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Abstract

The dissolution behavior of montroydite (HgO) has been studied using a fully automated system. Dissolution data under equilibrium conditions
are in agreement with previously published data and indicate that HgO solubility is relatively high and constant between pH 4 and 10.1 and
increases markedly at pH < 4. The dissolution rate also has similar behavior: it is relatively high and constant between pH 4 and 10.1 and
increases sharply at pH < 4. The dissolution process obeys a three-dimensional contraction or attrition mechanism. The dissolution rate increases
with increasing temperature and stirring rate and is the result of mixed transport and reaction control. The rate of HgO dissolution is considerably
higher than that of other divalent metal oxides at low pH. This high rate is due to the ability of Hg(II) to rapidly exchange its ligands. Data suggest
that montroydite will only occur in nature in highly contaminated sites and indicate that Hg oxidation products that are formed at the liquid
Hg/water interface may dissolve rapidly.
© 2005 Elsevier Inc. All rights reserved.
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1. Introduction

Mercury (Hg) is one of the most toxic elements. Its pres-
ence in the environment is the result of its release from sev-
eral sources, the most important being waste incinerators and
crematoria, industrial plants (such as the chloralkali industry),
and gold mining activities. In the last two cases, where large
amounts of liquid Hg0 are used, between 55% and 95% of
this element is released to the atmosphere as gaseous elemen-
tal mercury [1], the rest probably being lost either directly to
soil and rivers in metallic liquid form or as dissolved gaseous
mercury [2].

Mercury occurs in various chemical forms. Most atmospheric
Hg is made up of gaseous elemental mercury (Hg0). In surface
waters and soils it occurs as elemental mercury (soluble Hg0

or droplets of liquid mercury) and as Hg(II) compounds [1,3].
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In highly contaminated sites several mercury minerals have also
been detected, especially highly insoluble ones such as cinnabar
and metacinnabar (two polymorphs of HgS) and more soluble
ones such as montroydite (HgO) [3]. Understanding the chem-
ical properties of these minerals, especially their dissolution
behavior, is essential for assessment of the potential bioavail-
ability and environmental impact of mercury.

Although a great deal of mercury is released to the envi-
ronment as Hg0, its occurrence as Hg(II) species indicates that
Hg0 oxidation is important. In the gaseous phase, the oxida-
tion reaction has been rather well studied and several possible
mechanisms are known for this process [4,5]. In the aqueous
phase, dissolved Hg0 species can be readily oxidized by oxy-
gen in the presence of chloride and bromide [6,7]. Although
less explored in the literature, the case of liquid mercury ox-
idation in aqueous media has been also studied and there are
laboratory experiments showing that droplets of liquid mercury
are rapidly oxidized by oxygen when placed in water in the
presence of chloride or thiol compounds [1,6,8].
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The mechanism of oxidation and dissolution of mercury
droplets is poorly understood so far. Magalhães and Tubino [1]
proposed a mechanism where liquid mercury generates dis-
solved Hg0, which undergoes oxidation in the aqueous phase
and further complexation with chloride ions. They also sug-
gested a different mechanism, where the first step is the oxi-
dation of metallic mercury at the surface of the droplets, with
subsequent dissolution of the oxidized element. Their exper-
iments could not differentiate between the two mechanisms.
More recently, Amyot et al. [6] have shown that the oxidation
of liquid mercury is faster than that of dissolved mercury in
oxygenated water containing chloride ions. They also indicated
that the liquid Hg0/solution interface plays a critical role in the
process and that oxidation products are formed at the surface
of the droplets. Since oxygen is the oxidizing agent, it is likely
that oxygen–mercury species, such as Hg(II) oxide or Hg(II)
hydroxide, are formed at the surface of liquid mercury dur-
ing oxidation and that these species are the ones that undergo
dissolution. The mechanisms involved in the oxidative dissolu-
tion of mercury droplets in aqueous media seem to be complex,
and a complete understanding of this process needs the study
of (i) formation of oxygen–mercury activated complexes at the
surface of the droplets, (ii) electron transfer reactions, (iii) for-
mation of a mercury oxide film, and (iv) dissolution of this film
with consequent release of Hg(II) to the solution. This requires
evaluation of the kinetics of surface oxidation reactions, the
identification of surface species, and study of the dissolution
behavior of oxygen–mercury compounds in aqueous media.

The aim of this article is to study the dissolution behavior
of montroydite (the most representative form of HgO in na-
ture) in order to gain a better understanding of both its behavior
in contaminated sites, where it occurs at important concentra-
tions, and the dissolution behavior of possible oxygen–mercury
species that may form at the liquid Hg0/solution interface. The
thermodynamics and mainly the kinetics of HgO dissolution in
an inert electrolyte medium are investigated. The data obtained
at a variety of pH, stirring rate, and temperature conditions are
used to elucidate the respective effects of transport and reaction
control on the overall dissolution rate. Besides giving informa-
tion about the behavior of mercury in the environment, the study
also helps in understanding the basic principles of metal oxide
dissolution by drawing a quantitative link between the mecha-
nisms of metal removal from a dissolving mineral surface and
the mechanism of water exchange from the hydration sphere of
the corresponding hydrated metal ion in solution.

