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Abstract—Dissolution and precipitation rates of brucite (Mg(QHyere measured at 25°C in a mixed-flow
reactor as a function of pH (2.5 to 12), ionic strength 4@ 3 M), saturation index-{12 < log < 0.4)

and aqueous magnesium concentrations 1 5-10 ¢ M). Brucite surface charge and isoelectric point
(pHep) were determined by surface titrations in a limited residence time reactor and electrophoretic
measurements, respectively. The pH of zero charge ang-ptere close to 11. A two-pK, one site surface
speciation model which assumes a constant capacitance of the electric double layef)(arfefrtack of
dependence on ionic strength predicts the dominanceM§OH, " species at pH< 8 and their progressive
replacement by>MgOH® and>MgO™ as pH increases to 10-12. Rates are proportional to the square of
>MgOH,™ surface concentration at pH from 2.5 to 12. In accord with surface speciation predictions,
dissolution rates do not depend on ionic strength at pH 6.5 to 11. Brucite dissolution and precipitation rates
at close to equilibrium conditions obeyed TST-derived rate laws. At constant saturation indices, brucite
precipitation rates were proportional to the square>-MgOH, ™ concentration. The following rate equation,
consistent with transition state theory, describes brucite dissolution and precipitation kinetics over a wide
range of solution composition and chemical affinity:

R = Ky - { > MgOH,"}? - (1 - Q9

whereky,, is the dissolution rate constant>{} is surface species concentration (mofmand Q is the
solution saturation index with respect to brucite.

Measurements of nonsteady state brucite dissolution rates, in response to cycling the pH from 12 to 2
(pH-jump experiments), indicate the important role of surface hydroxylation — that leads to the formation of
Mg oxo or —hydroxo complexes — in the formation of dissolution-active sites. Replacement of water
molecules by these oxygen donor complexes in the Mg coordination sphere has a labilizing effect on the
dynamics of the remaining water molecules and thus increases reaction r@apgright © 2004 Elsevier Ltd

1. INTRODUCTION Velbel, 1999; Pokrovsky and Schott, 2000) in neutral to alka-
line solutions. In this regard, studies of pure end-member
divalent metal oxides are very timely and useful in breaking
down the results of the more complex phases. The present
paper is aimed at quantifying the surface-controlled reactivity
of magnesium hydroxide (brucite) over a wide range of pH,
chemical affinity and ionic strengths.

Brucite is an ideal candidate for investigating dissolution and
growth reactions at the solid-solution interface because 1) it has

Surface reaction controlled dissolution/precipitation of min-
erals in aquatic environments is known to regulate the concen-
tration of many elements during weathering processes and
migration of pollutants. If many studies have been devoted to
the surface chemistry and reactivity of trivalent metal oxides,
quartz and aluminosilicates (Amrhein and Suarez, 1988; Wie-
land et al., 1988; Nagy et al., 1991; Stumm, 1992, 1997; Berger
et al., 1994; Dove, 1994; Gautier et al., 1994; Oelkers et al.,

1994. 2001: Schott and Oelkers. 1995: Devidal et al.. 1997 & simple composition and structure and, 2) it can be easily
Kramer and Hering, 1997; Duval et al 2002) much less Precipitated from supersaturated solutions at ambient temper-

attention has been dedicated to divalent metal oxides and {Ures. Important progress has been made in characterizing the
silicates (Schott et al., 1981; Schott and Berner, 1983, 1985; Surface microtopography and dissolution of periclase (Woge-
Casey, 1991; Wogelius and Walther, 1991; Knauss et al., 1993; llus et al., 1995; Jordan et al., 1999) and brucite (Jordan and
Westrich et al., 1093; Oelkers and Schott, 2001) even though R@mmensee, 1996) using X-ray reflectivity measurements and
the dissolution of Ca-, Mg-, Fe(Il)-bearing silicates represents Scanning Force Microscopy. Jordan and Rammensee (1996)
a major contribution to the global cycles of these elements showed that brucite dissolution was controlled by reactions
(Berner, 1991). Recently, it has been demonstrated that the Occurring at its surface. The main goal of the present work is to
chemical nature, hydration state and metal oxygen bond US€ brucite as a model to establish a rigorous relationship

strength of the lattice cations control the overall reactivity of between surface speciation and dissolution/precipitation kinet-
complex Mé&-bearing minerals such as carbonates (Pok IcSand totest, for the first time, the coupled effects of chemical

rovsky and Schott, 2002) and silicates (Westrich et al., 1993; affinity and surface speciation on mineral reactivity at close to
equilibrium conditions. The second goal is to characterize the
reactivity of different sites present at brucite’s surface using

*Author to whom correspondence should be addressed PH-jump” experiments. Pioneering “pH-jump” experiments
(oleg@Imtg.ups-tlse.fr). performed by Samson et al. (2000) and Samson and Eggleston
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Table 1. Chemica composition of Cedar Hill brucite sample.

Microprobe analyses (average of 11), remainder is water

limited residence time (LRT) reactor described in Pokrovsky et al.
(1999a, 1999b) was used. The volume of the reactor is 5 mL and the
residence time of the powder in the reactor variesfrom 3to 5 min at pH
9 to 10 and from 0.5 to 1 min a pH > 10.5. Surface titrations were
conducted at 25+0.5°C under N, atmosphere. Brucite surface areawas
450-500 m?/L and it did not change (within 10%) during surface
titration as shown by N, B.E.T. surface area measurements of the
reacted powder. The solid suspension and supernatant were separately
titrated by standardized 0.01-1.00 mol/L HCI or NaOH inthe 9 to 12.5
pH range in a background NaCl aqueous solution (0.01 and 1 mol/L).
A potential drift of lessthan 0.5 mV/min at pH < 10.5 and 0.1 mV/min
at 10.5 < pH < 12.5 was taken as the steady-state condition for each
titration point. Once steady-state was reached, pH was recorded, and a
sample taken and immediately filtered and stored for Mg analysis. To

oxide weight %
MgO 66.9
SO, 0.13
K,0 0.0007
CaO 0.011
MnO 0.047
FeO 0.08
ICP-MS analyses
element ppm element ppm
Al 40 Rb 0.15
Ti 5 Sr 29
\% 0.2 Y 0.1
Cr 0.76 Mo 0.51
Ni 438 Cd 0.14
Co 11 Ba 7
Cu 21 La 0.29
Zn 16 Ce 0.12
As 14 Pb 6

(2998, 2000) on trivalent metal oxides revealed the important
role of hydrolyzed metal sites created at pH = 6 on mineral
dissolution at acid conditions. To distinguish between the effect
on dissolution of protonation/deprotonation and the hydrolysis
of surface magnesium sites, several pH-jump experiments have
been performed between pH 12 and 2. The results of this study
should contribute to a rigorous quantification of the reactivity
of various Mg-bearing mineras (silicates, phosphates, fluo-
rides) in a wide range of environmental conditions.

2. MATERIAL AND METHODS
2.1. Brucite Samples

Brucite crystals from Cedar Hill, Pennsylvania were purchased from
Ward Scientific Co. X-ray diffraction, ICP-MS, and electron micro-
probe analyses revealed that these crystals contain less than 0.2%
impurities (Table 1). Opticaly clear crystals ~0.5 cm in size were
hand-picked, gently ground with an agate mortar and pestle, and sieved.
Two size fractions, 50-100 wm and 100—200 wm, were ultrasonically
cleaned in alcohol and dried at 60°C. The specific surface areas of the
cleaned powders were 0.204+0.010 and 0.120+0.008 m?g, respec-
tively, as determined by krypton absorption using the multi-point
B.E.T. method. These powders were used in al kinetic experiments.
For surface titration and electrophoretic measurements, brucite powder
< 50 um in size was ground in an agate mortar for 2 h. To eliminate
the surface defects produced by grinding, before titration and electro-
phoresis experiments this powder was aged during 2 d in a pH=10.5
solution under nitrogen atmosphere. The surface area of this powder
was 9.2 + 0.8 m?g as measured by N, adsorption using the B.E.T.
method. Fresh and reacted brucite grains were analyzed using a Jeol
JSM840a scanning electron microscope.

