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Chlorite ((Mg4.29Al1.48Fe0.10)(Al1.22Si2.78)O10(OH)8) dissolution kineticsweremeasured under far fromequilibrium
conditions using a mixed-flow reactor over temperatures of 100–275 °C at pH values of 3.0–5.7 in a background
solution matrix of 0.05 m NaCl. Over this temperature range, magnesium was released congruently with respect
to silica. The effect of variable pCO2 levels representative of engineered geothermal systems with CO2 as a
heat-exchanging fluid (CO2-EGS) was explored by reacting chlorite with solutions containing a range of dissolved
CO2 concentrations (0.1–0.5 M). The dissolution rate was insensitive to CO2(aq) concentration, with dissolved CO2

apparently affecting dissolution only through increased acidity. Over this range of far-from-equilibrium experi-
mental conditions of elevated temperature, mildly acidic to moderately neutral pH, and CO2(aq) concentrations
up to 0.5 M, Mg-rich chlorite dissolution can be described as a surface area-normalized rate equal to:

rate ¼ kacid⋅ exp
−Eacid
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where the apparent acid rate constant at 25 °C is ka = 10−9.91 mol m−2 s−1, the reaction order nwith respect
to H+

(aq) is 0.49, and the activation energy for the acid mechanism is E = 25.1 kJ mol−1 (this value is signifi-
cantly lower than previous estimates). This chlorite dissolution rate equation can be used with reaction affinity
terms and kinetic laws for otherminerals to estimate the impact of geochemical alterationwithin CO2-enhanced
geothermal systemoperations or other higher-temperature subsurface systems. Over a 100–275 °C temperature
range, chlorite is 2–5 orders of magnitude less reactive than has been previously predicted.

© 2013 Elsevier B.V. All rights reserved.

1. Introduction

The disparities between reported kinetic rates for mineral dissolu-
tion and precipitation reactions measured in the laboratory and in
field settings have been discussed previously by many others (e.g., Li
et al., 2006; Maher et al., 2006). However, for many common minerals,
even laboratory-obtained kinetic data are lacking, especially at elevated
temperatures (see Palandri and Kharaka, 2004, and references therein).
Of special concern is the lack of reliable kinetic data at temperatures
above 60 °C (with the exception of recent 95 °C work on Fe- and
Mg-rich biotites, Garcia et al., 2012; Hu and Jun, 2012) for many clays,
micas, and other layered silicates, despite their common occurrence in
subsurface reservoir systems. Because sheet silicates can be the prod-
ucts of secondary alteration reactions both within other mineral grains
as well as in intergranular space, their reactions may strongly influence
the evolution of porosity and related permeability within subsurface

systems. In order to describe and evaluate these potential reactions,
additional data are required for more accurate reactive transport simu-
lations, as has been pointed out by reviews on both engineered geother-
mal systems (EGS, Tester et al., 2006) and CO2 storage (Gaus et al.,
2008) technologies.

In addition to the need to predict reservoir responses within deep
hydrocarbon or geothermal systems (characterized by elevated tem-
peratures and increased abundances of alteration sheet silicates), pro-
posed technologies which utilize injected carbon dioxide such as
CO2-enhanced geothermal systems (“CO2-EGS,” Brown, 2000) will
require an understanding of the role that elevated CO2 concentra-
tions may play on mineral reactivity. Dissolution reactions driven by
CO2-acidified fluids could generate additional porosity and create new
flowpaths, but may also trigger secondary precipitation reactions
which would adversely impact reservoir permeability. The appeal of
the CO2-EGS technique is based partially on lower pumping rates (and
thus lower parasitic energy losses) as a result of CO2's higher buoyancy
and lower viscosity relative to water, but the geochemical effects of CO2

injection into high-temperature reservoirs are currently unpredictable
given the available data (Pruess, 2006). Investigation of the dissolution
of one framework silicate demonstrated that dissolved CO2(aq) played
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only an indirect role at temperatures up to 130 °C (labradorite, Carroll
and Knauss, 2005). In contrast, another sheet silicate altered extensively
underwetted supercritical CO2 conditions (biotite; Shao et al., 2011; Hu
and Jun, 2012).

