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Abstract

The available literature information on the corrosion and electrochemical behaviour of copper
in alkaline environments has been reviewed. The purpose of the review was to assess the
impact of an alkaline plume from cementitious material on the corrosion behaviour of a
copper canister in an SKB-3 type repository. The effect of the evolution of the environmental
conditions within the repository have been considered, including the effects of temperature,
redox conditions, pore-water salinity and pH.
If the pore-water pH increases prior to the establishment of anoxic conditions, the canister
surface will passivate as the pore-water pH exceeds a value of ~pH 9. Passivation will result
from the formation of a duplex Cu2O/Cu(OH)2 film. The corrosion potential will be
determined by the equilibrium potential for the Cu2O/Cu(OH)2 couple under oxic conditions,
or by the Cu/Cu2O redox couple under anoxic conditions (in the absence of sulphide). Pitting
corrosion is only likely to occur early in the evolution of the repository environment, whilst
the canister is still relatively cool (<40oC), whilst there is still O2 available to support
localised corrosion, and prior to the increase in pore-water pH and salinity. The subsequent
increase in canister surface temperature, pore-water pH and salinity, and decrease in [O2] will
make pit initiation less likely, although the canister will remain passive provided the porewater pH is maintained above pH 9. The higher the pore-water pH, the more strongly the
canister is passivated and the less likely the surface is to undergo localised attack. If the porewater salinity increases prior to the increase in pH, there could be a period of active canister
corrosion before passivation occurs. Under these circumstances, the corrosion potential will
be a true mixed potential, determine by the relative kinetics of Cu dissolution as CuCl2– and of
the reduction of O2.
The development of anoxic conditions and an increase in pore-water sulphide concentration
will result in passivation of the surface by a duplex Cu2S/CuS film. Increasing pH due to an
alkaline plume will tend to enhance the passivity, because of the decrease in solubility of
Cu2S. At the same time, pitting corrosion will become less likely, since the corrosion potential
will shift to more-negative values and the pitting potential to more-positive values with
increasing pH. As in sulphide-free environments, therefore, there appears to be little threat
to the integrity of the canister from an increase in pore-water pH.
In summary, an increase in pore-water pH due to an alkaline plume from cementitious
material will induce passivation of the canister surface. The stability of the passive film, and
its ability to prevent localised corrosion, are enhanced by increasing pH. In this regard, there
appears to be little negative impact on the integrity of the canister from the use in the
repository of cementitious materials with pore fluids in the pH range pH 12–13.
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1

Introduction

Cementitious materials could be used in an underground repository as seals, bulkheads,
grouts, or to provide a smooth surface for vehicles in the rooms and tunnels during repository
construction. Various types of concrete could be used for this purpose. “Conventional”
concretes with high Ca:Si ratios produce pore solutions within the concrete that are essentially
saturated Ca(OH)2 solutions with a ~pH 12.5. Although concretes with lower Ca:Si ratios and
lower pore-water pH are available /Johnson et al. 1996/, there is still a concern that an
alkaline “plume” could be released from the cementitious materials in the repository and
impact the corrosion behaviour of the canisters.
Chloride and hydroxide ions have different effects on the corrosion behaviour of copper.
Chloride ions tend to promote active dissolution in the form of soluble Cu(I)-Cl– complexes,
such as CuCl2– and CuCl32– /Deslouis et al. 1988a,b; Lee and Nobe 1986/. Therefore,
increasing groundwater salinity would be expected to result in general corrosion of the
canister, rather than pitting /King et al. 2001/. Hydroxide ions, on the other hand, tend to
promote passivity of copper through the formation of a duplex Cu2O/CuO, Cu(OH)2 film
/Strehblow and Titze 1980/. Cupric species play a larger role in the corrosion of copper in
alkaline solutions, with the outer Cu(II) precipitated layer responsible for passivation.
Although the behaviour in neutral or acidic chloride solutions or in chloride-free alkaline
solutions has been clearly established, the behaviour of copper in alkaline chloride solutions
is less certain. For copper, as for many other metals and alloys, chloride ions induce the
localised breakdown of protective surface films and can lead to pitting /Gennero de Chialvo
et al. 1985; Nishikata et al. 1990; Qafsaoui et al. 1993/. Because chloride and hydroxide ions
appear to have opposite, and possibly competitive, effects on the corrosion behaviour of
copper, it is feasible that the most aggressive conditions may result from moderately saline,
moderately alkaline environments. In highly saline groundwaters of neutral or slightly
alkaline pH, copper will undergo general corrosion. In more-dilute groundwaters at high pH,
the copper surface will be passive.
This report contains an assessment of the potential impact of a high-pH plume from concrete
in the repository on the corrosion behaviour of copper canisters in the presence of saline
groundwaters. First, possible scenarios for the evolution of the repository environment are
presented. These scenarios are necessarily qualitative in nature since little is currently known
about the time dependence of the salinity or pH within the repository. Next, the relative
effects of chloride and hydroxide ions on the thermodynamic properties of copper are
reviewed, with the use of Eh-pH and solubility/speciation diagrams. Various kinetic aspects
of the corrosion of copper are then reviewed, including: the passivation of copper in alkaline
solutions with and without carbonate ions, the effect of chloride ions on the passivation and
pitting of copper, and the effect of sulphide on copper corrosion in alkaline solutions. Finally,
the implications for the corrosion behaviour of copper canisters in a repository are discussed.
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2

Background

2.1

Evolution of the repository environment

A number of factors will affect the evolution of the repository environment. These factors
include: the surface temperature of the canister, the consumption of the initially trapped
atmospheric oxygen in the buffer and backfill materials, the dissolution of sulphide ions from
minerals in the bentonite clay, the ingress of chloride ions from the saline groundwater, and
the release of alkaline pore fluids from cementitious materials.
The time-dependence of the temperature within the repository is well established. Figure 2-1
illustrates the predicted variation of the canister surface and near-field temperatures for the
case of dry bentonite and a rock temperature of 11oC. This series of temperature profiles
represent an extreme case, since saturation of the bentonite by groundwater will result in a
lower temperatures (higher thermal conductivity), with the maximum canister surface
temperature expected to be ~80oC /Raiko and Salo 1999; Ageskog and Jansson 1999/.
The temperature transient will persist for several thousands of years.
Redox conditions within the repository will be initially oxidising due to the presence of
trapped atmospheric oxygen in the pores of the compacted bentonite. Oxygen will be
consumed by microbial activity and by the oxidation of inorganic minerals (primarily pyrite)
/King et al. 2001/. Based only on the oxidation of pyrite, /Wersin et al. 1994/ predicted it
would take between 7 and 290 years to reduce the oxygen concentration to 1% of its initial
value. Microbial action will reduce this time, but it is possible that oxic conditions will persist
for several tens-hundreds of years.
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Figure 2-1. Predicted time dependence of the canister surface and near-field temperatures
(Raiko and Salo 1999).
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The major sources of sulphide are the groundwater and the dissolution of pyrite impurities in
the bentonite /King et al. 2001/. Microbial activity may also contribute some sulphide.
Sulphide minerals will start to dissolve as soon as they are contacted by the pore-water
solution. In the presence of oxygen, any free sulphide ions will be oxidised to sulphate. Once
all the trapped oxygen has been consumed, however, the pore-water sulphide concentration
will begin to increase. Eventually, the pore-water will equilibrate with the groundwater, so
that the long-term pore-water sulphide concentration will be similar to that in the groundwater
(0–9 x 10–5 mol/L). Prior to equilibration with the groundwater (a few hundred years), the
pore-water sulphide concentration could be as high as 0–3 x 10–4 mol/L /King et al. 2001/.
The chloride concentration of the bentonite pore-water will increase with time as the buffer
saturates and as the pore-water equilibrates with the groundwater. Eventually, the chloride
concentration in the pore-water will equal that of the groundwater, and could reach levels as
high as 0.1–0.6 mol/L /King et al. 2001/. If bentonite saturation and equilibration with the
groundwater occurs quickly, saline bentonite pore-water could be present within a few
hundred years.
At this stage, the suggestion that the corrosion behaviour of the canisters will be affected
by an alkaline plume diffusing from various cementitious materials in the repository is
speculative. Although the high-pH pore fluids in the concrete will develop relatively quickly
(of the order of days-months), it is by no means certain that such pore fluids will necessarily
impact the environment around the canister. Elevated temperatures and pH values cause
alteration and dissolution of bentonite, although under realistic temperature conditions and
solid:solution ratios, the extent of alteration is limited to a distance of a few mm from the
clay/solution interface after periods up to 16 months /Karnland 1997; Karnland 2001, and
references therein/.
Of more importance than clay alteration for the present purposes, is the effect of the high-pH
concrete pore fluids on the pH of the bentonite pore solution in contact with the canister. The
natural pH of bentonite pore-water (i.e., in the absence of cementitious materials) is ~pH 8.6
/Muurinen and Lehikoinen 1999/. Bentonite clays are known to have a large pH-buffering
capacity, and a simple mass-balance argument can be used to assess the likely impact of the
presence of concrete on the bentonite pore-water pH. It has been shown that Lake Agassiz
clay (to be used as a component of the buffer and backfill materials in the proposed Canadian
repository) can consume approximately 0.2 mol OH–/kg of clay by ion-exchange and other
pH-buffering processes /Johnson et al. 1996/. Bentonite clays are reported to have a similar
buffering capacity. Compacted bentonite with a density of 2 Mg/m3, therefore, has a
pH-buffering capacity of 400 mol OH–/m3. In contrast, concrete with a porosity of 30% and
a pore-solution pH of 12.5 (corresponding to a saturated Ca(OH)2 solution), contains only
9.5 mol OH–/m3. Therefore, compacted bentonite can potentially neutralise all the hydroxide
ions released from a mass of concrete 40 times its volume. Since the volume of clay materials
in the repository will be greater than the volume of cementitious materials, it is likely that all
hydroxide ions released from the concrete will be consumed by ion-exchange on the clay
minerals before reaching the canister surface.
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2.2

Definition of possible scenarios

Although it seems unlikely that an alkaline plume from cementitious materials could reach the
canister, it is difficult, based on present knowledge, to definitively rule out such a possibility.
The impact that the alkaline plume might have on the canister depends on the relative rates of
the various processes involved in the evolution of the repository environment. Thus, the effect
of an alkaline environment on the corrosion behaviour of the canister will depend on whether
the increase in pH occurs during the oxic phase or only after all of the trapped oxygen has
been consumed and reducing conditions have been established. In addition, the effect of highpH conditions may be different depending upon whether the increase in pH is preceded by the
increase in pore-water salinity, or whether the canister surface is pre-passivated under alkaline
conditions prior to the increase in the pore-water chloride concentration.
Four possible scenarios can be defined:
Case 1: increase in salinity precedes alkaline plume under oxic conditions
In this scenario, the increase in both pore-water salinity and pH occur within a few tenshundreds of years, prior to the consumption of all of the initially trapped oxygen. Since the
pore-water chloride concentration is assumed to increase before the increase in pH, the
canister will undergo active dissolution at first, but could become passivated as the pH
subsequently increases.
Case 2: increase in alkalinity precedes the increase in salinity under oxic conditions
Case 2 is similar to Case 1, except that the alkaline plume reaches the canister surface prior to
the increase in pore-water salinity. Thus, the canister would be initially passivated by the
high-pH environment, prior to the increase in chloride concentration.
Case 3: increase in salinity precedes alkaline plume under anoxic conditions
In this scenario, the increase in pore-water pH and salinity are slow compared with the rate
of consumption of the initially trapped oxygen. Consequently, anoxic conditions have been
established prior to the increase in salinity, with corrosion being supported by the reduction of
water in the presence of sulphide. Case 3 is similar to Case 1 in that the increase in pore-water
salinity precedes the increase in pH, so the canister undergoes a period of corrosion in a nearneutral sulphidic chloride environment prior to possible passivation as the pH increases.
Case 4: increase in alkalinity precedes the increase in salinity under anoxic conditions
Case 4 is similar to Case 3, except that the pore-water pH is assumed to increase before the
increase in salinity. Thus, the canister is initially exposed to an alkaline sulphide-dominated
environment, with a subsequent increase in pore-water salinity.
Of these four cases, some are more likely to occur than others. Given the pH-buffering
capacity of the bentonite discussed above, it is likely that the alkaline plume will only
increase the pore-water pH after the increase in salinity. Therefore, Cases 2 and 4 are less
likely to occur in practice than Cases 1 or 3. It is less certain whether the increase in porewater salinity and pH will occur during the oxic or anoxic phase in the evolution of repository
redox conditions. Given that the large pH-buffering capacity of the clay should delay the
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arrival of the alkaline plume, it is, perhaps, more likely that anoxic conditions will be
established prior to any change in pore-water pH or salinity (Case 3).
There are, of course, a number of intermediate situations, with the increase in pore-water
salinity (or pH) occurring during the oxic phase and the increase in pH (or salinity) delayed
until the establishment of anoxic conditions. In addition, for Cases 1 and 2, the environment
will eventually become anoxic and dominated by sulphide species. For the present purposes,
however, these four scenarios will be used to assess the possible impact of high-pH saline
conditions on the corrosion of copper canisters (see chapter 5).
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3

3.1

Thermodynamic stability, solubility and speciation of
copper in alkaline solutions

