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ii.
ABSTRACT

The oxidation of artificial cuprous sulphide electrodes

(Cu/S ratio = 1.93) was studied in acidified copper Sulphate
solutions in the temperature range 20 to 35° C. Rest potential
measﬁrements gave V° = 0.490 volts for the electrode or half cell
potential. This is within the limits of accuracy of V° for:

Cu,S ~—= Cus + cu™t + 2e V° = 0.535 + 0.13 volts
The discrepgncy was thought to be related to the large Cu deficiency
in the sulphide. In solutions with pH>4, the rest potential
measufements'were consistent with the following reaction:

Cu,§ + 2H,0 — Cus + Cu(OH), + 2H + 2e

2 2

Polarization measurements at low overpotential gave
values for the following kinetic parameters:
(2, the symmetry factor = 1/2

2\, the number of electrons involved in each act of the

rate determining step = 2
io' the exchange current == 2 x 1072 A/cm?
AH_*, the standard heat of activation = 26.5 kcal/mole

CuS was tentatively identified as one of the reaction

products. A reaction mechanism was discussed. -
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INTRODUCTION

The oxidation of sulphide minerals to recover metélé is
acéomplished on a commercial scale by both pyrometallurgical and
hydrometallurgical methods, examples of which are suspension
roasting, pressure leaching and anodic oxidation. Since 1954,
the International Wickel Company of Canada, Limited, has produced
nickel by a process in which cast nickel sulphide anodes are
oxidized in electrolytic cells.!r2+3 The success of this brécess
indicated that attempts should be made to apply similar techniques
to other sulphide minerals, so a preliminary study of the anodic
oxidation of cuprous sulphide and tin sulphide was undertaken.

The major portion of the study was devoted to cuprous sulphide and
is reported in this thesis. A summary of‘the work carried out

with tin sulphide is reported in Appendix A.

Cuprous sulphide is a compouﬁd semiconductor. The
electrochemical behaviour of elemental semiconductor electrodes
(e.g. Ge) differs from that of metallic electrodes because of
differences in conductivity and conduction mechanisms, and
because of the presence‘of a space charge layer in the solid at
the solid-electrolyte interface. These same effects probably
occur with compound semiconductor electrodes, but the background
theory is not well-developed and experimental data are virtually
non-existant. ‘The following sections review both the present
knowledge of the defect structures and conduction mechanisms in
the Cu-S system, and some thermodynamic and kinetic aspects of thé

oxidation of cuprous sulphide.



Physical Properties of Cuprous Sulphide

The Copper Sulphur Binary System

The standard copper-sulphur binary system““

is shown in
Figure 1. A more detailed drawing of the Cuy5-CuS portion of the
binary, based on data from Hansen“Y , Ruhl and Saur“?, Wagnerg;: :
and Buerger?®7, isvshown in Figure 2. These figures reveal the
three copper-sulphur compounds‘which ﬁave been identified: chal-
cocite or cuprous sulphide (approximately CujsS with two allotropic
forms -@& and  ); digenite (approximately CugSg); and covellite

or cupric sulphide (approximately CuS).

The phaée areas in Figure 2 are approximate only,
because limited data are available on this portion of the binary.
‘The o< - ® transformation in CuyS at 105°C is well estabklished,
and the point A on the (» CuyS-CugSg boundary at 400°C was determined
during electrochemical studies by Wagner and Wagner®. The
existence of digenite has been aﬁply confirmed**, but the nature
of the reaction or transformation occurring at 78°C is in doubt;
the_éhange is shown as the decomposition of digenite to form a
mixture of chalcccite and covellite, but it may well be a

transformation to an allotropic form.

The large miscibility gap and the limited solid
solubility of sulphur in copper (0.0005 weight % at 600°C“*) are

not unusual features of sulbhur—metal binary systems*.

* Binaries of S with Al, sb, Cr, Cu, In, Mn, Pd, Ag, Tl and Sn have _
large immiscibility gaps; those with Bi, Co, Fe, Ni, Se, Te and V
do not. The solid solubility of sulphur is extensive in Se (5-6
weight %) and Te (2-4 weight %), but very limited in all others.
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The Structure of the Copper Sulphides

The crystal structures of the three copper sulphides

are summarized in Table I, as recorded by Hansen

TABLE I

by

‘Copper Sulphide Crystal Structures

Chalcocité

oc & Digenite Covellite

Approximate composition CuySs CuyS ACugsS‘ Cus
Class orthorhombic hexagonal " f.c.c. héxagénal
Lattice Parametersv '

‘a o o 11.90 3.89 5.575 3.75

b A 27.28 ,

c 13.41 6.68 16.2

c/a 1.717 4,32
Atoms per unit cell 6 12
Formula weights per 96

» unit cell

Cuprous sulphide crystals consist essentially'of

"ﬁOnovalent copper ions and divalent sulphur ions. According to

,x-ray studies by Rahlfs5®, the coppér ions are distributed virtually

at randeiamong 2 large number of nearly eguivalent lattice sites,

with the degree of randomness increasing with temperature. The

sulphﬁrfions appear to be quite highly ordered in the latticese'sg.

Diffusion studies* indicate that the copper ions are quite mobile, -

" while in contrast, the sulphur ions are Virtually immobile.

f In the case of cuprous sulphide deficieht in cdpper

(which,appéars to be the normal situation?), the charge balance

* see reference 9,>p.1603



.I'.". 6~ 3
is méintained by the‘de?élopment of excéss electrons and éiécﬁfoﬁ
holes. The several species which exist in the cuprous sulphide
aré:

cut: monovalent copper ion in a more or less. random
distribution.
divalent sulphur ion, in more or less reguléﬁ:lattice
'posiﬁions.  
cu'®: electron holé —:a cﬁprbus‘ion which has given up one
v _ v

electron i.e. a cupric ion.

© : excess electron - an unattached electron.

Powarennych5? reviewed various crystallographic studies
of the copper sulphidés, and stated that the correct formulae of

the various compounds are as follows:

chalcocite Cu+25
digenite CufBCu+@SS
covellite* ' Cu+2Cu+®S3

. Conductivity of Cu,S

‘Hirahara®2/63 measured the ionic and electronic
conductivity of CujyS at various temperatures, and his results

are. summarized in Table II.

* This formula for covellite requires the presence of a second
sulphur species 57, to maintain charge neutrality, viz:

(2cut) (Cut®) (s¥) (s7,)



TABLE II

Conductivity of CuyS

Temperature Ionic Conductivity FElectronic Conductivity

°c . ohm~! cm™! ohm~! cm—!
25 ~~ 0 55

100 ~ 0 62

150 , 0.0031 10

200 0.0144 13.1

300 0.08¢9 14.0

400 0.20 15.7

It is concluded that ionic conductivity is of little significance

below 150°C.

Wagner and Wagner? studied cuprous sulphide in a solid
state cell

Cu graphite ceeas (1)

|
CuBr i' CuyS

and found that the stoichiometry of the sulphide strongly in-
fluenced the conductivity. Some of their results at 400°C are

summarized in Table III.

TABLE III

Electronic Conductivity of CuyS at 400°C

Cu/S Ratio Cell Potential Electronic Conductivity

\Y ohm~1! cm—!
1.9996 0 0.3
1.2992 0.05 0.5
1.9975 0.10 6
1.9935 0.15 70

1.98 0.20 170
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Their experiments also showed a strong dependence between the Cu/S
ratio and the cell potential, and the following is a simplification

of their interpretation. For Cu S, x©8° and (x cut®)° are the

2.000
concentrations of excess electrons and cupric ions; Wagner and
Wagner calculated
x 8° = (x Ccut®)e < 3.5 x 10~%/per unit S .....k2)
If Cu is removed from the CuyS by the following reactions:
Cu+CuXS _——*’Cu+CuBr ' _ eeoese(3)
Ocuys — egraphite ..... (4)
and the charge neutrality in the Cu,S is maintained by the
followihg reaction:
| Cutoyys — Cut®ey g +  Ocuxs: cerea(5)
then th¢ net reaction is ,
2Cu+CuXS —»—Cu+$¢uxs + Cutcupy + ©graphite .....(6)
Thus, as the Cu/S ratio in CuyS drops, there is a net increase
in the concentration of electron holes and no net increase in the
concentration of excess electrons in Cu,S. As the latter value
is small to start with, the result is a corresponding decrease in
the number of mutually annihilatory collisions between excess
electrons and cupric ions, viz:
| cu*® + & —» Cut ceees(7)
so the mobility of Cut® incr:ases as well as the concentration.
The conductivity is a function of both the mobility and concen-

+®

tration, so the conductivity of Cu 7, and in turn the cell

potential, increase as the Cu/S ratio drops.

The influence of stoichiometry on cell potentials would
probably be similar when a liquid electrolyte replacesvthe solid
state CuBr electrolyte. No reference to this situation could be

found.



-The Effect of Semiconductivity of Sulphides
on their Electrochemical Behaviour

Semiconductors in general and compound semiconductors
in particular differ from metals with respect to their potentials
and potential distributions in two important ways:

(a) The electrochemical potential of electrons in a
compcund semiconauctor can be varied over a wide range by the
addition of suitable impurities* and, as previously noted, by
changes in the stoichiometric ratio. For example: a£ 400°C, the
elecﬁrochemical potential of Cu in cuprous sulphide changes by
about 125 millivolts when the Cu/S ratio changes from 2 to 1.9967%;
and at room temperature, the electrochemical potential of the
electrons in Ge changes by about 60 millivolts with the addition
of 3 x 10l% atoms/ccféf_As.

(b) Thé dielectric constant of moét semiconductors is
in the range of 10-20, while that of the metals approaches zero
by definitién;' This factor, coupled with_ﬁhe lower free carrier
density i.e; lower conduction electron concentration, enables

semiconductors to support extensive space charges.

 'When a metal forms the two plates of a condenser, the
poﬁentiél is uniform throughout the bulk of each plate up to a
pbsition:very near the surface, so the potential difference .
'betWeéh the two plates is essentially the same as that between
»ﬁhé_éﬁrfaces of the two plates. However, when a semiconductor is

msdgﬁdhe plate of the condenser, a substantial portion of the

~ * Examples of suitable impurities: cations of different valence
to normal cations, e.g. Li* and Al*** in NiO; and anions of
different valence to normal anions, e.g. Cl™ in O lattice.
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potential difference may occur within the semiconductor because
the space chérge has established a non-uniform potential dis-
tribution in the semiconductor. The internal space charge is equal

but opposite in sign to the surface space charge.

The situation at the semiconductor-electrolyte inter-
face is generally the same as that at a metalnelectrolyte_interface,
with the exception of the added influence of the space charge.
Usually, the space charge is only of significance in cases when
the surface of the electrode has been preferentially concentrated
with donor or acceptor atoms!S5, The space charge layer has a
thickness of 100-10,000 R in most semiconductors. The Helmholtz
double layer (the region between the electrode and the plane of

closest approach of ions in the electrolyte) is about 3 A.

Thermodynamics of Oxidation of Cu,S

The use of potential/pH;diagfams to show the regions of
thermodynamic stability of various species in aqueous solutions
has been well developed, particularly. by Pourbaix and his school?7r%3,
Diagrams have been constructed for aliﬂthe metal-water systems,
and for a number of three-component systems. Horvath and Novak"®
published a diagram for the copper-sulphur-water system (Figure 3)
which is useful in the study of the effect of S on the corrosion
of Cu. They have simplified the system by ignoring all metastable
sulphur-water forms, a simplification which appears necessary
after examining the complexity of the sulphur-water binaries

constructed by Valensi?®,
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A somewhat different diagram has been constructed
(Figure 4) starting with Cu,S rather than Cu metal. No sulphur
forms other than S are shown on the diagram, even though SO4= is
thermodynamically stable (see Table C-II, reactions 6 and 12).
The SO4= regions have been omitted because the reactidn

S + 4H,0 —p S04~ + B8H' + 6e” cee.s(8)
is éxtremely slow, and thus probably unimportant in the electro-

chemical oxidation of Cuzs.

