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Abstract. Carbon dioxide (CO2) injection into deep geologic formations can potentially 

reduce atmospheric emissions of greenhouse gases. Sequestering less-pure CO2 waste 

streams (containing H2S and/or SO2) would be less expensive or would require less 

energy than separating CO2 from flue gas or a coal gasification process. The long-term 

interaction of these injected acid gases with shale-confining layers of a sandstone 

injection zone has not been well investigated. We therefore have developed a conceptual 

model of injection of CO2 with H2S and/or SO2 into a sandstone-shale sequence, using 

hydrogeologic properties and mineral compositions commonly encountered in Gulf Coast 

sediments of the United States.  We have performed numerical simulations of a 1-D 

radial well region considering sandstone alone and a 2-D model using a sandstone-shale 

sequence under acid-gas injection conditions. Results indicate that shale plays a limited 

role in mineral alteration and sequestration of gases within a sandstone horizon for short 

time periods (10,000 years in present simulations). The co-injection of SO2 results in 

different pH distribution, mineral alteration patterns, and CO2 mineral sequestration than 

the co-injection of H2S or injection of CO2 alone.  Simulations generate a zonal 

distribution of mineral alteration and formation of carbon and sulfur trapping minerals 

that depends on the pH distribution. The co-injection of SO2 results in a larger and 

stronger acidified zone close to the well. Precipitation of carbon trapping minerals occurs 

within the higher pH regions beyond the acidified zones. In contrast, sulfur trapping 

minerals are stable at low pH ranges (below 5) within the front of the acidified zone. 

Corrosion and well abandonment due to the co-injection of SO2 could be important 
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issues. Significant CO2 is sequestered in ankerite and dawsonite, and some in siderite. 

The CO2 mineral-trapping capability can reach 80 kg per cubic meter of medium. Most 

sulfur is trapped through alunite precipitation, although some is trapped by anhydrite 

precipitation and minor amount of pyrite. The addition of the acid gases and induced 

mineral alteration result in changes in porosity. The limited information currently 

available on the mineralogy of natural high-pressure acid-gas reservoirs is generally 

consistent with our simulations. 

 

Key words. CO2 sequestration, acid gas injection, mineral trapping, numerical 

simulation, Sandstone-shale sequence. 
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1. Introduction 

 

A possible means of reducing carbon dioxide (CO2) emissions to the atmosphere 

is through its injection into structural reservoirs in deep permeable geologic formations 

(Holloway, 1997). Such formations could include aquifers in sedimentary formations, 

structural traps in depleted oil and gas fields, and unmineable coal seams. Aquifers are, 

however, the most abundant fluid reservoirs in the subsurface and therefore the most 

promising structures for CO2 injection. The deepest aquifers in the United States 

commonly contain brackish or saline water. Aquifers with salinities exceeding 10,000 

mg/L total dissolved solids are excluded by the U.S. Environmental Protection Agency as 

underground sources of drinking water. Hence, they are logical targets for the eventual 

disposal of CO2.  

The feasibility of storing CO2 in aquifers has been discussed in the technical 

literature over the last decade. Examples include an evaluation of the potential of CO2 

aquifer storage in The Netherlands (Lohuis, 1993) and in the Alberta Basin of Canada 

(Gunter et al., 1993, Bachu et al., 1994, Perkins and Gunter, 1995;  Law and Bachu, 

1996, Gunter et al., 1996 and 1997). Furthermore, large-scale CO2 disposal in an aquifer 

is already being practiced in the Norwegian sector of the North Sea (Korbol and 

Kaddour, 1995). Recently, extensive experimental, field, and modeling studies of 

geological carbon sequestration have been conducted (Pearce et al., 1996; Rochelle et al., 

1996; Gunter et al., 1997; Ortoleva et al., 1998; Johnson et al., 2001; White et al., 2001; 

McPherson and Lichtner, 2001; Oelkers et al., 2002; Knauss et al., 2002; Palandri and 

Kharaka, 2002; Strazisar and Zhu, 2002; Perkins et al, 2002; Pruess et al., 2003; Kaszuba, 

et al., 2003; Soong et al., 2004; Rosenbauer et al., 2005). 

The sequestration of less-pure CO2 waste streams (containing H2S and/or SO2) is 

less expensive or requires less energy to separate from flue gas or a coal gasification 

process streams, etc. Studies on injection of CO2, together with H2S and SO2   have been 

reported recently. Knauss et al. (2002) presented the results of reactive transport 

simulations made to investigate the long-term impact of dissolved CO2, H2S and SO2 on a 

sandstone formation. The results suggest that relatively high concentrations of H2S in 
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CO2 injection would not adversely impact injectivity or sequestration compared to the 

injection of CO2 alone. The co-injection of SO2, however, could produce significantly 

different results. In the long-term the simulations suggest that the formation of secondary 

carbonates could sequester a significant fraction of the injected CO2, through the 

formation of calcite, magnesite and dawsonite. 

Gunter et al. (2000) simulated the interaction of industrial waste streams 

comprising CO2 and H2S with the minerals in typical carbonate and sandstone aquifers 

from the Alberta Basin, Canada. The results support the idea that these acids can be 

neutralized by such reactions and that new mineral products are formed, such as calcite, 

siderite, anhydrite/gypsum and pyrrhotite. Siliciclastic aquifers appear to be a better host 

for "mineral trapping" than carbonate aquifers, especially with regard to CO2.  

Injection of CO2 and H2S derived from production of natural gas has been 

conducted in western Canada (Bachu et al., 2003). By the end of 2002, a total of 

approximately 40 acid-gas injection operations were active. Close to 1.5 Mt CO2 and 1 

Mt H2S have been successfully injected into deep hydrocarbon reservoirs and saline 

aquifers in Canada alone. Approximately 16 acid-gas injection facilities are operating in 

the United States. These indicate that acid-gas injection is a mature and safe technology 

that can be applied elsewhere in the world. Furthermore, these acid-gas injection 

operations are analogous to future large-scale CO2 geological sequestration to reduce 

CO2 emissions into the atmosphere from large CO2 point sources. 

Numerical modeling of geochemical processes is necessary to investigate long-

term injection of acid gases in deep aquifers, because aluminosilicate mineral alteration is 

very slow under ambient deep-aquifer conditions and is not amenable to experimental 

study. Xu et al. (2003) performed reactive transport simulations of CO2 injection in a 1-D 

radial well region to analyze CO2 immobilization through carbonate precipitation, under 

conditions representative of Gulf Coast sandstones of the Frio formation of Texas. Xu et 

al. (2004a) present a geochemical modeling analysis of the interaction of aqueous 

solutions under high CO2 partial pressures with three different rock types. The first rock 

is a glauconitic sandstone from the Alberta Sedimentary Basin. The second rock type 

evaluated is a proxy for sediments from the United States Gulf Coast. The third rock type 

is a dunite, an essentially monomineralic rock consisting of olivine. Xu et al. (2004b) 
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presented simulation results on mass transfer, mineral alteration, and consequent CO2 

sequestration in a sandstone-shale system.  

Here we present a numerical simulation for the injection of CO2, H2S and SO2 

mixtures in a sandstone-shale sequence using hydrogeologic properties and mineral 

compositions commonly encountered in Gulf Coast sediments. Simulations were 

performed with the reactive fluid flow and geochemical transport code TOUGHREACT 

(Xu and Pruess, 2001; Xu et al., 2004c). 1-D and 2-D regions around a injection well 

were considered for sandstone alone and a sandstone-shale sequence, respectively, to 

analyze mineral alteration, acid-gas immobilization through precipitation, and changes in 

porosity. 
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2. Numerical Modeling Approach 

 

2.1. Simulation method 

 

The present simulations were carried out using the non-isothermal reactive 

geochemical transport code TOUGHREACT (Xu and Pruess, 2001; Xu et al., 2004c). 

