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Abstract 

 

   The dissolution of metal oxides in solutions is related to the durability of protective 

oxide films on metals and the removal of corrosion scales on steels, and is important in 

corrosion science and corrosion protection engineering. In the study here, copper(II) 

oxide was sintered in a disk shape to maintain a constant surface area throughout 

dissolution, and concentration of Cu(II) dissolved in EDTA solutions was measured as a 

function of time for different pH and EDTA concentrations at 80°C. Generally, only 

initial dissolution rates have been the object of study, but here the dissolution rate 

throughout the run could be examined. Without EDTA CuO did not dissolve, but with 

EDTA the dissolved Cu(II) concentration increased with time linearly at pH ≤ 7 and in a 

parabolic manner at pH ≥ 8.5. The dissolution rate increased with increasing pH at pH ≤ 

7, but it decreased with pH at pH ≥ 8. As a result the concentration of dissolved Cu(II) 

at a specific time showed a peak at pH 7-8. Assessment and prediction of the extent of 

dissolution for given times, pH, EDTA concentrations, etc. with a model would be 

valuable for engineering purposes. A kinetic model is proposed by assuming the 

following successive elementary steps: (1) the transfer of Cu(II) ions as EDTA chelates 

CuY
2-

 to the solution leaving reactive and unstable “lone oxide ions” –O
2-

 on CuO with 

a backward reaction, and this is coupled with (2) the reaction of the “lone oxide ions” 

with protons to form water. The derived rate equation reproduced the linear and 

parabolic time changes in the dissolved Cu(II) concentration and the dissolution peak at 

pH 7-8. The deviation from linearity in the alkaline range is due to the increasing 

backward reaction in step (1). From the pH dependence of the model parameters, the 

H2Y
2-

 and HY
3-

 were estimated to be the dissolving EDTA species in solution. 

 

Keywords: Copper(II) oxide; EDTA; Chelate; Dissolution; Kinetics; Modeling 
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1. Introduction 

 

   Corrosion of metals can be prevented by protective oxide films (passivating films). 

The formation and stability of such films are affected by the dissolution of oxides in 

aqueous solutions, and the dissolution of oxides is important in corrosion science and 

corrosion protection engineering. Also, the dissolution of metal oxides has been applied 

to the removal of steel millscale and recently to the removal of radioactive 

contamination in nuclear power plants. The radioactive contamination is caused by the 

incorporation of radioactive isotope ions into oxide scales formed on pipes and turbine 

blades by corrosion. Contaminated oxide scales are dissolved and washed away with 

solutions containing chelating agents like EDTA, citric acid, oxalic acid, and others. 

In these solutions oxides dissolve due to complexation in weakly acidic environments 

where the solubility of the oxides is very low without the chelating agents. It is 

considered that the dissolution of substrate metals which would occur with strong acids 

can be minimized with weak acids such as chelating agents.  

   Leaching of ores in hydrometallurgy, removal of metal ion contaminants in 

semiconductor wafers, evaluation of water quality which is affected by the weathering 

of rocks, and sample preparation for wet analysis are other examples of the application 

of metal oxide dissolution.  

   In the metal oxide dissolution applications described above, a theory or model 

would enable a quantitative evaluation of the extent of dissolution under given 

conditions. Industrial processes involving metal oxide dissolution could be designed 

and controlled by the results of theoretical evaluations. Assessment and prediction of the 

quality of environmental waters will also benefit from a quantitative evaluation of the 

dissolution of oxides. 

   To model the dissolution of metal oxides the kinetics of dissolution must be 

established, and there are many reviews and books describing the kinetics of oxide 

dissolution [1-15]. The rate of dissolution is affected by various factors, and there are 

several types of dissolved metal ion concentration vs. time curves [14]: deceleratory 

(typically the parabolic rate law); sigmoidal (typically the Avrami-Erofejev law); 

geometric (the cube-root rate law for the complete dissolution and zero-order rate law 

for dissolution small enough to cause little change in the surface area); and acceleratory. 