Chemical Oxidation of Cuprous Sulphide

Warren"*?® studied the acid pressure leaching of three
copper minerals - chalcopyrite, chalcocite and covellite - under
the following conditions:

temperature: 100-200°C

pressure: 10-350 psi
acidity: 20-50 gpl H,S0,
Pog: 10-80 psi.

He concluded that a two-stage mechanism was operating in the
oxidation of cuprous sulphide, implying that the reactions were:
CuyS + 1/2 0z + 2EY s Cu*t + Cus + H,0 i (9)
Cus + 1/2 03 + 2B —»cutt + 5 + H,0 ceen. (10)
On the basis of reaction rate measurements, hercalculated the
activatioﬁ energies of the rate-controlling steps of the two

reactions to be 6.6 and l;éfical/mole, respectively.

Sullivan®? studied the oxidation of chalcocite by
ferric sulphate in neutral and acid solutions at temperatures up

to 50°C. He noted that little or no elemental sulphur was found
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in the reaction products until approximately one-half of the
copper in the cuprous sulphide had gone into solution. He concluded
that the reaction proceeded in two steps:
Cu,S + Fe, (S80,)3 —»CuS0,4 + 2FeSO4 + CuS (fast) sesss (11)

CuS + Fe2(804)3 —» CuS0y + S + 2FeS0y (slow) seees(12)

Electrochemical Oxidation of Cuprous Sulphide

Noddack and Wrabetz!!r!2 and Sato“®:*7 studied the
behaviour of several sulphide electrodes, including cuprous and
cupric sulphide, as part of geological investigatjons of sulphide
ore bodies*. They noted that the rest potentials {i.e. open
circuit pétential) of the Cu,Ss and CuS electrodes were independeat
of pH and (804¥) in acid solution, but were dependent on (cutt).
Sato concluded that the potential-determining reactions were for
the CuyS and CuS electrodes respectively:

CuyS —=-Cus + cutt + 2e” eesveos(13)

4 0s + 2e” cene. (14)

CuS — Cu
Experimental values are compared in Table IV with those calcu-

lated from free energy data. .

TABLE IV

Rest Potentials for Cu,S and CuS Electrodes at 25°C

Electrode Potential, V (NHS)
Electrode Noddack and _
Sato“?7 Wrabetz!l!s/12 cCalculated

Cu,S  0.504 0.47%% 0.535
(+0.13)
cus 0.567 0.58%* 0.588
(+0.13)

* Their results are summarized and discusBed briefly in Appendix D.
** Noddack and Wrabetz performed their experiments at temperatures
other than 25°C, and usually at 18°C. The difference between
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In basic solutions, tﬁe potential was a function of pH,
presumably because of the hydrolysis of cutt, viz: |
cutt + 21,0 = cu(on), + 2nt ce...(15)
The resulting overall reactions are, for the CuyS and CuS electrodes
respectively:
Cu25 + 2H20—%~Cu8 + Cu(OH)Z + 2ut + Zé" ceees(16)
V = 0.802 - 0.0591 pH
CuS + 2H,0 - Cu(OH), + S° + 2HT + 2e~ ceess (17)

V = 0.862 - 0.0591 pH.

Sato suggested that the potential-determining reaction

for the Cu,S electrode may involve digenite:

5Cu,S —= Cutt + CugSg + 2e” ceees(a)
CugSs —= 5Cus + 4cu*t + ge” cee..(b) (18)
Cus —s Ccutt + s + 2e” veeas(C)

le postulated that the 0.031 V difference between his experimental
value and the calculated value of the electrode potential

(Table IV) might be due to reactions (18 a) or (18 b) being
potential~determining. Howevef; the accuracy of the thermodynamic
data from which the electrode‘potentials were calculated is such
that a difference of 0.031 V is rnot unreasonable (see Tables IV
and C-II). Furthermore, stoichioégﬁric deviations have a
significant effect on the electrodé.potential; Sato did not report
the analysis of his électrode, but it may have had a lafge Cu

deficiency which could have altered the electrode potential. No

(cont'd from p.l4) V°, the electrode potential, calculatéd”ét 18
and 25°C would only be about 0.005 V for most electrodes®?, so no
correction has been made.
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thermodynamic data are avallable for digenite. It would appear,_
then, that direct observatlon of the reactlon products 1s necessary-‘
to resolve the nature of the:potentlal—determlnlng reactlon‘

uneguivocally.

During their study of the oxidation of nickel. sulphide
electrodes, Renzoni et all briefly examined the oxidationfoff
cuprous sulphide, and suggested that the mechanism involved the

following steps'

cuzs — Cu 4+ Cus + e” o o ;;",_;"..(a')"._t'
cut = cutt e A E RPN ) B 6 KD
cus —= cutt + s+ 2e L ., ' ...;,.(c)

However, no rest potential measurements were reported; Their~u'

identlfication of CuS as an intermediate reactiOn productlappears
plausible,Pbut no support»is~giVen for their selectiOn of"Cu+ as
the 1n1t1al aqueous ion. .The'final reactionhproducts were.stated

to be Cu++ and S.

© Aylenbl determlned the rest potentlal of a Cuzs

electrode to be 0 477 V in acid copper sulphate solution at 25 c.

| When they ox1dlzed ‘the nlckel sulphide and copper
sulphlde anodes, .. Renzonl et al1 noted that the nickel and copper
dissolved in the electrolyte solution leav1ng an essentially
intact structure of SUlphur, an observation which is cOnsistent
w1th the sulphlde structure descrlbed earlier (i.e. stable
sulphur lattlce, moblle Cu atoms) In the commercial nickel-

sulphlde process, the anodes are placed in porous bags during
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electrolysis to prevent the contamination of the electrolyte with
'“sulphur.- A number of métals,iparticularly selenium, remain with

the sulphur sludge and are recovered in a subsequentiproceés[

. General'Discussibn of Electrode Kinetics

The rates‘qf electrode reactions caﬁ most'cohvéniéntlyfl
be followed by measuring the current density as.a funétioh of
'_the electrode potential; The resulting relationship, when plotted,
is called é polarizaﬁion cﬁrve. If it is possible to minimize
extréneouS'diffusiOn and thic effects (éee Appendix D), then.the
polarization curveé can be analysed to aid in determining thé

- electrode reaction mechanism.

ithppendix E, a derivation of several important

polarization relationshipé is presented. Two of these are stated

below:
for an activation-controlled reaction, when
2.303 RT" (i.e. GO >~ 20 mV)
W o> L2E2 o .
: AT+
then ' ) .
In iy = 1n ig + (I-B)AF w ceee.(20)
. for an activation-controlled reaction, when
| . 2.303 RT  (i.e.l) £ ~-20 mV)
QO L0V 0 -
| : < N>
~then .
iA = io ./\\’:)_ (6] ‘ R (21)
- RT S T
- where
@y o= Ovéfpotential
ip = Net anodic current density

i

Exchange current

ig.



2 = Activation barrier symmetry factor
A = Stoichiometric factor

ks = Faraday constant

R = Gas constant

T = Absolﬁte temperature

In the rest state, a potential is developed at the
electrode-éolution interface which is consistent with the chemistry
of the two phases, solid and solution. Although there is almost
certainly a flow of electrical charges in both directions across
the anode-soclution interface in the rest state, there is no net
flow in one or other direction; i.e. the current is the same in
both directions, thus maintaining the electrical neutrality of the
system. The current density in both directions across the solution-
solid interface in the rest state is called the exchange current*,
Table V lists values of the exchange current for various electro-
chemical reaction; the data for anodic dissolution of metals or
compounds are very meagre. A simple description of the exchange
current is that it is a measure of the relative ability of the
electrode to take part in the particular electrode reaction. For
the case of hydrogen evolution on metal cathodes, Bockrisl® has
pointed out that there is a strong relationship between iQ, the
exchange currént, and q) , the thermionic work.functign;-wheré’ﬁ):‘
is a measure of the ease with which electrons.leave the metal;

the greater q) , the greater io.

* For héterogeneous reactions, the current will be equivalent
- to an apparent current density.
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TABLE V

Values of the Exchange Current for Various Electrochemical Reactions

Exchange Current

Situation ig A/cm? at 25°C Reference
Metal Dissolution:
Cu/Cu++ in 1 M CuSO,* 1 -2 x 10-3 32
Fe/Fett in 1 M FeS0y (OH™) dependent 33
Metal Deposition:
Cu on Cu from 1 M CuSO4* 2 x 10°53 : 14
Fe on Fe from 1 M FeSO, 10-8 14
‘Hydrogen Evolution:
on Au in 1.0 N Hcl 1075 - 1076 14
Cd in 1.0 N Hcl 107 14
Hg in 0.1 N Hcl 5 x 10713 14
Pb in 0.1 N Hcl 2 x 10-13 14
Pt in 1.0 N

Hel 10-3 14

-Oxygen Evolution: o . :
- on Pt in 0.1 N HyS0, 2 x 10-10 14

Fett - Fett+ redox system in
sulphate solution on Type 304 4.5 x 10~8 21
Stainless Steel

* These results are anomalous; the ig values should be the
- same for the same concentration of Cu*t*, all other factors
‘being equal.

The symmetry factor, @ , indicates the portion of the
overpotential which is actually operating betweeh the initial
-point of £he reaction and the peak of the energy barrier existing
between the.initial and final state. This is the important region
along the reaction path, for once a reacting species passes éver
the peak of the energy barrier, it requires no further driving
force to reach the final state. Although it ié convenient to
think of the energy barrier'as haﬁing a physical shaéé, this is’

not nedessary for a ermal development of the rate expressions;
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the term @ can be considered to be dnly a mathematical con-
venience, a number between 0 and 1. Quite often, @ has the value
of 1/2 and in these cases, the energy barrier, regardless of the

interpretation of its physical shape, is truly symmetrical.

The stoichiometric factor A 1is a two-component factor:
A= n/y cees.(22)

where n is the number of electrons.involved in the overall
electrode process, and Y is the number of times the rate
.determining step occurs while the overéll reaction occurs once.
Then A is the number of eléctrons involved in one act of the rate
determining step. If reasonable data are available and can be
treated by the mathematical methods described above, some infor-
mation on the nature of the electrochemical reactions should be
revealed upon determination of the parameters A , n, @> and ¥ .
Such data can be used further in someicases to give the heat of

activation. Hurlen3%,35 developed a formula for determining the

standard heat of acﬁivation, AHg*, for reactions where @ = 0.5,
viz: |
AHG* = 2.303 R d log (Jo/T) + _1 AH, cee..(23)
d (1/T) 2V

where

AH,* = Standard heat of activation

R = Gas constant

Jé = Standard ekéhahge current density.(see~AppendigéF)

T = Absolute temperature o

AHO - Standard heat of reaction



Object and Scope of Present Work

Cuprous sulphide electrodes were prepared and both rest
potential and polarization measurements were obtained in various

solutions.

The rest potential measurements have been analysed to
provide a value for the electrode potential V° for cuprous sulphide,
and the discrepancies between this value, that calculated from

free energy data, and that determined by Sato have been- discussed.

Most of the polarization measurements were made at low
values of the overpotential between 20 and 35°C as this region
‘provided the only reproducible results. Certain kinetic parameters

were calculated.

The results are reviewed in terms of possible reaction
mechanisms, and the additional data required to differentiate

~between the several possibilities are discussed.



APPARATUS AND EXPERIMENTAL PROCEDURES

The Electrolytic Cell

The eiectrolytic-cell used in this work (Figure 5)

" consisted of a 4-liter pyrex beaker with a close fitting 1lid and
contained three eléctrodes - anode, cathode, and reference -, a
glass stirring rod driven by a variable speed motor, a gas inlet
and a thermometer (range: -1 to +101°C in divisions of 0.1°C).
The cell was placed in a 20 liter water bath heated by an electric
coil and cooled when necessary by either tap water in a copper

coil or ice cubes. The temperature was controlled within +0.1°C

by a Philadelphia Microset Controller in series with a Merc-to-Merc

relay switch.

A nitrogen atmosphere was usually maintained in the cell
to minimize oxidation by O,. Commercial grade N, was purified by

A'passage through a chromous.sulphate solution.

