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In order to prevent CO2 concentrations in the atmosphere from rising to unacceptable levels,
carbon dioxide is sequestered beneath the ground surface. CO2 can be trapped as a gas under a
low-permeable cap rock (structural trapping) or can dissolve into the ground water
(hydrodynamic trapping); it can also react with minerals and organic matter that are dissolved in
the brine to form precipitates (mineral trapping). From the perspective of secure, long term
storage, mineral trapping has been identified as the most effective mechanism related to
subsurface sequestration. Temperature, pressure and salinity are among the primary parameters
governing the overall behavior of the process of mineral trapping. In this study, the primary goal
is to simulate the behavior of carbon dioxide with an improved model under the conditions of
temperature and pressure typical of saline aquifers, i.e. 50 to 100˚C and 1-500 bar, respectively.
The objective is to determine how the related quantities of molar volume as well as CO2 fugacity
change in response to changes in pressure and temperature so that the associated changes in the
solubility and the precipitation of carbonates, indicating the rate of CO2 consumption, can be
quantified. This study finds that the dissolution rate of anorthite and the rate of precipitation of
calcite both rise with the increase in pressure and temperature. The dissolution rate of anorthite
has been found to be the rate-limiting process in the sequestration of CO2 and governs the
consumption rate of CO2 in the aqueous phase. These results show good agreement with those
obtained from experimental work reported in other studies. This study also agrees earlier
findings based on relatively less precise models, with respect to the increase in CO2 solubility at
higher pressures and a decrease in solubility associated with increasing values of temperature
and salinity.
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Chapter 1: Introduction
1.1. Overview
It is now widely recognized that global warming is a direct consequence of increased levels of
the concentration of CO2 in the atmosphere which are about 30% higher compared to the preindustrial era

[3]

. Higher concentrations of CO2 lead to increased trapping of infrared radiations

emitted from the Earth’s surface. Arguably, more than half of this increase in infrared absorption
is due to the behavior of CO2 as a greenhouse gas [4]. In order to avoid the negative consequences
of an unchecked increase in global warming produced by the continued emissions of CO2,
several strategies have to be undertaken to decrease the concentration in the atmosphere. While a
reduction in the consumption of green house gas producing substances, such as fossils fuels, is
considered an essential first step in the control of global warming, other solutions for handling
excess emissions such as the long-term sequestration of CO2 in the subsurface formations are
necessary. Several scientific and technical challenges (discussed in §1.2) need to be addressed in
order to advance sequestration from a promising concept to a safe, viable and effective strategy
for the containment of global warming [2].
Among the main natural reservoirs of carbon are the oceans, that store about 38,000 × 10





plants and the atmosphere are relatively smaller reservoirs with capacities of ~500 × 10





(gram of carbon), and terrestrial soils, with a capacity of about 15,000 × 10
and ~730 × 10



 , respectively

[2]



 . Terrestrial

. The net exchange of carbon dioxide between the

atmosphere and the ocean surface is ~ 90 × 10



   (gram of carbon per contact surface

area). At present, the biologically driven carbon cycle in the oceans is close to steady state [35, 38].

Experiments have shown that the overall productivity of the ocean is not controlled by CO2
concentrations, apart from few exceptions

[1]

. Furthermore, the ratios of limiting nutrients and

dissolved inorganic carbon (DIC) in deep ocean are close to the so-called Redfield ratios

[82]

.

Hence, it is virtually impossible to increase the consumption rate rate of CO2 from the
atmosphere through the process of photosynthesis [1].
Sequestration of CO2 through injection into deep geological aquifers has emerged as the most
viable long-term storage option [5]. Numerous field studies have been carried out to determine the
1

optimal conditions for the injection of CO2. Currently sequestration in saline aquifers composed
of sandstone and carbonate formations in sedimentary basins is favored due to their chemical
structure, porosity and temperature and pressure conditions that promote natural occurrence of
the three primary processes of sequestration; capillary, solubility and mineral trapping

[6]

. The

depths of these deep saline aquifers range from 800 to 2000m. While the typical thickness of an
aquifer is small, in the range of 100-200 meters, the horizontal extant can be spread over several
kilometers

[7]

. Based on the surface temperature and the geothermal temperature gradient, that

varies between 20-60°C/km, temperatures and pressures within the aquifer can range,
respectively, from 25°C to 200°C and from 10bar to 100bar

[8]

. The pressure and temperature

conditions therefore do not change appreciably within a single aquifer. Consideration of the CO2
phase behavior indicates that CO2 exists in a supercritical state under suitable aquifer conditions
where its density and viscosity vary, respectively, between 266 to 766 kg/m3 and 0.03 to
0.05mPa-s [9]. The density and viscosity of the formation brines, accounting for the typical range
of salt and mineral concentrations, range from 998 to 1230 kg/m3 and 0.195 to 1.58mPa-s,
respectively

[7]

. Both the density and viscosity of brine are greater than those of supercritical

CO2[10].
Within brine aquifers, CO2 is expected to be trapped mainly by the following three physical
mechanisms:
Capillary trapping refers to the process of immobilization of CO2 in microscopic pores of the
geologic formation through the action of capillary forces. Because the supercritical CO2 does not
wet the surface of the rock, small quantities are left trapped inside the pores, surrounded by the
wetting brine phase, as the CO2 drains locally due to its positively buoyant state [15].
Solubility trapping refers to the process of dissolving CO2 in the aquifer brine. Dissolution takes
place at the CO2/brine interface where the rate of dissolution is controlled by a complex
interaction of thermodynamic, chemical and hydrodynamic mechanisms. Thermodynamic
conditions of pressure, temperature and solution density as well as chemical composition of
dissolved salts and minerals in the brine govern the solubility of CO2 with respect to brine.
Accelerated dissolution takes place due to the process of natural convection which occurs as a

2

result of the increase in the density of saturated brine (solution of brine and aqueous CO2)

[22]

.

This hydrodynamic instability gives rise to negatively buoyant plumes of saturated brine within
an environment of unsaturated brine [14] that are responsible for switching the rate of dissolution
from a diffusive to a convective basis. The process of natural convection significantly increases
the amount of CO2 dissolved over long periods of time compared to the amount dissolved by
diffusion alone [23] in the absence of natural convection.
Mineral trapping is associated with the formation of solid precipitates of carbonates by the
chemical reaction among the dissolved CO2 and the calcium available in typical aquifer rocks
such as anorthite. Depletion of dissolved CO2 from brine through calcite formation lowers the
local concentration of dissolved CO2, which affects the behavior of hydrodynamic instability,
which in turn affects the rate of dissolution across the CO2/brine interfaces.

Figure 1. Schematic representation of the capillary trapping, solubility trapping and mineral trapping of CO2.

In figure 1, after injection of CO2 under the low permeable cap rock at high pressure and
temperature, it goes to supercritical phase and pools up above the aquifer. It also creates an
unstable rich-CO2 boundary layer above the brine. This then starts propagating downward as
fingers. Chemical reactions take place at the interface between the fingers and the brine which in
turn leads to a permanent source of trapping within the plumes. Mineral trapping within the
plumes is limited by various conditions: (1) the mineral composition contents; (2) the water
content. When either one of the two runs out, the process will come to a halt or new equilibrium

3

will be established. However, excess carbon dioxide will strongly influence this equilibrium as
well as the precipitation of carbonate, because the dissolution of CO2 results in acidification of
the system.
Although there are basic unresolved problems in all three areas noted above, this study would be
directed towards developing a fundamental understanding of the thermodynamic basis of
solubility as well as quantifying the relevant reaction kinetics associated with mineralization in
saline aquifers. These two processes play a pivotal role in the overall process of CO2
sequestration both by promoting enhanced solubility through natural convection as well as by
facilitating a stable form of trapping through carbonate precipitation. In the following, we
discuss the outstanding issues in each of these areas to help frame our objectives in §1.2
followed by a discussion of our methodology for addressing these issues in §1.3.
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Chapter 2: Objective and methodology
2.1. Objective
The principle objective of this study is to determine the mineral precipitation rate associated with
the process of CO2 sequestration in deep saline aquifers. The focus is on obtaining the rate of
mineral precipitation by combining the thermodynamics of the dissolution process with the
reaction kinetics of mineral trapping, under typical saline aquifers conditions. In order to find the
mineral precipitation rate, it is necessary to know the rate of dissolution of CO2 into brine. This
has been characterized for aquifer parameters of pressure, temperature, salinity and pH

[24]

.

