance between the anode and the cathode is increased, for a controlled 
cathode potential of - 1.158 volts.

For the distance of the electrodes closer together the cyclic 
oxidation reduction reaction of the ferrous to ferric and ferric to 
ferrous predominates. This in effect lowers the overall current 
efficiency of the iron deposition. As the distance between the
electrodes is increased the ferrous ion reduction at the cathode becomes
more predominant and this results in increased efficiency within the 
range tested.

As the distance of separation of the electrodes in the Morris 
cell (1969) is about 0.75 inch, subsequent tests were run with this 

separation between electrodes. Any other distances of separation used 
will be indicated for a particular experiment. .

The choice of a controlled cathode potential of - 1.158 volts 
in the test described above is greater than the decomposition potential 
of 0.8 percent iron, that is - 1.15 volts. However the potential is 
lower than the calculated value of hydrogen ion reduction, that is, 
about - 1.26 volts.



59

Table 12. Current Efficiencies for Varying Electrode Separation.
Distances. Ferrous Sulfate Solution at an Initial pH 
of One and Containing 1.0 Percent Ferrous Ion. 
Controlled Cathode Potential - 1.158 Volts. Platinum 
Coil Anode- and Mercury Cathode. Total Time of Test 
30 Minutes!.

anode distance from cathode. inch
0.25 0.50 0.75 1.0

current efficency (%) 41.3 45.5 47.5 51.2
2current density (amp/ft ) 44.6 33.3 38.7 36.6

Table 13. Current Efficiencies for Varying Concentrations of Ferrous 
Ion in a Ferrous Sulfate Solution. Initial pH. of Solution
1.0. Platinum Coil Anode 0,75 Inch Above the Mercury 
Cathode. Controlled Cathode Potential - 1.158 Volts.
Total Time of Test 30 Minutes.

ferrous ion concentration, percent 
0.15 . 0.30 0.50 1.00

current efficiency (%)
2current density (amp/ft )

54.70 71.00 100.00
8.22 9.79 15.87

81.00
12.71
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Plot of Current Efficiency Versus Electrode Separation 
Distance at Controlled Cathode Potential of - 1.158 
Volts, Using a Platinum Anode and a Mercury Cathode for 
a Solution of Ferrous Sulfate Containing 1.0 Percent 
Ferrous Ion at an Initial pH of One. Total Time of 
Test 30 Minutes .
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The aim of the next phase of experimentation was to establish 

the concentration of ferrous ion in the solution which would give the 
highest current efficiencies. Two hundred milliliters of solution of 
ferrous sulfate of varying concentration was used. Anode type was 
varied as was the distance of separation between the electrodes. The 
anodes used were platinum coil and lead. Initial pH of the solution 
was adjusted to one by sulfuric acid and the total time of experiment 
was 30 minutes.

The results are tabulated in Tables 13, 14 and 15, and illus
trated graphically in Figures 13, 14 and 15 respectively. Each of the 
graphs cleaply indicates an initial increase in the current efficiency 
with concentration and then a decrease at higher concentration.

Higher current efficiencies are found at each concentration for 
an increase in the electrode separation. Figure 13 obtained using a 
platinum anode at a distance of 0.75 inch from cathode shows higher 

current efficiencies than Figure 14 obtained using a platinum coil anode 
at a distance of 0.25 inch from the cathode. This result is in complete . 
agreement with previous findings of an increase in efficiency with 
increasing electrode separation.

The use of the lead anode does not significantly effect the 
reduction efficiencies. The data as shown by Figure 15, for a lead 
anode parallel to the mercury cathode, and at a distance of 0.25 inch 
is very similar to the results shown in Figure 14 for a platinum coil 
anode at a distance of 0.25 inch from the cathode.
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Table 14. Current Efficiencies for Varying Concentrations of Ferrous 
Ion in. a Ferrous Sulfate Solution. Initial pH of Solution 
1.0. Platinum Coil Anode 0.25 Inch Above the Mercury 
Cathode. Controlled Cathode Potential of - 1.158 Volts. 
Total Time of Test 30 Minutes.

ferrous ion 
concentration %

current
efficiency (%)

current density 
amp/ft^ (cathode)

2.00 24.0 : 63.84
1.00 52.0 60.07
0.50 50.0 79.38
0.10 37.8 25.63
0.05 22.0 20.87
0.01 4.4 17.61