Measuring Circuit"

A simple potential- ana cﬁrrent—measuring circuit (Figure_G)'
was used. Potentials were impressed across the anode and cathode. o
using three 2V lead-acid batteries in series and a slide wire
rheostat as a potential divider. The potentials between the |
- various electrodes were measured by a Pye potentiometer and an
auxiliary mirror gélvanometer. The poténtiometer had three ranges -
' 0—0701799 vV, 0-0.1799 Vv and 0-1.799 V. Cur;ents up to one mA were

measured with an RCA ultra-sensitive DC micro-ammeter (full-scale

rovement = 0.5 V); after calibration with the potentiometer, the
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accuracy of the unit was about +2% of the full-scale reading.
Currents above one mA were measured with a Heathkit Multimeter
with an accuracy of about +2% of the full-scale reading (most
measurements were taken on the.150 mA range, so the accuracy in

- this case was about +3 mA).

Anodes

The:cuproﬁs sulphide anodes were prépared by direct
combination of copper and sulphur in a clay crucible at 400°C.
The resulting sulphide was placed in a graphite crucible,melted in
a gas-fired furnace at about 1130°C and cagé into 1/2" x 3/8" x 2"
pieéesa After solidifying, thg sulphide was held at about 100°C
for one hour to prevent cracking due to rapid cooling through
crystallbgraphic transformation temperatures. The material was

analysed to determine the stoichiometry.

A piece of silver foil was cut to fit one side of fhe
cast sulphide and a length of copper wire waé soldered to the
silver. The silver foil was pressed firmly against the sulphide
surface and the combination was mounted in Moldpac* so that only.
one surface of the sulphide reméined exposed. This surface was
polished by standard metallographic techniques (Figure 7) and

then placed immediately in the electrolytic cell.

* "Moldpac" is a tepair acrylic {manufacturer: Motloid Company,
Chicago, Ill.) which is virtually insoluble in acid solutions.



Figure 7.
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Other Electrodes

The cathode of the working cell was either a standard
analytical platinum gauze electrode or a plafe of copper. ‘The
reference electrode was a Beckman standard saturated calomel
electrode mounted in a Luggin capillary tube. The coﬁstruction
of the latter was based on the design proposed by Piontelli?3, a
design which allows the reference electrode to be in contact with
the‘solution immediately adjacent to the anode (see Figure 5).
The potentials exerted by the reference electrode at several
temperatures are shown in Table VI, as calculated from the following
half-cell relationship!7’:

Hg, Hgjycl,(S), saturated Kcl

E =-0.2415 + 0.00076(t -25) ceonra(24)

TABLE VI

The Potential of the Saturated Calomel Electrode

‘Temperature, Oxidation Potential Electrode Potential

°C €, volts (NHS) VvV, volts (NHS).
20 -0.2453 0.2453
25 ° ‘ -0.2415 0.2415
30 ~0.2377 , 0.2377
35 -0.2339 : 0.2339

Solutions
Stock solutions of CuSO,4, H,50,4, MgSO,, NaHSO4 and HclOy
were prepared from either reagent grade chemicals or known standards,

analysed, and diluted with distilled water to provide experimental
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soiutioﬁs of the required concentration. The following analytical
teohniques were used: for cutt, electrolytic recovery of Cu; for
H+, potentiometric titration with boric acid; and for S, the Eschka

procedurebt,

Rest Potential Measurements

The test solution was prepared and allowed to come to
the de51red temperature under stirred conditions. Nitrogen was
’passed through 1t for several hours before the electrode was
1nserted. After being polished and cleaned with ethanol the
electrode.was inserted and the Luggin caplllary adjusted.to be

»'in immediate contact with the electrode surface.

Potential‘measurements were made intermitteﬁtlY‘over-a
period ofAhoursm In the .early tests, potentials were measﬁted'
for a period-ofb40?50 ﬁours, but as the readings were very con-
sistent, latet measurements Qere terminated after a period of -

t10~20 hours.

The electrodes were connected to the measuring
potentiometer only at the time of measurement to minimize the
opportunity for stray cutrrents from various sources to act on the

'electrode,_

Polarization Measurements

The electrode and solution were“prepared as before.
- The applled potential was varled 1ncrementally by use of the slide

wire rheostat, and the electrode potential and cell current were .
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measured. With overpotentials of up to 50-100 mV, the réadiﬁgs
were very stable; at highe;_ovetpotentials considerable variation
was noted. At low §§erpo£entials, a time of abouf 1 minute was
allowed at each botential'setting to determipe if there was any
noticeable fluctuation. If no fluctuation was noted, the |
poteﬁtial was- then increased; if a fluctuation wés noted, it was
followed for several minutes or until a steady'condifion wés

attained.

At the conclusion of some of the polarization runs,
the sgrface of the electrode was observed under the microscopé,_
'féhd a portion of the corroded electrode was ahalyséd chemically

and -studied by x-ray methods.



RESULTS AND DISCUSSION

Analysis of Cu,S _

Chemical analysis of the cuprous sulphide gave the
following results:

Cu = 78.5 +0.2 wgt. %

S = 20.5 +0.4  wgt. %

Atoﬁic ratio, Cu/S =-l.93 ,
This énalysis indicates that the electrode is cuprous éulphide
with a_large.copper deficiency. The Cu/S ratio of l.93 places
the material in either the >Cu,S + digenite‘region or the o< Cu,S +
CuS region of the Cu-S system (Figure 2), depending on the
temperature. An x—raf powder pattern was obtained and its analysis’

(Appendix H) suggests that the electrode is chalcocite.

Rest Potential Measurements

Rest potential measurements were made with several
electrodes. “It was  previously noted that silver fqil had been
used at the eleétrode—connecting wire junction in order to
minimize the contact potential, but when rest potential measurements
were made with two electrodes, one with the silver foil and one

. without, little variation was observed (see Table VII).

VThe nitrogen was necessary in the electrolYtic cell in
order to obtaih consistent results. For example, when Njp was
turned off overnight in one rest potential'measurement, the
potential rose from about 0.2 to about 0.4 V. When nitrogen was

uséd,'the potential remained constant for long periods (up to 50

- hours).



TARLE VII

Electrode Potential of Cuprous Sulphide Anodes,
With and Without Silver Foil Contact

Electrode Potential
Solutions* w.r.t. Reference Electrode,

v
With silver Without

foil silver foil
0.01 M CuSOy ~0.171 . -0.172
0.1 M CuSO, -0.195 ~0.194
0.77 M CusO, -0.215 ~0.215
0.77 M CuSO, ~0.211 ~0.211

0.5 M NaySOq4

* Solution Analysis approximate only.

Rest potehtials were measured in CusS0, at several levels
of concentration. Using the activity Eoeffidients measured by
Robinson and Jonesis, values»of the electrode potential, VéCuxS'.
have been calculated (Table VIII) using the relationship

Ecell = Vg o g, = Vouys

i

VS.C-Eo - (VOCuXS + B_':_[\_ 1n acu++) coeae (25)
n—
where E:cell is the measured potential and n is assumed to equal 2.

The calculations give V° = 0.490 +0.002 V at 25°C.
CuXS . —

Measurements made in CuSO44MgSO4-stO4 solutions of
constant ilonic strength have been interpreted in two ways:

(a) Using.V°cuXS = 0,490 vV, values of ZSCu++ were
calculated (Table IX). These values ranged from 0.077 to 0.104.

(b) Using @ o *++ = 0.1 (see Appendix G) and assuming
5'Cu++ remains constant in solutions of constant ionic strength,

despite changes in molarity, values Of’VPCuxS were calculated
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(Table X). These values ranged from b;487 to 0.491 V.

TABLE VIII
o . ° o
Electrode Potential V°CuXS in CusO4 at 25°C

Run & ge11,. Moyttt meCu++* *KC ++ RT log acyt+ V°Cuxsr.
No. v o (Reg. 16) n¥¢ V \'/
SsM 1 -0.205 0.559 0.562 0.058 -0.0439 -0.490
SM 2 -0.213 1.665 1.923 0.0345 -0.0348 0.489
SM 3 -0.2015 0.273 0.274 0.087 - ~0.0479 - 0.492

.- SM4 -0.197 0.158 0.159  0.118 -0.0510 0.489

* moles/1000 gm water

TABLE IX

¥ cytt in CuS04-MgSO4-H2S04 Solutions
o? Constant Ionic Strenght at 25°C

Run Ecells, Concentration*, M . RT 1og acg++ acf+§ Scoutt
' 0

No. v CuSOy MgSOgq_  HpS04 D%  V x

SF 1 -0.186 0.100 0 0.100  -0.0625 768 0.077
SF 2 -0.1585 0.010 0.090 0.100 ~0.0900 90.1 0.090
SF 3 -0.130 0.001 0.099 0.100 -0.1185 9.76  0.098
SF 4 -0.1103 0.0002 0.0999 0.100 -0.1382 2.09 0.104

o molarity = molality at these concentrations.

- ‘Some support for the latter assumption is given by Lewis and
Randalll®r*0 who state that for a single electrolyte in solution,
the following relationship holds for dilute solutions i.e.

- generally under 0.01 M
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where Z, and Z_ are the electronic charges of the positive

negative ions and A is a constant for a particular solvent

remain constant; § should remain constant.

.particular temperature, -Then if xu remains constant and Z,

The uniformity

3 -
.0 (26)
and

at a
and Z_

of the

values of VoCuXS calculated by this method suggests that the values

of ¥ cutt obtained from electromotive force measurements by the

method of Argersinger?® (Appendix G) have some validity. H

more extensive test work than was undertaken here would be

required to confirm this point.

TABLE X

VoCuy§ in CuSO4-MgSO4-HpS04 Solutions
of Constant Ionic Strength at 25°C

owever

-0.1103 0.0002 0.0999 0.100

Run &cells Concentrations, M acy++t RT log a cyt+ V°Cuxs)-
No. v CusSO4__MgSO4 __HpS04 (¥ poy++ = 0.1) n= \ v
SF 1 -0.186 0.100 0 0.100 0.01 -0.0591 0.487

| SF 2+ -0.1585 0.010 0.090 0.100 0.001 -0.0886 0.489
SF 3. -0.130 0.001 0.099 0,ld0 0.0001 0.490
SF‘4 0.00002 0.49l¥

The cell potential was measured in CuSOy-HpSO4-NaHSO,

solutions of consfant cu*t concentration and varying HySO4 concen-

‘tration. - The NaHSO4 was added in an attempt to maintain the

ionic strength at a constant value. The ionic strength probably

did not remain constant, however, because of further dissociation

;_offHSO4"*. Values of ionic stréngth are caiculatedAin Table XI

" * For HSO, =H* + 85047,

Kgis.

= 1.26 x 1072, according to Latimerl9,



TABLE XI -

at 25°C

~ Rest Potential Measurements in CuSQ4—stO4iNaHSO4 Solutions
- Concentration at Tonic ‘ ‘pH Cell

_ Molarity Equilibrium Strength (measured)  Potential,

CuSO, H,S0, NaHSO4  SO4~ HSO4 it - A , v
SF 1 0.100 0.100 - 0.045 0.155 0.045 0.390 - -0.186
SF 5 0.100 0.050 0.050 0.072 0.128 0.022  0.444 1.45 -0.185
SF 6 0.100 0.010 0.090 0.102 0.098 0.012 0.504 1.5 -0.184
SF 8 0.100° 0.001 0.099 0.109 0.101 0.010 0.523 1,75 -0.184

& Calculated from equilibrium concenﬁrations.

'.pg_
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assuming equilibrium dissociationwcf’HSO4‘. Because of the
apparent :variation of the ionicfefréﬁgth, the same value of § cutt .
cannotéee ueed‘in all cases, SO no attempt has been made to
calculate values ?#“V?Cuxs' The constancy of the measured cell
potential indicatee that there is little or ‘no variation with pH,

at least in the range pH=l-2.