However, earlier attempts to quantify the rate of dissolution as a function of aquifer parameters
have relied mainly on the experimental determination of activity coefficients that govern the
behavior of dissolution [25]. Moreover, most of the earlier works on finding the precipitation rate
of minerals have also been experimental in nature

[26]

. In contrast, in this work, all relevant

solubility and kinetic are calculated using fundamental thermodynamic principles. Hence, this
work provides a theoretical basis for quantifying a wide range of experimental data relevant to
saline aquifers that will further facilitate a coherent integration of the processes of solubility and
mineralization with those related to hydrodynamic instability.
2.2. Methodology
As can be seen in figure 2 the setup considered in this work consists of a two-phase region where
a CO2-rich (supercritical) phase [39] and the H2O-rich liquid brine phase coexist and are mutually
soluble

[36, 48]

. Dissolution across the interface can be characterized at a given pressure and

temperature by applying an appropriate solubility model for determining the partitioning
between the aqueous and gas phases

[6, 12]

. Subsequent chemical reactions in the aqueous phase

leading to the dissociation of carbonic acid are fast and can therefore be treated as equilibrium
reactions [27]. Because precipitation involves relatively slower reactions between the components
of dissociated dissolved CO2 and minerals in the brine, we need to take into account the kinetics
of these reactions, such as reaction order and rate constants [28].
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Figure 2 shows the reactions occurring during the dissolution of anorthite. The protons formed by the CO2-dissolution
will attack the anorthite, resulting in the release of Ca2+-ions. The calcium and bicarbonate or carbonate ions will together
result in the precipitation of calcite.

Characterization of equilibrium constants for aqueous reactions as well as rate constants and
reaction orders for precipitation reactions involves the determination of how the quantities of
molar volume and fugacity of CO2 change in response to changes in pressure and temperature
and affect the processes of solubility and precipitation. The latter process is responsible for
setting the rate of CO2 consumption because precipitation of CO2 as a calcite (CaCO3) causes a
corresponding decrease in the mass of CO2 in the aqueous phase. Actually, variations in the
precipitation of secondary carbonate minerals strongly depend on rock mineral composition and
their kinetic reaction rates.
The variation of molar volume and fugacity of CO2 in response to the change in pressure and
temperature can be calculated by applying the Redlich-Kwong [11] and related equations [61]. The
molar volumes recommended by NIST agree with those obtained with the modified RedlichKwong equation [60]. We determine the values of activity coefficients of CO2 based on the molar
volumes determined through the modified Redlich-Kwong equation

[60]

. In previous works, the

researchers used experimental data to obtain the activity coefficients of CO2 in saline aquifers [33,
39]

. In this study, the activity coefficients of CO2 are calculated based on the fugacity of CO2
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calculated through the corresponding values of molar volume and thermodynamic equilibrium
constants. We show how these changes affect solubility and the precipitation of CO2 in the liquid
phase and allow the measurement of the rate of CO2 consumption. As long as the equilibrium
reactions between each secondary species and the basis have been considered, any reaction
written among the secondary species is redundant in order to find the consumption rate of CO2
[13, 34]

. Furthermore, geochemical reaction path modeling, tracing the change of aqueous solution

compositions and speciation and minerals through time or reaction progress, has been used to
assess the extent of water-aqueous-gas interactions under reservoirs conditions with appropriate
ranges of temperature and pressure. According to the United States Geological Surveys (USGS)
[46]

respective parameters conforming to a general Arrhenius-type rate equation is applied to find

the dissolution and precipitation rates.
The method is implemented in a computer routine using FORTRAN, to model (1) the CO2-H2O
mixture by applying the new Redlich-Kwong parameters, and (2) aqueous solubility for gaseous
and liquid CO2 as a function of temperature, pressure and salinity (3) precipitation and
dissolution rates of minerals in aquifers as a function of temperature, pressure and pH of the
system. The results are compared with experiments at each step. Differences between
experimental and calculated results may arise due to factors not accounted for in the theoretical
model including, i.e. variations in grain size, aquifer heterogeneity, primary and secondary
mineral coatings, and secondary minerals that may lead to decreased porosity and permeability
[10]

. However, for the most part, mutual solubilities and the consumption rate of CO2 in liquid

phase reported by various sources are in good agreement with the results in this method.
2.3. Concluding remarks
Injection of CO2 in deep oceanic waters might temporarily reduce atmospheric CO2
concentrations, but it is not a final solution. In addition, it represents, at least for the time being,
an insurmountable technological challenge and involves high environmental risks related to
sudden release of CO2. Sequestration of CO2 through injection into deep geological reservoirs
and mineral carbonation represents two other options: (1) trapping as gas or supercritical fluid
below a low-permeable caprock, (2) precipitation of secondary carbonates. The last process or

7

mineral trapping is especially attractive as the virtually permanent CO2 fixation in form of
carbonates into relatively deep geological formations prevents its return to the atmosphere.
The following chapters are dedicated to the reactants, i.e. CO2 and products, i.e. the carbonate
minerals, their thermodynamic properties and the kinetics of relevant dissolution and
precipitation reactions.
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Chapter 3: Behavior of CO2 in supercritical and liquid phase
3.1. The geological sequestration of CO2
The scope of this stage is to find the behavior of CO2 after injection at high pressure into a
system made up of a relatively deep aquifer that has an aqueous solution with high molality of
salinity. First step, pressure and temperature can be calculated from the pressure gradient and
geothermal gradient. According to the average geothermal gradient of 33-  ./ , and

hydrostatic gradient of 100 01 ./ , a depth of 1 km the temperature and pressure will be

48-  and 101 01

[8]

. Under this condition a CO2-rich gas or liquid phase and an H2O-rich

liquid phase exist together. The effect of salinity on the mutual solubility of CO2 and H2O also
needs to be taken into account in addition to reactions between fluids and aquifer rocks.
3.2. The vapor-liquid curve equation
In thermodynamics, the triple point of a substance is the temperature and pressure at which three
phases for example, gas, liquid and solid coexist in thermodynamic equilibrium. The critical
point is used to denote the specifically the vapor-liquid critical point of a substance. The
supercritical phase is above the critical point whereas distinct liquid and gas phases do not exist.
The triple point of CO2 is at −56.57 ± 0.03-  and 5.185 ± 0.005 bar
is 30.978 ± 0.015-

[84]

[83]

and the critical point

Recent critical pressure estimate is 73.773 ± 0.003 bar [9, 71]. The vapor-

liquid curve equation extending from the triple point to the critical point with sufficient accuracy
(typically<0.4%) is:
log 9,): =

−863.6
+ 4.705
<,):

3- 1

where, 9,): is the vapor pressure in bar and <,): is in Kelvin [84]:
Melting curve (solid-liquid curve) is:

9=>': = 523.18 − 51.547 <=>': + 0.22695 <=>':

where, 9=>': is in bar and <=>': is in Kelvin.

9

3- 2

Table 1 shows the typical aquifer conditions.
Typical aquifer conditions

Temperature(°C)

Pressure(bar)

Salinity(molality)

pH

50-100

1-500

0-3

<6.5

Table 1 shows the typical aquifer conditions i.e. temperature, pressure, salinity, pH, etc. The
hydrostatic pressure covered in this study is 74-500 MPa, and the temperature is in the range of
323-373 K. According to the critical point of CO2 it is obvious that CO2 is a supercritical fluid
under most pressure and temperature conditions in the sequestrating of carbon [9].
3.3. Equation of state
According to the ideal gas law (Benoit Paule Emile Clapeyron, 1834), there is a relationship
between pressure, temperature and volume of the fluid: [10]
9=

?<
@

where @ stands for the molar volume of a gas and ? is the universal gas constant.

3- 3

According to the definition of an ideal gas, it is made up of infinitesimally small particles that do
not interact with one another. This condition is approached by real gases at low pressure and
high temperature. But under the reservoir conditions the ideal gas law is not applicable; therefore
we should use alternative EOS for real gases. For example according to van der Waals (1873)
and Rowlinson (1988) this relationship can be expressed by following equation:
9=

?<

− 
@−0 @

3- 4

where, a and b are correcting terms. The parameter b is the effective volume of the molecules

contained in a mole of gas, and the difference @ − 0 represents the volume available for the
movements of gas molecules, in other words the unoccupied or free volume per mole. The
second term on the right-hand side of equation (3-4) is a correction for intermolecular attractions.
Another form of EOS was expressed by Redlich and Kwong (1949):
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9=

?<

− A.
@ − 0 < @@ + 0

3- 5

In a modified Redlich-Kwong EOS (3-5) of Kerrick and Jacobs (1981) with different coefficients

for the supercritical range, b is constant and equal to 29.0 B/ /C  , whereas a is a function of

both T and V. Equation (3-5) fits the NIST (National Institute of standards and technology) data
for molar volume of CO2 (figure 4) [11].