2. Materials and methods

2.1. Materials

Red and yellow HgO (purity � 99%) were purchased as
powder reagents from Fluka (Product Numbers 83373 and
83382, respectively) and used without further treatment. X-ray
diffraction analysis and Rietveld refinement indicated that they
are mineralogically pure and have the hexagonal orthorhom-
bic crystal structure corresponding to the montroydite mineral.
Scanning electron microscope images, obtained with a JEOL
35CF microscope equipped with a secondary electron detector,
showed that red HgO consists of well crystalline prismatic par-
ticles with a size of around 2 µm, which appear to be fused to-
gether, forming rounded multiparticle aggregates around 20 µm
in diameter. Yellow HgO consists of somewhat smaller parti-
cles of around 1 µm, having a less defined shape and forming
smaller aggregates of about 5 µm. The specific surface areas
were 0.45 and 0.68 m2/g for the red and yellow HgO as mea-
sured by N2 adsorption (BET method).

All solutions were prepared with 18-M� ultrapure water
(Milli-Rho Milli-Q system), which was boiled and degassed be-
fore the experiments to prevent CO2 contamination. Analytical
grade reagents were used in all cases: KOH, HNO3, and KNO3
(Merck), dithizone (Riedel-de-Haën), and triton X-100 (Ane-
dra). pH 4.00, 7.00, and 10.00 buffers (Anedra) were used to
calibrate the glass electrode.

2.2. Analytics

Total Hg(II) concentration was measured spectrophotomet-
rically by the fully automated method developed by Garrido
et al. [9]. Briefly, the aqueous Hg(II) solution was withdrawn
from the dissolution vessel (or from the centrifuge tube) at a
flow rate of 0.25 ml min−1 with PVC tubing connected to a
peristaltic pump (Gilson Miniplus 3) and mixed with a dithi-
zone solution in Triton X-100 at pH 2. The dithizone solution
was generated on line by flowing a 5% v/v Triton X-100 solu-
tion through a column containing solid dithizone. Under these
conditions, the complexation of Hg(II) with dithizone produces
a colored species that can be detected spectrophotometrically at
a wavelength of 500 nm [9]. The tubing used to withdraw the
Hg(II) solution was capped with glass wool to ensure that all
HgO particles remained in the dissolution vessel. Once formed,
the solution containing the colored Hg(II)–dithizone complex
was flown to a Hellma 178712-QS quartz cell and detected with
a Hewlett Packard 8452A diode array spectrophotometer. The
spectrum of the solution was recorded every 2 s in the wave-
length range 300–800 nm, and the concentration of Hg(II) was
determined from the absorbance at 500 nm. The detection limit
of the method is around 10−7 M.

2.3. Dissolution experiments

Two kinds of dissolution experiments were performed: solu-
bility experiments, to measure the thermodynamic solubility of
HgO as a function of pH, and dissolution kinetics experiments,
to measure the dissolution rate of HgO as a function of pH, tem-
perature, and stirring rate.

Both red and yellow HgO were used in solubility experi-
ments. Portions of 0.5 g of solid were placed in 50-ml centrifuge
tubes and 40 ml of a 0.010 M KNO3 solution were added to
each tube. The pH of the dispersions was adjusted to the desired
value by adding either HNO3 or KOH solutions, and the tubes
were then continuously shaken until equilibrium was reached.
Although preliminary experiments showed that a few minutes
was enough to reach equilibrium, suspensions were shaken for
at least 3 h. After this time, the suspension was centrifuged and
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the supernatant withdrawn for total mercury analysis and pH
measurement. The pH range investigated was 2.2–10.1. All sol-
ubility experiments were performed at 23 ◦C (with a standard
deviation of 1 ◦C). The temperature was controlled with a Ju-
labo thermostatic bath. Although solubility can be approached
both from undersaturation and from supersaturation, studies
from supersaturation were not performed here, to avoid any
possible precipitation of a solid phase different from montroy-
dite, which would complicate the analysis of data.

Red HgO was used for dissolution kinetics experiments.
They were begun by adding 20 mg of solid to a thermostated
glass reaction vessel containing 100 ml of a 0.010 M KNO3 so-
lution, whose pH was set to the desired value by adding HNO3
or KOH solution. The temperature was maintained constant
with a bath that circulated water through an exterior jacket sur-
rounding the reaction vessel. The dispersion was stirred with a
magnetic bar at 220 rpm, and the pH was continuously mea-
sured and corrected if changes were observed. However, since
the amount of solid used was relatively low, pH changes due
to proton consumption by dissolution were always smaller than
0.1 pH unit. Minute portions of the reactor solution were ex-
tracted during the experiments by the peristaltic pump and used
for total Hg(II) quantification as described above. Most of the
dissolution kinetics experiments were performed at 23 ◦C. The
effect of pH in the range 2.4–10.1 and of stirring rate in the
range 35–450 rpm were investigated at this temperature. In ad-
dition, the effects of temperature in the range 4–49 ◦C at pH 3.5
and stirring rate 220 rpm were also investigated.

