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INTRODUCTION 

The separation of an individual metal from mixtures of metals 

has been investigated for centuries. The fruits of these endeavors are 

displayed in large and, for the most part, efficient plants utilizing the 

principles evolved for pure metal production. 

Metal-bearing minerals are separated from one another and waste 

rock, and ultimately processed for recovery of the individual metals. 

Separations of metals are achieved by pyro- and hydrometal1urgical 

processing. Electrolysis is still another means of separating mixtures 

of metals from either solutions or solid alloys. 

In all but a few isolated cases, the economics of processing 

preclude the commercial separation of metal-bearing minerals from extremely 

low-grade ores and separation or recovery of metals from extremely dilute 

solutions. Another problem is the utilization of electrolysis for depo

sition of metals upon which the hydrogen overpotentials are lower than 

the metal ions' reduction potentials; in these cases, normal metal depo

sition is either accompanied or supplanted by hydrogen evolution. Still 

another problem arises if separate deposition is attempted from a solution 

of two metal ions having approximately the same reduction potentials; 

control of the cathode potential to accomplish a separation is possible 

but extremely difficult on a commercial scale. 

The problem of separating individual metals from multicomponent 

systems could be investigated from many points of view. It was felt one 

approach should be the utilization of mercury as a cathode. The reasons 

1 
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for selecting mercury were the high hydrogen overpotential, the modi fied 

reduction potentials of most metals deposited at mercury cathodes, and 

fluidity at room temperatures. 

Initially, the selection and proof of a technique was accomplished. 

The variables, degree of stirring, mass and area of the mercury cathode, 

pH, temperature, anode material and area, solution volume and concentrations 

were fixed at selected levels. The control and measuring circuitry were 

decided upon (Part I). 

Determination of reduction potentials and cathode potentials at 

various current densities of pure solutions of metal salts were made using 

purified mercury cathodes (Part II). 

A series of tests utilizing the information derived from Part II 

was made in an attempt to selectively deposit a metal from solutions 

containing two different metal ions (Part III). 

Finally, extraction of a metal from amalgams containing two or 

more metals was attempted (Part IV). 



THEORETICAL CONSIDERATIONS 

Discussion of several facets of the theory concerned with elec

trolysis must be made to lay a foundation for interpretation of the 

phenomenological aspects of the investigation. 

Nernst Equation 

The deposition of a metal on an electrode by reduction of the metal 

ion is the basis for the investigation. The theory upon which the deter

mination of the electrical energy requirements for the reduction of ions is 

based is the Nernst Equation. 

Evolution of the Nernst equation from thermodynamic considerations 

are given by Harned and Owen (1), Kortum and Bockris (2)., and Lingane (3). 

Using Lingane's treatment beginning with the Gibbs-Helmholtz equation for 

a reaction 

AG ° = AH ° - TAS ° (0 

At constant pressure it may be shown 

AS = -dAG/dT (2) 

The free energy of the reaction is 

-AG = nFE (3) 

Substituting Equations 2 and 3 in Equation 1, 

AH _dE 
E = - nF TcTT W 

which is valid for all activities when a cell operates reversibly at 

constant pressure. 

3  



Assuming a thermodynamical1y reversible cell reaction 

aA + bB + . . = cC + dD + . ,} (5) 

AG = RTlnL - RT1nk, (6) 

in which 

l - m 
Aa Bb actual 

and 

kr —Cc Dd 
aa Rb (8) 
H 0 equ i1ibr ium 

Substituting Equation 3 in 6, 

cr iili i/ RT, . . 
= nFlnK ' nF ^ (3) 

and because AG° corresponds to AG when L = 1, 

AG ° = -RTlnK (10) 

the standard potential of the cell is 

E° = -^lnK (11 ) 
nF 

and the actual potential of the cell, 

E = E° - ̂ rlnL (12) 
nF 

The application of the Nernst equation to half-reaction potential 

and in particular, the reduction of a metal ion at a cathode, may be made 

If the half-react ion is 

Mn + ne = M ° (13) 

the same analogy as for cell reactions results in 

^cathode = E° - ̂ rln^n ' (14) 
nF Mn 
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in which 

L = M°/Mn - (15) 

The values for the reacting species in K and L are usually molar 

concentrations which are assumed to be equivalent to activities. Pure, 

solid metal cathodes are designated as having an activity equal to one, 

L = 1/Hn (16) 

This convention stems from the concentration of one for a solid 

pure metal electrode and necessarily implies an activity coefficient of 

one for the metal. 

The assumption of the activity of a metal ion in aqueous solution 

as being equal to concentration is noted by Lingane (3). Calculations in 

this paper are based on activities of ions in aqueous solutions being 

nearly equivalent to the molar concentration. 

In considering the use of mercury as a cathode, it must be pointed 

out that the activity of a metal either dissolved or suspended in mercury 

will be less than one, and will be a function of the diluting effect of the 

mercury. 

L - ^  0 7 )  

No system was found in the literature for expressing the metal 

content of an amalgam so that the designated proportion of metal to mercury 

is equivalent to the activity of the metal dissolved or suspended in mercury. 

The concentrations of metals in mercury are usually listed as weight percent 

or atomic percent. Amalgams are given in this paper as weight percent metal 

in the amalgam. 
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Standard Reduction Potentials 

The standard electrode potential, E°, is defined as the potential 

when the activities of all components of the electrode reaction are unity. 

This explains or fixes the standard chemical state, and by assigning stan

dard states of temperature and pressure, a standard electrode potential may 

be determined for each particular electrode under consideration. 

The differences in value and sign of standard reduction potentials 

when comparing different metals is not as easily explained. The ionization 

energies of the elements are not related directly to the potentials re

quired to reduce ions to zero valence states. Some selected data from 

Pauling (4) is shown in Table 1 with data listed by Lingane (3). Study of 

the information indicates little if any correlation. Thorne and Roberts (5) 

state that while the ionization energy represents an endothermic reaction, 

the heat of hydration of ions could be large. 

Application of the Born-Haber cycle could be made, 

M ?  .  .  \  +  n e — i  \  +  n e  
(sol idj (gas) (gas) S (soln) 

The free energy value necessary for inclusion in Equation 3 could be 

evaluated using the thermodynamic data for the various steps including 

ionization potentials. However, in many cases the thermodynamic values 

have not been fully evaluated. 

Because of the possibility of different degrees of hydration due to 

electronic configuration, the selected data from Kubaschewski and Evans (6) 

is of interest when compared to the other data in Table I. A plot of the 

standard reduction potentials versus the standard heats of formation of 

ions at infinite dilution is shown in Figure 1. This comparison of'en-

thalpy changes with standard reduction potentials may be made because the 

entropy changes in such reactions are small and, thus, the changes in enthalpy 

correspond closely to the changes in free energy. 
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TABLE I 

"k Wc 
Ionization Energies, Standard Potentials, 

and Standard Heats of Formation (Kcal per g-atom) of Ions 
in Aqueous Solution at Infinite Dilution 

z E1ement 

Ionization 
Potent i a 1s 

Keal - fng l e" '  

1 i 12 Ha 1 f-React ion 

Standard 

Potent i a 1s 
Vol ts 
E° 

Standard 

Heats of 

Forma t ion 
Kca 1 -

(g-atom)"1 

25 Mn 171.3 360. 5 Mn+Z+2e = Mn 

O
 

0
0

 1 -52.3 

26 Fe 181.0 373. 0 
+2 

Fe +2e = Fe -0.440 -21.0 

27 Co 181.0 393. 0 
+2 

Co +2e = Co -0.277 -16. 1 

28 Ni 176.0 

00 

4 Ni+2+2e = Ni -0.240 -15.3 

29 Cu 178. 1 467 .  7 Cu+Z+2e = Cu +0.337 + 15.4 

30 Zn 216.5 414. 0 Zn+2+2e = Zn -0.763 -36.4 

48 Cd 207.3 389. 7 Cd+2+2e = Cd -0.403 -17.3 

Pauling (4); Lingane (3); Kubaschewski and Evans (6) 



FIGURE I. Relationship of Standard Reduction Potentials to 

Standard Heats of Formation of Ions at Infinite 

Dilution 
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Data selected from the same sources for the reduction from higher to lower 

valence states of ions indicate a Jess reasonable relationship (Table II and 

Figure 2). 

It is apparent bonding between water molecules and metal ions is of 

prime importance in determining the energy requirements for the electrical 

reduction of the ions. 

Cartmell and Fowles (7) indicate the bonds to be "ion-dipole" bonds 

having their origin in the electrostatic attraction of the ion for the polar 

water molecule. The ion-dipole bonds are described as weak, but much stronger 

bonds (co-ordinate bonds) may be formed if the metal ion has vacant orbitals. 

The number of water molecules (ligands) which an ion may acquire is indicated 

to be limited by their steric interference and the directional properties of 

the available orbitals. 

A lengthy discussion and description of the steric limitations of 

metal ions with respect to water molecule ligands and of possible orbitals 

would serve no useful purpose. The original intent of this section was to 

determine a basis for explaining the variance of reduction potentials of 

metal ions, and this has been accomplished, in my opinion. 

Helmholtz Layers 

The Helmholtz layers at the surface of a metal electrode are 

related to the kinetics of the electrode reaction. Generally, however, 

the discussions of the surface charges are made treating the system as a 

static condition. 

Mott (8) discusses the interface between a metal and an electrolyte 

in a recent article. Figure 3 indicates the position of the inner and outer 
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TABLE II 

Standard Potentials" and Standard Heats of Formation 

of Ions in Aqueous Solution at Infinite Di1ution""-Univa1ent Reduction 

A torn i c 
No. Ion 

Standard 

Heats of 

Format ion 
Kca 1 - (-a torn)" ' 

Standard Heats 

of Formation 
Kcal-(g-atom)"^ 
"D i fference" Ha 1f-Reac t i on 

Standard 

Potentials 

Vol ts 
E° 

26 

26 

r +3 

r6+2 Fe 
-11.4 
-21.0 -9.6 

r +3 Fe +e = Fe+2 +0.771 

27 

27 

r +3 & +21.2 

-16.1 -37-3 r +3^ Co +e = Co+2 +1.842 

29 
29 

Cu+2 

Cu+ 
+ 15.4 
+ 12.4 - 3.0 Cu+2+e = Cu+ +0.153 

92 

92 

u+4 
U+3 

-146.7 

-123.0 +23.7 U+*+e = u+3 -0.610 

L i ngane (3); Kubaschewsk i and Evans (6). 



FIGURE 2. Relationship of Standard Reduction Potentials to 

Standard Heats of Formation of Ions at Infinite 

Dilution—Monovalent Reduction of Polyvalent 

Ions 
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FIGURE 3. HELMHOLTZ LAYER ENERGY DIAGRAM- Free 

energy of an ion (F) versus distance (x) from the 
surface of a metal. (Reference No. 8) 

x 
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Helmholtz planes by A and C at distances (3 and y , respectively along the 

axis X. H1 is the energy required to bring an ion from solution to a 

position of specific adsorption, and U represents a potential barrier due 

to the energy required to dehydrate the ion. To the right of C the ion is 

attracted to the metal by a weak image force and by the potential gradient 

in the diffuse layer. If a potential (^) exists between the metal and the 

electrolyte, H'will change to 

H' ± e\[p , (18) 

with e representing the charge on the ion, and X, the fraction of total 

potential across the outer layer QX = 7/(p * 7) J which acts on the ion 

passing through the layer from the electrolyte to position A. 

Assuming the relationships described by Mott to be fact, it is 

obvious the potential barrier, U, is a function of the energy of hydration 

previously discussed. Another point is the value of H' which may be changed 

as indicated by a change in iff . In concentrated solutions, this would 

undoubtedly be the only way to modify H'. In very dilute solutions, the 

possibility of changing H1 by stirring the solution is a distinct fact; 

part of the electrical energy required to bring the ions from a distance 

in the solution to the position of specific adsorption is supplied 

mechani cally. 

The potential between the metal and electrolyte, \f/ , will affect 

the value of Hf. The importance of this relationship with regard to mercury 

electrodes must also be pointed out. 

\f/ i s obviously related to Ecath0de* If the cathode is an amalgam 

of mercury and another metal, \f/ is proportional to 

c _ ro _ RT, M°(Hq) 
^cathode nF M" ' ('9) 
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and the activity of the metal in the amalgam with respect to the activity 

of the metal ion becomes important. The activity of a metal in a true 

amalgam should be a function of the amount of the metal dissolved in the 

binary system. 

In comparing values for standard reduction potentials of metals 

with reduction potentials of metals at mercury cathodes, a difference in 

potentials should exist, and, by the same toke, a difference in energy 

requirements for the same metal ion reduction should also exist through 

the relationship of to H1 in Equation 18. 

Electrode Polarization 

The polarization of the anodes and cathodes is discussed parti

ally in the previous discussion of the Helmholtz layers. In a working 

electrolytic cell, the effect is termed concentration polarization and 

is a function of the concentration of electrolyte durrounding the electrode. 