Chlorite minerals (sheet-structured aluminosilicates containing
variable amounts of magnesium and iron) are common constituents
of numerous formations and often occur as grain-coating or pore-
filling growths in sedimentary sandstones, alteration products of
mafic minerals in basaltic units, or as products of low-grade meta-
morphism of many prior assemblages. Although chlorite is commonly
observed in many oil and gas reservoirs, hydrothermal systems, and
some deep aquifers, little information exists concerning its reactivity
under expected conditions relevant to those systems, i.e., hotter
temperatures and/or anthropogenically elevated levels of CO2. Recent
modeling studies of both CO2-EGS and geologic carbon sequestration
reactions (Wolery and Carroll, 2010; Xu, 2012) included chlorite in
the relevant mineral assemblages in recognition of the potential
reactivity of this sheet silicate. These simulations use the kinetic for-
mulation found in Palandri and Kharaka's (2004) kinetic rate compi-
lation. Extrapolation of this rate equation to higher temperatures
(e.g., ≥100 °C) predicts extensive chlorite dissolution as a result of
high activation energy values, although a recent experimental study
showed chlorite (in a natural sandstone) to be largely unreactive with
CO2-saturated reservoir brines at 120 °C, 32 MPa (Lu et al., 2012). This
discrepancy highlights the motivation for extending the chlorite disso-
lution dataset to higher temperatures, and also for examination of the
dissolution of other common minerals for which higher-temperature
kinetic data are currently lacking.

The paucity of chlorite kinetic data at temperatures above 95 °C in
either CO2-free or CO2-acidified solutions motivated us to examine
chlorite dissolution rates in acid to semi-neutral solutions (both CO2-
and HCl-acidified) as a function of temperature (100–275 °C).We pres-
ent a kinetic rate equation validated by new experimental data up to
275 °C for the dissolution of magnesium-rich chlorite, which can be di-
rectly implemented in existing reactive transport codes for improved
simulation of water–rock interactions affecting a variety of potential
scenarios (e.g., CO2-enhanced geothermal, geologic carbon sequestra-
tion in deep reservoirs, nuclear waste disposal).

2. Experimental methods

2.1. Materials

A bulk chlorite sample was purchased from the Source Clays
Repository, Purdue, Illinois, under the identifier “CCa-2,” collected
from El Dorado County, California, USA (Post and Plummer, 1972).
The bulk specimen was crushed to pea-size and further hand-
crushed and sieved to collect the 150–250 μm size fraction, but other-
wise used as received. Approximately 1 g of chlorite was used per
experiment. Powder X-ray diffraction (XRD) analysis was performed
on the 150–250 μm size fraction, producing a diffractogram in close
agreement with clinochlore patterns. Scanning electron microscopy/
electron dispersive spectrometry (SEM/EDS) identified trace rutile,
corroborated by electron microprobe analysis. The average chlorite
composition based on microprobe analysis was (Mg4.29Al1.48Fe0.10)
(Al1.22Si2.78)O10(OH)8, derived by distributing aluminum first in the
tetrahedral site with the remainder in octahedral sites and assuming
all iron as ferrous, following the recommendations and observations
of Foster (1962). The surface area of the 150–250 μm size fraction
was measured by N2-BET as 5.06 ±0.38 m2/g; samples reacted at
both 100 and 275 °C showed no significant post-reaction change in
measured surface area values.

The aluminum site occupancy value given above was corrobo-
rated by nuclear magnetic resonance (NMR) analysis of both
unreacted and reacted samples via collection of 27Al single-pulse
magic angle spinning nuclear magnetic resonance spectra using a

selective 1 μs excitation pulse. 29Si{1H} cross-polarization magic
angle spinning NMR spectra were also collected on reacted samples
with a 2 s pulse delay at a 2 and 10 ms contact time and spinning
rate of 3.6 kHz (referenced to tetramethylsilane) to determine sil-
ica coordination in reacted grain samples. Both unreacted and
reacted sample grains were platinum coated prior to focused ion
beam milling of wafers for transmission electron microscopy
(TEM) and analysis using high-resolution images combined with
fast Fourier transform analysis and electron diffraction. Other
than the platinum-coating required for TEM analysis, reacted sam-
ple grains were used as recovered from the experimental reactors
to prevent surface contamination from exposure to foreign mate-
rials or fluids.