A few rest pctentlals were measured in buffered solutlons
at hlgher pH, u31ng the McIlvaine's standard buffer solutions?'
up to pH = 8 and-a 0.1 molar sodium bicarbonate-sodium carbonate
buffer at pH = 10.5. They are shown in Figure 8 and compared
witﬁleimilar results obtained by Sato“7."The agreement. is reason-
able with the calculated line for the reaction:

CuyS + 2H,0 —~CuS + Cu(OH), + 2H* + 2e7 e . (27)

In summary, the rest potential measurements appear to
be consistent with the following potentlal determlnlng reactions:
at pH < 4

,_.cu'zs --a- Cus + “(.:u*‘* + 2e' - B - ' (28)
at pH >4 o

- Cu,S + 2H,0 — CusS + Cu(OH), + 2H+"'+ 2T ... (29)

2
' The experlmentally determlned value of v° CuyS is 0.490 v, wh1ch
can be compared w1th the calculated value of 0.535 V. The

dlscrepancy is actually w1th1n the possible error of +0. 13 V for

the calculated value, but it may also be a function of the qu1te

‘large Cu defiCiency in the experimental electrode.
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Preliminary Polarization Tests

The general :shape of the anodic polarization ccrves is
shown in Figure 9. There are three regions of note:

1. The region up to W = 50.mV. In this region, the
current density was very stable at a pafticular setting over periods
-of up to 10 hours. The points wére'also quite reproducible from
-test to test. Microscopic examihation.of the anode surface after
10 hours at W = 25 mV showed little or no preferential grain

boundary attack. When the current flow was stopped, the over-

- - potential returned to approximately zero within a few seconds.

2. The region where 50< W < 200 mV. In this fegion,
E the?polarization curves became less reproducible and there was
“considerable fluctuation with time of both the anode potential

‘and -the- current density for a given cell potential. Micrcsccpic
- examinétion of the anode surface after 60 hours at an overéoitagc_:ﬁ,
- of approximately 150 mV showed considerable grain boundary attack
(see Figure 10). When the current flow was stopped in thisigcﬁge;
the overpotential returned to approximately zero within a ﬁiﬂute.
~~The: fluctuations ‘in -this ‘region are probably the result of rapid
changes in the effective surface area of the anode due to prefer-
‘ential ‘reaction at the grain boundaries.-

3. The region beyond &9 = 200 mV. The behaviour in

‘this region was very erratic. The overpotential fluctuated over
~a-range -of about 50 mV even though the apparent current density
- was+increasing. Microscopic examination of the anode after about
5 hours-at an overpotential of about 250 mV showed more severe
~grain.boundary attack than at lower overpotentials. The open

circuitﬂdecay of the~ovefpotential took a COnsiderableflength of
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(a)

(b)

Figure 10. Cuprous Sulphide Anode Surface (a) before and
(b) after Polarization at & = 0.15 volts for

60 hours in 0.01 M CuSOy, 0.1 M HZSO4 at 25-30° C
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time and an example is illustrated in Figure 1ll. Such behaviour
would be consistent with the existence of a difficultly soluble
film on the anode surface, but there was no visible indication

of such a film in these runs.

Stern?9/21 has shown that the difference in the slope
of the polarization line in regions 1 and 2 is not necessarily
the result of the presence of a second electrode reaction, but
in this case, region 2 might well be a transition region between
two electrode reactions i.e.
CuyS — Cus + Cutt + 2e cooss (30)
cus — cutt + 5 + 2e ceess(31)
The electrode potentials of the two reactions are quite similar
(0.535 and 0.588 V respectively). It is possible that one reaction
is occurring on the grain surfaces while the other is occurring at

the grain boundaries.

Kinetic Parameters in Low Overpotential Region

The region up to & = 0.05 V was studied further to provide
data to test the kinetic relationships outlined in the Introduction.
Typical polarization curves obtained in 0.1 M HpSO4 - 0.1 M CuSOy4
éoiutionS‘are plotted in Figures 12 and 13 (semilogarithmic and
-arithmetic plots-respectively). Values of i0 (the exchange current),
-\ (the stoichiometric factor) and‘ﬁb (the symmetry factor) have
been calculated from the slopes of these lines and are tabulated
in Table XIXI. The straight portions of the logarithmic plots are":
‘quite  short, so considerable inaccuracy iS'probably'interuced to‘

values-of dw /d log ip, and then to i, XN and . 1In fact,
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Figure 11. Decay of Anodic Overpotential with Time
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Anodic Current Density, mA/cm?

Effect of Temperature on Polarization

of Cu3S Anode at Low Overpotentials

(Experimental points omitted with one
exception to'simplify plot.)
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TABLE XIIX

io,_A~and(b for the Cuprous Sulphide Anode

Run Temperature dwyagh dwyd Iég lA l0 X lov N -6

_No. : °Cc = V/A/cm?2 v S/cm
Lv -3 20 1360.0 0.0588 0095 1.96 0.5
LV 2 . 25 642.5 0.0591 1.95 2,05 0.51
LV 10 .25 662.5 0.0616 2.14 1.81 0.47
Lv 11 25 677.5 0.0623 . 2.16 1.76 0.46 .
LV 9 25 . 640.0 0.0612 " 2.12 1.89 0.49
LV 4 30 597.5 0.0668 2.62 1.67 .0.45
Lv 5 35 262.5 0.0647 ’ 4,95 2.04 0.54
8

LV 35 305.0 0.0645 5.3 1.64 0.42

' 'v.St:erx'xz"'21 states that the straight linequftién should éxﬁend.err
gseverél-logarithmic units to provide parameters of good.acéuracy;
. BbthJK.and ﬁ>generally have values involving integefs (e,g,7\'=
1, 2, 3; p =1/4, 1/3, 1/2) and the vaiges from T&b;e'XII are ciose
toA =2 and = l/2,'so.these values will bé used.in the foilowing

calculations.

e It was stated earlier that ,
W = RT ip |  ae...(32)
' 7 Ign ' ' : Lo
This can be rewritten:

dw = RT 1 | veooo(33)
dip | w+»0 F igA L '

Values of duJ were quite precise (Flgure 13) so using A = 2,

- dlA ‘ _ ,
’cq:rec£e§LVa1ugs~of'ibwwére calculated (Table XIII). Further, using
theréérrected values of io, and A = 2vand(3 = 1/2, corrected values

-of duwyd log ip were calculated (Téble XIII) which fit tﬁe experi-

mental -points quite well (Figure 14).
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B Cathodic E
¥

Runs SH4 and SH2
CuSO4, 0.01 M

H,S0,, 0.01 M
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Current Density, mA/cm?

Figure 15. Anodic and Cathodic Polarization Curves
for the Cuy,S Electrode at Low Overpotentials
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Examples of the anodic and cathodic polarization curves
Ifoé the cuprous sulphide electrode (Figure 15) show little or no
discontinuity. This lack of discontinuity at and near = 0 haé
' been interpreted by Stern and Geary2® to indicate that only one

oxidation-reduction reaction system is operating at the electrode.

TABLE XIII

Corrected Values of iy and duwyd log ip

- "Run  Temperature 1ig x 10° dw/d log ip
v

' No. °C A/cm?

LV 3 20 0.93 . 0.0582
LV 2 - 25 2.00 0.0591
LV 10 25 ' 1.94 0,0591
Lv 11 25 1.90 0.0591
LV 9 25 2,01 0.0591
LV 4 30 2.19 0.0601
LV 5 35 5.06 0,0611
Lv 8

35 4.35 ‘ 0.0611

Reaction Products

A cuprous sglphide anode was oxidizea“in a Ooi N 
 perchloric acid solution at about 30°C with'a cufrent flow of;
= éﬁout~tén mA/cmé andW = 0,2 V. After 18 days; the anode was -
lséverely'corroded; The remaining material was ﬁasﬁedgthbroughly>
in«darbonjbisulphide'to remove any free sulphur and the resiaue was
wééhed-in alcohoi,andtdried'under vacuum, The residue was ahalysed
'f6r>cu=and S, with the following results:

Cu = 63.9 wgt. %

'S

35.2 wgt. %

Cu/S atomic ratio = 0.916
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The residue is therefore probably CuS. An x-ray powder picture was
taken of a portion of the residue, and the resulting pattern is
very similar to one obtained from chemically pure CuS (Appendix H).
The electrolyte was analysed at the completion of the test for
dissolved compounds of S (valence states lower than +6); there was
no indication of the presence of S. No attempt was made to analyse

for free sulphur in the corrosion residue.

Effect of Temperature on Polarization Curves

The reaction rate increases with temperature in the range
20°C to, 35°C (Figure 13). Although the range of temperatures
studied was quite small, a similar relationship probably exists over

a much wider range.

Calculation of AH.*

A value of @ = 1/2 has been acceptedfafter'ahaIYSis of
the polarization data. With this condition®, a value of AHg*, the
heat of activation, can be calculated by the method of Hurlen3“

(Appendix F). The main relationship is restated below:

AHo* = 2.303 R d log(Jo/T) + _1 AH, ceeos (34)
: d (1/T) 29 , _

Valuesof log (J,/T) were calculated (Table XIV) and plotted against
the reciprocal temperature (Figure 16), and the best f£it line gave

=2.303 R d log (Jo/T) = 14.9 kcal/mole coooo (35)
' d (1/Ty

X In addition to ® = 1/2, K (the transmission coefficient) and 0
(the frequency factor) should be the same for both the forward.
and reverse reaction across the activation barrier. It is generally
assumed that these:'conditions hold true.
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?

Log (J,/T)

i .

~Figure 16.

3.3 : 3.4
1/T x 103

Plot of log (JO/T) vrs (1/T):

Determination of AHO* for the

Cuprous Sulphide Electrode
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TABLE XIV
Calculation of log (J,/T)

Run Temperature Jo x 107

No. ip x 105 Jo x 10° °K 1/T x 103 F log Jo/T
LV 3 0.93 9.3 293 3.411 3.17 -6.498
Lv 2 2,00 20.0 298 3.354 6.71 ~6.174
LV 10 1.94 19.4 298 3.354 6.51 -6.187
LV 11 1.90 19.0 298 3.354 6.37 -6.196
LV 9 2.01 20.1 298 3.354 6.74 -6.172
LV 4 2.19 21.9 303 3.299 7.22 -6.141
LV 5 5.06 50.6 308 3.245 16.4 -5.785
LV 8 4,35 43.5 308 3.245 14.11 -5.850

If the overall reaction is

CuyS —» Cus + cu*t + 27,

ceeen (36)

then when the value of AH®° for this reaction (23.3 kcal/mole) is

placed in equation (35), a value of 26.5 kcal/mole is obtained for

AH *, This value can be compared with 15.2 kcal/mole determined by

Hurlen for the Cu/Cu++aq electrode.

AH * is a mean value between the values of AHG* (cathodic)

and AH * (anodic), these latter values being relative to the hydrogen

scale. The accuracy of the value of AHO* calculated herein 1is

about + 7 kcal/mole.

Because of this inaccuracy and the difficulty

of relating the hydrogen scale values and absolute scale values, no

further interpretation of this information has been attempted.
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The Reaction Mechanism

The experimental results are consistent with the following
low overpotential anodic oxidation reaction for cuprous sulphide: |
'Cués - Cué + Cu+4 + 2 i (37)

The evidence of CuS as a reaction product appears to be reasonable,

but it was not demonstrated that free sulphur was absent as a

reaction product. Thefefore, it is possible that a second reaction
was also occurring, viz:

Cus —= cu™ + s + 26 v  ieee. (38)

The previously discussed work of Warren“?, Sullivan50 and Sato™7
“would indicate that the two reactions should occur duringlﬁﬁépcomplete
“‘oxidation of Cuzs,.but whether théy were occurring simulténeoﬁﬁiy or
consecutively in the present case is not known. The observation of
severe grain boundary corrosion at overpotentials abovelabout 50 mv
would be consistent with the development of a surfacevfilm of poorly
conducting, non-porous CuS oh the grain surfaces, but such films
Were not observed. |
- If the low overpotential polarization reaction involved
6nly (37), then the calculated kinetic parameters are consisteqt?With
the following reaction.steps: » |
QCu g + 2e” ceoas @)

+ +
2 Cu — 2 Cu ) -
CQXS % _ T (39)

® +

cut Cﬁxs —» Ccu’ ag | ' | f_» ;.;3‘.(b);gi

In this case, two copper ions in'thé solid aré involved when one
copper ion 1is tfansferred into the solution. Possible fate controlling
steps are: |
(a) the creation of a cupric ion (i.e. eiedtroﬁ hole)
| in fhe solidvb§ the removal of an eleétron:

+ +®
.. J +
Cu cus " Cu CuxS chxs

... (40a)
< |
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(b) the removal of an electron throﬁgh the external
circuit:

2} cee.. (40Db)

Cuxs e—(in external circuit)

(c) transfer of electron between two sites in the

solid:
+& _
| ®cus fsite 1 * |CU 7., 5 [site 2
x X
— » |cut (40¢)
CuxS Site 2 tetts
(d) dissolution of cupric ion:
cu*® —» cutt (40d)

_ ag deae
CuXS

Reactions'(éoa) and (40c) are probably quite rapid because of the
.fairly largé:electronic conductivity in Cu,S (see Table II). -
AdditiOnal ex%érimental work would be ‘required to differentiage
betwéen steps (40b)1and (4@&). The simplest method would be to

determine the influence, if any, of (Cu++aq) on the reaction rate.