Overvoltage is another polarization phenomenon and is dependent 

upon thje irreversible process at the electrode. Lingane (3) defines 

overvoltage as "that voltage in excess of the reversible e.m.f. which 

must be impressed across a cell to cause the cell reaction to proceed 

at an appreciable rate." 

In the cathodic deposition of metals, the overvoltage required 

is variable among different metals. Zinc, copper, and cadmium are 

known to have low overvoltages, but iron, cobalt, and nickel exhibit 

high overvoltage. Overvoltages for a particular metal vary with type of 

anion and reflect the complexed condition of the metal ion when present. 
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Hydrogen overvoltage is an important effect in the cathodic 

deposition processes. Frumkin (9) makes several contribut ions to the 

understanding of behavior of the hydrogen overvoltage. In dilute acid 

solutions the overvoltage is independent of acid concentration. The 

addition of a neutral salt to a solution of constant hydronium ion 

concentration increases the overvoltage in proportion to the amount of 

neutral salt in the solution. Addition of multivalent cations causes 

a further increase. In concentrated acids, the overvoltage decreases 

with increased concentration of the acid. 

Lingane (3) lists the hydrogen overvoltages on various cathodes 

which are to be found in Table III. The data indicates a marked 

increase in hydrogen overvoltage with increased current density. The 

higher overvoltage of mercury as compared to the other metals listed 

accounts partially for the interest in using mercury as a cathode in 

electrolytic processing. 

Kortum and Bockris (2) attempt to correlate thermionic work 

functions with hydrogen overvoltages. Although a trend is indicated 

by the data presented, no positive relationship is displayed. This is 

understandable for several reasons. Thermionic work functions are 

sensitive to surface conditions. The physical condition of the surface 

and, undoubtedly, the orientation of the metal crystals in the surface 

account for the wide range of values reported in the literature. 

Smith (10) explains the field effects on polycrysta11ine surfaces as 

causing low work function areas and high work function areas. 

Hydrogen overvoltages like thermionic or other work functions 

are undoubtedly affected by surface conditions arising from preferred 
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TABLE I I I 

Hydrogen Over Voltage on Various Cathodes" 

Cathode Solut ion 
First Visible 
H2 Bubbles 

Current 
0.01 A-cm 

Densi tv 
0.1 A-cm 

Pt (bright) IM H2S04 
0.000002 0.16 -

Pd IM H2S0if 0.00000(?) 0.04 -

Ir IM HzS0k 0.0026 0.20 -

Au IM H2S0if 0.017 0.40 1.0 

Co 0.005M H2S0Zf 0.067 0.20 -

Ag IM H2SO ̂ 0.097 0.30 0.9 

Ni IM H2S0if 0.14 0.30 0.7 

Fe IM H2SO^ - 0.30 -

Cr IM h2SO^ - 0.40 -

Cu IM h2so/+ 0.19 0.40 0.8 

Sb IM H2S0k 0.23 0.40 -

A1 0.005M H2S0if 0.30 - -

As IM h2SO^ 0.37 - -

Bi IM h2so4 0.39 0.40 -

Ta IM H2S0if 0.39 0.40 -

Cd 0.005M 
IM 

H2S0Z* 

H2S04 

0.39 
- 1.22 

Sn 0.005M 

IM 

h2soz+ 

H2S0if 

0.40 

0.5 1.2 

Pb IM H2S0/+ 0.40 0.4 1.2 

Zn 0.01M Zn(C2H302)2 0.48 0.7 -

h9 IM HzS0k 0.8 1.2 1.3 

Lingane (3) 
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orientations due to mechanical working or casting procedures, final 

surface finish, the number of free electrons in the solid metal, and by 

the Fermi energy of the metal. Kittel (11) lists Fermi energies for 

copper (7.04 ev), silver (5.51 ev), and gold (5.51 ev), and thermionic 

work functions are given in the Handbook of Chemistry and Physics (12) 

as 0.19 ev, 0.097 ev, and 0.017 ev, respectively. Using the equation 

8 = E0' - Ef (20) 

to solve for E0', the energy to remove an electron from the lowest energy 

to infinity, values are obtained for copper (7.23 ev), silver (5.607 ev), 

and gold (5-527 ev). Comparison with the values for hydrogen over-

voltage indicates a crude relationship. 

An attempt was made to calculate the Fermi energies for the 

other metals listed in Table III. Unfortunately, the calculation is 

applicable to only those elements having a single "s" electron in their 

outer electron levels. Using normal valence as the number of electrons 

per atom, the calculations resulted in platinum having the highest Fermi 

energy and mercury the lowest. Orderliness between platinum and mercury 

was poor when compared with the hydrogen overvoltage ordering. 

Many theories of hydrogen electrode reaction have been proposed. 

Prutton and Maron (13) summarize the reactions involved in the following 

order: 

1. Diffusion of the hydronium ions to the electrode; 

2. Transfer of the hydronium ions from solution to 

the electrode; 

3. Discharge of the ions by electron addition to form 

atomic hydrogen; 
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k. Combination of hydrogen atoms to form hydrogen 

molecules; and 

5. Escape of the hydrogen molecules from the electrode 

surface as bubbles. 

One theory described indicates the formation of hydrides at the 

metal electrode surface as the reason for hydrogen overvoltage. If this 

were true, what accounts for the high overvoltage at the mobile mercury 

surface? The extremely low hydrogen overvoltage for platinum-type metals 

is attributed to the catalytic properties of these metals. None of the 

theories offered appears to explain all the phenomena displayed in an 

examination of hydrogen overvoltage data. 

Bockris (14) summarizes the equations and criteria of the 

probable mechanisms for cathodic hydrogen evolution, but no definite 

conclusions were proposed. 

The overvoltage in anodic processes is discussed by Prutton and 

Maron (13). Data listed in Table IV indicates very low overvoltages 

for the hali des. 

The oxygen overvoltages are thought to be high even at low 

current densities. Table V, again from Prutton and Maron (13), 

indicates increased oxygen overvoltage with increased current density. 

General Discussion 

Hohn (15,16) discusses the problems and applicability of amalgam 

metallurgy. He divides the common metal amalgams into three types, 

according to the metals' affinity for mercury: the sodium type displaying 

a great affinity for mercury; the zinc type which has a medium affinity; 
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TABLE IV 

Hali de Over-Voltages on Various Anodes* 

Current Density Over-Voltaqe 
Hal i de A-cm~2 Platinized Pt Smooth Pt Graphi te 

Chlori ne 0.1 0.03 0 .05  0.25 

Bromi ne 0.1 0.01 0.01 0.27 

lodi ne 0.1 0.03 0.03 0.10 

Chlori ne 1.0 0.07 0.24 0.50 

Bromi ne 1.0 0.20 0.40 0.33 

lodi ne 1.0 0.20 0.22 0.70 

Prutton and Maron (13) 

TABLE V 

Oxygen Over-Voltage at Various Anodes" 

current Over-Voltaqe 
Den5ity Platinum 
A-rm~2 Platinl70fl An H ran hi to A-cm~2 PI at i ni zed Smoo t h Au Graphi te Cu Ag Ni 

0.001 o.4o 0.72 0.67 0.53 0.42 0.58 0.35 

0.01 0.52 0.85 0.96 0.90 0.58 0.73 0.52 

0.05 0.61 1.16 1.06 - 0.64 0.91 0.67 

0. 1 0.64 1.28 1.24 1.09 0.66 0.98 0.73 

0.5 0.71 1.43 1.53 1.19 0.74 1.08 0.82 

1.0 0.77 1.49 1.63 1.24 0.79 1.13 0.85 

1.5 0.79 1.38 1.68 1.28 0.84 1.14 0.87 

Prutton and Haron (13) 



20 

and the iron type having a very slight affinity for mercury. 

.The basis for the classification is the molar amalgam formation 

energies of metals at room temperature calculated from the half-wave and 

normal potentials, and a potential based on the metal's valence, mole

cular weight, and density. Table VI summarizes his calculations. A 

similar calculation for the reduction of cuprous ion yields a formation 

energy of 1^.6 Kcal, classifying copper amalgams as iron type. 

He gives an explanation for the anomolous condition of the 

greater metal solubility of the zinc-type amalgams by referring to the 

relative positions of these metals to mercury in the periodic table. 

The inference is made of correlation between miscibility and the structure 

of the outer electron shells. 

The solubilities of metals in mercury from selected data by 

Gordon and Wickers (17) are given in Table VII. 

There appears to be more definite distinction between the iron-

type and the other types than there is between the zinc and sodium types 

of amalgams. 

Hohn (16) goes into rather detailed descriptions of amalgam 

processes and equipment based on the differences between the normal and 

half-wave potentials. 

No specific experimental data such as actual working potentials 

are presented. 

Several foreign patents are listed in the abstracts, and other 

articles were found describing amalgam techniques. In no cases were 

specific applicable data presented. 
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TABLE VI 

Polarographic Half-Wave Potentials 
and Maximum Molar Amalgam Formation Energies of Metals 

at Room Temperatures* 

Meta 1 En Eh 
0.058, /lOOOp ,s , 

n io9(-b-e-0= e •-En + Eh 

+ e = AE 
2.39x10"4nFAE 

K cal. 

Co -0.58 -1.23 0.063 0.713 32.9 
Fe -0.73 -1.33 0.062 0.662 30.6 

Ni -0.51 -1.10 0. 063 0.653 30.2 
Cr -0.85 -1.42 0. 061 0.631 29.1 
Mn -1.39 -1.55 0. 061 0.221 10.2 

Pb -0.41 -0.46 0. 050 0. 100 4.6 

Sn -0.43 -0.47 0.049 0.089 4. 1 

Zn -1.06 -1.05 0.059 0.049 2.2 . 
Cd -0.69 -0.63 0.054 -0.006 -0.3 

T1 -0.63 -0.50 0. 102 -0.028 -0.5 

Bi -0.09 -0.03 0.032 -0.028 -1.9 

Na -3.00 -2. 15 0.093 -0.757 -17.4 
Li -3.25 -2.32 0. 109 -0.821 -18.9 
K -3.21 -2. 18 0.077 -0.953 -22.0 
Sr -2.79 -2. 14 0.042 -0.608 -28.1 

Ca -2. 16 -2.24 0.046 -0.874 -40.4 

Ba -3.09 -1.95 0.037 - 1. 103 -50.8 

n = valence; F = 96,540 coulombs; M = molecular weight; p = density. 

Hohn (16). 



TABLE VI I 

Solubilities of Metals in Mercury 
at 18° C - Weight Percent* 

Co <1 X 10"6 Pb 1.3 o Ha 0.68 Ca 0.30 

Fe 1.5 X 10"6 Sn 0.62 Li 0.09 Ba 0.33 

Ni < 2 X 10"6 Zn 2.15 K 0.80 

Cr X 10-7 Cd 4.92 Sn 1.00 

Cu 2 X 10"3 T1 42.8 

Mn 1.7 X 10-3 Bi 1.4 

Gordon and Wichers (17). 



EXPERIMENTATION 

PART • I 

Technique for Measuring Electrode Potentials 

A more or less standard technique for measurement of potentials 

was used. The following descriptions of parts of the technique are for 

clarification of the details involved. 

Circuitry and Equipment Arrangement 

The circuit used is shown schematically in Figure k. Potential 

determinations were made with an accuracy of within one millivolt or 1 

percent, whichever is larger. The cell used consisted of a mercury 

cathode, a Hi 1debrand-style calomel electrode, and a platinum gauze 

anode. The arrangement of the electrodes and the stirrer are shown in 

Figure 5. Separate tips for measuring the electrode potentials consisted 

of 3 percent agar in saturated KC1 solution. A salt bridge was used 

between the saturated calomel electrode and whichever electrode was being 

measured. This allowed use of the same standard electrode in determining 

the potential of each working electrode. A variable speed stirrer with 

separate stirring impellers for the mercury and solution was used. 

Solution Technology 

Solutions of commercially-available, chemically-pure metal 

chlorides and sulfates were used exclusively. Where possible, three 

molarities of each solution, 0.001, 0.01, and 0.1 were tested at a pH 

2.0; exceptions are annotated in the tabulated data. Adjustment of the 



FIGURE 4. Electrical Control and Measurement Circuit 
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FIGURE 5. Electrolytic CelJ Arrangement 
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pH was accomplished with the acid corresponding to the anion of the 

solution. All distilled water used was boiled to expel dissolved gases. 

Standardization of Cell Variables 

In order to maintain test procedures at as nearly as possible 

uniform conditions, the amount of mercury used as a cathode, the cell 

container, the platinum anode area, the volume of electrolyte, and the 

proximity of the standard cell measuring tip to the working electrodes 

were fixed. 

To obtain a rapid measurement of mercury, the quantities to be 

used were measured from a burette. Arbitrarily, 15 ml (203 g. at 25° C) 

of mercury were used in all tests concerned in Part II of the investi

gation. Other amounts in specific tests are listed with the test data. 

Low-form Griffin beakers were used as cell containers. Several 

100 ml beakers were matched to give approximately the same cross-

sectional area one-fourth inch from the bottom. The cross-sectional 

area was 0.01785 square foot. No correction was made for the mercury 

meniscus, and the same figure was used as the mercury cathode area. 