This code was developed by introducing reactive chemistry into the framework of the 

existing multi-phase fluid and heat flow code TOUGH2 (Pruess et al., 1999). Our 

modeling of flow and transport in geologic media is based on space discretization by 

means of integral finite differences (Narasimhan and Witherspoon, 1976). An implicit 

time-weighting scheme is used for the individual components of the model consisting of 

flow, transport, and kinetic geochemical reactions. TOUGHREACT uses a sequential 

iteration approach similar to that described by Yeh and Tripathi (1991). After solution of 

the flow equations, the fluid velocities and phase saturations are used for chemical 

transport simulation. The chemical transport is solved on a component basis. The 

resulting concentrations obtained from the transport are substituted into the chemical 

reaction model. The system of chemical reaction equations is solved on a grid-block basis 

by Newton-Raphson iteration, similar to Parkhurst et al. (1980), Reed (1982), and Wolery 

(1992). The chemical transport and reaction equations are iteratively solved until 

convergence.  Full details on the numerical methods are given in Xu and Pruess (2001) 

and Xu et al. (2004c). 

 

2.2. Process capabilities 

The TOUGHREACT simulator can be applied to one-, two-, or three-dimensional 

porous and fractured media with physical and chemical heterogeneity, and can 

accommodate any number of chemical species present in liquid, gas and solid phases.  A 

wide range of subsurface thermo-physical-chemical processes is considered. The major 

processes considered for fluid and heat flow are: (1) fluid flow in both liquid and gas 

phases under pressure and gravity forces, (2) capillary pressure effects for the liquid 

phase, and (3) heat flow by conduction, convection and diffusion.  The transport of 
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aqueous and gaseous species by advection and molecular diffusion is considered in both 

liquid and gas phases.   

Aqueous chemical complexation and gas (CO2) dissolution and exsolution are 

assumed to be locally at equilibrium. Because most homogeneous reactions in the 

aqueous phase are almost instantaneous, they can be effectively considered at 

equilibrium. Coupled redox reactions are formulated in terms of dissolved oxygen, where 

the chemical potential of the dissolved oxygen can be related to the oxidation state of the 

system (Nordstrom and Muñoz, 1986; Wolery, 1992). In natural systems, some redox 

reactions (such as sulfite/sulfide) that take place homogeneously within the aqueous 

phase are slow to achieve equilibrium, and therefore violate the local equilibrium 

assumption inherent in the current formulation of TOUGHREACT. This is consistent 

with observed discrepancies between the potentials estimated from different redox pairs 

(Stumm and Morgan, 1981). However, the validity of the local equilibrium assumption 

depends on the rate of transport relative to the rate of reaction. For long simulation times 

(such as 10,000 years in present simulations), a chemical equilibrium assumption is 

justified under certain circumstances. Mineral dissolution and precipitation can be 

modeled subject to either local equilibrium or kinetic conditions. The kinetic rate law 

used is given in Section 2.4.  

The activity of aqueous species is equal to the product of the activity coefficient 

and molar concentration (mol/kg H2O). Aqueous species activity coefficients with the 

exception of CO2(aq) are calculated from the extended Debye-Hückel equation (Helgeson 

et al., 1981). CO2(aq) activity coefficient and CO2(g) fugacity coefficient are functions of 

pressure, temperature and salinity (details on calculations are given in Xu et al., 2004a).  

Changes in porosity and permeability due to mineral dissolution and precipitation 

can modify fluid flow. This interaction between flow and chemistry can be important and 

is considered in our model. Changes in porosity during the simulation are calculated from 

changes in mineral volume fractions. Several models were considered to calculate 

changes in permeability due to changes in porosity (Xu et al., 2004c).  
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2.3. Thermodynamic data 

The quality and accuracy of geochemical modeling is enhanced through the use of 

internally consistent and critically evaluated thermodynamic data derived from a  

comprehensive review of the published literature. The primary source for equilibrium 

constants for aqueous species and minerals used in this study originated with the EQ3/6 

V7.2b database (Wolery, 1992). However, many substitutions and changes have been 

incorporated in response to more recent published revisions in the thermodynamic 

properties of several rock-forming minerals and aqueous species. Among these are 

revisions to the properties of feldspar by Arnorsson et al. (1999), several clay minerals by 

Kulik and Aja (1997), and dawsonite (Ferrante et al., 1976).  In addition, a 

comprehensive revision to the properties of silica polymorphs and SiO2(aq) was initiated 

in response to refined low temperature quartz solubility measurements. Revised 

thermodynamic properties of relevant aqueous species based on the Helgeson-Kirkham-

Flowers (HKF) equation of state (Shock et al., 1997), including aluminum species were 

also incorporated. Changes in the properties of SiO2(aq) and AlO2
- necessitated 

recomputation of the solubility products for all minerals containing silica or alumina 

components, whose thermodynamic properties were based on calorimetric measurements.  

To ensure consistency with unmodified equilibrium constants in the EQ3/6 V7.2b 

database, previously generated from thermodynamic data using SUPCRT92 (Johnson et 

al., 1992), all revised thermodynamic data were incorporated in the SUPCRT92 database 

and new equilibrium constants were similarly generated.  

In addition to the changes noted above, the thermodynamic properties of several 

other phases, including carbonates, chlorite, kerogen-OS, and the ferrous and ferric ion 

related minerals, were estimated and their solubility products incorporated to improve 

model verisimilitude.  Details are given in Xu et al. (2004b). 
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2.4. Kinetic data 

For kinetically-controlled mineral dissolution and precipitation, a general form of 

rate law (Lasaga, 1984; and Steefel and Lasaga, 1994) is used 
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where m is mineral index, rm is the dissolution/precipitation rate (positive values indicate 

dissolution, and negative values precipitation), Am is the specific reactive surface area per 

kg H2O, km is the temperature-dependent rate constant (moles per unit mineral surface 

area and unit time),  is the activity of H+H
a + and n is empirical reaction order accounting 

for catalysis by H+ in solution. Km is the equilibrium constant for the mineral-water 

reaction written for the destruction of one mole of mineral m, Qm is the reaction quotient, 

the parameters µ and ν are positive numbers normally determined by experiment, and are 

usually, but not always, taken as equal to unity (as in the present work). The temperature 

dependence of the reaction rate constant can be expressed reasonably well via an 

Arrhenius equation (Lasaga, 1984; and Steefel and Lasaga, 1994). Since many rate 

constants are reported at 25 oC (298.15 K), it is convenient to approximate the functional 

dependency of the rate constant on temperature, thus 
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where Ea is the activation energy, k25 is the rate constant at 25 oC, R is the gas constant, 

and T is absolute temperature. 

Mineral dissolution and precipitation rates are a product of the kinetic rate 

constant and reactive surface area (Eq. 1). The parameters used for the kinetic rate 

expression are given in Table 1. Calcite is assumed to react at equilibrium because its 

reaction rate is typically quite rapid relative to the time frame being modeled. In Table 1, 
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we include separate rate constants (k25), activation energies (Ea), and the reaction order 

(n) for each mechanism (acid catalyzed and no catalysis). At any pH the total rate is the 

sum of the rates from all mechanisms. The acid catalysis is considered only for mineral 

dissolution. Some kinetic parameters were taken directly from the published scientific 

literature. The references are listed in the fifth column of Table 1. Others were assigned 

with values from similar minerals with known kinetic properties. The evolution of 

surface area in natural geologic media is very complex, especially for multi-mineralic 

systems, and is not quantitatively understood at present. Mineral reactive surface areas 

(last column of Table 1) were taken from Sonnenthal and Spycher (2001), which were 

calculated assuming a cubic array of truncated spheres constituting the rock framework. 

For the clay minerals kaolinite, illite, and smectite, surface areas were increased to 

account for reactive edges in these sheet silicate minerals (Nagy, 1995). The kinetic rate 

constants given in Table 1 were normalized to BET surface areas in the original studies. 

The geometric surface areas should be normalized to BET surface areas according to the 

roughness factor of individual minerals. A reactive surface area calculated from grain 

size may give a poor estimate of the hydrologically accessible mineral surface area. 

Furthermore, in multi-mineralic field scale systems the reactive surface area for a given 

mineral is generally smaller due to many factors such as coating. To account for these 

effects, surface areas listed in Table 1 were arbitrarily reduced by one order of magnitude 

in the present simulations.  