All experiments were performed in a background solution of
reagent-grade 0.05 m NaCl and distilled deionized water. Reagent-
grade hydrochloric acid (HCl) was used to adjust certain solutions to
specific pH levels, which are referred to in the text as “CO2-free” exper-
iments. CO2-equilibrated solutionswere created byheating andpressur-
izing prepared solutions with liquid or gaseous CO2 in a separate static
titanium reactor for at least 12 h under conditions designed to produce
specific CO2(aq) concentrations according to Duan et al. (2006). Up-
stream sampling of CO2-equilibrated solutions prior to contact with
mineral solids (see Fig. 1 for port location and Section 2.3 for total
inorganic carbon sampling details) confirmed that desired initial
CO2(aq) concentrations hadbeen attained before steady-state dissolution
periods during each experiment.

2.2. Experimental reactor

Titanium mixed-flow reactors (Dove and Crerar, 1990) were used
to determine chlorite dissolution kinetics over a temperature range of
100–275 °C, under both CO2-free (control) conditions and also with
CO2(aq) concentrations of 0.1–0.5 M (Table 1), at far-from-equilibrium
conditions. The net rate (R, M L−2 T−1) of chlorite dissolution was
derived from measured changes in effluent composition (Δ[i], Mi L−3;
normalized using stoichiometric coefficient υi, Mi Mchl

−1), the flowrate
(FR, L3 T−1), and chlorite mass (m, M) and measured specific surface
area (A, L2 M−1):

rate ¼ Δi⋅FR
υi⋅A⋅m

: ð1Þ

An example of typical solution chemistry data displaying steady-
state behavior is shown in Fig. 2. Approach to near steady-state behav-
ior was noted as early as 36 h in some samples (~4 residence volumes)
dependingon sampling frequency,withdata used to determinedissolu-
tion rates generally falling within the 5–8 residence volume timeframe
in all cases except H1-B (100 °C experiment which demonstrated
steady-state behavior after 7.8–9.5 residence volumes).

The experimental setup was similar to that described in Carroll
and Knauss (2005) and involved a static titanium solution reactor
connected by a pulseless dual-cylinder pump to a constantly stirred
titanium mixed-flow reactor (Fig. 1). Within the mixed-flow reactor,
influent solution was forced to circulate upwards past chlorite grains
held between fine titanium mesh in an isolated cylindrical chamber
before reaching the reactor outlet, thus ensuring liquid-chlorite con-
tact under continuously mixed conditions. System pressure was con-
trolled at the outlet by a dome-loaded back-pressure regulator. All
wetted surfaces (including pump cylinders and back-pressure regula-
tor) were either C-276 alloy or passivated titanium. Maintaining the
static vessel temperature above the experimental reactor tempera-
ture and allowing CO2-equilibrated solutions to cool during pressur-
ized passage through the dual-cylinder pump ensured that CO2(aq)

stayed in solution as a result of retrograde solubility.
Experiments were initiated by vacuum-evacuating the system

between the dual-cylinder pump and the three-way valve/vacuum
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port (Fig. 1), pumping 85 °C CO2-free 0.05 m NaCl solution from the
static vessel into the mixed-flow reactor until pressurized to the
desired level, and then valving off the reactor from the static brine ves-
sel. The static vessel was then pressurized with gaseous or liquid CO2

and heated to the necessary temperature to achieve desired CO2(aq)

concentrations in the solution, generally overnight. After the CO2 equil-
ibration period, the mixed-flow reactor was quickly brought to the
desired experimental temperature. At that point, CO2-equilibrated

Fig. 1. Schematic of experimental mixed-flow reactor system. PRV indicates pressure relief valve.

Table 1
Chlorite experimental conditions and measured dissolution rates in both CO2-equilibrated and CO2-free solutions.