It is considered that the type of rate law obeyed by an oxide can change depending on 
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the distribution of particle sizes and shapes and also depending on the particle bulk 

anisotropy in crystal structures, chemical composition, etc. To model the kinetics of 

dissolution of powder oxide samples where individual oxide particles behave 

independently, the effect of external and internal heterogeneity of particles on the 

dissolution rate must be considered. 

   The dissolution rate is also affected by solution conditions, and the solution pH is an 

important variable of aqueous solutions. One unique feature of the effect of pH on the 

rate of dissolution by chelating agents with and without reducing agents and light 

irradiation is that the dissolution rate reaches a maximum at a specific pH. The systems 

for which a pH peak has been observed include: Fe(III) (hydr)oxides cysteine [16]; 

goethite (-FeOOH) by phenolic compounds [17] and oxalic acid [18]; akaganeite 

(-FeOOH) by EDTA [19]; hematite (-Fe2O3) by EDTA [20] and oxalic and citric 

acids [21]; magnetite (Fe3O4) by EDTA [22-26], thioglycolic acid [27], oxalic acid [28], 

NTA [29], mercaptocarboxylic acids [30], and thioglycolic acid with anionic 

polyelectrolytes [31]; and cobalt ferries (CoxFe3-xO4) by thioglycolic acid [32]. 

   The pH peak has been explained by the effect of pH on the speciation of both 

chelating agents in solution and also surface hydroxyl sites on oxides, which affect the 

formation of surface complexes between ligands and surface sites as intermediates 

preliminary to dissolution [14,27,30,31]. The adsorption of chelating agents on oxides 

has been studied [33-37], and characterization of ligand-surface complexes by ex situ 

spectroscopic methods has also been made [38]. The pH dependence of dissolution and 

adsorption has been reported to be parallel [21], but elsewhere apparently it was not 

[39,40]. 

   To correlate dissolution ad adsorption for explaining the pH peak, most papers 

consider the effect of the surface potential, changes in elementary reactions of different 

surface species, the synergetic role of protons or hydroxide ions in the surface 

complexation, and/or a special relationship between the dissolution peak pH and the 

deprotonation constants of ligands and surface hydorxyl sites. As a result the reaction 

mechanisms are very complex. Further, these mechanisms are mostly based on the 

initial dissolution rates to make the theoretical treatment easier. However, with the 

progress of dissolution the dissolution rate changes with the changes in the surface area 

and bulk properties of the oxide particles, and also with increasing concentrations of 

dissolved species in solution. For engineering purposes the extent of dissolution must be 
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followed from start to completion as a function of time, pH, and ligand concentrations. 

   In the investigation reported here, copper(II) oxide CuO was chosen as a nonferrous 

oxide, and CuO powder was formed into a disk specimen by sintering to maintain a 

constant surface area throughout dissolution. The dissolution of the CuO disk specimen 

in EDTA solutions resulted in linear dissolved Cu(II) concentration vs. time curves at 

low pH and parabolic curves at high pH, and the dissolution rates showed a maximum 

at a specific pH. A model developed for the dissolution of magnetite in EDTA solutions 

[24-26], where the coupling of metal and oxide ion transfer is considered, appears able 

to explain and reproduce the observed behaviors [41]. Comprehensive descriptions and 

full discussion of the results of our investigation will be made here. 

 

2. Materials and methods 

 

2.1. Preparation of copper(II) oxide disk specimen 

 

   Commercial copper(II) oxide CuO powder reagent from Kanto Chemical Co., 

Tokyo, was pressed at 250 kg cm
-2

 into a disk, 16 mm in diameter and 5 mm thick, and 

heated at 1000°C in the atmosphere for 5 h to sinter. The disk was embedded in resin, 

and the disk cross-section was exposed by grinding. The exposed surface area S of the 

disk, whose diameter had increased to 16.2 mm by the sintering, was 2.06×10
-4

 m
2
.  