2.2. Surface Titration

Because of brucite’s high solubility and relatively fast dissolution/
precipitation kinetics, batch reactors used for the titration of inert
oxides are not suitable. Preliminary titrations of brucite powder in a
batch reactor showed that Mg concentration decreases from ~ 0.1 to ~
10> M when pH increases from 9 to 12, following the solubility curve
and thus making impossible the interpretation of these experimentsin
terms of surface charge. To overcome these difficulties, a modified

assess free hydrogen ion concentrations from pH measurements in
highly alkaline solutions, background electrolytes were titrated using
the same technique.

2.3. Electrophoretic Measurements

A microelectrophoremeter (“Zetaphoremetre I1,” model Z3000
SEPHY S.A.R.L.) was used to measure the electrophoretic mobilities
and ¢-potentials of brucite particles at 25 = 1°C. Brucite particles were
suspended in agueous solution (3.0 g/L) for 1 d. For each sample,
approximately 30 mL of supernatant (containing solid particles of
<10-um grain size) were used to fill the microelectrophoresis cell.
Experiments were performed in N,-saturated solutions of ionic
strengths ranging from 0.001 to 0.01 mol/L (NaCl, NaOH), [Mg®*] e
from 107® to 10* M, and pH from 9.5 to 11.5. At least three
electrophoretic mobility measurements were performed on each sam-
ple. The uncertainty ranged from 5 to 20%, being the highest near the
isoelectric point. Electrophoretic mobilities were converted to ¢-poten-
tials using the Smoluchowski equation (Hunter, 1989).

2.4. Solution Analysis

Solution pH was measured using a combination glass electrode
(Mettler Toledo) calibrated on the activity scale with NBS buffers (pH
= 4.006, 6.865, and 9.180 at 25°C). Precision of pH measurements was
+ 0.002 U (0.1 mV). In highly akaline solutions, the electrode was
calibrated in terms of free hydrogen concentration obtained by titration
of nitrogen-saturated 0.01 and 1.0 mol/L NaCl solutions by standard-
ized 0.1 mol/L NaOH solutions. Total magnesium ((Mg?*],,,) concen-
tration was measured by flame atomic absorption using a Perkin EImer
5100 PC spectrometer equipped with an AS-90 autosampler. High
precision of Mg analysis was crucia for surface charge calculations
and dissolution rate measurements in Mg-rich solutions (see sections
2.5 and 2.6 below). For these purposes, measurements were performed
in triplicate mode, with calibration of four standard solutions after each
five samples, with an uncertainty of +=0.5%.

2.5. Surface Charge Computation and the Surface Complexation
Model (SCM)

During the titration procedure, the total net surface charge o+ (mol/
m?) of brucite in solution was calculated following the approach of
Charlet et d. (1990) and Pokrovsky et a. (1999a):

1
or=g- ( 2alkl - Dz [k]f> (1)
k k

where Sis the surface area of powder in reactor (m?/L), z, is the charge
of agueous speciesk, [K], isthe calculated concentration (M) of kin this
reactor based on the amount of mixed solutions assuming a closed-
system and no reaction with the solid phase, and [K]; stands for its
actual concentration computed from the measured pH and [Mg®*],q.-
Note that the surface charge o+ is anet excess of charge with reference
to that present at the brucite surface in equilibrium with solution where
the surface has a conventional zero charge (proton condition, Stumm,
1992). Consequently, the point of zero charge (PZC) of brucite is
postulated as the solution composition (pH, [NaCl], [Mg®*],,) when
the total net surface charge as determined by Eqgn. 1 equals zero. The
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Table 2. Surface complexation reactions and their intrinsic stability
constants at the brucite - solution interface.

Reaction on the surface log K° (25°C, | = 0)

1. >MgOH® — H* = >MgO~ —12+ 04
2. >MgOH® + H* = >MgOH," 10+ 0.4
EDL capacitance in 0.01 M NaCl 5+ 1Fm?
EDL capacitance in 1.0 M NaCl 5+ 1F/m?
Surface sites density (fixed) 16 wmol/m?

major uncertainties attached to surface charge calculations stem from
the uncertainties on pH (or [H*;,d and [Mg?*],, measurements at pH
> 11.5 and pH < 9.5, respectively. As aresult, the actual uncertainties
on surface charge values can achieve 30-50% in these pH regions.

The MINTEQA2 computer program (Allison et a., 1991) was used
to calculate the equilibrium species distribution in the Mg(OH),-H,O-
NaCl system. This program combines surface reaction equilibria, ho-
mogeneous solution equilibria, and mass balance calculations. The
simplest surface speciation model, a single site, two-pK, constant
capacitance model (CCM) was used to describe brucite surface charge
and isoelectric point and to model brucite's dissolution kinetics. Note
that two different types of OH groups are present at brucite surface in
agueous solution. Structural OH layers occur at the (001) surface
cleavage but OH/H,0 present at the {hkO} edges originate from the
hydration of the low coordinated Mg ions exposed at these surfaces. It
is assumed in this study that both surface hydroxyl groups are am-
pholytes and undergo the same protonation/deprotonation reactions.
Following a classic approach for surface speciation modeling of metal
oxides, three species were postulated to exist on brucite-water inter-
face: >MgOH,", >MgOH® and >MgO~. Formation reactions for
these species and their intrinsic constants are listed in Table 2. Param-
eters of SCM for brucite were obtained by fitting the pH-dependence of
surface charge first assuming the same values as for MgO (Sverjensky
and Sahai, 1996). Surface site density was fixed at 10 sites/nm? like for
most oxy(hydr)oxides minerals (Hayes et a., 1991; Sverjensky and
Sahai, 1996). A high value of the electric double layer (EDL) capaci-
tance (5 F/m?) was necessary to model the surface charge measured in
this study.

2.6. Dissolution and Precipitation Kinetics

Steady-state dissolution and precipitation rates were obtained at
25.0+0.2°C and distinct solution compositions and pH using a ther-
mostated mixed-flow reactor (Pokrovsky and Schott, 2000). The input
fluid was stored under nitrogen in a compressible polyethylene con-
tainer during the experiments. It was injected into the reactor using a
Gilson® peristaltic pump that allows flow rates ranging from 0.05 to 10
mL/min. Brucite dissolution occurred in a 250 mL Azlon® plastic
beaker which was continuously stirred with a floating Teflon supported
magnetic stirrer. For precipitation experiments, a 30 mL Teflon reactor
designed in our laboratory was used. Stirring was controlled by a
stirplate located directly beneath the bath. The solution left the reactor
through a 1 um Teflon filter. For severa experiments, a combined
pH-electrode was fixed into the reactor cover to enable in situ pH
measurements. The fluid composition and saturation state with respect
to brucite can be regulated by either changing the flow rate or the
composition of theinlet solution without dismantling the reactor and/or
changing the amount of mineral present during the experiment.