Expt ID T (°C) CO2(aq) (M) pHa Dissolution rate (mol chlorite m−2 s−1)

Si-derived Mg-derived

CO2-acidified experiments (“C”)
C1 275 0.195 4.80 2.41 (±0.25) ⋅ 10−11 2.20 (±0.23) ⋅ 10−11

C2 275 0.20 4.81 2.93 (±0.31) ⋅ 10−11 2.64 (±0.27) ⋅ 10−11

C5 250 0.10 4.84 2.33 (±0.25) ⋅ 10−11 2.53 (±0.27) ⋅ 10−11

C3 250 0.19 4.67 3.71 (±0.39) ⋅ 10−11 3.45 (±0.35) ⋅ 10−11

C3 (rep) 250 0.20 4.58 4.04 (±0.44) ⋅ 10−11 2.77 (±0.32) ⋅ 10−11

C9b 200 0.12 4.54 7.57 (±0.84) ⋅ 10−11 4.30 (±0.48) ⋅ 10−11

C9 (rep) 200 0.12 4.54 6.22 (±0.67) ⋅ 10−11 5.21 (±0.53) ⋅ 10−11

C6 200 0.20 4.38 8.70 (±0.91) ⋅ 10−11 6.79 (±0.70) ⋅ 10−11

C7 200 0.36 4.05 4.45 (±0.46) ⋅ 10−11 4.42 (±0.52) ⋅ 10−11

C10 200 0.52 4.06 9.35 (±1.0) ⋅ 10−11 7.49 (±0.99) ⋅ 10−11

C12 150 0.11 3.93 1.90 (±0.20) ⋅ 10−11 1.66 (±0.17) ⋅ 10−11

C13 150 0.19 3.85 3.04 (±0.33) ⋅ 10−11 2.72 (±0.34) ⋅ 10−11

C19 150 0.30 3.72 2.43 (±0.26) ⋅ 10−11 2.09 (±0.22) ⋅ 10−11

C8 150 0.39 3.60 1.04 (±0.11) ⋅ 10−11 9.45 (±0.97) ⋅ 10−12

C11 150 0.51 3.56 1.67 (±0.19) ⋅ 10−11 1.34 (±0.18) ⋅ 10−11

C16 100 0.11 3.70 6.60 (±0.69) ⋅ 10−12 4.04 (±0.41) ⋅ 10−12

C14 100 0.20 3.57 6.84 (±0.73) ⋅ 10−12 5.76 (±0.59) ⋅ 10−12

C15 100 0.30 3.49 1.11 (±0.12) ⋅ 10−11 8.91 (±1.4) ⋅ 10−12

C18 100 0.53 3.35 7.50 (±0.79) ⋅ 10−12 5.43 (±0.84) ⋅ 10−12

CO2-free/HCl experiments (“H”)
H1-A 100 n.a. 3.01/3.02 1.86 (±0.25) ⋅ 10−11 1.91 (±0.22) ⋅ 10−11

H1-B 100 n.a. 4.05/4.16 3.19 (±0.34) ⋅ 10−12 3.21 (±0.35) ⋅ 10−12

H1-C 100 n.a. 5.00/5.69 3.74 (±0.40) ⋅ 10−12 4.08 (±0.49) ⋅ 10−12

H2-A 200 n.a. 3.00/3.63 1.07 (±0.12) ⋅ 10−10 1.34 (±0.15) ⋅ 10−10

H2-A (rep) 200 n.a. 2.98/3.34 1.25 (±0.14) ⋅ 10−10 1.64 (±0.20) ⋅ 10−10

H2-B 200 n.a. 4.01/4.55 5.71 (±0.61) ⋅ 10−12 5.95 (±0.72) ⋅ 10−12

H2-C 200 n.a. 5.04/4.33 8.07 (±0.87) ⋅ 10−12 7.79 (±1.0) ⋅ 10−12

H3-A 275 n.a. 3.00/4.41 1.53 (±0.16) ⋅ 10−10 1.62 (±0.18) ⋅ 10−10

H3-Bc 275 n.a. 4.00/5.32 1.64 (±0.17) ⋅ 10−11 1.56 (±0.17) ⋅ 10−11

H3-C 275 n.a. 6.13/5.40 6.45 (±0.69) ⋅ 10−12 2.44 (±0.27) ⋅ 10−12

a Listed pH is average modeled value during steady-state times for “C” experiments; for “H” experiments, first value is initial solution pH and second value is modeled
steady-state pH (T).

b Experiment conducted under unstirred conditions due to stirrer malfunction.
c Experiment terminated early (T = 49.5 h) due to back-pressure regulator malfunction.
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solution, siphoned from the bottom of the static vessel, was introduced
to the mixed-flow reactor and pumped through the system at a con-
stant 0.5 mL/min rate for 72 h. Pump flowrates were gravimetrically
confirmed during each sample collection.

