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ABSTRACT

Stress-corrosion cracking is a possible failure mechanism for copper nuclear fuel waste disposal
containers. One species known to cause the stress corrosion of copper alloys is ammonia. It is
conceivable that ammonia could be produced in a disposal vault under certain, very specific
conditions. There are a number of conditions, however, that mitigate against container failure by
stress corrosion, one of which is the presence of chloride ions in deep Canadian Shield
groundwaters. There are a number of reports in the literature that suggest that Cl" has an
inhibitive effect on the stress corrosion of Cu alloys in ammonia solutions.

The electrochemical behaviour of Cu in OVammonia solutions has been studied as a function of
ammonia concentration, pH, the rate of mass transport and electrochemical potential. In
particular, the effects of these parameters on the formation of G12O films and the steady-state
dissolution behaviour have been determined. All experiments were carried out in 0.1 moldm"3

NaCl as a base solution.

A series of aqueous speciation and equilibrium potential/pH diagrams are also presented for the
quaternary system Cu-Cl~-NH3/NH£H2O. These diagrams are used to interpret the results of the
electrochemical experiments reported here. In addition, it is demonstrated how these diagrams
could be used to predict the time-dependence of the susceptibility to stress corrosion cracking of
Cu containers in a disposal vault.
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RÉSUMÉ

La fissuration sous contrainte constitue un mécanisme de rupture éventuel des conteneurs en
cuivre de stockage permanent des déchets de combustible nucléaire. Une espèce reconnue pour
provoquer la corrosion sous contrainte des alliages de cuivre est l'ammoniac. Il est concevable
que de l'ammoniac puisse être produit dans une enceinte de stockage permanent dans certaines
conditions très précises. Il y a toutefois un certain nombre de conditions qui atténuent les
possibilités de rupture des conteneurs par corrosion sous contrainte, dont une est constituée par la
présence d'ions chlorure dans les eaux souterraines à grande profondeur du Bouclier canadien.

Les auteurs ont étudié le comportement électrochimique du Cu dans les solutions d'ammoniaque
et de Cl" en fonction de la concentration d'ammoniac, du pH, de la vitesse de transfert de masse
et du potentiel électrochimique. En particulier, ils ont déterminé les effets de ces paramètres sur
la formation de pellicules de G12O et le comportement du phénomène de dissolution à l'état
stable. Toutes ces expériences ont été effectuées dans une solution de 0,1 moldm" de NaCl
servant de solution de base.

On présente aussi une série de graphiques de différenciation des espèces aqueuses et de pH et de
potentiel d'équilibre dans le cas du système quaternaire Cu-Cl-NHs/NHrEkO. On utilise ces
graphiques pour interpréter les résultats des expériences électrochimiques présentées dans le
présent article. En outre, on explique comment on peut se servir de ces graphiques pour prévoir,
en fonction du temps, la sensibilité des conteneurs en Cu à la fissuration sous contrainte dans une
enceinte de stockage permanent.
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1. INTRODUCTION

Stress corrosion cracking (SCC) is a possible failure mechanism for copper nuclear fuel waste
containers in an underground disposal vault in the Canadian Shield (King 1996a). One species
that has been shown to cause the SCC of Cu is ammonia. Ammonia is not naturally present in
deep Canadian Shield groundwaters (Frape et al. 1984), but various mechanisms have been
postulated for its formation in a disposal vault (King 1996a). Radiolysis of moist air has been
shown to produce NH3, especially in O2-depleted atmospheres (Reed 1992, Reed and Van
Konynenburg 1991). The vapour-phase conditions required for this mechanism (ammonia is not
formed radiolytically in solution because of the low concentration of dissolved N2 in aqueous
solutions) would be present immediately following emplacement of the containers prior to
saturation of the vault by in-coming groundwater, during which the radiation field will be
highest. In addition, ammonia could be produced by ammonia-producing bacteria (King
1996a,b). However, it is believed that microbial activity near the container will only be possible
after saturation of the vault, because the conditions of high radiation fields and desiccation of the
buffer effectively sterilize the near-surface environment (King 1996b). Then, microbial activity
may be restricted to locations outside the sterilized zone because their size prevents microbes
from moving through the pores in the buffer material and re-colonizing the zone close to the
container.

Deep Canadian Shield groundwaters tend to be highly saline (Frape et al. 1984), with Cl"
concentrations up to, and exceeding, 1 mol-dm'3. The pH of the pore solution contacting the
container will vary between ~pH 7, the approximate pH of many natural groundwaters, and
~pH 9, the expected pH of solutions buffered by Na-bentonite clay (Lemire and Garisto 1989).
The predominance of Cl' ions in the groundwater and pore solution is expected to result in
uniform corrosion of the container supported by the reduction of trapped O2, rather than localized
corrosion. However, the initial [Cl] of the pore water will be low, as the buffer will be
moistened with potable water prior to compaction. Consequently, there will be a transitory
period during which the pore-water [Cl'] will increase, until it eventually equals that of the
groundwater in the surrounding rock. The length of this transitory period will depend on the
vault design and the groundwater salinity and density. There is a period early in the expected
evolution of vault conditions, therefore, during which ammonia may be present and the [Cl] may
be low and, during which, the possibility of ammonia-induced SCC may be highest.

The speciation of dissolved ammonia is pH dependent because of the equilibrium

NH4
+<->NH3 + H+ (1)

The pKa for this reaction is 9.25 (Tromans 1997), so that NH4 ions dominate at pH < 9.25 and
NH3 molecules at higher pH. In this report, the term ammonia is used in a general sense to refer
to solutions containing NH3 and/or NH4. The sum of the concentrations of ammonia species is
denoted by [NH3]T. The terms NH3 and NH4 are used to refer specifically to the respective
species.



There are a number of similarities between the dissolution behaviour of Cu in Cl" and that
expected in ammonia solutions. Both species form strong complexes with Cu(I); the stability
constants of CuClj and Cu(NH3)2

+ being 10547 and 101047 at 25°C, respectively (Appendix A).
Ammonia forms stronger complexes with Cu(II) than does Cl". Dissolution of Cu in Cl" solutions
proceeds via an adsorbed CuCl^s intermediate species (Eisner et al. 1988) and a similar
adsorbed Cu(NH3)OHADS species has been reported in pH 7.25-9.5, 1 moldm3 (NH3 + NH4

+) SO4"
solutions (Burstein and Newman 1981).

Oxide formation plays an important role in various stress corrosion mechanisms, but the exact
mechanism of Cu2O growth in Cl" and ammonia solutions is uncertain. In Cl' solutions, it has
been suggested that Cu2O may form from the hydrolysis of either dissolved CuClj or adsorbed
CUCIADS or by the dehydration of adsorbed Cu(OH)ADS (F. King, unpublished work). In Cl"
solutions, OH" and Cl" ions are believed to compete for adsorption sites on Cu (Eisner et al.
1988). Analogous mechanisms may occur in ammonia solutions (Burstein and Newman 1981).
In addition, thick tarnish (Cu2O) films observed in Cu(II)-containing ammonia solutions may
also grow at the film/solution interface by the reduction of Cu(NH3)4

+ (or Cu(NH3)5
 +) species

(Pugh 1979).

In Cl/ammonia mixtures, the mechanism of Cu dissolution can be expected to change with the
relative concentrations of Cl', NH3 and NH .̂ There may be a competition for adsorption sites by
OH", as well as by Cl" and NH3 (Figure 1). The various adsorbed species may exchange, as
suggested by the reversible reactions shown in Figure 1. In Cl' solutions at least, the surface
reactions are fast and the slow step in the overall dissolution process is the diffusion of CuCl2
ions away from the interface (F. King, unpublished work). The speciation of dissolved Cu(I) will
depend both on the concentration of adsorbed precursors (CuCl^s and Cu(NH3)OHADS) and the
stabilities of the respective dissolved complexes (CuCl2 and Cu(NH3)2).

The aim of the current work, therefore, is to examine the effects of [Cl], [NH3]T and pH on the
dissolution behaviour of Cu and the formation of Cu2O. The dissolution mechanism can be
determined from steady-state rotating-disc electrode (RDE) measurements. The [NH3]T-, pH-
and potential- (E) dependencies of the intercepts and slopes of Koutecky-Levich plots (I/I versus
fm plots, where I is the current and f is the rotation frequency of the electrode) are used to
determine the relative importance of the various reactions shown in Figure 1. The extent of
Cu2O formation is determined using cyclic voltammetry. In turn, the results of these
electrochemical studies have been used to assess the likelihood of the SCC of Cu containers.



2. BACKGROUND

2.1 STRESS CORROSION CRACKING IN AMMONIA

The SCC of ot-brass (Cu-Zn alloys containing less than -37 wt.% Zn) and, to a lesser extent,
pure Cu in ammonia environments has been widely reported and extensively studied.
Practically, ammonia-induced SCC of Cu alloys is most often observed during atmospheric
exposure to moist, ammonia-containing environments, in which the surface is covered by a thin,
air-saturated electrolyte layer. Under these conditions the [NH3]T in the film can be high
(1-15 moldm"3). In addition, however, the Cu/Zn-ammonia system has proven to be a suitable
system for the academic study of various SCC mechanisms. The extensive literature on the
subject has been reviewed on several occasions (Bertocci et al. 1990, King 1996a, Pugh 1971,
1979,Pughetal. 1969).

Cracking of Cu can be either intergranular (IGSCC) or transgranular (TGSCC) and occurs in
both tarnishing and non-tarnishing solutions (a tarnishing solution is one in which a visible black
oxide film forms, which can be related to the thermodynamic stability of Cu2O as a function of
solution pH and [Cu(I)] and/or [Cu(II)] (Tromans 1997)). In non-tarnishing ammonia solutions,
both IGSCC and TGSCC have been reported (King 1996a). The more commonly observed
intergranular cracking is likely the result of a film-rupture/anodic-dissolution mechanism (Pugh
et al. 1966). Under very specific conditions of dynamic strain and anodic dissolution,
transgranular cracking has been reported (Sieradzki and Kim 1992), and explained in terms of a
film-induced cleavage mechanism. In tarnishing environments, Thompson and Tracy (1949)
reported IGSCC of Cu in ammonia-containing atmospheres, presumably resulting from a film-
rupture/anodic-dissolution mechanism (King 1996a). Suzuki and Hisamatsu (1981) proposed a
tarnish-rupture mechanism to explain the TGSCC observed in dilute ammonia solutions. These
observations are summarized in Table 1.

Ammonia may induce SCC of Cu alloys for a number of reasons. Much of the evidence in the
literature comes from studies of the cracking of a-brass, rather than of Cu. Proponents of the
film-rupture mechanism point to the coincidence between the pH dependence of the observed
cracking and the position of the boundary between Cu2O and Cu(NH3)2 species on equilibrium
E/pH (Pourbaix) diagrams (Hoar and Booker 1965, Hoar and Rothwell 1970, Mattsson 1961,
Tromans 1997). By implication, therefore, cracking is severest under conditions at which both
dissolution (required for crack advance) and oxide formation (required to protect the sides of the
crack) are possible. Away from these equilibrium conditions, the kinetics of film formation may
be either too slow (in which case the crack sides dissolve and the crack blunts) or too fast (in
which case the crack tip repassivates before the crack advances significantly) for cracking to be
observed. However, equilibrium E/pH diagrams give no information regarding the kinetics of
the processes involved. The unanswered question remains, nevertheless, of why equally severe
cracking is not observed in other environments, such as Cl", in which Cu2O can theoretically be
in equilibrium with a dissolved Cu species under certain conditions. Again, part of the answer
may lie in differences between the kinetics of film formation in the different solutions.



In addition to the role of Cu(I)-NH3 complexes, Cu(II)-NH3 complexes may also be involved in
the cracking mechanism. Although O2 is a necessary component in practical cases of SCC of Cu,
the actual oxidant is believed to be Cu(NH3)4

+ (or Cu(NH3)5
+), formed from the homogeneous

oxidation of Cu(NH3>2 by O2. The reduction of the Cu(II)-NH3 complex would be expected to be
faster than that of O2 (Pugh and Green 1971). More recently, however, cracking of Cu-Zn alloys
has been observed in the absence of Cu(II)-NH3 complexes, under conditions in which there is no
net dissolution of Cu (Bertocci et al. 1984). Such observations are inconsistent with dissolution-
based mechanisms, and have been used instead to support a mechanism based on film-induced
cleavage (Shahrabi and Newman 1989).

Finally, the adsorption of surface ammonia species may play a role in the cracking mechanism.
Galvele (1987) has proposed a surface-mobility model for SCC, in which the aggressiveness of
the environment can be predicted based on the surface diffusivity of adsorbed species.
According to Galvele (1987), Cu-containing ammonia compounds would exhibit high surface
mobility, hence explaining the susceptibility of Cu alloys to SCC in ammonia-containing
environments.

2.2 THE INHIBITIVE EFFECTS OF CHLORIDE IONS

Although no detailed studies have been performed, there are a number of reports in the literature
that indicate that Cl" ions inhibit the SCC of Cu alloys in ammonia environments. Inhibition may
result from the effect of Cl" ions on the speciation of dissolved Cu(I) and Cu(II) complexes, on
the relative stability of adsorbed surface species, or on the properties of Cu2O films. The
evidence for the inhibitive effects of Cl" comes from studies on the SCC of a-brass, so that
effects of Cl" on dealloying have also been considered.

Hoar and Booker (1965) and Kermani and Scully (1979) have explained the inhibitive effect of
Cl" on the SCC of a-brass in Mattsson's solution (-0.05 mol-dm"3 Cu(II), ~1 mol-dm"3 [NH3]T) in
terms of its effect on the properties of the Cu2O film. Hoar and Booker (1965) found that the
addition of 8 x 10"3 mol-dm"3 Cl" caused a ten-fold increase in the time-to-failure of annealed
Cu-30Zn wires and resulted in the formation of a "less compact" surface film. These authors
proposed a film-rupture/anodic-dissolution mechanism. Presumably, Cl" does not affect the rate
of crack-tip dissolution, since Cl" would tend to increase the rate of dissolution rather than inhibit
it. Instead, the effect of Cl" may be to either increase the critical strain to fracture of the Cu2O
film (possibly by altering the structure of the oxide), effectively slowing crack propagation, or
reduce its protectiveness, resulting in crack blunting (King 1996a). Kermani and Scully (1979)
found that the addition of Cl' not only caused a decrease in crack velocity but also lead to a
change from intergranular to transgranular cracking. The addition of 0.027 mol-dm"3 Cl'
prevented failure of a-brass specimens in a period of 240 h. A tarnish-rupture model was
proposed, the addition of Cl" increasing the solubility of Cu2O, resulting in slower tarnish growth
rates.



The competitive adsorption of Cl" and ammonia-containing Cu species has been invoked by
several authors to explain the effect of Cl". Uhlig et al. (1975) proposed a stress-sorption
mechanism, in which the adsorption of Cl" interferes with the adsorption of aggressive
Cu(II)-ammonia complexes. These latter species weaken metal-metal bonding, resulting in
cracking. A critical potential was defined (ECRrr), below which cracking was not observed over a
50-100-h period in pH 6.5, aerated, 0.05 moldm"3 Cu(II)/2 moldm"3 [NH3]T solution. Chloride
was found to lead to an increase in ECRrr (dECRrr/dlog[Cr] = 60 mV) and a decrease in ECORR

(dECORR/dlog[Cl~] = -40 mV), such that the addition of 0.04 mol-dm"3 Cl" resulted in complete
inhibition. Bromide ions were even more effective, offering complete protection at a
concentration of 0.005 mol-dm"3. Acetate, NO3 and CIO;, on the other hand, gave little or no
protection. The effect of Cl' on EC0RR was explained in terms of the complexation of Cu(II), the
oxidant, by Cl\ Interestingly, the magnitude of dECRrr/dlog[Cl"] is exactly that expected for the
formation of CuCl^s (Eisner et al. 1988). Eisner et al. (1988) also showed that Br" adsorbs more
strongly than Cl", possibly explaining the greater inhibition by Br".