Potential-pH diagrams

Potential-pH (Pourbaix) diagrams can be used to predict the relative stability of solid and
dissolved species as a function of redox conditions and pH. Figure 3-1 shows a series of
simplified Pourbaix diagrams for the system Cu-Cl–-H2O at 25oC for chloride concentrations
ranging from 10–3 mol/kg to 1 mol/kg. In these simplified diagrams, only the most stable
species (solid or dissolved) is shown for any combination of E and pH. The boundary between
dissolved and solid species has been defined for a total dissolved copper concentration of
10–6 mol/kg.
The appearance of the Pourbaix diagrams depends on the solid and dissolved species
considered. The solid species considered here include: Cu, Cu2O, CuO, and Cu(OH)2. A
notable species absent from the thermodynamic database used /Outokumpu 1999/ is basic
cupric chloride CuCl2⋅3Cu(OH)2. The dissolved species considered here include: Cu+, Cu2+,
CuCl2–, CuCl32–, CuCl+, CuCl3–, CuCl42–, CuO22–, and HCuO2–.
Figure 3-1(a) shows the predicted areas of stability for the species considered for a chloride
concentration of 10–3 mol/kg. (An identical diagram is obtained for lower chloride
concentrations). At such low chloride concentrations, none of the predominant solid and
dissolved species contains chloride. At the natural pH of bentonite pore-water (~pH 8.6), the
stable Cu solid is either Cu2O or CuO, depending upon the redox potential. Cupric oxide is
more stable that the corresponding hydroxide (Cu(OH)2), even though the latter is usually
observed during short-term experiments (see chapter 4). In the moderately alkaline range,
Cu2O and CuO are in equilibrium with dissolved Cu+ and HCuO2–, respectively. With
increasing pH, the stability field of Cu2O shifts to more reducing potentials. At more positive
redox potentials, the solubility of Cu(II) increases with pH due to the formation of HCuO2–
and CuO22–. For a total dissolved copper concentration of 10–6 mol/kg, the boundary between
solid CuO and dissolved CuO22– occurs at ~pH 13.9, so that at extremely high pH solid CuO
will not form unless the dissolved copper concentrations exceeds 10–6 mol/kg. For the
thermodynamic database used here, HCuO2– is predicted to predominate at 9.2 < pH <13.8,
with Cu2+ stable at lower pH and CuO22– stable at higher pH values.
Increasing chloride concentration has a relatively modest effect on the stability of solid and
dissolved copper species, especially in the range of alkaline pH values of interest here.
Figures 3-1(b) to 3-1(d) illustrate the effect of increasing chloride concentrations up to
1 mol/kg. Chloride ions have the largest effect at neutral and acidic pH, with dissolved Cu(I)
becoming stabilised as CuCl2– and CuCl+ becoming more stable than Cu2+ at a chloride
concentration of between 0.1 and 1 mol/kg. In the moderately alkaline range (pH 7–9), the
major effect of increasing chloride concentration is to increase the solubility of Cu2O. The pH
at which Cu2O will precipitate from a solution containing 10–6 mol/kg dissolved copper
increases from pH 6.4 for 0.01 mol/kg Cl–, to pH 8.4 in 0.1 mol/kg Cl–, and to pH 10.6 in
1 mol/kg Cl–.
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(b) 0.01 mol/kg chloride
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(c) 0.1 mol/kg chloride
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(d) 1 mol/kg chloride
Figure 3-1. Potential/pH (Pourbaix) diagrams for the system Cu/Cl–/H2O at 25oC for various
chloride concentrations. (a) 10–3 mol/kg, (b) 0.01 mol/kg, (c) 0.1 mol/kg, (d) 1 mol/kg
chloride. All diagrams constructed for a total dissolved copper concentration of 10–6 mol/kg
using the Outukumpu thermodynamic database /Outokumpu 1999/. Solid species considered:
Cu, Cu2O, CuO, Cu(OH)2; dissolved species considered: Cu+, Cu2+, CuCl2–, CuCl32–, CuCl+,
CuCl3–, CuCl42–, CuO22–, and HCuO2–. In the diagrams, the number in parentheses indicates
the charge of dissolved ions.
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The absence of CuCl2⋅3Cu(OH)2 from the thermodynamic database has little effect on the
predicted stability of CuO in the alkaline pH range. Even at a chloride concentration of
1 mol/kg, CuO is more stable than CuCl2⋅3Cu(OH)2 for pH >8 /King et al. 2001/.
Figure 3-2 shows a simplified E-pH diagram for the Cu-S-H2O system at 25oC for a total
copper concentration of 10–6 mol/kg and a total S concentration of 10–3 mol/kg. Bentonite
pore-water is predicted to contain up to 9 x 10–4 mol/L sulphide, based on the groundwater
composition at Olkiluoto /King et al. 2001/. The solid and dissolved species considered in the
construction of Figure 3-2 were Cu, Cu2O, CuO, Cu2S, CuS, and S, and Cu+, Cu2+, CuO22–,
HCuO2–, H2S, HS–, and S2–. The first and second dissociation constants for H2S are pK = 7.00
and 13.90, respectively, so that dissolved sulphide species exist predominantly as HS– in the
alkaline pH range of interest here.
Because of the low solubility of both Cu2S and CuS, these precipitated solids dominate over
the entire pH and potential ranges expected in a repository. Solid Cu2S is stable at potentials
more negative than that at which Cu2O forms. With increasing potential, CuS becomes the
stable solid, with CuO only forming at relatively positive redox potentials. Decreasing
S concentration has relatively little effect on the appearance of the E-pH diagram, slightly
shifting the Cu/Cu2S boundary to higher potentials at lower sulphur concentrations. However,
the stability field of Cu2S extends beyond the stability field of H2O, even at a S concentration
of 10–5 mol/kg. Thus, H2O will act as an oxidant for the corrosion of Cu even at very low
sulphide concentrations.
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Figure 3-2. Potential/pH (Pourbaix) diagrams for the system Cu/S/H2O at 25oC for a total
sulphur concentration of 10–3 mol/kg. The diagram was constructed for a total dissolved
copper concentration of 10–6 mol/kg using the Outukumpu thermodynamic database
/Outokumpu 1999/. Solid species considered: Cu, Cu2O, CuO, Cu2S, CuS, and S; dissolved
species considered: Cu+, Cu2+, CuO22–, HCuO2–, H2S, HS–, and S2–. In the diagrams, the
number in parentheses indicates the charge of dissolved ions.
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Figure 3-3. Expanded view of the potential/pH diagram for the Cu/S/H2O system at 25oC
for a total sulphur concentration of 10–5 mol/kg. Total dissolved copper concentration of
10–6 mol/kg.

There is evidence that copper is thermodynamically stable in alkaline solutions at low
S concentrations. Figure 3-3 shows an expanded view of the E-pH diagram for a total
S concentration of 10–5 mol/kg. Copper metal is predicted to be stable within the stability
field of water for pH > 12.5. With decreasing [S] the pH at which copper is stable will also
decrease and the potential range will shift to more-positive values.
Figures 3-2 and 3-3 differ from those predicted by other authors /e.g., Puigdomenech and
Taxén 2000/, which show a second stability range for Cu metal between that for copper
sulphides and copper oxide. These differences are presumably a consequence of using
different thermodynamic databases. However, the potential/pH diagram given in
/Puigdomenech and Taxén 2000/ also suggests that Cu metal is stable in water for pH > 13.

3.2 Solubility and speciation of dissolved copper
The concentration and composition of dissolved copper depends on the nature of the copper
solid and the pH, chloride concentration, and temperature. Since Cu2O and CuO are the
thermodynamically favoured solids in alkaline solution (Figure 3-1), the following analysis
considers the solubility and corresponding speciation of dissolved copper in contact with one
or other of these solids.
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For the solubility of Cu2O, the following dissolved copper species are considered: Cu+,
CuOH, Cu(OH)2–, CuCl2–, Cu2+, CuOH+, Cu(OH)2, Cu(OH)42–, and CuCl+. Cupric species are
assumed to be produced by the disproportionation of Cu(I), according to
Cu2O + 2H+ = Cu2+ + H2O + Cu

3-1

No other redox reactions are considered. In the case of the solubility of CuO, only dissolved
Cu(II) species are considered; namely: Cu2+, CuOH+, Cu(OH)2, Cu(OH)42–, and CuCl+.
Figures 3-4 to 3-6 show the effect of pH, chloride concentration, and temperature on the
solubility of Cu2O and speciation of dissolved copper. The solubility displays a minimum
in the alkaline pH range, the exact pH of the minimum being a function of chloride
concentration and temperature (Figure 3-4). At pH values below the minimum, the solubility
of Cu2O is a strong function of the chloride concentration, due to the predominance of
dissolved CuCl2– in this region (Figure 3-5). At pH values greater than the minimum, the
solubility is independent of the chloride concentration, because the most predominant species
are Cu(OH)2– and, to a lesser extent, Cu(OH)2.
The position of the pH minimum shifts with increasing chloride concentration. Thus, in
10–3 mol/L Cl–, the minimum solubility of Cu2O occurs at a pH of ~8.8 at 25oC
(Figure 3-4(a)), but increases to ~pH 12 in the presence of 1 mol/L Cl–.
Temperature affects both the total solubility and the position of the pH minimum. At pH
values below the minimum solubility, the solubility is relatively insensitive to temperature,
presumably because of the lack of temperature-dependence of the stability of CuCl2–
(Figure 3-4(b)). However, because of the increase in stability of Cu(OH)2– and Cu(OH)2 with
increasing temperature, the solubility of Cu2O in alkaline solution (i.e., at pH values above the
minimum solubility) increases with temperature. There is a corresponding shift in the pH of
minimum solubility to lower values with increasing temperature.
The data from Figure 3-4(a) have been re-plotted to illustrate the effect of chloride
concentration on the solubility of Cu2O in alkaline solutions (Figure 3-6). In strongly
alkaline solutions (pH12 and 14), the solubility of Cu2O is relatively independent of chloride
concentration because the predominant species are the hydroxyl complexes of Cu(I) and
Cu(II) (Figure 3-5). In less-alkaline solutions (pH 8 and 10), the solubility of Cu2O exhibits a
minimum with increasing chloride concentration. At low chloride concentrations (less than
~10–3 mol/L), complexation of Cu(I) and Cu(II) by chloride is minimal, but increasing
chloride concentration results in increasing solubility due to the stabilisation of CuCl2– and,
to a much lesser degree, CuCl+.
The solubility of CuO also displays a pH minimum (Figure 3-7). Unlike Cu2O, however, the
pH minimum is relatively insensitive to chloride concentration, being in the range pH 8–9 for
chloride concentrations of 10–3–1 mol/L. The solubility of CuO is predicted to decrease with
increasing chloride concentration at all pH values. In dilute solutions (10–3 mol/L Cl–), the
predominant dissolved species are Cu2+ below the pH minimum and Cu(OH)2 above the pH
minimum. In contrast, CuCl+ predominates below the pH minimum in 1 mol/L Cl– solution,
with Cu(OH)2 predominant above the pH minimum (Figure 3-8). (Note: unlike the case for
Cu2O for which both Cu(I) and Cu(II) species were considered, CuO is assumed here to
dissolve only as Cu(II)).
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Figure 3-4. Dependence of the solubility of Cu2O on pH as a function of chloride
concentration. (a) 25oC, (b) 75oC. Dissolved species considered: Cu+, CuOH, Cu(OH)2–,
CuCl2–, Cu2+, CuOH+, Cu(OH)2, Cu(OH)42–, and CuCl+.

19

Log concentration (mol/L)

5
0
Cu+
CuOH
Cu(OH)2CuCl2 Cu++
CuOH+
Cu(OH)2
Cu(OH)4- CuCl+

-5
-10
-15
-20
-25
2

4

6

8

10

12

14

pH
(a) 10–3 mol/L chloride

Log concentration (mol/L)

5
0
Cu+
CuOH
Cu(OH)2CuCl2 Cu++
CuOH+
Cu(OH)2
Cu(OH)4- CuCl+

-5
-10
-15
-20
-25
2

4

6

8

10

12

14

pH
(b) 1 mol/L chloride
Figure 3-5. Speciation of dissolved copper in equilibrium with Cu2O as a function of pH at
25oC. (a) 10–3 mol/L chloride, (b) 1 mol/L chloride.

20

-2

Log total dissolved copper
concentration (mol/dm3)

-3

pH 8

pH 10

pH 12

pH 14

-4
-5
-6
-7
-8
-9
-10
-6.0

-5.0

-4.0

-3.0

-2.0

-1.0

0.0

3

Log chloride concentration (mol/dm )

Figure 3-6. Dependence of the solubility of Cu2O on chloride concentration in alkaline
solution at 25oC.
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Figure 3-7. Dependence of the solubility of CuO on pH as a function of chloride
concentration at 25oC. Dissolved species considered: Cu2+, CuOH+, Cu(OH)2, Cu(OH)42–,
and CuCl+.
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Figure 3-8. Speciation of dissolved copper in equilibrium with CuO as a function of pH in
the presence of 1 mol/L chloride at 25oC.
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Figure 3-9. Dependence of the solubility of CuO on chloride concentration in alkaline
solution at 25oC.
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Because of the predominance of dissolved Cu(OH)2 in alkaline solutions, the solubility of
CuO decreases with increasing chloride concentration at pH values above the pH minimum
(Figure 3-9). Increasing chloride concentration results in greater stabilisation of CuCl+ which,
in turn, results in lower Cu(OH)2 concentrations.
The solubility of Cu2S and the speciation of dissolution copper are functions of pH and
sulphide concentration. Figure 3-10 shows the dependence of the solubility of Cu2S on pH
based on the data of /Mountain and Seward 1999/. The dissolved copper species considered
were CuHS, Cu(HS)2–, and Cu2S(HS)22–. Unlike the solubility of Cu2O and CuO, Cu2S
displays a solubility maximum in the acid-neutral pH solutions. In acidic solutions, the
solubility is independent of pH but varies with [HS–]0.5. In this pH range the speciation is
dominated by dissolved CuHS (Figure 3-11) formed according to /Mountain and Seward
1999/
Cu2S + HS– + H+ = 2CuHS(aq)

3-2

In the near-neutral pH range, the predominant speciation depends on the sulphide
concentration. Dissolved CuHS continues to predominate over the entire pH range in dilute
sulphide solutions (e.g., 10–5 mol/L, Figure 3-11(a)), but Cu(HS)2– predominates over the
range pH 6–12.5 at a sulphide concentration of 0.001 mol/L
Cu2S + 3HS– + H+ = 2Cu(HS)2–

3-3
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Figure 3-10. Dependence of the solubility of Cu2S on pH and sulphide concentration from
the data of /Mountain and Seward 1999/. Dissolved species considered: CuHS, Cu(HS)2–, and
Cu2S(HS)22–. Total sulphide concentrations from 10–5 mol/L to 0.001 mol/L.
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Figure 3-11. Dependence of the speciation of dissolved copper in sulphide solutions on pH.
Total sulphide concentrations of (a) 10–5 mol/L and (b) 0.001 mol/L.
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This leads to a maximum in the solubility of Cu2S in 0.001 mol/L sulphide at ~pH 7. In highly
alkaline solutions (pH > 12.5), Cu2S(HS)22– predominates in concentrated sulphide solutions
Cu2S + 2HS– = Cu2S(HS)22–

3-4

In both 10–5 mol/L and 0.001 mol/L sulphide, the solubility of Cu2S decreases significantly
above ~pH 13 as HS– is replaced in solution by S2–.
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4