The 50 ml sample of solution used in all tests was measured 

using a volumetric pipette. 

A 1-inch diameter, 45-mesh platinum gauze anode was used. Care 

was taken to maintain the relative proximity of all cell components to 

insure the same partial immersion of the anode. No attempt was made to 

determine the area of the anode. 

The salt .bridge tip of the calomel electrode was placed as closely 

as possible to the mercury cathode by visual sighting across the mercury 



surface. The salt bridge tip was placed against the mesh of the 

platinum anode. 

The stirring motor was run at approximately 750 r.p.m. for all 

tests to achieve maximum stirring of the mercury and solution. Higher 

speeds resulted in excessive turbulence in the mercury surface which 

interfered with the cathode potential measurements. 

Proof of Technique 

When it was determined the circuit and cell were stable and 

would give reasonably reproducible results, a series of tests was 

conducted to determine if the data produced were comparable to existing 

data. 

The cathode potentials of zinc amalgams and cadmium amalgams 

of various metal contents were measured in 0.5 molar sulfate solutions 

of their ions at zero current flow. The data of the tests are given in 

Table VIII. 

Richards and Forbes (18) measured the differences in potentials 

between amalgams of different metal contents in the same cell of elec

trolyte. Their data are given in Table IX. 

Although the techniques differed, Figures 6 and 7, graphs of 

experimental and published data, show only slight discrepancies between 

the results. Close examination of the graphs indicates a more or less 

constant variance of one millivolt between the sets of data. 



Conclusion 

Careful selection of the test procedures resulted in data 

confirming the technique as reliable within the limits of accuracy 

plus or minus one millivolt. The accuracy of the potentiometer us< 

is 1 percent or one millivolt, whichever is larger. 



TABLE VIM 

Confirmation of Technique-Amalgam Potentials 

at Zero Current Flow and Calculated Data 

Cadmium Amalgams 

Amalgam 
No. Wt. % Cd Ec Pai r Log 

um 
AE 

1 1.608 0.380 1-2 0.124 0.004 

2 1.209 0.376 1-3 0.301 0.009 

3 0.804 0.371 1-4 0.602 0.019 

4 o.koz 0.361 1-5 1.298 0.040 

5 0.081 0.340 1-6 1.604 0.048 

6 0.040 0.332 1-7 2.303 0.067 

7 0.008 0.313 

Zinc Amalgams 

Ama1 gam 
No. Wt. % Zn !c Pai r 

L ° 9 ^  a e  

1 1.945 0.797 1-2 0.135 0.005 

2 1.426 0.792 1-3 0.340 0.009 

3 0.889 0.788 1-4 0.613 0.017 

4 0.474 0.780 1-5 1.001 0.028 

5 0.194 0.769 1-6 1.396 0.039 

6 0.078 0.758 1-7 1.666 0.048 

7 0.042 0.749 1-8 2.311 0.070 

8 0.0095 0.727 

Cn is amalgam of higher metal content. 



TABLE IX 

Confirmation of Technique-Selected Data 
on Cadmium and Zinc Amalgams from Richard and Forbes (18) 

Cadmium Amalgams 

Amalgam 
No. Wt. % Cd Pair Log £n 

°m AE 

1 2.9553 1-5 0.308 0.0090 

2 0.7270 1-2 0.605 0.0178 

3 0.1965 1-6 0.896 0.0263 

4 0.0536 2-6 0.292 0.0085 

5 1.4500 5-6 0.589 0.0173 

6 0.3710 

Zi nc 

2-3 

Amalgams 

0.569 0.0167 

Amalqam 

No. Wt. % Zn Pai r 
Log in 

Cm AE 

1 0.8932 3-4 

>-m 

0.592 0.0174 

2 0.1797 4-5 0.608 0.0178 

3 0.909 5-6 0.615 0.0181 

4 0.232 3-5 1.200 0.0352 

5 0.057 3-6 1.814 0.0533 

6 0.014 4-6 1.222 0.0359 

7 0 .4335  1-7 0.3113 0.0091 

8 0 .0943  1-2 0.772 0.0227 

1-8 1.749 0.0513 

2-7 0.460 0.0135 

7-8 1.437 0.0422 

2-8 0.977 0.0287 



FIGURE 6. Cadmium Amalgam Potential Differences 
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FIGURE 7. Zinc Amalgam Potential Differences 
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PART II 

Reduction Potentials and Cathode Potentials 

as a Function of Current Density 

I ntroduct i on 

The reduction potentials of metal ions at purified mercury 

cathodes are generally determined at relatively high solution concen

trations. Parson (19) states the thickness of the diffuse layer in the 

metal-solution interface is equivalent to only 1 or 2 angstroms thick. 

Actual measurement of the potential from which the reduction 

potential is calculated would be simpler in concentrated solutions because 

the spacing between the calomel electrode bridge tip and the cathode would 

have little or no effect on the potential read if the tip were beyond the 

diffuse layer. In dilute solutions the distance between the tip and the 

cathode would have a much greater effect due to the thicker diffuse layer. 

Stirring of dilute solutions would quite naturally reduce the effect, but, 

undoubtedly, the effect of a diffuse layer remains. In the same reference, 

Parson states corrections to the Gouy-Chapman theory of the diffuse layer 

are small except in the case of dilute solutions. 

Procedure 

A cell equivalent to that described in Part I was used in each 

of the tests. Current, cathode potential (versus saturated calomel 

electrode), and anode potential (versus saturated calomel electrode) were 

recorded as the potential applied to the anode and cathode was increased 

in a stepwise manner. Any anomolous or unusual observations were noted. 

33 
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Experimental Results 

The experimental values of current were converted to cathode 

current density and plotted as a function of anode and cathode poten

tials corrected to values versus the standard hydrogen electrode. 

Figures 8 and 9 are examples of the graphs for cathode and anode poten

tials of zinc sulfate solutions, respectively. Figures 10 and 11 are 

graphs of the cathode and anode potentials for ferrous sulfate. Data 

for other solutions investigated are listed in Table X. 

The nominal deposition potential was taken at a dashed line 

parallel to the current density axis and marked "1" on Figure 8. 

Selection of the value of the deposition potential was made on the 

followi ng basi s: 

1. The slightly rising straight line to the left of "1" 

represents minimal or so-called "background" electrolysis. 

2. The rapidly rising curve (current density increasing more 

rapidly than cathode potential) to the right of "1" 

represents an increasing rate of electrolysis. 

3. Thus, by selecting a point at or about the transition 

of the graph from straight line to a rapidly rising 

curve, the point of initial appreciable electrolytic 

deposition is approximated. 

The dashed lines labeled "2" through "7" represent the levels 

of cathode current density at which electrode potentials were read for 

inclusion in Table X. 

Attempts were made to determine deposition potentials for lead 

ions in chloride solutions. Brown deposits of lead oxide on the 
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Specie* 
Belif 
Ity 

"iz=wn— 
ttgalnat 

Oepoaltlan 
Potential 

So* " Current 8en»lty 
taMrea Mr aa. ft. 

1^! at Currant Bant Ity 
wSarai Mr m. ft. 

Special Note* Specie* 
Belif 
Ity 

"iz=wn— 
ttgalnat 

Oepoaltlan 
Potential o.s 1.0 1.5 t.O 1.5 5.0 0.5 1.8 1.5 1.0 2.3 5.0 Special Note* 

AI2(JO4)3 0.001 -0 .64 -0.17 •1.05 -1.09 •I.U 1.24 1.58 1.41 1.42 1.46 1.48 
0.010 -0.44 -0.83 -1.01 • 1.08 •1.15 . . l.U 1.54 ' .59 1.41 1.43 1.44 
0.100 -0 .64 -0.11 -0.» -0.96 -0.98 -1.06 - 1.21 1.54 1.40 1.42 1.45 1.47 Tan deposit on anode. 

AfCIs 0.00! •0.41 -0.83 •1.14 . - . 1.25 1.31 . - Cathode ivrtea AfCIs 
0.010 •0.61 -0.* • 1.18 -1.22 -1.27 -1.50 - 1.20 1.51 1.37 1.43 1.48 t .55 Cathode surface fllwed. 
0.100 -0.61 -0.99 -1.20 -1.23 •1.32 -1.55 -1.57 0.9* 0.9« 1.02 1.07 1.11 1.15 Cathode surface fllaed. 

CdSO* 0.001 -0.21 -0.42 -0.80 -1.09 -1.23 . 1.57 1.42 1.55 1.58 . 
0.010 -0.21 -0.39 -0.44 •0.52 -0.41 -0.72 -0.75 1.37 1.42 1.55 1.58 1.41 . 
0.100 -0.21 -0.35 -0.37 -0.41 -0.45 -0.49 -0.54 1.23 1.19 1.52 1.54 1.53 1.34 

CdClj 0.001 •o.tt -0.86 • 1.73 . . . 1.41 1.95 . . CdClj 
0.010 •0.21 -0.53 •0.80 •1.08 -1.52 -1.41 -1.36 1.41 1.41 1.78 1 >94 2.10 2.24 
0.100 -0.21 -O.J I •0.58 •0.44 •0.50 •0.54 -0.62 1.20 1.55 1.40 1.46 1.32 1.38 

COS04 0.001 -o.tt -0.16 -0.99 -1.00 -1 .OS -1.10 . 1.21 1.24 1.23 1.26 1.27 . COS04 
0.010 -O.tt -O.tt -0.97 -1.02 -1.04 •1.10 -1.15 1.19 1.21 1.23 1.24 1.23 1.24 
0.100 •0.64 -0.12 -0.98 -0.98 •1.01 •1.04 -1.06 1.08 1.09 1.09 1.10 1.11 1.12 Iroim deposit on anode. 

CoClj 0.001 -0.66 -0.J1 -0.96 . . . 1.14 1.21 . - Hj evot. C.I. 1.0 A-ft. 2. CoClj 
0.010 -0.66 •0.64 -0.93 -0.98 -0.97 -0.98 -1.00 1.15 l.*9 1.37 1.44 1.32 >.39 

Hj evot. C.I. 1.0 A-ft. 

0.100 -0.64 -0.16 -0.99 -0.98 •0.96 -0.97 -0.98 0.98 1.08 1.07 1.09 1.10 1.12 

Cra(S04)s 0.001 -0.40 -O.tt -0.98 -1.02 •1.00 -1.08 -1.10 1.25 1.50 1.52 1.55 1.34 1.33 fH 1.33. Cra(S04)s 

0.010 -0.U -0.72 -0.81 •0.85 •0.89 -0.92 -0.95 1.22 1.27 1.50 1.32 1.54 1.33 m 1.53. 
0.100 -0.48 -0.71 -0.76 -0.79 •0.81 -0.82 -0.84 1.17 1.22 1.23 1.26 1.27 1.29 pM 1.35. 

CrCIs 0.001 -0.46 •0.71 -0.99 •1.05 . . . 1.23 1.54 1.43 . . . 
0.010 -0.44 -0.64 -0.72 •0.74 •0.81 -0.85 •0.89 l.lt 1.19 1.22 1.23 1.28 1.30 
0.100 -0.46 -0.55 -0.63 -0.6 J -0.72 -0.74 -0.74 0.94 1.02 1.08 1.12 1.16 1.19 

CuS04 0.001 •0.54 •0.22 -0.79 •0.95 •1.05 • 1.10 . 1.24 1.28 1.31 1.33 1.36 . Second break, curve. -0.56 volt. CuS04 

0.010 •0.34 •0.23 •0.22 •0.19 •0.16 •0.14 •0.12 1.24 1.28 1.50 1.32 1.34 1.55 
0.100 •0.94 •0.50 •0.27 •0.23 •0.22 •0.19 •0.17 1.24 1.28 1.50 1.31 1.52 1.52 

CuCI 0.001 •0.54 •0.23 •0.18 -0.87 -0.97 -1.04 _ 1.24 1.50 1.52 1.54 1.36 . Second break, le curve, -0.66 volt. 
0.010 •0.54 •0.50 •0.28 •0.24 •0.24 •0.22 •0.20 •0.13 •0.11 •0.71 <0.78 40.81 «.82 Cathode surface fllmd. 
0.100 Cathode surface fll«ed. 

CuClj 0.001 •0.54 •0.26 -0.71 . 1.22 1 .54 - . . . Second breek, C« curve, -0.36 volt. CuClj 
0.010 •0.34 •0.32 •0.27 •0.22 •0.17 •0.14 •0.12 1.21 1.29 1.34 1.59 1.41 1.44 
0.100 •0.54 •0.32 •0.31 •0.29 •0.27 •0.25 •0.24 0.94 1.13 1.13 1.21 1.24 1.27 Cathode surface filmed. 

r«soA 0.001 r«soA 

0.010 -0.86 -1.14 -1.44 -1.60 . 1.02 1.38 1.61 - - - Second break, Cc curve, -t.*< volt. 
0.100 -0 M -0.99 -1.22 -1.32 -1.40 • 1.42 -1.44 0.30 0.49 0.66 0.82 0.96 1.07 Second break, tc curve, -1.44 volt. 