Adsorption of Cl" also affects the surface diffusion of Cu. Two possible consequences have been
proposed, for completely different mechanisms. Fast surface diffusion in Cl" solutions promotes
rapid macro-dealloying of a-brass (Shahrabi and Newman 1989, Newman 1992). This form of
dealloying does not support SCC via a film-induced cleavage mechanism, whereas the type of
nanoporosity that results from the slower dealloying in ammonia-containing solutions does.
Hardie and Ebtehaj (1987) also report an inverse correlation between the rate of dezincification
of cc-P brass as a function of [Cl] and the crack velocity in ammonia-free Cl" solutions. In the
surface-mobility model proposed by Galvele (1987), the rate of surface diffusion determines the
crack velocity. In this model, the crack propagates as a result of the emission of Cu atoms from,
or the capture of vacancies at, the crack tip. In general, the surface diffusivity is inversely related
to the melting point of adsorbed species. Ammonia-containing species, such as Cu(NH3)4(NO2)2,
have lower melting points than CuCl or CuCl2, thus explaining the inhibitive effect of Cl"
(Galvele 1987).

Sircar et al. (1983) suggest that the adsorption of Cl" affects both the anodic and cathodic
processes in the SCC of a-brass in Mattsson's solution. Adsorption was assumed to follow a
Langmuir-type adsorption isotherm. The addition of 6 x 10"3 moldm"3 Cl" resulted in a ~30-fold
increase in the time-to-failure of annealed Cu-30Zn. Chloride ions also caused a change from
intergranular to transgranular cracking. The authors suggested that the change in crack path was
associated with the preferential adsorption of Cl" at grain boundaries, which rendered these
locations cathodic to the body of the grains. The adsorption of Cl" was also stated to "influence"
the cathodic reaction, the reduction of Cu(NH3)4

+, although no further details were given.

Finally, on a practical level, Whittaker (1968) reports that, in a series of atmospheric exposure
tests, fewer failures were observed for brass specimens exposed to marine environments than to
rural atmospheres, presumably because of the presence of Cl' ions in the surface electrolyte layer.



3. EXPERIMENTAL

Cyclic voltammetry and steady-state potentiostatic experiments were performed in deaerated
0.1 mol-dm"3 NaCl solution containing total ammonia concentrations between 10"4 and
1.0 moldm 3 at pH 5, 7 and 10. Solutions were prepared from AR grade chemicals and distilled,
deionized H2Q. The pH was adjusted by addition of NaOH or HC1O4. Deaeration was
accomplished by bubbling ultrapure Ar through the solution for 30 min prior to each experiment,
with an overpurge continued during the test. All experiments were carried out at room
temperature (23 ± 1°C) in an air-jacketed, three-compartment cell.

The electrode used was prepared from oxygen-free electronic (OFE, UNS C10100) Cu rod,
mounted in a plexiglass holder to form the tip of a rotating-disc electrode (RDE). The exposed
surface area was 0.33 cm2 and the outer diameter of the plexiglass mount 25 mm (ratio of the
radii of the plexiglass mount to Cu disc was 3.9). Following successive polishing to a 1-fim grit,
the Cu disc was cathodically cleaned at a potential (E) of-1.3 VSCE for 3 min at a rotation
frequency (f) of 14.3 Hz. The electrodes were rotated using a Pine Instruments 2-speed AFASR
rotator. Depending upon the type of experiment being performed, seven rotation frequencies
between 2 Hz and 39 Hz were used. The potential was controlled using a Pine Instruments
model RDE4 bipotentiostat and current (I) and potential measurements made using a
computerized data acquisition system hooked up to high-input-impedance electrometers
(Keithley model 614) used to monitor E and I during the course of the experiment. A Pt counter
electrode and saturated calomel reference electrode (SCE) were used in separate compartments of
the cell. All potentials in the text refer to the SCE scale, except for those in the E/pH diagrams
calculated from thermodynamic data, for which the standard hydrogen electrode (SHE) scale is
used. To convert SHE to SCE, subtract 0.241 V.

Cyclic voltammetry was performed in pH 10, 0.1 moldm"3 NaCl containing between 10"4 and
1.0 moldm'3 total ammonia. Following cathodic cleaning, the potential of the electrode was
scanned to more-positive E at a rate of 100 mV-s"1. The E was scanned to an anodic potential
limit (EA

L), before being reversed and scanned back to -1.3 VSCE. The potential was then
immediately scanned back to a more-positive value of EA

L, and the sequence repeated until a
series of voltammograms for various values of EA

L had been recorded. Values of E and I were
recorded at a sampling frequency of 100 Hz, giving one reading per mV of applied potential.

Steady-state potentiostatic measurements were made in ammonia-containing 0.1 moldm"3 NaCl
solution at pH 5 and 7. After cleaning, E was stepped to the test potential and the current
allowed to stabilize at f = 14.3 Hz. Once stabilized, a current reading was taken and f was then
decreased in increments to 2 Hz, followed by incremental increases to 39 Hz, before finally being
decreased incrementally back to 14.3 Hz. In this manner, at least two I measurements were made
at each value off, separated in time by a matter of 5-10 min. Any time dependence in I could be
determined by comparing measurements at the same f made at different times. Experiments in
which the data exhibited a time dependence were rejected. Measurements were taken at a
sampling frequency of 1 Hz, and averaged over the period of stable readings.



Immediately following the steady-state measurements, the E of the electrode was scanned
cathodically at a rate of 100 mVs"1 to determine the presence, if any, of surface films formed
during the previous potentiostatic experiment. The potential was scanned from the test potential
in a cathodic direction to E = -1.3 VSCE. The scanning direction was then reversed and at least
two complete cyclic voltammograms recorded between -1.3 VSCE and the particular E used during
the preceding test. The purpose of the two complete voltammograms was to compare the
reduction behaviour in the scan immediately following the experiment to that following a
controlled program of oxidation.

The procedures used for constructing thermodynamic speciation and E/pH diagrams are detailed
in Appendix A.

4. RESULTS

4.1 VOLTAMMETRIC STUDIES OF THE EFFECT OF nSfH.Tr ON THE DISSOLUTION
MECHANISM AND OXIDE FORMATION IN 0.1 mol-dnV3 NaCl AT pH 10

Cyclic voltammetry was used to study the influence of [NH3]T on the dissolution mechanism of
Cu in 0.1 moldm'3 NaCl at pH 10. By quickly scanning the potential (100 mVs"1), the formation
and reduction of monolayer and sub-monolayer quantities of electro-adsorbed surface species can
be observed (Eisner et al. 1988). In addition, cyclic voltammetry is a suitable method for
investigating the effects of [NH3]T on Cu2O formation, since the amount of oxide formed can be
determined from the charge underneath the well-defined peak for the reduction of Cu2O to Cu.
The current set of experiments were performed at various [NH3]T between 0 and 1.0 moldm"3. At
pH 10, the speciation of dissolved ammonia is -85% NH3 and -15% NH^.

Vortammetry was first performed in ammonia-free solution. On a rotating Cu electrode
(Figure 2(a)), rapid Cu dissolution is observed at E > -0.100 V on the forward, anodic-going
potential scan (region IIIA). There is no equivalent cathodic reduction peak. Prior to this, at
more negative potentials, small anodic peaks are observed at potentials of—0.950 V (IA') and
-0.750 V (IA) (Figure 2(b)). By scanning the potential to successively more positive potentials
(not shown), it can be shown that peak IA is coupled to a corresponding reduction peak (Ic). The
major reduction process, however, is peak IIC, which is coupled to a poorly defined anodic
process, which appears as a shoulder (region IIA) on the main dissolution curve (Figure 2(b)).
From previous studies, the reactions associated with these anodic and cathodic features are
known (Eisner et al. 1988, F. King, unpublished work). The coupled peaks IA and Ic result from
the formation and reduction of sub-monolayer quantities of an adsorbed CuCl^s species

Cu + Cr <-• CuCl^g + e" (2)



The area under peak IA (-15 uC-cm"2) corresponds to -0.1 monolayer (ML) CUCIADS (by analogy
with the monolayer coverage charge density for CU(OH)ADS of 150 |J,Ccm~2 (Burstein and
Newman 1981)). Peak IA' is believed to correspond to the oxidation of adsorbed hydrogen,
formed in the region of H2 evolution at E < -1.0 V (Moreau et al. 1985). In region IIIA, CU

dissolves actively as soluble CUCI2 ions (Eisner et al. 1988). Reduction peak He corresponds to
the reduction of CU2O, the amount of which increases as EAL is made more anodic. At the most
positive anodic limit in Figure 2 (EAL = 0.00 V), the G12O reduction charge corresponds to a
layer thickness of -3 ML (monolayer charge density for CU2O of 300 |iCcm'2 (Burstein and
Newman 1981)). Formation of this oxide is associated with regions IIA and IHA of the anodic
scan. The Q12O reduction peak is first observed if the potential is scanned anodically into region
EIA. The anodic process responsible for the shoulder region IIA, which appears as more of a
plateau region in Figure 2(a), is uncertain, although Eisner et al. (1988) believe it to correspond
to the formation of a complete CUC1ADS monolayer. This would suggest that the initial stages of
formation of the G12O layer are associated with the hydrolysis of the CUCIADS layer

2CuClADs + H2O -> Cu2O +2C1" +2H+ (3)

It is also possible that the hydrolysis reaction proceeds via an adsorbed CUOHADS intermediate
(Figure 1), or that, as suggested by de Chialvo et al. (1985) and Eisner et al. (1988), Cl" and OH"
compete for adsorption sites, in which case oxide formation might proceed through the
dehydration of surface CUOHADS species

2CuOHADs -> Cu2O + H2O (4)

Regardless of the exact mechanism, the anodic process in region EU only results in the formation
of -0.5 ML of CU2O. Continued growth of the G12O layer is associated with the active
dissolution region IIIA. Therefore, although thickening of the CU2O layer could continue via
reactions (3) or (4), it is also possible that the hydrolysis of dissolved G1CI2 results in CU2O
formation via a dissolution-precipitation mechanism

2CuCli+ H2O -» Cu2O + 4C1" + 2H+ (5)

The behaviour described above is modified if the electrode is not rotated (Figure 3). First, since
the rate of dissolution as CuCb" is transport limited (Deslouis et al. 1988, Lee and Nobe 1986), the
active dissolution region (IIIA, Figure 2(a)) is shifted to more positive potentials. Second, the
shoulder region associated with the initial stages of G12O formation on a rotating electrode (region
IIA) is more defined in the absence of rotation and is seen as a distinct peak, on the cathodic side of
which a small shoulder can be seen (IIA')- More Cu2O is formed on a stationary electrode
(-2.5 ML compared with -1.5 ML for a rotating electrode at EA

L = 0.00 V) and, unlike the rotating
electrode, the CU2O film does not thicken as the potential is scanned anodically into the active
dissolution region (IIIA). For a given value of EAL, the anodic charge under peak EA is equal to the
corresponding CU2O reduction charge under peak He- This, and the fact that the anodic process in
region IIA results in a distinct peak consistent with the formation of a protective film, suggests that
CU2O formation results not from the hydrolysis of dissolved CuCV but from a surface reaction,



such as reaction (3) or (4). The same mechanism could also apply in the case of a rotating
electrode, with peak IIA appearing as a shoulder in Figure 2(b) rather than a peak only because of
the superposition of the large active dissolution current (region IHA).

Active dissolution of the stationary electrode is accompanied by the appearance of a new
cathodic reduction peak (IIIc, Figure 3(b)). This peak is believed to be due to the reduction of a
bulk (as opposed to monolayer) CuCl film that forms on a stationary electrode because the
interfacial [CuCli] exceeds the solubility of CuCl. It is possible, however, that peak Hie is due to
the reduction of a Cu(II) phase, either CuO or Cu(0H)2 (Abrantes et al. 1984). Dissolution as
CuCli proceeds in the presence of the G12O layer, the reduction of which is always observed
regardless of EAL. This indicates that the G12O layer is not protective, either because it is porous
or defective, allowing CuCli dissolution to continue through pores in the film, or because it is
soluble, dissolving at the film/solution interface as either Q1CI2 or Cu(II) In the latter case, the
CU2O formation and dissolution processes must achieve a steady state in order to account for the
constant film thickness of -2.5 ML when the potential is scanned into the active dissolution
region (niA).

The addition of small amounts of ammonia changes the voltammetric behaviour of Cu in NaCl
solution. Figure 4 shows the behaviour in a mixture of 10~4 moldm"3 (NH3 + NH4")/0.1 moldm 3

NaCl at pH 10 for a rotating electrode. Comparison with Figure 2 shows that the active
dissolution region is suppressed, resulting in the appearance of a distinct peak (IIA) instead of the
shoulder observed in ammonia-free solution for a rotating electrode. Peak HA is coupled to the
Cu2O-reduction peak (lie). The anodic oxidation charge is equal to the cathodic reduction
charge, and both increase as EAL is made more positive. In comparison with ammonia-free
solution, more CU2O is formed at a given potential (Table 2). Thus, just as in the case of the
stationary electrode in NaCl solution above, suppressing the active dissolution of Cu increases
the amount of CU2O formed. Again, as in ammonia-free solution, more CU2O is formed on a
stationary electrode than on a rotating electrode in 10"4 moldm"3 (NH3 + NH4") Cl" solution
(figure not shown, Table 2).

The addition of ammonia also affects processes prior to, and after, CU2O formation (Figure 4).
At negative potentials, peak IA is broader in NH3-containing solution (not visible on the scale
used for Figure 4), suggesting that either a species other than CuCl ADS is formed or that an
additional species is also present. The wide range of potentials associated with peak U suggests
that adsorption occurs on a number of surface sites with differing surface energies. It is possible
that peak IA in ammonia-containing solutions is due to CU(NH3)OHADS formation. At more
positive potentials, there is evidence for the formation of another reducible surface phase, which
forms at potentials more positive than those associated with peak IIA and which results in a
second reduction peak (IVc). The reduction charge associated with peak IVc increases with
increasing EAL. The surface phase associated with peak IVc is unknown, but, by analogy with the
voltammetric behaviour of Cu in Cl"-free alkaline solution (Abrantes et al. 1984), may be a
precipitated Cu(II) species, such as CuO or Cu(OH)2.
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Increasing the [NH3]T to 10'3 moldm"3 (Figure 5) results in behaviour similar to that observed at
10"4 moldm"3 [NH3]T. At a given potential, the amount of Cu2O formed is greater at the higher
[NH3]T for a rotating electrode (Table 2).

Further increase of the [NH3]T, however, leads to quite different behaviour (Figure 6). Now,
rather than suppressing Cu dissolution and increasing the amount of oxide formation, increasing
the [NH3]T to >10"2 mol-dm"3 has the opposite effects. A small Cu2O reduction peak is observed
in the solution containing 10"2 moldm"3 NH3, but no oxide is observed at higher [NH3]T. The
absence of the Cu2O reduction peak is not a consequence of the more negative upper anodic limit
used in these experiments, because increasing the potential only results in continued active
dissolution rather than oxide formation. Dissolution in these solutions occurs as the Cu(NH3)2
species, as indicated by the dependence of E on [NH3]T

2 at a constant current (+100 uA), and as
would be expected given the concentrations of Cl" and NH3 and the relative stabilities of the
respective Cu(I) complexes.