Although the Vglue of AHO* is of questionable accuracy,
it is in the range usually found for activation-controlled electro-
chemical reactioné. A much'larger value (say »50 kcal/mole) would
be expected if the rate was controllgg'by mass transfer through a

film, unless of course the film is-véry porous.
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CONCLUSIONS

.Rest potential measurements on an artificial cuprous sulphide

~

electrode in acidified copper sulphate solution gave V° = 0.490

volts for the electrode potential.

In solutions of pH<4, the,relationship between the electrode

potential and (cu*t) was consistent with the Nernst equation.

For the reaction:

Cu,S —» CusS + Cu+f_ + 2e ,

2

the calculated half cell potential Ve is 0.535 + 0.13 volts.

Although the experimental value of 0.490 volts is within the

vlimits of accuracy of the calculated value, the experimental

electrodés had a large Cu deficiency which may account for at

least a portion of the discrepancy.

In solutions of pH>4, the rest potential measurements were

consistent with the following electrode reaction:

Cu,$. 4 2H,0 —»= CuS + Cu(0H), + 20" + 27

- Polarization measurements at low overpotential gave values

for the following kinetic parameters:

(3, the symmetry for factor = 1/2

A, the number of electrons involved in each act of the rate
| ~determining step = 2 |

i , the exchange current =52 x 1072 A/cm?

AHo*, the standard heat of activation = 26.5 kcal/mole
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CuS was tentatively identified as a reaction product, but the
presence .or absence of S was not determined. Therefore, it is

not known to what extent the reaction:
++

CuS — Cu + S + 2e

took part in the overall oxidation.

The apparent absence of a surface film and the value of AHO*

“indicate that the anodic oxidation reaction is activation

controlled, rather than bulk mass transfer controlled, at least

at low values of the overpotential.
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RECOMMENDATIONS FOR FUTURE INVESTIGATIONS

The effect of (Cu++) on the reaction rate should be determined

to clarify the reaction mechanism.

A series of CuxS electrodes should be prepared with different
Cu/S ratios in order to assess the influence of stoichiometry

on the electrode potential. Solid-state electrolytic cells? 10

could be used to prepare the electrodes. Single crystal sur-

faces would probably be desirable.

Investigations at higher overpotentials WOuld be of considerable
inperest, but a more sophisticated measuring circuit should be
used. - For example, polarization techniques wherein a square
wave alternating current is used can provide information on the

nature of passivéting films.

Polarization studies should be extended to higher temperatures

and to include more corrosive solutions.
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APPENDIX A

Anodic .Oxidation of Tin Sulphide

Considerable time was expended initially on a study
of electrochemical oxidation in the Sn-S system., Although this
' wdfk"wés;terminated because of the lack of reproducibility of

the experimenfal data, the results and problems encountered are

summarized here for consideration in future work.

" Preparation of Tin Sulphide

Stannous suléhidé was. prepared by carefully mixing
stoichiometric amounts of molten Sn and S in an evacuated Vycor
tube. After mixing appeared to be compléte,sthe-Sns was placed
in a muffle furnace and held at 9005C to encourage homogeneity.
By slow cooling of the furnace through the melting temperature of
SnS (approximately 880°C), it was expected that the material
would solidify as either a single crystal or a series of large
crystals. However, it usually sdlidified as a small dense portion
topped by a very porous network of dendrites. One of the better
'~ pieces was analysed and mounﬁed in a manner similar to that
,"hsed with the CuyS. The material analysed (cne analysis) about
67%§§h (analytical method: iodine titration) compared to 78.8%
Sn for stoichiometric SnS and 65% in stoichiometric SnS3. The
Sn deficiency is surprising: the tin sulphide could well be a
mixture of SnS, SnSy; and Sn, but the analysis of auréasonably
large piece of maﬁerial should reflect the original stoichiometry.
The result, of course, is suspect as only one analysis was
performed. The exact composition of thé tin suiphide isvthus

unknown.
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" potential Measurements

Some rest potential measurements in Sncl, solutions

are summarized in Table A-I.

"TABLE A-I _
Rest Potentials for Tin Sulphide

Electrode at 25°C in Snclj Solution

Anode Potential

Run sn*t . Ht pH , w.r.t. Calomel
Number M ‘M : v
SE 1 0.091 - 0.568 0.35 -0.074
2 0.084 0.592 0.38 -0.079
3 0.082 0.597 - -0.114
5 0.074 - 0.575 0.55 -0.072
6 0.072 0.578 0.31 -0.066
7 0.0374 0.25 0.25 -0.072
8 0.0201 0.157 0.3 - =0.074
9

0.00358 0.0815 0.61 , -0.082

The average value is about -0.08 volts. Using the relationship
€ cell = Vg c.E. = Vanode

= 0.2415 - (-0.08) = 0.32 V

then Vanode

where V =V + RT 1n [ OX.].

nf  T[RED.]

-]
anode anode

Several electrode reactions should be considered:

Sns —» snt™ + 5 + 20 Ve = 0,253 V
SnS; —s  Sn*t* + 25 + 4e- Ve = 0.418 V

sntt —> spt% + 2e- Ve = 0.150 V

The activity of sn*?t is probably in the range 0.01-0.1 in the test

solutions, so the measured anode potential corresponds to values of
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\Y% in the range 0.35-0.38 V. The lack’of agreement between

. :
anode
the measured value and the theoretical values suggests that either
some other reaction or a mixture. of two or more of the above

reactions was determiningﬁthe electrode potential. R

Polarization Curves

Nineteen preliminary kinetic runs were made, and the
following genéral observations recordéd;- |
' 1, The polarizatioﬁ curves were not unusual, as can be
seen in the example in Figure A-1l. The straight
-line portioﬁ (Semi-log_plot) was fairly uniform
dver-about two logarithﬁié cyéles, but theré was
no measure of réproducibility from éhe run tQ £he
next. | -
2. The method of anode surface preparation had an
important effect on the polarization}cufves. For
: examplé; a higher overpotential was neqesséry,to
" achieve a certain current flow when the anbde'Qas'
cleaned‘with_toluene than when freshly polished or
etched slightly with acid. “ | |
3. After a number of days using the same solution, &
gelatinoﬁé pregipitate was obsétved at the bot£bm.’
of the electrolytic cell. Thisbmgterial was not
analysed, but was 1ikely a hydrblysis producf. For
example'sn+k hydrolyses'very'reédily as Sn(OH)4.,_
The pH should exceed 1.9 before the hydrolysis of
Sn+2‘beCOmes:dominaﬁﬁss.“'No'further,comment can be

made without the analysis of the material.
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4. Reproducible results were unobtainable with this

particular tin sulphide electrode.

- On the basis'of these observations and because of the
great difficulty experienced in the attempt to produce a satis-

factory electrode, the work with tin sulphide was terminated.



APPENDIX B

Sign Convention for Electrochemical Measurements

An area of considerable confusion in electrochemical
studies centres around the sign of electrode potentials and voltages
in electrochemical cells. The convention used in this work is
patterned after that proposed by deBethune" and is consistent with
the IUPAC - Stockholm convention35., The essential feature is that
each half cell in an electrochemical cell is assigned an electrode
potential which is independent of the direction in which the half

cell is written.

To start, the‘terms’"ancde” and "cathode" are defined.
An anode 1s en'electrcde where oxidation is occurring or is assumed
to occur by thecchemical reaction written to describe that
electrode, and a cathode is an electrode where reduction occurs
or is aesumed to occur, irrespective'of whether the reaction is
spontaneous or is forced by an external emf. Then for cxidation

at an anode,

AFg = + n#Vg
and for reduction at a cathode,
AP, = - n?Ve

where V, is the electrode potential associated with a particular
electrode reaction, regardless of whether oxidation or reduction
is occurring at a particular moment. For example, if the oxidation
of copper in a cupric solution is considered:

4+

CCu-— Cu "+ 2e”

. AFO = (AFof(Cu++) - +:° 2A. Fof‘(e—) ) "' | (AFof(CU) 5
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]
li

(15.5 + 0) - (0) 15.5 kcal./mole

AF® = + n¥V®

Ve = + AF°® = 15.5 0.337 Vv

n¥ 2(23.06)

i

Conversely, if the reduction of cupric ion at a copper cathode
is considered:

cutt + 2= — Cu

AF° = AFcf(Cu) - (AFof(cu++) + 2A Fofke_))

0 - (15.5 + 0) = 15.5 kcal./mole

!

AF® =-n7V°
Ve = - AF°® = - (-15.5) = 0.337 V
n+ 2(23.06)
Thus an unambiguous potential* can be assigned to each electrode
reaction, completely independent of the assumed direction of

the electrode reaction.

To illustrate the use of the electrode potential in
the thermodynamic treatment of whole cells, consider the iron-
copper reaction in acid solution (i.e. the cementation reaction

in copper refining). First consider the overall reaction:

Fe + cutt = rett + Cu ..... (Reaction O)
AFO = AFOO + RT 1In apet+

acu++
AFg = -n ¥ &4 and AFp° = -nFEy°

* The electrode potentials V° are numerically equal but op?osite
in sign to the oxidation potentials tabulated by Latimer'?.
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But

Then

_66_

~ Then €q = €5° - RT 1n apett
. n'¥ aCu++- ‘
: Now_conéider the half cells:
Fe —s Fett + 2e Vp® = 0.440 V ;,.,.(Reaction F)

AFp = AFp® + RT ln apg++
AFp = + nfVp and AFR° = + nFVp°
Cu —~ Cu*t + 2e~ Vg° = 0.337 V' .....(Reaction C)

AFq = AFC° + RT 1n aCu++

_AFC = +} nwe Vc and AFCO =.n# VFO»
AFq = AFp - AF&
— [+ ’ ] - [ .
= AFp® + RT In aFe++ (_AFC .+ RT 1n aCu++)
: - - AW . '
= n'?(VF Ve } + RT 1ln apt+
aCu++
AFp = - n¥FE&
'a.Cu++

L. In thé,préSent”caSe, the cell can be represented in the folldwing'

way:
Then

- Then
‘Now
so

This is

Fe, Fett H cut*, cu
£° = Voo - Vpo

= V° (right side) - V°(left side)
Ve® =.0.337 V, and Vp° = -0.440 V
£° = 0.337 -(-0.440) = 0.777 V
AF® = - n FE°

AF® = -2(23.06) (0.777) = 35.8 kcal/mole

equal to the value, both numerically and #n sign, cal-

culated from the listed free energies. Therefore, it is con-

cluded that the sign canention used here fg} the half cell

potentials is consistent with standard thermodynamic conventions.
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APPENDIX C

Compilation of Appropriate Thermodynamic Data

The thermodynamic data for the various chemical:speqies
of interest in this study are compiled in Tébie.d—ia I£ ﬁ§ét cases,
theyihave ggen.taken from standafd sources - Elliétt and
Gleiser“,}ﬁo‘ssini36 and Latimer!®. The major exception is the

free energy of the cuprous ion. It was calculated as shown below.