F*C 12 o.oot -0.66 •0.86 •1.02 . >.31 1.46 . - • -F*C 12 

0.010 -0.64 •0.91 -1 .03 •1.09 -1.13 -1.16 • 1.19 1.23 1.29 1.55 1.36 • 

0.100 -0.66 •0.93 -1.01 • 1.04 -1.07 -1.09 • 1.12 0.19 0.22 0.26 0.30 0.33 0.41 

M9SO4 0.001 -0.61 -0.87 -1.02 -1.04 -1.09 -1.12 1.24 1.28 1.30 1.33 1.55 -M9SO4 
0.010 -0.61 -0.86 -1.00 -1.05 • 1.08 -l.U -1.14 1.24 1.28 1.30 1.32 1.55 1.54 
0.100 -0.61 -0.91 -1.01 •1.06 -1.07 • 1.09 -1.12 1.22 1.26 1.28 1.30 1.31 V.52 

ngC)2 0.001 -0.66 -0.92 -1.26 •1.49 -1.72 . 1.37 1.63 1.84 1.99 • -ngC)2 

0.010 -0.66 -0.92 •1.21 -1.37 • 1.50 • 1.63 -1.74 1.27 1.36 1.37 1.67 1.77 1.87 
0.100 -0.66 -0.87 -1.07 -1.14 • >.22 •1.28 • 1.54 0.99 1.15 1.28 1.34 1.39 1.44 

HIS04 o.oot -0.64 -0.78 -0.90 -0.98 • 1.03 -1.07 . 1.24 1.50 1.53 1.36 1.58 -HIS04 
0.010 -0.64 -0.81 •0.87 •0.90 •0.93 -0.95 •0.98 1.27 1.52 1.54 1.36 1.37 1.58 
0.100 -0.64 -0.77 -0.82 -0.89 -0.86 •0.88 -0.90 1.24 1.51 1.55 1.53 t .56 1.37 

N tC 12 0.001 -0.40 -0.94 -1.16 -1.34 -1.58 •1.79 -2.00 1.51 1.32 1.69 1.86 1.99 2.04 CI2 evot. at Ea about 2 .0 volt*. N tC 12 
0.010 -0.60 -0.85 -1.04 -1.19 -1.54 • J.49 -1.44 1.30 1.46 ».39 K7I 1.85 )<94 Clf •vol. at (a about 1 .9 volt*. 
0.100 -0.60 -0.71 -0.74 -0.82 -0.87 -0.91 -0.94 0.95 1.05 1.16 1.27 1.32 1.34 CI? evol. at Ka about 1 .23 volt*. 

ZnS04 0.001 -0.66 -0.74 -0.82 -0.92 -1.00 . 1.28 1.32 1.34 1.37 i.39 
1.37 

ZnS04 
0.010 -0.64 -0.73 -0.76 -0.78 •0.80 -0.82 •0.85 1.27 1.31 1.32 1.34 1.56 1.37 
0.100 -0.64 -0.71 -0.74 -0.74 -0.77 -0.79 •0.80 1.24 1.30 1.32 1.35 1.33 1.34 

ZnC I2 0.001 -0.61 -0.92 -1.23 -1.30 -1.74 1.32 1.53 1.68 (.83 . 
1.90 

ZnC I2 
0.010 -0.61 -0.80 -0.93 -1.05 -1.16 -1.26 • 1.36 1.26 1.42 1.33 1.67 1.78 1.90 

0.100 -0.61 •0.69 -0.73 -0.77 •0.81 -0.83 -0.88 0.88 0.92 0.96 O.98 1.03 1.07 
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FIGURE 8. Current Density versus Cathode Potential 

for Aqueous Zinc Sulfate Solutions 
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FIGURE 9, Current Density versus Anode Potential 

for Aqueous Zinc Sulfate Solutions 
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FIGURE 10. Current Density versus Cathode Potential 

for Aqueous Ferrous Sulfate Solutions 
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FIGURE II. Current Density versus Anode Potential 

for Aqueous Ferrous Sulfate Solutions 
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platinum anode were apparent obviating the use of the data. Similarly, 

oxides of manganese were apparent on the anode in those experiments made 

on sulfate and chloride solutions of manganese (II). 

A tan deposit was noticed on the anode at the end of the 0.1 M 

aluminum sulfate experiment. It is assumed the deposit was hydrated 

oxide. 

The 0.1 M cobaltous sulfate experiment yielded a brown deposit 

on the anode. It is assumed the deposit was a mixture of cobalt oxides. 

Discussion of Results 

Nominal Deposition Potentials - The nominal deposition potentials 

bear little or no resemblance to the standard reduction potentials 

except in the case of cupric ions. Table XI contains the reduction 

half-reactions and their normal reduction potentials, half-wave poten

tials, and nominal deposition potentials determined in this investigation. 

Lingane (3) relates the standard potential to the polarographic 

half-wave potential by a series of equations starting with 

E = E° - — 1n C°red-, (21) 
nF C°ox. 

in which E is the average value during the period of growth and severance 

of a mercury drop, C°rec|, and C°ox> are the concentrations of the oxi

dized and reduced forms at the surface of the dropping electrode. The 

remainder of the explanation is moot, for the key to the variance of the 

nominal deposition potential from the standard reduction or half-wave 

potential is in the underlined statement. 



TABLE XI 

Standard, Nominal Deposition, 

and Half-Wave Potentials** 

^cathode 

Ha 1 f-React ion EJ Su 1 fate Chlor ide 

Al+3 + 3e = A1 -1.660 -0.66 -0.61 -1.57 

Cd+2 + 2e = Cd -0.403 -0.21 -0.21 -0.40 

2Cd+2 + 2e = Cd2+2 (-0.600) -

Cd +2 + 2e = 2Cd (-0.200) -

Co + e = Co+2 1.842 -

Co+2 + 2e = Co -0.277 -0.66 -0.66 -0.95 
+3 +2 

Cr + e = Cr -0.410 - -

Cr+3 + 3e = Cr -0.740 -0.48 -0.48 -0.70 

Cr+2 + 2e = Cr -0.910 - -' -1.42 

Cu+2 + 2e = Cu +0.337 +0.34(i c) +0.34(ic) +0.25 

Cu+2 + e = Cu+ +0.153 - +0.34(ous) 
+3 +2 

Fe + e = Fe +0.771 

Fe+2 + 2e = Fe -0.441 -0.86 -0.66 -1.05 

Mg+2 + 2e = Mg -2.370 -0.61 -0.66 

Ni+2 + 2e = Ni -0.240 -0.66 -0.60 -0.81 

Zn+2 + 2e = Zn -0.763 -0.66 -0.61 -O. 78  

From Lingane (3); parentheses indicate approximate values. 

From Handbook of Chemistry and Physics (20); acid or neutral 

solutions; corrected to values versus the standard hydrogen 

electrode. 



The conditions existing in mercury cathodes used in this inves

tigation were such that the mercury surface was continuously changing 

and only a very small percentage of reduced forms could remain at the 

surface after reduction to form a couple with the oxidized forms. 

The relationship of the deposition potential at a stirred 

mercury cathode to the normal reduction potential is more logically a 

statistical function of the number of reduced forms per unit of cathode 

area as affected by the degree of stirring. At various concentrations 

and measured potentials a mercury cathode would have adsorbed upon it 

a layer of the oxidized forms, but prior to the start of appreciable 

deposition there would be few reduced forms to make a couple, Cre(j /CQX , 

as required in the Nernst relation. 

Other factors contributing to the variance are lack of a 

supporting electrolyte which reduces the diffuse layer effect in the 

actual measurement of half-wave potentials, and the fact that measurement 

of normal reduction potentials is made using molar solutions, which would 

reduce the diffuse layer effect. 

Anode and Cathode Potentials - Inspection of Figures 8 and 9 

indicate normal response of the anode and cathode potentials to 

increased current density for acid zinc sulfate solutions. The differ

ences in concentration and, consequently, the mean activities of the 

electrolytes, account partly for the unequal divergence of cathode 

potentials of the three solutions. Using activity coefficients from 

Prutton and Maron (13), the ratio of the activities are 1.5, 3, 20.5 

for 0.001, 0.01, and 0.1 molar solutions. 



The anode potentials respond normally with the major effect being 

from sulfate ion polarization and oxygen liberation. The activity of 

the sulfate does not enter into the potential determining factors. 

Explanation of extreme divergence of anode potentials such as 

that displayed in Figure 11 for ferrous sulfate solutions is based on 

the premise that anode reactions other than oxygen liberation were taking 

place. 

Figure 10, the cathode potential curves for ferrous sulfate, 

displays breaks at approximately 1.5 volts and 1.^4 volts for 0.010 and 

0.100 molar solutions. It is assumed these points represent the actual 

reduction of iron from solutions containing ferrous and ferric ions 

The same explanation may be applied to the ferrous chloride 

solutions with a modi fication. The degree of ferrous-ferric oxidation 

at the anode is less than in the sulfate solution because of the simul

taneous liberation of chlorine and the possible formation of chloride 

complexes. Reduction in the amount of ferric ion present may account 

for the lower (by 0.2 volt) nominal deposition potentials in the ferrous 

chloride tests. 

The ionic associations in chloride solutions are discussed by 

Kiseleva (21). He gives a detailed treatment for cadmium chloride 

complexes and states the ionic association exists, in decreasing order 

of stability, in chloride solutions of cadmium, zinc, copper (II) and 

nickel (II), and that ionic association is found at all concentrations 

for magnesium chloride solutions. Similar treatment for cadmium ion 

solutions is found in a paper by Treuman and Ferris (22). 

Other anode reactions noted were the formation of a tan deposit 
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in the 0.100 molar cell of aluminum sulfate. No half-reaction explaining 

the deposit was found. The brown anode deposit reported in the 0.100 

molar cobaltous sulfate cell can be explained by the following equation: 

3 Co+2 + 6e + 202 = c 0 3 o 4  (22) 

Conclusions 

It is apparent the measurement of electrode potentials in dilute 

single electrolyte solutions is affected by the distance between the 

measuring tip and the electrode; the effect is minimized by rapid stirring 

and by placement of the calomel electrode tip at a uniform distance from 

the cathode. 

It is also concluded, the anode reactions must be understood and 

taken into account when interpreting the cathode potentials. Furthermore, 

the formation of complex ions will affect the potentials of the electrodes. 

It is not claimed the potentials measured in this investigation 

are absolute values, for no corrections were made. It is felt, however, 

the potentials measured are reasonably good working potentials appli

cable to engineering problems. 

Examination of the nominal deposition potentials implies control 

of the cathode potential would make possible many separations. Unfor

tunately, the values are only relative cathode potentials existing when 

a metal ion begins to deposit on a pure mercury. In theory, the Nernst 

equation is not satisfied until a concentration of the metal exists in 

the amalgam. 

Lingane (3) states, "The potential at which a metal codeposits 

with some other metal may be considerably different from the potential 
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at which it deposits alone in the absence of other metals," which must 

also be considered when separations of metals are attempted. 



PART III 

Selective Metal Deposition 

Introduction 

Selective metal deposition from solutions containing two or 

more metals is dependent upon the differences in cathode deposition 

potentials of the individual metal ions. 

In the case of two metal ions having different deposition 

potentials, Lingane (3) presents a simple description of the limitation 

of the electrolysis. In Figure 12, A and B represent the response of 

the cathode potential to the current applied for solutions of each 

metal. Metal A deposition potential, a, is less negative than that 

of metal B. The current applied to a cell containing ions of A and B 

may be increased until potential a is reached without appreciable 

deposition of either metal A or metal B. If the current is increased 

to c, it wi11 cause a potential of b, and metals A and B wi11 co-deposit. 

It is apparent the cathode potential must remain less than b 

and more than a to allow appreciable deposition of A only. As indicated 

in the data of Part II, a change in concentration of the metal ion 

being reduced causes a change in the cathode potential when appreciable 

current is flowing. As concentration decreases, the cathode potential 

becomes more negative. 

Using the form of the Nernst equation, 

F = p° - RT , M° /1 
Ec E ( ' 

in which 

*f6 
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FIGURE 12. Current versus Cathode Potentials for Two 

Dissimilar Metal Ions in an Aqueous Solution 

c 

b a 

Cathode Potential 
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M° - 1 , (23) 

any decrease in Mn will result in Ec becoming more negative. 

It is then obvious in a solution of A and B ions of equal initial 

concentrations the current would necessarily have to be decreased as 

electrolysis proceeds to prevent the cathode potential from rising above 

a value of b. 

Use of mercury as a cathode introduces another variable to the 

system, and Equation 14 must take the form previously discussed, 

Ec = E° - ai ,n (19) 
^ nF Mn 

In this equation, the activity of the deposited metal is not one but 

very much less than one, and increases as the depositing metal content 

increases. As the amalgam metal content increases, the cathode poten

tial becomes increasingly more negative. 

In order to allow proper interpretation of proposed selective 

deposition tests, a series of tests was completed to determine the 

relationships of metal solubility and content upon the amalgam cathode 

potent i als. 

Amalgams containing two or more metals in addition to mercury 

were also investigated, and finally electrolytic separations were 

attempted. 