Table 15. Current Efficiencies for Varying Concentrations of Ferrous 
Ion in a Ferrous Sulfate Solution. Initial pH of Solution 
1.0. Lead Anode Parallel to the Mercury Cathode. Controlled 
Cathode Potential - 1.158 Volts. Total Time of Test 30 
Minutes. Electrode Separation 0.25 Inch.

ferrous ion 
concentration (%)

current
efficiency (%)

current density 
a m p / f t ^  (cathode)

2.00 48.70 55.69

1.00 49.60 37.77

0.50 59.40 35.80
0.10 51.60 16.88

0.05 34.30 14.29

0.01 1.53 0.88
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Figure 13. Plot of Current efficiency Versus Concentration of Ferrous 
Ion for a Ferrous Sulfate Solution at an Initial pH of One, 
Using a Platinum Coil Anode and a Mercury Cathode 
Separated by 0.75 Inch. Controlled Cathode Potential of 
- 1.158. Total Time of Test 30 Minutes.
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Figure 14. Plot of Current Efficiency Versus Concentration of Ferrous 
Ion for a Ferrous Sulfate Solution at an Initial pH of 
One, Using a Platinum Coil Anode 0.25 Inch Above Mercury 
Cathode. Controlled Cathode Potential - 1.158 Volts.
Total Time of Test 30 Minutes.
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Figure 15. Plot of Current Efficiency Versus Concentration of Ferrous 
Ion for a Ferrous Sulfate Solution at an Initial pH of 
One, Using a Lead Anode 0.25 Inch Above and Parallel to 
the Mercury Cathode. Controlled Cathode Potential - 1.158 
Volts. Total Time of Test 30 Minutes.
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The initial increase in the current efficiencies for all the 
systems tested is due to the decomposition potential becoming more 
positive with increase in concentration, and also due to the resistance 
of the system. In the experiment the total time was fixed and so the 
effect of resistance would be more apparent for systems using a higher 
concentration. The explanation is based on the current versus time 
plot of an electrolysis. If there is an oxidation reduction reaction 

taking place in the system the background current will be particularly 
high.

The effect of the background current is illustrated by the 
curves presented in Figures 16 and 17 based on the data presented in 
Tables 16 and 17 respectively. The portion of the curve which is 

decreasing in current density with time can be represented by the 

equation:

1 = 1  e"Kt [37]o

where
I = The instantaneous current.

I = The initial current, o
K = A constant dependent on area, volume, temperature, etc. 

t = The time.
This gives the exponential decrease of the current (current density) 
with time for a system in which deposition at the cathode is taking 
place. The background current is indicated in the Figures 16 and 17

as V
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Figure 16. Current Density Versus the Time for a Ferrous Sulfate 
Solution Containing 0.29 Percent Ferrous Ion. Initial 
pH of Solution 1.0. Platinum Coil Anode and Mercury 
Cathode.
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Figure 17. Current Density Versus the Time for a Ferrous Sulfate 
Solution Containing 0.56 Percent Ferrous Ion. Initial 
pH of Solution 1.0. Platinum Coil Anode and Mercury 
Cathode.
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Table 16. Current Density Variation with Time for a Ferrous Sulfate
Solution at an Initial pH of 1.0 and Containing 0.29 Percent 
Ferrous Ion. . Platinum Coil Anode and Mercury Cathode. 
Controlled Cathode Potential - 1.158 Volts.

time (minute)
current density 
amp/ft (cathode)

ferrous ion 
concentration (%)

o 7.30 0.29
10 9.97 0.27
20 11.92 0.23
30 11.92 0.21

40 11.92 0.16
50 11.43 0.13
60 10.46 0.11 .
90 7.30 0.05

Table 17. Current Density Variation with Time for a Ferrous Sulfate 
Solution at an Initial pH of 1.0 and Containing 0.56 
Percent Ferrous Ion. Platinum Coil Anode and Mercury 
Cathode. Controlled Cathode Potential - 1.158 Volts.

time (minute)
current density 
amp/ft^ (cathode) •

ferrous ion 
concentration (%)