4.2 STEADY-STATE DISSOLUTION OF COPPER IN C17AMMONIA MIXTURES

Steady-state dissolution studies were carried out at pH 5 and pH 7 in 0.1 mol-dm"3 NaCl with
[NH3]T between 10"4 and 1.0 mol-dm'3. As in ammonia-free Cl" solutions, steady-state RDE
measurements can be used to distinguish between various reaction mechanisms, and are
particularly useful for distinguishing between interfacial and transport steps (Deslouis et al.
1988). Information about surface intermediate and dissolved species can also be obtained. The
technique is not suitable for studying film formation because passivation of the surface results in
small currents that are not rotation-rate dependent, and for this reason experiments were
performed at lower pH than that used for the voltammetric studies described above. Experiments
were carried out for E in the range -0.200 to -0.050 VSCE, a range in which Cu dissolves only as
Cu(I). At pH 5 and 7, the fraction of free NH3 species is 5.6 x 10'5 and 5.6 x 10"3, respectively.

Figure 7 shows a typical set of data plotted in the form of a Koutecky-Levich (K-L) plot.
Extrapolation to fm = 0 (i.e., infinite rotation rate), allows separation of the interfacial and
transport components of the measured current. The current at infinite rotation rate (i.e., at an
infinitely fast rate of mass transport), is determined by the rate of the interfacial step(s), and
provides information about the mechanism of the Cu dissolution reaction prior to the diffusion of
dissolved Cu(I) complexes away from the electrode surface. The dependence of the current on
rotation rate, the slope of the K-L plots, gives information about the nature of the diffusing
species.

Tables 3 and 4 give the observed dependence of the K-L slopes and intercepts as a function of
[NH3]T and E for pH values of 5 and 7, respectively. Replicate measurements, where taken, gave
similar results. The [NH3]T- and E-dependencies of the slopes and intercepts at pH 5 and 7 are
shown in Figures 8-15. The observed dependencies are summarized in Table 5. No detailed
study of the effect of pH was performed, but Table 6 gives the ratios of the slopes and intercepts
for those conditions at which measurements were made at both pH 5 and 7.
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Figures 8-11 show that the dissolution behaviour of Cu at pH 5 is independent of [NH3]T. Both
the slopes and intercepts are independent of [NH3]T (Figures 8 and 10), suggesting that neither
dissolved Cu(NH3)2

+ nor adsorbed Cu(NH3)OHADS species play any role in the transport or
interfacial reactions, respectively. Figures 9 and 11 show the E-dependence of the slopes and
intercepts, and include data for ammonia-free NaCl solution. Again, the similarity between the
Cl" and Cr/ammonia data suggest that the dissolution behaviour at pH 5 is dominated by Cl".

In contrast, the data in Figures 12-15 show that ammonia does influence the dissolution process
at pH 7, especially at high [NH3]T. Both the slopes and intercepts are weakly dependent on
[NH3]T at low concentrations, but become approximately proportional to [NH3]T

2 at
concentrations greater than ~0.1 moldm'3 (Figures 12 and 14). The more negative the potential,
the lower the [NH3]T at which this transition occurs. The E-dependencies shown in Figures 13
and 15 show that the slopes and intercepts in ammonia/Cl" mixtures are smaller than those in
NaCl solution and decrease with increasing [NH3]T. As at pH 5, the E-dependence of the
intercepts at pH 7 tends to change from -60 mV to -120 mV with increasing E (Figure 15).

The pH- and [NH3]T-dependence of the K-L slopes can be rationalized in terms of the relative
stabilities of CuCl2 and Cu(NH3)2. The cumulative stability constants for the two complexes OL)

where L is Cl" or NH3, have values of 10547 and 101047 for CuCl2 and Cu(NH3)^ respectively
(Appendix A). On the basis of the fraction of free NH3 at each pH, the [Cu(NH3)3:[CuCl| ratio
in 0.1 mol-dm'3 NaCl can be predicted as function of [NH3]T and pH (Table 7). At the maximum
[NH3]T studied at pH 5 (0.1 mol-dm"3), the proportion of Cu(NH3)2 is only -0.03% of the total
dissolved species. In contrast, at pH 7, Cu(NH3)2 dominates for [NH3]T > 0.06 mol-dm'3. This
predicted concentration agrees well with that at which the [NH3]T-dependence of the slope is
observed to sharply increase (Figure 12).

The same analysis cannot be applied to the [NH3]T-dependence of the intercepts because the
relative stability of the assumed adsorbed surface intermediates (CuCl^g and Cu(NH3)OHADS) is
not known. It is interesting to note, however, that the [NH3]T at which the dependence of the
intercept changes is approximately the same as that for the slope (i.e., ~0.1 mol-dm"3). The data
in Table 6, however, do suggest that the intercept is more pH-dependent than the slope,
consistent with the identification of the adsorbed species as Cu(NH3)OHADS.

More detailed analysis of the effect of solution speciation and a comparison of observed and
theoretical [NH3]T- and E-dependencies is given below.

Following each steady-state measurement, a cathodic potential scan was performed to determine
whether any surface species were present at the end of the experiment. Evidence for up to five
surface species (referred to as species S,, S2, S2', S3 and S4) was observed in the form of reduction
peaks or shoulders, the presence of which was found to depend on pH, [NH3]T and the E at which
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the steady-state measurements had been made. The five peaks were approximately centred at
potentials of-0.60, -0.80 (two peaks, S2 and S2'), -1.0 and -1.2 VSCE, respectively. Only two of
the five species were observed at pH 5, whereas evidence for all five was found at pH 7. In all
cases, these features were only observed on the first negative-going potential scan following the
steady-state measurement, and were absent from the second reductive scan that was performed
after the potential had been scanned back to the respective steady-state potential value. Table 8
summarizes the findings in terms of the species observed, the maximum reduction current for
each species and, where the peak was well defined, the reduction charge density associated with
the peak.

The range of observed behaviour is illustrated by the examples shown in Figures 16-26.
Figures 16-19 show the behaviour in ammonia-free NaCl at pH 7 for four different steady-state
potentials. For oxidation at E = -0.20 VSCE (Figure 16), reduction peak S, is observed on the first
reduction scan, along with a poorly defined peak S2. Comparison of the position and size of
these peaks with the behaviour in NaCl solution (Figure 2) suggests that species S, and S2 are
Cu2O and sub-monolayer CuCl^g, respectively. The charge densities for the reduction of Cu2O
and CuCl^s are 300 and 150 uA-cm'2-ML"' respectively (Burstein and Newman 1981),
suggesting a surface coverage in this case of ~2 ML Cu2O and « 1 ML C u C l ^ . With
increasing potential (-0.15 VSCE), two more surface species are formed (Figure 17). The
reduction of Cu2O now appears as a shoulder on a larger reduction peak, tentatively assigned to
an unknown species S2'. The position of peak S2' is the same as that for CuCl^g (S2). The
charge density for peak S2' (ca. 1200 uA-cm"2) would, if it were CuCI^g, correspond to a surface
coverage of ~8 ML. Such a thick layer would constitute the formation of bulk CuCl, the
reduction of which is known to occur at more positive potentials (E ~ -0.20 VSCE, peak IIIC,
Figure 3). Therefore, it is believed that peak S2' corresponds to the reduction of an unknown
species other than CuCl,^. A second unknown species is also formed under these conditions,
and reduced at a potential of—1.05 VSCE. In this particular case, the position of the peak lies
between the potentials assigned to species S3 and S4, so that the assignment of the species is
uncertain.

If the potential is made more positive still (E = -0.10 VSCE, Figure 18), all evidence for species S,
(Cu2O) and S2' (unknown) disappears, and the potential of the large peak at more negative
potentials is close to that associated with species S4. The identity of species S4 is unknown.
Based on the charge density under the peak (ca. 15000 faC-cm2), the layer would be 50-100 ML
thick (based on the monolayer charge densities of 300 and 150 uOcm^-ML"1, respectively).
Whilst the formation of such a thick layer is possible, it is also possible that the observed
reduction peak is due to the catalysis of the hydrogen-evolution reaction (HER) by a thin surface
layer, rather than the reduction of the surface layer itself. Sub-monolayer surface species are
known to catalyze the reduction of O2 on Cu (King et al. 1995a,b). The catalytic reduction
process appears as a peak because the catalytic surface (S4 in this case) is itself reduced as the
potential is scanned to more negative potentials and the catalytic activity is lost. Finally, if the
steady-state measurements are made at a potential at which the surface actively dissolves
(-0.050 VSCE), the subsequent reduction scan suggests that the surface is film-free, except for the
ubiquitous sub-monolayer CuCl^g (peak S2, Figure 19).
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The addition of small amounts of ammonia ([NH3]T = 10"4-10~3 moldm 3) modifies the behaviour
observed in NaCl solution. After oxidation at E = -0.125 VSCE, a single reduction peak for Cu2O
(Si) is observed (Figure 20). At intermediate potentials (-0.10 V S C E, Figure 21), multiple species
are present on the surface, as at -0.15 VSCE in NaCl solution (Figure 17). Unlike ammonia-free
NaCl, however, the two species S3 and S4 are clearly present together in 10"4 moldm"3 ammonia-
containing solution. As in NaCl, at more-positive oxidation potentials (-0.05 VSCE), peaks Si and
S21 disappear, and peak S4 dominates, with peak S3 possibly present as a shoulder on the larger S4
peak (Figure 22). Peak S4 is so large in fact, that the system overloaded and all currents more
negative than -3 mA were lost. This large current is further evidence that peak S4 is due to the
catalysis of the HER rather than the reduction of a thick layer of species S4.

The addition of higher concentrations of ammonia (>0.01 moldm"3), however, results in the
complete loss of all surface films. Figures 23 and 24 show two typical examples of reduction
scans following steady-state measurements at high [NHy-r. Although the cathodic current during
the first reduction scan is slightly larger than on subsequent cycles, there is no evidence for the
presence of significant surface layers. Thus, as in the case of high [NH 3 ]T in pH 10 solution
(Figure 6) and of more positive potentials in pH 7 NaCl (Figure 19), rapid dissolution proceeds
in the absence of surface layers.

At pH 5, there is a complete absence of peaks Si (CU2O) and S2' (unknown). As at pH 7, species
S3 and S4 are observed at intermediate potentials (-0.10 to -0.050 VSCE) in NaCl and low [NH3]T

(< 10"3 moldm"3), but not at more negative steady-state potentials or higher ammonia
concentrations (Figures 25 and 26). Species S2 (CUCIADS) is observed over a wide range of E and
[NH3]T (Table 8(b)).

The identity of species S2', S3 and S4 cannot be determined from the results of the present study.
These species are observed in ammonia-free, as well as ammonia-containing, NaCl solution, so
cannot involve adsorbed NH3. The species are not observed during voltammetric studies
regardless of the E range or solution pH, but are formed during prolonged potentiostatic
polarization under specific conditions of E, pH and [NH3]y. Studies using scratched Cu
electrodes (in which a perfectly clean, film-free surface is believed to be formed initially) suggest
the formation of an adsorbed CU(OH)ADS layer over a wide range of E and pH, as a precursor to
Cu2O formation (Burstein and Newman 1981). De Chialvo et al. (1985) and Eisner et al. (1988)
have also suggested the presence of this species prior to Cu2O formation and King et al.
(1995a,b) have speculated that this species might be responsible for the catalysis of O2 reduction
on Cu. Burstein and Newman (1981) suggest that CU(OH)ADS could be present in the
H2-evolution region. Consequently, species S4 could correspond to CU(OH)ADS, and be
responsible for the catalysis of the HER. However, this argument is inconsistent with the
suggestion that CU(OH)ADS is a precursor to CU2O formation since, here, peak S4 is only observed
following steady-state polarization at potentials more positive than those at which peak Si
(attributed to O12O) is observed (cf. Figures 16 and 18 or 20 and 21). Burstein and Newman
(1981) also suggest the formation of sub-monolayer Cu(NH3)OHADS. Whilst no direct evidence
for this species was observed here, the formation of sub-monolayer films (such as CUCIADS) is
often obscured by the much larger currents associated with species Si, S2', S3 and S4.
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4.3 THERMODYNAMIC SPECIATION AND POTENTIAL/pH DIAGRAMS

Pourbaix and, to a lesser extent, aqueous speciation diagrams have been used in the literature to
help interpret the SCC behaviour of Cu alloys in ammonia solutions (Hoar and Rothwell 1970,
Mattsson 1961, Tromans 1997 and references therein). These diagrams are useful for the
Cu-NF^/NH^-H^O system because the interfacial dissolution processes and aqueous
complexation reactions are generally fast and reversible. The discussion is generally limited to
Cu in ammonia solutions, although Bartonicek and Lukasovska (1969, 1971) have considered the
quaternary systemCU-NH3/NH4-CI-H2O.

Figures 27-31 show the E/pH diagrams for the G1-NH3/NH4-CI-H2O system calculated using the
thermodynamic values and procedures given in Appendix A. The diagrams cover the range of
conditions used in the experiments reported here, namely 0.1 moldm"3 Cl" plus [NH3]T between
10"4 and 1.0 moldm"3 at 25°C. Activity coefficients for all species have been assumed to be
unity, a reasonable assumption at lower [NH3]T, although, as Tromans (1997) has pointed out,
inappropriate for the 15 moldm"3 ammonia solutions often used experimentally. The diagrams
have been plotted for a total dissolved [Cu] of 10"6 mol-dm"3. This [Cu] is lower than that used in
Mattsson's SCC reagent (ASTM 1994) and in other solutions developed to study the SCC of Cu
alloys (see, for example, Tromans 1997), but is approximately equal to the [Cu] at the surface of
an RDE dissolving at a rate of -1-10 uA-cm"2 (Albery and Hitchman 1971).

Comparison of Figures 27-29 shows that the effect of [NH3]T up to 0.01 moldm"3 is mainly on
the speciation of dissolved and solid Cu(I) species. (The E/pH diagram for ammonia-free
0.1 moldm"3 Cl" is not shown, but would be identical to that for 10"4 moldm"3 ammonia/
0.1 moldm"3 Cl" (Figure 27)). At [NH3]T ^ 10"4 moldm"3 there is no predominant Cu-ammonia
dissolved species (Figure 27). At 10"3 moldm"3 ammonia (Figure 28), a small zone of stability of
Cu(NH3)2+ appears within the CU2O stability field. With increasing [NHy-r, this zone expands to
both lower and higher pH, so that at [NH3]T = 0.01 moldm"3 Cu2O is only stable at pH > 11.5,
for [Cu] = 10"6 moldm"3 (Figure 29). The stability field of Cu(NH3)2 expands further at
[NH3]T = 0.1 moldm"3, so that the solubility of Cu2O exceeds 10"6 moldm"3 (Figure 30). At
more positive potentials, dissolved Cu(II)-NH3 complexes become increasingly stable for
[NH3]T > 0.1 moldm"3 and reduce the stability field of CuO (Figures 30 and 31), until, in
1.0 moldm"3 ammonia, the solubility of CuO also exceeds 10"6 moldm'3 and Cu metal is the
only stable solid phase (Figure 31).

Aqueous speciation diagrams can also be useful in interpreting the electrochemical and SCC
behaviour of Cu in ClVammonia mixtures. A number of different systems are of interest. Within
the crack, Cu(I) species dominate because (i) the potential within the crack is too negative to
cause the dissolution of Cu as Cu(II) (Bertocci and Pugh 1987), partly because of the presence of
ligands that stabilize dissolved Cu(I) species, and (ii) the crack is starved of O2, thus preventing
the homogeneous oxidation of Cu(I) to Cu(II). Outside the crack, however, Cu(II) species will
predominate in O2-containing environments because of the oxidation of Cu(I) to Cu(II). At
equilibrium, the total dissolved [Cu] will be limited in each case by the solubility of a solid Cu(I)
or Cu(II) phase. In addition, within the crack, Cu metal may be present at the crack tip if the
crack propagates via a film-rupture/anodic-dissolution mechanism.
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Figures 32-34 show speciation diagrams for three different systems. These systems simulate the
conditions that may exist within either a crack or on an exposed surface outside the crack.
Various [NH3]T and [CT] are considered. The three systems are:

Figure 32: the speciation of dissolved Cu(I) in equilibrium with Cu2O. This figure simulates
the situation inside a crack in which both the crack walls and tip are G12O-
covered, as would be the case for the tarnish-rupture mechanism.