The precipitation of possible secondary minerals is represented using the same 

kinetic expression as for dissolution. However, several aspects regarding precipitation are 

different from dissolution, including nucleation, crystal growth and Ostwald ripening 

processes, as well as the calculation of the reactive surface area (Steefel and van 

Capellen, 1990). These processes affecting mineral precipitation are not considered in the 

current model.  
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Table 1. List of kinetic rate parameters used in Eqs. (1) and (2) for minerals considered 
in the present simulations (The rate constant k25 is for far from equilibrium conditions). 
Mineral k25 

(moles m-2s-1) 
Ea  
(KJ/mol) 

n Reference Surface 
area 
(cm2/g ) 

anhydrite 
calcite 
 
quartz 
K-feldspar 
 
kaolinite 
 
magnesite 
 
siderite 
 
dolomite 
 
ankerite 
 
dawsonite 
 
kerogen-OS 
oligoclase 
 
albite-low 
 
Na-smectite 
 
Ca-smectite 
 
illite 
 
pyrite 
hematite 
chlorite 
alunite 

Equilibrium 
Equilibrium 
 
1.26x10-14 
1.00x10-12 
3.55x10-10 
1.00x10-13 
4.37x10-12 

4.47x10-10 
4.37x10-5 
1.26x10-9 
1.02x10-3 
1.26x10-9 
1.02x10-3 
1.26x10-9 
1.02x10-3 
1.26x10-9 
1.02x10-3 
1.00x10-13 
1.00x10-12 
3.55x10-10 
1.00x10-12 
2.04x10-10 
1.00x10-13 
4.37x10-12 

1.00x10-13 
4.37x10-12 

1.00x10-13 
4.37x10-12 

4.00x10-11 
4.00x10-11 
2.51x10-12 

1.00x10-12 

 
 
 
87.50 
57.78 
51.83 
62.76 
62.76 
62.76 
18.98 
62.76 
20.90 
62.76 
20.90 
62.76 
20.90 
62.76 
20.90 
0.0 
57.78 
51.83 
67.83 
59.77 
62.76 
62.76 
62.76 
62.76 
62.76 
62.76 
62.76 
62.76 
62.76 
57.78 

 
 
 
0 
0 
0.4 
0 
0.17 
0 
1.0 
0 
0.9 
0 
0.9 
0 
0.9 
0 
0.9 
0.0 
0 
0.4 
0 
0.5 
0 
0.17 
0 
0.17 
0 
0.17 
0 
0 
0 
0 

 
 
 
Tester et al. (1994) 
Blum and Stillings (1995) 
Blum and Stillings (1995) 
Nagy (1995) 
Nagy (1995) 
Chou et al. (1989) 
Chou et al. (1989) 
Steefel (2001) 
Gautelier et al. (1999) 
Set to siderite 
Set to siderite 
Set to siderite 
Set to siderite 
Set to siderite 
Set to siderite 
Assumed 
Set to K-feldspar 
Set to K-feldspar 
Blum and Stillings (1995) 
Blum and Stillings (1995) 
Set to kaolinite 
Set to kaolinite 
Set to kaolinite 
Set to kaolinite 
Set to kaolinite 
Set to kaolinite 
Ague and Brimhall (1989) 
Set to pyrite 
Malmstrom et al. (1996) 
Set to K-feldspar 

 
 
 
9.8 
9.8 
9.8 
151.6 
151.6 
9.8 
9.8 
9.8 
9.8 
9.8 
9.8 
9.8 
9.8 
9.8 
9.8 
10 
10 
10 
9.8 
9.8 
151.6 
151.6 
151.6 
151.6 
151.6 
151.6 
12.9 
12.9 
9.8 
9.8 
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3. Problem Setup 

 

3.1. Fluid flow conditions 

 

Much specific and detailed information is required to assess the feasibility of 

injection of CO2 - H2S or SO2 mixtures in a sandstone-shale formation at any particular 

site, and to develop engineering designs for acid-gas injection systems. Before 

conducting site-specific investigations, general features and issues relating to the injected 

formation should be explored. This can be done by investigating a sandstone-shale 

system, which abstracts site-specific features, and thereby attempts to represent 

characteristics that are common to many such systems. A basic issue is the geochemical 

behavior of acid-gas mineral trapping in a sandstone-shale system under high gas 

pressure injection conditions.  

Only one layer of sandstone and one layer of shale are considered in the present 

model (Figure 1). Hydrological parameter specifications for sandstone and shale layers 

were chosen to be representative of conditions that may be encountered in Texas Gulf 

Coast sediments at a depth of order 2 km (Table 2). Two fluid flow systems are 

considered. The first considers only the sandstone layer, neglecting fluid flow and 

chemical transport in the shale layer. The second considers both layers to illustrate effects 

of shale on acid-gas sequestration and mass transfer between the two layers. The geologic 

formation is assumed to extend infinitely in horizontal dimensions. Radial grids are used 

for the horizontal direction with spacing increasing away from the well. For the 

sandstone-shale system, due to the symmetric configuration, only half of the sandstone (5 

m) and half of the shale (5 m) layer thickness were modeled. A total of 9 vertical grid 

blocks were used for the shale layer with finer spacing near the interface between the 

sandstone and the shale to better resolve concentration gradients in the low permeability 

shale. Only one grid block in the vertical direction was used for the sandstone layer and 

the calculation point for this block was placed at the interface with the shale, representing 

a conceptual model of perfect mixing throughout the sand.  
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Table 2. Hydrogeologic parameters for sandstone and shale layers. 

 
Parameters Sandstone Shale 
 
Permeability (m2) 
Porosity 
Tortuosity 
Compressibility (Pa-1) 
Diffusivity (m2/s) 

 
10-13  
0.3 
0.3 
1x10-8  
1x10-9 

 
10-18  
0.1 
0.1 
1x10-8 

1x10-9 
Relative permeability   
Liquid (van Genuchten, 1980): 
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rl S11S
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lrS : irreducible water saturation  

m: exponent 
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Capillary pressure   
van Genuchten (1980) 
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      : irreducible water saturation lrS

m: exponent 
0P : strength coefficient 
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00.0Slr =  
457.0m =  

kPa 61.19P0 =  

 
 
 

00.0Slr =  
457.0m =  

MPa 2.6P0 =  

 
 

Table 3. Injection rates (kg/s, over 5 m thickness sandstone layer) of different chemical 
components.  
Case CO2  Water H2S SO2 

CO2 only 0.5 0.25   
CO2 with H2S 0.5 0.245 0.005  
CO2 with SO2 0.5 0.245  0.005 
CO2 with H2S and SO2 0.5 0.245 0.0025 0.0025
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For the sandstone alone or the sandstone-shale sequence, four reactive 

geochemical transport simulations corresponding to the combination of injection of 

different acid gases (Table 3) were performed. Injection was assumed to continue for a 

period of 100 years. The fluid flow and geochemical transport simulations were run for a 

period of 10,000 years. 

The present simulation does not consider non-uniform sweep that may occur due 

to formation heterogeneities, or to buoyancy forces that would tend to drive gases 

towards the top of the sandstone. In future studies we plan to examine such 

multidimensional flow effects. Some justification for these omissions can be made by 

considering the slow rates and long time scales of geochemical processes, which will 

make the distribution of gases to be more uniform. Initially, injected gases will tend to 

accumulate and spread out near the top of permeable intervals, partially dissolving in the 

aqueous phase. Gas dissolution causes the aqueous-phase density to increase by a few 

percent. This will give rise to buoyant convection where waters enriched in gas will tend 

to migrate downward (Weir et al., 1995; Garcia, 2001; Ennis-King and Paterson, 2003). 

The process of gas dissolution and subsequent aqueous phase convection will tend to mix 

aqueous species in the vertical direction. The time scale for significant convective mixing 

is likely to be slow, on the order of hundreds of years (Ennis-King and Paterson, 2003), 

and may be roughly comparable to time scales for significant geochemical interactions of 

the acid gases with minerals comprising the rock matrix. 
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3.2. Geochemical conditions 

A proxy for sandstone-shale sequences from the United States Gulf Coast was 

used as a basis for the geochemical simulation. Although our simulation addresses a 

particular case, the results have a broader application to other sedimentary basins. The 

initial mineral composition of sandstone and shale layers used in the present modeling 

(Table 4), was taken from a previous batch geochemical modeling study (Xu et al., 

2004a). The specification of formation mineralogy is determined in part by the 

availability of data. Most studies related to Tertiary Gulf Coast sediments are 

concentrated in the state of Texas. The principal reservoir-quality sandstones within that 

region are respectively, the Frio, the Vicksberg and the Wilcox formations, all of which 

are found within the Lower Tertiary. Of the three formations, the Frio was chosen as a 

representative candidate for the sequestration of acid gases. The model shale composition 

is based on the recent study by Land et al. (1997) of Upper Oligocene - Lower Miocene 

mudrocks. Details on the selection of mineral composition are given in Xu et al. (2003b). 