2.3. Sample collection and chemical data treatment

Samples were collected directly downstream of the back-pressure
regulator through a luer-lock port. Total inorganic carbon (TIC) sam-
ples were collected by attaching a syringe (pre-filled with 1 N NaOH)
directly to the port and allowing the sample to degas into the solution
where it was “trapped” as dissolved carbonate until analysis via auto-
mated carbon analyzer. Degassed samples were collected, filtered
(0.2 μm) and acidified, and analyzed for Si, Mg, Al, Fe, Ca, and other
trace metals by inductively-coupled plasma mass spectrometry.
Because analytical errors in silica, magnesium, aluminum, and iron
were small compared to absolute concentrations, uncertainty in
these values is considered two times the standard deviation among
samples collected during steady-state periods. Experimental system
“blank” tests revealed elevated background contributions of iron,

presumably from the high-temperature degradation of components
within the magnetic stirrer apparatus. This experimental artifact,
coupled with the low initial iron composition of the chlorite material,
forced us to exclude iron-derived rate values from further consider-
ation. Chloride concentrations were analyzed by ion chromatography
to monitor for possible changes to solution ionic strength (none
noted). During CO2-free experiments, unfiltered degassed samples
were also measured for pH after cooling to room temperature.

The geochemical code Geochemist's Workbench (GWB; Bethke
and Yeakel, 2010) and thermo.dat database were used to calculate
aqueous speciation, solution pH, and Gibbs free energies of reaction.
The solution pH of CO2-containing experiments was modeled by
first charge-balancing chemical analyses on chloride at 25 °C, adding
the measured TIC value as bicarbonate, and then bringing the solu-
tion data to run temperature while charge-balancing on hydrogen.
CO2-free experiments and measured 25 °C solution pH values were
temperature-corrected by charge-balancing on chloride and bringing
to run temperatures.

3. Results and discussion

In this paper we discuss the congruency of observed chlorite dis-
solution, the absence of any secondary mineral precipitates or effect
of CO2(aq) concentrations, and derive an applicable rate equation to
describe chlorite dissolution as a function of temperature and acidity.
Individual element-specific dissolution rates were stoichiometrically
normalized to moles of chlorite mineral and are listed in Table 1.

3.1. Congruency of chlorite dissolution

Over a temperature range of 100–275 °C, we observed near-
stoichiometric release of magnesium with respect to silica for both
CO2(aq) and CO2-free experiments (Fig. 3), while iron and aluminum
were released in highly non-stoichiometric quantities (Fig. 4). Based
on the comparison of Figs. 3 and 4, we conclude that silica and mag-
nesium provide reliable measures of chlorite dissolution rate magni-
tude and thus we use only rate values derived from these elements
in all further discussion. Previous 25 °C studies have noted both
incongruent and congruent steady-state chlorite dissolution with
respect to silica concentrations, with no consistent trends in relation
to pH when all studies are considered as a whole (Ross, 1967;
Brandt et al., 2003; Gustafsson and Puigdomenech, 2003; Hamer
et al., 2003; Lowson et al., 2005; Malmstrom et al., 2005).

Aluminum and iron release rates vary widely in comparison to
silica (Fig. 4). Such non-stoichiometric behavior may have resulted
from contamination by iron-bearing parts of the experimental set-
up, a possible dependence of rate on aluminum concentrations, or
secondary mineral precipitation. Elevated levels of iron (in compari-
son to expected minimal concentrations due to the low-Fe content
of the chlorite) detected during sample-free blank experiments
complicated further interpretation of the iron release data. A weak
correlation (R2 ≈ 0.3) between a3H/aAl (hydrogen and aluminum
solution activities) and the dissolution rate may suggest that chlorite
dissolution depends on dissolved aluminum, as proposed for other
silicate minerals by Oelkers et al. (1994) and modeled for chlorite at
25–95 °C by Lowson et al. (2007). However, we did not collect rate
data over a wider range of dissolved aluminum conditions to develop
a rate law accounting for this type of dependence.