 

2.2. Dissolution measurement 

 

   The dissolving solutions were mainly 0.475 dm
3
 of 3.0×10

-3 
mol dm

-3
 EDTA – 0.1 

mol dm
-3

 NaClO4 mixtures. To examine the effect of EDTA concentrations on 

dissolution, EDTA concentrations lower than 3.0×10
-3 

mol dm
-3

 were employed. The 

reaction vessel was a 0.5 dm
3
 Pyrex container with a Teflon lid with holes for a pH 

electrode, a temperature sensor, and a reflux condenser that was open to the air, for 

acid/base supply to adjust pH, and for sampling. The dissolving solution was kept at 

80°C with a ribbon heater wound around the container and stirred with a magnetic 

stirrer. The solution pH was adjusted by adding NaOH or HClO4 solution, and 

maintained constant with a pH stat. Dissolution experiments were started by dipping the 

specimen in solution, followed by withdrawing 2 or 5 cm
3 

of solution every hour and 
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measuring the concentration of Cu(II) by atomic absorption spectrometry. The same 

disk specimen was used repeatedly for different dissolution experiments. 

 

3. Results and discussion 

 

3.1. Dissolution kinetics 

 

   Fig. 1 shows the change in the dissolved Cu(II) concentration with time for various 

pH values. Not all the data, which will appear in Fig. 2, are shown here to make the 

figure simple. The surface area of the specimen was constant throughout the run as will 

be discussed below. The highest concentration of Cu(II) dissolved was 1.5×10
-3 

mol 

dm
-3

 and the concentration of free EDTA can also be regarded as constant throughout 

the run as more than 90% of the EDTA added (3.0×10
-3 

mol dm
-3

) remained 

uncomplexed. The concentration vs. time curves are linear at low pH (≤ 7) and 

nonlinear at high pH (≥ 8). In the low pH region where the linear kinetics was observed, 

the concentration of dissolved Cu(II) increases with increasing pH, but in the high pH 

region where the nonlinear kinetics was observed, the concentration of dissolved Cu(II) 

decreases with pH.  

   To show the effect of pH on dissolution, the dissolved Cu(II) concentration after 5 h 

were plotted against pH in Fig. 2. Results that are not shown in Fig. 1 are also included 

in Fig. 2. At the same pH the data show some scatter with repeated use of the same 

specimen, but the scatter is random with respect to the series of experimental runs. The 

dissolved Cu(II) concentration after 5 h attains a maximum at pH 7-8. At other 

dissolution times, estimates from Fig. 1 also show the pH peaks: with shorter 

dissolution times (< 5 h), the peak is less sharp and the peak position shifts to slightly 

higher pH due to the relatively large dissolution rate at high pH; and with longer 

dissolution times (> 5 h), the peak becomes sharper due to the decrease in the 

dissolution rate with time at high pH. Fig. 2 also indicates that without EDTA there is 

no dissolution at pH 5.5-11 (× mark).  

   The effect of EDTA concentrations on the dissolution kinetics at pH 5.5 is shown in 

Fig. 3. High concentrations of EDTA result in high concentrations of dissolved Cu(II), 

and it is clear that EDTA promotes the dissolution of Cu(II). 
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3.2. CuO disk surface during dissolution 

 

   For this investigation a disk specimen was used to avoid changes in the surface area 

and dissolution properties during dissolution. Electron microscopy showed that the disk 

specimen is a sintered product of CuO particles with different sizes and shapes (Fig. 4a). 

After a dissolution experiment, there was no further development of tunnels or channels 

due to preferential dissolution of reactive sites (particles) deep in the disk (Fig. 4b). 

Also repeated dissolution experiments with this same specimen gave similar results. It 

is likely that the initial surface roughness and hence surface area and the dissolution 

properties of the disk specimen did not change with the progress of dissolution, 

indicating “steady-state surface morphologies” [42]. 

   This can be interpreted as follows: the preferential dissolution of reactive sites in the 

disk creates holes, the dissolving agent EDTA is supplied only with difficulty to these 

holes, and further dissolution stops here, while the dissolution of less reactive sites in 

regions accessible to the dissolving solution becomes significant. These microprocesses 

repeat, and the disk specimen dissolves homogeneously without changing the surface 

area throughout the EDTA exposure, as the linear kinetics in Fig. 1 indicate (pH 4-7). 