Because H2S and SO2 are injected in addition to CO2 in the current modeling, anhydrite 

and alunite were included as possible secondary phases. 

Not all primary and possible secondary phases listed in Table 4 were present in 

the system at a given time. For example, dolomite and Ca-smectite were included in the 

list of possible secondary mineral phases for the simulations, but they did not form. The 

system had not attained equilibrium after the simulation time period, but had settled down 

to a quasi steady-state condition. Therefore, the number of phases present at any time 

differs in number for that predicted by the phase rule under equilibrium conditions.  It is 

understood that detrital mineral assemblages do not normally obey Gibb’s Phase Rule, as 

they also are not at equilibrium.   
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Table 4. List of initial mineral volume fractions and possible secondary mineral phases 
for sandstone and shale layers. 

Vol.%  
 of solid rock  

Vol.% 
of medium 

Mineral Chemical composition 

Sandstone Shale Sandstone Shale 
Primary: 
quartz 
kaolinite 
calcite 
illite 
kerogen-OS 
oligoclase 
K-feldspar 
Na-smectite 
chlorite 
hematite 
porosity 
 
Secondary: 
anhydrite 
magnesite 
low-albite 
dolomite 
siderite 
Ca-smectite 
pyrite 
ankerite 
dawsonite 
alunite 

 
SiO2 
Al2Si2O5(OH)4 
CaCO3 
K0.6Mg0.25Al1.8(Al0.5Si3.5O10)(OH)2 
C64H102O40S10 
CaNa4Al6Si14O40 
KAlSi3O8 
Na0.290Mg0.26Al1.77Si3.97O10(OH)2 
Mg2.5 Fe2.5Al2Si3O10(OH)8 
Fe2O3 
---- 
 
 
CaSO4 
MgCO3 
NaAlSi3O8 
CaMg(CO3)2 
FeCO3 
Ca0.145Mg0.26Al1.77Si3.97O10(OH) 
FeS2  
CaMg0.3Fe0.7(CO3)2 
NaAlCO3 (OH) 2 
KAl3 (OH) 6(SO4) 2 

 
58 
2.02 
1.93 
1.0 
0.0 
19.8 
8.2 
4 
4.55 
0.5 
---- 

 
19.22 
4.37 
10.9 
28.14 
2.0 
5.28 
4.74 
23.0 
2.35 
0.0 
---- 

 
40.6 
1.41 
1.35 
0.7 
0.0 
13.86 
5.74 
2.8 
3.19 
0.35 
30 
 

 
17.3 
3.95 
9.81 
25.33 
1.8 
4.75 
4.27 
20.7 
2.12 
0.0 
10 

  
 

Prior to simulating reactive transport in the sandstone-shale system, batch 

geochemical modeling of water-rock interaction was performed for sandstone and shale 

sepqrately, to obtain a nearly equilibrated water chemistry. A pure 1.0 M solution of 

sodium chloride and CO2 gas pressure of 1×10-2 bar were used reacting with the primary 

minerals listed in Table 4 at a temperature of 75oC, that is based on a land surface 

temperature of 15oC and a geothermal gradient of 30oC/km. A reasonable short time of 

simulation (10 years in the present study) is needed to obtain a quazi-steady state when 

changes in aqueous concentrations and changes in mineral abundances are very slightly. 

The resulting water chemistry (Table 5) was used for the initial condition of reactive 

geochemical transport simulations.  
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Gulf Coast Formation waters were not used to specify the initial groundwater 

composition in the simulation, because a choice of formation water would not represent 

an initial equilibrium state with respect to the secondary mineralogy in our simulations. 

Thus, we chose to generate our own initial aqueous phase composition through a priori 

simulation of the ambient state. It should be noted that Gulf Coast formation waters vary 

substantially in composition for many reasons. Our simulated initial composition given in 

Table 5 generally falls within the range of compositions for Gulf Coast formation waters 

where total Cl- ≈ 1.0 mol/kg H2O, e.g. see Kreitler and Richter (1986). Because we 

focused our attention on high-pressure CO2 simulations, the initial water composition 

affects geochemical evolution for only a short time period after initialization. 

 
Table 5. Initial total dissolved component concentrations (mol/kg H2O) for reactive 
transport simulations in the sandstone-shale system. (Iron is the sum of Fe+2 , Fe+3 and 
their related complexes. Carbon is the sum of CO2(aq), CH4(aq), and their related species 
such as HCO3

- and acetic acid(aq). Sulfur is the sum of sulfate and sulfide species) 
 
Component Sandstone Shale 
Ca+2 
Mg+2 
Na+      
K+       
Iron   
SiO2(aq) 
Carbon  
Sulfur   
Al+3    
Cl-        
 
pH 
Temperature 

  3.23 x10-3  
  4.531 x10-8   
  1.037 
  5.672 x10-5   
  1.118 x10-5   
  1.939 x10-3   
  4.463 x10-2 
  1.00 x10-9 
  7.87 x10-8 
  1.0  
 
7.34 
75oC 

 6.463 x10-2  
 3.121x10-7   
 1.071 
 2.515x10-4 
 1.235 x10-3  
 1.919 x10-3   
 4.173 x10-2   
 1.205 x10-7 
 8.334 x10-9   
 1.0 
 
6.69 
75oC 
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4. Results and Discussion 

4.1. Sandstone alone 

The fluid flow pattern obtained with different injection rates of acid gases as 

listed in Table 3 is very similar. Figure 1 shows water saturations along the radial 

distance (gas CO2 saturations are complementary to water saturations, or Sg = 1- Sl). The 

reactive geochemical transport modeling results obtained from the CO2 only case are 

similar to those from CO2 with H2S. The results from CO2 with SO2 case are similar to 

those from CO2 with SO2 and H2S.  Therefore, the results of CO2 only and CO2 with SO2 

injection cases will be presented here.  

 

0 1 10 100 1000 10000
Radial distance (m)

0.75

0.80

0.85

0.90

0.95

1.00

W
at

er
 s

at
ur

at
io

n

10 yr

100 yr

1,000 yr

10,000 yr

 
 

Figure 1. Water saturations along radial distance at different times. 

 

The pH distribution along the radial distance is presented in Figure 2. For the CO2 

only case, pH is the lowest (3.4) close to the well after 10 years. This can be explained by 

the temporal profile of pH evolution and calcite dissolution at 1.25 m, which is presented 

in Figure A.1 in Appendix A. The injected CO2 causes the pH to trend lower, but calcite 

dissolution consumes H+ and increases pH. Calcite dissolution is very fast in relative to 

the duration of the simulation and is assumed at equilibrium. After about 0.4 years calcite 

disappears and pH dramatically decreases to a minimum value of 3.4. The minimum pH 
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remains until about 10 years when some minerals such as kaolinite start to precipitate. 

The initial precipitation depends on precipitation kinetics of the secondary minerals. 

After 10 years, pH is buffered by CO2 injection and mineral alteration. After 100 years 

when the injection ceases, the effects of mineral alteration cause pH to increase, until 

1000 years, a pH of about 6 is attained.  
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Figure 2. pH distribution at different times for sandstone alone. 
 

 

A much lower pH (about 0.6) resulted from injection of CO2 with SO2 (Figure 

2b). After 100 yr, this extremely acidified zone extends to a radial distance of close to 

100 m. SO2 has a very strong effect on lowering pH because of the disproportionation 

reaction: 

+− ++→+ H3SHHSO3OH4SO4 2422  
 

Sulfuric acid generation has been observed in magmatic hydrothermal systems and 

confirmed by lab experiments (Kusakabe et al., 2000). In this SO2 injection case, calcite 

disappears much sooner (after 0.01 years, see also Figure A.3 in Appendix A). The low 

pH of 0.6 is maintained until 100 years when injection of CO2 with SO2 ceases. 