3.2. Lack of secondary precipitation

The precipitation of a secondary phase (especially one containing
silica) as a result of chlorite reaction would have affected the elemen-
tal release rates measured in our experiments, leading to underesti-
mates of true chlorite dissolution rates. Accordingly, we employed
several techniques to detect the presence of secondary reaction

Fig. 2. Chlorite dissolution at 150 °C, showing Si, Mg, and total inorganic carbon (TIC)
concentrations as a function of time.

Fig. 3. Comparison of magnesium versus silica release rate. Filled symbols denote ex-
periments with CO2(aq); open symbols denote CO2-free (control) experiments; dashed
line indicates 1:1 relationship. All release rates are normalized to cation abundance in
chlorite structure. Errors in rate measurement are commensurate with size of data.

4 M.M. Smith et al. / Chemical Geology 347 (2013) 1–8



product phases. XRD diffraction patterns collected on reacted solid
grains from experiments C18 and C1 (100 and 275 °C, Table 1) showed
no evidence for detectable volumes of any new mineral phases. Addi-
tionally, chlorite reaction at 200 °C and 10 MPa pCO2 within a specially
constructed microcell showed no detectable change in in situ XRD
pattern (H.T. Schaef, Pacific Northwest National Laboratory, personal
communication). Solid grains from experiment C1 were also inspected
by SEM, with subsampled sections subjected to transmission electron
microscopy (TEM); high-resolution electron dispersive spectroscopy
detected no new phases or significant differences between C1 material
and unreacted chlorite samples. Finally, the potential for amorphous sil-
ica phase precipitationwas investigated via analysis of C1 reactedmate-
rial via cross-polarization magic angle spinning NMR. The single 29Si
peak in the collected spectra was within the range previously observed
for clinochlore chlorite samples (Welch et al., 1995). No additional
peaks arising from additional silica-containingminerals were observed,
even under experimental conditions chosen specifically to probe for the

presence of proton-rich amorphous silica phases (e.g., Liu and Maciel,
1996).

3.3. Combined effects of dissolved CO2, temperature, and pH

Chlorite dissolution rates were measured in solutions spanning
0.1–0.5 mol L−1 TIC at 100, 150, and 200 °C, and 0.1–0.2 mol L−1 TIC
at higher temperatures due to pressure vessel limitations. Measured
rates range from 6.4 ⋅ 10−12 to 7.9 ⋅ 10−11 mol m−2 s−1 (Fig. 5), and
remained relatively constant as a function of dissolved CO2 at constant
temperature, showing no effect of varying CO2(aq) concentrations (mea-
sured as total inorganic carbon). Temperature appears to have a stron-
ger effect on dissolution than does the concentration of dissolved CO2.

Fig. 6 shows chlorite dissolution data for all experiments con-
taining introduced CO2(aq) as a function of inverse temperature. A
maximum dissolution rate was observed at 200 °C, with dissolution
rates falling off at temperatures above and below this value. This
“turnover” in reaction rate is due to the combined effects of both tem-
perature and pH. Generally, silicate mineral dissolution rates increase
with temperature and acidity. In our CO2-containing experiments, the
actual acidity depends upon the dissociation of water and CO2(aq),
both of which are temperature-dependent reactions (Fig. 7):

H2Oð1Þ↔Hþ þ OH− ð2Þ

and

CO2ðaqÞ þ H2O↔Hþ þ HCO−
3 : ð3Þ

As temperatures increase up to 200 °C, the dissociation constant
of water increases by approximately 2.5 orders of magnitude and
neutral water pH accordingly decreases from 7 to 5.7. From 200 to
300 °C the dissociation constant is predicted to be largely indepen-
dent of temperature. Conversely, the reaction of CO2(aq) → HCO3

−

becomes less and less favored at higher temperatures, effectively re-
leasing fewer hydronium atoms into solution per mole of dissolved
CO2. Chlorite dissolution rates increase from 100 to 200 °C because
the effect of temperature is greater than that of solution pH (for
3.3 b pH b 4.5). The rates decrease from 200 to 275 °C because the
same concentration of dissolved CO2 produces a less acidic solution,
lessening the potential for chlorite dissolution. At these higher tem-
peratures, rate increases due to temperature are partially offset by
rate decreases due to less acidic solutions (4.0 b pH b 4.8).