Single Metal Amalgams 

The term M°(Hg) in Equation 19 represents the activity of a 

metal in mercury. Determination of activities of this nature are not 

available and approximations using molarity or molality based on 

mercury as the solvent are to no avail. Preparation and investigation 
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of certain amalgams are described below. 

Procedure - Master amalgams of cadmium, copper, and zinc were 

prepared by electrolysis of sulfate solutions. Each master amalgam was 

divided and diluted with pure mercury resulting in a series of amalgams 

of varying metal content. Cathode potentials at zero current flow were 

determined for each amalgam in contact with a solution of ions of the 

same metal as in the amalgam. The cell used was that previously described. 

Experimental Results - The results of the investigation are given 

in Table XII and Figures 13, 14, and 15- Calculated results are included 

in Figures 14, 16, and 17. 

Discussion of Results - A plot of the logarithm of weight percent 

cadmium in mercury versus cathode potential results in a straight line 

(Figure 13). This indicates a linear response of the cathode to the 

change of cadmium content in the amalgam. 

Figure 14 displays the same response for zinc, and a linear 

response for variation of solution molarity on a fixed percent zinc 

amalgam. 

Modification of the Nernst equation to 

. _ RI ,n MliM , (2ft) 
nF Mn 

and subsequent calculation of Ka values using weight percent as M°(Hg) 

for zinc amalgams resulted in an average value, Kaave*. The Kaave* 

value allows the use of percent zinc multiplied by Kaave* as the acti

vity of zinc in mercury. 

A constant was also determined for the change in activity of 

zinc ions, 



TABLE XII 

Amalgam Cathode Potentials 

Zi nc 

% Wt. Zn 

Solution 
Molari ty 

^cathode 
Measurec 

t 

1 Ka 
^cathode t 

Calculated" 
Error 
Vol ts 

1.945 0.5 -0.797 3.63 -0.798 -0.001 
1 .426 0.5 -0.792 3.36 -0.794 -0.002 
0.889 0.5 -0.788 3.96 -0.788 0 

0.474 0.5 -0.780 3.98 -0.780 0 

0.194 0.5 -0.769 4.12 -0.768 t0.001 

0.078 0.5 -0.758 4.35 -0.756 •0.002 

0.0k 2 0.5 -0.749 4.00 -0.748 •0.001 

0.0095 0.5 -0.727 3.10 -0.729 -0.002 

Kaave =3.81 

0.624 0.500 -0.783 -0.783** 0.0 

0.624 0.050 -0.806 -0.806 0.0 

0.624 0.005 -0.827 -0.826** -0.002 

Cadmi urn * 

cathode^ ^cathode E cathode^ 
% Wt. Cd Measured Ka Calculated Error 

0.008 -0.313 0.0562 -0.312 to.001 

0.040 -0.332 0.0495 -0.332 0 

0.081 -0.340 0.0455 -0.343 -0.003 

0.402 -0.361 0.0485 -0.362 -0.001 

0.804 -0.371 0.0514 -0.371 0 

1.209 -0.376 0.0504 -0.376 0 

1.608 -0.380 0.0530 -0.377 •0.003 

Kaave - 0.050645 

Copperx 

% Wt. Cu ^cathode Ka % Wt. Cu ^cathode Ka 

0.00109 0.425 0.480 0.050 0.319 40.75 

0.0027 0.450 0.0277 0.108 0.311 35.10 

0.0054 0.485 0.000926 1 0.540 0.304 12.10 

Calculated using Kaave. 

** Calculated using Kaave and Ks. 

# In 0.5H CdSO^, pH 2.0. 

^ Calculated using Kaave. 
x In 0.5M CuSO^, pH 2.0. 
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FIGURE 13. Cadmium Amalgam Potentials at Zero 

Current Flow 
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FIGURE 14. Zinc Amalgam Potentials at Zero 

Current Flow 
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FIGURE 15. Copper Amalgam Potentials at Zero 

Current Flow 
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FIGURE 16. Nernst Equation Constant for Copper 

Amalgams Below the Solubility Limit 
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FIGURE 17. Nernst Equation Constant for Copper 

Amalgams Above the Solubility Limit 
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K= = [p1]0'22 (25) 

The modified Nernst equation in its final form is 

E = t o  - RT in Kaave-K<Hg) a E„ _ RT 4.W(Hg) (26) 

nF Ks nF (^n)0.78 

Kaave* was also calculated for the cadmium amalgams and found to 

be 0.0506. No calculation for Ks was attempted due to lack of pertinent 

data. 

All cadmium and zinc amalgams investigated were below the solu

bility limit of the metals in mercury. The copper amalgams tested were 

partly above and partly below the solubility limit of 2 x 10~3 percent 

listed in Table VII. Figure 15 displays the cathode potentials as a 

function of the log of percent weight copper in mercury. 

Ka values for the copper amalgams calculated using Equation 2k 

are given in Table XII, and Figures 16 and 17 are graphs of the log 

percent copper in mercury versus the log of the Kg values calculated. 

No linearity exists in copper amalgams either below or above the solu

bility limit, and it would appear from the response of the 0.0054 weight 

percent copper amalgam that the solubility of copper is greater than 

reported. 

Hansen (23) mentions the solubility of copper in mercury as 

having been reported by various experimenters as 0.001, 0.003, 0.16, 

0.0024, 0.0032 and 0,002 weight percent. He also reports products of 

the approximate composition Cu3Hg2, CuHg, and Cu^Hg3 as having been 

isolated but states, "The intermediate phase in equilibrium with the 

saturated solution of Cu in liquid Hg is not yet known with certainty." 



One can only assume from the data presented in this section that 

a compound is formed between copper and mercury at concentrations below 

the solubility limit of copper. It must also be assumed the compound 

changes in composition as more copper is added, and that the stability 

of the CuxHgy compound increases with increased copper content. 

The increased stability of the compound causes a reduction in 

the activity of the copper, resulting in a more positive cathode poten

tial. After the solubility limit is passed, more or less free copper 

atoms of relatively higher activity are suspended in the amalgam. As 

more copper is added to the amalgam, the activity of copper at the 

surface of amalgam cathode would increase, causing a less positive 

cathode potential. 

Extension of this technique could be made to determine solu

bility limits of other metals only slightly soluble in mercury. 

Conclusions - The Nernst equation may be modified for zinc 

amalgams by constants to give linear results for all variations of 

amalgam metal contents (below the solubility limit) and of metal ion 

concentrations between 0.5 and 0.005 molar. It is probable that an 

extension beyond the solution limits is possible. 

It is also probable that similar extension may be made to all 

zinc-type amalgams. 

Iron-type amalgams, i.e., copper, apparently do not lend them

selves to simple modification of the Nernst equation for their response 

is obviously non-linear above and below the solubility limit. 



Two- and Three-Metal Amalgams 

The investigation of the three-metal (Cu-Sn-Zn) amalgam is 

included at this point because an attempt was made to modify a two-

metal (Cu-Zn) amalgam by adding a third metal. The other two-metal 

amalgam investigated was the iron-zinc system. 

Copper-Zinc and Copper-Tin-Zinc Amalgams 

Procedure - Copper was electrolytically deposited from pure 

sulfate solution on a pure mercury cathode. The amount of copper 

deposited was determined by analysis of the spent electrolyte. The 

electrolyte was replaced with 0.05 molar zinc sulfate solution, pH 2.0. 

Zinc was then added in pre-weighed portions, and the cathode potential 

at zero current flow was read with constant stirring until such time as 

it had remained constant for four minutes. In those amalgams containing 

tin, the tin was added as a pre-weighed solid prior to the zinc additions. 

The same cell described in Part I was used. 

Experimental Results - The data from the investigation of the 

Cu-Zn amalgam is given in Table XIII and displayed in Figure 18. 

Table XIV contains the data from tests made on two Cu-Sn-Zn 

amalgams. This data is also plotted in Figure 18. 

In order to compare the potentials of the Cu-Zn and Cu-Sn-Zn 

amalgams to those of a zinc amalgam, Equation 26 was used to calculate 

the potentials for amalgams containing amounts of zinc equivalent to 

those of the Cu-Zn and Cu-Sn-Zn amalgams. The calculated values are 

part of Table XIV and are plotted in Figure 18. 

The horizontal lines in Figure 18 represent the phase boundaries 



TABLE XIII 

Copper-Zinc Amalgams 

% wt.  
Zn i n 
Cu-Zn 

Phase 

i n 
Cu-Zn 

% Wt. 

Zn 
in Hg 

^cathode 
Meas., Cu-Zn (Hg) 

^cathode* 
Calc., Zn (Hg) 

1.00 a 0.001066 -0.691 -0.724 

1.98 a 0.002132 -0.674 -0.733 

5.03 a 0.0056 -0.686 -0.746 

10.06 a. 0.0118 -0.687 -0.755 

20.00 a 0.0265 -0.690 -0.766 

30.00 a 0.04535 -0.689 -0.772 

40.00 a t p 1  0.0705 -0.690 -0.778 

45.00 a + p1 0.0866 -0.702 -0.781 

48.00 P' 0.0976 -0.745 -0.782 

53.00 p1 t 7 0.1192 -0.766 -0.785 

58.00 (3 1  4 y 0.1460 -0.775 -0.787 

62.00 7 0.1790 -0.779 -0.790 

66.10 7 0.2053 -0.783 -0.792 

70.00 7 + e 0.2463 -0.788 -0.794 

75.00 7 4 € 0.3170 -0.793 -0.797 

80.00 e 0.4210 -0.799 -0.801 

85.00 € 0.5960 -0.804 -0.806 

90.00 € 4 7) 0.9430 -0.810 -0.811 

Calculated using the modified Nernst equation (Equation No. 26); 
0.05M ZnSO^. 



TABLE XIV 

Cu-Sn-Zn Amalgams 

, Wt. Zn 
i Cu-Zn 

Phase 

in Cu-Zn 

% Wt. 

Sn i n 
Cu-Sn-Zn 

Phase 

in Cu-Sn-Zn 

^cathode 
Meas., 

Cu-Sn-Zn 

(Hg) 

% Wt 
Zn 

in Hg 

51.9 P 1  + 7 2.93 7 (?) -0 .762 0.1143 

57-9 P1 + 7 2.58 7 (?) -0 .769 0. 1456 

62. 1 7 2.33 7 (?) -0.773 0.1733 

64.3 7 2.20 7 (?) -0.777 0.1902 

67.5 7 2.00 7 + € (?) -0.782 0.2200 

67.5 7 9.07 7 + €' (?) -0 .782 0.2200 

35.0 a 1.98 a +p+7 (?) -0.603 0.0570 

41.0 a + p1 1.81 a+p+7 (?) -0.603 0.0735 

45.0 a + p1 1.69 P + 7 (?) -0.745 0.0865 

48.0 P 1  1.60 P + 7 (?) -0.760 0.0975 

55.0 p» + 7 1.38 7 (?) -0.772 0.1295 
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FIGURE 18. Copper-Zinc and Copper-Tin-Zinc 

Amalgam Potentials at Zero Current 
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(200° C) of the Cu-Zn phase diagram as shown in Metals Handbook (2k)  and 

the Greek letters designate the phases found between boundaries. 

Figure 19 represents a 25° C isotherm for the Cu-Sn-Zn system 

extrapolated from Metals Handbook (25), which displays only a 500° C 

isotherm with one 300° C line designating the phase boundary between a 

and a pi us y. 

The Zn, Cu-Zn, and Cu-Sn-Zn.amalgam will be discussed in terms 

of percent Zn in the Cu-Zn compound. Tin is given as percent weight of 

the Cu-Sn-Zn total metal weight. 

Discussion of Results - The Cu-Zn amalgam potentials show an 

anomolous point at 1 percent Zn due to insufficient agitation time. The 

remainder of the points indicate the formation of brass compounds or at 

least a change in activity corresponding to the brass phases normally 

existing for the proportions of copper and zinc present in the amalgam. 

The degree of potential decrease in the alpha-brass indicates a 

stability of compound formation. 

As ordered f3' was formed, the potential increased rapidly and 

the degree of change was largest within the (3' phase boundaries. 

As the zinc content increased, the Cu-Zn amalgam potentials 

approached those calculated for a zinc amalgam. 

The addition of tin changed the Cu-Zn,amalgam to a Cu-Sn-Zn 

amalgam in an attempt to change the a-brass to a ternary compound 

exhibiting a more negative amalgam potential. 

Examination of Figure 18 indicates the additions of tin above 

hi percent zinc (based on Cu-Zn only) had an effect opposite that sought 

except at low (1.35% and 1.60% Sn) tin levels. At 35 and ^f0 percent zinc 



FIGURE 19. Idealized Isotherm (25°C) for the 

Copper-Tin-Zinc System 
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the tin had the effect of forming a more stable phase than the a or a 

plus / phase regions of the simple Cu-Zn compounds. 

The phases listed in Table XIV for the Cu-Sn-Zn system are 

questionable because of the necessity for extrapolation to obtain 

Figure 19. It is significant that the 35 and k6 percent zinc compounds 

could fall in the a plus f3 plus /region which is a very stable region. 