- According to Fenwick®"%, Keq = 1 x 10® +10% at 25°C for
the reaction |
2 cut == cutt + cu

Then AF® = -RT ln Req

~8 18 +0.8 kcal/mole

Rossini 36 assigns AFf for cut? equal to 15.5 keal, Latlmer19
assigns 15.53 kcal and Lewis and Randalll® assign 15.91 kcal
The chosen value was 15.5 +0 5 kcal. Then

AFf° for cut

1/2 [(AFf°)Cu++ + (AFf°)éﬁ --Alj‘°:‘;_

11.84 +0.65 kcal/mole

By using the relationship -
AH® = AF° + T AS®°,

a Va;uegéf;l7.3 kcél/mbie was calculated for AHf° fpr-Cu+,'5Similarly,'

s° for Cu(OH), = 16.1 e.u.

S° for Cu2804 = 41.3 e.u.

The most recent values for the free energy and heat of
formation of sulphides were given by Elliott and Gleiser®! using.

'S, (gas) as the standard state. These have been converted for this
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work using S8 (rhombohedral) as the standard state.

The possible errors or standard deviations were cal-
culated in the following manner. Assume the relationship is
A+ B=2C
Take logarithms:
In (A+B) = 1ln C
Differentiate:
d In (A+B) = d 1n C
Using the identity dx = d 1ln x
X

convert to

d (A+B) = dC

(A+B) c
dA + dB : dC
A+ B C

Replace differential with exact increment A:

AA + AB = AC

A+ B C
AR, AB and AC are the standard deviations for A, B and C. If two

of the values are known, the third can be calculated.

Using the data of Table C-I, the half cell potentials
of a number of electrode reactions of interest in this work

have been calculated, and are presented in Table C-II.



TABLE C-1

Thermodynamic Data at 298° K

(References in brackets)

Species A F°f kcal/mole A H°f kcal/mole
gt 0 (36) 0 (36)
Hy (g) > 0 (36) 0 (36)
e~ 0 (36) 0 (36)
03 (g) 0 (36) 0 (36)
OH™ (aq) -37.6 (36) -55.0 (36)
H,0 -56.69:0.02 (51) -68.317:0.01 (51)
Cu 0 (51) 0 (51)
cut (aq) 11.8420.65 (calc) 17.3 (calc)
cut* (aq) 15.520.5 (36) 15.4 (36)
Cu,0 -36.4t1.5 (51) -41.8:1.5 (51)
CuO -31.7£2.0 (51) -38,3:2.0 (51)
CuS -11.63:5.5 (51) -11.61#1.5 (51)
Cuz$s -20.84:1.5 (51) -19.48:1.0 (51)
Cu (OH) 5 -85.3 (36) -106.1 (36)

..CuSO, -158.2 (19) -184.0 (19)

"~ Sp(g) 19.13:1.0 (51) 30.84:1.0 (51)
S (rh) 0 (19) 0 (19)
S= (aq) 22.1 (19) 8.56 (19)
HyS -7.91:0.7 (51) -4.82:0.6 (51)
H,S (aq) -6.54 (19) -9.4 (19)
HS™ (aq) 3.01 (19) -4.22 (19)
HSO0,” -179.9 (19) -211.7 (19)
H,S0, -177.3 (19) -216.9 (19)
80,4~ -177.3 (19) -216.9 (19)
Ag,S -9.44:1.0 (51) -7.55:1.0 (51)
ZnS (sph) -47.4 (19) -48.5 (19)
FeS (pyrr) -23.08:1.0 (51) -22.421.0 (51)
Ni;S, -47.97£5.0 (51) -47.66:4.0 (51)
Nis -21.14#2.5 (51) -21.68%2.5 (51)
PbS -22.34:1.5 (51) -22.28:1.0 (51)
snsS -17.94+1.,5 (51) ~18.4:1.5 (51)
SnSy -38.07:5.0 (51) -39.96%5.0 (51)
aAgt(aq) 18.43 (19) 25.31 (19)
zntt (aq) -35.18 (19) -36.43 (19)
Fett -20.30 (19) -21.0 (19)
Nitt -11.53 (19) ~-15.3 (19)
Pbt*t -5.81 (19) 0.39 (19)
sntt (aq) -6.275 (19) ~-2.39 (19)
sn*4 (aq) 0.650 (19)
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S°, e.u.

0 (36)
31.2 (36)
15.6 (36)
49,0 (36)
-2.52 (36)
16.7 (36)

7.97 (51)

9.4 (37)

-26.3 (53)

24,1 (36)
10.4 (36)
15.9 (19)
28.9 (19)
16.1 (calc)
27.1 (19)

7.62 (19)
-6.4 (19)
49.15 (19)
29.2 (19)
14.6 (19)
30.3 (19)

4.1 (19)

4.1 (19)
34.8 (19)
13.8 (19)
16.1 (19)

21.8
23.6

(19)
(19)

17.67 (19)
-25.45 (19)
-27.1 (19)

5.1 (19)
-5.9 (19)



TABLE C-II

Calculated Half Cell Potentials

Electrode Reaction Potential, V ve Deviation, +
1 Cu,S +2cutt + s + e~ 0.563 + 0.0295 log acy++ 0.563 0.027
2 Cups =2Cut + 5 + 2e” 0.965 + 0.0591 log ac,* 0.965 0.061
3 CupS = Cus + cutt + 2e- 0.535 + 0.0295 log ac,++ 0.535 0.130
4 CupS— Cus + cut + e 0.913 + 0.0591 log acy+ 0.913 0.267
5 CupS + 4Hy0 —=2cu** + HSO4™ + 7H' + 10e™ 0.428 + 0.0118 log acy++ -0.0414 pH
6 Cu,S + 4H,0 —=2Cu** + 50, + 8H' + 10e™ 0.440 + 0.0118 log ac,++ -0.0472 pH
7 2CuyS + Hy0 —=Cu,0 + 2CuS +2H* + 2e~ 0.840 - 0.0591 pH
8 Cu,S + 2H,0 +Cu(OH), + CuS + 2H* + 2e” 0.807 - 0.0591 pH
9 cus—=cutt + s+ 2e- 0.588 + 0.0295 log ag, ++ 0.588 0.130
10 cus —=cut + 5 + e 1.018 + 0.0591 log ac,+ 1.018 0.267
11 Cus + 4H,0 —Cu** + HS0,” + 7H" + 8e~ 0.401 + 0.0074 log ag,++ -0.0517 pH
12 CuS + 4H,0 —cCu** + 50,7 + 8H' + 8e~ 0.415 + 0.0074 log ac,++ —-0.0591 .pH
13 CuS + 2H,0 =Cu(0d), + S + 20" + 2e” 0.860 - 0.0591 pH
14 2CuS + Hy0 —=CuO + Cu** + 25 + 2H* + 4e” 0.690 - 0.0295 pH
15 cu** + 2H,0 ~cCu(oH), + 2u* log agy++ + 2pH = 9.2
16 2cutz=cutt + cu Keg. = 1 x 10°©

_OL_.



TABLE C-IX (cont'd)

Electrode Reaction

Potential, V

ve Deviation, #*

17

18

19

20

21

227

23
24
25
26

27
28

29

30

31

32

33

++ + 2e—

Cu —= Cu
Cu—-Cut + e~

S0, + H* 3= HS04~

H,S(aq) ==HS™ + H'

S + 4Hy0 —= 80,4~ + 7H' + 6e”

Ag,. — Agt + S + 2e

2
Ag,S #-AgS + AgT + e
Ags-ﬂbAg* + S + E

Ni3S, ~=3Nitt + 25 + 6e”
NijS, —=2NiS + Nit* + 2e~
NiS —-Ni*tt + S + 2e~

Pbs —=pPb*t + 5 + 2e”

ZnS (sphaléﬁite)-qaZn++ + S + 2e”

'Fesz-d—Fe++ + 25 + 2e-

SnS, —=Snt* + 25 + 2e”
sns —-sntt + S5 + 2e

snt*+— sn*t4 + 2e-

0.336 + 0.0296 log ap,++

0.513 + 0.0591 log acy,+

PH =

pH =

7 (ag,s =

1.9 (aHSO4— = aso4=)

ayg-)

0.339 - 0.069 pH

1.002 + 0.0591 1log aAg+

0.0962 -~ 0.0295 log apy;++

-0.126 +0.0295

0.209 + 0.0295

0.358
0.265
0.060
0.688
0.253

0.150

+

+

0.0295
0.0295
0.0295
0.0295
0.0295

0.0295

log ay;++
log anitt
log app++
log agnptt
log ap ++
log agpt++
log ag,++

log agnt4
asn++

0.336 0.008

0.513 0.028

1.002

0.0962
-0.126
0.209
0.358
- 0.265
0;060
0.688
0.253

0.150

_'[L_
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. -APPENDIX D

Electrode Potentials of Metal Sulphides

Noddack and Wrabetz!!r12 and Sato“7 measured the
'potential of Agzs, Cuzs, CuS, PbS, FeS, Fesévand ZnS electrodes.
in acid and basic solutions. Their results are summarized in

Table D-I and discussed briefly.

i TABLE D-I

Electrode Potentials for Several Sulphides

: Measured Potential, V —Calculated
Electrode Expected Reaction Noddack & Wrabetz Sato Potential, V
CupS Cu,§ —=Cus + Cutt + 2e” 0.474 0.504 0.535
Cus - Cus —~cCu*t + 5 + 2e 0.58 0.567 0.588
PbS  Pbs ——Pb** + 5 + 2e 0.367 0.370 0.354
Ag,S  AgsS aa-zAg+4 s + 2e 0.812 0.82 1.002
Zns Zns(sphalerité). —_—
- zntt + 5 + 26 0.5 0.26
- FeS, Fes2—4>re++ +_s2 + 2 0. 5 0.7 0.757

- Sato explained the discrepancy between the measured_and,ca1¢ulated

1 values for,the potential of the AgoS electrode‘by aééuﬁing that
E a two-stage reaction was taking'place, viz: |
AgpS — AgS + Agt + e
‘Ag__S—sAg"" + e” | 7
No‘value bf"the_free‘energy of AgS is available, so this

mechanism cannot be substantiated. However, if the medEuved: value

of 0.82 V is assumed to be the electrode poteﬁtial for‘theﬂfeaction
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Ag,S —> AgS +'Ag+ + e”,
thén the free energy of formation of AgS can be calculated to be

- 8,890 cal/mole.

The measurements of Noddack and Wrabetz demonstrated the
influence of the‘Ag/S ratio on the electrode potential. For example,
for an electrode with Ag/S = 1.99, V° = 0.812 V;ﬁand for an electrode
with Ag/S = 1.84, V° = 0.853 V. Sato does not reﬁeél‘the
stoiéhiometry of his electrode, but it likely had Ag/S = 2, approx-

imately.

Although'nickel sulphide is oxidized electrochemically
on a commercial scale, no electrode potentials were noted in the
literature. Renzoéi et all! characterize the nickel sulphide
oxidation by the fé%lowing overall reaction:

NiBSz—H>3 Nitt + 25° + 6e Ve = 0.417 V
Several other nickel sulphides are known to exist®2, so it is
likely, in view of the oxidation mechanism suggested for other
polyvalent sulphides (e.qg. cqpper,sulphide), that several step-
wise processes are involved in the oxidation of Ni3S,. One pdssible
mechanism is: |

NigS,—Ni*t* + 2 NiS + 2e .- V® = -0.126 V

' Nis —= Nitt 4+ 5° + 2e- Ve = 0.209'V
An electrochemical series for the sulphides has been established

based on the above information, and is shown in Table D-II.
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TABLE D-II

Tentative Electrochemical Series for Some Metal Sulphides

Electrode Electrode Potential, V°

Ag,S 0.82
FeSy 0.7

Cus 0.59
Cu,S | 0.53
PbsS 0.35
ZnS . 0.26
Nis | 0.21

Ni352 . —0013
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APPENDIX E

Potentials at the Electrode-Solution Interface

Electrode Potential

Metal sulphide'electrodes generally follow the Nernst
relationship in acid solution. When Nernstian behaviour is
followéd by an electrode, a définite potential is established
between the electrode énd solution, fﬁlly predictable from a
knowledge of the activities énd free énergies'of the elécfrode_
and solutidn constituents. Quite often this potential is éalléd
the reversible potential, but this term should only be used When
the electrode reaction in question is truly reversible, i.e. when
a small change in potential from one sidé of the reversible poténtial
to the other will reverse the direction of the electrode reaction.
A more general and universally applicable term for the poteﬁtial
established between an electrode and a solution isvthe rest ‘potential;

this term appears most appropriate when considerin compodnd-

electrodes such as the sulphides because a trulyi'e;ersiblg reaction
involving the compoﬁnd and its components is highly improbable in\
acid solutions because of the stability of the suiphur atoms or
molecules. It presupposes only that the sevefai reactions océurring

- spontaneously at the electrode surface are in electrical balance.