The nonlinear kinetics in Fig. 1 (pH 8, 8.5, 9, 9.5, 10) were also obtained with the 

constant surface area. 

   As a result, changes in the surface area and dissolution properties of the disk 

specimen need not be considered in the modeling. 

 

3.3. Dissolution model 

 

   This investigation aims to develop a model of CuO dissolution for engineering 

purposes which enables assessment and prediction of the extent of dissolution as a 

function of a wide range of times, pH, and EDTA concentrations. Here, a model 

developed by the authors for the dissolution of magnetite in EDTA solutions [24-26] 

may be applied. 

   The following pathways (steps) are proposed to describe the dissolution behavior 

observed in this investigation.  
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  -CuO + HnY
(4-n)-

         
CuY

2-
 + nH

+
 + -O

2-
                  (1) 

 

 

  -O
2-

 + 2H
+                H2O                                        (2) 

 

In step (1) it is assumed that copper(II) and oxide ion sites on the oxide behave as a 

–CuO pair. An n-protonated EDTA species HnY
(4-n)-

 transfers a copper(II) ion to the 

solution by forming an EDTA chelate CuY
2-

 with the liberation of n protons and leaves 

a “lone oxide ion” –O
2-

 on the oxide, this proceeds with the rate constant k1. 

   Step (1) may be regarded as differential dissolution of ions from the surface of a 

sparingly soluble ionic crystal [43]. Smaller cations (Cu
2+

) have higher affinities for 

water than larger anions (O
2-

), and Cu
2+

 ions have a tendency to dissolve preferentially 

in water, and this tendency is enhanced by the chelate formation with EDTA. The 

forward reaction in step (1) does not satisfy the electroneutrality condition as the 

dissolved copper(II) ions provide 2+ excess positive charges to the solution and as the 

“lone oxide ions” –O
2-

 left behind provide 2- excess negative charges to the solid. 

Hence, the products in step (1) are unstable, and the amount of –O
2-

 would be very 

small, not normally detectable in the reacting system.  

   Here, however, for further dissolution to occur, oxide ions must also dissolve, 

satisfying electric neutrality, and the successive reaction in step (2) is proposed to 

achieve this; two protons attach to the “lone oxide ion” to form water with the rate 

constant k2. As a result, the transfer of copper(II) and oxide ions from solid to solution is 

coupled, and the amounts of charges they carry are equal. For step (1) the backward 

reaction with the rate constant k-1 is assumed, which also recovers the electric balance. 

In the backward reaction, equilibrium of CuY chelates in solution may participate, but 

such a micromechanism is not expressed in Eq. (1). 

   In chemical reaction kinetics, it is common that reactants form an intermediate 

complex [44]. Here the “lone oxide ions” in step (1) are unstable, reactive dissolution 

intermediates, which exist only temporarily. However, the overall dissolution given as 

the sum of steps (1) and (2) is “far from equilibrium” as the solubility calculations in the 

next section indicate, and practically there is no backward reaction for the overall 

dissolution reaction. 

   The simple lattice Cu
2+

 and O
2-

 ion sites were considered as the reacting sites in the 
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dissolution, however, there can be other types of sites on the CuO surface due to 

(de)protonation of the surface hydroxyl groups and ion adsorption. The surface 

speciation reactions are rapid compared with the dissolution, and all kinds of surface 

sites are in equilibrium with the Cu
2+

 and O
2-

 ion sites. The net species transferred from 

solid to solution by dissolution are Cu
2+

 and O
2-

 ions. These are the reasons why the 

simple lattice Cu
2+

 and O
2-

 ion sites were chosen as sites for dissolution. If dissolution 

occurs via other types of sites, which are in acid-base equilibria with the Cu
2+

 and O
2-

 

ion sites, the pH dependence of the dissolution is determined also by the protons 

participating in the formation of those sites. Eq. (1) considers protons released by the 

deprotonation of EDTA only, but other protons for surface speciation can be added in 

Eq. (1), if necessary. 