Conclusion - The formation of intermetalIic compounds by two 

or more metals in an amalgam causes the potential of the cathode to 

become less negative. The degree of change is directly related to the 

stability of the compound formed. The variation of reduction also 

appears to follow closely the phase diagram for the metals concerned. 

Hansen (23) reports the possibility of an order transformation 

in the a-brass phase at low temperature. The a-brass phase is normally 

considered to be a simple solid solution of zinc in copper. 

Keating (26) ,  using a single crystal of 30 percent zinc a-brass, 

determined that diffuse neutron scattering was detectable. Calculation 

and analysis of the scattering indicates a critical temperature of 95° C 

or lower for significant ordering in the a-brass investigated. It is 

suggested ordering is similar to that occurring in Cu^Au and would be 

represented as CujZn. 

The compound Cu^Zn corresponds to a 25.5 wt.% Zn a-brass, and 

probably is ordered face-centered cubic at room temperatures. Examin

ation of Figure 18 in the light of this theory accounts for the greater 

stability of the a-phase as compared to the other phases investigated 

by this technique. 
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The possibility of determining ordering in phases of other binary 

alloys is indicated. 

It is felt also the technique could be expanded to determine the 

free energy of formation of the compounds by determining the change in 

potential of each metal in the compound when in contact with a solution 

of its ions, through the relationship 

- AG = nFE (3) 

Iron-Zinc Amalgams 

Procedure - A cell containing a 0.0592 percent iron amalgam 

was prepared and covered with 0.05M zinc sulfate solution. The pre-weighed 

quantities of zinc metal were added, and stable cathode potentials 

recorded. 

Experimental Results - The iron-zinc amalgam resulted in the 

data given in Table XV and shown in Figure 20. Figure 20 was designed 

in a manner similar to Figure 18. The percent zinc values represent 

weight percent in the Fe-Zn compound. The phase boundary percentages 

(^00° C) are from the iron-zinc phase diagrams of the Metals Handbook (26). 

Discussion of Results - The iron-zinc amalgam formed at 5 per

cent Zn (in Fe-Zn) indicates marked decrease in potential when compared 

to the calculated value for a simple zinc amalgam of the same weight of 

zi nc. 

As the zinc content of the iron-zinc amalgam was increased, 

the potential became more negative, and approximated that of a zinc 

amalgam above 75% Zn (in Fe-Zn). 
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TABLE XV 

Iron-Zinc Amalgam Potentials 
at Zero Current Flow 

Wt. % Zn 
in Fe-Zn 

Phase 

in Fe-Zn 
^cathode 

Fe-Zn Amalgam 

Wt. °l Zn 
in Amalgam 

cathode 
Ca1c.; 

Zn Amalgam 

5.20 a -0.553 0.00325 -0.739 

10.44 a + e -0.648 0.0069 -0.748 

30.90 a + e -0.740 0.0265 -0.766 

51.10 a + e -0.764 0.0618 -0.776 

71.00 a + e -0.781 0. 1440 0.787 

75.80 € -0.787 0.1845 -0.790 

85.50 e + zeta -0.796 0.3495 -0.799 

90.30 zeta -0.802 0.5440 -0.804 

93.50 9 + zeta -0.807 0.8400 -0.810 

94.00 6 -0.8075 0.9100 -0.811 

97.20 Nu + 9 -0.813 1.9620 -0.821 
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FIGURE 20. Iron-Zinc Amalgam Potentials at Zero 

Current Flow 
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Conclusions - Alpha phase represents a complete solubility of 

zinc in iron, probably forming an ordered solid solution. The activity 

of the zinc is markedly reduced. 

Gopper-Zinc Electrolysis at Constant Current 

A series of tests was undertaken to confirm the theoretical 

concept of the effect of current density upon the cathode potentials 

as the more reducible metal ion content is decreased by electrolytic 

deposi tion. 

Procedure - A 50 ml solution of 0.5M CuSOi^. and 0.5M ZnSOij. 

was placed in the cell containing a 150-gram pure mercury cathode. 

Readings of the cathode potentials were taken at zero current flow and 

at the existing current density at intervals, and samples of the solution 

were taken for copper analysis at the same time. 

Experimental Results - The data determined is tabulated in 

Table XVI. 

Discussion of Results - The potential of the cathode is 

more negative than the nominal deposition potential for copper ions in 

sulfate solutions determined in Part II (+0.3^ volt) at the applied 

current density in all cases investigated. The cathode potential at 

zero current flow did not become negative until after 9 ampere-minutes 

at 33.k A-ft"^, 14 ampere-minutes at 22.3 A-ft^, and 12 ampere-minutes 

at 11.15 A-ft"2. 

In all cases, the cathode potential at the applied current 

density was also more negative than the nominal deposition potential 

for zinc ions in sulfate solutions. Theoretically, copper and zinc 

should have deposited simultaneously. 



TABLE XVI 

Cu-Zn Electrolysis at Constant Current 

Test Solution 

Current 

Dens i ty 
A-ft."' 

Ampere-

M i n. 

^cathode 
at 1=0 

^cathode 
at 1= 1 

Molar i ty 
Cu"1"1" 

Vol. 
ml 

Cu 

Content 

9 

Ama1 gam 
Pet. 
Wt. Cu 

Theor. Cu 

Depos i ted, 

9 

Cum. Pet. 
Current 
Eff i c i ency 

33.4 0 +0.374 +0.088 0.050 50 0.1590 0 0 _ 

9 +0.274 -0.853 0.017 50 0.0540 0.070 0.1775 59 
12 -0.629 -0.879 0.010 45 0.0286 0.083 0.2368 53 

18 -0.765 -0.932 0.002 40 0.0051 0.097 0.3553 41 

24 -0.804 -1.008 0.0005 35 0.00118 0.0992 0.4738 31 

22.3 0 +0.426 +0.216 0.050 50 0.1590 0 0 -

10 +0.250 -0.767 0.0085 50 0.0271 0.088 0.1975 67 

12 +0.235 -0.782 0.0050 45 0.0143 0.095 0.2370 60 

14 +0.217 -0.788 0.0008 40 0.00203 0. 102 0.2765 55 

18 -0.766 -0.828 0.0005 35 0.00118 0. 102 0.3555 43 

11.15 0 +0.373 +0.235 0.050 50 0.1590 0 0 -

8 +0.258 -0.7^9 0.007 50 0.0222 0.0910 0.1580 87 

10 +0.248 -0.757 0.0025 45 0.0072 0.0997 0.1975 76 

12 +0.235 -0.770 0.0015 40 0.0038 0.1015 0.2370 64 

16 

I  

-0.714 -0.785 0.0005 35 0.00118 0.1030 0.3160 49 

er\ 
vo 
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No zinc analyses were run, but the positive cathode potentials 

at zero current flow indicate no presence of zinc in the amalgam. It 

would appear that zinc was deposited before 12, 18, and 16 ampere-

minutes in the three tests. This is indicated by the change from 

positive Ecathode at ' = 0 va'ues to negative values. 

The current efficiency displayed by the three tests conformed 

to the principle of being inversely proportional to current density. 

Values of cathode potentials calculated, using the Revalues 

previously determined (see Figure 17) for copper amalgams in Equation 

2k, are listed with the experimental values in Table XVII. 

Conclusions - The potential measured during current flow at 

the interface of a cathode in contact with two different reducible ions 

is different from that measured in the presence of a single reducible 

ion. The adsorption of both ions at the interface changes the Helmholtz 

layer configuration and results in a modification of the potential 

measured. 

At zero current flow, the potential of a copper amalgam obeys 

the modified Nernst equation very closely (the anomalies in the calcu

lated cathode potentials are significant in three cases) when measured 

in the presence of copper and zinc ions if no zinc is contained in the 

amalgam. 

Care must be exercised in applying single metal nominal depo

sition potentials to multiple metal systems. 

Copper-Zinc Electrolysis at Optimum Current Density 

Because manual means were used to control the cathode potential 

during current flow, the technique cannot be termed constant potential. 
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TABLE XVII 

Experimental and Calculated Copper Amalgam Potentials 

at Zero Current Flow 

Amal -

A-ft2 
Amp.-
Mi n. 

^cathode 
Measured 

gam 
Wt. % 

Cu 

Ka 
(Fig.17) 

Solution 
Molari ty 

Cu42 
^cathode 

Calculated 
Error 
Vol ts 

33.4 9 0.27k 0.070 38.6 0.017 0.272 -0.002 

22.3 10 0.250 0.088 37.1 0.0085 0.261 tO.011 

22.3 12 0.235 0.095 36.3 0.005 0.253 +0.018 

22.3 14 0.217 0.102 35.7 0.0008 0.229 •0.012 

11.15 8 0.258 0.091 36.8 0.0070 0.258 0.0 

11.15 10 0.248 0.0997 35.9 0.0025 0.244 -0.004 

11.15 12 0.235 0.1015 35.8 0.0015 0.237 +0.002 
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Procedure - Fifty milliliters of 0.05 M copper sulfate and 

0.05 M zinc sulfate solution were placed in the cell containing a 150-

gram pure mercury cathode. 

Electrolysis was started at 5.57 A-ft"^ current density which 

resulted in a slightly positive cathode potential; the electrolysis was 

allowed to proceed for 8 ampere-minutes, or about the theoretical time 

for complete deposition of the copper ions from the solution; the 

solution was sampled for copper and zinc and the cathode potential 

measured at zero current flow. 

Electrolysis was started again and allowed to continue until-

the cathode potential suddenly soared to a very negative potential. 

The current density was reduced to 2.78 A-ft~2, which caused the cathode 

potential to revert to a positive potential. 

This procedure, current density reduction after the Ec, 1=1, 

soared, was continued until it was obvious deposition of zinc was 

proceeding despite the very low current density. A log of the test 

readings and procedure are given in Table XVIII. 

Experimental Results - The data for these tests are found in 

Tables XVI I I and XIX. 

Discussion of Results - Examination of the data indicates a 

high current efficiency for copper removal, and that zinc probably did 

not start depositing until after 8.975 ampere-minutes had elapsed. 

Calculation of cathode potentials using Equation 2h  and 

Figure 17 indicate slight discrepancies. 

The results indicate 97.5 percent depletion of the copper ions 

prior to the start of zinc deposition. 



TABLE XVIII 

Data Log for Cu-Zn Electrolysis 

at Optimum Current Density 

Current 
Dens i ty Ampere- ^cathode Ecathode 
A-ft 2 Mi nutes at 1 • 0 at 1 = 1 Remarks 

0 0 •0.433 -

5.57 0 - •0.169 

5.57 8.0 +0.257 +0.166 Sampled for Cu and Zn 

5.57 8.0 - -

5.57 8.2 - Soared 

2.78 8.2 - •0.186 

2.78 8.65 •0.254 Soared Sampled for Cu 

1.39 8.65 - •0.220 

1.39 8.975 +0.246 -0.682 Ec, I a 1, soared to value shown. 

Sampled for Cu. 

1.39 8.975 •0.187 Ec, 1 B 1, returned to value 

shown after zero current flow 

to read preceding value of 
E c ,  1 - 0 .  

1.39 9.00 - -0.658 Ec, 1=1, soared to value shown. 

0.95 9.00 - •0.212 

0.95 9.017 - Soared 

0.50 9.017 - -

0.50 9.044 - -0.055 

0.50 9.062 - +0.004 

0.45 9.062 - -

0 .k5  9.070 - -0.058 

0.45 9.09^ - -0.071 

0.42 9.094 - -

0.42 9.1315 - -0.084 

0.36 9.1315 - -

0.36 9.1575 - -0.130 

0.33 9.1575 - -

0.33 9.2235 - -0.245 

0.33 9.2535 - -0.407 

0.33 9.2835 •0.240 -0.496 Sampled for Cu and Zn 
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TABLE XIX 

Solution Analyses Cu-Zn Electrolysis 

at Optimum Current Density 

Samp 1e 
A-Mi n 

Solution 

Cu*2 
Molarities 

I n * 2  

Soln. 

ml 

Cu-% Cu-% 

Current* v Depletion** 
Efficiency of Solution 

0.000 0.050* 0 .050*  50 

8.000 0.0082 0.0507 44 84.0 83.6 

8.650 0.0043 - 43 90.0 97.2 

8.975 0.0029 - 42 87.5 97.5 

9.2835 0.00125 0.0486 42 84.8 97.7 

Calculated Values'0' 

Samp 1e Amalgam Sol n. Ec Ec Calc. 

A-Mi n % Cu(Hq) Ka*** Cu+2 M Calc. Expt11. Error 

8.000 0.0886 37.0 1 0.0082 0.260 0.257 •0.003 

8.650 0.1030 35.5 1 0.0043 0.250 0.254 -0.004 

8.975 0.1033 35.4 0.0029 0.245 0.246 -0.001 

9.2835 0.1035 35.3 ' 0.00125 0.235 0.240 -0.005 

JL 

Stock solution made from chemically pure chemicals; no analysis of 

the solution was made. 
JLJ, 

Corrected for solution sampling depletion. 

*** From Figure 17« 



Conclus ions - Careful control of the cathode potential will 

allow extremely high percent depositions of copper from mixtures of 

copper and zinc ions in dilute solutions. 