Additional dissolution kinetics experiments at pH 2.7 were
performed as described above, but placing only 10 mg of solid
in the reaction vessel. This low amount of solid was chosen to
ensure that the whole dissolution run took place away from the
solubility limit of HgO (the complete dissolution of 10 mg of
HgO in 100 ml solution leads to a total Hg(II) concentration
of 4.6 × 10−4 M, whereas the solubility of HgO at pH 2.7 is
2 × 10−3 M). Since almost complete dissolution of the studied
solid can be achieved under these conditions, the shape of the
dissolution curves can be evaluated (see below).

In all the experiments, pH values were measured with an
ORION 710A pH meter equipped with an ORION 81-02 Ross
electrode. Buffer solutions were equilibrated at the working
temperature before electrode calibration.

2.4. The model

Dissolution of minerals such as montroydite may occur in
different steps [10–13]: (1) mass transfer of dissolved reactants
(e.g., protons) from the bulk solution to the mineral surface,
(2) adsorption of these reactants to the mineral surface, (3) in-
terlattice transfer of reacting species and formation of the ac-
tivated complex, (4) surface chemical reactions, and (5) mass
transfer of the reaction products into the bulk solution. Any
one or more of these steps can be rate-controlling, but it is
customary to identify the kinetic processes as either transport-
controlled processes (where step (1) or (5) is the rate-limiting
step) or surface-controlled processes (where step (2), (3), or (4)
is the rate-limiting step).
Transport steps and surface steps proceed simultaneously
when dissolution is taking place. This means that after a very
small time a steady state occurs and the rate of transport steps
equals the rate of surface steps, regardless of the controlling
process [12]. This equality of the various rates is required to
ensure that no dissolution product accumulates at the min-
eral/water interface.

The transport to and from the surface depends on the hy-
drodynamics of the system under investigation. In the case of
a well-stirred solution near the mineral surface, the transport is
determined by a stagnant layer through which diffusion takes
place according to the second Fick law. The diffusion of ma-
terial is caused by the concentration gradient between the bulk
and the surface. This can be written as [14]

(1)J = kt(cs − cb),

where J is the material flux, kt is a transport rate coefficient,
cb is the concentration of dissolved material in the bulk solu-
tion, and cs is its concentration at the surface. The value of kt
mainly depends on the thickness of the stagnant layer and on
the diffusion coefficient of the reacting species. The thickness
of the stagnant layer can be changed, for instance, by chang-
ing the stirring rate. The diffusion coefficient may also change
when the reacting species change. For example, if the dissolv-
ing conditions (such as pH) are modified, the species that are
being transferred from the surface to the bulk solution will
also change (for example, Hg2+ at low pH and Hg(OH)0

2 at
high pH). kt will thus change if these species have different dif-
fusion coefficients. However, this does not appear to be the case
for dissolving metal oxides, since either nonhydroxylated or
hydroxylated dissolved metal ions have similar diffusion coef-
ficients [10], and thus kt can be considered independent of pH.

Following Lasaga [10], the surface reaction rate can be ex-
pressed as

(2)Rs = ks(ceq − cs)
n,

where Rs is the surface reaction rate, ks is a surface rate coeffi-
cient, ceq is the equilibrium bulk concentration of the soluble
species (soluble Hg(II) species in our case), and n is a real
number. In the analysis of our experimental data we found that
n = 1; thus we remove it from the equations to simplify their
solution. From Eq. (1) the following expression for cs can be
obtained:

(3)cs = J

kt
+ cb.

Substituting in Eq. (2) and rearranging,

(4)Rs + ksJ

kt
= ksceq − kscb.

Knowing that Rs must equal J , Eq. (4) can be rearranged to
give

(5)R = kskt

ks + kt
(ceq − cb),

where R is the overall reaction rate (R = J in a transport-
controlled process and R = Rs in a surface-controlled process).
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Equation (5) indicates that dissolution takes place when cb <

ceq and that formation of solid takes place when cb > ceq.
Additionally, since cb = 0 at the beginning of a dissolution

experiment, the initial dissolution rate, R0, is given by

(6)R0 = kskt

ks + kt
ceq,

which indicates that the initial dissolution rate is proportional
to ceq. Then an R0 vs pH curve should have the same shape as
the solubility curve (ceq vs pH).

On the other hand, when kt � ks, the initial dissolution rate
is given by

(7)R0 = ktceq,

which indicates that the process is transport-controlled. On the
contrary, when kt � ks, the equation for a surface-controlled
process is obtained:

(8)R0 = ksceq.