Corrosion and well abandonment would be an important issue with SO2 injection. 
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Dissolution and precipitation of minerals occurring in both CO2 only and CO2 

with SO2 cases are presented in Figures 3 through 14. To facilitate comparison, results 

obtained from CO2 only are placed on the left side of each figure, while those from CO2 

with SO2 are placed on the right side. Calcite dissolution close to the well bore is quite 

rapid in both cases (Figure 3). More K-feldspar dissolves within a 100 m distance with 

CO2 plus SO2 mixture than with CO2 only due to the lower pH (Figure 4). The pattern of 

oligoclase dissolution is similar to that of K-feldspar (Figure 5). Chlorite dissolution 

occurs in all cases (Figure 6). Slight dissolution of hematite also occurs.  
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Figure 3. Change of calcite abundance in the sandstone at different times (negative 
values indicate dissolution and positive precipitation) 
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Figure 4. Change of K-feldspar abundance at different times 
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Figure 5. Change of oligoclase abundance at different times 
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Figure 6. Change of chlorite abundance at different times. 
 

As primary minerals dissolve, secondary phases are formed. Precipitation of 

quartz is extensive in both cases (Figure 7). For the CO2 only case, significant 

precipitation of illite and kaolinite occurs in the distance range from 0 to 10 m (Figures 8 

and 9). For the CO2 with SO2 case, very slight precipitation of these two minerals occurs 

in the 0 - 10 m range because of the extremely low pH (0.6), but precipitation is at a 

maximum at a distance of about 50 m. Peaks of maximum quartz precipitation also occur 

when SO2 is injected with CO2. For the CO2 injection only, precipitation of Na-smectite 

is extensive within the entire plume of injected CO2 (Figure 10), but for CO2 + SO2 

injection the precipitation of Na-smectite is not significant within the 0-50 m range.  
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Figure 7. Change of quartz abundance at different times 
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Figure 8. Change of illite abundance at different times 
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Figure 9. Change of kaolinite abundance at different times 
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Figure 10. Change of Na-smectite abundance at different times 
 

The injected CO2 is immobilized by precipitation of four carbonate minerals: 

magnesite (MgCO3), siderite (FeCO3), ankerite (CaMg0.3Fe0.7(CO3)2), and dawsonite 

(NaAlCO3(OH)2). A minor amount of magnesite precipitates in the acidified zones close 

to the wellbore (Figure 11). Some of the CO2 is trapped by precipitation of siderite 

(Figure 12). For injection of CO2 with SO2, after 10,000 years a total of 1.2% of volume 

 25



fraction of siderite precipitates in acidified zone (in the 100 m radial distance range). 

Significant CO2 is immobilized by precipitation of ankerite (Figure 13). After 10,000 

years a maximum of 4% of volume fraction of ankerite is formed at about 1000 m from 

the injection well. For co-injection of SO2, no ankerite precipitation occurs in the 

acidified zone. Significant dawsonite also precipitates, its pattern is similar to ankerite 

(Figure 14). No dolomite (CaMg(CO3)2) precipitation is observed in the simulations. 

Calcite dissolves under the acid-gas injection conditions (Figure 3). 
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Figure 11. Change of magnesite abundance at different times. 
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Figure 12. Change of siderite abundance at different times 
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Figure 13. Change of ankerite abundance at different times. 
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Figure 14. Change of dawsonite abundance at different times 
 
 

The total amount of CO2 sequestered in minerals, mainly as ankerite and 

dawsonite, but with some siderite, is presented in Figure 15. As expected, no CO2 is 

sequestered in mineral phases in the acidified zone during the injection operation period 

of 100 years, but calcite dissolves. Injecting CO2 creates an acidified zone only within a 

20 m radius. Injecting CO2 with SO2 creates a much larger and stronger acidified zone 

with a radius of 100 m. After 100 years, minor amounts of CO2 are sequestered by 

carbonate precipitation in these acidified zones.  Most CO2 mineral sequestration occurs 

beyond the acidified zones. After 10,000 years, the CO2 mineral trapping capability can 

reach 76 kg per cubic meter of medium. Temporal profiles of pH, mineral abundance and 

porosity at 1000 m radial distance (within the CO2 mineral trapping zone) are given for 

the CO2 injection only case in Figure A.2 in Appendix A. We here show the cumulative 

CO2 sequestration profile in Figure 16, using a linear scale (instead of log10 scale, as in 

Figure A.2). From this figure, we can see that after 10,000 years, CO2 sequestration by 

carbonate precipitation is very close to the expected maximum. The CO2 trapping 

capability depends on the primary mineral composition. Precipitation of siderite and 

ankerite requires Fe2+ supplied by chlorite (Mg2.5Fe2.5Al2Si3O10(OH)8) dissolution. 

Precipitation of dawsonite requires Na+ provided by oligoclase (CaNa4Al6Si14O40) 

dissolution. The initial abundance of chlorite and oligoclase therefore affects the CO2 
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mineral trapping capability. The sequestration time required depends on the kinetics of 

mineral dissolution and precipitation. 
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Figure 15. Cumulative CO2 sequestered by carbonate mineral precipitation at different 
times. 
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Figure 16. Cumulative CO2 sequestration with time at 1000 m distance (injection of CO2 
only case). 
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Now we report simulated changes in mineral abundances due to 

disproportionation of SO2. Precipitation of sulfur bearing minerals pyrite (FeS2), 

anhydrite (CaSO4), and alunite (KAl3(OH)6(SO4)2) occurs (Figure 17). Pyrite precipitates 

in the acidified zone up to a radial distance of about 100 m, with a minor amount of 

0.45% volume fraction. Pyrite also forms in the CO2 with H2S case. Anhydrite 

precipitation initially occurs in the 0 – 100 m range, but is later confined to a distance 

between 10 – 100 m, with a maximum volume fraction of 2.7%. Most sulfur is trapped by 

alunite precipitation that occurs in the 10 – 100 m distance range, with a peak volume 

fraction of 10%. Precipitation of these three minerals occurs mostly during the injection 

period (100 years), because the total SO2 inventory is very small (1 wt% of CO2 injected 

in the present simulation). 

The zonal distribution of CO2 and SO2 trapping minerals reflects the pH 

distribution. CO2 trapping minerals are stable in the higher pH ranges (above 5) beyond 

100 m, and sulfur bearing minerals are stable in the low pH ranges (below 5) but not at 

extremely low pH values (0.6) in the 10 – 100 m radial zone.  
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Figure 17. Change of mineral abundance for the case of injection of CO2 with SO2 
(sandstone alone). 
 
 

Injection of acid gases causes mineral alteration, resulting in significant changes 

in porosity (Figure 18), especially in the acidified zones where mineral dissolution 

dominates. With CO2 + SO2 injection, porosity in the acidified zone increases from an 

initial 0.3 to 0.52 after 100 years. In contrast, within the CO2 mineral trapping zone, the 

porosity decreases to about 0.26 for both cases, because of the addition of CO2 mass as 

secondary carbonates to the solid matrix. The precipitation of sulfur bearing minerals 
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causes the porosity to decrease to 0.25 at the 50 m from the well bore (Figure 18b). This 

location of minimum porosity coincides with the maximum precipitation of alunite 

(Figure 17c). 

A small change in porosity can result in a significant change in permeability, 

which can modify fluid flow. The present simulations only monitor changes in porosity 

and permeability without feedback to the fluid flow. This feedback between flow and 

chemistry could be important and will be addressed in the future. 
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Figure 18. Porosity distribution at three different times.  
 