Figure 33: the speciation of dissolved Cu(I) and Cu(II) in equilibrium with Cu and CU2O.
This diagram simulates the crack chemistry for the film-rupture/anodic-
dissolution mechanism, in which bare Cu is either permanently or periodically
exposed at the crack tip.

Figure 34: the speciation of dissolved Cu(II) in equilibrium with CuO. This diagram
simulates the speciation of Cu in an O2-containing solution in contact with the
exposed surface outside the crack. For the conditions chosen CuO, rather than
CuCl2-3Cu(OH)2, is the stable Cu(II) solid.

The implications of these diagrams for the SCC of Cu in CI7NH3 solutions is discussed in
Section 5.3.1.

5. DISCUSSION

5.1 EFFECT OF TNH^T ON VOLTAMMETRIC BEHAVIOUR AT pH 10

There is good agreement between the observed voltammetric behaviour (Figures 2-6) and that
predicted thermodynamically (Figures 27-31). At [NH3]T ^ 10"3 moldm"3, Cu2O is formed
during voltammetric experiments at EA

L between ca. -0.40 to 0.00 VSCE, as evidenced by the
reduction peak He, and is the thermodynamically stable solid between potentials of -0.38 and
-0.16 VSCE on the E/pH diagram. At higher [NH3]T, little or no Cu2O is formed voltammetrically
(Figure 6) and it is not thermodynamically stable at pH 10 for a total dissolved [Cu] of
10"6 moldm"3 (Figures 29-31). In addition, the formation of what might be a Cu(II) phase at
EAL > -0.10 VSCE corresponds approximately to the stability field of CuO on the E/pH diagrams.

Thermodynamic predictions, however, cannot account for some of the more subtle differences in
the voltammetric results. For example, the data in Table 2 show that, at a given EA

L, the amount
of Cu2O formed increases with [NH3]T up to ~10~3 moldm"3 and is greater if the electrode is not
rotated. These differences arise largely from differences in the kinetics of Cu2O formation, but
may also be influenced by the nature of adsorbed precursor species. Figure 1 shows a number of
possible routes by which Cu2O may be formed. Rotation of the electrode will reduce the
interfacial concentration of O1CI2 or Cu(NH3)£. Regardless of whether Cu2O is formed from
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(i) the hydrolysis of these dissolved species, (ii) the hydrolysis of adsorbed CUCUDS or
CU(NH 3 )OH A DS, or (iii) the dehydration of CUOHADS, a decrease in the interfacial [CuCl^ or
[Cu(NH3)2] will result in slower C112O formation, if the reactions shown in Figure 1 are
reversible.

Close inspection of the cyclic voltammograms shows that thin adsorbed layers are formed on the
Cu surface. The formation of such layers cannot be predicted thermodynamically, partly because
the free energy of formation of thin layers is different from that of the bulk solid on which the
thermodynamic calculations are based. For instance, their is evidence from the voltammograms
for the formation of CuClADS at a potential of approximately -0.75 V S C E, -0.7 V more negative
than the equilibrium potential for the formation of bulk CuCl in this solution (Eisner et al. 1988).
Furthermore, there may be other adsorbed phases present, but they are difficult to identify
because the currents are small. In addition to CUCIADS, two other adsorbed phases have been
proposed in Figure 1, CUOHADS and CU(NH3>OHADS- There is evidence for both of these species
in the literature (Burstein and Newman 1981, de Chialvo et al. 1985, Eisner et al. 1988), but no
definitive evidence from Figures 2-6 for their presence in these studies.

It is not possible to explain with certainty why the addition of small amounts of ammonia results
in greater CU2O formation because the exact mechanism for its formation in these solutions is
unknown. Based on the generalized mechanism shown in Figure 1, however, it is possible to
suggest a number of reasons. Based on the voltammetric behaviour at [NH3]T ^ 10'2 moldm"3

(Figure 6), high [NH3]T results in rapid dissolution as Cu(NH3)2
+ but no G12O formation.

Presumably, therefore, Cu2O is not formed by the hydrolysis of dissolved Cu(NH3h+ (reaction(a),
Figure 1). Increasing [NH3]T would, however, decrease the concentration of CU(NH3)OHADS by
driving its dissolution as Cu(NH3)2 (reaction (c), Figure 1). Thus, the decrease in the amount of
CU2O formed with increasing [NH3]T is consistent with a mechanism involving its formation by
the hydrolysis of CU(NH3)OHADS (reaction (b), Figure 1), even though there is no direct evidence
for this adsorbed species from the voltammetry results. This mechanism is also consistent with
the observation that at [NH 3 ]T ^ 10"3 moldm'3 the amount of Cu2O increases with ammonia
concentration, because increasing the [NH3]T increases the rate of oxidation of Cu to form
CU(NH3)OHADS (reaction (d), Figure 1). The amount of oxide formed is then dependent upon the
relative rates of the hydrolysis of CU(NH 3 )OH A DS (reaction (b)) and the rate at which it dissolves
as Cu(NH3)2 (reaction (a)).

5.2 STEADY-STATE DISSOLUTION MECHANISM

Figure 1 shows a generalized scheme for G12O formation and the dissolution of Cu in
ClVammonia solutions. This scheme is based on (i) the known dissolution behaviour in Cl"
solutions (Deslouis et al. 1988), (ii) the proposed mechanisms for the formation of Cu2O in Cl"
solutions (F. King, unpublished work), and (iii) a set of reactions for NH3-containing solutions
analogous to those in Cl" environments, involving the adsorbed CU(NH3)OHADS intermediate
reported by Burstein and Newman (1981). The relative importance of the various steps can be
determined from an analysis of the steady-state dissolution data. Analysis in terms of the
complete reaction set in Figure 1 is algebraically intractable, so the experimental results have
been compared with theoretical predictions for five sub-sets of the overall reaction scheme. The
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five reaction schemes analyzed are shown in Figure 35 and the E-, [NH3]T- and pH-dependencies
of the K-L slopes and intercepts for each are given in Table 9 for mechanisms A-D and in
Table 10 for mechanism E. The derivations of these theoretical dependencies are given in
Appendix B. For comparison, the experimentally observed dependencies are given in Table 5.

The five mechanisms are presented in order of increasing complexity. Mechanisms A and B
represent the simplest possible reaction schemes for Cu dissolving in Cl" or ammonia solutions as
the soluble complex ions CuCli and Cu(NH3)2, respectively. The results of a number of detailed
studies have shown that Mechanism A does not properly account for the dissolution of Cu in Cl~
solutions (Deslouis et al. 1988, F. King, unpublished work), which instead proceeds via two
distinct interfacial steps involving an adsorbed CUCUDS intermediate (Mechanism C).
Mechanism D is the analogous scheme to Mechanism C for ammonia solutions, and includes an
adsorbed NH3-containing intermediate species (CU(NH3)OHADS)- Finally, Mechanism E
represents the most general scheme that is both algebraically tractable and mechanistically
meaningful. In this mechanism, Cu is assumed to dissolve via both CUCUDS and Cu(NH3)OHADS

surface intermediates, with the two intermediates linked by interfacial exchange reactions (step 3,
rate constants k3/k_3). In order to simplify the algebraic treatment, the two electron-transfer
reactions (denoted by rate constants ki/k_i and ks/k-s) are assumed to be at equilibrium. In Cl"
solutions, at least, this assumption is reasonable. Without this simplification, the solution of this
mechanism becomes too algebraically complex. For Mechanism E, two different rate-
determining steps are considered (steps 2 and 4, denoted by rate constants k2/k_2 and k4/k_4
respectively).

The experimental dissolution behaviour that is easiest to interpret is that observed at pH 5
(Figures 8-11, Table 5(a)). Both the slopes and intercepts are independent of [NH3]T and their
E-dependence is virtually identical to that observed in ammonia-free Cl" solutions (Figures 9 and
11). The absence of any effect of ammonia suggests that Cu dissolves by either Mechanism A or
C, with the change in the E-dependence of the intercept from -60 mV at low E to -120 mV at
high E indicating that Mechanism C is the most appropriate to describe the behaviour of Cu in
0.1 moldm"3 ClVammonia solutions at pH 5 for [NH3]T up to 0.1 moldm"3. This conclusion is
consistent with the predicted relative concentrations of CuCl2" and Cu(NH3)2" under these
conditions (Table 7). Even for [NH3]T = 0.1 moldm'3, only 0.03% of the dissolved Cu is in the
ammoniacal form. Furthermore, the lack of any dependence of the intercept on [NH 3 ]T suggests
that the relative stability of the CUC1ADS and CU(NH 3 )OH A DS intermediates also favours the Cl"
species under these conditions.

The interpretation of the behaviour observed in pH 7 solution is more complex. The observed
dependence of both the slope and intercept on [NH3]j clearly shows a change in the mechanism
with increasing [NH 3 ]T (Figures 12 and 14, Table 5(b)). This change in behaviour might be
explained by either a combination of relatively simple mechanisms (i.e., Mechanisms A to D) or
by a single, more-complicated, mechanism (Mechanisms E), in which the relative rates of the
individual steps changes with [NH3]T (and E).
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First, consider an overall mechanism based on a combination of the simpler mechanisms in
Figure 35. The observed independence of the slopes and intercepts on [NH3]T at low
concentrations and the dependence on [NH3]"2 at higher concentrations can be explained by a
change from Mechanism C at low [NH 3 ]T to Mechanism B or D at high [NH3]T. Mechanism B
accounts for the dependence on the intercept on [NH3]'2 at high [NH3]T, but does not account for
the observed change in the E-dependence of the slope. Conversely, Mechanism D accounts for
the change in E-dependence, but predicts an [NH3]T-dependence of [NH3]"1 at high [NH3]T.
Neither mechanism, nor any of the other mechanisms considered here, explain the apparent
change in the E-dependence of the slope with increasing [NH3]T (Table 5(b)). However,
re-examination of Figure 13 suggests that the evidence for this apparent change in behaviour is
not strong.

Instead of a combination of two simpler mechanisms, the behaviour at pH 7 might be explainable
in terms of a single generalized mechanism. From the predicted E- and [NH3]r-dependencies for
Mechanism E (Table 10), step 2 clearly cannot be the rate-determining step (Table 10(a)), since it
fails to predict the observed [NH3]"2 dependence of the intercept (Figure 14, Table 7(b)),
regardless of the relative rates of k3/k_3. The other alternative is that step 4 is rate-determining
(Table 10(b)). Then, if step 3 is slow, this mechanism correctly predicts the observed
E-dependence of the intercepts (-60 mV at low E, -120 mV at high E), but the predicted
[NH3]T-dependence is opposite to that observed. Alternatively, if step 3 is fast, Mechanism E
cannot account for the observed change in the E-dependence of the intercepts, but does account
for the change in [NH3]T-dependence for high values of E (Table 10(b)).

Based on the observed E- and [Nty-i-dependencies alone, therefore, the most simple explanation
for the behaviour at pH 7 is that Cu dissolves independently via pathways involving Cl" and NH3
species. There is no evidence that the adsorbed intermediates exchange on the surface, via a
process such as

CuClADS + NH3 + O H - < = ^ C u ( N H 3 ) O H A D S + Cl" (7)

The adsorbed surface intermediate CU(NH3)OHADS, or a similar species, must exist, however, in
order to explain the observed pH dependence (Table 6). The mean ratio of the slopes in
ammonia-containing solution ([slope]PH5:[slope]PH7) is 1.04, whereas the corresponding ratio for
the intercepts is [intercept]PH5:[intercept]PH7 = 1.72. Therefore, whereas the slope is independent
of [H+], the intercept increases with [H+], albeit weakly. This weak dependence (intercept <*=
[H+]° 13) suggests that an intermediate species involving OH" participates in the interfacial
dissolution reaction in ammonia-containing solutions. This observation is consistent with the
proposed formation of CU(NH3)OHADS- Thus, of the two possible dissolution reactions involving
NH3 (Mechanisms B and D), Mechanism D involving the CU(NH 3 )OH A DS intermediate is most
appropriate for [NH3] < 0.1 moldm3 , the maximum [NH3]T at which comparison between pH 5
and pH 7 is possible from the results of this study.
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Any proposed mechanism must also be consistent with the presence, or absence, of surface films
detected on the electrode following the experiments (Figures 16-26, Table 8). At pH 5
(Table 8(b)), the surface was found to be relatively free of surface films, except for sub-
monolayer CuClADs (peak S2) and, under limited conditions of positive E and low [NH3]T, the
unknown species S3 and S4. The mechanism proposed above for pH 5 solution, namely
dissolution as G1CI2 via a CUCIADS intermediate at all [NH3]T, is consistent with the observation
of peak S2, but cannot explain peaks S3 or S4. In pH 7 solution (Table 8 (a)), there is evidence for
the formation of CU2O (peak Si) and the unknown species S2', S3 and S4 over a wide range of
potential and [NH3]T for [NH3]T < 10'3 moldm"3. At higher [NH3]T, or at more positive
potentials, the only species observed is CUC1ADS

 ar»d the surface appears to dissolve actively.
When not obscured by the larger S2', S3 and S4 peaks, there is also evidence for CUCIADS at lower
[NH3]T. Based only on the observed surface films, the most appropriate mechanisms at
[NH3]j > 0.01 moldm"3 and positive potentials in pH 7 solution is a combination of
Mechanisms B and C. At lower [NH3]T, a combination of Mechanisms C and D might be more
appropriate, since CU(NH3)OHADS or a derived species (such as CUOHADS) may be responsible
for peaks S2', S3 or S4.

In conclusion, therefore, the dissolution mechanism in pH 7 solution cannot be definitively
identified from the current analysis. However, the best description involves a combination of
Mechanisms B, C and D. There is no evidence that the various adsorbed intermediates involved,
CUCIADS and CU(NH3)OHADS, interact on the surface. Consequently, the three different pathways
proceed independently, with the relative contribution of each to the overall dissolution reaction
changing with [NH3]T and E. At low [NFyT and E, dissolution via CUCIADS and CU(NH3)OHADS

are more significant. At high [NH3]T and E, active dissolution as Cu(NH3>2" is more important.

5.3 STRESS CORROSION CRACKING OF COPPER IN C17AMMONIA MIXTURES

5.3.1 The Inhibitive Effect of Chloride

There are a number of possible ways in which Cl" ions might affect the SCC behaviour of Cu in
ammonia solutions. First, CY will affect the crack chemistry, in particular the speciation of
dissolved Cu in the crack. Second, there may be a similar effect upon the speciation outside the
crack, in the O2-containing bulk solution. Third, Cl' will have a number of effects on the nature
and formation of the Cu2O film.

First, consider the general conditions of E, pH, [NH3]T, [Cl] and [O2] within the crack. Because
of its geometry, the crack forms an occluded region and the environment inside the crack will be
quite different from that outside. Its length will be much greater than its width, resulting in slow
mass-transport into and out of the crack. A potential gradient will exist between the crack tip, at
which anodic reactions will be localized, and the crack walls and external surfaces, on which the
cathodic reaction will take place. Mass transport will occur by diffusion and, for negatively
charged species, by migration down the potential gradient. There will be no O2 in the crack, both
because of the crack geometry and because the [O2] gradient is limited by the low concentration
of O2 in aerated solutions. Any O2 entering the crack will be quickly consumed on the walls near
the crack mouth. The diffusive mass transport of ammonia will be faster because the [NH3]T
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gradient is likely to be higher than that for O2. Chloride ions, on the other hand, will be
transported by both diffusion and migration, so that the [Cl~] within the crack could be
significantly higher than that in the bulk solution. The pH of the crack solution is uncertain, but
may be near-neutral. The presence of ligands that form complexes with Cu(I), such as Cl" and
NH3, will reduce the tendency for the dissolved metal ions to hydrolyze, so that the low-pH
environments often formed in occluded regions (cracks and crevices) for some materials may not
develop for Cu. Furthermore, the fact that O12O is more soluble at low pH than many other
metal oxides, e.g., TiO2, Cr(OH)3/Cr2O3, suggests that the crack pH for Cu alloys cannot be too
acidic because otherwise the crack walls would not remain passive.