Between these two limiting cases, Eq. (6) must be applied.
Dissolution kinetics experiments performed in this work

made it possible to monitor the increase in the total supernatant
concentration of Hg(II) species as a function of time. This to-
tal concentration of species can be identified as cb, according to
the nomenclature used above. Thus, R can be evaluated at any
time from the slope of a cb vs t curve:

(9)R = dcb

dt
.

In addition, the degree of progress of the dissolution reac-
tion, α, can also be evaluated, and can be defined as

(10)α = W0 − W

W0
= V0 − V

V0
,

where W and V are respectively the mass and volume of solid
remaining undissolved at a certain time t , and W0 and V0 are
respectively the initial mass and volume of solid used in the
dissolution run. The value α = 0 means that 0% of the solid has
been dissolved, whereas α = 1 means that 100% of the solid
has been dissolved.

3. Results and discussion

3.1. Solubility of HgO

Fig. 1 shows the solubility of both red and yellow mercury
oxides as a function of pH in 0.01 M KNO3 solutions. Although
a small difference in solubility between the oxides is reported in
the literature [15], no significant differences were found in the
present study. We shall therefore discuss hereafter the dissolu-
tion thermodynamics and kinetics of red HgO only. The data are
in good agreement with previous results compiled by Baes and
Mesmer [15]. Experimental data in Fig. 1 are compared with a
solubility curve computed with the MINEQL+ code [16], using
the Davies equation for the activity coefficients and equilibrium
constants reported by Baes and Mesmer [15]. The solubility
is constant and equal to 2.05 × 10−4 M above pH 4, and in-
creases sharply as pH decreases below pH 4, reaching a value
Fig. 1. Solubility curve for HgO at 23 ◦C in 0.01 M KNO3 solutions. Exper-
imental data for red HgO (filled circles) and yellow HgO (empty circles) are
compared to the solubility curve (thick line) computed with the MineQL+ code.
Contribution by individual Hgx (OH)y species to the total solubility are shown
by individual line (thin lines) identified by the x, y stoichiometric coefficients.

of 5.49 × 10−2 M at pH 2. The distribution of soluble species
contributing to the total mercury solubility is also shown in
Fig. 1. Two species dominate this speciation: Hg2+ dominates
at pH < 2.6, and Hg(OH)0

2 dominates at pH > 3.6, whereas
both species are significant in the pH range 2.6–3.6.

The solubility of montroydite is relatively high compared to
that of many other metal oxides present in nature. For instance,
the solubility minima for Al(III), Fe(III), Fe(II), and Mn(II)
oxides are about 10−6, 10−11, 10−6, and 10−5 M, respec-
tively [15], while the solubility minimum of HgO (observed at
pH > 4) is equal to 2.05 × 10−4 M. This solubility is much
higher than that of cinnabar (HgS, solubility about 10−19 M),
and accounts in part for the fact that Hg(II) is commonly present
in solid phases mainly as sulfide or selenide compounds, which
are highly insoluble, and less as HgO, which is found only in
highly contaminated sites such as gold mines [3].

The magnitude of the solubility of HgO also gives some
clues about the mode (transport or surface reaction) that con-
trols the dissolution rate of the solid. Indeed, and follow-
ing Lasaga [12], a theoretical rule of thumb proposed by
Berner [17] states that for aqueous solutions, minerals with low
solubility dissolve by surface control, whereas highly soluble
minerals dissolve by transport control. Examples of minerals
with low solubility and surface control are BaSO4 (solubility
1 × 10−5 M) [12], aluminum oxide [13], iron(III) oxide [13],
and others [12]. Examples of minerals with high solubility and
transport control are CaSO4·2H2O (solubility 5 × 10−3 M),
Na2SO4·10H2O (solubility 0.2 M), and others [12]. Minerals
that have intermediate solubility, such as PbSO4 (solubility
1 × 10−4 M), seem to have mixed control (transport and sur-
face) of the dissolution reaction [12]. Thus, mixed control can
be envisaged for HgO from solubility data, although this con-
clusion needs to be confirmed from kinetic data.

3.2. Measuring dissolution kinetics of HgO

Fig. 2 shows the changes in the UV–vis spectra of the super-
natant solution (after reacting with dithizone) during a typical
dissolution kinetics experiment. This kind of plot was used to
monitor the increase in the concentration of dissolved mercury
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Fig. 2. Supernatant UV–vis spectra recorded at different times during the dis-
solution of red HgO at 23 ◦C in a pH 3.5, 0.01 M KNO3 ionic medium. The
arrows indicate the direction of changing spectra with time.

as a function of time. At short reaction times the spectral curves
correspond to the spectrum of pure dithizone (which has a max-
imum at 608 nm), indicating that the concentration of mercury
species in the supernatant is negligible. As the dissolution pro-
ceeds, there is a decrease in the absorbance at 608 nm together
with an increase in the absorbance at 500 nm. The maximum at
500 nm corresponds to the maximum of the dithizone–Hg(II)
complex, indicating that mercury species appear in the super-
natant as time increases.