Fig. 5. Log silica-derived chlorite dissolution rates versus total inorganic carbon (in-
cluding CO2(aq)) concentration. Experimental temperature indicated by datum color,
from 100 to 275 °C. Errors in rate measurement are commensurate with size of data.
(For interpretation of the references to color in this figure legend, the reader is referred
to the web version of this contribution.)

Fig. 6. Log chlorite dissolution rates versus inverse temperature for experiments con-
taining CO2(aq). Adjacent brackets indicate pH range over which data were collected.

Fig. 4. Comparison of aluminum and iron versus silica release rate. Filled symbols de-
note experiments with CO2(aq); open symbols denote CO2-free (control) experiments;
dashed line indicates 1:1 relationship. All release rates are normalized to cation abun-
dance in chlorite structure. Errors in rate measurement are commensurate with size of
data.
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3.4. Derivation of dissolution rate equation

Far from equilibrium, chlorite dissolution rate behavior (normalized
by surface area) from 100 to 275 °C, pH 3.3–5.7, and CO2(aq) from 0 to
0.5 m can be described with an H+-catalyzed dissolution mechanism:

rate ¼ kacid;298K⋅ exp
−Eacid

R

! "
⋅ 1

T
− 1

298K

! "# $
⋅anHþ; ð4Þ

where kacid,298 K and Eacid represent the 25 °C kinetic rate constant
and activation energy for the acid dissolution mechanism, R is the
universal gas constant, T is temperature in Kelvin, ai denotes the
aqueous activity of species i (here, H+), and n is the order of reac-
tion with respect to proton activity. Optimized parameter values
are log kacid,298 K = −9.91 mol m−2 s−1, Eacid = 25.1 kJ mol−1,
and n =0.488. The derived rate expression should be tractable for
incorporation into numerical simulations after addition of a reac-
tion affinity term, as it is similar in form to many published kinetic
rate expressions already handled by reactive transport codes.

In an effort to produce ameaningful rate equation (Eq. 4) we adopted
the following protocol. Rate data collected in this study were normalized
to a unit specific surface area value, and then optimized values of
Eacid, the pre-exponential factor Aacid, and n were obtained from an
unweighted least-squares linear regression of the rate data to Eq. (5):

lograte ¼ log Aacidð Þ− Eacid
2:303⋅R⋅T

! "
− n⋅pHð Þ: ð5Þ

Regressions were performed using the data collected in this study,
and also with an expanded dataset that included selected 25–95 °C
rate data falling within the same pH range from Lowson et al. (2007).
The lower-temperature Lowson et al. (2007) data were obtained from
similar single-pass flow-through experiments, conducted on a smaller
size fraction of a more iron-rich chlorite specimen (Lowson et al.,
2005, 2007). Nevertheless, at 95–100 °C, both datasets overlapped
and showed excellent agreement at that temperature range. The order
of parameter fitting was varied and the best fits (as determined by the
coefficient of determination, R2) were obtained by using the largest
dataset (that including the values of Lowson et al., 2007) and optimizing
Eacidfirst, then n, and finally Aacid. The agreement between observed and
predicted rates is shown in Fig. 8 for CO2-containing and CO2-free data
collected in this study as well as for selected Lowson et al. (2007) data
used to better constrain rate parameter values. It should be noted
that the activation energy valued derived here, Eacid = 25.1 kJ mol−1,

is more than three times lower than the 80 kJ mol−1 value given for
both acid and neutral pH rate mechanisms in Palandri and Kharaka
(2004; derived fromNagy's (1995) treatment of chlorite data originally
collected by Ross (1967)), implying amuch lower dependence of disso-
lution rate on temperature than previously thought. The value of n
derived here is equal to that found by Lowson et al. (2005) at 25 °C,
and is similar to the values of 0.3–0.6 from other 25 °C chlorite studies
(Brandt et al., 2003; Gustafsson and Puigdomenech, 2003). Finally, the
25 °C rate constant value determined here, log kacid,298 K = −9.91
(from log Aacid = −5.51), is slightly lower than that given by Lowson
et al. (2005; log kacid = −9.79) but several orders of magnitude higher
than that predicted by the general hydrothermal silicate relationship
proposed by Wood and Walther (1983).