Behaviour of copper in alkaline environments

4.1

Passivation in alkaline solutions

4.1.1 Passivation in absence of carbonate
The passivation of copper in alkaline solutions has been studied in great detail. In many ways,
the Cu/Cu2O/CuO, Cu(OH)2 system has been a model electrochemical system for study, as
well as being of some practical importance. There is general agreement that passivation is
accompanied by the formation of a duplex Cu2O/Cu(II) film, with the Cu(II) layer (either
CuO or Cu(OH)2) responsible for passivity. There are differences in some of the detailed
mechanisms proposed for the formation and dissolution of these layers, as discussed below.
A wide range of experimental techniques has been used to study the passivation of copper in
alkaline solutions. The most commonly used electrochemical technique employed is cyclic
voltammetry, with virtually all investigators using this method to control the electrochemical
potential of the surface /Abd El Hayeem and Ateya 1981; Abrantes et al. 1984; Adeloju and
Duan 1994a; Ambrose et al. 1973a,b; Brisard et al. 1995; Burke et al. 1990; Burleigh 1989;
Collisi and Strehblow 1990; Deutscher and Woods 1986; Dong et al. 1992; Gennero de
Chialvo et al. 1984; Hamilton et al. 1986; Sander et al. 1981; Shirkanzadeh et al. 1990;
Shoesmith et al. 1976, 1977, 1983; Strehblow and Speckmann 1984; Strehblow and Titze
1980; Wilhelm et al. 1982/. Some workers have also used potentiostatic techniques to study
the passivation of copper /Ambrose et al. 1973a,b; Burstein and Newman 1981/. Potentiostatic
measurements have the advantage that film formation occurs under steady-state conditions,
so that the nature of the film formed at a given potential can be definitively identified.
Unfortunately, relatively few studies have been performed at the open-circuit potential with
the potential determined by the presence of dissolved oxygen or other oxidants /Adeloju and
Duan 1994a; Kruger 1961; Shoesmith et al. 1977; Sutter et al. 1993/. These latter conditions
are most relevant to the behaviour of copper canisters in a repository. Voltammetric
techniques have been combined with the use of rotating ring- and split-ring disc electrodes to
study the role of soluble copper species during film formation and dissolution /Gennero de
Chialvo et al. 1984; Shirkanzadeh et al. 1990; Strehblow and Speckmann 1984/.
A number of surface analytical techniques have been used to help identify the nature of the
corrosion product films. Various investigators have used in situ techniques to avoid problems
with transferring air-sensitive surface films through the atmosphere, including photoelectrochemistry /Abrantes et al. 1984; Aruchamy and Fujishima 1989; Bertocci 1978;
Burleigh 1989; Collisi and Strehblow 1986, 1990; Liu et al. 1993; Modestov et al. 1995;
Sutter et al. 1993; Sathiyamarayanan et al. 1992/, X-ray absorption fine structure (EXAFS)
/Druska and Strehblow 1992/, photo-acoustic spectroscopy /Sander et al. 1981; Strehblow and
Speckmann 1984/, Raman and surface-enhanced Raman spectroscopy /Hamilton et al. 1986;
Niaura 2000/; ellipsometry /Kruger 1961/, and probe beam deflection /Brisard et al. 1995/.
Other authors have used ex situ techniques, either rapidly transferring the samples through air
to the vacuum chamber or using special evacuated transfer chambers to protect the surface
films from oxidation. The ex situ techniques have included: ion back-scattering analysis
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Figure 4-1. Typical cyclic voltammogram of the formation and reduction of surface
oxide/hydroxide films on copper in alkaline solution /Collisi and Strehblow 1990/.
/Strehblow and Speckmann 1984; Strehblow and Titze 1980/, X-ray photoelectron
spectroscopy (XPS) /McIntyre et al. 1981; Strehblow and Speckmann 1984; Strehblow and
Titze 1980/, and X-ray diffraction combined with EDX analysis /Shoesmith et al. 1976/.
Figure 4-1 shows a typical cyclic voltammogram reported for the formation and reduction
of surface oxides/hydroxides on copper in alkaline solutions /Collisi and Strehblow 1990/.
Starting from a cleaned copper surface (at a potential more negative than –0.8 VSHE for the
scan in Figure 4-1), two major oxidation peaks are observed as the potential is scanned to
more positive potentials. These two peaks are associated with the formation of Cu2O (AI)
and Cu(II) (AII), respectively. As discussed in more detail below, various pre-peaks and fine
structure are reported for either or both peaks, as seen on the cathodic side of peak AII in
Figure 4-1. A third stage of oxidation to Cu2O3 is reported at potentials close to that for
oxygen evolution (ca. +0.8 VSHE), but this occurs at potentials far more positive than those
of interest here.
When the potential scan is reversed after the formation of the two anodic peaks, two cathodic
peaks are observed (CI and CII), corresponding to the reduction of the surface films formed
during the anodic potential scan. It is generally reported that peaks AI and CI are coupled, as
are peaks AII and CII, inferring that the two cathodic peaks correspond to the reduction of
Cu2O (peak CI) and Cu(II) (peak CII), respectively. However, again as discussed in more
detail below, different interpretations have also been offered.
All investigators concur that peak AI corresponds to the formation of Cu2O via the general
reaction
2Cu + 2OH– → Cu2O + H2O + 2e–

4-1
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The film thickness observed during cyclic voltammetry is thin, limited to a few monolayers.
/Abd El Haleem and Ateya 1981/ suggest that the film thickness increases with pH, being
~1 monolayer thick in 0.1 mol/L NaOH (~pH 13) and ~2 monolayers thick in 1 mol/L NaOH
(~pH 14). /Abrantes et al. 1984/ argue that, because the Cu2O film is a p-type semiconductor
and film growth at potentials below the flat-band potential involves the migration of Cu+
cations against the electric field in the film, the film thickness is effectively limited to a few
monolayers. The film is reported to grow via a solid-state mechanism /Shoesmith et al. 1983/,
although rotating ring- and split-ring disc electrode studies have shown the presence of
soluble Cu(I) species at potentials around peak AI suggesting the involvement of dissolution
processes as well /Strehblow and Speckmann 1984; Gennero de Chialvo et al. 1984;
Shirkanzadeh et al. 1990/. The Cu2O film is clearly protective to some degree, since the
current falls significantly following film formation /Burke et al. 1990/.
Some authors report pre-peaks at potentials more cathodic to peak AI and/or fine structure
in the main oxidation peak /Burstein and Newman 1981; Gennero de Chialvo et al. 1984;
Shirkanzadeh et al. 1990/. These features are attributed to the formation of pre-cursor species,
such as
Cu + OH– → CuOHADS + e–

4-2

By introducing various potential arrests during the potential scan in the region of peak AI,
/Gennero de Chialvo et al. 1984/ were able to produce fine structure in peak AI which they
attributed to different types of surface site. The size of the different fine structure peaks
depended on the hold time, leading the authors to suggest that the more-energetic of the
different pre-cursor species (identified as Cu*OHADS and Cu2*O) could age and transform
into the less-energetic species CuOHADS and Cu2O.
Support for the overall mechanism defined by reaction 4-1 comes from the probe beam
deflection studies of /Brisard et al. 1995/. In this technique, the deflection of a laser beam
angled close to the electrode surface is used to indicate changes in refractive index (ri),
corresponding to changes in the concentration of the solution. Thus, in alkaline solution,
a decrease in the refractive index (concentration) indicates the consumption of OH– or the
production of H2O, and an increase in the r.i. indicates an increase in concentration. The
observed deflection of the beam away from the electrode in the region of peak AI in
0.01–1 mol/L KOH is caused by a decrease in concentration, both because of the
consumption of OH– and because of the production of H2O (equation 4-1).
If the potential is reversed prior to the formation of peak AII, only one cathodic peak (CI) is
observed. This indicates that peak CI is due to the reduction of Cu2O via the reverse of
reaction 4-1 /Burke et al. 1990; Strehblow and Titze 1980/
Cu2O + H2O + 2e– → 2Cu + 2OH–

4-3

The nature of peak AII and the mechanism of film formation is more uncertain than for peak
AI. First, the species responsible for passivation has been variously identified as Cu(OH)2
/Brisard et al. 1995; Sander et al. 1981; Shoesmith et al. 1976; Strehblow and Titze 1980/
or CuO /Shoesmith et al. 1976/. Whilst CuO is the thermodynamically stable species, it is
apparent that the formation of Cu(OH)2 is kinetically favoured /Burke et al. 1990; Shoesmith
et al. 1976/. It is difficult to distinguish between CuO and Cu(OH)2 using many of the in situ
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techniques used to investigate the passivation of copper and, of course, samples examined by
ex situ high-vacuum techniques are prone to dehydration prior to analysis. However, photoacoustic spectroscopy in 0.1 mol/L KOH strongly suggests the formation of Cu(OH)2, rather
than CuO /Sander et al. 1981/. The formation of CuO tends to be favoured by slow rates of
oxidation /Shoesmith et al. 1976/. /Burke et al. 1990/ propose the formation of a hydrous
Cu(II) oxide with an open porous structure, and suggest a formula of 2CuO(OH)0.5.
The second issue concerning peak AII is whether the Cu(II) film forms from the direct
oxidation of Cu metal or from the oxidation of the underlying Cu2O film, or both:
Cu2O + 2OH– + H2O → 2Cu(OH)2 + 2e–

4-4

and/or
Cu + 2OH– → Cu(OH)2 + 2e–

4-5

The consensus of opinion appears to be that the Cu(II) film is at least partially formed from
the oxidation of the pre-existing Cu2O film /Abd El Haleem and Ateya 1981; Abrantes et al.
1984; Ambrose et al. 1973a,b; Brisard et al. 1995; Burke et al. 1990; Deutscher and Woods
1986; Strehblow and Titze 1980/. The outer Cu(II) film forms by a dissolution-precipitation
mechanism and leaves a porous, partially dissolved underlying Cu2O layer in contact with the
copper surface. An increase in the electrode capacitance as the Cu(II) layer forms has been
explained as being due to an increase in the porosity of the underlying Cu2O layer /Abrantes
et al. 1984/.
/Brisard et al. 1995/ have suggested a change in mechanism between pH 12 and pH 13. Based
on probe beam deflection studies, they were able to demonstrate that, at pH 12, the underlying
Cu2O film is converted to Cu(OH)2 via reaction 4-4, rather than to CuO via
Cu2O + 2OH– → 2CuO + H2O + 2e–

4-6

The change in r.i. of the solution around peak AII was smaller than that associated with peak
AI, suggesting a smaller change in OH– concentration as a consequence of film formation.
Reaction 4-4 results in the consumption of one H2O molecule for every two hydroxide ions
consumed, thus minimising any concentration change, whereas reaction 4-6 produces H2O,
thus further diluting the solution near the surface. More complicated behaviour was observed
in the region of peak AII at pH 13–14, but based on a fit of the observed probe beam
deflection data to a simple model, /Brisard et al. 1995/ suggest the formation of Cu(II) in
highly alkaline solutions proceeds via direct oxidation of copper:
Cu → Cu2+ + 2e–

4-7(a)

Cu2+ + 2OH– → Cu(OH)2 ↔ CuO + H2O

4-7(b)

Cu + 2OH– → CuO + H2O + 2e–

4-7(c)

Thus, at sufficiently high pH, it is suggested that Cu(II) forms from the direct oxidation of
copper metal, as opposed to the oxidation of Cu(I) observed at more-moderate pH.
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The structure of the precipitated Cu(OH)2 layer depends on the conditions under which it is
formed /Shoesmith et al. 1976/. As the Cu2O layer oxidises to Cu(II), the inner layer becomes
more porous and permits direct dissolution of the underlying copper surface as Cu(II)
/Shoesmith et al. 1983/. Precipitation of Cu(OH)2 eventually blocks the pores of the
underlying Cu2O layer, resulting in passivation. At more positive potentials, corresponding
to faster rates of formation, the Cu(OH)2 film comprises a larger number of randomly
orientated crystals. At more negative potentials, a smaller number of highly–ordered crystals
are observed, along with a greater propensity for CuO formation. Since the Cu(II) film is
primarily responsible for the passivity of copper in alkaline solutions /Strehblow and Titze
1980/, it is likely that slowly grown films are more protective than rapidly formed layers.
/Shoesmith et al. 1976/ suggested the Cu(OH)2 film has a bi-layer structure, with a base layer
of Cu(OH)2 crystals formed by a solid-state mechanism and an outer layer formed by
dissolution-precipitation.
The processes responsible for peak CII have not been completely resolved. Because peak CII
appears to be strongly coupled to peak AII, most investigators believe that the reduction peak
simply represents the reverse process
2Cu(OH)2 + 2e– → Cu2O + 2OH– + H2O

4-8(a)

or
2CuO + H2O + 2e– → Cu2O + 2OH–

4-8(b)

Confirmatory evidence for this comes from photo-acoustic spectroscopy measurements,
which clearly show the reduction of Cu(OH)2/CuO prior to the reduction of Cu2O /Sander
et al. 1981/. The Cu2O so formed, plus any remaining Cu2O formed during the oxidation
cycle, is then reduced during peak CI, with the charge associated with peak CI being much
larger than that associated with peak CII as a consequence. Others suggest that peak Cu2O is
reduced prior to Cu(OH)2/CuO on the reverse scan /Burke et al. 1990; Deutscher and Woods
1986; Shoesmith et al. 1983/, because the intermediate Cu2O film is electrically insulating and
reduction of the outermost Cu(II) layer is not possible until the inner Cu2O layer is partially
reduced itself.
In addition to electrochemical reduction during the cathodic potential scan, precipitated films
can also be “chemically” dissolved from the surface. Cupric species become increasingly
soluble with increasing pH (see section 3.2), due to the formation of HCuO2– and CuO22–.
The charge associated with peaks AI and AII is invariably greater than that associated with
the reduction peaks CI and CII, since part of the precipitated films dissolves prior to its
electrochemical reduction.
Because of the importance of the precipitated Cu(OH)2 in imparting passivity, /Shoesmith
et al. 1977/ have studied the dissolution of Cu(OH)2 in some detail. After formation of a
duplex Cu(OH)2 film (comprising a porous base layer and an upper crystalline layer) under
potentiostatic conditions in 1 mol/L LiOH, the film was allowed to dissolve at the open-circuit
potential (OCP) in solutions of various pH. The OCP was observed to go through a transition
(Figure 4-2), with the time of the transition increasing with decreasing pH. The pre-transition
potential was close to the equilibrium potential for the couple Cu2O/Cu(OH)2 at the
particular pH, whereas the post-transition potential was close to that for the Cu/Cu2O
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Figure 4-2. Time dependence of the open-circuit potential of a copper electrode covered by a
duplex Cu(OH)2 film upon dissolution in LiOH solutions of various concentration at 20oC
/Shoesmith et al. 1977/. The numbers on the curves correspond to the concentration of LiOH
in mol/L. Potential given with respect to the saturated calomel electrode.

couple. A reductive dissolution mechanism was proposed, involving the disproportionation of
dissolved Cu(II)-hydroxide complexes:
Cu(OH)2 + (n-2)OH– = [Cu(OH)n2-n]surf

4-9(a)

[Cu(OH)n2-n]surf → [Cu(OH)n2-n]bulk

4-9(b)

[Cu(OH)n2-n]surf + Cu = 2[Cu(OH)2–]surf + (n-4)OH–

4-9(c)

2[Cu(OH)2–]surf → Cu2O + H2O + OH–

4-9(d)

The upper- and base-layers of the precipitated Cu(OH)2 film dissolve as soluble Cu(II)-OH–
complexes (reaction 4-9(a)), the rate of dissolution increasing with increasing pH and/or
increasing rate of mass transport (reaction 4-9(b)). Once copper metal is exposed at the
base of pores in the film, disproportionation occurs, resulting in the formation of
soluble Cu(I)-OH– complexes (reaction 4-9(c)). Precipitation of Cu2O is then possible
(reaction 4-9(d)) if the concentration exceeds the solubility. Once sufficient underlying
copper has been exposed, the potential is controlled by the Cu/Cu2O couple. The time to pass
through the transition depends on the time to expose copper at the base of pores in the film.
Dissolution of Cu(OH)2 accompanied by the formation of Cu2O only occurs above a certain
pH. Figure 4-3 shows the dependence of the dissolved Cu(II) concentration on pH, both for
the solubility of Cu(OH)2 and for the equilibrium between Cu(II) and Cu2O. At pH <12.2, the
maximum concentration of Cu(II) produced by the dissolution of Cu(OH)2 is less than that
required for the precipitation of Cu2O, so that Cu(OH)2 will dissolve chemically but not by
the reductive-disproportionation reaction (equations 4-9(c) and 4-9(d)). At higher pH,
Cu(OH)2 is sufficiently soluble that Cu2O does precipitate, and dissolution occurs via both
mechanisms.
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Figure 4-3. Comparison of the pH-dependence of the solubility of Cu(OH)2 and of the
equilibrium concentration of Cu2+ in contact with Cu2O.