 

4.2. Sandstone-shale system 

Changes in mineral abundance, CO2 sequestration, and porosity along sandstone 

horizon at different times are illustrated in Figures B.1 in Appendix B. The evolution of 

the variables in a vertical profile at a radial distance of 1000 m (in the CO2 sequestration 

zone) are given in Figures B.2. Contour plots of some variables for the sandstone-shale 

system are shown in Figures B.3. Mineral alteration patterns (Figures B.1) are essentially 

similar to the results obtained by considering sandstone alone.  This is because in the 

shale permeability is lower (Table 2) and diffusion is the dominant chemical transport 
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process. In the simulation time frame of 10,000 years, shale plays a limited role in 

mineral alteration and gas sequestration in the sandstone layer. Therefore, the system can 

be modeled by considering only sandstone for a short time period (less than 10,000 

years). For natural diagenesis over periods of geological time, mass transfers between 

shale and sandstone are very important, as has been reported in Xu et al., (2004b) for a 

longer simulation period of 100,000 years. 
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5. Comparison of Simulations with Field Observations 

 

Few mineralogical descriptions of the alteration of sandstone – shale sequences in 

the presence of high-pressure CO2 are available in the literature that would allow 

comparison with the simulations presented in this paper.   Those of interest usually reflect 

past accumulations of CO2 associated with magmatic or volcanic activity. An example is 

that by Moore et al. (2003 and 2004), who describe the formation of secondary dawsonite 

and kaolinite in siltstones of the Permian Supai Formation of the Springerville-St. John 

CO2 field on the border between Arizona and New Mexico. They observed secondary 

dawsonite spatially associated with corroded plagioclase and potassium feldspar, which is 

consistent with our simulations. Furthermore, their determination that kaolinite formed 

subsequent to dawsonite deposition following a decline in the CO2 pressure, is also 

consistent with our finding that kaolinite is unstable during the precipitation of 

dawsonite.  Authigenic illite appears to persist in the presence of dawsonite, which is also 

consistent with our modeling results. In contrast, the Supai Formation appears to have 

been more oxidizing, with a limited capacity to provide Fe+2 for the stabilization of 

ankerite. 

Another recent paper (Watson et al., 2002) describes mineralogical and 

groundwater changes caused by magmatic carbon dioxide invading a gas reservoir in a 

lithic sandstone of the Pretty Hill Formation in the Ladbroke Grove gas field in South 

Australia.  An important feature of this field example is that the mineralogy can be 

compared with an adjacent unmodified methane gas reservoir in the same formation. In 

contrast to those of the Supai Formation of Arizona and New Mexico, the conditions in 

this high-pressure CO2 field are such that Fe+2 is available for the stabilization of siderite 

and ankerite. In this respect, the Ladbroke Grove field more closely represents the 

conditions of our simulation. Observed similarities include the destruction of chlorite in 

the lithic fragments and net corrosion of the feldspars, a reduction in the concentration of 

calcite, an increase in the concentration of siderite, a significant increase in the quantity 

of ankerite and a small increase in the quantity of quartz.  However, no dawsonite was 

reported even though an evaluation of the coexisting groundwater indicates that it should 
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have been supersaturated with respect to this carbonate. A substantial increase in the 

concentration of kaolinite is observed, which is in conflict with our simulation. The 

porosity of the Ladbroke Grove reservoir also appears to have increased, whereas our 

simulation shows a decrease. The differences might be explained by the higher CO2 

pressure  (201 vs. approximately 150 bar) and the higher Cl- and Na+ concentrations of 

the simulation.   

Other field evidence suggests that magmatic CO2 can also lead to the formation of 

dawsonite in arenaceous sedimentary formations, notably in the Bowen, Gunnedah and 

Sydney Basins of New South Wales (Baker et al., 1995), and the Denison Trough of east-

central Queensland (Baker, 1991; Baker and Caritat, 1992).  Dawsonite and kaolinite in 

these sedimentary accumulations appear to have been produced at the expense of detrital 

feldspars, in general agreement with the observations of Moore et al. (2003 and 2004). 

But it should be noted that feldspar destruction is incomplete, and on occasion, dawsonite 

is found in juxtaposition with unaltered feldspar (Loughnan and Goldbery, 1972).  The 

field evidence is therefore suggestive of slow feldspar corrosion rates if not the eventual 

stabilization of feldspars. In these sedimentary formations, the occurrence of dawsonite is 

unrelated to the preceding precipitation or dissolution of diagenetic calcite, siderite and 

ankerite, which is attributed to early diagenesis and subsequent organic maturation 

(Baker, 1991).   

Carbonate paragenesis in sedimentary formations invaded by magmatic CO2 can 

vary in degree and complexity. The mineralogy, burial history, diagenesis, organic 

maturation, temperature and connate water salinity all play a role in addition to the timing 

and extent of magmatic CO2 involvement. Thus it is hardly surprising that agreement 

between the present simulations and field observations is not perfect in all respects. 

A number of simplifications related to SO2 injection have been made, including 

(1) a limited suite of sulfate minerals anhydrite, gypsum and alunite that can precipitate 

from solution as a result of sulfuric acid generation and mineral dissolution, and (2) 

dissolved SO2 instantly disproportionates into sulfuric acid and hydrogen sulfide.   

Detailed discussion regarding these simplifications is given in Appendix D. 
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6. Summary and Conclusions 

 

We have developed a conceptual model of injection of CO2 with H2S and SO2 in 

bedded sandstone-shale sequences using hydrogeologic properties and mineral 

compositions commonly encountered in Gulf Coast sediments. We have performed 

simulations of a 1-D radial well region considering sandstone alone, and a 2-D simulation 

considering a sandstone-shale sequence under acid-gas injection conditions. Major 

conclusions are as follows: 

(1) In the simulation time frame of 10,000 years, shale adjacent to a 

sandstone horizon plays a limited role in mineral alteration and 

sequestration of gases. Therefore, the system can be essentially 

modeled by considering only sandstone. The reason is that 

permeability is lower in the shale and diffusion is the dominant 

chemical transport process. Nevertheless, for natural diagenesis over 

periods of geological time, mass transfers between shale and sandstone 

are very important. 

(2) The co-injection of H2S, compared to injection CO2 alone, does not 

significantly affect pH distribution, the mineral alteration pattern, and 

CO2 mineral sequestration. The co-injection of SO2 results in a 

different pH distribution, and mineral alteration pattern.  

(3) The zonal distribution of mineral alteration and formation of CO2 and 

sulfur bearing minerals has been observed in the simulations, which 

reflects the pH distribution. With co-injection of SO2, a larger 

(extended to 100 m radial distance over 20 m for CO2 alone) and 

stronger (a lower pH of 0.6 over 3.4) acidified zone was obtained. 

Precipitation of CO2 trapping minerals occurs in the higher pH regions 

beyond the acidified zones (CO2 trapping zone). In contrast, sulfur 

bearing minerals are stable in the low pH ranges (below 5) but not 

extremely low pH values (0.6), which occur at radial distances ranging 
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from 10 – 100 m. Corrosion and well abandonment problems caused 

by SO2 injection will be a very significant issue. 

(4) For both CO2 only and CO2 + SO2 cases, the patterns and amounts of 

carbonate mineral precipitation in CO2 trapping zone are similar, 

except that the acidified zone resulting from injection of CO2 only 

extends to a radial distance of 20 m from the well bore, whereas for 

co-injection of SO2, it extends to 100 m. Significant CO2 is 

sequestered in ankerite and dawsonite, and some in siderite. After 

10,000 years, CO2 mineral trapping can reach 76 kg per cubic meter of 

medium, which is very close to the maximum availability. The CO2 

trapping capability depends on the primary mineral composition. 

Precipitation of siderite and ankerite requires Fe2+ supplied by the 

dissolution of iron bearing minerals such as chlorite 

(Mg2.5Fe2.5Al2Si3O10(OH)8). Precipitation of dawsonite requires Na+ 

provided by oligoclase (CaNa4Al6Si14O40) dissolution. The initial 

abundance of chlorite and oligoclase therefore affects the CO2 mineral 

trapping capability.  

(5) Most of sulfur is trapped by alunite precipitation, with a peak volume 

fraction of 10%, some by anhydrite, and a minor amount by pyrite. 

Pyrite also forms during co-injection of CO2 and H2S. Precipitation of 

these three sulfur-bearing minerals occurs primarily during the 

injection operation period (100 years), because the SO2 inventory is 

very small (1 wt.% of CO2 injected in the simulations). 

(6) The addition of acid gases and the resulting mineral alteration leads to 

changes in porosity. Significant increases in porosity occur in the 

acidified zones where mineral dissolution dominates. With co-

injection of SO2, the porosity increases from an initial 0.3 to 0.52 after 

100 years. However, within the CO2 mineral trapping zone, the 

porosity decreases to about 0.26 for both cases, because of the addition 

of CO2 mass as secondary carbonates to the rock matrix. The 

formation of sulfur bearing phases at the front of the acidified zone 
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causes porosity to decrease to 0.25. This location of minimum porosity 

coincides with the maximum precipitation of alunite. A small change 

in porosity can result in a significant change in permeability, which 

could modify fluid flow. This interaction between flow and chemistry 

could be important and will be addressed in the future. 