The Redlich-Kwong EOS was further modified to explain the properties of CO2 at elevated
pressures and temperatures. For instance, the modified Redlich-Kwong EOS of Kerrick and
Jacobs (1981) as follows:
?<1 + D + D  − D 

9=
−
@1 − D 
< A. @@ + 0
where:
D=

0
4@

<, @ = B +

3- 6

3- 7

E F
+
@ @

3- 8

B = 290.78 − 0.30276 < + 0.0014774 <  × 10G 01 B/ H A. /C 
E = −8374 + 19.437 < − 0.008148 <  × 10G 01 B/ H A. /C 
F = 76600 − 133.9 < + 0.1071 <  × 10G 01 B/$ H A. /C $

Table 2. shows the values for b, c, d and e at 25, 50, 75 and 100°C.
Temperature(°C)

b

25

29.0

50

29.0

75

29.0

100

29.0

c

d

e

331.757 × 10G

−3305.349 × 10G

46208.7 × 10G

364.339 × 10G

−2596.679 × 10G

42973.04 × 10G

347.124 × 10G

−2945.922 × 10G

383.400 × 10G

−2257.622 × 10G
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44523.9 × 10G

41556.02 × 10G

3- 9

3- 10
3-11

The a and b parameters of the van der Waals and Redlich-Kwong EOS can be accurately
estimated by fitting the available P-T-v data for the considered gas [9]. Alternatively, they can be
obtained from the P-T-v data at the critical point

[11]

. The critical isotherm is horizontal at the

critical point, which also represents an inflation point of the critical isotherm, so both the first
and second partial derivatives of P with respect to V, at constant T, are equal to zero.
For van der Waals: [33]
9I =

?<I

− 
@I − 0 @I

O9
−?<I
2
MN P =
+  =0

K O@ QR @I − 0
@I
27 ?  <I
?<I
→ =
, 0=

O
9
2?<
6
64 9I
8 9I
I
LS
K O@  T = @ − 0  − @ $ = 0
I
I
J
Q

3- 12

3- 13

R

Same procedure to the Redlich-Kwong equation yields:
 = 0.4275

?  <I.
?<I
, 0 = 0.0866
9I
9I

3- 14

3.4. Molar volume of CO2
Molar volume can be calculated by substituting a and b obtained from equation (3-13) and (3-14)
into the equation (3-12). Therefore van der Waals and Redlich-Kwong equation can be expressed
by following equations:
@  − N0 +

@ −

?< 

0
P@ + U V@ −
=0
9
9
9

?< 
?<0

0
@ −N
− A. + 0  P @ − A. = 0
9
9
< 9
< 9

3- 15

3- 16

The minimum root gives the molar volume of the liquid phase whereas the molar volume of the
gas phase (or better of the vapor phase) is given by the maximum root (Spycher et al., 2003).
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Molar volume of carbon dioxide in gas phase
400

100°C

350

75°C

300

50°C

250
VCO2(cm3/mol) 200
150
100
50
0
0

100

200

300

400

500

Pressure (bar)
Figure 3. Shows the molar volume of CO2 computed by Redlich-Kwong
equation.

Figure 3 depicts the variation of molar volume of carbon dioxide with the pressure in reservoir
conditions (a temperature range of 50 to 100˚C and a pressure range of 74 to 500 bar). As we can
see, molar volume of CO2 initially decreases rapidly with increase in pressure and then, at higher
pressures, molar volume varies slowly in response to the change in pressure. On the other hand,
at higher temperatures, CO2 is found to occupy higher volume.
Molar volume of CO2
250
200

Molar volume
(cm3/mol)

150

50°C

100
50
0
0

100

200

300

400

500

Pressure (bar)
Figure 4. The molar volume of CO2 computed by Redlich-Kwong equation
(line) and molar volumes recommended by NIST (data from Lemmon et al.,
2003) are shown (squares).
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Figure 4 depicts the variation of molar volume of carbon dioxide at 50°C with the pressure in
reservoir conditions (a pressure range of 74 to 500 bar). As can be observed, the molar volumes
recommended by NIST (Lemmon et al., 2003) are satisfactory fitted by the Redlich-Kwong
equation.
3.5. Density of CO2

Since the molar volume of carbon dioxide is known, the density W is readily calculated:
XY
@

W=

3- 17

where, MW is molecular weight of CO2.
Density of carbon dioxide
1
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Figure 5. Density of CO2 computed at different temperatures and variable pressures by
means of the Redlich-Kwong equations.

Figure 5 depicts the variation of density of carbon dioxide with the pressure in reservoir
conditions (a temperature range of 50 to 100˚C and a pressure range of 74 to 500 bar). At lower
temperatures, it can be observed a sharp increase in the density of CO2 with increase of pressure.
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However, at higher temperatures, it is seen that density varies gradually in response to the
change in pressure.
3.6. Compressibility factor
Compressibility factor Z is defined in order to magnify the deviations from ideality (For a perfect
gas Z=1):
Z=

9@
?<

3- 18

At high pressures molecules are colliding more often. This allows repulsive forces between
molecules to have a noticeable effect, making the volume of the real gas (Vreal) greater than the
volume of an ideal gas (Videal) which causes Z to increase above one. In reservoirs pressures
range (up to 500 bar), the molecules are more free to move. In this case attractive forces
dominate, making Z < 1 [62].

Compressibility of carbon dioxide
1.2
1
0.8
100°C

Z 0.6

75°C
50°C

0.4
0.2
0

01

100

200

300

400

500

Pressure (bar)
Figure 6. Compressibility factor of CO2 computed at different temperatures and
pressures by means of Redlich-Kwong equation.

Figure 6 depicts the variation of compressibility of carbon dioxide with the pressure in reservoir
conditions (a temperature range of 50 to 100˚C and a pressure range of 74 to 500 bar). The
compressibility of CO2 has been found to decrease and reach a well. The well is deeper at lower
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temperatures and gradually increases with increase in temperature and pressure. The closer the
gas is to its critical point or its boiling point, the more Z deviates from the ideal case. Above the
100 bar Redlich-Kwong is more in agreement with NIST than van der Waals [1].
From what have been observed in above figures, density changes are directly related to changes
in molar volume during the sequestration of CO2. Carbon dioxide injected into aquifers moves
upwards because of buoyancy caused by the density differences between CO2 and formation
water, except for aquifers at high pressure and low temperature. CO2 compressibility effects may
play an important role in determining the size and geometry of the CO2 plume that will develop
when supercritical CO2 is injected in an aquifer.
3.7. Fugacity coefficient of CO2
Fugacity coefficient of CO2 is also defined to find the deviations from ideal condition (Appendix
1):
d

Q
d
]
1
1
1
?<
^_ − ^_- =
ln ∅ = ln =
S− ` ab E< + ` @b E9 T =
` N@ − P E9
?<
9 ?<
?<
9
Qc
dc

=

d

d

1
Z?< ?<
Z−1
`N
− P E9 = `
E9
?<
9
9
9
A

A

d

ln ∅ = `
A

Z−1
E9
9

d→A
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Here, Z is compressibility factor; P is pressure and ∅ is fugacity coefficient. As can be seen the
fugacity coefficients decrease with increasing pressure. For real gases only at very low total
pressures the following equation (3-18) is reasonable:
]_ = 9_ = D_ 9:-:)'

3- 20

In other words, for real gases only at very low total pressures, ∅ = e. Here, the fugacity of the
ith gaseous component is equal to its partial pressure fg .
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3.8. Fugacity coefficient of H2O and CO2 in H2O-CO2 mixtures
In general equation (3-21) is applied to compute fugacity coefficients in the CO2-rich phase:
@
0b
2 ∑j_k D_ _b
@ + 0=_h
ln ∅b = ln N
P+
−
ln N
P
⁄


@ − 0=_h
@ − 0=_h 0=_h ?<
@
=_h 0b
@ + 0=_h
0=_h
+ 
mln
N
P
−
n − ln Z
⁄
@
@ + 0=_h
0=_h ?<  
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where, i and k are the components in the mixture, for example water and CO2. It is reasonable to
assume infinite H2O dilution in the CO2-rich phase

[85]

. Under the hypothesis of infinite H2O

dilution in the CO2-rich phase, equations (3-22) and (3-23) reduce to the equation (3-24) for
CO2:
0=_h = Dopq 0opq + Drq p 0rq p

3- 22


=_h = Dop

+ 2Drq p Dopq rq popq + Drq p rq p
q opq

3- 23

0=_h = 0opq , =_h = opq

3- 24

Therefore, under the hypothesis of infinite H2O dilution in the CO2-rich phase, equation (3-21)
reduces to the following relation for H2O:
ln ∅_ = ln S

@opq
2rq popq
@opq + 0=_h
0_
T+
−
ln
S
T
@opq − 0=_h
@opq − 0=_h 0=_h ?< ⁄
@opq

@opq + 0=_h
=_h 0_
0=_h
+ 
sln
S
T
−
t − ln Zopq
@opq
@opq + 0=_h
0=_h ?< ⁄

Fitted Redlich-Kwong parameters by N. Spycher, K. Pruess and Ennis-King

[59, 85]
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are given in

table 3. Values of 0rq p and rq popq were derived assuming infinite dilution of H2O in the
compressed gas phase (i.e. Drq p = 0 uE Dopq = 1 in the mixture). The uncertainty represents

95% confidence. The fitted T range is 283-380 K.