The speciation diagrams in Figures 32 and 33 can be used to assess the effect of Cl" ions on the
crack chemistry. Figure 32 shows the aqueous speciation of dissolved Cu in equilibrium with
Cu2O in a ClVammonia mixture (Figure 32(a)) and in ammonia solution (Figure 32(b)). A
[C1~]:[NH3]T ratio of 10:1 is used to simulate the effect of electro-migration of Cl" into the crack.
These diagrams would correspond to the conditions within a crack for the tarnish-rupture
mechanism. The speciation is relatively simple in the ClVammonia mixture, with CuCl2"
predominating at pH <7.7, Cu(NH3)2

+ for 7.8 < pH < 13.4 and Cu(OH)2" at pH > 13.5
(Figure 32(a)). In the absence of Cl" ions, the dominant species are: Cu+ at pH < 4.3, Cu(NH3)+

for 4.4 < pH < 5.6, Cu(NH3)2
+ for 5.7 < pH <13.4, Cu(OH)2~ at pH >13.5. If the crack pH is

neutral to slightly acidic, therefore, the speciation of dissolved Cu would be quite different, being
dominated by CuCl2 in ClVammonia mixtures and Cu(I)-NH3 complexes in ammonia solution. It
is uncertain whether this difference in speciation would have any effect on the cracking
mechanism, but the relative stabilities of CuCl2 and Cu(NH3)+/Cu(NH3)2 could affect the rate of
dissolution and oxide formation, depending on the exact mechanism and the extent of
reversibility of the reactions shown in Figure 1.

If we now include the possibility of the disproportionation of Cu, there is an even more
significant effect of Cl" ions. Figure 33 shows the speciation of dissolved Cu in equilibrium with
Cu and CU2O in a ClVammonia mixture (a 10:1 [C1"]:[NH3]T ratio, Figure 33(a)) and in Cl"-free
ammonia solution (Figure 33(b)). These diagrams simulate the conditions at the tip of a crack
advancing via a film-rupture/anodic-dissolution mechanism, in which bare Cu metal is
permanently or, in the case of non-continuous crack growth, periodically exposed. Furthermore,
Cu(II) species may be formed by the disproportionation reaction

Cu2O + 2H+ <-> Cu2+ + H2O + Cu (8)

In ClVammonia mixtures, the speciation is dominated by Cu(I) species (Figure 33(a)). The
speciation is virtually identical to that shown in Figure 32(a), for a ClVammonia solution in
equilibrium with CU2O. The presence of Cl" and NH3, both of which stabilize Cu(I) ions,
restricts the disproportionation reaction, with only trace amounts (<0.1%) of Cu(NH3)4

 + being
formed at 8.8 < pH < 11.2. In the absence of Cl", however, Cu(I) is not stabilized at low pH,
because of the predominance of NH4 ions over NH3. Consequently, Cu2+ is the most
predominant dissolved species for pH < 5.8, above which a mixture of Cu2+ and Cu(I)- and
Cu(n)-NH3 complexes forms in the range 5.8 < pH < 6.4 (Figure 33(b)). At higher pH, the
cuprous Cu(NH3)2 complex ion predominates, although some cupric Cu(NH3)|+ is predicted to
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be stable between pH 8 and 12. If this speciation diagram does represent the distribution of Cu(I)
and Cu(II) species near the crack tip, crack advance through anodic dissolution could be
supported by the rapid reduction of Cu(II) on oxide-covered surfaces adjacent to the crack tip.
Consequently, the impact of iR drops, which may be significant in ammonia solutions, would be
minimized because the anode and cathode would not be distantly separated. This same
mechanism would not be possible in Cl" solutions, possibly accounting for the apparent inhibitive
effect of Cl" in ammonia solutions.

It is interesting to note that there is a close correlation between the [Cu(I)]:[Cu(II)] ratio in
Figure 33(b) and the pH-dependence of the cracking of brass in ammonia solutions observed by
Mattsson (1961). Mattsson observed predominantly TGSCC at 3.9 < pH < 6.6, IGSCC between
pH 6.7 and pH 7.7, and TGSCC for 7.8 < pH <11.2. Mattsson himself correlated these
observations with the presence of a visible black tarnish in the intermediate pH range in which
IGSCC was observed, and its absence at either higher or lower pH, associated with TGSCC
(Mattsson 1961). In the present calculations, the solution species are in equilibrium with CU2O at
all pH; what varies is the [Cu(I)]:[Cu(II)]. Cracking appears to be transgranular at pH values at
which the percentage of Cu(II) is >95%, and intergranular at lower Cu(II) contents. The reason
why Cu(II) within the crack solution should induce TGSCC but Cu(I) causes IGSCC is not
known, but this correlation was not discussed in Mattsson's original work.

In addition to its effect within the crack, Cl" may also affect the speciation of dissolved Cu in the
bulk solution and, hence, the kinetics of crack propagation. Cupric-ammonia complexes may be
the oxidant in some SCC mechanisms, but Cl" also stabilizes Cu(II) as CuCl+. Unlike the crack
solution, which may be neutral to slightly acidic, the bulk solution is likely to be alkaline in
aerated solutions because of the reduction of O2 to OH". Figure 34 shows that, for pH > 7, there
is no effect of Cl* on the speciation of Cu(II) complex ions in equilibrium with CuO, at least for a
[Cr]:[NH3]T ratio of 1:1. Thus, it is unlikely that the inhibitive effect of Cl" on the SCC of brass
in ammonia solutions is due to a change in the cathodic kinetics on the external surface.

In addition to effects on the aqueous speciation, Cl" may also affect the formation and properties
of Cu2O films in ClVammonia solutions. Cuprous oxide films have been implicated in most of
the SCC mechanisms for Cu in ammonia solutions (Table 1). Two types of Cu2O should be
distinguished: the thick, black tarnish film that forms in tarnishing solutions and a thinner, non-
visible Cu2O layer that is always present on Cu when exposed to aqueous solutions. The
presence of the former type of film can be predicted thermodynamically, that of the latter cannot.
Since the latter type of film may only be several ML thick, and because it may grow by a solid-
state process, rather than by a dissolution-precipitation mechanism, it will be referred to here as
epitaxial Cu2O. Even in non-tarnishing solutions, Cu will be covered by a thin, epitaxial Cu2O
layer. Three effects of Cl" need to be considered: the effect on the thermodynamic stability of the
tarnish Cu2O layer in QVammonia solutions, the effect of Cl" on the mechanism and rate of
growth of Cu2O, and the effect of Cl" on the properties of the Cu2O layer.

There has been a long association between the observed pH-dependence of the SCC of brass in
ammonia solutions and the thermodynamically predicted position of the equilibrium between
Cu2O and Cu(NH3)2 (Mattsson 1961). Proponents of the film-rupture/anodic-dissolution
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mechanism point to this coincidence as evidence that cracking occurs under conditions in which
the crack can advance through the dissolution of Cu as Cu(NH3)2" but the crack walls remain
passivated by Cu2O. The conditions under which CU2O is stable are also significant for crack
growth by the tarnish-rupture mechanism, because SCC can only be observed within the stability
field of Cu2O for the particular conditions of [NH3]T, pH, E and [Cu] in the crack. The presence
of Cl" modifies the size of the Cu2O stability field and the position of the Cu2O/Cu(NH3)2f

equilibrium on E/pH diagrams.

Figures 36-40 show the effect of increasing [Cl~] on the CU-NH3/NH4-CI-H2O E/pH diagrams
for a constant [NKbJr of 0.01 moldm"3 and a total dissolved [Cu] of 10'6 moldm"3. For
[Cl] < 10"3 moldm"3, two Cu2O/Cu(NH3)2 boundaries exist, located at pH values of pH 7.0 and
pH 11.5 for the conditions of [NH3]T and [Cu] considered here (Figures 36 and 37). These two
boundaries correspond to those considered by Mattsson (1961) and other workers (e.g., Hoar and
Rothwell 1970, Tromans 1997) for the SCC of brass in ammonia solutions.
At [Cl] = 0.01 moldm"3 (Figure 38), dissolved CuCl2 is stable for the conditions considered, but
the Cu2O/Cu(NH3)2

+ equilibrium lines remain unchanged. In addition to this equilibrium,
however, an analogous equilibrium exists between Cu2O and CuCl2 at pH 6.5. There are no
reports in the literature linking the existence of this equilibrium with the SCC of Cu alloys. In
fact, as pointed out earlier, Cl" appears to inhibit the SCC of brass in ammonia solutions. It is not
clear why SCC should be associated with the Cu2O/Cu(NH3)2 equilibrium, but not with that
between Cu2O and CuCl2. Further increasing the [Cl~] to > 0.1 moldm"3 (Figures 39 and 40)
results in the disappearance of the Cu2O/Cu(NH3)2" at lower pH. Therefore, the addition of Cl"
may inhibit the SCC of Cu alloys at low pH by increasing the solubility of CU2O, as suggested by
Kermani and Scully (1979) for the cracking of brass by a tarnish-rupture mechanism.

In addition to affecting its thermodynamic stability, Cl" ions may also affect the kinetics and
mechanism of Cu2O film growth. King (1996a) has reported that the rate of Cu2O formation in
aerated 0.05 moldm"3 ammonia at 25°C is 1 to 2 orders of magnitude higher than the equivalent
rate in aerated 0.5 moldm"3 NaCl. The voltammetric results presented here show that small
additions of ammonia (< 10"3 moldm"3) to 0.1 moldm"3 NaCl lead to thicker Cu2O layers,
although higher [NH^JT result in active dissolution from Cu2O-free surfaces. Certainly, the
addition of ammonia affects the mechanism of Cu dissolution, and by inference that of Cu2O
formation, provided the concentration of free NH3, or pH, is sufficiently high.

The third possible effect of Cl" on Cu2O films is related to the properties of the oxide. King
(1996a) has summarized the theoretical expressions for the crack velocity for the three major
SCC mechanisms proposed for Cu alloys in ammonia solutions. In each case, the crack velocity
is inversely related to £0 the critical strain for fracture of the film. For film-rupture/anodic
dissolution and tarnish-rupture mechanisms, the film in question is Cu2O. For the SCC of Cu or
brass via the film-induced cleavage mechanism, the film is either a nanoporous dezincified layer
in the case of brass or a similarly porous Cu layer for Cu (Table 1). However, Cassagne et al.
(1990) have suggested that thin oxide films (either Cu2O or CuO) can cause the TGSCC of Cu by
film-induced cleavage in sodium acetate and NaNC>2 solutions. In the latter case, an upper
steady-state film thickness of -40 nm was measured using ellipsometry. This thickness would
correspond to ~ 100 layers, based on a monolayer thickness of 0.37 nm (Strehblow and Titze
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1980). For Cl" to have an inhibitive effect on the SCC of Cu and brass in ammonia solutions,
therefore, Cl" would have to cause an increase in the critical strain to fracture of these films.
Incorporation of Cl" into the Cu2O lattice might make the oxide more ductile, but no definitive
study is reported in the literature.

Instead of an effect on the film ductility, Cl" may affect the electronic properties of the film. The
inclusion of Cl" into the Cu2O lattice is believed to introduce electronic defects (North and Pryor
1970), which would increase the passive current density of the CU2O film covering the crack
walls. The crack walls would then dissolve at a significant rate, resulting in crack blunting and
possible pitting of the surface, rather than SCC. In both anodic-dissolution/film-rupture and
tarnish-rupture mechanisms, cracking can only be sustained if the walls are passive and do not
dissolve. A similar situation must apply for the film-induced cleavage mechanism, but the
literature evidence is less clear, partly because of the predominance of studies on brass as
opposed to Cu. For brass, the potential within the crack is sufficiently negative that although
dezincification can occur at the crack tip, producing the initiating dealloyed layer, no net
dissolution of Cu occurs on the crack walls. Therefore, although the crack walls are not
protected by oxide, they are effectively cathodically protected. Therefore, in addition to the
suggested inhibitive effect of Cl" on the properties of the dezincified layer (Newman 1992,
Shahrabi and Newman 1989), Cl" might also inhibit the SCC of brass by inducing dissolution of
the unprotected walls of the crack.

5.3.2 The SCC of Copper Containers

The dependence of the pH corresponding to the Cu(NH3)2 /CU2O boundary on [Cl] and [NHs]T

can be used to predict the susceptibility of Cu containers to SCC in tarnishing ammonia
environments as a result of film-rupture/anodic-dissolution or tarnish-rupture mechanisms. It is
not expected that ammonia will be present in a disposal vault deep underground in the Canadian
Shield (King 1996a,b). However, the possibility of radiolytically or microbially produced
ammonia cannot be definitely excluded. The possible concentration of ammonia cannot be
reliably predicted at this time, although it may be measurable experimentally. In contrast, it is
possible to predict the time dependence of the [Cl~] in the vault. Initially, the buffer material will
be compacted with potable water having a low [Cl~]. The clay component of the buffer may
contain soluble chloride minerals, the dissolution of which would lead to increased pore-water
[Cl~] (Oscarson and Dixon 1989). Subsequently, Cl" will diffuse into the vault from the saline
groundwater in the fractures and may, if the rock-mass fluids have a significantly higher density
than the pore-water fluids in the buffer and backfill, be transported by advection under the
influence of a density gradient (M. Kolar, private communication 1999). Depending upon the
nature of the mass-transport process, it may take several thousands of years for the pore-water
[Cl~] to become equal to that in the groundwater in the surrounding rock (M. Kolar and F. King,
unpublished work). The clay component of the buffer will also chemically buffer the pH of the
pore fluids. The expected pore-water pH lies in the range pH 7-9. Because of the large amount
of clay in the vault, the buffering capacity far exceeds the amount of H+ that could be produced
by the radiolytic formation of acid or of OH" from the reduction of dissolved O2, so that the
pH-buffering capability of the clay should be maintained indefinitely.
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Unlike the SCC of brass, the SCC of Cu requires the presence of O2. Either oxygen or
Cu(H)-NH3 complexes, produced from the homogeneous oxidation of Cu(NH3>2 by O2, may be
involved in the cathodic reaction. In either case, O2 is a prerequisite for SCC. The [O2] within
the vault will decrease with time, as the initially trapped O2 is consumed by corrosion processes
and by reaction with Fe(II) minerals (King and Kolar 1997, Kolar and King 1996). The
interfacial [O2] will rapidly decrease because the supply of O2 from the bulk environment is
limited by the slow rate of mass transport in saturated buffer material. The consumption of all O2

in the vault may take between 50 and 670 a (Kolar and King 1996). It should be emphasized
here that Cu is not susceptible to SCC in Cu(I)-containing solutions, i.e., under conditions in
which there is no net dissolution of Cu. Brass is susceptible to SCC under these conditions
(Bertocci et al. 1984, Shahrabi and Newman 1989) because Zn preferentially dissolves producing
a nanoporous dealloyed layer which causes TGSCC by a film-induced cleavage mechanism.

The susceptibility to SCC, therefore, changes as the conditions within the vault evolve. The
highest probability of SCC occurs soon after emplacement. At this stage, the environment may
be unsaturated, resulting in a thin surface water film. If gas-phase radiolysis produces NH3, the
[NH3]T within the film could be high, as could the dissolved [O2]. At the same time, the [Cl"]
would be low. The pH within a thin water film would not be controlled by the buffering action
of the clay, but once the vault became saturated the pore-water pH should be within the range
pH 7-9. The length of this period of highest susceptibility is not known, but the risk of SCC will
gradually decrease as the [O2] decreases and [Cl"] increases.