Copper-Iron Electrolysis at Optimum Current Density 

Procedure - The same procedure of reducing the current density 

when became very negative was used in the copper-iron elec

trolysis. A solution of 0.5 M CuSO^ and 0.5 M FeSO^ was investigated. 

Experimental Results - The data and procedure log are given 

in Table XX. 

Discussion of Results - The solution turned yellowish in 

color, deepening as the electrolysis proceeded; obviously, the ferrous 

ion was being oxidized in the system. 

Careful control of the cathode potential by current density 

adjustment resulted in quite an easy separation, and the electrolysis 

was not continued beyond a 95 percent depletion of the copper ions in 

the original solution. 

The highly negative cathode,potentials reported at 3.5 and 6.5 

ampere-minutes were reduced to a normal positive potential after the 

reading of the cathode potential. This accounts for continued electro

lysis at 27.8 A-ft~2 after several conditions of highly negative cathode 

potenti als. 

Conclusions - The primary reactions involving iron were 

undoubtedly the ferrous-ferric oxidation at the anode and the ferric-

ferrous reduction at the cathode. 

It may be concluded that a phase exchange took place during the 

time required to read the cathode potential at zero current flow. Iron 
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TABLE XX 

Cu-Fe Electrolysis at Optimum Current Density 

Current 

Dens i ty 

A-ft'2 
Ampere-
Mi nutes 

^cathode 
at I = 0 

^cathode 
at I = I Remarks 

0 

27.8 

27.8 

27.8 

27.8 

27.8 

27.8 

22.3 

22.3 

22.3 

16.7 

16.7 

0 

0 

3.5 

3.5 

6.5 

6.5 

10 .0  

1 0 . 0  

16.0 
18.0 

18.0 

24.0 

•0 .312  

•0.282 

•0.423 

•0.294 

•0.293 

•0.557 

•0.303 

•0.152 

Soared 

•0.100 

-0.978 

•0.187 

-1.068 

•0.192 

•0.227 

-0.837 

•0.284 

•0.282 

Analyses 

^c, I - I, soared to value shown. 

^c, 1=1, soared to value shown; 

sampled for Cu and Fe. 

^c, I = I, soared to value shown; 

sampled for Cu and Fe. 

Sampled for Cu and Fe. 

Samp 1e 

A-Mi n. 

Solution 

Cu+2 
Molari ty 
As Fe*2 

Cum. % Current 

Efficiency 

0 0.05* 0.05* 0 

10 0.0185 0.0518 50.6 

18 0.0078 0.0514 37.0 

24 0.0049 0.0518 29.3 

4$ 
Initial stock solution made from chemically pure chemicals; no 

analysis was made of the solution. 
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deposited during the "soar" period exchanged with copper ions from the 

aqueous solution by the reaction 

Fe • Cu+2 = Fe+2 + Cu E° = +0.777 (27) 

It is apparent Equation 27 is the sum of the equations 

Cu*2 • 2e = Cu E° = +0.337 (28) 

and 

Fe * 2e • Fe+2 E° = *0.Mf0 (29) 

A combination of the reverse reaction of Equation 28 

Cu = Cu*2 • 2e E° = -0.337 (30) 

and 

2Fe+3 • 2e = 2Fe+2 E° = +0.771 (3D 

may be made to result in 

2 F e*3 • Cu = 2Fe+2 • Cu+2 E° - +0.43^ (32) 

Equation 27, indicating a more positive reaction than Equation 

32, dominates at the cathode when the current is not flowing. 

Iron-Zinc Electrolysis at Optimum Current Density 

Little hope was held for a successful separation of iron from 

zinc in sulfate solutions. Their respective nominal deposition poten

tials were determined in Part II to be 0.86 and 0.66 volts, but Hohn (15) 

states iron acts less nobly than zinc in amalgam formation. 

Procedure - A 50 ml sample of 0.05 M ferrous sulfate and 0.05 M 

zinc sulfate solution was placed in the cell containing a 150-gram pure 

_ O 
mercury cathode. Electrolysis was begun and remained at 2.75 A-ft 

except during periods of measurement of the cathode potential at zero 

current densi ty. 



Experimental Results - The data and procedure log, and analyses 

of the investigation are listed in Table XXI. This test also showed 

coloring of the solution due to the ferrous-ferric oxidation. 

Discussion of Results - Examination of the solution molarities 

indicates little or no change in the total iron ion molarity. The zinc 

ion molarity shows an'initial drop and then tends to rise again. 

Conclusions - It is concluded that the zinc ion was selectively 

deposited, but as the ferric ion concentration increased in the electro

lyte, zinc was oxidized out of the amalgam by the following reaction, 

2 Fe+3 • Zn = 2 Fe*2 • Zn+2 E° • •1.5^7 (33) 

It can be shown Equation No. 33 is formed by the summation of 

the two half reactions 

2 Fet3 + 2e = 2 Fet2 E° = +0.771 volt (3l) 

and 

Zn = Zn+2 • 2e E° = +0.776 volt (34) 

The resulting potential is plus 1.5^7 volts. Thus, the reaction would 

proceed at a cathode in preference to reaction No. 31 and the reaction 

Znt2 • 2e = Zn E° = -0.776 volt (35) 

because it is a more positive reaction. 

Another possible reaction is the combination of Equation 34 with 

the equation 

Fet2 t 2e = Fe E° = -O.kkO (36) 

to result in 

Fe*2 + Zn = Fe + Zn*2 E° = +0.336 (37) 

Again, however, Equation 33 is more positive and would predominate when 

sufficient ferric ion is present in the system. 



TABLE XXI 

Fe-Zn Electrolysis at Optimum Current Dens J ty 

Current 

Dens i ty 
A-ft-2 

Ampere-
Hi nutes 

Ecathode 
at 1 = 0 

^cafhode Solution Molari ty 
Current 

Dens i ty 
A-ft-2 

Ampere-
Hi nutes 

Ecathode 
at 1 = 0 

V Q t 1 1V VIW ^ 

at 1 = 1 As Fe*2 Zn42 

0 0 •0.53 - 0.0482 0 . 0 5 0 0  

2.75 0 - -0.824 0.0452 0.0500 

2.75 8 -0.708 -0.779 0.0488 0 . 0 3 1 3  

2.75 1 2  -0.718 -0.789 0.0472 0 . 0 3 1 3  

2.75 16 -0.718 -0.773 0.0482 0 . 0 3 4 7  

2.75 20 -0.719 -0.770 0.0482 0.0362 



The above standard potentials are used in lieu of the actual 

potentials which exist in the cell, for conditions did not permit the 

determination of the concentration of ferric ion present. 



PART IV 

Selective Stripping of Amalgams 

Introduction 

Although the original objectives of the dissertation investi

gation were accomplished, it was decided the selective removal of a 

single metal from an amalgam, mercury and two or three other metals, 

should be attempted. 

The purposes were to determine what levels of current density 

could be maintained while removing the least noble metal from the 

amalgam, and how much the concentration (in the amalgam) of this metal 

could be reduced before a second metal began to oxidize. 

The systems investigated were Cu-Zn amalgams and Cu-Sn-Zn amalgams. 

General Procedure 

Amalgams containing 0.079^6 percent weight copper were prepared. 

The cell circuitry was changed to make the amalgam the anode and to allow 

anode potentials to be measured. A preweighed, pure aluminum cathode was 

prepared by cleaning and degreasing. 

The copper amalgam was placed in the cell with fifty milliliters 

of strong zinc sulfate solution. Care was taken to maintain zero current 

flow. If tin was a part of the system, it was added at this time. Solid 

preweighed zinc metal was added, and the applied potential adjusted to 

maintain zero current flow. The final compositions of the amalgams are 

listed with the individual tests. 

The applied potential was reduced to obtain a current flow, 

anode potential readings were made at intervals, the cathode was care

81 
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fully washed, dried, and weighed at the same times electrolyte samples 

for copper and zinc analyses were taken. During weighing of the aluminum 

cathode, a platinum cathode was inserted to allow maintenance of zero 

current flow. 

Each test will be described individually with notations of 

special procedures. 

First Zinc Stripping Test 

Procedure - The procedure was used as described on a 75 percent 

zinc in copper-zinc compound (amalgam: 0.07946% Cu; 0.2385% Zn). 

Experimental Results - The data and procedure log are given in 

Table XXiI. 

Discussion of Results - The first oxidation of copper occurred at 

16.60 ampere-minutes, and the current density was reduced immediately. 

Difficulty was encountered in maintaining a positive potential 

in spite of the marked decrease in current density, and electrolysis was 

halted after 17.26 ampere-minutes had elapsed. 

Although no copper was apparent in any of the electrolyte samples 

and the appearance of the zinc deposit on the cathode was normal, a 

discrepancy was noted in the last weight of zinc deposited on the cathode. 

Theoretically, 0.0285-gram of zinc should have been deposited, but the 

actual weight was 0.0302 gram. 

Calculation of Eanocje at I = 0 (equivalent to Ecathocje, I = 

for a pure zinc amalgam corresponding to the same zinc metal content 

used in this experiment) resulted in the data listed as column No. 1 in 

Table XXIII. Column No. 2 lists the values from this experiment, and 
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TABLE XXI I 

First Zinc Stripping Test-Data 

and Procedure Log 

Starting Solution: 0.800 M Zinc Sulfate; pH 2.0. 

Amalgam: 75% Zn in Cu-Zn(Hg); 0.079^6% Cu; 0.2385% Zn. 

Current 
Density Ampere- ^anode ^anode 
A-ft~2 Minutes 1=0 I - I Remarks 

0 0 -0.75^ 
1 6 .  70 0 - +0.706 
1 6 .  70 1  . 2 0  - +0. 6 8 8  Decided C.D. was too high 1 • 

1 1 .  15 1  . 2 0  - •0.713 
1 1 .  15 1 1. 2 0  -0.7^0 •0. 6 7 6  Weighed cathode; sampled for Cu and Zn. 

1 1 .  15 1 1 . 2 0  - * 0 . 6 8 5  
1 1 .  15 1 5 . 8 0  -0.714 +0.488 Weighed cathode; sampled for Cu and Zn. 

11. 15 1 5 . 8 0  - + 0 . 5 0 2  
11. 15 16 . 6 0  - 0 . 7 1 0  -0.369 ^a, 1=1, changed rapi d1y to value given 

5. 57 16 . 6 0  - •0.358 

5. 57 16.70 -0.605 -0,381 ^a, lsl, changed rapi d1y to value given 

1. 11 16.70 - •0.338 

1. 11 16.80 - -0.253 

1. n  17.14 -0.655 -0.272 

1. 11 17.26 - 0 .640 -0.266 Weighed cathode; sampled for Cu and Zn. 

Analyses : Cathode 
Deposited-grams Cum. Ama1 gam 

Amp. Solution ^ Total Current Cu-Zn 

Min. M - Z n * ^  C u + 2 / f  grams Total Incr. Theor Eff.-% % Zn Phase 

0 0. 800 Neg. 7.9582 0 0 0 - 75. 0 y * € 

11. 20 0. 790 Neg. 8.1682 0.2100 0.2100 0.2215 94.8 62. 8 7 

15. 80 0. 795 Neg. 8.2560 0.2978 0.0878 0.3125 95.3 53. 0 £'• 7 

17. 26 0. 792 Neg. 8.2862 0.3280 0.0302 0.3410 96.1 if 8. 4 P' 

" Because of the high zinc content of the electrolyte, the analyses for 

copper were qualitative; 5 ml of electrolyte were mixed with 5 ml of 
strong ammonium hydroxide in a small test tube, and visually inspected 

for copper-ammonium complex. 



TABLE XXI I I 

First Zinc Stripping Test -

Potential Analysis 

Ampere-

Hi nutes 

% Zn i n 
Cu-Zn(Hg) 

% Zn 
Amalgam 

No. 1 

Calc. 
^Anode 

1 = 0 

No. 2 

Expt'l 

^Anode 
1 - 0 

No. 3 

A E 

Nos.1,2 

No. 4 

A E 

Fig.18 

0 75.0 0.2385 -0.766 -0.754 •0.012 •0.004 

11.20 62.8 0.1335 -0.758 -0.740 •0.018 •0.011 

15.80 53.0 0.0845 -0.753 -0.714 •0.039 •0.019 

17.26 48.4 0 .07k5 -0.751 -0.640 *0 .111  •0.034 



No. 3 theAE between columns No. 1 and No. 2. Column No. k lists theAE 

taken from Figure 18 for comparable percents zinc in copper-zinc compound 

of Cu-Zn amalgams and zinc amalgams. Although the magnitudes of theAE's 

are different, the trend is similar until the Figures for 17.26 ampere-

minutes are compared. At this time AE from Figure 18 is plus 0.03^ volt, 

and theAE of the experimental calculated values was plus 0.111 volt. 

Conclusions - It appeared as i f no copper was removed from the 

amalgam during the zinc stripping operation, but doubts were raised which 

made another test mandatory before definite conclusions could be drawn. 