(7) Limited information currently available for the mineralogy of natural 

high-pressure acid-gas reservoirs is also generally consistent with our 

simulation. 

The range of problems concerning the interaction of water-gas-rock is very broad. 

The time needed to sequester acid gases in mineral phases is uncertain, because mineral 

kinetic properties and reactive surface areas are not well constrained. The present 

simulation results are specific to the conditions and parameters considered. The 

“numerical experiments” give a detailed understanding of the dynamic evolution of a 

geochemical system.  
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Appendix A. Time Evolution at 1.25 and 1000 m from the Injection Well 

Considering Sandstone Alone   
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Figure A.1. Time evolution at 1.25 m for CO2 only case. 
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Figure A.2. Time evolution at 1000 m for CO2 only case. 
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Figure A.3. Time evolution at 1.25 m for CO2 + SO2 case. 
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Appendix B. Results along sandstone horizon obtained from the 

sandstone-shale system   
 

 

Distance (m)

W
at
er
Sa
tu
ra
tio
n

10-1 100 101 102 103 104
0.75

0.80

0.85

0.90

0.95

1.00

10 yr
100 yr
1,000 yr
10,000 yr

Distance (m)

W
at
er
Sa
tu
ra
tio
n

10-1 100 101 102 103 104
0.75

0.80

0.85

0.90

0.95

1.00

10 yr
100 yr
1000 yr
10000 yr

 

Distance (m)

pH

100 101 102 103 104
0

1

2

3

4

5

6

7

8

10 yr
100 yr
1,000 yr
10,000 yr

 
CO2 only 

Distance (m)

pH

100 101 102 103 104
0

1

2

3

4

5

6

7

8

10 yr
100 yr
1000 yr
10000 yr

 
CO2 with SO2 

 
Figure B.1-1. Results along sandstone horizon at different times. The left column is for 
injection CO2 only, and the right column for injection CO2 with SO2.  
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Figure B.1-2. Results along sandstone horizon at different times.  
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Figure B.1-3. Results along sandstone horizon at different times.  
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Figure B.1-4. Results along sandstone horizon at different times.  
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Figure B.1-5. Results along sandstone horizon at different times.  
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Figure B.1-6. Results along sandstone horizon at different times.  
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Figure B.1-7. Results along sandstone horizon at different times.  
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Figure B.2-1. Results along vertical profile at 1000 m radial distance (the bottom grid 
block is for sandstone). 
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Figure B.2-2. Results along vertical profile at 1000 m radial distance. 
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Figure B.2-3. Results along vertical profile at 1000 m radial distance. 
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Figure B.2-4. Results along vertical profile at 1000 m radial distance. 
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Figure B.2-5. Results along vertical profile at 1000 m radial distance. 
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Appendix C. Results (contour plot) obtained from the sandstone-shale 

system   
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Figure C.1-1. Contour plot after 10,000 years for the sandstone-shale system. 
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Figure C.1-2. Contour plot after 10,000 years for the sandstone-shale system. 
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Appendix D. Discussion on simplified treatments in current modeling 

related to SO2 injection 
 

D.1. Discussion of Current Limitations 

Research to address the current limitations is outlined below. 
 
Thermodynamic Properties of Sulfate Phases  

The extremely acid conditions generated through the disproportionation of SO2 in 
the aqueous phase, and consequent formation of sulfuric acid, would induce dissolution 
of aluminosilicate minerals. The excess silica would initially precipitate as amorphous 
silica, and the solubilized alumina would precipitate as secondary basic aluminum 
sulfates, some of which could be amorphous or poorly crystalline. Table D.1 summarizes 
some of the principal aluminum sulfate phases that are most commonly observed in 
natural systems, and are likely to precipitate under the conditions currently being 
modeled.  Early attempts to characterize phases in the system Al2O3-SO3-H2O include the 
investigations by Bassett and Goodwin (1949), mainly at 25°C, but with some studies at 
50 and 70°C, and Henry and King (1949, 1950) at 60°C. Subsequently, Nordstrom (1982) 
conducted a thorough review of the literature up to that time, and quantified the solubility 
products of several important aluminum sulfates including basaluminite, jurbanite and 
alunogen. Because of slow crystallization kinetics, many phases in the system are 
metastable. Nordstrom particularly emphasized the importance of the metastable 
persistence of basaluminite, and jurbanite in relation to alunite. However, he did not 
attempt to evaluate the solubility products of basic aluminum sulfates incorporating alkali 
metal and alkali earth cations such as halotrichite, pickeringite, tamarugite and 
mendozite. Furthermore, although Nordstrom’s evaluation was excellent for its time, he 
relied on aqueous aluminum species thermodynamic properties that have been 
substantially revised since, e.g. see Pokrovskii et al, (1995), Shock et al. (1997) and 
Tagirov and Schott (2001). His data would not, therefore, be suitable for current 
modeling without substantial revision.  
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Table D.1.  Status of Thermodynamic Properties of Secondary Phases that could 
participate in the Modeled System 
 

Mineral name Formula ∆Go
f ∆Ho

f So Cp(T) Solubility 
Sources 

Sulfites       
Hannebachite CaSO3.0.5H2O     See text 
Orschallite Ca3(SO3)2(SO4).12H2O  See text    

Sulfates       
Bassanite CaSO4.0.5H2O     EQ3/6 data0.dat 
Felsobanyaite Al4(SO4)(OH)10.5H2O      
Basaluminite Al4(SO4)(OH)10.5H2O     Singh (1969) 

Singh and Brydon (1969) 
Adams and Rawajfih (1977) 

Hydrobasaluminite Al4(SO4)(OH)10.12-36H2O      
Zaherite Al12(SO4)5(OH)26.20H2O      
Aluminite Al2(SO4)(OH)4.7H2O      
Meta-aluminite Al2(SO4)(OH)4.5H2O      
Jurbanite Al(SO4)(OH).5H2O     Nordstrom (1982) 
Alunogen Al2(SO4)3.17H2O     Nordstrom (1982) 
Alunite KAl3 (OH) 6(SO4) 2  Kelley et 

al. (1946) 
Kelley et 
al. (1946) 

Kelley et 
al. (1946) 

Adams and Rawajfih (1977) 
Nordstrom (1982) 

Halotrichite FeAl2(SO4)4.22H2O      
Pickeringite MgAl2(SO4)4.22H2O      
Tamarugite NaAl(SO4)2.6H2O      
Mendozite NaAl(SO4)2.11H2O      

 
 
Thermodynamic Properties of Sulfite Phases 

The two most important naturally occurring sulfites, which should be 
incorporated in future modeling activities, are hannebachite (CaSO3.0.5H2O) and 
orschallite (Ca3(SO3)2(SO4).12H2O). CaSO3 can substitute as CaSO3.2H2O into gypsum 
CaSO4.2H2O, and form a partial solid solution series (Setoyama and Takahashi, 1978, 
1979; Takahashi and Setoyama, 1982). Similarly, CaSO4.0.5H2O can substitute into the 
CaSO3.0.5H2O structure up to a mol fraction of at least 0.12 (Jones et al., 1977a,b).  
Orschallite is also observed to form a partial solid solution series Ca3(SO3)x(SO4)(3-

x).12H2O, where 1≤x≤3 (Zangen and Cohen, 1985; Cohn and Zangen, 1985). The cited 
authors conducted thermogravimetric analysis and differential scanning calorimetry on 
discrete members of the solid solution. 

An extensive literature exists on the solubility of CaSO3.0.5H2O in sulfurous acid 
solutions at various temperatures. Most of the earlier literature is summarized by Lutz 
(1986), and includes notable contributions by Schwartz and Muller-Clemm (1921), 
Ghurd et al. (1935), Gishler and Maass (1935a,b), Otuka (1939a,b), Frydman et al. 
(1958), Nilsson et al. (1958), Rengamo et al. (1958), Engelhardt (1962), Templeton et al. 
(1963) and Rodin and Margules (1983a,b). A very precise determination of the solubility 
of CaSO3.0.5H2O at 25°C was published subsequently by Rai et al. (1991).  Studies have 
also been conducted to measure the solubility of CaSO3.0.5H2O in sucrose solutions 
including those by Gupta et al. (1965), Bobrovnik and Kotel’nikova (1974) and Malghe 
and Kumar (1998). 
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A critical evaluation of the data contained within these literature sources in 
conjunction with appropriate data drawn from specific aqueous speciation studies, e.g. 
Frydman et al. (1958), Nilsson et al. (1958), Rengamo et al. (1958), and Rai et al. (1991), 
should permit satisfactory data to be obtained for the thermodynamic properties of 
hannebachite. An evaluation of information provided on the partial solid solution series 
between gypsum and CaSO3.2H2O by Setoyama and Takahashi (1978, 1979) and 
Takahashi and Setoyama (1982), and the partial solid solution between hannebachite and 
CaSO4.0.5H2O by Jones et al. (1977a,b) might also allow for the formulation of 
appropriate solid solution models to predict precipitation behavior in aqueous sulfite – 
sulfate solution mixtures. Finally, the limited thermogravimetric analyses and differential 
scanning calorimetry by Zangen and Cohen (1985) and Cohen and Zangen (1985) might 
be used to construct an approximate solid solution model for orschallite.  
 