Between 0.5 and 5 g of brucite was alowed to react in fluids of
prescribed input compositions. Varying the mass of reacting brucite by
a factor of 3 did not change the normalized dissolution rate. No
difference between surface-normalized dissolution rate for 50—-100 wm
and 100—200 wm powder was detected. The change of stirring intensity
from ~200 rpm to ~1000 rpm at pH 3 produced an increase of
initial-surface normalized dissolution rates by 20—-30%. However, the
increase of specific surface area due to powder grinding may aso
contribute to this rate increase with stirring intensity. A steady-state
dissolution rate, as indicated by a constant output Mg concentration,
was obtained after 2 h to 5 d, depending on the flow rate and reactor
volume. For each dissolution rate determination, at least five data

points at steady-state conditions were collected. Reacting fluids were
comprised of deionized nitrogen-saturated H,O (MilliQ plus system),
Merck reagent grade HCI, NaOH, NaCl, and MCl,,. Special care was
taken to avoid contamination of basic solutions by atmospheric CO.,.
For this, all solutions were prepared with N,-saturated water and N,
bubbling occurred in injected solutions 5 h per day. Analytical control
of akalinity and pH in input solutions did not evidence any contami-
nation by CO.,.

Steady-state reaction rates (R, mol/cm?/s) were computed from mea-
sured solution composition using

R=—q-AMg* /s 2

where q (L/s) is the fluid flow rate, A[Mg®*],, (mol/L) is the concen-
tration of Mg in theinput solution minus that in the output solution, and
s (m?) refers to the total mineral surface area.

Uncertainties on the steady-state rate constants given in Tables 3 and
4 are 10-15% and are dominated by the uncertainty on BET surface
area measurements (*+10%) and the standard deviation of average Mg
concentration at steady-state (= 2% at [Mg®* ], > 107* M and (=
5-10% at [M@**],r < 10~* M). Repeated dissolution runs performed
in solutions of similar composition indicate that dissolution rates do not
vary by more than ~10% after elapsed times of greater than 150 h. The
uncertainties in the computed surface species concentrations are dom-
inated by the reproducibility of outlet pH concentrations leading to an
average error of 0.005 log units. The absolute uncertainties attached to
surface species concentrations are substantially larger, however, owing
to the uncertainties on the intrinsic surface stability constants (= 0.4
log K*,,; units). The uncertainties in the computed chemical affinities
for the brucite dissociation reaction are due to the uncertainties on the
brucite solubility product K°y, (= 0.1 log units, see section 3.2.1.
below), MgOH™ association constant (log K = 2.32 = 0.05 according
to Palmer and Wesolowski, 1997), and calculated activity coefficients,
but are estimated to be = 2kJmol. These uncertainties are discussed
further below.

2.7. “pH-jump” Experiments

These experiments were aimed at measuring transient, non-steady
state dissolution rates following fast pH changes (“jumps’) from high
to low vaues. The conceptual approach of such experiments has been
elaborated by Samson et a. (2000) for trivalent metal oxides. The
experiments were performed by changing pH of inlet fluidsin the range
12 to 2.5 in 30-mL stirred reactors. Flow rates varied from 5 to 10
mL/min yielding solution residence times of 6 to 3 min. For severa
experiments, preadjustment of inlet reacting solution was made by acid
additions following the method of Samson et al. (2000). A downward
pH-jump to pH 2.5 or 3 from neutral to alkaline solutions produced an
initial-pH-dependent and reproducible period of elevated brucite dis-
solution rate that lasted from severa tenths of a minute to one hour.
Therefore, brucite dissolution rate response to pH-jumps was not con-
nected to the reactor residence time but reflected a gradua change of
brucite surface speciation with time following the pH jump. The excess
amount of released magnesium during pH-jumps was calculated by
measuring the area between the actual outlet concentrations as a func-
tion of time and a curve predicted by the mechanical mixing in the
reactor followed by steady-state conditions at the final pH. Six exper-
iments lasting ~50 h each were performed. Each pH-jump experiment
included between 20 and 40 measurements of Mg concentration and
pH. The pH sequences were the following: 9.7-2.7-10.8-2.4; 10.8-2.5-
6.5-2.5; 10.1-2.6-6.5-2.6-6.7-2.8; 11.8-2.7-11.8-2.5-11.8-2.5; 10.1-3.2-
6.6-2.7; 12.1-6.6-12.1-3.0. In the course of these experiments, the mass
of brucite dissolved represented from 30 to 50% of the initial mass of
solid. As a result, output Mg concentrations were normalized to the
actual amount of solid present in the reactor. This amount was calcu-
lated based on total duration of experiments, and measured flow rates
and outlet solution concentration.