   As the “lone oxide ions” are unstable, very minor species, their concentration 

(surface density) may be obtained by applying the principle of stationary states [44] as 

follows (the electric charges on EDTA species and chelates will be disregarded for 

simplification): 

 

   d[-O
2-

]/dt = k1[-CuO][HnY] – k-1[CuY][H
+
]

n
[-O

2-
] – k2[-O

2-
][H

+
]
2
  

           = 0                                                      (3) 

 

   ∴ [-O
2-

] = 



k1[CuO][Y]T4n
k1[CuY][H

]n  k2[H
]2

                                   (4) 

 

Here, [Y]T denotes the total concentration of free EDTA (CuY chelate is excluded), and 

4-n denotes the fraction of HnY as given by   

 

   4-n = 



K1...K4n[H
]n

K1K2K3K4 K1K2K3[H
]K1K2[H

]2 K1[H
]3  [H]4

              (5) 

 

where K1-K4 are the first to fourth deprotonation constants of EDTA and the 



K1...K4n  

term is 



K1K2K3K4 for n = 0, 



K1K2K3  for n = 1, 



K1K2 for n =2, 



K1 for n = 3, and 1 

for n = 4.  

   The total concentration of free EDTA [Y]T is actually equal to the total 

concentration of EDTA added to the system (3.0×10
-3

 mol dm
-3

), because the amount of 
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EDTA consumed by the formation of CuY chelate is less than 10% of the added EDTA 

as described above. 

   The rate of dissolution of the CuO disk with surface area S and solution volume V is 

given by 

 

   (V/S)d[CuY]/dt = k1[-CuO][Y]T4-n – k-1[CuY][H
+
]

n
[-O

2-
] 

 

               




k1k2[CuO][Y]T4n[H

]2n

k1[CuY]  k2[H
]2n

                            (6) 

 

3.4. Time variations in dissolved Cu(II) concentration 

 

   Rate Eq. (6) can be simplified by considering the proton concentration as: 

   At low pH where k-1[CuY] << k2[H
+
]
2-n

 (n may be regarded to be less than 2 as will 

be explained later), 

 

   d[CuY]/dt = k1[-CuO][Y]T4-n(S/V)                                     (7) 

 

   The right-hand side of Eq. (7) is constant at a pH, and this equation is integrated to: 

 

   [CuY] = k1[-CuO][Y]T4-n(S/V)t = k’t                                   (8) 

 

Here k’ [=k1[-CuO][Y]T4-n(S/V)] is the composite rate constant. Eq. (8) explains the 

linear kinetics at pH ≤ 7 in Fig. 1, as the dissolved Cu(II) is the CuY chelate ([Cu(II)] = 

[CuY]). The values of k’ are obtained from the slope of the linear [Cu(II)] vs. time 

relations in Fig. 1. 

   At high pH where k-1[CuY] >> k2[H
+
]

2-n
, 

 

   d[CuY]/dt = k1k2[-CuO][Y]T[H
+
]
2-n
4-n(S/V)(k-1[CuY])                     (9) 

 

Integration of Eq. (9) leads to: 

 

   [CuY]
2
 = 2 k1k2[-CuO][Y]T[H

+
]
2-n
4-nS/(Vk-1)t = 2k”t                      (10) 
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Here k” [=k1k2[-CuO][Y]T[H
+
]

2-n
4-nS/(Vk-1)] is the composite rate constant, and Eq. 

(10) expresses parabolic kinetics. The data which showed nonlinear kinetics in Fig. 1 at 

pH ≥ 8.5 obey the parabolic rate law Eq. (10). The values of k” are determined from the 

slope of the linear [Cu(II)]
2
 vs. time relations in Fig. 5. 

   The data at pH 7.5 and 8.0 were not used because they are in a transition region and 

did not conform to either the linear or parabolic relations. 