17

Table 3 shows the coefficients values for Redlich-Kwong equation.
Parameter

Value

Units

opq

7.54 × 10v − 4.13 × 10$ × <H

01 B/G H A. /C 

0rq p

18.18 ±1.05

B/ ⁄/C

0opq

27.80 ±0.01

rq popq

6.23 × 10v ±0.08 × 10v

B/ ⁄/C

01 B/G H A. /C 

However, under the hypothesis of infinite H2O dilution in the CO2-rich phase, =_h and 0=_h
parameters are equal to a and b parameters of pure CO2.

Fugacity coefficient of H2O in CO2-H2O mixture
1.2
1
0.8

∅H2O 0.6
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Figure 7. Fugacity coefficient of H2O computed at 50, 75 and 100°C and variable pressures by means of the Redlichkwong equation.
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Fugacity coefficient of CO2 in CO2-H2O mixture
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Figure 8. Fugacity coefficient of CO2 computed at 50, 75 and 100°C and variable pressures by means of the Redlichkwong equation.

Figure 7 and 8 depict the variation of fugacity coefficient of carbon dioxide and water with the
pressure in reservoir conditions (a temperature range of 50 to 100˚C and pressure up to 500
bar).The fugacity coefficient of CO2 is generally higher than that of H2O. However, both of them
exhibit similar behavior with regard to variations in pressure. Fugacity coefficients decrease with
increase in pressure. At higher temperatures, the respective fugacity coefficients are found to be
higher than values at lower temperature. The fugacity coefficients of CO2 in CO2-H2O mixtures
are used to calculate the solubility of CO2 in the mixtures. According to the thermodynamics
equilibrium constants at given T, P, the solubility of carbon dioxide increases as the fugacity
increases.
3.9. Mutual solubility of CO2 and H2O in CO2-H2O mixtures
Thermodynamics equilibrium constants at any given T, P are:
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 ' ⇔  &

→ Hrq p,Q,d =

)* ⇔ &

rq px
rq py

→ Hopq ,Q,d =

=

]rq px z]r°q px

opqx

opq{|

rq py

=

°
]opqx z]op
qx
opq{|
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The mole fraction of dissolved CO2 is related to its molal concentration:
}opq =

/opq
/opq
}opq × 55.5
=
→ /opq =
≅ }opq × 55.5
1000
/opq + /rq p /
~1 − }opq 
+
opq
18.02
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By taking the activity coefficient of dissolved CO2,  equal to 1:
opq = /opq opq ≅ }opq × 55.5
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Therefore:
Hrq p,Q,d =
Hopq ,Q,d =

rq px
rq py

opqx

opq{|

=

=

]rq px z]r°q px
rq py

°
]opqx z]op
qx
opq{|

=

≅

]rq px

1 − }opq
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}opq × 55.5

3- 31

]opqx

The temperature dependence of these equilibrium constants are (T in ℃):

C Hrq p,Q,d° = −2.209 + 0.03097 < − 0.0001098 <  + 2.048 × 10v < 
log Hopq&
log Hopq '

,Q,d
,Q,d

° = 1.189 + 0.01304 < − 5.446 × 10 < 
° = 1.169 + 0.01368 < − 5.380 × 10 < 
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The respective values for the equilibrium constants at different temperatures are given in Table 4.
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Table 4. shows the equilibrium constants values at 50, 75 and 100°C.
Temperature (T in ℃)
Hrq p,Q,d°

Hopq '

,Q,d

°

In these calculations Hopq &

,Q,d

50℃

75℃

100℃

0.123197

0.382406

0.988098

52.2998

78.0504

88.77

° is used when the temperature and the volume of the gas phase

are above the critical parameters of CO2, 31℃ and 94 B/ /C  . Hopq '

,Q,d

° is used when the

temperature and the volume of the gas phase are below the critical parameters of CO2.
Whereas the effect of pressure is taken into account:
HQ,d = H Q,d° F} S

here, _ is the average molar volume.

~9 − 9°  _
T
?<
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where, 9° = 1 01 and rq p = 18.1 B/ /C  , opq = 32.6 B/ /C  .
Thermodynamics equilibrium constants of H2O
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Figure 9. Thermodynamics equilibrium constants of H2O computed at 50, 75 and 100°C
and variable pressures by means of the Redlich-kwong equation.
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Thermodynamics equilibrium constants of CO2
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Figure 10. Thermodynamics equilibrium constants of CO2 computed at 50, 75 and 100°C
and variable pressures by means of the Redlich-kwong equation.

Figure 9 and 10 depict the variation of thermodynamics equilibrium constants of carbon dioxide
and water with the pressure in reservoir conditions (a temperature range of 50 to 100˚C and
pressure up to 500 bar). It is seen the thermodynamic equilibrium constants increase
proportionately with both increase in pressure and temperature.
3.10. The activity coefficient of CO2 in NaCl solutions

According to Helgeson for computing the activity coefficient of )* in NaCl solutions of
different molalities based on the Henry’s law coefficients of Ellis and Golding [86, 87]:
)* ⇌ &

Hopq

° &
]I-qx ⁄]Iopq &
q
=
=
opq)*
/opq & × opq )*
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Since pH of the system after dissolution of CO2 is less than 6.3, it is safe to assume that

concentration of   dominates the total concentration. In other words, concentrations of

 and  can be neglected. The activity coefficient of CO2 can be determined
22

experimentally. This approach followed by Helgeson to compute the activity coefficient of CO2
in NaCl solutions of different molalities based on the Henry’s law coefficients of Ellis and
Golding [86]:
opq =

]I-qx

/opq& × Hopq

=

Hr,opq ,,-'
Hr,opq ,):>c
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where, Hr,opq,,-' and Hr,opq ,):>c are respectively the Henry’s Law coefficients for the saline
solution and for pure water as solvent

[86]

. The most applicable has been expressed by Ellis and

Golding, who used solubility data to calculate Henry’s law coefficients, KH, for carbon dioxide
in water and NaCl solutions [86, 87]:
.=

1
Hr
log S ° T
/
Hr
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here, k is the salting-out coefficient, m is the molality of NaCl, and Hr° and Hr are respectively
the Henry’s law coefficients for pure water as solvent and for the saline solution [86]. Adding salt

to the system CO2-H2O increases the Henry’s law coefficient and decreases the solubility of
carbon dioxide in the solution. Activity coefficient for CO2 can be expressed by the following
equation:
opq = 10b×=
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here, k is the salting-out coefficient, m is the molality of NaCl. Salting-out coefficient is
temperature dependent and can be determined by following equation [86]:
. =  + 0< + B<  + E<  + F log <
Coefficients for use equation (3-41) are given in Table 5 [63].
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Table 5. shows the coefficients values which are used in equation (3-41).

k

a

b

c

d

e

108.875

0.174114604

−1.9845113 × 10$

1.0131668 × 10v

−58.867703

At a given temperature salting-out coefficient can be calculated, by knowing the molality of
NaCl, the ratio of Henry’s law coefficients can be determined which is equal to activity
coefficients of CO2 in NaCl solutions. The Henry’s law coefficient at given temperature can be
calculated by following equation:
Hr = −7656970 − 3122.11449 < + 1.092229 <  + 1.880778 × 10 < 
+ 3.1771246 × 10G log <
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In this study, the activity coefficients of CO2 are calculated based on the fugacity of CO2
calculated through the corresponding values of molar volume and thermodynamic equilibrium
constants:
opq =

]I-qx

/opq & × Hopq

3- 43

Activity coefficients of dissolved CO2 from Helgeson’s experimental results are given in Table 6.
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Table 6. Shows activity of water and activity coefficient of dissolved CO2 for 1,
2 and 3 mol kg-1 NaCl aqueous solutions (from Helgeson, 1969) at the
temperatures of interest (values at 75°C have been obtained by interpolation).

/)o'

Temperature

25℃

50℃

75℃

100℃

1

0.9669

0.9667

0.9667

0.9669

2

0.9316

0.9308

0.9308

0.9315

3

0.8932

0.8919

0.8918

0.893

1

1.27

1.24

1.22

1.20

2

1.57

1.50

1.46

1.44

3

1.93

1.80

1.75

1.74

Activity of water Urq py V

Activity coefficient of
dissolved CO2~opq 

Figure 11 depicts the variation of activity coefficient of carbon dioxide with variable temperature
in reservoir conditions (a temperature range of 25 to 100˚C). The model calculates the acitivity
coefficient with respect to the molar volume of supercritical CO2. It has been found to be in good
agreement with Helgeson’s experimental results in supercritical range (a temperature range of 50
to 100˚C).
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Activity coefficient of CO2
2
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γCO2

1.4
1.2

Helgeson

1

Model

0.8
0.6
298.15

318.15

338.15

358.15

Temperature (K)
Figure 11. Activity coefficient of CO2 computed at 1 bar and
variable temperatures by means of the Redlich-kwong equation.