0 10.94 0.56
10 15.32 0.53

20 18.24 0.46

30 18.97 0.38

40 18.24 0.33

50 17.51 0.30

60 17.02 0.24

90 13.38 ' 0.11
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The resistance of the system to deposition is shown by R in 
Figures 16 and 17. For the lower concentration of ferrous ion ,in 
solution it can be seen that there is little or no resistance. This is 
not the case for the higher concentration of ferrous ion as shown in 
Figure 17. Until the peak is reached no deposition takes place. This 
causes the current efficiency for a.fixed total time electrolysis to be 
lowered. Therefore, as the concentration is increased, at first the 
efficiency of deposition is increased because the difference between the 
applied cathode potential and the ferrous ion decomposition potential is 
increased. Finally however, the effect of the resistance at the higher 

concentrations reduces the amount of deposition possible in the fixed 
time period of the electrolysis.

The results would therefore indicate that for the range of 
concentrations tested the best operating range would be for 0.4 to 1.0 

percent ferrous ion..
The mechanism of the deposition of the iron in the mercury 

cathode with respect to time was studied. As the use of the Morris cell 

was envisaged in later work the experimentation was done using a lead 
anode. The results obtained are presented in Table 18 and illustrated 
in Figures 18, 19 and 20. The current densities are listed in amperes 
per square foot and are the figures in brackets in Table 18.

The results indicated that the current efficiencies increased 

with increasing time for higher concentrations. For the very low 
concentrations the current efficiency decreased with time. These results 
are to be expected and the explanation has been given earlier. For the
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Table 18. Cumulative Current Efficiencies for Varying Ferrous Ion 
Concentration in a Ferrous Sulfate Solution. Initial pH 
of Solution 1.0. Lead Anode 0.25 Inch Above and Parallel 
to the Mercury Cathode. Controlled Cathode Potential 
- 1.158 Volts. Total Test Time 30 Minutes.

iron content 
(")

cumulative current efficiencies (%)
first 10 minutes first 20 minutes 30 minutes

2.0 33. 80 48.50 48.70
(55.13)* (56.86)* (55.69)*

1.0 48.30 54.30 49.60
(31.53)* (34.82)* (37.77)*

0.5 50.40 62.80 59.40
(41.99)* (41.17)* (35.80)*

0.1 49.60 53.10 51.60
(20.59)* (18.35)* (16.88)*

0.05 55.10 42.90 34.30
(17.02)* (16.03)* (14.29)*

( )*Current density in ampere per square foot.
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Figure 18. Current Efficiency Versus the Cumulative Time of Test 
for Varying Concentration of Ferrous Ion. Ferrous 
Sulfate Solution at an Initial pH of One. Controlled 
Cathode Potential of - 1.158 NHE Volts. Lead Anode
0.25 Inch Above and Parallel to the Mercury Cathode. 
Total Test Time 30 Minutes.
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Figure 19. Current Efficiency Versus the Ferrous 1 on in the Ferrous 
Sulfate Solution at the End of the First 10 Minutes.
Lead Anode 0.25 Inch Above and Parallel to the Mercury 
Cathode. Controlled Cathode Voltage of - 1.158 NHE 
Volts. Total Test Time 30 Minutes.
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Figure 20. Current Efficiency Versus the Concentration of Ferrous 
Ion in the Ferrous Sulfate Solution at the End of the 
First 20 Minutes. Lead Anode 0.25 Inch Above and 
Parallel to the Mercury Cathode. Controlled Cathode 
Voltage of - 1.158 NHE Volts. Total Test Time 
30 Minutes.
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low concentrations the deposition proceeds from the moment current 
flows through the cell whereas for higher concentrations there is an 
initial period where the resistance of the cell has to be overcome.

Figures 19 and 20 are the plots of the current efficiency 
versus the concentration of the ferrous ion for each of the first two 

time intervals listed in Table 18. It should be noted that the plot 
for the total test time will be the same as given in Figure 15. The 
trend that is obtained is the same for each time interval and corresponds 
to the results found in Figures 13 and 14.

The results indicate that for a continuous system the current 
efficiency for deposition of the iron will be best for a concentration 
of around 0.5 percent ferrous ion.

Conclusions

Deposition of iron in the mercury cathode is possible at high 
current efficiencies. Because these current efficiencies, 60 to 70 
percent can be achieved at current densities up to 75 amperes per square 
foot, the process can be economically run. ;V

The highest current efficiency for the ferrous ion reduction at 
the cathode were achieved at a concentration of around 0.5 percent 
ferrous ion.