   The model here considers that at high pH the rate of the reaction in step (2) is 

negligible compared with that of the backward reaction in step (1), but it is not 

negligible with the net reaction rate in step (1) (forward reaction rate minus backward 

reaction rate). Rather the reaction in step (2) is fast because the unstable reactive 

intermediate “lone oxide ions” –O
2-

 react, and the net –O
2-

 formed by the reactions in 

step (1) thus instantly disappear by the reaction in step (2). This is the reason why the 

parabolic rate law was obtained. 

   Parabolic dissolution has also been described for silicates [2-4,14,15] and ascribed 

to a growing surface layer. The surface layer was suggested to be partially altered 

primary mineral or a layer of product precipitated from solution. If the diffusion of 

solutes through this surface layer is rate controlling, increasing layer thickness would 

result in a deceleration of dissolution. This growing surface-layer mechanism was also 

applied to the parabolic kinetics of proton-promoted dissolution of hydrous iron(III) 

oxide [45]. However, the dissolved Cu(II) ions cannot have precipitated as hydroxides 

or in other forms in the presence of 3.0×10
-3 

mol dm
-3

 EDTA because the solubility 

calculations with the solubility product Ks of Cu(OH)2 (1.5×10
-20

 mol
3
 dm

-9
), the 

stability constants Kc of CuY (6.3×10
18

 mol
-1

 dm
3
), and the deprotonation constants 

K1-K4 of EDTA (values will be shown in the next section) indicate that they are 

completely complexed with EDTA and masked from precipitation in the whole pH 

range examined here. Simple oxides like CuO would not transform into different types 

of solids during dissolution as the ions which sustain the solid structure transfer to 

solution by dissolution, different from silicates and aluminosilicates. Actually, the 

repeated use of the same specimen in this investigation gave similar results, and in 

another investigation the XPS surface analysis showed that the postulated surface layers 

did not exist even for aluminosilicates [46].   

   Another explanation for the parabolic behavior of dissolution considered silicate 
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samples to be mixtures of ultrafine and large particles [46]. Here, it was proposed that 

ultrafine particles with large specific surface areas dissolve preferentially due to large 

excess surface free energies, and after the completion of this dissolution, the transition 

of dissolution from fast to slow would result in a kind of parabolic behavior. However, 

in this investigation it was shown that the surface area of the disk specimen remains 

constant throughout dissolution; sintered large and small particles in the disk do not 

dissolve independently, preserving “steady-state surface morphologies”. 

   Other investigations [47,48] have considered increasing “backward reaction” rates 

due to increasing concentrations of dissolved species in solution to explain the 

deceleratory, parabolic dissolution. Recently it was reported that the dissolution rate of 

aluminosilicates is reduced by increasing dissolved aluminum concentrations [49,50]. In 

those investigations, however, the back reaction with respect to the overall reaction was 

proposed, which becomes significant only near equilibrium conditions, different from 

the mechanism proposed in this paper. One investigation showed deceleratory kinetics 

even with little dissolution products in continuous-flow systems where dissolution 

products were removed continuously [51]. 

   In many dissolution modeling studies, the initial dissolution rates have been used 

because of the ease of theoretical treatment, as actually the rate of dissolution is affected 

by the changes in the surface area. Here, the sintered CuO disk specimen of which 

surface area does not change during dissolution was used to establish the time course of 

the dissolved Cu(II) concentration and the initial rates alone were not modeled. 

 

3.5. Effect of pH 

 

   The values of k’ obtained from the slope of the linear [Cu(II)] vs. time relations (pH 

4-7 curves in Fig. 1) are plotted against pH in Fig. 6. The log k’ vs. pH plot is linear and 

gives the following expression for the composite rate constant k’ at pH 4-7: 

 

   k’ = 10
-5.6

[H
+
]

-0.15
                                                  (11) 

 

The proton concentration term here corresponds to the theoretical 4-n term in Eq. (8). 