3.11. Mole fraction of CO2 in liquid phase
According to the previous equation:
]_ = _ D_ 9
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here, D_ denotes the mole fraction of the ith component in the gas mixture.
]rq px = rq p × Drq p × 9 = Hrq p,Q,d × ~1 − }opq 

]opqx = opq × Dopq × 9 = Hopq ,Q,d × }opq × 55.5

Drq p =

Hrq p,Q,d° ~1 − }opq 
rq p × 9

F} S

~9 − 9°  × 18.1
T
?<
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}opq =

opq × Dopq × 9
~9 − 9°  × 32.6
F} S−
T
Hopq,Q,d° × 55.5
?<

opq × ~1 − Drq p  × 9
~9 − 9°  × 32.6
=
F} S−
T
Hopq ,Q,d° × 55.5
?<
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Figure 12. Mole fraction of CO2 in aqueous phase verses pressure at various temperatures: Comparison of
model results (lines) with Nicolas Spycher and Karsten Pruess’ experimental data (symbols) (2003).
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CO2 in aqueous phase at 100oC
0.03
Model
0.025
Wiebe & Gaddy (1939)
0.02
Malinin & Kurovskaya (1975)

Mole %

0.015
Mueller et al. (1988)
0.01
Shagiakhmetov & Tarzimanov
(1981)

0.005

Koschel et al. (2006)
0
0

100

200

300

400

500

Prutton & Savage (1945)
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Figure 13. Mutual solubility of CO2 and pure water: Comparison of model results (line) with experimental
data (symbols) at 100°C and up to 500 bar.

The mole fraction of CO2 in aqueous phase without salinity has been found to increase with
increase in pressure. However temperature has an adverse effect on the mole fraction. Higher
temperatures lead to decreasing mole fractions. According to the Figure 12 and Figure 13, for the
most part, mutual solubilities of CO2 in liquid phase reported from the other researchers are in
good agreement with the results in this method but in figure 12 there is discrepancy between
model and experimental data at higher temperatures and pressures. Differences between
experimental and calculated results is due to the hypothesis of infinite dilution of water in CO2rich liquid phase [13] and also may arise due to factors not accounted for in the theoretical model
including, i.e. aquifer heterogeneity, diffusion and convection. The average of the deviations
from the model line was found using the available data points from experiments and is given in
Table 7.
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Table 7 shows the average deviations (in percent) of experimental results from the model.
Previous experimental results

Average deviation (%)

Wiebe & Gaddy(1939)

7.24

Malinin & Kurovskaya(1975)

2.32

Muller et al.(1988)

9.74

Shagiakhmetov & Tarzimanov(1981)

3.97

Koschel et al.

3.25

Prutton & Savage

4.89

This approach can be used for calculating mutual solubilities of CO2 and H2O in CO2-H2O
mixtures compare with experimental data. Peng-Robinson EOS is also applied to compute the
solubility of CO2-H2O mixtures from 25 to 350oC and up to 1,000 bar. The Peng-Robinson EOS
is more complex than the Redlich-Kwong equation, and it reproduces the liquid-vapor boundary
with good accuracy [88].
3.12. Impact of dissolved salts on the mutual solubility of CO2 and H2O
The previous equation should be modified by changing the activity of liquid water and the
activity coefficient of dissolved CO2, which was assumed to be unity for the CO2-H2O binary.
Drq p =

Hrq p,Q,d° rq p
rq p × 9

~9 − 9°  × 18.1
F} S
T
?<
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At this point, the mole fraction of CO2 in the aqueous phase is:
}opq =

/opq
/opq
=
/opq + /rq p + 2 × /)o' /opq + 55.508 + 2 × /)o'
/opq =

}opq 55.508 + 2 × /)o'
1 − }opq
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For this system, since we assume complete dissociation of dissolved NaCl into Na+ and   ions:
opq = /opq opq =

}opq 55.508 + 2 × /)o'
opq
1 − }opq
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According to previous equations:
Hopq ,Q,d =
opq{| =
=

]opqx

Hopq ,Q,d

opqx

opq{|
=

=

°
]opqx z]op
qx
opq{|

=

]opqx

opq{|
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opq × Dopq × 9

~9 − 9°  × 32.6
Hopq ,Q,d° F} S
T
?<

opq × ~1 − Drq p  × 9
~9 − 9°  × 32.6
F} S−
T
Hopq ,Q,d°
?<
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By solving two equations, opq{| and }opq can be calculated.

Mole fraction of carbon dioxide with respect to NaCl molality at 50°C
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Figure 14. Mole fraction of CO2 in pure and saline water computed at 50°C and variable
pressures and salinity by means of the Redlich-kwong equation.
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Mole fraction of carbon dioxide with respect to NaCl molality at 75°C
0.03
Pure water

0.025

1 m NaCl

0.02

2 m NaCl

XCO2 0.015

3 m NaCl

0.01
0.005
0

10

100

200
300
Pressure (bar)

400

500

Figure 15. Mole fraction of CO2 in pure and saline water computed at 75°C and variable
pressures and salinity by means of the Redlich-kwong equation.

Mole fraction of carbon dioxide with respect to NaCl molality at
100°C
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Figure 16. Mole fraction of CO2 in pure and saline water computed at 100°C and
variable pressures and salinity by means of the Redlich-kwong equation.

As can be observed in figure 14, 15 and 16 the mole fraction of CO2 increases as the pressure
increases. However, the mole fraction of CO2 decreases as the molality of NaCl increases.
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3.13. pH of the system after dissolution of CO2 in brine
After dissolution of CO2 in brine, carbon dioxide exists in equilibrium with carbonic acid:
 +   ⇌  
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The hydration equilibrium constant at 25 °C is called Kh, which in the case of carbonic acid is
[H2CO3]/[CO2] = 1.70×10−3: hence, the majority of the carbon dioxide is not converted into
carbonic acid, remaining as CO2 molecules.

[18, 19]

Carbonic acid is diprotic; it has two protons,

which may dissociate from the parent molecule. Thus there are two dissociation constants, the
first one for the dissociation into the bicarbonate (also called hydrogen carbonate) ion: [20, 21]
  ⇌  +  + → H) = 4.45 × 10v →

H) = 6.352  25℃
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The second for the dissociation of the bicarbonate ion into the carbonate ion CO32−:

H) = 4.69 × 10

→

 ⇌  +  +

H) = 10.329 at 25℃ and Ionic strength = 0.0
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Concentration of [H+] can be expressed by: [19, 20]
 + 

≈ S10

 $

+

H H) ]opqx
Hr

T

⁄
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According to this equation, concentration of H+ can be determined at given temperature and
pressure. Henry’s coefficient is also temperature dependent. Therefore concentration of H+ can
be affected by variation of pressure and temperature. According to the previous equation,
concentration of H+ increases as pressure increases. Accordingly, pH of the system can be
calculated based on concentration of H+ by the following equation:
 = −C + 
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Figure 17. pH of the system computed at 25, 50, 75 and 100°C and variable pressures.

Figure 17 depicts the variation of pH with respect to the change in pressure. The pH decreases
with an increase of the pressure of the system. In other words, the greater the pressure above the
brine the more acidic is the brine. Due to the carbonic acid, pH of the system decreases after
dissolution of CO2. Carbon dioxide is soluble in water, in which it spontaneously interconverts
between CO2 and H2CO3 (carbonic acid). The relative concentrations of CO2, H2CO3, and the
deprotonated forms  (bicarbonate) and  (carbonate) depend on the concentration of

H+:

  +   →   !

  ! →  ! +  + !

 ! →  ! +  + !
  →  + ! +   !

log H = −1.46
log H = −6.35

log H = −10.33
log H = −14
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Distribution of aqueous species in an open system without salinity, so the activity coefficients
are 1: [7]
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   = Hr 9opq

H)
H)
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  + 
H)    H) Hr 9opq
=
→   =
=
  
 + 
 + 

  + 
=
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H)   H) H) Hr 9opq
=
=
 + 
 + 
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Figure 18. Concentration of H2CO3 computed at 50, 75 and 100°C and variable pressures.

As could be seen in figure 18, concentration of H2CO3 increases as the pressure increases. But
temperature has an adverse effect on concentration of H2CO3. In other words, the higher
temperatures lead to decreasing the concentration of H2CO3 at lower pressure.
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Figure 19. Concentration of  computed at 50, 75 and 100°C and variable pressures.