Figures 36-40 can be used to assess the risk of SCC as a function of exposure time in the vault.
For example, for a constant [NH3]T of 0.01 moldm"3 and dissolved [Cu] of 10"6 mol-dm"3, the
Cu(NH3)27Cu2O boundary is predicted to lie within the pH 7-9 range for [Cl~] < 0.1 moldm"3. A
different [Cl] limit would be predicted for different [NH3]T and [Cu]. If the time-dependence of
the [NH3JT, [CI] and [Cu] is known, therefore, the period over which the container may be
susceptible to SCC can be estimated. This discussion does not take into account the decrease in
[O2] with time and only applies to SCC caused by film-rupture/anodic-dissolution or tarnish-
rupture mechanisms.

6. CONCLUSIONS

The mechanism of G12O formation and the dissolution behaviour of Cu in ClVammonia mixtures
has been studied using a combination of electrochemical experiments and thermodynamic
prediction. The results have been used to interpret the observed SCC susceptibility of Cu alloys
in ammonia environments and the potential for SCC of Cu containers in an underground disposal
vault located in the Canadian Shield.

Ammonia modifies the voltammetric behaviour of Cu in 0.1 moldm"3 NaCl solution at pH 10.
The amount of CU2O formed under conditions of rapid potential scanning (100 mV-s"1) increases
with increasing ammonia concentrations up to 10"3 moldm"3. At higher ammonia concentrations,
Cu dissolves actively under film-free conditions. Despite the fact that these measurements are
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made under non-steady-state conditions, the ammonia concentration at which no CU2O is
observed during cyclic voltammetry corresponds to that predicted thermodynamically under
equilibrium conditions. This close correlation suggests that the interfacial reactions are fast and
close to equilibrium.

The steady-state dissolution mechanism in Cl' solutions is also affected by the addition of
ammonia. The most likely dissolution mechanism in ammonia-containing 0.1 mol-dm"3 NaCl at
pH 5 and pH 7 has been determined from an analysis of the E-, [NH3]T- and pH-dependence of
the slopes and intercepts of Koutecky-Levich plots. In pH 5 solution, ammonia plays no role in
the dissolution mechanism for [NH3]T up to 0.1 mol-dm"3, and Cu dissolves as CuCli via a
CUCIADS intermediate, as in NH3-free Cl" solution. The percentage of free NH3 at this pH is only
0.006%, and ammonium cations (NH41) neither adsorb on the surface nor complex dissolved
Cu(I). At pH 7, dissolution occurs as Cu(NH3)2" for [NE^lx > 0.01 moldm"3 and there is
evidence for an NH3-containing surface intermediate, possibly the CU(NH3)OHADS species
reported by Burstein and Newman (1981). Copper dissolves in the form of both CuCliand
Cu(NH3)2 at pH 7, but the preceding interfacial steps proceed independently, with no evidence
for exchange between surface intermediates.

These studies suggest various possible explanations for the apparent inhibitive effect of Cl" on
the SCC of Cu alloys (primarily a-brass) in ammonia solutions. The addition of Cl" affects
(i) the speciation of dissolved species within the crack and in the bulk solution and (ii) various
properties of CU2O films. We have shown, for the first time, that there is a correlation between
the crack chemistry and the pH-dependence of the crack orientation observed by Mattsson (1961)
for the SCC of brass in Cl"-free ammonia solutions. By considering the speciation of dissolved
Cu in ammonia solutions in equilibrium with both Cu metal and CU2O, it has been shown that
Mattsson's observations of changes in the crack orientation with pH are correlated with the
amount of Cu(II) species predicted to be present in the crack solution. Cupric species are formed
by a disproportionation reaction involving G12O and Cu metal. Since this correlation relates to
the chemical and redox conditions within the crack, it is perhaps a better explanation for the
observed change in crack orientation with pH than that suggested by Mattsson (1961), based on
the thermodynamic stability of G12O in the bulk environment outside the crack.

It is suggested that the time dependence of the susceptibility to SCC via film-rupture/anodic-
dissolution and tarnish-rupture mechanisms can be predicted thermodynamically based on the
variation of [NH3]x, [Cl~] and [Cu] within the vault.
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TABLE 1

REPORTED CASES OF STRESS CORROSION CRACKING OF COPPER IN AMMONIA SOLUTIONS

Crack
orientation1

Solution Proposed mechanism Film characteristics Comments

IGSCC

TGSCC

IGSCC

TGSCC

Non-tarnishing
pH~13
[Cu]
0.04 mol-dm'3

[NH3]T

15 mol-dm.'3

Non-tarnishing
pH 12.5-13
[Cu] 0.008-
0.03 mol-dm-3

[NH3]T

15 mol-dm'3

Tarnishing
pH?
[Cu]?
[NH31T?

Tarnishing
pH?
[Cu]?
[NH3]T

0.05 mol-dm"3

No mechanism proposed in original
publication (Pugh et al. 1966), but Pugh
(1979) implies IGSCC of Cu is due to
film-rupture/anodic-dissolution.

Film-induced cleavage (Sieradzki and
Kim 1992).

Generally accepted that IGSCC of Cu
and Cu-Zn alloys in tarnishing solution
occurs by a film-rupture/anodic-
dissolution mechanism (Thompson and
Tracy 1949).
Tarnish-rupture mechanism (Suzuki
and Hisamatsu 1981).

Cu2O

Nanoporous Cu
layer produced by
rapid nucleation of
etch pits.

Cu2O

Adherent Cu2O

Film must be epitaxial in nature, since
solution is non-tarnishing and no
visible oxide forms.

Nanoporous Cu layer only produced
under limited range of conditions of
strain rate and high dissolution rate.

Oxide not present at crack tip
(Pinchback et al. 1975). Therefore,
crack advance occurs by dissolution
rather than oxide rupture. Oxide
protects crack sides from dissolution.
Cracks shown to be limited to thickness
of oxide. Oxide shown to be present at
crack tip. Suitable film properties only
found at [NH3]T up to 0.05 mol-dm"3

IGSCC and TGSCC denote intergranular and transgranular stress corrosion cracking, respectively.
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TABLE 2

DEPENDENCE OF THE C117O FILM THICKNESS ON AMMONIA CONCENTRATION

FROM CYCLIC VOLTAMMETRY EXPERIMENTS IN 0.1 moldm 3 NaCl AT DH 10

[NH3]T/moldm-3 ML Cu2O* ML Cu2O*
Rotating electrode Stationary electrode

0 0.58 1.2
10"4 0.85 1.9
10"3 1.4 1.4
102 0.36 2.1
0.1 0 0
IX) 0 0

* oxide thickness given as monolayers (ML) determined from C112O cathodic-reduction charge
density observed in cyclic voltammetric scans with an upper anodic potential limit of
-0.200 VSCE- One ML corresponds to a reduction charge density of 300 (iCcm2 .
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TABLE 3

DEPENDENCE OF THE SLOPE AND INTERCEPT OF KOUTECKY-LEVICH PLOTS

ON AMMONIA CONCENTRATION IN 0.1 mol-dm3 NaCl AT pH 5

[NH3] SlopeT

(mol-dm"3)

0
0.0001
0.001
0.01
0.1

E (VSCE)
-0.200

0.272
0.259
0.403

E (VSCE)
-0.150

0.130
0.144
0.132
0.129

E (VSCE)
-0.125
0.0690

0.0510

E (VSCE)
-0.100
0.0294*
0.0243
0.0264
0.0219
0.0264

E (VSCE)
-0.075

E (V SCE)
-0.050
0.00542
0.00492

0.00508

[NH3]T
(mol-dm"3)

0
0.0001
0.001
0.01
0.1

E (VSCE)
-0.200

0.215
0.261
0.209

E (VSCE)
-0.150

0.0361
0.0278
0.0151
0.0258

Intercept

E (VSCE)
-0.125
0.0128

0.00526

(MA"1)

E (V SCE)
-0.100

0.00494*
0.00450
0.00458
0.00328
0.00271

E (VSCE)
-0.075

E (VSCE)
-0.050
0.00206
0.00180

0.00172

f electrode surface area 0.33 cm .
* average from two experiments.
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TABLE 4

DEPENDENCE OF THE SLOPE AND INTERCEPT OF KOUTECKY-LEVICH PLOTS
-3ON AMMONIA CONCENTRATION IN 0.1 mol-dirT NaCl AT DH 7

[NH 3] T

(mol-dm"3)

0
0.001

0.01

0.05

0.10
0.20
0.30
0.50
1.0

E (VSCE)
-0.200

0.712

0.198*
0.139

0.0725*
0.0275
0.00472

E (VSCE)
-0.150

0.154
0.115
0.0670
0.0678*
0.0467

0.0262

0.0132

Slope1

E (VSCE)

-0.125

0.0896

0.0521

0.0424

0.0300

0.0205

(|JA -S )

E (VSCE)
-0.100
0.0236
0.0363
0.0234
0.0166
0.0259*
0.0193
0.0139

E (VSCE)
-0.075

0.0117

0.0188

E (VSCE)
-0.050
0.00521

0.00378
0.00391
0.00528

0.00619

[NH 3] T

(mol-dm3)

0
0.001
0.01
0.05
0.10
0.20
0.30
0.50
1.0

E (VSCE)
-0.200

0.147

0.0230*
0.0111

0.00551*
0.00270
0.000571

E (V SCE)
-0.150

0.0197
0.0140
0.00439
0.00465*
0.00279
0.00179
0.000738

Intercept

E (VSCE)
-0.125

0.0129
0.00454

0.00282
0.00205
0.00123

(HA"1)

E (VSCE)
-0.100
0.00595
0.0102
0.00301
0.00208
0.00160*
0.00147
0.000749

E (VSCE)
-0.075

0.00250

0.00147

E (VSCE)
-0.050
0.00205

0.00140
0.00113
0.000957

0.000582

f electrode surface area 0.33 cm2.
* average from two experiments.
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TABLE 5

EXPERIMENTALLY OBSERVED VARIATION OF THE SLOPES AND INTERCEPTS

OF KOUTECKY-LEVICH PLOTS AS A FUNCTION OF POTENTIAL AND

(a)EH_5

Slope Intercept
-60 mV -60 mV

with some indication of a change in slope from
-60 mV at low E to -120 mV at high E

independent of [NH3]T independent of

similar to NaCl solution similar to NaCl solution

(b)EH7

Slope* Intercept*
-60 mV at low [NH3]T -60 mV at low E

-120 mV at high [NH3]T -120 mV at high E

weak dependence on [NH3]T at low weak dependence on [NH3]T at low
concentrations (<*= [NH3]° to [NH3]"1), concentrations («= [NH3]° to [NH3]1),
increasing to [NH3]'2 at high [NH3]T. increasing to [NH3] 2 at high [NH3]T.

* for both the E- and [NH3]T-dependencies, the transition in the observed behaviour occurs at
lower [NH 3 ]T the more negative the potential.
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TABLE 6

RATIO OF OBSERVED SLOPES AND INTERCEPTS AT

[NH3]T

(mol-dm"3)
E (VSCE)

-0.200
0

0.001 0.38
0.01
0.1

1 the ratio given is (slope)PH5:

E (VSCE)
-0.150

0.94
1.15
1.90

(slope)PH7-

(b)

(a) SLOPES1

E (VSCE)
-0.125

0.98

INTERCEPTS

E (VSCE)
-0.100

1.25
0.73
0.94
1.02

i 2

pH 5 AND

E (VSCE)
-0.075

pH7

E (VSCE)

-0.050
1.04

1.34

[NH3]T

(mol-dm"3)

0
0.001
0.01
0.1

E (VSCE)
-0.200

1.78

E (VSCE)
-0.150

1.41
1.08
5.55

E (VSCE)
-0.125

1.16

E (VSCE)
-0.100
0.83
0.45
1.09
1.69

E (VSCE)
-0.075

E (VSCE)

-0.050
1.01

1.23

the ratio given is (intercept)PH5:(intercept)pH7-
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TABLE 7

RATIO OF rCufNHQ7
+l:rCuCl? 1 AS A FUNCTION OF pH AND TNH.1T

[ N H 3 ] T

10"4 moldm"3

[NH3]T

10"3 moldm"3

[NH3]T

10"2 moldm"3 0.

[NH3]T

1 mol dm"3

[NH3]T

1.0 moldm"3

pH 5 3.1 x 10"10 3.1 x 10"8 3.1 x 10"6 3.1 x 10"4 0.031

pH7 3.1 xlO"6 3.1 xlO"4 0.031 3.1 310
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TABLE 8

SUMMARY OF SPECIES DETECTED DURING REDUCTION SCAN

FOLLOWING STEADY-STATE CURRENT MEASUREMENTS

(a)EH7

[NH3]T

(moldm"3

0

10"4

lO"3

0.01

0.05
0.1
0.2
0.3
0.5
1.0

* NSD no

Ess (VSCE)

) -0.200
Si peak
(-80 HA,
500 nC-cm'2)

s2

NSD*

-

S2 shoulder

S2 shoulder
S2 shoulder

NSD
S2 shoulder
S2 shoulder

NSD

species detected.

Ess (VSCE)
-0.150

Si shoulder
S2' peak
(-310 \iA,
1200 nC-cm"2)
S3 or S4 peak
(-230 uA,
600 |0.Ccm"2)
Si shoulder
S2' peak
(-280 uA,
1500 uCcm"2)

Si peak
(-95 \iA,
700 jiCcm"2)
S2 poorly
defined
S2 weak
shoulder

NSD
NSD
NSD

S2 shoulder
S2 shoulder

-

Ess (VSCE)
-0.125

-

Si peak
(-180 nA;
1100|iCcm"2)

s2

Si peak
(-120 uA,
700 nCcrn2)
S2 shoulder

NSD

-
NSD
NSD

S2 shoulder
-
-

Ess (VSCE) ESS (VSCE)

-0.100 -0.075
S2

S4peak
(-2300 |iA,
15000 nCcm2)

Si shoulder
S2' peak
( - 2 3 0 MA,

1000 M-Ccm2)
S3 peak
(-370 \iA,
500 MC-cm'2)
S4 peak
(-880 MA,
4000 nC-crn2)
S4, HER S4 peak
catalysis ( - 1 9 0 0 MA,

9000 MC-crn2)

NSD

NSD
NSD
NSD

-
-
-

Ess (VSCE)

-0.050

s2

S3 poorly
defined
shoulder
S4 (>-3000 uA)

-

NSD

NSD
-
-
-
-
-

continued...
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TABLE 8 (concluded)

(b) pH 5

[NH3]T

(moldm'3)
0

10"4

Ess (VSCE)
-0.200

-

NSD*

Ess (VSCE)
-0.150

-

NSD

Ess (VSCE)
-0.125

S2 poorly
defined

-

Ess (VSCE)
-0.100

S2 poorly
defined
S3 shoulder
(-140MA)
S4 shoulder
S2 weak
S3 shoulder
(-250 uA)

Ess (VSCE)
-0.075

-

-

Ess (VSCE)
-0.050

-

S2 weak
shoulder
S3 peak

NSD S2 poorly
defined

0.01

0.1

NSD NSD

S2 shoulder S2 shoulder

NSD

S2 poorly
defined

NSD

S2 shoulder

Si, S2, S3
poorly defined
S4(?)
(-400 nA)

(-590 uA,
3600 uCcm"2)
S4peak
(-520 \iA)
S2

S2 poorly
defined

* NSD no species detected
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TABLE 9

THEORETICAL POTENTIAL- AND rNH^I-DEPENDENCIES OF THE SLOPES AND

INTERCEPTS OF KOUTECKY-LEVICH PLOTS FOR MECHANISMS A TO D

ILLUSTRATED IN FIGURE 35

Mechanism Slope Intercept
A

B

C

D

-1-2-60 mV, [Cl"]

-60 mV, [NH3]
-2

-60 mV, [C1T2

-60 mV, [NH3]
-2

-120 mV, [C1T2

-2-120 mV, [NH3]

-120 mV, [C1T1; high [Cl], high E
-60 mV, [C1J2; low [Cl"], low E

-120 mV, [NH3V1; high [NH3], high E
-60 mV, [NH3]"