The fractions of EDTA species 0-4 were calculated from Eq. (5) with the following 

EDTA deprotonation constants which were obtained by extrapolation to 80°C [24]: K1 = 
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10
-1.63

 mol dm
-3

, K2 = 10
-2.50

 mol dm
-3

, K3 = 10
-5.64

 mol dm
-3

, K4 = 10
-9.39

 mol dm
-3

. The 

results are shown as function of pH in Fig. 7, and 3 and 4 increase with pH from 4 to 

7 where k’ also increases with pH. However, the increases in 3 and 4 with pH are far 

larger than that of k’ as given by Eq. (11) (Fig. 6), and neither 3 and 4 alone explains 

k’. As a result there is no integer n value which expresses the theoretical k’ in Eq. (8). 

   Fig. 7 shows that 2 does not change or slightly decreases with pH in the pH region 

4-7, and the observed pH dependence of k’ can be interpreted to be due to the combined 

contributions of 2 and 3. The situation may be that H2Y and HY attach to the surface 

simultaneously to dissolve CuO, and the sum of the contributions of 2 and 3 would 

then explain the observed small pH dependence. Hence, n is the average number of 

protons released from the two dissolving EDTA species per EDTA molecule and the 

value would be between 1 and 2. 

   The values of k” obtained from the slope of the [Cu(II)]
2
 vs. time relations (Fig. 5) 

are also plotted against pH in Fig. 6. The linear log k” vs. pH plot result in the following 

expression for the composite rate constant k” at pH 8.5-10: 

 

   k” = 10
-1.6

[H
+
]

0.85
                                                  (12) 

 

This proton concentration term corresponds to the theoretical [H
+
]

2-n
4-n term in Eq. 

(10), which is K1…K4-n[H
+
]

2
/(K1K2K3K4 + K1K2K3[H+] + K1K2[H+]

2
 + K1[H+]

3
 + 

[H+]
4
). This depends on the proton concentration to the first power in 8.5-10 pH range, 

agreeing with a decrease in k” with pH. The theoretical proton concentration 

depencence (1.0) however is slightly larger than the observed exponent (0.85) in Eq. 

(12) (Fig. 6). 

   Rate Eq. (6) for the entire pH range can be rewritten with k’ and k” as 

 

   d[CuY]/dt = k’k”/(k’[CuY] + k”)                                      (13) 

 

This is integrated to: 

 

   k’[CuY]
2
/2 + k”[CuY] = k’k”t                             (14) 

 

   The theoretical k’ and k” from Eqs. (8) and (10) cannot be applied to Eq, (14), 
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because the 4-n term which was suggested to be a composite of 2 and 3 has not been 

formulated here. However, the observed k’ and k” in Eqs. (11) and (12) (Fig. 6) are 

constant at one pH and EDTA concentration with respect to time, and were introduced 

into Eq. (14) with the assumption that these relations can be extended outside the pH 

ranges where they were established. Then the dissolved Cu(II) concentration [CuY] at t 

= 5 h was calculated from Eq. (14) as a function of pH. The results are shown as the 

curve in Fig. 2, which reproduces the peaking dissolution with respect to pH. The pH 

peak corresponds to the boundary of the pH regions for the linear and parabolic rate 

equations obtained by simplifying rate Eq. (6).  

   In most dissolution models, acceleration of dissolution by ligands has been 

explained in terms of intermediate ligand-surface complexes [52], as described in the 

introduction. One model considers that the dissolution peak pH is given by (pK1 + 

pKs1)/2, where K1 and Ks1 are the first deprotonation constants of ligands and surface 

hydroxyl sites –OH2
+
 [27,30,31]. The deprotonation constant Ks1 of magnetite surface 

hydroxyl sites was reported to be 10
-4.4

 mol dm
-3

 [31]. A similar value, 10
-4.7

 mol dm
-3

 at 

an ionic strength 0.1 mol dm
-3

 (NaNO3) and 25°C, can also be determined by converting 

the anion exchange equilibrium constant Kb° of base surface hydroxyl groups –OH(b) 

on magnetite in Tamura et al. [53]. The first deprotonation constant of EDTA (H4Y) K1 

at 80°C is 10
-1.63

 mol dm
-3

 as described above, and the dissolution peak pH is calculated 

(equation above) to be 3.0-3.2 for magnetite. Borghi et al. [23] obtained a measured 

value of 3.1 for the peak pH, which coincides with this calculated value. However, other 

investigations reported a value of 2.3 [22,24-26]. The reason for the different peak pH 

values is not clear, but the difference between the calculations and the measurements by 

others [22,24-26] is large. 