Thermodynamic Characterization of Sulfite species in the Aqueous Phase, and Modeling 
of Sulfite solutions of High Ionic Strength 

In general, the temperature dependent thermodynamic properties of the most 
common aqueous sulfite species i.e. SO2(aq), HSO3

-, and SO3
--, are well established.  

However, the properties of postulated complexes are less well known.  Rai et al. (1991) 
have determined the logKo = 2.62±0.07 for formation of the ion pair CaSO3(aq). 
Information on other potentially significant species, i.e. NaSO3

-, NaHSO3(aq), 
MgSO3(aq), MgHSO3

+ and CaHSO3
+ do not appear to be available in the literature, 

although some information on these species might be recovered from published 
experimental data involving multi-component aqueous systems containing sulfite. 

Rai et al (1991) also evaluated the Pitzer ion interaction coefficients for Na+ -
SO3

2- and Ca2+ - SO3
2-at 25°C, although they preferred to represent the latter explicitly 

through the formation of a strongly bound ion pair.  The modeling of concentrated sulfite 
solutions using Pitzer interaction theory would be preferable in the analysis of 
CaSO3.0.5H2O solubility data. 
 
Kinetics of Sulfur Dioxide Disproportionation in the Aqueous Phase 

Current simulations assume the instantaneous interaction of SO2 with the aqueous 
phase to produce thermodynamically more stable products, as represented by the 
following disproportionation equation: 
 

4SO2 + 4H2O = 3SO4
-- + 6H+ + H2S(aq) 

 
This means that the dissolved SO2 is immediately converted into sulfuric acid and 
hydrogen sulfide without the opportunity for the SO2 as sulfurous acid to interact with the 
host rock primary and secondary minerals and precipitate secondary sulfites. 

This problem can be resolved through modification of the TOUGHREACT code 
to permit the incorporation of the kinetics of homogeneous reactions within the aqueous 
phase.  The TOUGHREACT code has been modified accordingly, but incorporation of 
SO2 disproportionation kinetics has not yet been implemented in the current project. 

A search of the literature has yielded very little useful information that would 
allow for the quantitative modeling of the sulfite disproportionation in the aqueous phase 
according to equation (1).  It is unlikely that experiments to define the rate of reaction 
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would be easily accomplished; as sulfur intermediates are likely to form with 
intermediate oxidation states, e.g. see Druschel, et al. (2003).  The reaction could also be 
catalyzed by transition metal cations, which would be present in any natural system, e.g. 
see Kraft and Van Eldik (1989). 

Ryabinina and Oshman (1972) investigated the thermal decomposition of aqueous 
H2SO3 at 120 – 140°C and found the reaction to be autocatalytic with an S2O3

2- 
intermediate product.  The activation energy for the reaction was 21.28 kcal/mol.  
Rempel et al. (1974) reported on the decomposition kinetics of 0.51-5.20 M NaHSO3 
aqueous solutions in an autoclave at 110-180°C and with pH values between 2 and 5.  
The process was apparently autocatalytic with a (S2O3.SO2)2- intermediate.  The effective 
activation energy of 16.5 kcal/mol was reported.  Khorunzhii et al. (1984) investigated 
the kinetics of disproportionation of sulfur dioxide in hydrochloric acid solutions, but no 
further information is given in the citation. 
 
Kinetics of Dissolution or Precipitation  of Hydroxy-aluminosulfate Phases 

Nordstrom (1982) and others, e.g. Boudot et al. (1996) have emphasized the 
tendency for hydroxy-aluminosulfates to precipitate from solution as poorly crystalline or 
amorphous solids, which subsequently transform to crystalline solids.  Many soil 
solutions equilibrate with respect to metastable phases, such as basaluminite or jurbanite 
(Nordstrom, 1982) with consequent elevation of the aluminum species in solution 
(Boudot et al., 1996).  This example of the Ostwald rule of Stages shows that coexisting 
solution compositions are determined by kinetic, rather than thermodynamic 
considerations.  For realistic simulations of the reaction of sulfuric acid with host-rock 
aluminosilicates, and precipitation of secondary aluminosulfates, it is important that the 
kinetics of precipitation and dissolution of this class of phases is incorporated in the 
model.  Unfortunately, much of the literature on the system Al2O3-SO3-H2O describes 
phase transformations only in a qualitative sense.  Therefore, only approximations of the 
rate constants could be derived from such data.  However, even if such ill-defined 
constants were incorporated in the model, this would constitute a substantial 
improvement over models where such data is omitted entirely. 
 
Kinetics of Dissolution or Precipitation  of CaSO3.0.5H2O 

Tseng (1984) conducted a definitive study of the dissolution and precipitation 
kinetics of CaSO3.0.5H2O in fulfillment of his requirements for a Ph.D.  Tseng developed 
an integrated mass transfer model incorporating solution equilibrium to predict 
CaSO3.0.5H2O dissolution rates as a function of pH, solution composition, temperature, 
and particle size.  Both dissolution and crystallization were inhibited by dissolved sulfate.  
The rate of crystal growth in terms of BET surface area, mol/cm2.min, was given as 
 

R’ = 9.7 x 10-4 exp(-10250/RT) x (RSCaSO3 –1)2 x RSCaSO4
-1 

 
where RSCaSO3 and RSCaSO4 are the relative saturations with respect to CaSO3.0.5H2O and 
CaSO4.2H2O, respectively.  Tseng also determined that CaSO3.0.5H2O contained sulfate 
in solid solution, when precipitated from solution containing dissolved sulfate, in 
conformity with the findings of Jones et al. (1977a,b).  The growth rate of CaSO3.0.5H2O 
from solution was also determined in a later study by Tai and Chen (1995).  These 
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investigators found that the rate of precipitation followed a parabolic rate law involving 
σ , the relative supersaturation: 
 

Rg = kσn 
 
where  k = 3.68 x 10-9 mol/cm2.min, and n = 2.26. Tai and Chen (1995) showed that their 
results were consistent with those of Tseng and Rochelle (1986). 
 
D.2. Summary of Proposed Research Activities 

The following tasks are recommended in meeting the goal of a more accurate 
simulation of acid gas injection containing SO2 

(1) Review and evaluate available information pertaining to the disproportionation of 
SO2 in the aqueous phase.  Incorporate the reaction rate constants in the version 
of TOUGHREACT designed to incorporate homogeneous reaction kinetics. 

(2) Evaluate the literature relating to the solubility of hannebachite in the aqueous 
phase as a function of temperature.  Derive appropriate temperature dependent 
solubility products. Evaluate orschallite thermodynamic properties and estimate 
temperature dependent solubility products. 

(3) Evaluate the dissolution and precipitation rate data for hannebachite from 
published literature.  Estimate the corresponding rate data for orschallite. 

(4) Update temperature dependent solubility product data for alunite, jurbanite, 
basaluminite and alunogen, using revised aluminum speciation data. 

(5) Estimate the kinetics of precipitation of hydroxy-aluminosulfate phases as a 
function of temperature. 

(6) Develop a kinetic model for describing the Ostwald Rule of Stages with respect 
to silica and hydroxy-aluminosulfate phases.  Modify TOUGHREACT to account 
for sequential precipitation and dissolution of metastable phases. 

(7) Evaluate solid solution models of the hannebachite-bassanite series and the 
gypsum- CaSO3.2H2O series.  Modify TOUGHREACT to account for solid 
solutions. 
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