The isosbestic points at 445 and 540 nm suggest that only
two species absorb light in the studied wavelength range [18],
namely, dithizone and the dithizone–Hg(II) complex. There-
fore, analysis of the spectral changes made it possible to quan-
tify total mercury concentration in the supernatant and to con-
struct dissolution curves by plotting either cb vs t or α vs t .

3.3. The shape of the dissolution curve

In dissolution kinetics studies, it is a common practice to an-
alyze the behavior of a solid by measuring its initial dissolution
rate, which is obtained from data recorded at the beginning of
the dissolution run. However, in many cases this initial dissolu-
tion rate may not reflect the actual dissolution behavior of the
studied material, since at the very beginning of the process the
rate may be affected by factors whose origin and consequences
are seldom well understood and controlled, such as the presence
of some surface impurities, minute amounts of fast-dissolving
amorphous particles, surface defects, or transient periods be-
fore steady state is reached. It is always convenient to check the
behavior of the sample from the very beginning to nearly the
end of the dissolution process [19]. This makes it possible to
obtain a complete dissolution curve, whose shape can be ana-
lyzed in order to detect the presence of undesired processes and
induction times that can affect data interpretation.

Fig. 3 shows the dissolution curve of 10 mg of HgO at
pH 2.7. Dissolution was followed from the very beginning
(α = 0) to nearly the end of the process (α = 0.85). At the be-
ginning (0 < α < 0.05), an induction time with a relatively low
dissolution rate was found. This interval can be well observed
in the inset of the figure. Factors responsible for this induction
time are not well understood. Perhaps some surface hydration
is affecting the results in this period, but there is no clear evi-
Fig. 3. Dissolution curve of red HgO. Initial solid concentration 10 mg/100 ml,
pH 2.7, temperature 23 ◦C, stirring rate 220 rpm. Experimental data (symbols)
are compared to predictions of Eq. (11) (line) with k/r0 = 9 × 10−5 cm−1.
One out of 50 experimental points was omitted for clarity. The inset of the
figure shows all the experimental data between t = 0 s and t = 800 s.

dence for this or other processes. Thus, induction times are not
considered in evaluating the dissolution rate of HgO. After this
induction time, the slope of the α vs t curve acquires its maxi-
mum value, which then decreases monotonically as t increases.
Neglecting the data belonging to the induction time, the curve
takes the shape of the equation

(11)1 − (1 − α)1/3 = k

r0
t,

which represents the dissolution of a spherical particle, where
r0 is its initial radius and k is a constant. Equation (11) is de-
rived in Appendix A for spherical particles, although it can also
be derived for any other isometric three-dimensional body [19].
For example, the same equation can be obtained for cubic parti-
cles with the corresponding substitution of r0 by the initial cube
length. Derivation of Eq. (11) assumes that the dissolution rate
of the particle is proportional to its surface area. Therefore, as
dissolution proceeds, the particle and its surface area become
smaller, and this is why the dissolution rate decreases monoto-
nously with time. This dissolution mechanism is known as the
three-dimensional contracting mechanism or attrition mecha-
nism [20] and implies that the hypothetical spherical particle is
keeping its shape during dissolution, k representing the constant
rate at which its radius is decreasing. For the example shown in
Fig. 3, assuming that the dissolving entities are individual HgO
crystals with r0 = 2 µm, the radius of the crystals should de-
crease at a constant penetration rate k = 0.000180 µm s−1 or
0.648 µm h−1. On the other hand, assuming that the dissolving
entities are the aggregates (r0 = 10 µm) seen by electron mi-
croscopy, their radii should decrease at a constant penetration
rate k = 0.00090 µm s−1 or 3.24 µm h−1. Actually, the Fig. 3
data do not make it possible to prove whether the dissolving
entities are single crystals or whole aggregates. However, pre-
liminary granulometric studies indicate that the aggregates are
still present during dissolution, suggesting that they are the dis-
solving entities. Since montroydite crystals are fused together
in random orientations in the original aggregates, the penetra-
tion rate estimated with the value of k is actually an averaged
penetration rate of the outer surface of the aggregates.
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Fig. 4. Dissolution curve of red HgO obtained at different pH values. Temper-
ature 23 ◦C, stirring rate 220 rpm. Initial solid concentration 20 mg/100 ml.
pH values are given in the figure.

Fig. 5. Initial dissolution rates (symbols) and solubility (thick line) of HgO as
a function of pH. Thin lines represent the two components of the empirical rate
law, as described by Eq. (14), with Rw = 3.5×10−11 mol cm−2 s−1 (flat line),
kH = 2.0 × 10−4 L2 mol−1 cm−1 s−1, and n = 2 (negative slope line).

3.4. Effect of pH, stirring rate, and temperature

Fig. 4 shows dissolution kinetics experiments performed at
different pHs. Induction times are observed in all curves. In
order to compare dissolution rate data, the initial rate was as-
sumed to be the slope of the cb vs t curves after the induction
time, which is the slope of the straight lines drawn in the figure.