It is indicated in figure 19, concentration of  increases with increase in pressure. However,

increase in temperature will result in decrease of concentration.

Concentration of  remains very small. In other words, based on the pH of the system,

concentration of H2CO3 dominates the total concentration.
3.14. Conclusion

In the above-mentioned text the equations needed to carry out thermodynamic equilibrium
calculations between liquids and gases have been recalled. This chapter is focused on CO2-H2O
fluids. It has been found that, the greater the pressure above the brine the more soluble CO2 is in
the brine. In other words, the mole fraction of CO2 increases as the pressure increases. However,
temperature and salinity have inverse effects on solubility of CO2 in aqueous phase. Therefore,
higher temperatures and salinities lead to decreasing solubility of CO2. For the moment aquifer
rocks have been assumed are totally unreactive in the short-term behavior of our system.
Furthermore, the reactions between fluids and aquifer rocks should be taken into account to
predict the long-term behavior of the system. Next chapter is devoted to briefly review the
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structure of calcite and the thermodynamic stability of the other expected product solid phases of
geological CO2 sequestration and mineral carbonation.
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Chapter 4: Major carbonate minerals
4.1. The stability of the carbonate minerals of Ca and Mg
Virtually permanent CO2 sequestration in form of solid carbonates into relatively deep geological
formations is one approach to get a rid of large amounts of CO2. This approach involves the
dissolution of primary phases and the precipitation of new phases, mainly carbonates. Calcite is
the most important carbonate minerals and has been the subject of several geochemical
investigations recently

[89, 90]

. Since the thermodynamic properties of Ca-, Mg- minerals are

known; let us investigate their stabilities in the system. For example, in deep reservoirs
conditions, fugacity values of CO2 are high, so calcite is a wide spread mineral. On the other
hand, Portlandite exists at low fugacity values of CO2 that rarely can be found in deep reservoirs
conditions.
Table 8. shows thermodynamic equilibrium constants:
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The stability of each carbonates at constant temperature and pressure can be displayed by a plot
of the molality ratio of calcium and magnesium which is given in table 6 with respect to fugacity
of carbon dioxide

[91]

. Thermodynamic equilibrium constants, at 25°C of the chemical reactions

used to construct the log-log diagram of Ca/Mg activity ratio vs. CO2 fugacity are given in Table
8.
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Stability of Carbonates
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Figure 20 Log-log plots of the Ca2+/Mg2+ activity ratio vs. CO2 fugacity, showing the stability relations in the CaOMgO-CO2-H2O system at 25°C. This figure also reflects the effect of pH on the activity ratio because fugacity and
pH are directly related through equations (3-59) and (3-60).

According to the Schreinemakers’ rule “Phase boundaries, when produced, must extend into
fields with a higher number of phases or in other terms, no divariant assemblage can be stable

within a sector that makes an angle of more than 180° measured between any two univariant
lines in the same bundle [92, 93].
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Solubility of carbonates
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Figure 21. Log-log plots of the Ca2+/Mg2+ activity ratio vs. CO2 fugacity, showing the stability relations in the CaOMgO-CO2-H2O system at 25°C.

As could be seen in Figure 21 the main carbonate minerals are Ca-, Mg- and Ca-Mg-carbonates.
Calcite and dolomite are the two most stable carbonate minerals under reservoirs conditions. In
deep reservoirs conditions, the conditions of temperature and pressure typical of saline aquifers,
i.e. 50 to 100˚C and 1-500 bar, respectively. Fugacity values of CO2 are high, so calcite and
dolomite are two wide spread minerals [1].
4.2. The product solid phase
Formal description of calcite and dolomite structure (Reeder, 1990) is given in Table 9.
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Table 9. Cell parameters and positional parameters of dolomite refer to the Lake Arthur
specimen of composition  .AA XA. A.A   [89].

Class symmetry

Calcite

Dolomite

Trigonal scalenohedral

Trigonal rhombohedral

Hexagonal,

Hexagonal,

rhombohedrally,centred

rhombohedrally,centred

?3B (No. 167)

Space group
Unit cell
Cell contents

Cell parameters

?3 (No. 148)

6

3X

a=b=4.9896 Å



a=b=4.8069 Å

c=17.0610 Å

c=16.0034 Å

Ca in 3 (a): 0, 0, 0
Ca in 6 (b): 0, 0, 0

Mg in 3 (b): 0, 0, ½

C in 6 (a):0, 0, 1/4

O in 18 (f): }p , Dp , %p

Atom positions
O in 18 (e): x, 0, ¼
X=0.2568

C in 6 (c): 0, 0, %I
%o = 0.242824

}p = 0.247767

Dp = −0.035257
%p = 0.244042

For any mineral, the volume of the unit cell, @A is given by (Pauling, 1970):
@A = 0B1 + 2 cos  cos cos  − BCa   − BCa  − BCa  

For the hexagonal crystal system:  =

= 90° and  = 120°. Hence:
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⁄

3- 1

@A = 0B1 − BCa  120

The molar volume @ B/ /C 
@=

⁄

= 367.85 Å

3- 2

can be computed by knowing the unit cell volume:

@A × ¡¢ × 10$
= 36.92 B/ /C 
Z

3- 3

here Z is the number of molecules in the unit cell which is 6 for calcite, ¡¢ the Avogadro’s
number and 10$ the transformation factor from Å to B/ . Then the density W can be
determined:

W=

XY 100.091
=
= 2.71  B/
@
36.92

3- 4

Parameters of calcite are related to its density. Since density of calcite is greater than density of
brine; after the reaction between calcium ion and carbonate, it precipitates toward the bottom of
the aquifers.
4.3. Conclusion
All the outcomes of the previous discussion are based on purely thermodynamic considerations.
As long as the equilibrium reactions between each secondary species and the basis have been
considered, any reaction written among the secondary species is redundant in order to find the
consumption rate of CO2

[13, 34]

. Things might be different if the system does not attain stable

chemical equilibrium, as assumed above. In this case, it is reasonable to assume that either
huntite or calcite will form, depending on the Ca2+/Mg2+ activity ratio. This possibility is shown
in the log-log plots of Ca2+/Mg2+ activity ratio with respect to the change in CO2 fugacity of
figure 21. Furthermore, geochemical reaction path modeling, tracing the change of aqueous
solution compositions and speciation and minerals through time or reaction progress, is used in
chapter 4 to assess the extent of water-aqueous-gas interactions under reservoirs conditions with
appropriate ranges of temperature and pressure. According to the United States Geological
Surveys (USGS) [46] respective parameters conforming to a general Arrhenius-type rate equation
is applied to find the dissolution and precipitation rates.
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Chapter 5: The kinetics of the mineral carbonation
5.1. Precipitation and Dissolution rate
Chemical equilibrium models can be used to describe properly reversible and fast reactions only.
In contrast, a kinetic approach becomes necessary when dealing with irreversible reactions like
precipitation of calcite involving dissolved CO2 and carbonate. Precipitation rate constant can be
calculated from the equilibrium constant and the dissolution rate constant:
H>*£_'_¤c_£=

+
.¥_,,-'£:_-j
= 
.¦c>I_¦_:):_-j

4- 1

5.2. Dissolution rate constant
Geochemical reaction path modeling, tracing the change of aqueous solution compositions and
speciation and minerals through time or reaction progress, has been used to assess the extent of
water-aqueous-gas interactions under reservoirs conditions with appropriate ranges of
temperature and pressure. According to the United States Geological Surveys (USGS)

[46]

respective parameters conforming to a general Arrhenius-type rate equation is applied to find the
dissolution and precipitation rates. According to Arrhenius equation for natural media:
+
.¥_,,-'£:_-j
=  F} N−

§)
§
P → log . + = log  −
?<
2.3025 ?<

4- 2

Dissolution rate of minerals can also be affected by the pressure of the system. From what has
been observed in figure 17 the greater the pressure above the brine the more acidic is the brine.
Due to the production of carbonic acid, pH of the system decreases after dissolution of CO2. The
effect of pressure can be taken into account implicitly by extending the standard Arrhenius eq.
with a pH based term, as posed by USGS:
log . + = log  −

§
−u× 
2.3025 ?<
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5.3. Precipitation rate of minerals
According to the table 10, dissolution rates of minerals can be calculated with respect to the pH
of the system. On the other hand regarding to the Arrhenius equation dissolution rate can be
expressed at different temperatures. By applying equation 4 − 1

with respect to the

equilibrium constant of each reaction, precipitation rate of minerals can be determined.
Table 10. USGS data for the kinetics of the minerals. [81]
Acid Mechanism

Neutral Mechanism Base Mechanism

a

log k

E

n

log k

E

Anorthite

-3.50

16.6

1.411

-9.12

17.8

Calcite

-0.3

14.4

1.000

-5.81

23.5

log k

E

n

-3.48

35.4

1.000

here, a. log rate constant k at 25°C and pH = 0, log mole m-2 s-1, b. Arrhenius activation energy
E, kJ mole-1, c. Reaction order n with respect to H+, d. Reported values for k and E from
Incenhower and Dove (2000). The acidic, neutral, and basic regions were selected by Hellman
(1994a) to be the ranges of pH 1.3 to 4.0, 5.6 to 8.2, and 8.6 to 10.3 respectively.
First let us find the pre-exponential factor for dissolution of calcite (According to the table 9 rate
constant k at 25°C and pH = 0) by applying equation (4-3). The equilibrium constant of calcite is
10-8.3 at 25°C.
 = 167.6
Dissolution rate of calcite can also be affected by pH of the system. Whereas the effect of
pressure is taken into account in Arrhenius equation:
log . + o)'I_:> = log  −

§
−u× 
2.3025 ?<
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Figure 22. Dissolution rate of calcite in aqueous phase computed at
50, 75 and 100°C and variable pressures.