Cuprous oxide films on copper are semi-conducting. The nature of the semi-conducting
properties is dependent on the manner in which the film is prepared. Films produced
anodically by externally holding or scanning the potential invariably exhibit p-type semiconductivity /Abrantes et al. 1984; Bertocci 1978; Burleigh 1989; Collisi and Strehblow 1990;
Sathiyanarayanan et al. 1992/. In addition to being of limited thickness (see above), p-type
semi-conducting Cu2O films also inhibit cathodic reactions at potentials more positive than
the flat-band potential /Bertocci 1978/. When formed from the deposition of Cu(II) from
solution, Cu2O tend to exhibit n-type behaviour /Aruchamy and Fujishima 1989; Bertocci
1978/, although p-type behaviour has also been reported when Cu2O is deposited from CuO22–
in 5 mol/L OH– /Collisi and Strehblow 1990/.
Prior to emplacement in the repository, the canister surface will be covered by a thermally
grown film /King et al. 2001/. /Deutscher and Woods 1986/ suggest that Cu2O is the stable
form of oxide when grown at temperatures <200oC, with CuO formed at higher temperatures.
Interestingly, these authors reported that a Cu2O film formed at 125oC for 16 hrs exhibited
exactly the same reduction potential as an anodically grown film, suggesting that much of the
information derived from electrochemical studies is also relevant to thermally grown films.
Relatively few studies have been reported in which copper oxide/hydroxide films have been
grown under open-circuit conditions in the absence of external potential control. Such
conditions are directly relevant to the conditions a canister will be exposed to in the
repository, as opposed to the possibly artificial conditions introduced when using an external
device to control the potential. /Adeloju and Duan 1994a/ report the growth of films on
copper in aerated solution with pH values between pH 5 and pH 13.5. Only Cu2O was
observed after 7 days exposure at the lowest pH studied, with increasing amounts of CuO
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reported with increasing pH. /Kruger 1961/ grew passive films on copper in H2O equilibrated
with various O2 atmospheres (1 vol.%, 10 vol.% and 100 vol.%). (Although the bulk solution
was nominally at ~pH 7, the interfacial pH would have been significantly higher due to the
reduction of O2 to OH–). Both Cu2O and CuO were observed, the latter being more prevalent
the higher the O2 partial pressure but was not observed with 1 vol.% O2. The thickness of the
Cu2O layer decreased with increasing O2 concentration, because of the greater propensity for
passive Cu(II) film formation at the higher oxygen concentration.

4.1.2 Effect of carbonate on passivation
Of the various other species in bentonite pore-water, the only one likely to affect the passivity
of copper in alkaline solutions (apart from chloride ions) is carbonate. /Pérez Sánchez et al.
1990, 1993/ have studied the passivation of copper in alkaline carbonate solutions in the pH
range pH 8.5–11. Contrary to the behaviour in neutral solutions /King et al. 2001/, the
addition of carbonate to alkaline environments reduces the range of passivity of copper. Close
to peak AI, CuCO3 can be formed from the oxidation of Cu(OH)ADS and/or Cu2O / Pérez
Sánchez et al. 1993/. At more positive potentials (close to peak AII), basic cupric carbonates
are formed (malachite CuCO3⋅Cu(OH)2 and azurite 2⋅CuCO3⋅Cu(OH)2). The formation of
cupric carbonate species presumably interferes with the passive Cu(OH)2 layer, since the
degree of passivity is less in carbonate than in NaOH solution of the same pH. As a
consequence, a relatively high background current is observed at potentials more positive
than peak AII. One consequence of the reduced passivity in carbonate solutions, however,
is a smaller pit density compared with non-carbonate solutions at the same pH /Pérez Sánchez
et al. 1990/.
At lower pH, the presence of carbonate may promote passivation of Cu. /Adeloju and Duan
1994b/ suggest that the increased protectiveness is a consequence of pH buffering by HCO3–
which stabilises the Cu2O film, rather than the formation of basic cupric carbonate species.

4.2

Effect of chloride ions on copper corrosion in
alkaline solutions

4.2.1 Pitting of copper in alkaline chloride solutions
Chloride ions have long been associated with the pitting of copper (King et al. 2001). Much of
this association stems from the extensive studies of the pitting of copper water pipes in dilute
potable water of near-neutral pH /Campbell 1974; Lucey 1967; Mattsson 1980; Pourbaix et al.
1967/, but there have also been a number of studies of the pitting of copper in alkaline
concentrated chloride solutions /Agarwal et al. 1993; Drogowska et al. 1992, 1994; Duthil
et al. 1996; Figueroa et al. 1986; Gad Allah et al. 1991; Gennero de Chialvo et al. 1985; Imai
et al. 1996; Mankowski et al. 1997; Nishikata et al. 1990; Qafsaoui et al. 1993; Sridhar and
Cragnolino 1993; Thomas and Tiller 1972a,b/.
One method of studying pitting is through the measurement of the pitting, or breakdown,
potential EB. The breakdown potential is characterised by a sudden increase in current in the
passive region as the potential is scanned in the positive direction during cyclic voltammetry.
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On the reverse potential scan, the dissolution current for the pitted surface is higher than that
for the passive surface, resulting in a current hysteresis loop. Because the active dissolution
of copper in chloride solutions also leads to a rapid increase in current at a characteristic
potential, care must be taken to avoid confusing rapid active dissolution with film breakdown
and localised corrosion /King and Kolar 2000; King et al. 2001/. The best way of
distinguishing between active dissolution and pitting is the absence of a positive hysteresis
loop in the former but its presence in the latter. In fact for active dissolution, the current is
generally lower on the reverse potential scan because of passivation of the surface by a
precipitated CuCl layer. Excluded from the discussion below are any studies in which the
authors appear to have confused the increase in the rate of active dissolution for pitting
corrosion. All EB data reported here have been corrected for the effects of scan rate (v)
(i.e., extrapolated to zero potential scan rate), either by the authors themselves or by the
present author based on a linear dependence of dEB/dv = 92 mV/(mV/s) /Drogowska et al.
1992; Gennero de Chialvo et al. 1985/.
The most extensive and systematic study of the pitting of copper in alkaline chloride solutions
is that of Gad Allah et al. (1991). Figure 4-4 shows the reported dependence of EB on [Cl–] for
pH values between 7.26 and 13. An increase in the chloride concentration results in a decrease
in EB, with a linear relationship between EB and log[Cl–]. However, the results suggest a
complex dependence of EB on [Cl–] and pH since the various curves exhibit different slopes
and intersect one another. /Gad Allah et al. 1991/ suggested this apparently complex
behaviour was a consequence of differences in the extent of adsorption of borate ions
(added to the solution as a pH buffer) with pH. Comparison with the results of other studies,
as discussed below, suggests that the complex behaviour is instead a result of changes in the
passive film properties at ~pH 9.
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Figure 4-4. Dependence of the breakdown (or pitting) potential EB on chloride concentration
as a function of pH /Gad Allah et al. 1991/.
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Figure 4-5. Compilation of literature studies of the breakdown potential for copper as a
function of chloride concentration in solutions of different pH.
The linear dependence of EB on log[Cl–] observed by /Gad Allah et al. 1991/ is confirmed by
the results from other studies. Figure 4-5 shows the values of EB, compiled from several
studies, as a function of chloride concentration for pH values between 8 and 11. At both pH 9
and pH 11, EB decreases with increasing [Cl–], although the dependence is somewhat smaller
at the higher pH. The data of /Drogowska et al. 1992/ at pH 8 are misleading because the
solutions contained equal concentrations of Cl– and HCO3– ions, and the increase in EB with
increasing concentration reflects the passivating properties of the HCO3– ion rather than the
aggressiveness of the Cl– ions.
Both the studies of /Gad Allah et al. 1991/ and those in Figure 4-5 indicate a dependence
of the aggressiveness of the chloride ion (as measured by the slope dEB/dlog[Cl–]) on pH.
Figure 4-6 shows the dependence of the slopes from Figures 4-4 and 4-5 on pH. Under
moderately alkaline conditions (7 < pH < 10.5), the chloride ion appears to become
progressively aggressive with increasing pH. The increased aggressiveness with pH is
presumably a measure of the properties of the passive film, rather than any effect of pH
on the properties of the Cl– ion itself. Above a certain pH value (here at ~pH 10), the
aggressiveness of the Cl– ion decreases significantly, or rather the protectiveness of the
passive film increases. Chloride ions are apparently much more benign with respect to pitting
in solutions of pH 11 and 13.
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Figure 4-6. Variation of the dependence of the breakdown potential for the pitting of copper
on chloride concentration with pH. The magnitude of the slope dEB/dlog[Cl–] is taken as a
measure of the aggressiveness of the chloride ion.

This change in film properties with pH in chloride-containing solutions is also seen in the
dependence of EB on pH (Figure 4-7). In the absence of Cl– (Figure 4-7(a)), EB appears to
increase gradually with increasing pH by ~17 mV/unit. However, in chloride-containing
solution, EB increases rapidly at a critical pH value of ~9 (Figures 4-7(b) to 4-7(e)). At lower
pH values EB is independent of pH and exhibits a value of ~200±100 mVSCE. At higher pH
values, EB is also independent of pH, but displays a much higher vale of 400–800 mVSCE.
The value of the upper potential plateau appears to decrease with increasing chloride
concentration. The transition at ~pH 9 is less apparent at the highest [Cl–] illustrated in
Figure 4-7 (1 mol/L, Figure 4-7(f)). Thus, the apparently complex behaviour observed by
/Gad Allah et al. 1991/ (Figure 4-4) can be rationalised based on the pH-dependence of the
passive film properties.
/Figueroa et al. 1986/ studied the temperature dependence of EB in chloride-containing
solutions at pH 9 (room temperature pH). The value of EB decreased with increasing
temperature up to ~15oC, but then increased again at higher temperatures (Figure 4-8). The
authors attributed this behaviour to an increasing rate of film breakdown with increasing
temperature below 15oC, but increasing film protectiveness with temperature above 15oC,
possibly associated with differing degrees of hydration of the surface film in the different
temperature ranges. The dependence displayed in Figure 4-8 is in contrast to the reported
temperature dependence of EB in dilute chloride solutions at pH 8.6 (0.01 mol/L HCO3–
+ 0.01 mol/L Cl–) /Thomas and Tiller 1972b/. These authors reported that EB decreased with
increasing temperature, although in chloride-free solution they found EB to increase with
temperature (over the range 25–90oC) as observed by /Figueroa et al. 1986/.
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Figure 4-7. Dependence of the breakdown potential for the pitting of copper on solution pH
for various chloride concentrations.
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concentrations /Figueroa et al. 1986/.
An alternative representation of the extent of pitting is through the pit generation rate λ0 as
used by Mankowski and co-workers /Duthil et al. 1996; Mankowski et al. 1997; Qafsaoui
et al. 1993/. The copper electrode is typically pre-passivated by a duplex Cu2O/CuO layer
formed at an anodic potential for a given period of time, after which Cl– and/or SO42– ions are
added to the solution. The pit generation rate is then derived from the distribution of initiation
times (defined as the time to reach a given current density) from 100 samples /Qafsaoui et al.
1993/. Studies to date have been limited to pH 9 solutions.
Figure 4-9 shows a summary of the results of /Duthil et al. 1996/ in Cl–/SO42– mixtures.
Contrary to general opinion, sulphate was found to be more aggressive than Cl–. Three
regions were distinguished, based on the relative effects of Cl– and SO42–. Region I
corresponds to dilute solutions with a chloride concentration ≤5 x 10–4 mol/L, with the
transition from Region II to Region III occurring at a constant [Cl–]:[SO42–] ratio of ~5. Based
partly on the morphology of the pits (sulphate ions always resulting in hemispherical pits, but
chloride producing coalesced non-hemispherical pitting /Mankowski et al. 1997/), sulphate
ions were reported to be responsible for pitting in Regions I and II. In Region I, chloride ions
enhance the aggressiveness of SO42– resulting in higher pit generation rates, whereas in
Region II chloride inhibited pit generation, possibly due to incorporation of Cl– ions in the
passive film. Only in Region III was chloride found to be primarily responsible for the
localised corrosion. The authors suggested that sulphate ions are ~60 times more aggressive
than Cl–, although based on the relative pit generation rates and the respective threshold
concentrations for pitting, a factor of 15–20 times seems more appropriate.
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Figure 4-9. Dependence of the pit generation rate λ0 for pre-passivated copper on chloride
concentration in pH 9 chloride-sulphate solutions /Duthil et al. 1996/. (a) 0.01 mol/L SO42–,
(b) 0.02 mol/L SO42–, (c) 0.05 mol/L SO42–. The horizontal dashed line in each figure
represents the pit generation rate in chloride-free solutions.