At pH 10.1 and down to pH 4 (data not shown), the rate does
not depend on pH, whereas at pH values below pH 4 the rate
increases significantly as pH decreases. Fig. 5 reports the initial
dissolution rates (obtained from data such as those in Fig. 4) as
a function of pH and compares them to the thermodynamic sol-
ubility curve. The shape of both curves is similar, in agreement
with the predictions of Eq. (11). The proportionality factor, i.e.,
the value of the kskt/(ks + kt) parameter, is 2.0 × 10−4 cm s−1.

Since kskt/(ks + kt) is composed of ks and kt, it is desirable
to evaluate the ks and kt contributions to this parameter. This is
important because ks is a value that depends only on the HgO
properties, and thus it can be used and applied in any situation
where HgO dissolution in aqueous media is evaluated. Once ks
is known from laboratory data, this value can be applied to nat-
ural systems and field data, combined with the corresponding
transport constant [10]. The value of ks was estimated by in-
vestigating the effect of the stirring rate on the dissolution rate.
The results obtained at pH 3.5 are plotted in Fig. 6. They show
an increase of the initial dissolution rate with increasing stirring
rate. In addition, stabilization of the overall rate is envisaged at
Fig. 6. Initial dissolution rate of red HgO as a function of the stirring rate.
Experimental data (symbols) and theoretical data (line) calculated with Eq. (12)
with A = 1.51 × 10−6 cm s−1 rpm−1 and ks = 5.05 × 10−4 cm s−1. pH 3.5,
temperature 23 ◦C.

high stirring rates. Assuming kt proportional to the stirring rate,
Eq. (6) can be rewritten as

(12)R0 = ksAS

ks + AS
Ceq,

where S is the stirring rate and A is the proportionality constant
between kt and S. Equation (12) can be linearized to give

(13)
Ceq

R0
= 1

AS
+ 1

ks
;

thus A and ks can be estimated respectively from the slope
and the y-intercept of a Ceq/R0 vs 1/S plot (not shown). The
line in Fig. 6 is a plot of Eq. (12) with the estimated values
A = 1.51 × 10−6 cm s−1 rpm−1 and ks = 5.05 × 10−4 cm s−1.
An acceptable fit (R2 = 0.85) was obtained. This fit is better
than the one that could be obtained by fitting data in Fig. 6
with a straight line (R2 = 0.77), indicating that the curve tends
to level off at high stirring rates. The fact that the value of ks
is similar to the values of kt, which varies from 5.28 × 10−5

to 6.79 × 10−4 cm s−1 in the whole range of stirring rates in-
vestigated, indicates that the dissolution kinetics is controlled
by a combination of transport and surface reactions, in agree-
ment with the conclusions obtained from solubility data. Only
at much higher stirring rates, which could not be reached with
the experimental setup used in this work, would the disso-
lution rate represent a pure surface-controlled process, with
R0 = ksceq = 1.6×10−10 mol cm−2 s−1 (see Eq. (8)) at pH 3.5.

The dissolution rate of red HgO at pH 3.5 and stirring
rate 220 rpm increases by more than one order of magnitude as
the temperature increases from 5 to 49 ◦C. An Arrhenius plot
was constructed to estimate the apparent activation energy of
the process, Ea, by plotting the logarithm of kskt/(ks + kt) (or
R0/ceq) as a function of 1/T , where T is the absolute temper-
ature. Values for ceq at different temperatures were calculated
with the MINEQL+ code [16]. This plot is shown in Fig. 7,
whose slope makes it possible to calculate an apparent acti-
vation energy Ea = 35.9 kJ/mol. According to Lasaga [10,
12], diffusion-controlled reactions in aqueous media have rather
low activation energies (Ea < 20 kJ/mol), whereas activation
energies that are much higher are indicative of a chemical
surface-controlled process. For instance, gibbsite dissolution in
acidic medium was characterized by an Ea value ranging from
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Fig. 7. Arrhenius plot for the dissolution of red HgO. pH 3.5, stirring rate
220 rpm.

59 ± 4.3 to 67 ± 0.6 kJ/mol and is clearly a surface-controlled
reaction [21]. The value of Ea = 35.9 kJ/mol, which is in-
termediate between normal activation energies for transport-
controlled and surface-controlled processes, also indicates that
under the conditions studied in this work, HgO dissolution
is not a purely surface-controlled process and that both sur-
face reactions and transport control the dissolution kinetics.
This mixed control seems to be usual for many minerals. In-
deed, the same characteristics (high solubility, fast dissolu-
tion, and mixed controlled kinetics) were observed for calcite
[CaCO3(s)] [22,23]. The only way found to characterize the
surface-controlled reaction rate for this mineral was to stick
a crystal on a rotating disk and to study the dissolution under
conditions where transport no longer controls the dissolution
phenomenon [22,23].