Figure 22, depicts the variation of dissolution rate of calcite with respect to the change in
pressure. The dissolution rate of calcite has been found to increase with increase in pressure and
temperature.
5.4. Precipitation rate of Calcite
Precipitation rate of calcite can be calculated from the equilibrium constant and the dissolution
rate constant (equation 4-1):
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Precipitation rates of calcite at 25˚C
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Figure 23. Precipitation rate of calcite in aqueous phase computed
at 25°C and variable pressures.

Figure 23 depicts the variation of the precipitation rates of calcite at 25°C with viable pressue.
The precipitation rate of calcite has been found to increase with increase in pressure and
temperature. In order to store CO2 in solid phase as , free calcium + which provided

by anorthite is also necessary. After finding the dissolution rate of anorthite, the rate-limiting in
this process can be determined.
Pre-exponential factor for dissolution of anorthite can also be calculated by using equation (4-3):
 = 0.257
According to the Arrhenius equation, by considering effect of temperature, pressure and pH,
dissolution rate of anorthite can be expressed by the equation (4-3):
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Figure 24. Dissolution rate of anorthite in aqueous phase computed at 50, 75 and 100°C and
variable pressures.

Figure 24 depicts the variation of dissolution rate of anorthite with respect to the change in
pressure. The dissolution rate of anorthite has been found to increase with increase in pressure
and temperature.
5.5. Concluding remarks
Very few of these experiments have been investigated under CO2 partial pressures of interest in
geological CO2 sequestration. Furthermore, most of the obtained laboratory rates are difficult to
be compared with one another because of their dependence on either the adopted experimental
conditions (i.e. pH and temperature ranges, composition and ionic strength of the solution,
structural and compositional variability of the minerals, surface activation energy, etc.). The
most available data on the kinetics of dissolution and precipitation from the USGS have been
used to find the dissolution/precipitation of calcite and anorthite.
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Chapter 6: Conclusion and Future work
The setup considered in this work consists of a two-phase region where CO2-rich (supercritical)
phase and H2O-rich liquid brine phase coexist and are mutually soluble. In previous works, the
researchers used experimental data to obtain the activity coefficients of CO2 in saline aquifers. In
this study, activity coefficients of CO2 have been determined through the modified RedlichKwong equation. These values are calculated based on the fugacity of CO2 calculated through
the corresponding values of molar volume and thermodynamic equilibrium constants. The molar
volumes recommended by NIST agree with the ones obtained in this research. It has been found
that higher activity coefficients lead to decreasing mole fraction of CO2 in aqueous phase.
From what have been observed in this study, it is found that the dissolution rate of anorthite is
the rate-limiting process in sequestration of CO2 under the conditions of temperature and
pressure typical of saline aquifers, i.e. 50 to 100˚C and 1-500 bar, respectively. As long as, Ca2+
is available in brine, the reaction proceeds based on the precipitation rate of calcite. After all the

dissolved Ca2+ has been consumed by the reaction with  , in order to store CO2 as calcite,

Ca2+ needs to dissolve out of the mineral surface for further reaction to take place. In this case,

dissolution rate of anorthite dominates the net rate process. In order to store CO2 via mineral
trapping, both time and contact surface area play important roles. The consumption rate of CO2,
which has been expressed in terms of contact surface area, may prove to be vital for future work.
Since, the dissolution rate of anorthite increases with the increase in pressure and temperature
(figure 24), both pressure and temperature accelerate the consumption rate of CO2. In other
words, for a specific period of time, larger amount of CO2 is trapped as solid phase at higher
temperature and pressure. At higher pressures, the molar volume of CO2 also decreases and leads
to a greater density of CO2. The solubility of CO2 in liquid phase increases as pressure increases.
However, temperature and salinity have inverse effects on the solubility of CO2 in aqueous
phase. Therefore, higher temperatures and salinities lead to decreasing solubility of CO2. The
consumption rate of CO2 in aqueous phase increases with an increase in both the aquifer pressure
and temperature, which is favorable for the mineral trapping of CO2. However, with respect to
solubility trapping of CO2, in contrast to the beneficial effect of higher values of pressure, higher
values of temperature show a detrimental effect.
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The results related to the solubility of CO2 are compared with experiments in figures 4, 11, 12
and 13. Differences between experimental and calculated results may arise due to factors not
accounted for in the theoretical model including, i.e. variations in grain size, aquifer
heterogeneity, diffusion, convection, primary and secondary mineral coatings, and secondary
minerals that may lead to decreased porosity and permeability.Under these restrictions, mutual
solubilities and the consumption rate of CO2 in liquid phase reported by various sources are in
good agreement with the results in this method.
Future work
In this study, the dynamics of moving fluid has not been considered. However, this study has
provided data that would go hand in hand in providing both the right boundary conditions and for
determining the appropriate reaction rates for the chemical reaction equations that go along with
governing equations for the fluid dynamics. Thus the simulation of fluid flow and mineral
reactions in a fracture within porous media can be achieved. The effects of convection, diffusion,
and precipitation and dissolution reactions on the CO2 sequestration when taken into account
together may result in diverse flow features that need to be explored.
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Nomenclature
X……………………………………………………………………………………..Magnesium
S ………………………………………………………………………………………….. Entropy
V ………………….………………………………………………………………………. Volume
^_,ª ………………………..… Chemical potentials of the ith chemical component in the phase α
_,& …………………………..……………………………………………… Fugacity coefficient
P ………………………………..……………………………………………... Total gas pressure
D_,& ………………………………….…... Molar fraction of the ith component in the gas phase g
_,« …………………………………………………………………………… Activity coefficient

}_,« ………………………………….... Molar fraction of the ith component in the liquid phase L
]_- ……….…. Fugacity of component i in a condition of reference which is called standard state
sk …………….………………………..…………………………….Molar entropy of substance k
vk ……………….………………………………………………….. Molar volume of substance k
T ……………………………………………………………………………….…….. Temperature
P …………………..………………………………………………………….. Pressure of interest
Tr ……………………..… Temperature of a given arbitrarily but suitably chosen reference state
Pr …………..…………………… Pressure of a given arbitrarily but suitably chosen reference state
∆ ………….………………………………………………………………….. Gibbs free energy
∆ - ………………..……………………………Standard state Gibbs free energy of the reaction
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@_ …………………..…………………………………………………. Stoichiometric coefficient
¡¢ ……………………………………………………………………… The Avogadro’s number
.® …………………..….……………………….. Boltzmann’s constant, 1.38066 × 10 ¯ H 

W ……………………..…………………………………………………………… Density of CO2
MW …………………………………………………………………………….. Molecular weight
Z ……………………………………………………..….………………… Compressibility factor
∅ ………………………………………………………..……………. Fugacity coefficient of CO2
HQ,d ……………………………………………………...………………… Equilibrium constants
_ …………………………………….…………………………………… Average molar volume
± ….….. Mean stoichiometric activity coefficient of a completely dissociated binary electrolyte
° ̅ ………….…………………………………………………………………… True ionic strength

F …………….………………………………………………………… Absolute electronic charge
²A ……………….……………………………………………………… Permittivity of free space

² …………………………………………………………………… Relative permittivity of water
k …………………………………………………………………………… Salting-out coefficient
m ………………………………...……………………………………………… Molality of NaCl
Hr° ………………….…………….…………...Henry’s law coefficients for pure water as solvent

Hr ……………………………………………….. Henry’s law coefficients for the saline solution
u∗ …………………………………………………. the sum of the molalities of the solute species
Hr,opq ,,-' …………………………………...…... Henry’s Law coefficients for the saline solution
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Hr,opq ,):>c …………………………………..Henry’s Law coefficients for pure water as solvent
D_ …...…………………..…….………….. Mole fraction of the ith component in the gas mixture