Second Zinc Stripping Test 

Procedure - A procedure similar to that used in the First Zinc 

Stripping Test was followed. The starting amalgam was lower in zinc 

content, 60.1 percent Zn in the copper-zinc compound (0.079^5% Cu and 

0.1192% Zn). Samples of the cathode zinc were taken for spectroscopic 

analysi s. 

Experimental Results - The data and experimental log are shown 

in Table XXIV. A potential analysis is given in Table XXV. 

Discussion of Results - The sample of electrolyte taken at 4.70 

A-min. showed no measurable amount of copper present. The specimen 

taken of the cathodic zinc showed a trace of copper in the spectroscopic 

analysi s. 

At 5-30 ampere-minutes, the rapid change from positive to 

negative potential indicated the start of copper oxidation. However, 

after reducing the current flow to zero to measure the E^, 1 = 0, the 

anode potential reverted to a positive value when the current was 

reappIi ed. 
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TABLE XXIV 

Second Zinc Stripping Test -

Data and Procedure Log 

Starting Solution: 0.800 M Zinc Sulfate; pH 2.0. 

Amalgam: 60.1%, Zn in Cu-Zn(Hg); 0.07945% Cu; 0.1192% Zn. 

Current 

Density Amp.- ^Anode ^Anode 
A-f t"^ Min. 1 =0 1 = 1  Remarks 

5.57 0 -0.743 -

5.57 0 - +0.665 

5.57 4 . 7 0  -0.708 +0.452 We i ghed cathode; sampled electrolyte. 

1.1 1 4.7o - +0.543 

^Anode, 1.11 5.30 -0.651 -0.372 ^Anode, 1=1, changed rapidly to value shown. 

1.11 5.30 - +0.340 ^Anode, 1=1, returned to posi tive value 

shown. 

1.1 1 6.00 -^0.662 -0.361 Anode, 1=1, changed rapidly to value shown. 

1.11 6.00 - -0.321 ^Anode, 1=1, remained negative. 

1.11 7.10 -0.683 -0.372 We i ghed cathode; sampled electrolyte. 

Theor. Spectro- Amalgam Electro 

Amp.- Total Wt. of Wt. of graphic °/o Zn 1 yte 

Min. Appeara nee Wt. -qms. Zn Dep. Zn Dep. Analyses Cu-Zn(Hq) Cu Ana 1 

0 - 7. 403 - 0 60.1 Neg. 

4.70 Zn deposit 7-486 0.083 0.0925 Tr.of Cu 49.4 Neg. 

br ight .T 

4.70 - 7. 432 - - 49.4 -

7.10 Dark 7-481 0.049 0.Q474 Strong Cu 40.2 Pos. 



TABLE XXV 

Second Zinc Stripping Test -

Potential Analysis 

No. 1 No. 2 No. 3 No. 4 

Ampere-
Mi nutes 

% Zn in 
Cu-Zn(Hg) 

% Zn 

Amalgam 

Calc. 
^Anode 

1 « 0 

Expt11 

^Anode 
1 = 0 

££ 
Vol t 

A E 
Fig.18 
Volt 

if. 70 ksA  0.0777 -0.752 -0.708 •O.OMf *0.029 

7.10 k0 .2  0.0532 -0.7^7 -0.683 •0.064 •0.087 
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Again, at 6.00 ampere-minutes, the E^, J = I, changed rapidly to 

a negative value and remained negative after the current was reapplied. 

Electrolysis was stopped after 7.10 ampere-minutes. It was thought to be 

impractical to reduce the current density lower than 1.11 amperes per 

square foot. 

Examination of the cathodic zinc deposits indicated a visually 

pure zinc after k.~J ampere-minutes, although a spectroscopic analysis 

indicated a minute trace of copper. The zinc deposit examined after 

7.10 ampere-minutes was dark with a trace of metallic copper showing at 

the top of the cathode which was near the surface of the electrolyte. 

A spectrograph!c analysis quite naturally indicated a very strong copper 

1 i ne. 

Again, the weight of the final deposit of zinc was higher than 

theoretical, and the calculated data shown in Table XXV indicate the same 

anode potential discrepancies as in the previous test. 

Conclusions - It appears the limit of the stripping of zinc from 

this Cu-Zn amalgam was reached after the amalgam reached a concentration 

of kS.k percent Zn in the Cu-Zn compound. The First Zinc Stripping Test 

showed the anomolous cathodic zinc weight at k8.k percent, and it may 

now be concluded that a small amount of copper was oxidized at the anode 

but in such small quantities as to be unnoticed so far as electrolyte 

concentration or cathodic zinc appearance was concerned. 

The (3'-phase indicated in Figure 18 is about the limit for 

stripping and corresponds approximately to k7 to 50 percent zinc in the 

Cu-Zn compound. This would indicate that as the a-phase composition is 



approached in stripping, the activity of the zinc is decreased, causing 

the difference between the oxidation potentials of the copper and zinc to 

be reduced. When the potential of the anode becomes sufficiently positive, 

copper and zinc are oxidized simultaneously. 

Further reduction in the level of current density would un

doubtedly allow more complete stripping of the zinc in the amalgam, but 

it would prove impractical from an application standpoint. 

Zinc Stripping Test (from Cu-Sn-Zn Amalgam) 

A test utilizing tin to form a ternary system within the amalgam 

was carried out to parallel the First Zinc Stripping Test. 

Procedure - An amalgam containing 0.765 percent Sn, 7^.5 percent 

Zn, and 24.735 percent Cu in the Cu-Sn-Zn system was formed to correspond 

to 75 percent Zn in the Cu-Zn compound. A procedure similar to that of 

the First Zinc Stripping Test was followed. 

Experimental Results - A data and procedure log is given in 

Table XXVI. Analyses and calculated data are shown in Table XXVII. 

Discussion of Results - The Eanode at * = * became less positive 

sooner in this test than in the comparable First Zinc Stripping Test 

using a copper-zinc amalgam. The current density, of necessity, was 

reduced at short time-current intervals to compensate for the change 

i n E/\, I = I. 

The potential did not drop as much in this test as in the First 

Zinc Stripping Test. The reason became obvious at 15.50 ampere-minutes, 

when the solution became slightly murky. A precipitate, probably a tin 

oxide or sulfate, was forming at the anode. 
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TABLE XXVI 

Zinc Stripping Test (from Cu-Sn-Zn Amalgam) -

Data and Procedure Log 

Starting Solution: 0.907M Zinc Sulfate; pH 2.0. 

Amalgam: 75% Zn in Cu-Zn(Hg); 0.0794% Cu(Hg); 0.2380% Zn(Hg); 
a0025% Sn(Hg); 24.8% Cu, 0 .78% Sn ,  and  74 .42 / 0 Zn  in 
Cu-Sn-Zn ternary system. 

Current 
Dens i ty 
A-ft-2 

Amp.-
M i n. 

^Anode 
1 =0 

^Anode 
I  =  1  Remarks 

0 0 -0.756 -

16.70 0 - +0.540 

16.70 1.20 -0.754 +0.598 

11. 15 1.20 - +0.661 

11. 15 1 1.20 -0.739 +0.642 Weighed cathode; sampled for Cu and Zn. 

1 1. 15 1 1.20 - +0.685 

11.15 15.00 -0.710 + 0 . 1 9 8  Weighed cathode; sampled for Cu and Zn. 

5.57 15.00 - +0.488 

5.57 15.30 -0.699 + 0 . 1 6 6  

2.79 15.30 - +0.505 

2.79 15.40 -0.679 + 0 . 1 7 8  

1.11 15. AO - +0.625 

1.11 15.50 -* +0.213 Solution murky; 
dropped cathode 

sampled for Cu and Zn; 
in amalgam anode. 
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TABLE XXVI I 

Zinc Stripping Test (from Cu-Sn-Zn Amalgam) 

Analyses and Calculated Data 

Cathode 
Zinc Deposited - Grams Cum. 

Total Current 
Sol u t ion 

A-min. Mt.-g. Total Increment Theor. Eff.-°/0 Zn-M Cu 

0 8.0440 0 0 0 - 0.907 Neg. 

11. 20 8.2458 0. 2018 0. 2018 0.2215 91.2 0.907 Neg. 

15.00 8.3057 0. 2617 0. 0599 0.2965 88.3 0.913 Neg. 

15.50 - - - - 0.913 Neg. 

A-m i n. 

% Zn in 
Cu-Zn(Hq) 

Phases 

Cu-Zn 
i n °/0 Zn in 

Cu-Sn-Zn 

°/0 Sn in 

Cu-Sn-Zn 

% Cu 

Cu-Sn-i 

in Phases 

Zn Cu-Sn-Zn 

0 75.0 7 + < 74.42 0.78 24.80 7 + e (?) 

11. 20 63.3 7 62.69 1.11 36.20 7 (?) 

15.00 57.5 P1 + 7 56.78 1.28 4 1.94 7 + P(?) 

* 
Because of the high zinc content of the electrolyte, the analyses 

for copper were qualitative; 5 ml of electrolyte were mixed with 
5 ml of strong ammonium hydroxide in a small test tube, and visually 

inspected for copper-ammonium complex. 



Unfortunately, the final weight of cathodic zinc was not obtained 

because of an accidental dropping of the cathode into the anode amalgam. 

Conclusions - The use of tin to form a less stable phase in the 

stripping of zinc Cu-Zn amalgams resulted in an unfavorable condition, 

for the oxidation of tin occurs at an anode potential nearer that of 

zinc than does the oxidation of copper. 



GENERAL SUMMARY AND CONCLUSIONS 

There are numerous factors to consider in attempting to separate 

individual metals from dilute aqueous solutions containing several metal 

ions. The effects of ionic concentrations at both the anode and cathode 

coupled with the reaction response at critical electrode current densities 

are very important. The differences in reduction potentials of metal 

ions as functions of the energy requirements for the reduction of the 

ions and the dissociation of complexed or hydrated ions must be known 

along with the reactions which may occur due to the presence at the 

cathode of oxidation products generated at the anode. 

The relationship of hydrogen overvoltage to metal reduction 

potential is another factor which must be considered. Although the 

hydrogen overvoltage is high at a mercury cathode, the hydrogen over-

voltage at an amalgam cathode has not been studied. Logically, it may 

be assumed the hydrogen overvoltages at amalgam cathodes would be lower 

than at pure mercury cathodes and higher than those apparent at a pure 

solid metal cathode. 

The investigation, using a proven technique, determined the 

nominal reduction potentials of a number of metal ions utilizing pure 

mercury cathodes. The potentials determined may be used as a guide to 

the electrolytic separation of different metals from dilute solutions 

of their ions. The potential values are not absolute values. 

The electrode potentials determined at various solution concen

trations vary depending upon the concentration of the reacting ionic 
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species and the current density. The amalgam cathode potential also 

varies with the amount of metal dissolved or suspended in the mercury. 

Amalgams consisting of mercury and other metals were studied, 

and empirical constants determined which allow the expression in the 

Nernst equation of the metal concentration in mercury as weight percent. 

Similarly, a constant relating the change in molarity of zinc sulfate to 

the changes in activity of the zinc ion was determined for inclusion in 

the Nernst equation. 

If two metals in addition to mercury are present in an amalgam 

cathode, an understanding of the phase relationships of the possible 

binary or ternary systems existing in the amalgam must be fully under

stood. Unfortunately, the solid state configurations of metallic alloys 

are not known at room temperature for most alloys previously investigated 

because they were formed at much higher temperatures and, consequently, 

are not at equilibrium at room temperature. Experimental evidence 

presented in this paper allows the conclusion alloys may be formed by 

two or more metals in an amalgam, and equilibrium will be attained at 

room temperature. 

The electrolysis of dilute solutions containing two metal ions 

allow the separation of the metal having the more positive (or less 

negative) deposition potential. Careful control of the cathode potential 

is necessary and the influence of ions generated at the anode have been 

noted. The formation of ferric ion at the anode in the electrolytic 

deposition of zinc from a solution of zinc and ferrous sulfates resulted 

in the oxidation of deposited zinc out of the amalgam during electrolysis. 

It is suggested each system of metal ions to be investigated for 



possible separations can be most effectively interpreted by a compre

hensive study of the individual amalgams and single metal ion solutions 

prior to actual attempts at separations. Anode potentials and possible 

anodic reactions which may interfere with cathodic reactions should be 

i nvestigated. 

Several of the techniques used in the investigation should be 

applied to other areas of research: 

1. Solubilities in mercury of relatively insoluble metals 

can be determined by careful amalgam preparation and 

potential measurement at zero current flow. 

2. It is felt the free energies of formation of intermeta11ic 

compounds may be determined by investigation of the change 

in potential of the compound in mercury as compared to 

the potentials of the individual metals in mercury, all 

at zero current flow. 

3. Removal of the mercury from amalgams containing several 

metals by extremely high vacuum techniques should produce 

powders of alloys of any combination of metals that may 

be either amalgamated or suspended in mercury. Neutron 

diffraction of the powders should indicate the degree, or 

at least the existence, of ordering in alloys about which 

ordering is predicted from theoretical considerations. 

4. Because of the indication of intermeta11ic compound 

formation in amalgams, a possibility for growth of single 

crystals of these compounds may prove feasible. 
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