3.5. Dissolution mechanism

The dissolution mechanisms of most of the oxide miner-
als are viewed as progressive ligand-exchange reactions. The
bridging oxygens that link the cation to the mineral surface
are progressively replaced by functional groups until a small
aqueous complex detaches [13,24,25]. In the case of proton-
promoted dissolution in oxide minerals, there are several fast
surface protonation steps at oxygens surrounding the metal
center, followed by slow hydration and detachment steps, one
of these hydration steps being the rate-controlling one. These
protonation and ligand-exchange reactions lead to the forma-
tion of monomeric species at the surface (e.g., Ni(OH2)2+

6 or
Al(OH2)3+

6 for the respective dissolution of NiO or Al2O3) that
move from the surface to the bulk solution [24]. The mecha-
nism suggests that the local bonding environment of the metal
ion and oxygen is an important factor controlling the dissolu-
tion rate. Thus, the variables that influence the rate of ligand
exchange may also be important in controlling the dissolution
rate [26].

The best evidence for this mechanism comes from the ob-
servation that the rates of oxide dissolution scale like the rate
of water exchange around the corresponding cation in solu-
tion [24,25]. This relationship can be seen in Fig. 8, where
the proton-promoted dissolution rate of oxides is plotted as a
function of the first order rate coefficient for water exchange
of different divalent cations. The data for all cations except
Fig. 8. Comparison of the proton-promoted dissolution rate of divalent metal
oxides with the first-order rate coefficient for water exchange (kw) of the
corresponding cations in aqueous solutions. Rs,0 represents the initial sur-
face-controlled dissolution rate. Data obtained from Casey [25] are represented
with empty symbols. Data for red HgO are those obtained in this article.

mercury were taken from Casey [25] and correspond to surface-
controlled dissolution rates at pH close to 1 or 2 [26]. The solid
symbol corresponds to the dissolution rate of HgO, which was
obtained by extrapolating to pH 2 the surface-controlled rate
R0 = ksceq = 1.6 × 10−10 mol cm−2 s−1 obtained at pH 3.5.
The rate coefficient for water exchange (1.8 × 109 s−1) was
taken from Inada et al. [27]. Mercury data fit the trend shown
by the other cations well, suggesting that the dissolution mech-
anism of HgO is also a ligand-exchange mechanism where hy-
dration steps are rate-controlling.

3.6. Empirical rate laws

The rates of oxides dissolution are usually described in terms
of empirical rate laws that include rate coefficients, the con-
centration of either reactants in solution (such as protons) or
adsorbed reactants (such as adsorbed protons), and reaction
orders. For example, in the particular case of the dissolution ki-
netics of simple oxide minerals, such as NiO, BeO, and Al2O3,
the surface-controlled kinetics is governed by the equation [13,
25,28]

(14)R = Rw + kH[H+]n + · · · ,
where the total dissolution rate, R, is given by the sum of
several terms, each one representing the contribution of dif-
ferent processes acting in parallel, such as proton-promoted
dissolution, ligand-promoted dissolution, etc. In Eq. (14), for
example, the first term of the right-hand side corresponds to
a pH-independent rate given by Rw, and the second term is
the proton-promoted dissolution, kH and n being respectively
a dissolution rate coefficient and the order of the reaction with
respect to aqueous proton concentration, [H+]. In the case of
proton-promoted dissolution n takes typically values between
0 and 0.5 [29]. R0 vs pH data shown in Fig. 5 can be de-
scribed well with the first two terms of Eq. (14), with the fol-
lowing values: Rw = 3.5 × 10−11 mol cm−2 s−1, kH = 2.0 ×
10−4 L2 mol−1 cm−1 s−1, and n = 2. The predictions are shown
in the same figure.

These rate laws seem to be quite general not only for ox-
ides but also for other minerals. Indeed, Plummer et al. [30]
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and Van Cappellen et al. [31] used the same kind of equation
for calcite dissolution at constant CO2 pressure. This was in-
terpreted as evidence for several distinct dissolution reactions,
such as a proton-promoted reaction and a (H2O+CO2)-induced
dissolution reaction leading to the release of Ca2+ and HCO−

3 .
In the same manner, the rate law for red HgO indicates that dis-
solution of the oxide may occur by two processes operating in
parallel, with the overall rate reflecting the contribution from
the following two processes:

HgO(s) + 2H+(aq) = Hg2+(aq) + H2O(l), (15)

HgO(s) + H2O(l) = Hg(OH)0
2(aq). (16)

While reaction (15) occurs whatever the pH is, reaction (16)
starts to be significant and dominant only at low pH.