/Qafsaoui et al. 1993/ studied the effect of the pre-polarisation time on the pit generation
rate. Longer pre-polarisation times resulted in lower pit generation rates and more-positive
breakdown potentials (as indicated by the range of values in Figure 4-7(c)). This implies that
thicker oxides are more resistant to pitting.
/Mankowski et al. 1997/ used XRD and XPS to deduce the sequence of events involved in the
pitting of pre-passivated copper in chloride and sulphate solutions. In Cl– solutions, the outer
CuO layer of the duplex Cu2O/CuO passive film first dissolves, possibly as CuCl+ species, the
rate of dissolution increasing with [Cl–]. The exposed underlying Cu2O layer is then partly
converted to CuCl. Based on the time dependence of the current density, both the original
CuO layer and the CuCl conversion layer are more protective than the underlying Cu2O film.
In sulphate solutions, the outer CuO layer dissolves as in Cl– solutions, but there is no
corresponding incorporation of sulphur species into the underlying Cu2O layer.
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/Gennero de Chialvo et al. 1985/ also proposed a stepwise pitting mechanism for copper in
chloride-containing solutions that involved the formation of CuCl. Unlike the mechanism of
/Mankowski et al. 1997/, the upper passivating CuO/Cu(OH)2 layer was not dissolved prior
to pitting attack. Instead, the first stage in pitting attack was stated to be the nucleation of
precipitated CuCl at weak points in the underlying Cu2O film. These salt nuclei were then
thought to grow in the depth-wise direction until they penetrated to the Cu2O/Cu interface
(Stage 2). Direct localised dissolution of the underlying Cu was then proposed to occur, either
in the presence of a discontinuous (Stage 3) or continuous (Stage 4) CuCl film, dissolution
occurring as cuprous (CuCl2– and/or CuCl32–) and cupric (CuCl+) species. These processes
were thought to proceed under the (non-adherent) Cu(OH)2 layer.

4.2.2 Effect of chloride on passive films on copper
As stated in the Introduction, Cl– and OH– ions have opposite effects on the dissolution
behaviour of copper. Chloride promotes active dissolution, whereas OH– promotes film
growth and passivation. It is to be expected, therefore, that a transition in behaviour will be
observed as the pH increases and/or as the [Cl–] decreases. The question is where does this
transition occur, and what are the consequences of changing from active to passive behaviour,
and vice versa?

4.2.2.1 Voltammetric behaviour
Figure 4-10 shows a comparison of the anodic current density (i)-potential (E) behaviour for
copper in chloride solutions at different pH values. The linear dependence of log i on E at
pH 7 is taken from the active-dissolution model of /King et al. 1995/ for 1 mol/L Cl–. The data
at pH 10.5–12 are taken from the work of /Nishikata et al. 1990/ in “concentrated Na2CO3NaCl solution,” believed by the current author to contain 0.5 mol/L CO32– plus 1 mol/L Cl–.
/Nishikata et al. 1990/ defined two Tafel regions (marked as Tafel I and Tafel II on
Figure 4-10) and two anodic peaks (designated as AI and AII). Other authors have reported
similar behaviour, e.g., /Drogowska et al. 1987/ in carbonate-free NaCl at pH 12 and
/Gennero de Chialvo et al. 1985/ at pH 9. Under some conditions a third anodic peak (AIII)
is observed at potentials between that for AI and AII /Gennero de Chialvo et al. 1985/. The
processes responsible for these various features, and the corresponding [Cl–] and pH
dependences, are a strong function of pH, as described in more detail below and as
summarised in Table 4-1.
Tafel slopes are observed at potentials more negative than about –300 mVSCE in both neutral
and alkaline solutions (Tafel I). In both cases the reported slope is close to 60 mV/dec, but the
processes responsible are entirely different. In acidic and neutral solutions, dissolution occurs
as the soluble CuCl2– species and the current is proportional to [Cl–]2 and independent of pH
(table 4-1). In alkaline solutions, the current is higher than at pH 7 and is independent of [Cl–]
but proportional to [OH–]. The reactions involved in this region involve the formation and
dissolution of submonolayer CuOHADS and CuClADS films /Elsner et al. 1988; Gennero de
Chialvo et al. 1985; King et al. 1999b/
Cu + H2O = CuOHADS + H+ + e–

4-10(a)

Cu + OH– = CuOHADS + e–

4-10(b)
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Figure 4-10. Comparison of the anodic voltammetric behaviour of copper in 1mol/L chloride
solution for various pH values. The pH 7 curve is based on the active dissolution model of
/King et al. 1995a/ and the data at pH 10.5–12 are taken from /Nishikata et al. 1990/.

Table 4-1. Characteristics of the voltammetric behaviour of copper in chloride solutions
as a function of pH.
Feature
Tafel I

Peak AI
Tafel II

Peak AIII

Peak AII

pH 7
60 mV/dec
∝ [Cl–]2
∝ [OH–]
Not present
Not present

Observed at
potentials > 0 mVSCE
or under stagnant
mass-transport
conditions
Not present

pH 9

IAI ∝ [Cl–]

Observed for [Cl–] ≥
0.5 mol/L

IAII ∝ [Cl–]
EAII shifts to morepositive potentials
with increasing [Cl–]
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pH >10
60 mV/dec
∝ [Cl–]
∝ [OH–]
IAI ∝ [Cl–]
40 mV/dec
∝ [Cl–]
∝ [OH–]
∝ [CO32–]
Not present

IAII ∝ [Cl–]
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Figure 4-11. Formation and reduction of CuOHADS, CuClADS and Cu2O during cyclic
voltammetry of copper in 0.1 mol/L NaCl at pH 10 /King et al. 1999/. Electrode surface area
0.33 cm2, potential scan rate 100 mV/s, electrode rotation rate 14.3 Hz.
Cu + Cl– = CuClADS + e–

4-10(c)

CuClADS + OH– = CuOHADS + Cl–

4-10(d)

CuOHADS + OH– = Cu(OH)2–

4-10(e)

CuClADS + Cl– = CuCl2–

4-10(f)

2CuOHADS → Cu2O + H2O

4-10(g)

CuClADS → CuCl

4-10(h)

The electro-adsorption of H2O, OH– and/or Cl– (reactions 4-10(a)–(c)) show up as small
pre-peaks at potentials less positive than that for AI (Figure 4-11). Although Cl– is generally
present at a higher concentration than OH–, the electro-adsorption of the latter is faster than
that of Cl–. In general, however, there is a competition between Cl– and OH– for adsorption
sites (reaction 4-10(d)), with CuClADS dominating in acidic and neutral solutions, and
CuOHADS becoming more important in alkaline solutions.
/Nishikata et al. 1990/ proposed the following mechanism to explain the observed slope and
pH dependence of Tafel I
Cu + H2O = CuOHADS + H+ + e–

4-11(a)
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CuOHADS → Cu+ + OH–

rate-determining step

4-11(b)

Although reaction 4-11 would produce the observed dependencies, it is more likely that Cu(I)
dissolves as Cu(OH)2– since the solubility of Cu+ is 1–5 orders of magnitude lower than that
of Cu(OH)2– in this pH range (see Figure 3-3(b)).
As in chloride-free solutions (Figure 4-1), peak AI is associated with the formation of several
monolayers of Cu2O (reaction 4-10(g)) /Drogowska et al. 1987; Gennero de Chialvo et al.
1985; Nishikata et al. 1990/. Here, there is a clear difference in the effect of Cl– on the peak
current IAI as a function of pH (table 4-1). In moderately alkaline solution (pH 9), IAI increases
proportionately with [Cl–], due to enhanced dissolution as CuCl2– /Gennero de Chialvo et al.
1985/. In more-alkaline solutions (pH > 10), however, IAI is independent of [Cl–] suggesting
more complete passivation of the surface by the Cu2O layer.
A second Tafel region (Tafel II) was reported by /Nishikata et al. 1990/. Because of the
dependence of the current on [CO32–] in this region (table 4-1), the occurrence of this second
Tafel region may be limited to concentrated carbonate solutions only.
Under some circumstances, a third anodic peak AIII (not shown in Figure 4-10) is observed at
potentials between those for peaks AI and AII. /Gennero de Chialvo et al. 1985/ report the
presence of AIII at chloride concentrations ≥ 0.5 mol/L at pH 9. The anodic peak is due to the
formation of a thick precipitated CuCl layer (reaction 4-10(h)) and is accompanied by a large
cathodic reduction peak on the reverse potential scan. Other factors that influence the
formation of AIII are mass transport (faster mass transport enhances dissolution as CuCl2–
and minimises CuCl precipitation) and pH (since no such peak is observed at pH ≥ 10.5,
Figure 4-10).
In alkaline chloride solutions, passivation of the surface is completed by formation of a
CuO/Cu(OH)2 layer (peak AII, Figure 4-10). As with peak AI, the peak current for AII
increases proportionately with [Cl–] in pH 9 solution, but is independent of [Cl–] at pH ≥ 10.5.
At pH 9, the peak potential for AII also shifts to more-positive potentials with increasing [Cl–],
suggesting increased stabilisation of Cu(I) by complexation with Cl– and/or enhanced
dissolution of Cu(II) as CuCl+ in moderately alkaline solutions. Indeed, dissolved species are
observed at all potentials during the oxidation of Cu in alkaline chloride solutions, Cu(I) being
observed at all potentials up to the pitting potential and Cu(II) being formed near peak AII
through the passive region and extending to the pitting region /Gennero de Chialvo et al.
1985/.

4.2.2.2 Film properties
The protectiveness of the passive film depends on a number of factors, including: the
solubility of the precipitated solid; the adherence of the film(s) to the surface; the permeability
of the film to mass transport to and from the underlying metal surface; the electrical resistivity
and properties of the oxide and/or other crystalline phase; and the mechanical stability of the
film (generally more important in flowing systems with high shear stresses) /Adeloju and
Duan 1994a/. The transition from passive to active conditions or the localised breakdown of
the passive film is often associated with spalling of the protective Cu(OH)2 layer /Gennero de
Chialvo et al. 1985/.
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Table 4-2. Dependence of the composition of the passive film on pH in chloride solutions
/Modestov et al. 1995/.
pH
pH ≤ 5.7
pH 8
pH 8.5
pH 10
pH > 10

Composition of passive film
primarily CuCl
Cu2O/CuCl
Cu2O/CuCl/CuO
Cu2O/CuO
Cu2O/CuO, Cu(OH)2

/Modestov et al. 1995/ have determined the composition and structure of the surface film(s)
on copper in Cl– solutions as a function of pH using voltammetry and photoelectrochemical
techniques (table 4-2). In acidic and neutral solutions, passivation is due to a layer of CuCl.
With increasing pH, the passive layer comprises increasing proportions of first Cu2O and
then, at sufficiently high pH, CuO and/or Cu(OH)2. Thus, there is a gradual transition in film
composition from chloride species in acidic solutions to oxide/hydroxide phases in alkaline
solution. There is a transition zone at pH 8–9 in which mixed chloride/oxide surface layers are
stable.
One of the consequences of the incorporation of Cl– into the passive film in this transition
zone is an increase in the passive current density. /Gennero de Chialvo et al. 1985/ report a
10–15 times higher passive current in the presence of 0.5 mol/L Cl– at pH 9. The enhanced
current is a result of dissolution supported by the formation of soluble CuCl2– species.
The nature of the photoelectrochemical signal has resulted in some insight into how Cl–
interacts with oxide films on the surface. Both /Millet et al. 1995/ and /Modestov et al. 1995/
observed both p-type and n-type photocurrents on copper in chloride-containing solutions.
Although CuCl is an n-type semiconductor, both groups of authors attributed both responses
to Cu2O only (based on the characteristic shape of the photocurrent spectra). /Millet et al.
1995/ report observing p-type Cu2O formation initially in NaCl solution (up to ~4 hrs),
followed by increasing n-type photocurrents as the film thickened. The authors suggested
that the thicker films were produced by precipitation from solution, a process typically
found to produce n-type Cu2O /Millet et al. 1995/. /Modestov et al. 1995/, on the other hand,
considered that the n-type characteristics they observed were due to Cl– doping of the Cu2O
layer. They considered two models to explain the interaction between CuCl and Cu2O, one in
which a layer of CuCl covered the Cu2O layer and the other in which CuCl “islands” were
distributed at weak spots in the Cu2O. The authors favoured the layered structure, as this has a
larger contact surface area between the CuCl and Cu2O phases.
4.2.2.3 Film growth
Figure 4-12 shows the effect of Cl– (0.5 mol/L) on the growth kinetics of Cu2O films in
neutral and moderately alkaline solutions (7 ≤ pH ≤ 8.7) /Deslouis et al. 1988a; Millet et al.
1995; Sutter et al. 1993, 1995/. The film thickens following power-law kinetics in both
chloride-free and chloride-containing solution, with the film thickness W (in µm) given by
W = 0.0022t0.14

4-12(a)
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Figure 4-12. Comparative Cu2O growth kinetics in moderately alkaline solutions in the
absence and presence of Cl– ions (0.5 mol/L).
in the absence of Cl–, and
WCl = 0.0043t0.86

4-12(b)

in the presence of Cl–, where t is the exposure time (in hrs). The rate of film growth is initially
about twice as fast in the chloride solution, but this increases to a factor of ~50 times faster
after 96 hrs.
There are a number of possible reasons for the observed effect of Cl– on the thickness and
growth kinetics of the Cu2O film. In the absence of Cl–, /Abrantes et al. 1984/ have suggested
that the thin p-type Cu2O layers that grow by a solid-state process are self-limiting because
continued growth at potentials below the flat-band potential would require the transport of
Cu+ cations against the electric field in the film. The induced n-type characteristics of Cu2O
films in Cl– solutions reported by /Millet et al. 1995/ and /Modestov et al. 1995/ would
prevent this self-limiting mechanism. Alternatively, the presence of Cl– may provide an
additional mechanism for the formation of Cu2O. In chloride-free solutions, Cu2O formation
may be limited to a solid-state process involving the dehydration of CuOHADS surface species
(reaction 4-10(g)). In Cl– solutions, however, copper also dissolves as CuCl2– species which
can produce Cu2O through the hydrolysis reaction
2CuCl2– + 2OH– → Cu2O + H2O + 4Cl–

4-13

The interfacial [CuCl2–] will be enhanced by the increased passive current density observed in
Cl– solutions /Gennero de Chialvo et al. 1985/.
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4.2.2.4 Conditions for active-passive transition
Several authors have considered the conditions under which an actively dissolving Cu surface
could become passivated. Both /Bianchi et al. 1978/ and /Faita et al. 1975/ have suggested
that copper will passivate when the environmental conditions are suitable for the precipitation
of Cu2O according to reaction 4-13. Based on chemical equilibrium arguments, it was
suggested that the active-passive transition satisfies the expression
−2
K = K sp−1K CuCl
− =
2