3. RESULTS AND DISCUSSION
3.1. Surface Chemistry of Brucite

The pH-dependence of brucite ¢-potential (£, mV) deter-
mined in 0.001 and 0.01 mol/L NaCl/NaOH solutions is pre-
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Table 3. Summary of brucite dissolution experiments ((Mg**];npu = 0).
flow log O
surface rate, Duration, pH [Mg®'], M (saturation  —log{>MgOH, "},
Exp# aeam? mL/min h I, M output output R, mol/m?/s index) mol/m?
1-2 0.1007 0.476 43 0.01 10.10 4.0810°° 3.80-10°° -1.97 5.589
1-3 0.1007 0.240 7 0.01 10.17 8.4010° 3.24-10°° —1.52 5.608
14 0.1007 0.240 48 0.01 10.15 8.05-10°° 331.10°° —1.58 5.603
1-5 0.1007 0.900 62 0.01 10.00 2.5010°° 2.95-10°° —2.86 5.500
2-4 0.1020 0.440 27 0.01 10.45 3.30-10°° 2.45.10°° —-1.53 5.688
2-5 0.1020 0.441 40 0.01 10.62 2.0010°° 1.38.10°° —1.45 5.739
32 0.1003 0.440 40 0.01 11.13 1211073 871107 % —0.498 5.902
33 0.1003 0.438 43 0.01 11.46 5.0510° 3.6310°%° —0.286 6.012
34 0.1003 171 26 0.01 10.89 6.60-10°° 2.01.107%° —1.266 5.824
4-3 0.1044 1.19 39 0.01 9.30 2.9310°° 5.71-10°° —3.67 5.397
91 0.0600 176 23 0.01 8.90 2.20-10°° 1.08- 1078 —4.63 5.318
9-2 0.0600 0.899 25 0.01 9.13 2.6810°° 6.76- 10°° —4.09 5.362
21-2 0.0600 156 24 0.01 9.01 2.4410°° 1.05- 1078 —4.37 5.339
21-3 0.0600 1.53 26 0.01 7.75 3.0110°° 1.29-10°8 —6.90 5.136
21-4 0.0600 161 25 0.01 7.05 3.32110°° 1.49-10°8 —-8.15 5.050
21-5 0.0600 151 28 0.01 6.32 5.4510° 2.29-10°8 —9.40 4.976
21-6 0.0600 151 28 0.01 6.20 8.4510°° 355 108 —9.45 4.965
27-1 0.3860 0.950 29 0.01 9.40 8.7910° 5.37-10°° —3.03 5.419
281 0.3820 1.02 29 0.01 9.43 7.90-10°° 5.13.10°° —-3.02 5.426
40-1 0.120 1.01 22 0.01 9.11 453.10°° 6.31- 10°° —3.90 5.358
40-3 0.120 0.996 21 0.01 7.21 17910~ 2511078 —-7.10 5.069
40-4 0.120 1.01 28 0.01 6.28 225104 (32+15)-108 -9.0 4.970
40-5 0.120 1.00 22 0.01 331 5.70-10~* 8+3-10° <-10 4.795
40-6 0.120 452 5 0.01 254 1.60-10"* (L0 +04)-101 <-10 4.800
41-2 0.120 0.975 9% 0.001 3.92 414107 561 108 <-10 4.790
41-3 0.1816 5.54 12 0.001 3.16 1.30-10°* 6.61- 108 <-10 4.790
18-1 0.0600 0.483 32 0.001 10.82 9.0 10°° 1.20- 10°° -1.22 5.800
19-1 0.0600 0.667 32 0.001 10.80 6.8 10°© 1.26- 10°° —1.38 5.795
151 0.120 0.420 70 0.001 10.79 3.3 10°° 193 10°° —0.642 5.792
45-2' 0.1534 1.15 26 0.01 5.23 2.66:10 3.31-10°8 —10.8 4.888
45-3 0.1534 0.734 28 0.01 5.60 3.95107* 3.16-10°8 —10.5 4915
47-1 0.1534 0.989 18 0.01 5.06 4321074 4.68- 1078 —10.9 4.876
47-2' 0.1534 0.988 28 0.01 459 5.3310~* 575 108 -12.0 4.847
42-3 0.5980 112 24 0.01 6.71 8.7810 % 2.74- 1078 <-05 N.D.
42-4 0.5980 115 15 0.03 6.60 8.20-10~* 263 108 <-05 N.D.
42-5 0.5980 1.20 11 0.1 6.71 8.26:10 % 2751078 <-05 N.D.
42-6 0.5980 1.20 23 0.3 6.75 7.86-10~* 263 108 <-05 N.D.
42-7 0.5980 1.23 23 1.0 6.70 5.95.10 % 2.04-10°8 <-05 N.D.
42-8 0.5980 125 24 30 6.44 6.88-10~* 2.40-10°8 <-05 N.D.
9-3 0.0600 0.900 33 0.05 9.13 2.4510°° 6.17- 10°° <-05 N.D.
9-4 0.0600 0.895 40 0.1 9.22 2.4510°° 6.17-10°° <-05 N.D.
10-2 0.0600 0.860 25 0.001 9.13 2.8310°° 6.76- 10°° <-05 N.D.
10-3 0.0600 0.830 32 0.002 9.15 2.9810°° 6.92-10°° <-05 N.D.
10-4 0.0600 0.814 40 0.005 9.13 2.4010°° 6.31- 10°° <-05 N.D.
11-2 0.0600 0.868 25 5-107° 9.12 2.62:107° 6.31- 10°° <-05 N.D.
11-3 0.0600 0.842 32 0.2 9.20 2.80:10°° 6.61- 10°° <-05 N.D.
11-4 0.0600 0.864 40 0.5 9.15 3.00-10°° 7.24-10°° <-05 N.D.
12-1 0.0600 0.445 54 0.001 11.14 7.52:10°° 9.12.10°%° <-05 N.D.
12-2 0.0600 0.442 60 0.005 1112 7.00-10°° 851107 <-05 N.D.
12-3 0.0600 0.448 60 0.02 10.92 6.4510°° 7.941071° <-05 N.D.
12-4 0.0600 0.450 70 0.1 10.95 7.49:10°° 933107 % <-05 N.D.
12-5 0.0600 0.451 72 05 10.89 6.71.10°© 8.32.10°1° <-05 N.D.

N.D. = Not Determined. lonic strength is adjusted by NaCl/HCI/NaOH addition

sented in Figure 1. The pH of the isoelectric point was found to
be around 11 which is in good agreement with electrophoretic
measurements of Schott (1981) who reported pH,g-=10.8.
Within the framework of the one-site, two-pK SCM used in this
study (Table 2), thisimpliesthat (pK,+pK,)/2 = 11 consistent
with pK,; = 10 and pK, = 12 similar to MgO (Sverjensky and
Sahai, 1996).

Results of brucite surface charge determinations in 0.01
mol/L and 1.0 mol/L NaCl are shown in Figure 2. The surface
charge decreases linearly with increasing pH with a point of
zero charge around 11. The solid line in Figure 2 is the
theoretical surface charge calculated using MINTEQAZ2 code
with SCM parameters given in Table 2. From the fitting of
experimental data, maximal uncertainties of + 0.4 log unitsand
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Table 4. Summary of brucite dissolution/precipitation rates measured at 25°C in mixed-flow reactor system at close-to-equilibrium conditions.
Negative rates mean precipitation.

flow log Q
surface  duration,  rate, M@, M [Mg*"], M (saturation  —log{ >MgOH, '},

No area, m? h mL/min .M pH input output Rate, mol/m?/s index) mol/m?
51 0.1018 52 0.892 001 11.70 0 1.3510°° 1.97.107%° —0.399 6.093
52  0.1018 40 0446 001 11.70 0 1.7410°° 1.26:10"%° —0.303 6.093
53  0.1018 65 0422 001 1180 4-1077 1.90-10°° 1.03.107 % —0.095 6.127
54  0.1018 81 0210 001 1186 0 1.80-10°° 6.0310" —0.039 6.147
55 0.1018 89 0206 001 1187 124-10"° 1.8010°° 19110 —0.024 6.150
6-2 0.1018 51 0420 001 1098 0 1.54107° 1.05- 107° —0.727 5.853
16-1 0.120 70 0215 0002 1120 2-1077 5.85.10°° 1.75107 % —0.562 5.925
171 0.120 70 0.184 0.003 11.46 0 45 10°° 1.26:10"%° -0.219 6.012
17-4  0.120 90 0.200 0003 1144 7.89-10"° 5.69.10°° -6.12:107%* —0.009 6.00

17-5  0.120 372 0080 0003 1141 805-10° 54610°° —290107 11 —0.051 5.99

37-1  0.5586 38 0736 001 11.32 0 1.89.10°° 1.74.107%° -0.783 5.965
37-3 0120 93 0192 001 1130 163-107° 15310°° —2.7010712 —0.026 5.958
37-4 0120 110 0190 001 1129 320-10"° 25010°° —1.86:107%° 0.263 5.950
381 0120 38 0745 001 11.76 0 1.42.10°° 148107 —0.296 6.113
382 0120 81 0195 001 11.80 0 1.88.10°° 513107 —0.100 6.120
383 0120 93 0192 001 1176 619-10°° 21410°° —1.09:1071° 0.344 6.113
384 0120 110 0190 001 1180 668-10"° 1.9310°° —1.26:107%° 0.439 6.128
39-3  0.120 93 0220 001 1209 655-107°® 3.9210°° -81 1071 0.650 6.225
39-4 0120 110 0212 001 1212 694-10"° 1.0010°° -7.8 1074 0.095 6.230
27-1  0.864 46 0629 0.01 978 1.01-10° 3.6310°° 3.18-10°° —2.50 5.527
27-3  0.864 90 0612 001 1016 506-10"* 5.2510°° (23+05)-107° -1.37 5.606
7-1  0.1018 27 0990 001 1078 0 1.62:107° 2.10-10°° —1.09 5.795
7-2  0.1018 50 0350 001 1073 0 2.2010°° 1.90- 10°° -1.05 5.773
7-3  0.1018 60 0402 001 1078 159-107* 1.69:10°* 6.61.107 % —0.071 5.795
7-4  0.1018 9% 0200 001 1080 163-107% 1.7310°* 3.31.10°%° —0.022 5.795
29-2  0.1180 60 0392 001 1097 975-107° 9.0310°° —4,001071° 0.025 5.849
29-3  0.1180 76 0390 001 1087 1.71-107* 1.6410°* —3.85.107%° 0.107 5.817
29-4  0.5900 110 038 001 1088 165-107* 9.1010°° -(8+3-101 0.111 5.820
28-1  0.904 33 0665 001 1062 507-10"° 6.7010°° 2.00- 10°° —-0.781 5.739
28-2  0.904 45 0664 001 1054 558-10"° 7.0010°° 1.74-107° —0.918 5.715
28-6  0.904 47 0654 001 11.05 4.00-10"° 4.3510°° 445101 -0.139 5.875
26-1 0120 28 0913 0001 1048 1.84-10"% 20010°* 1.97-10°° —0.476 5.697
26-3  0.120 42 0645 0001 1002 515-10* 553.10°* 341 10°° —0.905 5.568
26-4 0120 50 0645 0001 994 101-107° 1.0410°° 2.82-107° —0.810 5.547
58-1 0.2620 52 0.187 0.001 10.85 0 9.20.10°° 1.09- 10°° —0.085 5.811
58-2  0.2620 68 0.186 0001 1087 375-10% 14910* —(27=01)-10°° 0.159 5.817
58-3  0.2620 66 0190 0001 1074 273-10% 20010% —(1.0=*01)-10°° 0.039 5.776
58-4  0.2620 72 0.189 0001 1063 373-10% 32110% —(63+ 25 .10 0.027 5.742
59-1 0.2620 52 0.226 0.005 11.65 0 4.50.10°° 575107 0.028 6.076
59-2  0.2620 68 0220 0005 11.74 7.76-10° 38010° —(55+ 10)- 10" 0.176 6.106
59-3  0.2620 66 0220 0005 11.80 956-10"° 3.62:10°° -83 1074 0.216 6.127
59-4  0.7860 72 0221 0005 11.86 1.79-10"° 3.3210°° -6.83107 11 0.267 6.147