Z …………...…………………………………………. is the number of molecules in the unit cell
¡¢ ………………..……………………………………………………… The Avogadro’s number
Ksp …………………………………………………. Thermodynamic solubility product of calcite
) ………………………………….……………… Pre-exponential factor in Arrhenius equation

§) ………………………...………………………………………………. Activation energy term

? …………………………...……………………………………………… Universal gas constant

1I,:kA ……………………………………………….. Average radius of the crystals at time “zero”
® ……………………………………..…….. Concentration of the solute in the aqueous solution

, ………………………………………...……………. Concentration close to the crystal surface
´_ …………………………………………….……………… Electronegativity of the ith element

}opq ……………………………………………….……………. Mole fraction of CO2 in solution
a ………..……… log rate constant k at 25°C and pH = 0, log mole m-2 s-1 for use with (eqn 135)
b. …………….…………………………………………. Arrhenius activation energy E, kJ mole-1
c. ………………..…………………………………………… Reaction order n with respect to H+
d. …………………...………….. Reported values for k and E from Incenhower and Dove (2000)
  . ……………………………………..………………………………………Anorthite

 . …………………………………………………………………...………….Carbonic acid

 . ……………………………………………..………………………………….Bycarbonate
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 . …………………………………………………………………………………....Carbonate
Q . …………………………………………………………………………….Total Concentration
µ. …………………………………………………………….………………Damkohler number
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Appendix 1
The chemical potential
For each chemical component i, the chemical potential ^_ , in a homogeneous single phase of

different chemical components, is equal to the partial derivative of the Gibbs free energy of the
system, G, with respect to the moles ni of ith component, at constant pressure P, temperature T,

and composition of all constituents except i:
^_ = N

O
P
Ou_ d,Q,j

¶

The fundamental independent variables for G, as indicated by the relation:
E = −E< + E9
where, S is the entropy and V the volume.
Certain thermodynamic requirements exist for establishment of equilibrium conditions between
components in different phase of heterogeneous systems. The first important requirement is that
these phases must be equal in temperature for thermal equilibrium to exist. In other words, there
is no net interphase heat flow at equilibrium. Second and more important condition of phase
equilibria is that the chemical potential of each component must be the same in each phase.
There are two ideal solution laws that govern the equilibrium between gas and liquid phases. The
first of these, Raoult’s law, governs the behavior of solid or liquid substances with respect to
vapor phase. The second, Henry’s law, governs the behavior of extremely dilute aqueous
solution of dissolved solutes with respect to air (Luigi Marini, 2007). For a heterogeneous
system, i.e. consisting of two or more phases, the equilibrium distribution of a given chemical
component i between two phases α and β is described by:
^_,ª = ^_,·

where ^_,ª and ^_,· are the chemical potentials of the ith chemical component in the two phases α

and β, respectively [4].
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Fugacity and activity coefficients
For applying this equation it is convenient to introduce two additional functions: the activity and
the fugacity. Fugacity and activity coefficients both describe how real mixtures deviate from

ideal mixtures. Both fugacity coefficient _,& and activity coefficient _,« approach 1 when real
mixtures approach the ideal behavior. What exactly is an ideal gas? An ideal gas is one that
exactly conforms to the kinetic theory. The kinetic theory, as stated by Rudolf Clausius in 1857,
has five key points:
Gases are made of molecules in constant, random movement. Gases like Argon have 1-atom
molecules.
The large portion of the volume of a gas is empty space. The volume of all gas molecules, in
comparison, is negligible.
The molecules show no forces of attraction or repulsion.
No energy is lost in collision of molecules; the impacts are completely elastic.
The temperature of a gas is the average kinetic energy of all of the molecules.
_,& D_,& 9
= _,« }_,«
]_-

where, P is total gas pressure; _,& is the fugacity coefficient and D_,& is the molar fraction of the
ith component in the gas phase g. _,« is the activity coefficient and }_,« is the molar fraction of

the ith component in the liquid phase L. ]_- is the fugacity of component i in a condition of
reference which is called standard state. In general, however, we have to know the relations
describing how _,& and _,« depend on temperature, pressure and composition:

_,& = ]<, 9, D , D , D , …

and

_,& = ]<, 9, } , } , } , …

The chemical potential should be found by measurable variables, temperature, pressure and
composition. But finding absolute values of the chemical potential is difficult to be measured. To
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overcome this difficulty, variations in the chemical potential need to be calculated. This is the
equation that links the chemical potential of given substance k to temperature and pressure.
E^b = −ab E< + @b E9
here, sk and vk are the molar entropy and the molar volume of substance k, respectively. By
integrating of the equation:
Q

d

^b,Q,d = ^b,Qc,dc − ` ab E< + ` @b E9
Qc

dc

where, T and P are the temperature and pressure of interest, Tr and Pr are the temperature and
pressure of a given arbitrarily but suitably chosen reference state, respectively.
If the thermal and volumetric properties of substance k are known over the temperature interval
Tr to T and the pressure interval Pr to P, respectively, then it is possible to compute the two
integrals ¹Qc ab E< and ¹dc @b E9, but the term ^b,Qc,dc the chemical potential at the reference state
Q

d

is still unknown. This requires measuring the molar volumes down to sufficiently low pressure.

However, under these conditions the molar volume becomes very large and difficult to be

measured. In addition, from the point of view of calculus, the integral ¹ ºE9 is difficult to
evaluate for º → ∞. To overcome these difficulties, it is convenient to define the function:
º_¥>)' − ºc>)' =

?<
−º
9

The chemical potential at standard state is usually indicated by the superscript o and it is related
to the activity, ak, by the following equation:
^b = ^b- + ?< ln b
For gases, the standard state convention is the perfect gas at 1 bar and for aqueous species; the
standard state convention is one molal solution with infinite dilution at any pressure and
temperature. In other words, adopted standard-state convention has nothing to do with real one
molal solution (Luigi Marini, 2007).
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Conventions
1) Pure solids and liquids have unit activity at all pressures and temperatures. Pure gases have
unit activity at 1 bar and any temperature. Aqueous solutes have unit activity in one molal
solution at any pressure and temperature.
2) Under standard state conditions the chemical potential of any element in its most stable phase
is equal to zero, for example, the proton and electron in aqueous solution have the chemical
potential of zero [5].
For a pure, ideal gas k:
m

O^b
n = ºb
O9 Q

From the ideal gas law:
ºb =

?<
O^b ?<
O9
→
=
→ ` O^b = ` ?<
→ ^b − ^b- = ?<ln 9 − ln 9- 
9
O9
9
9
^b = ^b- + ?< ln

9
9A

In other words, the change in the abstract chemical potential is related to the change in a
physically measurable variable, the pressure. Since this equation is true only for a pure, ideal gas,
Lewis defined a function, called fugacity. He stated that for any chemical component i in any
phase, either a gas, a liquid or a solid, pure or mixed, ideal or not ideal, the change in chemical
potential during an isothermal transition from fugacity ]_- to fugacity ]_ is:
^_ − ^_- = ?< ln
¼

]_
]_-

The ratio ¼¾½ was termed activity by Lewis.
½
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The fugacity is equal to the pressure for a pure, ideal gas and it is equal to the partial pressure
9 × D_ for the ith component of a mixture of ideal gases. Since both pure gases and gas mixtures
approach the behavior of ideal gases of very low pressure.
For pure gases:
/
¦→A

]

=1

and for gas mixture:

]_
=1
¦→A 9 × D_

/

From what has been discussed above at constant temperature, the chemical potential can be
expressed by following equation:
^_ − ^_- = ?< ln
º_¥>)' − ºc>)' =
Q

Q
d
]_
=
−
`
a
E<
+
`
@b E9
b
]_Qc
dc

?<
−º
9

− ` ab E< = 0 → ln
Qc

]_
1 d
1 d ?<
=
`
@
E9
=
` N − ºP E9
]_- ?< dc b
?< ¦→A 9

The fugacity of a pure gas is related to pressure through the following equation:
] = . 9

where,  is the fugacity coefficient of the gas. For a gas mixture, the fugacity of the ith gaseous
component is related to its partial pressure by:
]_ = _ . 9. D_
Chemical equilibrium
Thermodynamics is applied at chemical equilibrium

[7]

. However many natural systems are far

from chemical equilibrium, either initially or during their evolution. Chemical equilibrium for a
given reaction is expressed by following equation:
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∆ = ∆ - + ?< ln Ã _
_

Ä½

where, ∆ is Gibbs free energy and ∆ - is the standard state Gibbs free energy of the reaction,

the ?< ln ∏_ _

Ä½

term involves the activities of reactants and products of the reaction, each

elevated to the corresponding stoichiometric coefficient, @_ . This is a negative number for

reactants and positive number for products.
At equilibrium:
∆ = 0 → ∆ - = −?< ln H

According to Nordstorm and Munoz 1985 [6], Anderson and Crerar 1993 [7].
H = Ã _
_

Ä½
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