CHAPTER 5

REGENERATION OF ACID IN THE MORRIS CELL

Use has been made of the patented cell design using a thin 
film of mercury spread continuously over the cathode. The cathode 
and anode are held parallel to each other in the vertical plane.

Introduction

Figure 21 shows a diagram of the cell used for the investigation. 
Design of the cell permits use of a small inventory of mercury than those 
that had been previously suggested. The mercury flows by gravity to a 
trough along the surface of the cathode. A thin film of mercury coats 
the cathode and forms the mercury cathode surface for metal reduction.
The mercury layer is continuously scraped off the surface of the cathode. 
The mercury now loaded with the deposited metal exits through the 
bottom of the cell.

The mercury flowing out of the cell is filtered and the filtrate 
recycled to the mercury inlet to the cell. The filter cake is removed 
and the mercury recovered by evaporation. The mercury recovered thus is 
also recycled. The metal is recovered as the residue of the evaporation 

operations.
Use of this cell has the advantage that the uneconomic large 

inventories of mercury is eliminated. Lingane (1955) states that the 
continuously rotating cathode lowers the polarization effects of
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concentration gradients and is advisable. As the. mercury is flowing 
continuously through the cell, electrode removal and its inherent 
handling costs are also eliminated. The flow of the solution can be 
run continuously through the cell.

Procedure.

The circuit for the potential measurements were the same as 
used for experiments conducted earlier. The cathode was rotated at a 
speed of 20 to 25 rpm, the rate of mercury flow through the cell was 
adjusted to provide sufficient coating of mercury on the copper cathode. 
A plate of lead about 0.75 inch away from the cathode was used as the 
anode.

The leads from the anode and the cathode were connected to a 

rectifier, "Flexiformer" manufactured by The Superior Electric Company 
of Bristol, Connecticut. Leads from the cathode and the saturated 
calomel reference electrode were connected to a 4 volt potentiometer, 
for potential measurements.

The initial pH of the solution was adjusted by sulfuric acid 
to one fore use. Three hundred milliliters of solution was added to 
the cell for each experiment. The solutions of ferrous sulfate were 
prepared from commercially available chemicals.

The analysis for the iron content of the solutions at the 
various stages of electrodeposition were carried out by use of the 

Perkin-Elmer 290 spectrophotometer. pH measurements were made using a 
Coleman Metrion pH meter.
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The analysis of iron content was also carried out by gravi
metric methods. The procedure used was:

1. To about 10 milliliters of solution about 10 milliliters 
of hydrochloric acid is added.

2. Heat the above mixture.

3. Add 5 milliliters of phosphoric acid.
4. Add a few drops of stannous chloride to make the solution 

colorless. This step is ommitted if only the ferrous ion 
content of solution is to be tested.

5. Add about 10 milliliters of mercurous chloride.

6. Dilute the solution to about 200 milliliters.
7. Add a few drops of indicator, barium phenylamine sulfonate.
8. Titrate against standardized potassium dichromate solution. 

The quantity of iron in solution before and after the test were measured 
in this manner.

The analysis for the hydrogen ion content of the solution was 
carried out by the following method:

1. A S  milliliters volume of solution was removed.
2. The solution was diluted to 50 milliliters.
3. Methyl orange was added as an indicator to 10 milliliters 

of the diluted solution.
4. The solution was titrated against sodium carbonate 

standardized solution.
The acid content (hydrogen ion concentration) before and after each 
electrolysis was tested for acid regeneration.



Discussion of Experiments and Results

It was first necessary to establish whether results obtained 
in Chapter 4 could be used for the deposition in mercury in the Morris 
cell. Therefore the effect of varying the saturated calomel controlled 
cathode potential was tested. The results are tabulated in Table 19. 
The figures in brackets indicate the current density in amps per square 
foot, at the cathode.

The data are illustrated in Figure 22 and show that the most 

efficient controlled cathode potential is - 1.158 NHE volts. This 
result is to be expected because, as has been indicated earlier, as the 
controlled cathode potential is increased the difference between the 
decomposition potential of ferrous ion reduction and the controlled 
potential increases. Initially this increase in the difference results 
in increasing current efficiencies. However for the constant ferrous 
ion concentration at - 1.259 volts, the decomposition potential for the 
hydrogen ion reduction is reached. From the Figure 21 it can be seen 

that the curve drops from a current efficiency of 61.34 percent at 
- 1.158 volts to 27.70 percent at - 1.258 volts.