lonic strength is adjusted by NaCl/NaOH addition

+ 1 F/m? can be attributed to the values of surface site stability
constants and EDL capacitance, respectively. The effect of
ionic strength on surface charge is almost negligible compared
to oxide minerals. A possible explanation for this behavior is
that the high uncertainties attached to surface charge measure-
ments far from pHo>- can mask the actua differences of o
values for different ionic strengths. However, it is worth noting
that aweak dependence of surface charge on ionic strength has
been reported for other alkali-earth bearing minerals such as
magnesite (Pokrovsky et al., 1999a) or dolomite (Pokrovsky et
al., 1999h). Accordingly, high capacitance of the eectric dou-
ble layer has been invoked to describe the surface charge of
various Ca- and Mg-bearing minerals (Wu et a., 1991, Van
Cappellen et a., 1993; Pokrovsky et a., 1999a, 1999b). Other
sheet minerals such as kaolinite are also characterized by EDL
capacitance of several F/m? (Huertas et al., 1998). The high

value of EDL capacitance and its weak dependence on ionic
strength is consistent with a thin and highly structured (i.e.,
non-diffuse) double layer capable of accommodating high
charge densities. Whether this is a characteristic feature of all
akaline-earth bearing minerals or merely an experimenta ar-
tifact in surface charge measurements for highly reactive min-
erals is not possible to assess solely from the results of the
present study. Direct observations of brucite-solution interface
structure at an atomic level similar to those performed for
calcite (Fenter et al., 2000) could help to resolve this problem.

The dominant species at the Mg(OH), — H,0 interface are
>MgOH, ™ and >MgOH?° as illustrated by the speciation dia-
gram presented in Figure 3. Concentration of >MgOH,, " stays
almost constant at pH < 5 but decreases abruptly at pH > 8.
The concentration of the deprotonated Mg sites >MgO™ be-
comes significant only at pH > 12.
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Fig. 1. Influence of pH on brucite ¢-potential at 25°C in 0.001 mol/L
NaCl (open squares) and 0.01 mol/L NaCl (closed circles). The dashed
line denotes the pH of the isoelectric point.

3.2. Steady-State Dissolution and Precipitation Kinetics

Results of 94 steady-state dissolution/precipitation experi-
ments performed at 2.5 < pH < 12.2 arelisted in Tables 3 and
4. Included in these tables are reacting solid surface area, fluid
flow rates, outlet fluid pH, [Mg® "], Saturation indices, con-
centrations of surface species at the brucite - solution interface,
and steady-state brucite dissolution and precipitation rates. The
surface area used to calculate the rates listed in Tables 3 and 4
was that measured on the fresh (unreacted) brucite powder

3.2.1. Dissolution and precipitation rates as a function of
solution composition

3.2.1.1. Influence of pH and ionic strength on dissolution
rates. Brucite steady-state dissolution rates measured at 25°C
in 0.01 mol/L NaCl solutions are depicted as a function of pH
in Figure 4. It can be seen that the rate data define two distinct
pH regions. In neutral to acid solutions (pH=8), rates weakly
depend on pH with alog R — pH dlope of ~ —0.2. In akaline
solutions (pH > 8), rates decrease abruptly with a slope of
—0.5 to —1. Dissolution rates measured at pH > 115 are
aways affected by the influence of chemical affinity which
yields the apparent scatter of data observed in this region.

Brucite dissolution rates measured at pH 6.5, 9.2 and 11 as
afunction of ionic strength (1) are shown in Figure 5. It can be
seen that dissolution rates do not depend on | between 0.001and
1-3 mol/L NaCl. It is worth noting that only a weak depen-
dence of dissolution rates on | has been reported for other
Mg-bearing minerals such as magnesite and dolomite (Pok-
rovsky et al., 1999b; Pokrovsky and Schott, 1999) and forsterite
(Pokrosky and Schott, 2000).

3.2.1.2. Effect of chemical affinity and the solubility product
of brucite. The saturation index of reacting solution with respect
to brucite is defined as
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Fig. 2. Surface charge of brucite in aqueous solution determined by
acid/base titration in a limited residence time reactor at 25°C in 0.01
mol/L NaCl (A) and 1.0 mol/L NaCl (B). Fit of data (solid lines) was
made using the surface complexation model generated in this study.

2
aMgz+ : aOH,
QMg(OH)z = 7Ko (3)
p

where g, is the activity of i-th ion in agueous solution and K°g,
is the equilibrium constant for brucite dissociation reaction

Mg(OH),(s) = Mg**(aq) + 20H" (aq) 4

Close to equilibrium, brucite dissolution rates decrease sharply
with chemical affinity (Fig. 6a,b) whereas distinct precipitation
occurs in solutions supersaturated with respect to this mineral.
Surface-normalized precipitation rates are reproducible and do
not depend on powder grain size and intensity of stirring. The
brucite solubility product (pK°y,) deduced from dissolution/
crystallization rates measured at pH < 11 and 11 < pH < 12.1
at 25°C was found equal to 10.35 = 0.05 and 10.45 = 0.05,
respectively, thus yielding a mean value of pK°g, = 10.40 +
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Fig. 3. Calculated surface speciation of brucite in 0.01 mol/L NaCl
using a 2 pK, constant capacitance SCM.