[Cl− ]4
[CuCl −2 ]2 [OH − ]2

4-14

where Ksp is the solubility product of Cu2O, given by
Ksp = [Cu+]2[OH–]2

4-15

and KCuCl2– is the stability constant of CuCl2–, given by
K CuCl− =
2

[CuCl−2 ]
[Cu + ][Cl− ]2

4-16

Figure 4-13 shows the conditions under which equation 4-14 is satisfied for various [Cl–], pH,
and [CuCl2–], based on the thermodynamic data of /Bianchi et al. 1978/. As expected, active
behaviour is favoured by higher [Cl–] and lower pH, with passive behaviour favoured by low
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Figure 4-13. Conditions for the precipitation of Cu2O and the transition from active to
passive behaviour for copper in chloride solution /after Bianchi et al. 1978/.
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[Cl–] and/or high pH. At a given pH, precipitation of Cu2O occurs at a higher [Cl–] (and,
conversely, at a given [Cl–] precipitation occurs at a lower pH) the higher the concentration
of dissolved CuCl2–. Thus, conditions that favour high interfacial [CuCl2–], such as morepositive potentials or more-restrictive mass-transport conditions, will also favour the
formation of Cu2O.
An alternative approach to identifying the active-passive transition was taken by /King and
Tang 1996/. These authors were attempting to distinguish two different mechanisms for the
formation of Cu2O (Figure 4-14) based on the dependence of the dissolution current of copper
in chloride solutions on potential, [Cl–], pH, and the rate of mass transport. Mechanism (a) in
Figure 4-14 involves formation of Cu2O by a solid-state mechanism via the dehydration of
Cu(OH)ADS (reaction 4-10(g)), accompanied by the dissolution of copper as CuCl2–.
Mechanism (b) involves a dissolution-precipitation process, in which Cu2O is formed from
the precipitation of dissolved Cu(OH)2–, or the hydrolysis of CuCl2– and/or Cu+. These two
mechanisms can be distinguished on the basis of the E-, pH-, and [Cl–]-dependences of the
slope and intercept of Koutecky-Levich (K-L) plots (1/i vs. 1/f1/2, where f is the rotation rate
of the electrode). The K-L slope is characteristic of the mass-transport component of the
dissolution current (due, for example, to the diffusion of CuCl2– and/or Cu(OH)2– away
from the copper surface), whereas the intercept is characteristic of the preceding interfacial
process(es) (such as the formation of CuClADS and/or CuOHADS). If mechanism (a) is correct,

Figure 4-14. Proposed mechanisms for the formation of Cu2O in chloride solutions
/King and Tang 1996/. (a) solid-state mechanism, (b) dissolution-precipitation mechanism.
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Figure 4-15. Dependence of the transport and interfacial reactions for the dissolution of
copper on pH in 0.1 mol/L and 1 mol/L NaCl at a potential of –150 mVSCE. Electrode surface
area 0.33 cm2. The vertical arrows indicate non-steady-state currents for pH >9.2.
then the [Cl–]-dependence of the mass-transport component would be similar to that seen
in acidic and neutral solutions /Deslouis et al. 1988a; King et al. 1995a/ and would be
independent of pH. Conversely, the interfacial component would be dependent on both
[Cl–] and pH. In the case of mechanism (b), the mass-transport term would have a complex
pH- and [Cl–]-dependence determined by the relative concentrations of dissolved CuCl2– and
Cu(OH)2–.
/King and Tang 1996/ had expected to observe a gradual transition in the transport and
interfacial components with increasing pH. Instead, a sharp change in behaviour was observed
at an apparent critical value of ~pH 9.2±0.1. For pH < 9.2, the transport term was independent
of pH, but increased proportional [Cl–]1.3 (Figure 4-15). The dependence on [Cl–] is less than
the dependence on [Cl–]2 expected for the diffusion of CuCl2– species, but the independence
of the diffusion term on pH appears to exclude Cu(OH)2– as a likely dissolved species under
these conditions. Similarly, the interfacial term is independent of pH but increases with
[Cl–]0.86. This chloride dependence is similar to that observed in acidic and neutral solutions
/Deslouis et al. 1988a; King et al. 1995a/ and suggests the formation of a CuClADS
intermediate species (Figure 4-14(a)). The rapid increase in the interfacial term at pH 9.27 in
0.1 mol/L Cl– (Figure 4-15) may indicate the formation of Cu(OH)ADS.
For pH > 9.2±0.1, non-steady-state behaviour was observed. The anodic current decreased
with time, consistent with the formation of a passivating surface film. These currents are not
explicitly shown in Figure 4-14, since they fell to <1 µA within ~30 minutes, but are indicated
by the vertical arrows in the figure. Post-test cathodic stripping voltammetry revealed the
presence of precipitated Cu2O. The pH at which this transition from active to passive
behaviour occurred was the same for both [Cl–] studied.
Overall, therefore, the most likely mechanism at pH < 9.2 appears to be mechanism (a) in
Figure 4-14, involving the dissolution of copper as CuCl2– via a CuClADS intermediate. There
is no evidence for a gradual transition in behaviour involving the formation of soluble
Cu(OH)2– species with increasing pH.
It is interesting to compare the critical pH for passivation observed by /King and Tang 1996/
with that predicted from the model of /Bianchi et al. 1978/ (Figure 4-13). On the assumption
that the interfacial dissolution reaction is close to equilibrium, equation 4-14 predicts a critical
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pH for Cu2O precipitation in both 0.1 mol/L and 1 mol/L Cl– solution of pH 6.4. The
predicted value is ~3 pH units lower than that observed experimentally, due either to kinetic
limitations on Cu2O formation or, possibly, due to errors in the thermodynamic parameters
used to predict the critical pH. It is interesting to note, however, that the model of /Bianchi
et al. 1978/ predicts that Cu2O will form at the same pH in 0.1 and 1 mol/L Cl–, exactly as
observed by /King and Tang 1996/.
The theoretical predictions of /Bianchi et al. 1978/ and /Faita et al. 1975/ appear to be
supported qualitatively by observations from other studies. Thus, /Laitinen et al. 2001/
reported only active dissolution at pH 7.6 in 1.5 mol/L Cl– (compare with Figure 4-13).
/Imai et al. 1996/ report a transition from active to passive behaviour, but do not relate this
to the pH of the Cl–/HCO3– solutions used.
4.2.2.5 Behaviour of pre-passivated surfaces
A number of experimental studies have been performed in which the copper surface was first
pre-passivated before the introduction of Cl– ions /Adeloju and Duan 1994a; Al-Kharafi and
El-Tantawy 1982; Mankowski et al. 1997; Thomas and Tiller 1972a/. Duplex Cu2O/CuO,
Cu(OH)2 films were formed at the open-circuit potential or using anodic polarisation in
solutions of pH 9–14 for various lengths of time. Despite the apparent passivating nature of
these films (see chapter 4.1), Cl– ions appear to be able to promote active dissolution if
present at a sufficiently high concentration. For example, following pre-passivation for
4.5 days in 1 mol/L NaOH, the addition of between 0.001 mol/L and 0.01 mol/L Cl– was
capable of promoting active dissolution /Adeloju and Duan 1994a/. In 0.01 mol/L HCO3–
solution (pH 8.6), /Thomas and Tiller 1972a/ found a transition from passive to active
behaviour at a [Cl–] between 0.1 mol/L and 1 mol/L. As discussed above, Cl– promotes active
dissolution of pre-passivated copper by first dissolving the protective Cu(OH)2 outer layer,
before transforming the underlying Cu2O layer to CuCl /Mankowski et al. 1997/.
4.2.2.6 Effect of Cl– and pH on ECORR
The effect of Cl– and pH on the corrosion potential (ECORR) of copper is important in deciding
whether freely corroding copper surfaces will actively dissolve, be protected by a stable
passive film, or will undergo localised corrosion. The corrosion potential is a kinetic
parameter determined by the balance of the rates of the various anodic and cathodic reactions
occurring on the surface. Despite the kinetic character of ECORR, the values reported in the
literature are close to the thermodynamic equilibrium potentials of various reversible
processes.
In Cl– solutions, the possible anodic and cathodic reactions involved in determining ECORR at
pH 0–14 include:
Anodic reactions
Cu + 2Cl– → CuCl2– + e–

4-17(a)

2Cu + 2OH– → Cu2O + H2O + 2e–

4-17(b)
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Cu2O + H2O + 2OH– → 2Cu(OH)2 + 2e–

4-17(c)

Cathodic reactions
CuCl2– + e– → Cu + 2Cl–

4-18(a)

Cu2O + H2O + 2e– → 2Cu + 2OH–

4-18(b)

2Cu(OH)2 + 2e– → Cu2O + 2OH– + H2O

4-18(c)

2H+ + 2e– → H2

4-18(d)

O2 + 2H2O + 4e– → 4OH–

4-18(e)

Note that reactions 4-17(a), (b), and (c) are the reverse of reactions 4-18(a), (b), and (c).
Figure 4-16 shows the dependence of ECORR and the open-circuit potential EOC of copper on
pH in chloride-free solutions. (Here, we distinguish between a true corrosion potential, in
which the rate of anodic dissolution of the metal is balanced by the rate of reduction of an
oxidant such as H+ or O2, and the open-circuit potential of a system at redox equilibrium, in
which the potential is determined by the balance of the forward and backward rates of a redox
couple such as described by reactions 4-17(b) and 4-18(b)). The dashed and dotted lines
represent the pH-dependence of the equilibrium potential for the redox reactions
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Figure 4-16. Dependence of the corrosion and open-circuit potentials of copper on pH in
chloride-free solutions at room temperature.
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Figure 4-17. Dependence of the steady-state corrosion potential of copper in aerated
0.5 mol/L on pH.
Cu2O + H2O + 2OH– = 2Cu(OH)2 + 2e–

4-19

and
2Cu + 2OH– → Cu2O + H2O + 2e–

4-20

respectively. /Shoesmith et al. 1977/ reported that the initial and final steady-state EOC values
of pre-passivated copper were given by the equilibrium potentials of reactions 4-19 and 4-20,
respectively, as indicated by the experimental points in Figure 4-16 (also see Figure 4-2).
This similarity of EOC and the respective equilibrium potentials suggests that the predominant
anodic and cathodic reactions are the coupled reactions 4-17(b) and 4-18(b) and
reactions 4-17(c) and 4-18(c). This also appears to be the case in aerated solution (see the
ECORR value for aerated 0.1 mol/L NaOAc, pH 8.7 in Figure 4-16), in which the reduction of
O2 is another possible cathodic reaction. On passivated Cu surfaces, however, the rate of O2
reduction appears to be slower than the rate of reaction 4-18(c), because ECORR lies close to
the equilibrium line for reaction 4-19.
Figure 4-17 shows the dependence of ECORR on pH in aerated 0.5 mol/L NaCl from two
independent studies. The figure also shows the equilibrium potentials for reactions 4-19 and
4-20 and for the reaction
Cu + 2Cl– = CuCl2– + e–

4-21

for three different [CuCl2–]. For pH values less than ~pH 9, ECORR is independent of pH, as is
predicted for reaction 4-21. Comparison of the measured ECORR and the equilibrium potentials
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for reaction 4-21 suggest an interfacial [CuCl2–] of ~10–4 mol/L, which is consistent with
results in the literature /King et al. 1995a/. Although the (kinetic) ECORR is close to the
thermodynamic equilibrium potential, the corrosion potential is determined by the balance of
the rates of Cu dissolution as CuCl2– and the reduction of H+ and/or O2 (H+ reduction will
only be significant below ~pH 3). The measured ECORR is close to the equilibrium potential
because, unlike the anodic reaction, the cathodic reactions are irreversible /Power and Ritchie
1981/.
For pH values greater than ~pH 9, ECORR increases with increasing pH and, at sufficiently
high pH (greater than ~pH 10), is close to the equilibrium potential for reaction 4-19. This
clearly demonstrates a change in behaviour at ~pH 9 and a change in the balance of the
reactions occurring under freely corroding conditions. At pH ≥ 10, ECORR appears to be
controlled by the redox equilibrium reaction 4-19 exactly as in Cl–-free solutions of this pH
(Figure 4-16). Between pH 9 and pH 10 the corrosion potential lies between the equilibrium
potentials of reactions 4-19 and 4-20. In this pH range, it is possible that the potential is
determined jointly by the rates of Cu dissolution as CuCl2– (reaction 4-17(a)) and O2
reduction (reaction 4-18(e)) and the redox equilibrium for Cu2O/Cu(OH)2 (reaction 4-19).
Similar behaviour is observed in 1 mol/L NaCl /Abdulhay and Al-Suhybani 1992/.
Figure 4-18 shows the dependence of ECORR on pH in aerated and deaerated solutions.
As in 0.5 mol/L NaCl, ECORR is independent of pH below ~pH 9, and is consistent with Cu
dissolution as CuCl2– (interfacial [CuCl2–] between 10–5 and 10–4 mol/L) supported by the
reduction of H+ and/or O2. Relatively little difference was found between ECORR in aerated
and deaerated solutions of neutral pH suggesting poor deaeration of the tests.
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Figure 4-18. Dependence of the steady-state corrosion potential on pH in aerated and
deaerated 1 mol/L NaCl /Abdulhay and Al-Suhybani 1992/. The ECORR values are more
negative than those in 0.5 mol/L NaCl (Figure 4-18) because of the effect of Cl– on ECORR.
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Figure 4-19. Temperature dependence of the steady-state corrosion potential in aerated
1 mol/L NaCl at various pH values /Abdulhay and Al-Suhybani 1992/.