The rapid decrease is to be expected and is caused by the 
liberation of hydrogen at the cathode. For a system, therefore, it is 
necessary that the controlled cathode potential be kept more positive 
than - 1.5 SCE volts or - 1.258 NHE volts. The lower limit of the 

controlled potential will be - 1.25 SCE volts or - 1.008 NHE volts.
The lower limit value is obtained from the experiment carried out and 

described in Chapter 4.
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22. Current Efficiency Versus the Controlled Cathode Potential 
for 0.4 Percent Ferrous Ion in Ferrous Sulfate Solution. 
Initial pH of Solution 1.0. Morris Cell Used. Total Time 
of Test 30 Minutes.
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Table 19. Current Efficiency for Varying Controlled Cathode Potentials 
for a Ferrous Ion Concentration of 0.4 Percent in a Ferrous 
Sulfate Solution. Initial pH of Solution 1.0. Total Test 
Time 30 Minutes. Morris Cell Used.

Controlled 
cathode 
potential E^

current
ampere

current density 
ampere per 
square foot

current
efficiencies (%)

- 1.058 2.9 10.43 52.11
- 1.158 3.5 13.73 61.34

- 1.258 7.0 25.85 27.70
- 1.358 10.0 33.27 21.97

Ec - Cathode voltage versus normal hydrogen electrode.
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Table 20 shows the variation of the current efficiency with 
the time for the various controlled cathode potentials used in the 
experiment conducted above. The data presented in Table 20 is 
illustrated in Figure 23. The results indicate that for the first 20 
minutes a controlled cathode potential of - 1.058 NHE volts is most 
efficient. The results also show that for a control voltage of - 1.158 

NHE volts the efficiencies of deposition is nearly constant over theI
test period of 30 minutes. For the higher cathode control voltages 

however there is a rapid decrease in efficiency with time. This is to 
be expected as hydrogen co-deposition is initiated at these high 
cathode voltages.

The regeneration of acid was next tested. Three hundred milli
liters of ferrous sulfate solution was placed in the Morris cell. The 
electrolysis was conducted for a period of 30 minutes. The initial and 
final ferrous ion concentrations and the initial and final hydrogen ion 
concentrations were determined. A control cathode voltage of - 1.158 
NHE volts was used. The results of the tests are presented in Table 21. 
For experiment 1 an initial concentration of 1.767 percent ferrous ion 

was used and for experiment 2 a concentration o f ’0.9167 percent ferrous 
ion was used.

The results indicate that 77 and 61.2 percent of the theoretical 
amount of hydrogen ion is regenerated. This would mean that there has 
been a substantial co-deposition of the hydrogen at the cathode.

Lingane (1955) indicates that there is a tendency of the metal ions to 
deposit at the cathode just below their decomposition potential. The



Table 20. Current Efficiency for Varying Controlled Cathode Potentials 
for a Ferrous Ion Concentration of 0.40 Percent in a 
Ferrous Sulfate Solution. Initial pH of Solution 1.0.
Total Test Time 30 Minutes. Morris Cell Used.

controlled 
cathode 
potential E^

cumulative current efficiencies (%)
first 10 minutes first 20 minutes first 30 minutes

- 1.058 58.30 60..10 52.11
( 9.31)* (10.23)* (10.43)*

- 1.158 31.19 84.60 61.24
(12.94)* (13.36)* (13.73)*

- 1.258 55.67 40.50 27.70
(21.25)* (22.84)* (25.85)*

- 1.358 53.00 33.00 21.97
(30.38)* (33.96)* (33.27)*

Ec - Cathode voltage versus normal hydrogen electrode. 

( )* - Current density in ampere per square foot.



85

c 60Q• Hu
• H

«-»C
N
5

1.058 NHL Volts 
1.158 NHL Volts 
1.258 NHL Volts 
1.358 NHL Volts40^

30-

-o

302010 '

time (minutes)

Figure 23. Current efficiency Versus the Cumulative Time of Test for 
Varying Controlled Cathode Potentials. Ferrous Sulfate 
Solution Containing 0.4 Percent Ferrous Ion. Initial pH 
of Solution 1.0. Morris Cell Used. Total Test Time 30 
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Table 2 1 .  Calculations for the Hydrogen Ion Regeneration.