0.05. Thisvalue has been further confirmed in this study viapH
and [Mg?*],., measurementsin 0.01 mol/L and 1.0 mol/L NaCl
solutions equilibrated with a brucite powder of high surface
area (500 m?/L). An average pK°s = 10.5 = 0.2 was deduced
from these experiments which is in good agreement with mea-
surements of natural and synthetic brucite solubility in fresh-
water and seawater (Pokrovsky and Savenko, 1992). Values of
brucite solubility product reported in the literature range be-
tween 10~ 10%% and 10~ *2° (Hostetler, 1963; Liu and Nancol-
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Fig. 4. Summary of brucite steady-state dissolution rates at 25°C as
a function of pH in 0.01 mol/L NaCl solutions. The solid symbols
represent rates measured at close to equilibrium conditions (2 > 0.5)
where the effect of chemica affinity is significant. The error bars for
this and other figures are within the size of data points unless shown.
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Fig. 5. The effect of ionic strength on brucite dissolution rate at pH
6.5to 11.0.

las, 1973). Recently, a detailed study of brucite solubility in
MgCl, solutions using a liquid junction free cell has been
performed by Altmaier et a. (in press). These authors recom-
mended pK°g, = 10.9 = 0.2. However, the solubility product
of freshly precipitated crystalline brucite is an order of magni-
tude higher (Klein et a., 1967; Liu and Nancollas, 1973). The
presence in our sample of submicron particles and crystal
defects produced by prolonged grinding and the higher solu-
bility of brucite precipitated in kinetic experiments may be
responsible for the dlight difference between brucite pK°g,
value determined in this study and that recommended by Alt-
maier et a. (2003).

3.2.1.3. Change of specific surface area during experiments.
SEM aobservations showed that the surface of reacted grainsis
similar to that of the fresh powder although some fine particles
might be present on terraces (Fig. 7a,b). For acid-reacted grains
(Fig. 7c) the amount of trigonally arranged dissolution steps on
(001) basal surfaces increased as dissolution proceeded via
retreat of steps on terraces parallel to the surface (Jordan and
Rammensee, 1996). In contrast, the appearance of edge sur-
faces does not differ between fresh powders, neutral and acid-
reacted grains (not shown). This may indicate a low reactivity
of edges compared to (001) planes although a specia high-
resolution microscopic study would be necessary to confirm
this hypothesis. In alkaline supersaturated solutions, the surface
looks like it is covered with precipitate (Fig. 7d).

The change of the specific surface area (SA) of reacted
grains after dissolution/precipitation experiments was followed
by B.E.T surface measurements (Table 5). In precipitation
experiment No 29-4, SA increased by afactor of 5, but in most
experiments lasting >48 h, SA increased by a factor of 1.5 to
3 independently of rate values, solution pH, and saturation
index with respect to brucite. At the same time, the flux of
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Fig. 6. Brucite overall reaction rate as a function of saturation index
for | = 0.01-0.001 mol/L and various pHs. Lines 1 and 2 are calculated
using Eqn. 15 with n = 2 and K°g, = 107 %4°*%% Bottom figure
shows an enlargement of top figure for experiment performed at 11.3 <
pH < 12.1.

dissolved or precipitated magnesium normalized to origina SA
remains constant within *+10%.

3.21.4. Comparison with literature data. A fairly large
amount of studies has been devoted to brucite and periclase
(MgO) dissolution (Macdonald and Owen, 1971; Sangwal and
Arora, 1978; Jones et al., 1981, 1984; Jordan and Rammensee,
1996; Berry et a., 1998; Monastra and Grandstaff, 1999; Morth
and Strandh, 1999) and magnesium hydroxide precipitation
kinetics (Klein et al., 1967; Liu and Nancollas, 1973; Phillips et
a., 1977; Chieng and Nancollas, 1982; Tsuge et a., 1997);
some of them are summarized in Figure 8. The study of natural
and synthetic brucite dissolution in a batch reactor performed
by Vermilyea (1969) revealed a strong dependence of rates on
pH and found an activation energy of 42 kJ/mol consistent with
asurface-controlled reaction. Recently, Jordan and Rammensee
(1996) showed, using Scanning Force Microscopy, that the
dissolution of brucite at pH 2.7 and 25°C is surface controlled
with an activation energy of 60 kJmol, whereas Morth and
Strandh (1999), using a rotating disk reactor, argued for a
mixed surface/transport control of dissolution at pH of 1.7 to
4.7. Weak dependence of dissolution rate on stirring rates
observed in the present study likely indicates that surface

chemical reaction rather than transport in solution controls
brucite dissolution process. For MgO or Mg(OH),, most au-
thors (Vermiliya, 1969; Segall et al., 1978; Jordan et al., 1999)
agree that the order of dissolution rate with respect to pH is
close to —0.5. However, Jones et a. (1981) reported for MgO
pH-independent rates at 2 < pH < 4 and Monastra and Grand-
staff (1999) argued for —0.07 rate order. The differences be-
tween MgO and Mg(OH), dissolution rates measured by dif-
ferent authors can achieve severa orders of magnitude (Fig. 8).
Most investigators quantified reaction rates by monitoring H™*
consumption during dissolution without measuring the flux of
dissolved magnesium. The Mg rel ease-based dissolution rate of
brucite powder measured in the present study at pH 2.5- 3.0 is
~ 5 times lower than the value reported by Jordan and Ram-
mensee (1996) for the (001) surface from direct microscopic
measurements of step migration rate in a flow-through cell.
However, normalization of measured rates to surface area of
reacted solid presents a serious problem for direct comparison
between the results of different measurements. For example, it
is possible that the corners of brucite crystals, which represent
a significant part of total surface area for powders, are less
reactive than the terraces. With regard to precipitation rates,
comparison of data from different sources is rather difficult as
pH of solutions and specific surface area were not reported and
constant supersaturation rarely has been maintained during
experiments. In a constant composition study of Chieng and
Nancollas (1982), surface limited precipitation was observed
with a reaction order with respect to saturation from 3 to 7
whereas Liu and Nancollas (1973) argued for a first-order
dependence of crystallization rate on ) at pH ~ 10.8.

3.2.2. Dissolution and precipitation rates as a function of
surface speciation

3.2.2.1. Dissolution at far from equilibrium conditions. In ac-
cord with the surface coordination approach for oxy(hydr)oxide
minerals, the increase of brucite dissolution rate with decreas-
ing pH is due to protonation reactions occurring at the mineral
surface (Stumm and Wieland, 1990). Within the TST/surface
complexation approach, the proton-promoted dissolution rate
should be proportional to the concentration of a protonated
surface species (Schott, 1990; Brady and House, 1996). There-
fore, theincrease of brucite dissolution rate as afunction of H*
activity can be only attributed to the protonation of >MgOH°
sites leading to formation of >MgOH,". This can be assessed
by plotting the forward dissolution rate of brucite at far from
equilibrium conditions as a function of >MgOH, " concentra-
tion calculated using the SCM generated in this study (Fig. 9).
For 25 = pH = 11.5, agood correlation is observed (Ry, =
0.962) with a second order dependence of the forward disso-
lution rate (R, ) on >MgOH, ™" concentration:

R+ — 101.99:0.09 {>MgOH2+} 1.90+0.02 (5)

where the units of R, and {>MgOH,"} are mol/m?/s and
mol/m?, respectively. This reaction order is consistent with the
observation that the reaction order of proton-promoted disso-
Iution rate of simple oxides generally coincides with the charge
of the central metal ion (Wieland et a., 1988).
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Fig. 7. SEM photomicrographs showing the surface of brucite used in this study: (A) initial grains, (B) after dissolution
at pH 7 during 154 h, (C) after dissolution at pH 3.5 during 150 h, and (D) after precipitation at pH 10.8 during 370 h.