2, [H+]; low [NH3],low E
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TABLE 10

THEORETICAL POTENTIAL- AND rNH?l-DEPENDENCIES OF THE SLOPES AND

INTERCEPTS OF KOUTECKY-LEVICH PLOTS FOR MECHANISM E

ILLUSTRATED IN FIGURE 35

(a) Reaction 2 Rate-determining

Condition Slope Intercept
k3/k_3 slow

high E

k3/k_3 slow
low E

k3/k.3 fast
highE

k3/k.3 fast
low E

-60 mV, [C1T2 -> [NH3]"
2

depending on pa[Cl-]2:pNH3[NH3]
2

-60 mV, [C1T2 -> [NH3]"
2

depending on pc.[Cl-]2:pNH3[NH3]
2

-60 mV and either
]"2-> [NH3]-

depending on pCi[Cr]2:pNH3[NH3]
2

-40 mV and either
[Cr]-2, [NH3]-\

[NH3]3,
depending on PCI[C1]2:PNH3[NH3]

-120 mV, [C1T

-60 mV, [C1T2

-60 mV and either
[NH3]-', [el"]'1, [H+] or [Cr]"2

-40 mV
[CIJ2, [NH3]1, [H+]

(b) Reaction 4 Rate-determining

Condition
k3/k.3 slow

highE

k3/k_3 slow
low E

k3/k.3 fast
high E

k3/k_3 fast
low E

Slope
-60 mV; [NH3]"

2 -> [Cl"]"2

depending on Pci[Cl]2:pNH3[NH3]
2

-60 mV; [NH3]"
2 -^ [Cl"]"2

depending on PCI[C1-]2:PNH3[NH3]2

-60 mV, [NH3]"
2 -> [C1T2

depending on PCI[C1-]2:PNH3[NH3]2

-40 mV, and either
[NH3]"

2, [Cl] 1 , [H+] -» [el"]"3, [H+]
depending on Pci[Cr]2:pNH3[NH3]

2

Intercept
-120mV;[NH3r

1

-60 mV; [NH3]"
2, [H+]

-60 mV and either
[C1T1, [NH3]"', [H+] or [NH3]2, [H+]

-40 mV
[NH3]2, [C1T1, [H+]2



42

Cu + OH"

Cu + cr

Cu + NH3 + H2O

Cu + OH"

(d)

Cu2O

Cu(NH3)OHADs + e

CUOHADS +

(c) +NH3

CuCI,

1+c r +2NH3

Cu(NH3)2
+

x 2

+H2O*

x2(aj
+H2O*

Cu2O

Cu2O

Cu2O
97-229.02

Figure 1: Generalized Mechanism for the Formation of Cu2O and the Dissolution of Copper
in Chloride/Ammonia Solutions
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-400
-1.4 -1.2 -1.0 -0.8 -0.6 -0.4 -0.2 0.0

E disc / V (see)

-150
-1.4 -1.2 -1.0 -0.8 -0.6 -0.4 -0.2 0.0

E disc / V (see)

Figure 2: Cyclic Voltammogram for Rotating Copper Electrode in 0.1 moldm'3 NaCl at
pH 10. Surface area 0.33 cm2, potential scan rate 100 mV-s"1, rotation frequency
14.3 Hz, scans for upper anodic potential limit between -0.40 and 0.00 VSCE.
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-400

-1.4 -1.0 •0.8 -0.6

E disc / V (see)
•0.4 -0.2 0.0

100

50

-50

-100

•3 -150

-200

-250

-300

V
/II

V

IA

ic

IA

11/ /

V

y—x

-1.4 -1.2 -1.0 -0.8 -0.6
E disc / V (see)

-0.4 -0.2 0.0

Figure 3: Cyclic Voltammogram for Stationary Copper Electrode in 0.1 mol-dm"3 NaCl at
pH 10. Surface area 0.33 cm2, potential scan rate 100 mV-s"1, scans for upper
anodic potential limit between -0.50 and 0.00 VSCE.
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200

-1.2 1 -0.8 -0.6 -0.4
E disc / V (see)

-0.2 0

Figure 4: Cyclic Voltammogram for Rotating Copper Electrode in 0.1 moldm"3 NaCl
Containing 10"4 mol-dm"3 Ammonia at pH 10. Surface area 0.33 cm2, potential scan
rate 100 mV-s"1, rotation frequency 14.3 Hz, scans for upper anodic potential limit
between -0.80 and 0.00 VSCE.
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200

-500
-1.4 -1.2 -1.0 -0.8 -0.6 -0.4

E disc / V (see)
-0.2 0.0

Figure 5: Cyclic Voltammogram for Rotating Copper Electrode in 0.1 moldm"3 NaCl
Containing 10*3 moldm"3 Ammonia at pH 10. Surface area 0.33 cm2, potential scan
rate 100 mVs"1, rotation frequency 14.3 Hz, scans for upper anodic potential limit
between -0.80 and 0.00 VSCE.
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CO

P

e

800

600

400 h

200

0

-200

(c)

/ I

(b)

/

(a)

/

-1.5 -1 -0.5
E (Vsce)

0

Figure 6: Cyclic Voltammogram for Rotating Copper Electrode in 0.1 moldm"3 NaCl
Containing 0.01, 0.1 and 1.0 moldm"3 Ammonia at pH 10. Surface area 0.33 cm2,
potential scan rate 100 mV-s"1, rotation frequency 14.3 Hz, single scans for various
upper anodic potential limits depending on ammonia concentration, (a)
0.01 moldm"3 ammonia, (b) 0.1 moldm'3 ammonia, (c) 1.0 moldm"3 ammonia.
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0.04

0.035

0.00 0.10 0.20 0.30 0.40 0.50

f'V2)
0.60 0.70 0.80

Figure 7: Typical Koutecky-Levich Plot for the Steady-state Dissolution of Copper in
Chloride/Ammonia Solution. The example shown is from an experiment in
0.1 moldm"3 NaCl with 10"3 mol-dm"3 ammonia at pH 7 for an applied potential of
-0.10 VSCE.
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Figure 8: The Dependence of the Slopes of Koutecky-Levich Plots on Total Ammonia
Concentration in 0.1 moldm"3 NaCl at pH 5. Electrode surface area 0.33 cm2.
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<N

m

• • • • • •

-e-
—

NaCl
0.0001 M
0.001 M
0.01 M
60 mV slope

-0.15 -0.1
E (Vsce)

-0.05 0

Figure 9: The Potential Dependence of the Slopes of Koutecky-Levich Plots in 0.1 moldm"
NaCl at pH 5. Electrode surface area 0.33 cm2.
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O *J

• -0.100 Vsce

• -0.150 Vsce

A -0.200 Vsce

-5 -4 -3 -2 -1
log [ammonia] (mol dm-3)

0

Figure 10: The Dependence of the Intercepts of Koutecky-Levich Plots on Total Ammonia
Concentration in 0.1 moldm"3 NaCl at pH 5. Electrode surface area 0.33 cm2.
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• 10-4MNH3
-*- 10-3M NH3
•& 10-2M NH3
— -60/-120 mV slope

-0.25 -0.2 -0.15 -0.1
E (Vsce)

-0.05 0

Figure 11: The Potential Dependence of the Intercepts of Koutecky-Levich Plots in
0.1 moldm"3 NaCl at pH 5. Electrode surface area 0.33 cm2.
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-0.
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150
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[ammonia] (mol dm-3)
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Figure 12: The Dependence of the Slopes of Koutecky-Levich Plots on Total Ammonia
Concentration in 0.1 mol dm"3 NaCl at pH 7. Electrode surface area 0.33 cm2.
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NaCl

0.001 M

0.01 M

-B- 0.05 M

0.3M

60 mV slope
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Figure 13: The Potential Dependence of the Slopes of Koutecky-Levich Plots in 0.1 mol-dm*3

NaCl at pH 7. Electrode surface area 0.33 cm2.
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log [ammonia] (mol dm-3)

• -0.100 Vsce

• -0.125 Vsce

-A -0.150 Vsce

-B- -0.200 Vsce

1/-2 slope

0

Figure 14: The Dependence of the Intercepts of Koutecky-Levich Plots on Total Ammonia
Concentration in 0.1 mol-dm"3 NaCl at pH 7. Electrode surface area 0.33 cm2.
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Figure 15: The Potential Dependence of the Intercepts of Koutecky-Levich Plots in
0.1 moldm'3 NaCl at pH 7. Electrode surface area 0.33 cm2.
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-1.2 -1.0 -0.8 -0.6 -0.4
E disc / V (see)

-0.2 0.0

Figure 16: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 mol-dm"3 NaCl at pH 7 Following a Steady-state Potentiostatic
Experiment at -0.20 VSCE. Electrode surface area 0.33 cm2, potential scan rate
100 mVs"1, electrode rotation frequency 14.3 Hz.
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Figure 17: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 mol-dm"3 NaCl at pH 7 Following a Steady-state Potentiostatic
Experiment at -0.15 VSCE. Electrode surface area 0.33 cm2, potential scan rate
100 mV-s1, electrode rotation frequency 14.3 Hz.
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-2500

-200

^^^ a
^r

-1.4 -1.2 -1.0 -0.8 -0.6 -0.4 -0.2 0.0
E disc/V (see)

-1.4 -1.2 -1.0 -0.8 -0.6 -0.4 -0.2 0.0
E disc / V (see)

Figure 18: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 mol-dm'3 NaCl at pH 7 Following a Steady-state Potentiostatic
Experiment at -0.10 VSCE. Electrode surface area 0.33 cm2, potential scan rate
100 mV-s"1, electrode rotation frequency 14.3 Hz.
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600

-600
-1.4 -1.2 -1 -0.8 -0.6 -0.4 -0.2

E disc / V (see)
0

Figure 19: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 mol-dm"3 NaCl at pH 7 Following a Steady-state Potentiostatic
Experiment at -0.05 VSCE. Electrode surface area 0.33 cm2, potential scan rate
100 mV-s"1, electrode rotation frequency 14.3 Hz.
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-1.2 -1.0 -0.8 -0.6 -0.4
E disc / V (see)

-0.2 0.0

Figure 20: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 moldm'3 NaCl Containing 10"4 mol-dm"3 Ammonia at pH 7
Following a Steady-state Potentiostatic Experiment at -0.125 VSCE. Electrode
surface area 0.33 cm2, potential scan rate 100 mV-s1, electrode rotation frequency
14.3 Hz.
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Figure 21: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 mol-dm*3 NaCl Containing 10"4 mol-dm'3 Ammonia at pH 7
Following a Steady-state Potentiostatic Experiment at -0.10 VSCE. Electrode surface
area 0.33 cm2, potential scan rate 100 mVs"1, electrode rotation frequency 14.3 Hz.
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-1.0 -0.8 -0.6 -0.4
E disc / V (see)

-0.2 0.0

Figure 22: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 moldm"3 NaCl Containing W4 mol-dm"3 Ammonia at pH 7
Following a Steady-state Potentiostatic Experiment at -0.05 VSCE. Electrode surface
area 0.33 cm2, potential scan rate 100 mVs"1, electrode rotation frequency 14.3 Hz.
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53 -100

-200
-1.4 -1.2 1 -0.8 -0.6 -0.4

E disc / V (see)
-0.2 0

Figure 23: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 moldm"3 NaCl Containing 0.01 mol-dm"3 Ammonia at pH 7
Following a Steady-state Potentiostatic Experiment at -0.15 VSCE. Electrode surface
area 0.33 cm2, potential scan rate 100 mV-s"', electrode rotation frequency 14.3 Hz.
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-600
-1.4 -1.2 -1 -0.8 -0.6 -0.4 -0.2 0

E disc / V (see)

Figure 24: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 moldm"3 NaCl Containing 0.01 moldm"3 Ammonia at pH 7
Following a Steady-state Potentiostatic Experiment at -0.05 VSCE. Electrode surface
area 0.33 cm2, potential scan rate 100 mVs"', electrode rotation frequency 14.3 Hz.
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Figure 25: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 mol-dm"3 NaCl Containing 10"4 mol-dm'3 Ammonia at pH 5
Following a Steady-state Potentiostatic Experiment at -0.10 VSCE. Electrode surface
area 0.33 cm2, potential scan rate 100 mV-s"!, electrode rotation frequency 14.3 Hz.
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Figure 26: Reductive Potential Scan and Subsequent Cyclic Voltammograms on a Copper
Electrode in 0.1 moldm"3 NaCl Containing 10"4 moldm"3 Ammonia at pH 5
Following a Steady-state Potentiostatic Experiment at -0.05 VSCE. Electrode surface
area 0.33 cm2, potential scan rate 100 mV-s"1, electrode rotation frequency 14.3 Hz.
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14.0 16.Q

Figure 27: Potential/pH Diagram for the Quaternary System Cu-NH3/NH4-Cr-H2O at 25°C.
Chloride activity 0.1 mol-drrf3, total ammonia activity 10"4 mol-dm'3, total activity
of dissolved Cu 10~6 mol-dm"3. All dissolved and solid species in Table A. 1
considered.
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Figure 28: PotentiaypH Diagram for the Quaternary System Cu-NH3/NH4-Cr-H2O at 25°C.
Chloride activity 0.1 mol-drn"3, total ammonia activity 10"3 mol-dm"3, total activity
of dissolved Cu 1CF6 mol-dm"3. All dissolved and solid species in Table A.I
considered.
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Figure 29: Potential/pH Diagram for the Quaternary System Cu-NH3/NH4-Cr-H2O at 25°C.
Chloride activity 0.1 mol-dm"3, total ammonia activity 0.01 mol-dtrf3, total activity
of dissolved Cu 10~6 mol-dm"3. All dissolved and solid species in Table A. 1
considered.
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Figure 30: Potential/pH Diagram for the Quaternary System Cu-NH3/NH4-Cr-H2O at 25°C.
Chloride activity 0.1 mol-dm"3, total ammonia activity 0.1 mol-dm'3, total activity of
dissolved Cu 10~6 mol-dm'3. All dissolved and solid species in Table A.I
considered.
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14.O 16.O

Figure 31: Potentiai/pH Diagram for the Quaternary System Cu~NH3/NH4-Cr-H2O at 25°C.
Chloride activity 0.1 mol-dm'""1, total ammonia aciivity i.O mol-dm"", total activity of
dissolved Cu 10'6 mol-dm"3. All dissolved and solid species in Table A.I
considered.
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Figure 32: Speciation Diagram for Dissolved Cuprous Species in Equilibrium with Cu2O at
25°C. (a) 0.1 mol-dm"3 ammonia/1.0 mol-dm"3 Cl", (b) 0.1 mol-dm'3 ammonia.
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Figure 33: Speciation Diagram for Dissolved Cuprous and Cupric Species in Equilibrium with
Cu2O and Cu Metal at 25°C. (a) 0.1 mol-dm"3 ammonia/1.0 mol-dm"3 Cl",
(b) 0.1 mol-dm"3 ammonia.
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Figure 34: Speciation Diagram for Dissolved Cupric Species in Equilibrium with CuO at 25°C.
(a) 0.1 mol-dm"3 ammonia/0.1 mol-dm"3 Cl", (b) 0.1 mol-dm"3 ammonia.