Overall cell reaction: FeSO^ + H^O = Fe + 2H++ + SO”" + 1/2 0^ [36]

Experiment 1.

Controlled cathode potential - 1.4 SCE volts. Morris cell used. 
Initial iron concentration = 1.1767%
Initial hydrogen ion concentration = 0,1745 Normal 
Final iron concentration = 1.6%

Final hydrogen ion concentration = 0.2210 Normal 
For 300 ml. of solution:

Increase in hydrogen ions = (0.2210 - 0.1745) x 0.3 = 0.01395 g 
. Decrease in iron concentration = (17.67 - 16.00) x 0.3 = 0.501 g 

From Eq. 36 0.5010 g of iron deposited would result in an
increase in hydrogen ion concentration of 0.501 x (2.016/55.85)
which equals 0.0181 g

Efficiency of hydrogen ion regeneration.= 0.01395/0.0181 = 77% 
Experiment 2.

Controlled cathode potential r 1.4 SCE volts. Morris cell used. 
Initial iron concentration = 0.9167%

Initial hydrogen ion concentration = 0.144 Normal 

Final iron concentration = 0.7834%

Final hydrogen ion concentration = 0.1734 Normal
For 300 ml. solution and using calculations as shown above:
Increase in hydrogen ions = 0.00882 g, actual
Increase in hydrogen ions = 0.01442 g, theoretical
Efficiency of hydrogen ion regeneration = 61.2%
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deposition however is usually insignificant. As the current 
efficiencies obtained are also in the range of 70 to 80 percent it 
constitutes another indication that hydrogen ions were reduced at the 
cathode.

The regeneration of acid is therefore quite possible by this 
method. In a continuous system the pickle liquor would be flowing 
continuously through the cell and so it is possible that the added 
factor of liquid motion at the mercury cathode will further reduce the 
polarization at the cathode of the ferrous ion reduction. This will 

enable a use of a lower controlled cathode potential and thereby 
increase the efficiency of hydrogen ion regeneration.

Conclusions

It is possible by controlled-cathode potential to deposit iron 
out of the pickle solution at high current efficiencies. By the 
deposition of iron the overall cell reaction as given by Eq. 36 results 

in the regeneration of acid. The increase in the hydrogen ion 

concentration in the solution is reduced slightly from the theoretical 
value because of its liberation as hydrogen at the cathode.

As the highest current efficiencies are obtained in the initial 

period of the electrolysis a continuous cell as is suggested by this 
work would be economic and successful.

The low quantities of mercury used for the Morris cell eliminates 
quite effectively the need for a large inventory and cost of mercury.



The cell was found to run efficiently and the regeneration of the acid 
and the deposition of the iron at the cathode was also found quite 
effective in the cell.



CHAPTER 6

RECOVERY OF MERCURY AND IRON

Different methods were employed to obtain the mercury from the 
filter cake.

Introduction

The continuous deposition of iron in the mercury forms the 
essential process in the Morris cell. The mercury when filtered leaves 
behind a filter cake loaded with iron. Hohn (1950a) has indicated that 
the iron forms a fine dispersion in the mercury. The mercury has a low 
boiling point and so it is evaporated off from the system. The boiling 
point of the mercury is 357°C, whereas that for iron is 1,535°C so the 
distillation should present no problem. Care is essential in handling 
mercury as mercury fumes are injurious to health.

The filter cake has a very metallic lustre and is very dense.
The removal of the mercury can be done under vacuum, under an atmosphere 
of 95 percent nitrogen and 5 percent hydrogen by volume mixture or 
under an atmosphere of air. For the first two methods the iron could 

be prevented from oxidizing.

Procedure

The apparatus for the vacuum evaporation was set up as shown in 
Figure 24. The temperature of the furnace was controlled by means of a
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Figure 24. Vacuum Evaporation Apparatus
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variable autotransformer. The temperature was measured by a thermo
couple. Distillation temperature was varied in 50°C intervals upward 
from 300°C.

For evaporation in air and under nitrogen-hydrogen mixture was 
done by means of the apparatus shown in Figure 25. Air or the gas was 

passed through the system just sufficient to maintain a positive pressure 
within the system. The Lindberg Hevi-duty muffle furnace was used. 
Temperature was automatically controlled.