3.2.2.2. Dissolution and precipitation at close to equilibrium
conditions. According to TST, the same surface precursor com-
plex should control both dissolution and crystallization reactionsiif
a single rate-limiting step controls the overdl rate or steady state
is reached for each elementary reaction and the magnitude of
chemical affinity for each elementary reaction is not much grester
than RT (Boudart, 1976; Nagy et d., 1991; Nagy and Lasaga,

1992). This gppears to be verified for brucite as illustrated by
Figure 10 where crystallization rates messured at constant super-
saturation index are plotted as a function of the concentration of
hydrated Mg centers. Some scatter of brucite precipitetion ratesin
this figure is due to the influence on R_ of chemical affinity that
is not exactly the same for each data point. However, a linear
correlaion with a dope close to 2 is observed:

Table 5. Change of specific surface area during brucite dissolution and precipitation experiments.

No Duration, h Grain size (um) So, M?lg S, m?g pH Rate, mol/m?/s
40 27 100-200 0.1200 0.2420 25 10-1077
41 42 100-200 0.1200 0.2830 32 6.6 -10°8
42 175 100-200 0.1200 0.2900 6.5 24.10°8
21 160 100-200 0.1200 0.2570 7 36-1078
7 240 50-100 0.2035 0.3000 10.8 33-.10°1°
29 310 50-100 0.2035 0.7630 10.9 -8.107%
6 350 50-100 0.2035 0.2950 11.0 1.1-10°°
16 70 100-200 0.1200 0.2130 111 1.8-1071°
37 330 100-200 0.1200 0.1464 11.3 -19.10°%°
17 720 100-200 0.1200 0.1790 114 -29.10741
59 260 100-200 0.1200 0.3600 11.9 -68-10741
5 330 50-100 0.2035 0.3010 11.9 19-1071
39 330 100-200 0.1200 0.2490 121 -80-107%1
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Fig. 8. Summary of literature data on brucite and periclase dissolu-
tion rates at 25°C as a function of pH.

R = 103.98t0.12 . { >M gOH2+} 2.28+0.03 (6)

where the units of R_ and {>MgOH,"} are mol/m?/s and
mol/m?, respectively. Egn. 5 and 6 suggest that both dissolution
and precipitation processes require the hydration of two adja-
cent magnesium surface sites.
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Fig. 9. Brucite dissolution rate at 25°C, pH of 2.5 to 12 and ionic
strength of 0.01 mol/L as afunction of { >MgOH,"}. The slope of two
suggests a surface precursor activated complex composed of two ad-
jacent hydrated Mg sites. The coincidence of the values of slope (n =
2) and the oxidation state of the central metal (Mg®*) is in agreement
with surface coordination theory (Wieland et a., 1988).
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Fig. 10. Brucite precipitation rate at 25°C, constant saturation index
(Q = 1.8 = 0.5), pH of 10 to 12 and ionic strength of 0.01 to 0.001
mol/L as afunction of { >MgOH,"}. In accord with TST predictions,
brucite precipitation rate is proportional to the square of the concen-
tration of the rate-controlling surface species, >MgOH; .

3.2.3. Construction and application of a general brucite
dissolution/precipitation rate equation

A general model of brucite dissolution/precipitation kinetics
can be obtained within the framework of TST using Egn. 3 and
4. According to TST, the overall rate (R) of a mineral dissolu-
tion reaction per unit surface area can be described using
(Lasaga, 1981; Odlkers et al., 1994; Schott and Oelkers, 1995)

R=R.-R_ =R, [1-exp(—AleRT)] (7

where R, and R_ designate specific forward and backward
reaction rates, respectively, R is the gas constant, T is the
absolute temperature, and o is Temkin’s average stoichiomet-
ric number equal to the ratio of the rate of activated or precur-
sor complex destruction relative to the overall dissolution rate.
A denotes the chemical affinity for the overall hydrolysis reac-
tion given by

A= —RT In(Q/K°g) = —RTInQ (8)

where Q is the ion activity quotient, K°g, is brucite thermody-
namic solubility product and ) represents the solution satura-
tion index with respect to this mineral. The forward reaction
rate, R, , is equal to the product of two factors, the concentra-
tion of arate-controlling surface complex, sometimes referred
to as precursor complex (P"), and the rate of destruction of this
precursor to form reaction products (Wieland et al., 1988;
Stumm and Wieland, 1990; Oelkers et al., 1994). This concept
is consistent with

R, = ky[P*] )

where k. refers to a rate constant compatible with the P
precursor complex and [P*] stands for its concentration.
It follows from Egn. 5 and 6 and Figures 9 and 10 that the
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rate controlling step for brucite is the hydration of exposed Mg
surface sites. Hydration of n Mg sites leads to precursor com-
plex [n >MgOH,"]" formation according to

n>MgOH° + nH,O = [n>MgOH,"]* + nOH"
(10a)

n>MgO~ + 2nH" = [n>MgOH,*]* (10b)

For the sake of simplicity, it is assumed that all metal sites
contain either >MgOH° or >MgOH, " and the percentage of
>MgO™ sitesis negligible. Combining Egn. 9 and 10a yields

R, = ki - {>MgOH,"}" = ki;, - K*, - {>MgOH°}" - agh-
(11)

where K*, is the equilibrium constant of reaction 10a and Knig
is the forward, or dissolution, rate constant.

Assuming that close to equilibrium (=2 < A = 2 kJ/mol) the
surface precursor complex [n >MgOH,"]" is the same for
dissolution and precipitation, its reaction formation for precip-
itation can be expressed as:

n>MgOH° + nMg*" + 2nH,0
— [Nn>MgOH,*]* + nMg(OH),(solid) + nH* (12)

Reactions (9) and (11) lead to an expression for the brucite
precipitation rate (R_) given by

R_ = ky,l > MgOH,*}"
= Kyg - K* - {>MQOH}" - &% - @z - & (13)

where K*- is the equilibrium constant of reaction 10a. It fol-
lows from TST theory that at equilibrium R_ = R, and thus

(knig - K* ) (Kyg - K* ) = (K°4/Ky)" (14)

where K, stands for water dissociation constant. Combining
Egn. 7, 9, 11, 13 and 14 yields the following expression for
brucite overall reaction rate

Rr = kygt >MgOH,"}" - (1 — Q") (15)

where n was approximated as 2.0 = 0.1 based on dissolution
and precipitation data (Eqn. 5 and 6). This equation implies that
Temkin's average stoichiometric number (o in Eqn. 7) for
brucite dissolution/precipitation is equal to 0.5 (i.e., o = 1/n),
which means that overall dissolution requires the hydration of
two adjacent Mg structural sites.

Brucite overall dissolution and precipitation rates are plotted
in Figure 6 as a function of log () at 10.6<pH<11.0 and
11.3<pH<12.1 and | of 0.001 to 0.01 mol/L. Inthisfigure, the
solid lines 1 and 2 correspond to the predictions of Eqgn. 15 for
pH of 10.8 and 11.5, respectively. A good agreement between
measured dissolution and precipitation rates and model predic-
tions can be noted at close to equilibrium conditions. TST
prediction of brucite crystallization rates in highly supersatu-
rated solutions () = 2.5, i.e, log ) = 0.4) is not possible as
surface nucleation may become preponderant and the same
precursor complex is not likely to control both dissolution and
precipitation. The model developed in this study (Eqgn. 15) isa
first order approximation amenable to further refinement. In

particular, a pH > 12, highly reactive >MgO™~ sites whose
concentration becomes significant cannot be neglected.