76

(A) Cu + 2Cr ^ CuClâ + e"
k-i

CuCljIs) —>• CuCI2"(b)

(B) Cu + 2NH3 * f i * Cu(NH3)J + e"
k-i

Cu(NH3)J(s) —>• Cu<NH3)£(b)

(C)

(D)

IE)

Cu + cr J^
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CuCiADS + e r ^

CuClj (s) —•*

Cu + NH3 +H20

Cu(NH3)OHADS •

Cu(NH3)J(s) -

ki
Cu + cr *=*

k-1

cuciADS + c r .
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^ C U C ' 2 '

CuClz (b)

^ Cu(NH3)OHADS + H+ + e"

••NH3 *r^ Cu(NH3)2-+ OH-
k-2

- * Cu(NH3)J(b)

CuCIADS + e~ at equilibrium

*=â* CuClôls) —*• CuCI2'(b)

Cu(NH3)OHADS + NH3 * - ^ CulNH^tsJ + O H " - ^ CutNH^J (b)
k-4

Cu + NH3 +H2O « = ^ Cu(NH3)OHADS + H+ + e ' at equil ibrium
k-5

Figure 35 : Possible Mechanisms for the Dissolution of Copper in Chloride, Ammonia and
Chloride/Ammonia Solutions
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Figure 36: Potential/pH Diagram for the Tertiary System CU-NH3/NH4-H2O at 25°C. Total
ammonia activity 0.01 mol-dm"3 and total activity of dissolved Cu 10"6 mol-dm"3.
All dissolved and solid species in Table A. 1 considered.
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Figure 37: Potential/pH Diagram for the Quaternary System Cu-NH3/NH4-Cr-H2O at 25°C.
Total ammonia activity 0.01 mol-dm"3, chloride activity 10"3 mol-dm"3, total activity
of dissolved Cu 10~6 mol-dm"3. All dissolved and solid species in Table A. 1
considered.
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14.0

Figure 38: Potential/pH Diagram for the Quaternary System Cu-NH3/NH4-Cl'-H2O at 25°C.
Total ammonia activity 0.01 mol-dm"3, chloride activity 0.01 mol-dm"3, total activity
of dissolved Cu 10' mol-dm"3. All dissolved and solid species in Table A.I
considered.
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Figure 39: Potential/pH Diagram for the Quaternary System CU-NH3/NH4 -C1"-H2O at 25°C.
Total ammonia activity 0.01 mol-dm" , chloride activity 0.1 mol-dm" , total activity
of dissolved Cu 10"6 mol-dm"3. All dissolved and solid species in Table A. 1
considered.
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CuO(s)

14.0 16.0

Figure 40: Potential/pH Diagram for the Quaternary System Cu-NH3/NH4-Cr-H2O at 25°C.
Total ammonia activity 0.01 mol-dm"3, chloride activity 1.0 mol-dm"3, total activity
of dissolved Cu 10"6 mol-dm'3. All dissolved and solid species in Table A. 1
considered.
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APPENDIX A

THERMODYNAMIC DATABASE
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Chemical speciation and E/pH diagrams have been constructed for a number of different
conditions, and presented in the main text. All thermodynamic calculations have been carried
out for a temperature of 25°C. Table A.I lists the free energies of formation (AfG°) of the
individual species and Table A.2 the various reactions considered for the speciation and E/pH
diagrams.

Table A.I lists the free energies of formation used for the calculations here.

TABLE A.I

DATABASE OF FREE ENERGIES OF FORMATION

Substance AfG° (kJ-mol1) Reference
H+(aq)
H2O(1)
Cl(aq)

NH3(aq)
NH4

+(aq)
Cu(s)

CuO(s)
Cu2O(s)

Cu4(OH)6Cl2(s)
Cu+(aq)

CuOH(aq)
Cu(OH)2(aq)

Cu2+(aq)
Cu(OH)+(aq)

Cu2(OH)2
2+(aq)

Cu(OH)2(aq)
Cu(OH)2(aq)

CuCl^aq)
CuCl+(aq)

Cu(NH,)+(aq)
Cu(NH3)2

+(aq)
Cu(NH3)

2+(aq)
Cu(NH3)f(aq)
Cu(NH3)f(aq)
Cu(NH3)r(aq)
Cu(NH3)5

2+(aq)

0
-237.18

-131.228
-26.5

-79.31
0

-127.905
-147.92
-1341.8
49.98
-122.3
-318.9
65.54

-125.56
-284.16
-315.98
-656.77
-243.7
-68.2
-10.3
-63
15.6
-30.5
-73.2
-111.5
-134.7

Wagmanetal. (1982)
Wagmanetal. (1982)
Wagmanetal. (1982)
Wagman et al. (1982)
Wagmanetal. (1982)
Wagmanetal. (1982)

Pankratz(1982)
Wagmanetal. (1982)

Woods and Garrels (1986)
Wagmanetal. (1982)

Var'yash, 1989)
Var'yash (1989)

Wagmanetal. (1982)
Ziemniak et al. (1992)

Baes and Mesmer (1976)
Var'yash (1985)
Var'yash (1985)
Var'yash (1991)

Wagmanetal. (1982)
Tromans (1997)
Tromans (1997)
Tromans (1997)
Tromans (1997)
Tromans (1997)
Tromans (1997)
Tromans (1997)

The majority of these values for the copper species, as well as those for the ancillary species, are
US-NBS values taken from either Wagman et al. (1982) or Var'yash (1985, 1989, 1991). The
value chosen for CuO(s) was taken from Pankratz (1982). This value was chosen over that given
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by Woods and Garrels (1986) as it represents an aged oxide, compared with the value of Woods
and Garrels which is 2 kJ-mol"1 more positive and is representative of a freshly precipitated
oxide. Of those Cu(II) species where values are given by Var'yash, the original solubility data
were obtained by Var'yash but the thermodynamic values are based on a re-evaluation of the data
by Lemire (1995). The values used for the ammoniacal complexes are those given by Tromans
(1997), which were taken from a compilation of values given by Bertocci and Wagman (1985);
for the Cu(II) species, these values are very close to those reported by Wagman et al. (1982).

The boundaries of the E/pH diagrams were calculated using a FORTRAN program based on the
method developed by Froning and Verink (Froning et al. 1976, Verink 1967). This program was
executed on a VAX alpha station and the input file was constructed of Afi° for each of the
species in Table A.I at 10"6 mol-kg"1 boundaries for the aqueous species. The diagrams were
constructed from the output file using Corel Draw®.

Table A.2 lists the Gibbs energies of reaction ( A / J 0 ) for the equilibria used in the speciation
calculations.

TABLE A.2

EQUILIBRIA USED IN SPECIATION CALCULATIONS

Equilibrium ArG°(298.15 K)/kJ-mol'
Cu2O + 2H+ ±+ 2Cu+ + H2O 10.70
Cu+ + H2O <-> CuOH + H+ 64.90

CuOH + H2O <H> Cu(OH)2+ H+ 40.58
Cu+ + 2C1- «-> CuClj -31.22

Cu2O + 2H+ <-> Cu2+ H2O +Cu -23.72
CuO + 2H+ *+ Cu2+ + H2O -43.74

Cu2+ + H2O <-> CuOH+ + H+ 46.08
CuOH+ + H2O <-> Cu(OH)2 + H+ 46.76

Cu(OH)2 + 2H2O <-> Cu(OH)4
2" + 2H+ 133.57

cu2+ + c r <-• c u c r -2.31
Cu+ + NH3 <r> Cu(NH3)

+ -33.78
Cu(NH3)

+ + NH3<-»Cu(NH3)2 -26.25
Cu2+ + NH3 <-» Cu(NH3)

2+ -23.34
Cu(NH3)

2+ NH3 <-> Cu(NH3)f -19.50
Cu(NH3)f + NH3 <-> Cu(NH3)f -16.10
Cu(NH3)3* + NH3 «-> Cu(NH3)f -11.70
Cu(NH3)

2+ + NH3 <-> Cu(NH3)5
2+ 3.40

NH4
+ e NH3 + H+ 52.77

Stepwise (K) and cumulative (P) stability constants can be derived for various species.
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TABLE A.3

STEPWISE AND CUMULATIVE STABILITY CONSTANTS

Species log K log p
_ _ _ _ _ . _ _

CuCl+ 0.41
Cu(NH3)+ 5.90
Cu(NH3)2

+ 4.57 10.47
Cu(NH3)2+ 4.09
Cu(NH3)f 3.42 7.51
Cu(NH3)3

2+ 2.82 10.33
Cu(NH3)f 2.05 12.38
Cu(NH3)s

2f -0.60 11.78
NH47NH3

In Table A.3, the stepwise and cumulative stability constants are defined by

CuLz
n
+ + Ly+ <-> CuL(

n
z;,y)+ (A. 1)

rcuL ( z + y ) +1
K L "+1 J (A.2)

][Ly +]and

Cux+ + nLy+ <* CuL(
n

x+ny)+ (A.3)

[ (x+ny)+ -i

(A.4)
[Cux+][Ly+]n
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APPENDIX B

DERIVATION OF STEADY-STATE MECHANISMS
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A few general rules have been used to develop the steady-state expressions for the various
mechanisms listed below. The order of the reaction with respect to the various reactants is
assumed to be the same as the stoichiometry. The activity of bulk solid phases is assumed to be
unity, but the surface concentration (or activity) of adsorbed solid phases is not. Water is
assumed to be in excess. The surface area available for each reaction is the same and is assumed
to be equal to the geometric surface area.

At steady state, a number of conditions prevail. The net rate of the interfacial processes equals
the diffusive flux of species away from, or towards, the corroding surface. The diffusion of, say,
CuClj away from the surface occurs across a diffusion layer of thickness 6, into a bulk solution
in which the concentration of CuClj is zero. Thus, the diffusive flux is equal to [CuC13(D/8),
where [CuCl^ is the interfacial concentration and D is the diffusion coefficient. In the case of
two diffusing species (CuCljand Cu(NH3)2), the diffusion coefficients are assumed to be equal
for simplicity, although a solution involving numerically different diffusion coefficients can also
be derived.

At steady state, the concentration of surface intermediates is constant. Thus, for instance,
dfCuClAusJ/dt = 0. This condition is repeatedly used here to derive expressions for the steady-
state current density (i). The steady-state current density is expressed as (nF/i), where n is the
number of electrons involved (here, n is invariably equal to 1) and F is the Faraday constant. By
expressing the current density in the reciprocal form, the resultant equations can be compared
directly with experimentally determined slopes and intercepts from Koutecky-Levich plots
(cf. Figure 7, main text).

Mechanism A

± (B.I)

CuClj (surface) >CuCl2'(bulk) (B.2)

The net current density from Equation (B.I) is

) ( " ( 1 a ) F^ = k , [ C r ] 2 e x p ( | p ( E - Ef)) - k . , [CuCl 2 - ]exp(" ( 1
R T

a ) F (E-E»)) (B.3)

where a is the transfer coefficient for the forward anodic electron-transfer reaction, E,° is the
standard potential for reaction 1 (Equation B.I) and the k's are rate constants for the respective
reactions. At steady-state, the interfacial [CuCl2'] is linked to the current density by

— = — [CuClj] (B.4)

Substitution of Equation (B.4) into (B.3) and rearrangement gives
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nF 1 (5/D)
(B.5)

Mechanism B

Cu + 2 N H 3 < ~ ~ > Cu(NH3)2
+ + e" (B.6)

Cu(NH3)2
+ (surface) >Cu(NH3);(bulk) (B.7)

An analogous treatment to that given above for Mechanism A gives

n F 1 ( 5 / D )
+ k ( F

r c - F ^ I -^-rNH fexn —-fE-F0>>

Mechanism C

At steady state, d[CuClADS]/dt = 0, and

( B ' 8 )

Cn + Cl"; ^ P u d + e~ CR 9^

+ Cr^—t CuClj (B.10)

CuClj (surface) • CuClj (bulk) (B. 11)

The mass-balance equation for CUCIADS is

< E - E J ) ) - ^ ^ ^ )

(B.12)
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faF
k,[Cl-]expl — (E - E?) I + k_2[CuCl-]

- — , (B.13)
( E ~ E 'RT

From Equation (B.9), the net current density is given by

~ = k,[Cr jexp(|^(E - E°)) - k.1[CuClADg]exp[" ( 1
R T

a ) F (E - E?)

At steady state, the current density is also equal to the flux of CuClj away from the surface

^ = -[CuCl-] (

Substitution of Equations (B.13) and (B.15) into Equation (B.14) and rearrangement gives

nF 1 1 ( 6 / D )
'4* h

(B.16)

Mechanism D

= ± Cu(NH3)OHADS + H+ + e"

Cu(NH3)OHADS + NH3^ziz± Cu(NH3)2 + OH" (B. 18)

Cu(NH3)2
+ (surface) • Cu(NH3)^ (bulk) (B. 19)

A similar treatment to that for Mechanism C involving a steady-state mass-balance equation for
[Cu(NH3)OHADS] gives

nF [IT] 1 (8/D)_

(B.20)
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where KW = [H+][OH"].

Mechanism E

+ C l " < " ~ > CuCl~ (surface) • CuCl; (bulk) (B.22)

CuClADS + NH3 + 0 H - ^ = ± Cu(NH3 )OHADS + Cl" (B.23)

Cu(NH3 )0HADS + NH3 < = = ^ Cu(NH3 )+
2 (surface) + OH- > Cu(NH3 Y2 (bulk) (B.24)

Cu + NH3 +H2O-F==^Cu(NH3)OHADS + H+ + e" (B.25)

If reaction (2) is rate-determining

A= = k 2 [Cr ][CuCl ̂  ] - k_2 [CuCl" (surface)] (B.26)
nr

The steady-state [CuCl^g] is derived using a mass-balance equation involving reactions (B.21),
(B.22) and (B.23)

aF
RT(k,[Cr]exp — (E-E?) j + k_2[CuCl-] + k_3[Cr][Cu(NH3)OHADS]

RT
( E ~

(B.27)

If reaction (5) is fast and can be assumed to be at equilibrium, the surface concentration of
Cu(NH3)OHADS is given by

[Cu(NH3)OHADS] = ̂ T ^ e x p f W E - E°)l (B.28)

Substitution of Equations (B.27) and (B.28) into (B.26) gives
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g ( E - E?)) + k2k_3

_, exp( ( 1
R T

a ) F (E - Ef)] + k2[Cl-] + k3[OH-][NH3]

^(E - E,0)) + k_2k3[OH-][NH3]

- ( l - a ) F 1
- ^ r M E - E»)J + k2[CP ] + k3[OH-][NH3]

( B-2 9 )

At steady state, the current density is equal to the sum of the fluxes of CuCljand Cu(NH3)2 away
from the surface

(B.30)
111' U

where the diffusion coefficients of CuCl2" and Cu(NH3)2
+ are assumed to be equal. If CuCl2" and

Cu(NH3)2
+ are in equilibrium

[CuCi;] P r r [ c r ] 2

— - c (B.31)

Substitution of Equations (B.30) and (B.31) into Equation (B.29) and rearrangement gives

nF

(5 / D)PC|. |k_,k_2 e x p ( - ^ ^ ( E - E?)) + k_2k3[OIT][NH3]

The two cases presented in Table 10(a) of the main text refer to a situation in which the surface
interchange reactions are slow, in which case

and k3 —> 0, and the case in which k3/k.3 are fast and the opposite pertains.
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An analogous treatment is possible using the assumption that reaction (4) is rate-determining.
Then, performing a mass-balance on [Cu(NH3)OHADS] and substituting for the equilibrium

S] gives, after rearrangement,

k_5[H
+]exp[ " ( 1

R T°C ) F (E - E5
0)) + k4[NH3] + k.3[Cr]

TaF ^ k k k C F Y
k4k5[NH3]

2 exp[—(E - E5°)J + -^ [NH 3 ] 2 [Cr ] [OH- ]exp [—(E -

( S / D ) ^ ik 4k 5Kwexp ' (E-E5°) +k 3k 4[Cr][OW]\

+ l L v
ap

 RT J - J
(R r m 2 + R FNH I2 KIC lc pvn fF-F°1 U ' 3 4 m'lfflH'lpxn (F-F0

(B.34)

Again, two cases can be considered (Table 10(b)); first, k3/k.3 are slow, in which case

. i (aFrv troxl k,k3k4 r r i - i r n T T _ 1 f F >
k 4 k 5 e x p l — ( E - E 5 ) l » — [Cl J[OH Jexpl —— (fc-E!) I (B.35)

and k3/k.3 -»• 0, and the opposite case in which step 3 is fast.
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