The iron content in the oxidized iron product was analysed. The 
size of the powder formed was determined by means of an nitron micro
scope.

Discussion of Experiments and Results

Iron recovered from the filter cake by vacuum distillation 
sintered together at temperatures abofe 600°C. Below this temperature 

a loose powder was formed containing appreciable quantity of mercury.
The mercury was totally removed only above 750°C. The filter cake 
contained about 1.75 percent iron by weight.

As the desired powder product should be very pure iron, and it 
is not obtained in the vacuum system, an atmosphere of nitrogen-hydrogen 
was considered. Even by using this system recovery of pure iron powder 
was not successful.

The oxidized iron product obtained by passing air over the 
porcelain boat was friable. On grinding with a mortar and pestle 
particle size of powder produced varied from 1 to 10 microns in size.
The iron content of this powder was 84.5 percent.
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Figure 25. Evaporation Apparatus



Conclusions

A temperature of 750°C or above is necessary for the effective 
removal of all the mercury in the filter cake. The residue on evaporation 
was not a pure iron powder but a fine mixture of iron and iron oxide.



CHAPTER 7

GENERAL SUMMARY AND CONCLUSIONS

Pollution by indiscriminate- disposal of industrial waste can be 
avoided by the use of regenerative systems. In this manner the quantity 
of waste disposal would be represented only by the quantity of bleed off 
from the regenerative system. If side products can be obtained the 
motivation for the installation of pollution control devices would be 
increased.

As the reaction that will occur under an imposed potential is 
known, the reduction of the iron from a solution can be done above the 
metal ion reduction or decomposition potential. It was found that by 
using the mercury cathode a margin of potential could be obtained 
between the ferrous ion reduction and the hydrogen ion reduction. The 
high overvoltage of hydrogen at a mercury cathode causes the hydrogen 
ion reduction reaction to become less noble than the ferrous ion 

reduction reaction.
The effects of the various polarization phenomena were reduced 

by effective stirring of the solutions under test. In the Morris cell 
the rotation of the cathode reduced such effects.

The deposition of iron was accomplished at high current 
efficiencies for the range tested and it was concluded that the best 
range of operation was a solution of around 0.5 percent iron to be 
reduced at a controlled cathode potential of - 1.4 SCE volts or - 1.158 
NHE volts.
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For the sulfuric acid pickling solutions the ferrous sulfate 
solution formed can be used for the regenerative system envisaged by 
this work. A factor which rendered the ferrous chloride system 

unsuitable was the oxidation of the chloride ion at the anode to 
chlorine gas.

The efficiencies of the iron deposition were reduced by the 
ferrous-ferric oxidation-reduction reactions taking place in the 
system. This reaction was found to increase the resistance of the 
solution.-

Using ferrous sulfate solutions in the Morris cell effective 
regeneration of acid and the removal of iron was accomplished. The 

current efficiency for the iron deposition was high. The quantity of 
acid regenerated was sufficient predicted amounts.

The mercury could be effectively removed from the filter cake 
at temperatures above 750°C. The residue on distillation was found to 

be friable for distillation under air. This property of the distil
lation residue is essential to reduce the handling problems during 
actual plant operations. The iron product obtained was 84.5 percent 
pure.



■LIST OF SYMBOLS

a, b, c, d Moles reacting

A, B, C, D Activities (molar concentrations) ‘
A^ The area of electrode
d Thickness of the diffuse layer
D ' Diffusion coefficient
E Reversible electromotive force; a potential
F Faraday
AG Free energy change
H' Energy required to bring an ion from solution to a

position of specific absorption
H+ Activity of hydrogen ion
I Current (amperes)
Ka Amalgam constant for Nemst equation .
Ks Solution constant for Nernst equation
L Actual molar concentrations constant

M Metal ;
M° Metal activity (equal to one for pure, solid metal)
M° (Hg) Metal activity in mercury, percent weight
n Number of equivalents per mole of cell reaction; as a

superscript, valence
NHE Normal hydrogen electrode

pH^ Fugacity of hydrogen in atmospheres
R Molar gas constant
SCE Standard calomel electrode
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LIST OF SYMBOLS--Continued

T Temperature, °Kelvin
V Volume
ip Potential
Y Fraction of total potential across the outer Helmholtz 

layer
t Overvoltage
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