4. Summary

The objective of this suite of experiments was to measure chlorite
mineral dissolution kinetics at temperatures above 100 °C, repre-
sentative of subsurface temperatures in reservoirs considered for
enhanced geothermal development or for deep geologic carbon se-
questration or nuclear waste disposal (i.e., higher temperature set-
tings), and to describe this dissolution in the form of a kinetic rate
equation. The resulting rate equation is dependent on temperature
and pH, but independent of pCO2, because we did not observe signif-
icant differences in dissolution rate attributable to elevated CO2 be-
yond decreases in solution pH. We propose this rate equation to
describe Mg-rich chlorite dissolution under far-from-equilibrium
conditions as a function of pH (under slightly acidic to near-neutral
conditions, pH 3.0–5.7) and temperature (up to 275 °C). The rate
equation invokes only an acid (pH-dependent) mechanism to
describe data collected under the constrained CO2 solubility/pH con-
ditions in this study. The derived rate expression can be easily incor-
porated into most reactive transport codes for numerical simulations.

While this study has supplied data to fill one of many gaps in the
geochemical literature, it also provides strong caution against extrap-
olation of other low-temperature silicate mineral rate data to geo-
thermal temperatures. In most cases extrapolations are undertaken
out of necessity due to lack of data at temperatures of interest. The
most relevant finding from this work is that chlorite dissolution
rates do not increase as strongly with temperature (Fig. 9) as has
been predicted from extrapolation of lower-temperature kinetic

Fig. 8. Observed versus predicted dissolution rates for data from this study as well as
selected data from Lowson et al. (2007) (pH 3–5).

Fig. 7. Log K constants as a function of temperature, for Eqs. (2) and (3), according to
thermo.dat database. Note that neutral pH is determined as 0.5(log Kwater).
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studies. The large discrepancy between measured and predicted rates
results from an activation energy which is roughly one-third of that
reported by Palandri and Kharaka (2004).

Another important finding of this work is that elevated concentra-
tions of dissolved CO2 representative of CO2-EGS or geologic carbon
storage enhance chlorite dissolution only indirectly, by increasing
the acidity of the aqueous phase. No other effects on chlorite disso-
lution rate were observed as a function of CO2(aq) concentration.
For CO2-rich geothermal or CO2-EGS systems, the combined effects
of decreasing CO2 solubility as well as the dissociation of CO2(aq)

and H2O should yield lower dissolution rates above 200 °C because
the resulting solutions are closer to neutral (less acidic). These same
neutral solutions should also lower the acid-catalyzed reactivity of
other silicate minerals as well.

For CO2-EGS operations specifically, these findings imply that
the dissolution of chlorite minerals should proceed rather slowly,
compared to the framework silicates for which data at comparable
temperatures exist (e.g., quartz and albite, log rate values ≈ −11 to
−6 over 100–300 °C; Palandri and Kharaka, 2004, and references
compiled therein). Lessened reactivity of ubiquitous but rarely
high-volume chlorite should result in a correspondingly decreased
potential for scaling or alteration products that require Mg, Al, or Si
cations for precipitation. While such mineralization reactions may
result in additional carbon “trapping” of “lost” injected CO2 fluids
(a proposed net benefit of CO2-EGS operations), the greater benefit of
lessened precipitation and preserved long-term reservoir permeability
should outweigh the loss of potential sequestration capability. In addi-
tion, this chlorite dissolution rate information can be applied to other
higher-temperature (+100 °C) subsurface scenarios, such as enhanced
oil recovery and/or carbon sequestration in very deep hydrocarbon or
brine reservoirs, or underground nuclear waste disposal.
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