At higher pH there is a change in mechanism and a significant difference between the ECORR
values in aerated and deaerated solution. At pH 13, the reported ECORR values are close to the
equilibrium potentials for Cu2O/Cu(OH)2 and Cu/Cu2O in aerated and deaerated solutions,
respectively. This behaviour is further evidence that above a critical pH value the rates of Cu
dissolution as CuCl2– and of O2 reduction are slow and that the predominant reactions are
those described by reactions 4-19 and 4-20. It is also significant that the nature of the surface
films, and hence of the ECORR value, are very dependent on the degree of aeration of the
solution. At pH 13 the ECORR values in aerated and deaerated solutions differ by over 200 mV,
not because of a difference in the rate of O2 reduction but because of the stabilisation of
Cu(OH)2 species in aerated solution but not under deaerated conditions. It is interesting to
note that /Abdulhay and Al-Suhybani 1992/ also reported a difference in the time dependence
of ECORR as a function of pH. Under film-free conditions in pH 1–9 solution, ECORR decreased
with time before reaching a steady-state value, whereas at pH 13 ECORR increased with time.
The increase in ECORR with time at pH 13 presumably reflects the time required for formation
of the duplex Cu2O/Cu(OH)2 film.
The influence of surface films on ECORR is also apparent in the temperature dependence of the
corrosion potential /Abdulhay and Al-Suhybani 1992/. Figure 4-19 shows the dependence of
ECORR on temperature in aerated 1 mol/L NaCl at various pH values. At pH 1 and pH 7, i.e.,
at values below the critical pH for film formation, ECORR decreases linearly with increasing
temperature by approximately 1.7 mV/oC. This is exactly the dependence expected of the
equilibrium potential for Cu dissolution as CuCl2– (reaction 4-21). At pH 13, however, ECORR
exhibits a maximum at a temperature of 30–40oC. This trend is similar, but opposite in
direction, to that reported for the temperature dependence of EB (Figure 4-8) and similarly
suggests an effect of the temperature dependence of the film structure and degree of
hydration.
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Yet further evidence for the importance of pH on film formation and on ECORR comes from
the study of the mass-transport dependence of ECORR as a function of pH reported by /Faita
et al. 1975/. Under film-free conditions in acid and neutral solutions, many authors have
reported that ECORR in aerated Cl– solutions decreases with increasing rate of mass transport.
For the well-controlled mass-transport conditions of a rotating disc electrode, the dependence
of ECORR on logf (where f is the rotation rate of the electrode) is reported to approach
–19 mV/dec /King et al. 1995a/. A dependence of –19 mV/dec is consistent with a masstransport limited anodic process involving reversible Cu dissolution as CuCl2– coupled with a
kinetically controlled cathodic reaction (O2 reduction) with a cathodic Tafel slope of –120 mV
/King et al. 1995a/.
/Faita et al. 1975/ observed a decrease in the magnitude of the rotation-rate dependence of
ECORR with increasing pH. In aerated 0.5 mol/L NaCl in the range pH 3–7.5, dECORR/dlogf
was found to be –13 to –15 mV/dec, close to the theoretical slope for a film-free surface. For
pH values ≥pH 8.3, however, the magnitude of dECORR/dlogf decreased to –7 to –10 mV,
consistent with a smaller degree of mass-transport control of the anodic reaction. The
formation of a partially protective Cu2O and/or Cu2O/Cu(OH)2 surface layer would hinder
Cu dissolution as CuCl2–, and limit the rate of mass transport of dissolved Cu(I) species away
from the electrode surface.

4.3

Behaviour in alkaline sulphidic environments

4.3.1 Voltammetric behaviour of copper in alkaline sulphide solution
Various authors have presented voltammetric data for the oxidation of copper and the
reduction of copper sulphide and copper oxide films in alkaline sulphide solutions /Escobar et
al. 1999; Gennero de Chialvo and Arvia 1985; Vasquez Moll et al. 1985/. Some authors show
apparently well-behaved, reproducible behaviour /Gennero de Chialvo 1985/, while others
show noisy or poorly defined voltammograms in which it is difficult to definitively identify
current peaks or film breakdown /Escobar et al. 1999; Vasquez Moll et al. 1985/.
There is general agreement that, starting from an electrochemically cleaned surface, copper
oxidises progressively, starting from copper sulphide(s) and progressing to the formation of
copper oxides, in broad agreement with the predictions of potential-pH diagrams (Figures 3-2
and 3-3). Based on the work of /Gennero de Chialvo and Arvia 1985/ and /Vasquez Moll et al.
1985/, that sequence can be defined as:
Stage IA Cu1.8S/Cu2S: the formation of a thin (0.4 nm) interfacial layer of sub-stoichiometric
cuprous sulphide (Cu1.8S), overlain by a stoichiometric Cu2S layer. These cuprous sulphide
species are formed at potentials <–840 mVSCE. Cuprous sulphide formation is probably
preceded by the formation of a precursor Cu(HS)ADS surface species at sub-monolayer
coverage, in an analogous fashion to the formation of the Cu(OH)ADS precursor of Cu2O.
Peak currents associated with cuprous sulphide formation in rapid voltammograms exhibit a
strong dependence on sulphide concentration (dIP/dlog[HS–] = 0.88) and a weak dependence
on pH (dIP/dpH = 0.13). The overall thickness of the Cu1.8S/CuS layer is of the order of
0.025–0.05 µm /Vasquez Moll et al. 1985/.
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Stage IB CuS: at potentials more positive than –840 mVSCE, CuS forms on top of the Cu2S
layer. The duplex Cu2S/CuS film so-formed is partially protective, as evidenced by a decrease
in current.
A mass-transport limited current is observed throughout the potential region for copper
sulphide formation and extending to as positive as –440 mVSCE /Gennero de Chialvo and
Arvia 1985/. The steady-state current increases with sulphide concentration and the rate of
mass-transport, suggesting that the formation of Cu2S and CuS is limited by the rate of supply
of sulphide to the electrode surface. No soluble copper species are detectable by a ring-disc
electrode at any stage during the oxidation of copper in alkaline sulphide solutions because of
the low solubility of copper sulphide (in contrast to the behaviour in sulphide-free alkaline
solutions, chapter 4.1). It is suggested that the formation of both the Cu2S and CuS layers is
due to a nucleation and growth mechanism, with rate control by the diffusion of sulphide.
Stage II film breakdown: at a characteristic potential, the partially protective
Cu1.8S/Cu2S/CuS film breaks down and localised corrosion is observed. Film breakdown
and pitting is discussed in more detail in the next section.
Stage III copper oxide formation: at sufficiently positive potentials (>–500 mVSCE), “copper
oxide” formation occurs /Gennero de Chialvo and Arvia 1985; Vasquez Moll et al. 1985/. The
nature of the oxide has not been clearly defined, but is suspected to be Cu2O. The ruptured
layer also contains CuS and the overall layer is non-protective, resulting in rapid rates of
dissolution. As discussed below, the corrosion potential in sulphide environments is several
hundred millivolts more negative than that required for copper oxide formation, and this stage
in the oxidation sequence is of no relevance for canisters in a repository.
It is suggested that the formation of Cu2S and CuS occurs at potentials close to the redox
potential for
2Cu + S2– = Cu2S + 2e–

4-22

and
Cu + S2– = CuS + 2e–

4-23

respectively /Gennero de Chialvo and Arvia 1985/. These reactions would account for
the apparent dependence of the dissolution rate on sulphide concentration but are only
pH-dependent in that the concentration of S2– is itself dependent on the pH through the
dissociation of H2S.
In this latter regard, there is a surprising variation in the values assumed for the dissociation
constants of H2S and, therefore, in the relative concentrations of HS– and S2– at a given pH in
alkaline solutions. For the first dissociation constant of H2S
H2S = HS– + H+

4-24

most authors agree that pK1 = 7.04±0.05 at 25oC /Gennero de Chialvo and Arvia 1985; Mor
and Beccaria 1975; Pourbaix 1974; Pourbaix and Pourbaix 1992/. However, the pK2 value for
the second dissociation constant
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Figure 4-20. Dependence of the film breakdown (pitting) potential for copper as a function
of sulphide concentration solution at room temperature /Vasquez Moll et al. 1985/.
HS– = S2– + H+

4-25

reported by various authors varies from 11.96 /Gennero de Chialvo and Arvia 1985/, to
13.90 /Pourbaix 1974/, to 14.006 /Pourbaix and Pourbaix 1992/, to as high as 14.92 /Mor and
Beccaria 1975/. Thus, /Gennero de Chialvo and Arvia 1985/ would predict a thousand-fold
higher concentration of S2– in solution at a given pH than /Mor and Beccaria 1975/. This
discrepancy in pK2 values may have influenced the mechanisms proposed by the various
authors.

4.3.2 Pitting of copper in alkaline sulphide environments
There is a limited amount of quantitative data on the pitting of copper in alkaline sulphide
solutions in the literature. A number of authors report either observations of pitting or single
film breakdown values (EB) /Gennero de Chialvo and Arvia 1985/, but only /Vasquez Moll
et al. 1985/ give the variation of EB with sulphide concentration. Figure 4-20 shows the
variation of EB with sulphide concentration in pH 13 solution at room temperature. (The data
have been corrected for scan rate effects and are based on the reported potential in 0.01 mol/L
sulphide and the reported dependence of dEB/dlog[HS–] = –60 mV/dec /Vasquez Moll et al.
1985/). As might be expected, EB shifts to more positive values with decreasing sulphide
concentration.
/Vasquez Moll et al. 1985/ also report a value for EB in 1 mol/L NaHCO3 (pH ~9) of
–850 mVSCE, which is also shown in Figure 4-20. The limited amount of data suggests that EB
shifts to more positive values with increasing pH (dEB/dpH = 20 mV).
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The pitting mechanism proposed by /Gennero de Chialvo and Arvia 1985/ involves electron
transfer mediated by the thin interfacial Cu2S layer. Breakdown takes place following the
formation of the duplex Cu2S/CuS layer. The following sequence of events is proposed:
1. Adsorption of HS– on the underlying Cu2S at defects in the upper CuS layer
(nCu/Cu2S/zCuS + HS– → nCu/Cu2S(HS–)ADS/zCuS)
2. Internal electron transfer from (HS–)ADS balanced by oxidation of Cu(I) to Cu(II)
(nCu/Cu2S(HS–)ADS/zCuS → nCu/Cu2S(HS)ADS/zCuS + e–)
3. Second internal electron transfer involving oxidation of Cu substrate to Cu(I) and
oxidation of Cu(I) to Cu(II) plus the formation of a proton (nCu/Cu2S(HS)ADS/zCuS
→ (n-1)Cu/Cu2S/(z+1)CuS + H+ + e–)
The net effect of these internal electron transfers is the corrosion of the Cu substrate and the
thickening of the outer CuS layer. The CuS layer, however, is non-protective and nonadherent at potentials more positive than EB. The local acidification created by the second
electron-transfer step helps maintain pitting corrosion.

4.3.3 Behaviour of copper at ECORR in alkaline sulphide solutions
A number of authors have reported ECORR data in alkaline solution as a function of sulphide
concentration /Escobar et al. 1999; Gennero de Chialvo and Arvia 1985; Mor and Beccaria
1975/. Figure 4-21 shows a comparison of the reported values, along with the equilibrium
potentials for reactions 4-26 and 4-27
2Cu + HS– = Cu2S + H+ + 2e–

4-26

and
Cu + HS– = CuS + H+ + 2e–

4-27

These reactions were chosen over reactions 4-22 and 4-23 because the latter are independent
of pH (except at pH values close to pK2, where [S2–] varies significantly with pH), whereas
ECORR is reported to vary with pH as shown by the data of /More and Beccaria 1975/
(Figure 4-21). The standard potentials for reactions 4-26 and 4-27 were calculated from the
∆Gfo data of /Puigdomenech and Taxén 2000/.
Both the experimental ECORR and theoretical equilibrium potentials decrease with increasing
sulphide concentration. However, the experimental values not only show a greater
dependence on [HS–], but also lie between those for the two equilibrium processes. /Mor and
Beccaria 1975/ reported dECORR/dlog[HS–] of between –40 and –55 mV/dec between pH 6.5
and pH 8.6, increasing in magnitude with increasing pH. /Escobar et al. 1999/ report a value
of –61 mV/dec at 25oC. In contrast, the equilibrium potentials have a dependence of
–30 mV/dec. It seems unlikely, therefore, that ECORR corresponds to the equilibrium potential
for either of these reactions. This conclusion is further supported by the difference between
the reported pH dependence of ECORR (dECORR/dpH = –34 to –39 mV /Mor and Beccaria
1975/) and that predicted for reactions 4-26 and 4-27 (dEEQ/dpH = –30 mV), although in this
case the measured and theoretical dependences are reasonably similar.
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Figure 4-21. Dependence of the corrosion potential of copper on sulphide concentration in
alkaline solution at room temperature. The data of /Mor and Beccaria 1975/ are reported for
various pH values. Also shown are the equilibrium potentials for the Cu/Cu2S and Cu/CuS
redox couples at pH 9.

/King et al. 2001/ suggested that ECORR is more likely to be a mixed-potential due to the
coupling of the anodic dissolution of Cu and the cathodic reduction of an oxidant, rather than
a redox equilibrium potential. At this stage, the processes controlling ECORR in alkaline
sulphide solutions are uncertain.

59

5

Behaviour of copper canisters in a repository

5.1

Active-passive transition in the repository

In the Introduction, it was noted that Cl– and OH– ions have opposite effects on the corrosion
of copper, Cl– supporting active dissolution and OH– ions inducing passivity. The available
literature information in alkaline chloride solutions makes it possible to identify the
conditions under which this active-passive transition will occur. Of the two species, the
concentration of OH– ions, i.e., the pH, seems to be more important in determining active vs.
passive behaviour than the [Cl–]. There is overwhelming evidence for a critical pH of ~pH 9
for a transition from active dissolution at more acidic pH values to passive behaviour at more
alkaline pH. (There is less evidence to indicate whether the corresponding passive-active
transition is equally possible, but given the apparent reversibility of many of the reactions
involved, it seems reasonable to assume that a passive surface could be rendered active under
the appropriate conditions).
The evidence for the critical pH for passivation includes:
1.
2.