Electrode-Solution Interface

A detailed and sophisticated discussion of the electrode-
solution interface has been presented by Parsons??, when an
electrode is placed in an aqueous solution, there is a redistribution

of the electrical charge associated with the particles- which come
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from the bulk of the two phases (electrode and solution) to form
the inter face or interfacial layer. This redistribution of charge
forms a region which is called the double layer. The.- species which
are involved in the electrochemical reaction across the double
layer exist in energy wells: in the electrode, the well is produced
by the influence of the other atoms and ions in the metal (or sul-
phide, or oxide) lattice; in the solution, the well is produced by
the influence of water molecules (hydrated species) or of other
ions (complexed species), It is useful to picture an energy well
in the electrdde moving close enough to an energy well in the
solution so that the energy barrier between the two wells is
small enough that a transfer of species between the two wells can
be effected. Depending on.the relative depth of the two}energy
Wells, the transfer can be either anodic or cathodic, but there
is a tendency for the two transfers to move towards a balanced
state where the anodic and cathodic processes are virtually
balanced. The potential and the current flow across the energy
barrier are called the :est potential and the exchange current

respectively.

Bupler39 calculated that several electron volts are
required to lift bare unsolvated caéions from their energy wells
in the metal lattice, and energies of the same order of mégnitude
'woula.likely be necessary’ to remové a bare unsolvated cation'from
a sulphide lattice. ‘Also, Butler3? and Eley and E-\'rar'xs31 calculated
that’several'electron volts are required to 1ift.a‘bare cation out
of its hydration sheath. However, the transfer of a cation from.

a metal (or metal compound) lattice to the solution requirés only
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about 5 mV potential. Thus the energy wells in the two phases must
be very close together. The water molecules are touching the
electrode and may be even bonded to it by adsorption bonds even

stronger than their own intermolecular bonds??.

Overpotential

When an additional electrode is added to the solution to
complete the galvanic cell, and an external potential is applied,
the rest condition is altered to a net cathodic or anodic condition
depending on the direction of the applied potential. The addi-
tional potential across the double layer constitutes a driving
force for electrochemical reactions at the electrode, and tends to
increase the current flow through the cell. A new term, the over-

potential, is defined.

" The bverpotential at a certain curreﬁt density is the
difference between the measured potential ehd the previously
established rest potential; if the overpoteﬁtial is'represented
by (D, then |

W =$; -bo
where(Pi"and<t0 are the half-cell potentials at net current denSities
i and zero respectively. Various‘types of o?erpotential have been'
distinguished (see; for example, reference 13, pp 395-398), but
the three important types are ohmic, concentration, and activation
overpotential.
An ohmic overpotential is developed when a film is formed

on the electrode and sets up a resistance to the passage of current



 iacross 1t the fllm can be an oxide or sulphlde, sulphur or some
v:other substanceo, 1f the current strength is i and the film
re51stance R, then the ohmic overpotential will be iR. Values of

several hundred volts are possible for the ohmic overpotential“l,

A concentration everpotentiel is caused by the exietenCe’

- of a difference in conceetratien of ions between the elecﬁrbde—

' solution interface or.deuble leyer»ana the bulk of the solution:

As the potential of the electrode is related to the ienic concen-
'vtration'in'the double layer, and-the‘potential measured by a
reference electrode is related to the bulk ionic concentration,
serious errors would be introéuced in potenfial measurement if the
concentration overpotential was not.recognized and either allowed

" for or removed. The phenomehon of cencentration overpotentiai‘forms

the‘basiseof polorography and polarographic analysis.

‘;The third type;activation everpotentiel, is developed
when aureacting‘speciesAencounters a barrier which it mﬁet climb
'befofe:it‘caﬁ p#oceed'along the reaction path; thus the,qctivatioh
overpetential is related to the energy of ectivation (ioe. the
energy "height" of the barrier) and, if careftlly determiped, caﬁ_
: proVide_both”the'identification of the rate—determiningvstep and
the rate -of reaction in actiVation—centrolled electrochemidel
reactions." For the-simPlest case, the activafion barrier exists
'befweeh two adjacent energy wells, one in the elecfrode and the
‘other in the solution. If a physical'ée3cription-is to be attached
”tdethe}actiVation barrier in' this case,bit is eaey to pictp:e tﬁe,

7ibarfier'being established by the redistribution of the electrical
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charges of the various bulk phase species when the two phases are

brought in contact with one another.

The success of experiments to determine the activation
overpotential depends on the minimization of ohmic and concentration
overpotentials. The procedures necessary to minimize the unwanted
overpotentials are described in the section on Experimental

Procedure.



APPENDIX F

Kinetic Relationships for Activation Controlled Electrode Reactions

A generalized cathodic reaction has been chosen to
illustrate the development of electrode kinetic relationships.
The discussion is essentially a simplification of that presented
by Bockris!"*, The overall reaction is represented by equation (Fl):
Reactants + ne~™ —» Products eeess (F1)
Likely several steps are involved in transferring the reacting
species across the solution-electrode interface and placing them
on the cathode, but normally one of these steps will have a larger
free energy barrier than the others and thus will control the
reaction rate. Figure Fl illustrates a hypothetical energy profile
along a reaction co-ordinate. The highest peak represents the
rate-controlling barrier, and unless the reacting species attain
this free energy level, they cannot pass on to become products.
When a representative point of a reaction exists at this peak
(albeit for an exceedingly short time), it is called the activated

complex of the reacting species.

The activities of the reacting species at point x (just
before the highest barrier) are related to the activities of the
species in the initial state at point 1, and if the two states are
considered to be in equilibrium, the relationship can be described
thus:

(May), = (Tay); exp (;AF°1+x) veves (F2)
RT

where (TTar)l and (llar)x are the products of the activities of the
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reactants in the initial and xth states respectively, (each activity
beiﬁg_raised to the power equivalent to the number of moles in-
volvgd in the reaction) and AF°1;¢~x ié the free energy change
during transition from 1 to x. The forward velocity of the reaction

across the rate-controlling barrier can be expressed conveniently

as
V= (Tlag)x kK ceeeo (F3)
where k, the épecific rate constant, is given by:
X = K kr exp —Athﬁ_*x+l eoaes (F4)
: R RT '

In equation (F4), K is the transmission coeffitient (i.e. the
fraction of the species reaching the activatied complex state which
proceedS“to”products), and ﬁ~, T, h and R have their usual physical

significance.

" The current density is a convenient measure of the velocity
of electrode reactions and is related to'the veldcity by
T = vATE ee.. (F5)
where A is the number of electrons necessary so that one act of the
raté-determining step can occur and F is the Faraday constant.
Furthermore, if the rate determining étep occurs V times when the
overall reaction (Fl) occurs once, then:

' A = ceoss (F6)

<\

If a positive potential difference Ad)c is applied between
the final and initial state of the reaction (Figure F-2), the flow
of reactants over the rate-determining barrier is retarded. The

. . , . *
applied potential difference A(bc increases AF°

x —x+1 by an amount
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P2 AC'JC, where {SACPC is the portion of the applied potential
which retarded the passage of species tb the activated complex
state; it is not necessary to account for the potential difference
beyond the activated state because work done on the system after
it has passed the activated state does not alter the reaction
velocity. The term @Ddescribes the symmetry of the energy barrier
in relation to the overall reactioh distances. By combining (¥2),
({F3), (F4) and (F5), the followin§ relationship for the forward

current density is obtained:

T? KA+ g_'ll (Tfar)i exp EAF°1—>Y + AF°1____x='> +1.% (57\Aq>f‘}_|
_ h RT

ao;eo(F7)
or, on simplification:

1= BC(TTar)l exp[_AFJ: + R% P\A(bc;}_ -‘l ceses (F8)

By a similar argument, the relationship for the reverse reaction,

i.e. anodic dissolution, is obtained:

1= Ba(TTay); exp L-F_ff -(1-B) A AcbnEJ e (FO)

As a basis for developing potentlal;current den51£y
relationships, the equlllbrlum or rest situation (i.e. no net .
current flow) is flrst con31dered: ‘

T-T=0 ; 1=1=1, veee.(F10)
where ig is the exchange current. The overpotential W) can be |
defined as: ”

W= adpe - ad, | o eese. (F11)
where ACPO is the potentlal when i=1i,. When equatlon (F8), |

(F9), (F10) .and (Fll) are combined, the follow1ng are. obta1ned~:
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e d - - -
i= 1y exp | = & v eeses (F12)
T =igexp | (1-pAw T ee.. (F13)
RT .
| 7 RT RT

and similarly,

ip = iy exp |(1-B) )\UOF%'} - exp ll(f)')\Loq—-
RT RT

eee.. (F15)

where i~ and iA are the resultant current densities for cathodic
precipitation and anodic dissolution respectively under an applied:

potential .

Several simplifications of equation (F15) are important.

If W is quite large (i.e. if uo > 2.303 RTY* then

NF
iy = ig exp (1-8) A3 eesss (F16)
RT
This can be rewritten as
T B/ A=+ (I-I X \=F
or
L}“) = A + B ln iA X -oco.(FlB)

Equation (F18) is the most common relationship in electrode

kinetics, the so-called "Tafel" line. Now if UWWis small (i.e. if

w < 2.303 RT), then equation (Fl5), on expansion of the exponentials,

"
becomes
RT
or
D = RT iy ceses (F20)

* 2,303 RT ~ 20-30 mV if A= 2 at 25°C.
AF
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Hurlen3%:35 has developed a method for determining the
standard heat of activation of certain electrode reactions. The
standard heat of activation (AH,*) for any reaction is defined as
the change in standard heat content (on the hydrogen scale) of\thé
reaction system when going from its initial to its activated state:

AHg* = H * - Hy (1) oo (F21)
In order to define the standard heat content of the activated
state in terms consistent with those usually used for the reactant,
the frequency factor ) must be introduced:

AHg* = Ho* - % H, (1) ceees (F22)
Further, if it is assumed the same frequency factor applied to
both the forward and reverse reaction across the activation barrier,
then

—_—

—
AHQ* -AHS* = 1 AHg cee.. (F23)

At this point the standard exchange current, Jg, is defined:

- . "'“l/d
Jo = ig l_(ﬂar)l-B (T ap)G_J

Utilizing this definition of J,, the re.ationships expressed in

ceoe. (F24)

vequations (Fr7), (F8), (F9), (Fl4) and (Fl5) can be described by an
Arrhenius equation of the following type:

lOg 10 = C - @nq—A(b - “-l}Ho* ..-..(FZS)'
T 2.303 YRT 2.303 RT

The term n represents the number of electrons consumed during one
act of the overall reaction (positive for cathodic and negative for
anodic reactions). Constant C consists mainly of temperature
independent constants and includes the standard entropy of acti-
vation and the activity coefficient of the activated complex; both
of which are here considered temperature independent. The Galvani

potential A(b cannot be determined experimentally, but if the
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reaction'is'syhhetrical, i.e. the forward and reverse reaction
across the activation barrier are the same, then the term in equation.
'(F25) containing A<P will be equal in magnitude but opposite in
: signAfor the forward-and"reverse reaction. Then |
2 1og (Jg/T) =C +. T - LHo* + RH* 3,....(F26)
I1f equation (F26).is differentiaﬁed with respect to l/T and
"fﬁitbmbined with equation  (F23), then .