3.3. Transient Rates in pH-jump Experiments

Downward pH-jumpsto pH 2 or 3 from neutral and alkaline
solutions produced an initial-pH-dependent and reproducible
non-steady-state (transient) period of elevated brucite dissolu-
tion rate that lasted from several tenths of a minute to one hour.
The higher the starting pH precedent to acid conditions, the
higher the transient brucite dissolution rate and thus the higher
the Mg outlet concentrations (Fig. 11). The excess amount of
released magnesium during pH-jumps corresponds to the dis-
solution of several atomic layers. Thistransient fast dissolution
was reproducible since two separate pH 11 to 3 jumps yielded
the same results. It should be emphasized it was not produced
by the dissolution of ultra-fine particles or surface defects
generated by sample preparation as 2 to 3 successive jumps
were performed with the same powder sample. The rapid
dissolution of apoorly crystallized Mg(OH), phase precipitated
on brucite surface as a result of upward pH jumps to neutral or
akaline conditions can be also ruled out since brucite solubility
product was never exceeded during pH cycles as confirmed by
Mg and pH analysis in outlet solution in the course of exper-
iments.

In the light of Samson and Eggleston’s pioneering work on
the non-steady-state dissolution of trivalent metal oxides (Sam-
son and Eggleston, 1998, 2000; Samson et ., 2000), the results
of our pH-jumps experiments are consistent with the progres-
sive decomposition at acid conditions of highly reactive brucite
surface sites generated in akaline solutions. Insights into the
nature of these reactive sites can be obtained by looking at both
brucite surface speciation and magnesium aqueous speciation
as a function of pH.

3.3.1. Brucite surface speciation

Within the framework of the simple constant capacitance
SCM developed in this study (see Fig. 3), it can be seen that
increasing the solution pH from 6 to 12 results in a significant
build up in the concentration of >MgO™ surface sites. Similar
to the role of >SIO™ in quartz and silicate dissolution (Brady
and Walther, 1989; Guy and Schott, 1989; Dove 1994), the
replacement in the Mg coordination sphere of awater molecule
by a negative oxygen donor polarizes and weakens Mg-O
bonds in the brucite structure and thus enhances dissolution. As
a result, a downward pH-jump should result in a transient
enhanced dissolution rate if proton sorption at the brucite
surface is faster than the re-equilibration of brucite surface
species (transformation of >MgO~ into >MgOH,"). To
check this hypothesis, {>MgO~} was caculated for the initial
pH value before the jump, using the SCM established in this
study. It can be seen in Figure 12a that a positive linear
correlation is observed between the excess of Mg dissolved
during pH jumps and {>MgO}.

3.3.2. Mg aqueous speciation

A complementary view of brucite surface speciation can be
provided from the analogy between surface and solution equi-
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Fig. 11. Examples of pH-jump experimentsin 0.01 M NaCl: outlet Mg concentration during pH-jump experiment (A)
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librium (Schindler and Stumm, 1987). In the case of divalent
metals, Pokrovsky and Schott (2002) showed that there is a
good positive correlation between the logarithms of stability
constants for surface (>MeOH, ") and solution (Me(OH),°)
metal hydration. It is thus tempting to correlate the excess Mg
released in solution to the concentration of MgOH™ ;. the
predominant form of aqueous magnesium at pH>11 (Baes and
Mesmer, 1976). Again, a good correlation is observed (Fig.
12b) although it is weaker than that involving {>MgO} (Fig.
123).

If correlations shown in Figure 12 cannot serve to define the
exact molecular structure of the dissolution-active surface sites
generated at alkaline conditions, they nevertheless strongly
suggest that these sites are composed of ‘hydrolyzed Mg
surface complexes in which one or two water molecules of the
Mg coordination sphere have been replaced by hydroxyl
(OH™) or oxo (O?7) ligands. This transformation of surface
aquo species into hydroxo and/or oxo complexes can catalyze
two important reaction steps involved in mineral dissolution:
breaking of crystal Mg-O bonds (formation of the precursor
complex) and decomposition (solubilization) of the precursor
complex. The weakening of metal-oxygen bonds by the surface
coordination with O*~ or OH™ has been aready stressed
above. With regard to the rate limiting solubilization step,
Stumm (1992) has shown that, like the rate of metal complex
formation in solution, the rate of metal sorption/desorption on
an oxide surface (surface complex formation) is proportional to
the rate at which water in the inner coordination sphere of the
metal ion exchanges with water in the bulk solvent. On the
same track it has been shown that the dissolution rates of
isostructural orthosilicates (Westrich et a., 1993) and carbon-
ates (Pokrovsky and Schott, 2002) are proportional to the
exchange rate of water from the solvent into the hydration
sphere of the corresponding dissolved metal. It is thus likely

that i) the rate of release of magnesium from brucite surface
scales with the water exchange rate from aqueous Mg and ii)
the deprotonation of a water molecule in the coordination
sphere of surface magnesium following apH jump should favor
dissolution via the resulting increase of the rate of exchange of
the remaining water molecules. This |abilizing effect of hydro-
lysis on the rate of ligand exchange has been demonstrated for
trivalent metals like AI®* and Fe** with an increase in the
exchange rate of water molecules of about 4 and 3 free orders
of magnitude, respectively, following the first deprotonation of
their aguo ions (Grant and Jordan, 1981; Nordin et al., 1998).
Note that sequential deprotonation steps should further facili-
tate metal solubilization as well as the replacement of water
molecules by ligands containing electron donors.

The results of this study and those reported by Samson et al.
(2000) on trivalent oxides point out the limitations of available
double layer models in predicting surface speciation solely
from titration and electrokinetic measurements. In particular,
they demonstrate that the kinetics of sorption of protons (or
hydronium ions) on a solid surface is much faster that that of
formation or re-equilibration of surface complexes thus contra-
dicting the idea, implicit in the double layer models, that
surface protonation occurs directly on the ligands present in the
metal coordination sphere, for example transforming hydroxyl
groups into water molecules.

4. CONCLUDING REMARKS

The present study illustrates the power of the surface coor-
dination approach in describing the steady state dissolution
kinetics of a simple hydroxide mineral at both far from equi-
librium and close to equilibrium conditions. When coupled
with Transition State Theory at close to equilibrium conditions,
this approach allows prediction of brucite crystallization rates
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demonstrating that both dissolution and precipitation are con-
trolled by the formation of the same surface precursor complex,
>MgOH,*. Hydrated magnesium surface centers, and more
generaly, hydrated divalent metals, were also shown to control
the reactivity of carbonates (Pokrovsky and Schott, 2002) and
orthosilicates (Westrich et al., 1993; Pokrovsky and Schott,
2000). In this regard, investigation of the dissolution mecha-
nism of other Me**-bearing silicates (pyroxenes, amphiboles,
smectites), phosphates or fluorides will be facilitated by using
the results of the present study on brucite.

Study of brucite dissolution at alternate pH conditions (pH-
jump experiments) suggests, in accord with previous studies on
trivalent metal oxides, that surface metal hydroxylation — lead-
ing to the formation of oxo- and hydroxocomplexes — has a
lahilizing effect on the rates of ligand exchanges at the metal
center that favors the production of dissolution-active sites. Itis
expected that any electron-donor ligands (e.g., OH™, O, F~,

organic acids. ..) can have similar labilizing effects and in-
crease reaction rates when metal hydration is rate controlling.
Results of these pH-jump experiments provide new insights
into oxide/hydroxide dissolution mechanisms and demonstrate
that proton sorption on solid surfaces is much faster than
formation or re-equilibration of surface complexes. This calls
into question the representation and modeling of surface pro-
tonation within the framework of present double layer models.
As shown in this study, these models provide an adequate
description of oxide/hydroxide steady-state reaction rates but
accurate modeling of honsteady-state rates, i.e., following rapid
changes in solution chemistry, would require a better charac-
terization of surface protonation and the nature of proton-
bearing complexes using high tempora resolution surface-
sensitive spectroscopic tools.
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