   An analysis of the dissolution mechanism with ligand-surface complexes as 

intermediates is not simple, and it has been stated that it is not clear whether stable 

ligand-surface complexes which can be evaluated by measuring the amount of ligand 

adsorption on oxides are intermediates in the dissolution process or final products that 

must return to a more reactive uncomplexed state prior to further dissolution [29].   

   In this investigation the surface complexation approach common in other models 

was not adopted and formulas for surface complexes as intermediates were not 

specifically considered in this modeling. However, the relevant rate equation was 

obtained by assigning appropriate reactants and by considering the “lone oxide ion sites” 
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as intermediates. 

 

3.6. Effect of EDTA concentration 

 

   The k’ values at pH 5.5 obtained from Fig. 3 are plotted against the EDTA 

concentration in Fig. 8. The plot is linear, agreeing with the theoretical relation between 

k’ and the EDTA concentration [Y]T from Eq. (8). The 4-n term here however is a 

composite of 2 and 3 as suggested above, and it would also be constant at a pH.  

   At a constant pH and EDTA concentration, the rate constants k’ and k” are constant 

with respect to time, and the model rate equations here are appropriate and adequate to 

reproduce the kinetic data, as the linear and parabolic kinetics could be explained 

quantitatively. 

 

4. Concluding remarks 

 

   The sintered CuO disk specimen was dissolved in EDTA solutions, and surface area 

of the specimen was constant throughout dissolution, indicating a steady-state surface 

morphology. As a result, the time change in the concentration of Cu(II) dissolved 

provided the instantaneous dissolution rate at any point. It was found that the 

dissolution reaction obeys the linear rate law at pH ≤ 7 and the parabolic rate law at pH 

≥ 8.5. The dissolution rate increased with pH in the linear kinetics region, while it 

decreased with pH in the parabolic kinetics region, resulting in a pH peak. 

   In modeling the observed results, it was considered that the copper and oxide ion 

transfer processes are affected differently by solution conditions (pH and EDTA 

concentration), and as a result nonstoichiometric lone oxide ion sites are formed. 

However, the surface nonstoichiometry is maintained stationary, as the principle of 

stationary states was applied to this nonstoichiometric surface species. The copper and 

oxide ion transfer processes are then coupled to satisfy the electric neutrality condition, 

and the dissolution rate is determined by the slower process, i.e., the metal ion transfer 

with EDTA at low pH and the oxide ion transfer with protons at high pH.   

   External electric potentials were not applied to the dissolving sintered CiO specimen, 

but the model proposed here may be compared with electrochemical theories of metal 

oxide dissolution [1,54-57]. In these theories the metal and oxide ion transfers are 
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regarded as anode and cathode processes. The anode and cathode processes are affected 

differently by the applied potential, and the surface composition deviates from the 

stoichiometric composition. However, the surface nonstoichiometry is maintained, 

stationary, as the two processes proceed at a rate limited by the slower process. Hence, 

the anode and cathode processes are coupled and the electric neutrality condition is 

satisfied. 

   The effect of electric potentials on the dissolution rate is not considered in this 

investigation, but the preservation of electric neutrality during dissolution is a key 

element consideration in the derivation of the model rate equations. 

   The existence and properties of the lone oxide ion sites is a further issue. Such sites 

may be difficult to confirm experimentally because their concentration would be very 

small due to the electric neutrality condition. The assumption of the lone oxide ion sites, 

however, realizes the very important condition that the dissolution of metal oxides is a 

transfer of lattice metal ions as well as lattice oxide ions into solution and that the 

amounts of transferred metal ions and oxide ions much be equal in the charges they 

carry. The quantitative explanation of the linear and parabolic kinetics of dissolution of 

CuO and the dissolution rate peak pH was possible by assuming lone oxide ion sites. 
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