AH * = -2.303 R d log(Jy/T) + 1 AHq ' csess (F27)
o d (1/T) 27 : '

Thus if the activation barrier is symmetrical, i.e. if @ = 1/2, and

if the assumptions inherent in the above derivation are acceptable, =
it is then possible to determine the standard heat of activation

of that electrode reaction*.

* It is tacitly assumed that the transmission coefficient K is the
same for both forward and reverse transfer across the activation
barrier. '



" APPENDIX G

Activity Coefficients in CuSO,4-H2S04 Solutions

One of the difficulties in determining electrode
potentials in mixed solutions is the lack of good values for the
activity_coéfficients of the.various ionic species. Argersinger?®
derived relationships for detérmininé the activity coefficiehts of
electrolytes in mixed aqueous sOluﬁion frbm”electromotivé force
data. Holland and Bonnerzs'invéstigated CuSO,4~H,S04 mixed aqueous
solutions and obtained a serieé of electromotive force measuréments;
however,vthey did not extend their work to include an application
- of Argersinger's procedure fo determine mean activity cdefficients
for the individual electrolytes. sﬁchban exﬁension is attempted.

“here.

Consider the galvanic cell
P -‘)+A\)_(ml)-“06+' Ag- (m)]| Q
where P\> + AU - and Q's'f'Ae‘ are the two electrolytes in aqueous

solution. The cell potential € is defined by

?i = E;oA+>§%,1n gz_;;ié o S seen (G1)
wheré~  : aljé;actiVity of P D+ A\)_

a, = activity of Q g+ AB-

Ky = (V%) (Zp) = (V7) (25)

Ky = (B4 (2y) = (57) (zp)

ZQ, 2p, Zp = charges on ions
Then, using the procedure of Argersinger25, the following

relationships can be derived:
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eee.. (G2)

1 =
r 51
o
Xl
in 2 ZQEA__JF SG -IQQG ay ceen(G3)
§5° Zg * Zp
where 51 = mean activity coefficient of component I.
610 = activity coefficient of component 1 in its pure
a?sélution in the solvent (i.e. water) at the same
value of N as in the mixed solution.
N = 1000 [?1 Ky _+ 1y K,_]'
Msolvent Nsolvent
= m; K; + mp K, for water, where m; and m, are
molalities.
y = my Ky
(1 + 1
81 (zp z;%
G =-1n ¥ 1_+ 1)
Zp)

The data of Holland and Bonnerze, derived from electromotive force

v measurements, are in the form of values of 5 H2804 for various

,values‘of

‘to relate

tben*zp =

Ke

¥ Cusoy

mp+ andJA&, the total ionic strength It is necessary
Moyt '

these measurements to the terms of equations (2) and (3).

If HyS04 and CuSO4 are solutions 1 and 2 respectlvely,

1;VZA~— 2 and ZQ = 2 Now

N AR Ay, &)
¥, 72+ 172 ﬁli
G=-1/21n }3 By50, | ",. . (G8)

¥ 2 CuSO4
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Also,
Yy = m) Kj
or
Yy = 2my = my
2my + 2mp my; + m
y = __ MHpS04_
MH,804 * Mcuso,
But
my+ = ZmHZSO4
and
Mgo3 = 1/2 mg+ + moy++
Therefore
y = 1/2 my+ = My +
1/2 my+ + mo ++ my+ + 2mo,++
If
E}i*‘ = R -oo..(GS)
mcu++ .
then
y= R cere.(G6)
R + 2
Also

2 (ml + mz)

2 (mH2504>+'mCuSO4)

N = my+ + 2m u++ | ) ecees (GT)

C

The total ionic strength, JA, is defined as

_ 2
=1/2 & ¢ 3;

For this solution
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M = .3‘ mH+ + 4mcu++ ' e 0o 9 9 o (GB)

8]

By combining equations (GS), (G7) and (G8), the following is
“obtained:

"N =2 )4 R+ 2 T ceees (G9)
o = |

'Thus equations (G4), (G6) and (G9) provide the relationships hecessary

to use the data of Holland and Bonner2® in equations (G2) and (G3).

The values of G, vy and N are compiled in Table GFI; 'The

‘important relations needed for equations (G2) and- (G3) are(a(;)

N y

and f{g) . Figure G-1 is a plot of G vs N at constant y, and is
characterized by considerable irregularity. In fact (QG/QN)y is_~'
first avlarge positive value, then zero, then a large negative vélue,
then zero, and finally above N = 0.5; a‘positivé value again.
-These data should’be-analeed by the Gibbs-Duhem integration
téchnique to give a reasonable precision over the wide range ofIN.
"Forithe region above N = 0.5 however, the s;ope (QG/QN)Y is
reasonably uniform}_so as an approximation, the-éve:age value of
these slopes has been used. It is realized that considerabié error
is probably introduced by this approximation, but_theré ié a
poséibility'that the:iegions'6f“1arqE“bositive and negative slopé H
will in effect largely cancel each other in a Gibbs-Duhem inte- |
<.gra>t:°Lonv.° From the approximation, the'following value is»obtained.
>"(9G) = -0.040 for N>0.S ..,‘.,.(Glov)
Further treatment_bf the data gives:

(a_g) = 0.282 for N 0.5 . vev..(G11)
57 )y _ o s
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Equation (G3) is integrated:

Inf2 =1/296 y2 -ndcy - cee..(G12)
¥, Jy SN

Calculated values ofBCuSO4 for a number of CuS04-H,S0, solutions
are shown in Table G-II. These values are compared in Table G-III
with those determined by Hurlen3? from electrode potential
measurements. The values of ECuSO4 are plotted ;gainst‘}&, the
ionic strength, in Figure G-2. The difference between the values
of Hurlen and those calculated herein is equivalent to a difference
in the electrode potential of about 0.005 V (for n = 2). Hurlen's
va;ues depend on some assumed values of liquid junction potentials,
so they probably have a limited accuracy. The present values are
probably even less dependable because of the approximation used

in their calculation, but they should be applicable for values of
N gfeatet than 0.5 and fbr'vélues of y.greater»than 0.7. For

N = 0.5 and y = 0.7, the concentrations are: cutt, 0.075 M,Vand,
H+, 0.35 M. Thus, the calculéted activity coefficienfs are
probably most applicable to solutions of relatively high concentra-
tion (say cu**t > 0.01 M, H* > 0.1 M). The use of the calculated
values of‘ZYCuSO4 gave a satisfactory resolution of the electrode
potential measurements in 0.1 M CuSO4 - 0.1 M H,50,4 solutions
obtained in this work. The calculated values of 6CuSO4 are
probably not absolutely corfect, but the use of the épproximate
calculation rather than a proper integration probably develops a

constant error.
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Determlnatlon of G, y and N from Data of Holland and Bonner26

s ?53st04 |
‘ag;:x ¥ 2cusoy

'7.178 1.795 -0.293 0.783 1.319 “0.311 0.820

1.726 -0.273 . - 0.897 A 0.558
1.698 ~-0.265 - 0.509 - 0.316
1.686 -0.262 " = 22.. 0.157
"1.547 -0.218 Lo 10,0797
1.535 ~-0.218 ¥ - 0.397 .
1.304 -0.133 0.0307 0.0191 °
0. 932_ +0.035 . 0.0154 - 10.00959
5,435 - 1. 712, -0.269 0.732 1. 359 0.366 0,832 -
.. . 1.672  =0.257" 0.926 . 0.567 -
1.634 -0.246 7 0:522 0.319
1.596 -0.234 0.2637 0.161
- 1.647 - -0.250 0.1314 0.0805
.1.610 ~0.238 - 0,0634 ¢ 0.0388;
- 1.442 -0.183 0.0312 0.0191
1.009 - - 20,0159 - 0.00974
3.294 1.634 -0.245" 0.623 1.309  0.297 0.777
1,572 -0.226 - 0.878 - 0.521
1.596 -0.234 . - 0,500 : © 0,297
1.633 -0.246 0.319 . .0.189: -
1.523 ° -0.211 ~ 0.1409 : 0.0836
1.670 -0.257 - 0,0634 . - 0.0376:
1.476 = -0.195 . 0.0312 " 0.0185.
1.168 -0.0778 - 0.0159 : 0.00945
- 1.660 . 1.466 -0.192 '0.454 1.334 0.282 0.752
-7 1.442 -0.183 0.878 0.495
1.488 -0.189 0.520 0.293-
1.547 -0.218 0.2353 © 0.133
1.634° -0.246 - 0.1303 0.0735
1.692 -0.263 , 0.0652 .. 0,0368
©1.547 -0.218 . - 0.0317 . 0.0179
1.254 -0,113 ‘ 0.0159 0.00898
'1.026 1.376 -0.160 0.339 1.477 0.273 .0.806"
1.355 -0.152 0.010 " 0.552 .
1.420 -0.175 - 0.576 ' 0.315
1.523 -0.210 0.2874 10.157
1.672 -0.258" - 0.1441 ~0.0788.
1.698 -0.265 -~ 0.0717 0.0392
1.622  -0.242" ~0.0351 0.0192
1.314° -0.137 0.0139 0.0076
0.361 1.313 -0.136 0.265 1.401 - 0.260 0.730
: 1.295  -0.129. . 0,950 0.494
1.356 ~ -0.152" 0.689 0.358
1.477 -0.195 0.344 0.179
1.600 -0.254 0.1374 0.0715
1.713  -0.270 0.0693 0.0360
1.573  -0,227 - 0.0275 0.0143

1.400 -0.168 0.0160  _ 0.00835




TABLE G-II

Computation ofXCuSO4

Equlva}ent
. Su$24' M523?4 /ggiic R N ”C§;;:§é3204* y ln‘gg_ ) X2

strength =82° §2° =bCuSO4
0.01 0.05 0.19 10 0.12 0.06 0.210 0.833 -0.09384 0.191
0.03 0.05 0.27 3.33 0.16 0.08 0.175 0.625 -0.05108 0.166
0.10 0.05 0.55 1.0 0.3 0.15 0.121 0.333 -0.01167 0.120
0.30 0.05 1.35 0.33 0.7 0.35 0.076 0.143 +0.00111 $.077
0.10 0.10 0.7 2.0 0.4 0.2 0.104 0.50 -0.02725 0.099

* yvalues from reference 16

_76_
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TABLE G-III

Mean Ionic Activity Coefficient of
CuSO4 in some CuSO4—H2804 Solutions

MdlérItY* ' Ionic
CuS0, H,504 Strength XCuSO4 at 25°C _CuSO4q after Hurlen?3®
= M _at _20°C 25°C*
0.01 0.05 0.19 0.191 0.280 0.286
0.03 0.05 0.27 0.166 0.224 0.230
0.10 0.05 0.55 0.120 0.161 0.166
'0.30 0.05 1.35 0.077 0.129 0.133
0.10 0.10 0.7 0.099 (0.150)®

+ Molarity =~ Molality at the concentrations
* log ¥25 = log § 20 (293/298)

N Estimated from Figure G-2
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APPENDIX H

X-ray Powder Patterns

Debye-Schirrer photographs were obtained for the cuprous
sulphide electrode, analytical grade CuS, and an anodic oxidation

reaction product (Figure H1).

The three principal lines on the cuprous sulphidé picture

(Figure Hl-a) are eguivalent to d'spacings of 2.28, 1.88 and 1.79 R;

the accepted values (x~ray data card 12-227) are'2}4O,Tl.97 and 1.88

The agreement is not unreasonable, especially with the small camera.

It is concluded that the electrode is cuprous sulphide, probably the

rhombohedral &< - chalcocite.

The photographs for the analytical grade CuS and the
reaction product (Figures Hl-b and Hl-c) are very similar, so it is

concluded that the reaction product is probably CuS.

o



(a) (b) {c)

Figure Hl. X-ray Powder Pictures: (a) Cu,S, (b) CusS

and (c) Reaction Product