the existence of a solubility minimum at ~pH 9–12 (Figures 3-4 and 3-7),
the decrease in aggressiveness of the Cl– ion to pitting of copper at ~pH 10 (based on the
magnitude of dEB/dlog[Cl–], Figure 4-6),
3. the shift in EB to more-positive potentials at ~pH 9 in Cl– solutions (Figure 4-7),
4. the influence of film properties on the effect of temperature on EB at pH 9 (Figure 4-8),
5. differences in the current-potential behaviour at pH 7 and pH 10.5 in chloride solutions
(Figure 4-10),
6. the change in the nature of the passivating film at ~pH 9, from CuCl/Cu2O at more-acidic
pH to predominantly Cu2O/Cu(OH)2 in more-alkaline solution (table 4-2),
7. observation of steady-state currents at pH <9.2 and non-steady-state currents at pH ≥9.2
in 0.1 and 1.0 mol/L NaCl /King and Tang 1996/,
8. the change in the nature of processes controlling ECORR in alkaline Cl– solutions at
~pH 9–10 (Figures 4-17 and 4-18),
9. differences in the temperature dependence of ECORR in aerated 1 mol/L NaCl at pH 7 and
pH 13 (Figure 4-19),
10. differences in the time dependence of ECORR in aerated 1 mol/L NaCl at pH 7 and pH 13
/Abdulhay and Al-Suhybani 1992/, and
11. decreasing influence of mass transport on ECORR in aerated 0.5 mol/L NaCl at pH ≥8.3
/Faita et al. 1975/.
It is interesting to note that the critical pH is insensitive to [Cl–], at least between 0.1 and
1.0 mol/L, always being in the range pH 9–10. This observation is consistent with the
prediction of /Bianchi et al. 1978/ (chapter 4.2.2.4).
It seems reasonable to assume, therefore, that during the evolution in the repository
environment, a similar active-passive transition will occur on the canister surface. The natural
pH of bentonite pore-water (~pH 8.6, chapter 2.1) is slightly below that necessary to induce
passive conditions, although the electrochemical reduction of O2 on the canister surface may
result in an increase in the interfacial pH to a value sufficient to promote passivation.
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Alternatively, a slight increase in pore-water pH due to an alkaline plume from cementitious
materials will undoubtedly induce passivation of the canister surface.
If an active-passive transition does occur, what are the consequences for canister corrosion?
Passivation of the surface will result in a decrease in both the rate of anodic dissolution of
copper as CuCl2– and of the rate of O2 reduction (assuming the latter is not transport limited).
Whether these effects will have an effect on the corrosion rate of the canister will depend on
the nature of the rate-controlling process. If, as seems likely, the rate of canister corrosion is
controlled by the rate of supply of oxidant to the surface, passivation is unlikely to affect the
rate of canister corrosion. An exception to this may be in highly alkaline solution (pH >10),
where evidence from the pH dependence of ECORR in aerated NaCl solutions (Figures 4-17
and 4-18) suggests that the rate of O2 reduction is significantly reduced by the presence of a
passive Cu2O/Cu(OH)2 film. Under these circumstances, passivation will result in a decrease
in both the rate of corrosion and the rate of O2 consumption in the repository.
As mentioned above, an increase in the bentonite pore-water pH above ~pH 9 will result in a
positive shift in ECORR. This shift in ECORR corresponds to a change in mechanism, but does
not necessarily increase the likelihood of pitting corrosion. As discussed in more detail in the
next section, the probability of pitting depends on the difference between ECORR and EB, not
on the absolute value of ECORR.
All of the above discussion is based on the behaviour of copper in alkaline Cl– solutions in the
absence of sulphide. There is relatively little information on which to base a similar analysis
for sulphide environments. There is no evidence for a critical pH representing a change in
electrochemical or corrosion behaviour. Because of the insolubility of dissolved Cu ions in
sulphide environments, copper tends to be more-or-less passive in the presence of sulphide
regardless of the pH of the solution.

5.2

Pitting of copper canisters due to an alkaline plume

As stated above, the probability of pitting corrosion is related to the difference between ECORR
and EB. If ECORR ≥ EB, pitting is likely to occur. Pitting is still possible if ECORR < EB because
EB is a statistically distributed parameter and the measured value of EB may not represent the
minimum value at which pitting can occur. However, for cases in which ECORR is less than EB,
the larger the difference between the two potentials the less likely pitting is to take place.
Figures 5-1 to 5-5 show comparisons of ECORR and EB under various conditions taken from
data presented elsewhere in this report. Figures 5-1 to 5-3 show the pH dependence of ECORR
and EB for various chloride concentrations. In Cl–-free environments (Figure 5-1), ECORR is
determined by the redox equilibrium between Cu2O and Cu(OH)2 (in aerated solution) or
between Cu and Cu2O (under anoxic conditions). Superimposing the EB data from
Figure 4-7(a) shows that ECORR is only greater than EB over a narrow range of conditions
between ~pH 7 and pH 8. With increasing pH, EB shifts to slightly more-positive potentials
(presumably due to improved resistance of the film to localised breakdown), but ECORR shifts
to significantly more-negative potentials. Thus at ~pH 11 (the highest pH for which EB data
are available), EB exceeds ECORR by ~250 mV, making pitting unlikely. In general, the
greatest danger from pitting in Cl–-free environments appears to be at near-neutral pH values,
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with the probability of pitting decreasing with increasing pH. At the minimum likely pH of
bentonite pore water (pH 8.6), EB exceeds ECORR by ~100 mV.
Similar behaviour is predicted in the presence of Cl–. Figure 5-2 compares ECORR (from
Figure 4-17) and EB (from Figure 4-7(e)) for copper in 0.5 mol/L NaCl as a function of pH.
Even in aerated environments, i.e., immediately after emplacement of the canister, there is
only a small range of pH values for which ECORR is greater than EB. As in Cl–-free solution,
the greatest danger of pitting occurs in the pH range pH 7–8, below that expected in bentonite
pore water. At pH 9 (marginally higher than that expected naturally in compacted bentonite),
EB exceeds ECORR by ~350 mV. This difference tends to increase with increasing pH and is as
much as 875 mV at pH 13. In the presence of Cl–, therefore, increasing pH reduces the
probability of pitting.
With increasing [Cl–] and/or decreasing [O2], the probability of pitting in alkaline Cl–
solutions diminishes even further. Figure 5-3 shows a comparison between ECORR and EB in
1 mol/L NaCl. The ECORR data were taken from Figure 4-18 and were recorded in aerated and
deaerated solutions. At this Cl– concentration, there is no region of pitting susceptibility, since
ECORR is << EB at all pH values. Thus, at higher [Cl–] copper tends to dissolve actively and
breakdown of any film that does form occurs at relatively positive potentials. The absence of
EB data at pH <9 probably reflects the active nature of the copper surface at these pH values,
rather than simply an absence of experimental data under these conditions. As above,
increasing pH decreases the pitting susceptibility, the difference between ECORR (aerated
solution) and EB increasing to 840 mV at pH 13. Under deaerated conditions, the difference
between EB and ECORR at pH 13 is even greater, amounting to 1040 mV. Thus, as expected, as
the repository environment becomes anoxic, the probability of pitting decreases significantly.
The temperature dependence of EB (Figure 4-8) and of ECORR (Figure 4-19) exhibit opposite
trends at pH values for which the surface is covered by a passive film. Figure 5-4 shows a
comparison of these two sets of data, with the EB data determined in 0.2 mol/L and 0.5 mol/L
NaCl at pH 9 and the ECORR data measured in aerated 1 mol/L NaCl at pH 13. Unfortunately,
data are not available for exactly the same pH and [Cl–], but the trends in the two temperature
dependences suggest that pitting is most likely at temperatures between ~15oC (corresponding
to the minimum in the EB curves) and ~35oC (corresponding to the maximum in the ECORR
curve). In the repository, pitting is less likely to occur the higher the temperature. Thus, the
greatest danger of pitting may be early in the canister lifetime during the initial heating period
when there will be sufficient O2 available to support localised corrosion. After a few years,
however, once the temperature exceeds 40–50oC, the probability of pitting starts to decrease
and will remain unlikely for several hundred years (Figure 2-1). By the time the canister cools
again, much of the initially trapped O2 will have been consumed and ECORR will be less than
that in Figure 5-4.
As an aside, Figure 5-4 also illustrates the importance in correctly interpreting the results from
full-scale tests under simulated repository conditions. Such tests simulate the initial phase in
the evolution of the repository environment. The above discussion suggests that this period
may represent the highest probability of pitting attack, so that care should be taken when
extrapolating pit information from 10–20 year tests to longer timeframes. It is entirely
possible that the maximum pit density will be achieved within the first several years and
that no further pit initiation will take place.
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Figure 5-1. Comparison of the pH dependence of the corrosion and pitting potentials for
copper in the absence of chloride ions. The shaded triangle represents the region of possible
pitting under freely-corroding conditions.
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Figure 5-2. Comparison of the pH dependence of the corrosion and pitting potentials for
copper in 0.5 mol/L chloride solution. ECORR measurements in aerated solution. The shaded
triangle represents the region of possible pitting under freely-corroding conditions.
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Figure 5-3. Comparison of the pH dependence of the corrosion and pitting potentials for
copper in 1.0 mol/L chloride solution.
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Figure 5-4. Comparison of the temperature dependence of the corrosion and pitting
potentials of copper in alkaline chloride solutions. Pitting potentials determined in 0.2 mol/L
and 0.5 mol/L NaCl. ECORR determined in aerated 1 mol/L NaCl.
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Figure 5-5. Comparison of the dependence of the corrosion and pitting potentials on
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The lack of EB and, to a lesser extent, ECORR data makes it more difficult to be definitive about
the probability of pitting in alkaline sulphide environments. Based on the available evidence
(Figure 5-5), both ECORR and EB shift to more negative values with increasing sulphide
concentration, but shift in opposite directions with increasing pH. The magnitudes of
dECORR/dlog[HS–] and dEB/dlog[HS–] are similar (~60 mV/dec), so pitting is equally as likely
at 10–5 mol/L sulphide as at 0.1 mol/L sulphide. However, ECORR decreases with increasing
pH (dECORR/dpH = –34 to –39 mV), whereas EB increases with pH (dEB/dpH = 20 mV).
Extrapolation of the data in Figure 5-5 suggests that ECORR = EB at pH 8.2. At pH <8.2,
EB < ECORR and pitting is possible. At pH > 8.2, ECORR < EB and pitting becomes increasingly
unlikely with increasing pH. The difference between ECORR and EB at pH 13 is ~250 mV.
Thus, as in sulphide-free environments, the greatest danger of pitting is at pH values less than
those expected in compacted bentonite and the probability of pitting decreases with increasing
pH.

66

5.3

Corrosion behaviour for the four environmental scenarios

For the purposes of predicting the corrosion behaviour of the canister, the four environmental
scenarios defined in chapter 2.2 will be combined into two; namely, an increase in salinity and
pore-water pH prior to the establishment of anoxic conditions and alternatively an increase in
salinity and pH after the establishment of anoxic conditions.
Based on the evidence presented above, the corrosion behaviour of the canister in the absence
of sulphide will be similar regardless of whether the increase in salinity or increase in porewater pH occurs first. The canister will be in the passive state for pH >9, but will undergo
active dissolution at lower pH values. The greatest danger of pitting will occur soon after
emplacement as the canister temperature increases and whilst there is still O2 available to
support localised corrosion. Once the temperature exceeds ~40oC and/or the pore-water pH
increases above pH 9, pitting will become increasingly unlikely. It is not known whether pits
initiated at lower temperatures and pH will continue to grow once conditions become more
severe for pit initiation.
The solubility of precipitated corrosion products will be a complex function of the pore-water
[Cl–] and pH. Based on the data in chapter 3.2, the solubility will tend to increase with time as
a consequence of the increase in (i) temperature, (ii) chloride concentration, and (iii) porewater pH. Thus, precipitated corrosion products formed in the buffer in regions of low salinity
and or pore-water pH could re-dissolve as the salinity increases and the alkaline plume
reaches the near field.
It is difficult to predict the effect of evolving salinity and pore-water pH on the corrosion rate
of the canister. It is likely that during the oxic phase, the rate of corrosion will be controlled
by the rate of supply of O2 to the canister surface. Thus, unless passivation inhibits the rates of
the interfacial processes significantly, the nature of the rate-controlling process may not
change as the salinity and pore-water pH increase. Alternatively, the formation of a highly
protective passive film in alkaline pore-water could result in an anodically limited corrosion
process, due to the slow growth of the protective surface film.
The time dependence of ECORR is equally difficult to predict. Increasing temperature, [Cl–],
and decreasing [O2] will shift ECORR to more-negative values, whereas increasing pH (above
pH 9) will cause a shift in the positive direction. The net effects of these opposing processes
will depend on the relative rates of change of the various environmental parameters.
Under anoxic conditions in the presence of sulphide (scenarios 3 and 4, chapter 2.2), copper
will corrode under passive conditions due to the presence of a duplex Cu2S/CuS film. The
corrosion rate will be limited by the rate of supply of HS– to the canister surface, regardless
of the pH. Increasing salinity is unlikely to cause localised corrosion. As in sulphide-free
solutions, pitting is most likely in the pH range pH 7–8, and will become increasingly unlikely
as the pore-water pH increases in response to the alkaline plume reaching the canister.
The solubility of precipitated corrosion products will decrease with increasing pH, causing
increased precipitation in sulphide-containing pore waters as the alkaline plume intercepts the
borehole. Under highly alkaline conditions (pH >12–13), it is possible that Cu will become
thermodynamically stable.
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6

Summary and conclusions

The available literature information on the corrosion and electrochemical behaviour of copper
in alkaline environments has been reviewed. The purpose of the review was to assess the
impact of an alkaline plume from cementitious material on the corrosion behaviour of a
copper canister in an SKB-3 type repository. The effect of the evolution of the environmental
conditions within the repository have been considered, including the effects of temperature,
redox conditions, pore-water salinity and pH.
If the pore-water pH increases prior to the establishment of anoxic conditions, the canister
surface will passivate as the pore-water pH exceeds a value of ~pH 9. Passivation will result
from the formation of a duplex Cu2O/Cu(OH)2 film. The corrosion potential will be
determined by the equilibrium potential for the Cu2O/Cu(OH)2 couple under oxic conditions,
or by the Cu/Cu2O redox couple under anoxic conditions (in the absence of sulphide). Pitting
corrosion is only likely to occur early in the evolution of the repository environment, whilst
the canister is still relatively cool (<40oC), whilst there is still O2 available to support
localised corrosion, and prior to the increase in pore-water pH and salinity. The subsequent
increase in canister surface temperature, pore-water pH and salinity, and decrease in [O2] will
make pit initiation less likely, although the canister will remain passive provided the porewater pH is maintained above pH 9. The higher the pore-water pH, the more strongly the
canister is passivated and the less likely the surface is to undergo localised attack. If the porewater salinity increases prior to the increase in pH, there could be a period of active canister
corrosion before passivation occurs. Under these circumstances, the corrosion potential will
be a true mixed potential, determine by the relative kinetics of Cu dissolution as CuCl2– and of
the reduction of O2.
The development of anoxic conditions and an increase in pore-water sulphide concentration
will result in passivation of the surface by a duplex Cu2S/CuS film. Increasing pH due to an
alkaline plume will tend to enhance the passivity, because of the decrease in solubility of
Cu2S. At the same time, pitting corrosion will become less likely, since the corrosion potential
will shift to more-negative values and the pitting potential to more-positive values with
increasing pH. As in sulphide-free environments, therefore, there appears to be little threat
to the integrity of the canister from an increase in pore-water pH.
In summary, an increase in pore-water pH due to an alkaline plume from cementitious
material will induce passivation of the canister surface. The stability of the passive film, and
its ability to prevent localised corrosion, are enhanced by increasing pH. In this regard, there
appears to be little negative impact on the integrity of the canister from the use in the
repository of cementitious materials with pore fluids in the pH range pH 12–13.
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