If instead of expressing the rate as a function of proton con-
centration in solution, it is expressed as a function of adsorbed
proton ions (cH

s ), the rate law takes the form

(17)R = Rw + kH
(
cH

s

)n + · · · ,
and n takes integer values, which commonly equal the va-
lence state of the metal in the oxide (e.g., n = 2 for the
proton-promoted dissolution of NiO and BeO, and n = 3 for
that of Al2O3). This interesting behavior allowed Furrer and
Stumm [28] to conclude that two (for the case of divalent metal
oxides) or three (for the case of trivalent metal oxides) fast pro-
tonation steps take place before the rate-controlling hydration
and detachment steps. This behavior is observed at pH � PZC
(point of zero charge of the oxides), where the term correspond-
ing to the proton-dissolution rate is dominant. Under these con-
ditions, the detaching surface complex resembles the fully hy-
drated metal ion [24]. Closer to the PZC, however, hydrolyzed
metal ion dissolution products must be taken into account and n

may differ significantly from the valence of the free metal ion.
It could tend toward zero or even become negative at pH values
larger than PZC, where negatively charged hydrolyzed species
are formed [24]. For example, if in the case of NiO the detach-
ing species are either Ni(OH2)2+

6 (aq), Ni(OH)(OH2)+5 (aq), or
Ni(OH)2(OH2)0

4(aq), the respective rate orders in Eq. (17) will
be 2, 1, or 0.

To write a rate law where the dissolution rate is expressed
as a function of proton concentration at the oxide surface it is
necessary to perform proton adsorption measurements at dif-
ferent pHs, aiming to determine cH

s at those pHs. This can be
done with acid–base potentiometric titration when the solubil-
ity of the studied solid is low. We tried to perform this kind of
titration with our HgO sample. However, the results were un-
fruitful because of the high and fast dissolution of the oxide.
The only proton consumption that we detected in our titration
experiments was due to oxide dissolution, and this impeded ob-
taining reliable proton adsorption data. Even though it is not
possible to write an empirical rate law such as Eq. (17), dis-
solution data of HgO indicates that the mercury species that
are being transferred from the surface to the bulk solution cor-
respond to the species that are more stable and dominant at the
studied pH (i.e., the transferred species at very low pH is mainly
aqueous Hg2+, whereas the one transferred at pH > 4 is mainly
aqueous Hg(OH)0
2). The similarity in the shapes of the rate vs

pH and the solubility vs pH curves supports this reasoning.

4. Conclusions

The following conclusions can be drawn from the present
study:

The fully automated method developed by Garrido et al. [9],
which combines batch reaction with dithizone complexation of
soluble Hg(II) species, can easily be adapted to monitor HgO
dissolution kinetics in an ample range of pH, stirring rate, and
temperature.

The dissolution rate of montroydite does not depends on pH
between 4 and 10 but increases markedly at pH < 4. The disso-
lution process obeys the three-dimensional contracting mecha-
nism.

Both solubility data and dissolution kinetic data indicate that
under the experimental conditions used in this work, the disso-
lution is controlled by a combination of surface and transport
processes, such as occurs with other highly soluble minerals as
calcite. In spite of this, the respective effects of the transport and
reaction control on the overall dissolution rate could be evalu-
ated.

Comparison with the behavior of other divalent metal oxides
indicates that the dissolution rate of HgO at low pH is relatively
high. At pH 2 the dissolution rate of these oxides scales with
the rate of water exchange, suggesting that the steps that control
the detachment of Hg(II) species from the montroydite mineral
surface are ligand exchange reactions. The high dissolution rate
is a consequence of the ability of Hg(II) to rapidly exchange its
ligands.

The use of a simple model combining transport and surface
reactions (Eq. (6)), or the use of empirical rate laws, makes it
possible to conclude that mercury species that are being trans-
ferred from the surface to the bulk solution correspond to the
species that are more stable and dominant at the studied pH.
Thus the transferred species at very low pH is mainly aqueous
Hg2+, whereas the one transferred at pH > 4 is mainly aqueous
Hg(OH)0

2.
The relatively high thermodynamic solubility of montroy-

dite, together with its relatively high dissolution rate, explains
why HgO is not commonly found in the environment. It only
occurs in highly contaminated sites. These properties of HgO
also suggest that oxygen–mercury species that form at the sur-
face of liquid Hg droplets can dissolve rapidly in aqueous me-
dia.
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Appendix A

The dissolution rate of a spherical homogeneous particle is
assumed to be proportional to its surface area (S). Thus,

(A.1)
dV

dT
= −kS,

where V is the volume of the particle and t is time. In addition,
the surface of a sphere is related to its volume through

(A.2)S = 4π

(
3

4π

)2/3

V 2/3.

Substituting this equality into (A.1) and rearranging,

(A.3)
dV

V 2/3
= −k4π

(
3

4π

)2/3

dt.

Upon integration,

(A.4)V 1/3 − V
1/3
0 = −k

(
4π

3

)1/3

t,

where V 0 is the volume of the particle at t = 0. Dividing (A.4)
by V 1/3

0 ,

(A.5)
V 1/3 − V

1/3
0

V
1/3
0

= −k

(
4π

3V0

)1/3

t.

Expressing the right-hand side of Eq. (A.5) in terms of the ini-
tial radius of the particle, r0, the following equation results:

(A.6)
V 1/3 − V

1/3
0

V
1/3
0

= − k

r0
t.

From the definition of α according to Eq. (10), the left-hand
side of (A.6) can be changed to give

(A.7)(1 − α)1/3 − 1 = − k

r0
t,

from which the desired Eq. (11) is obtained.
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