


 

 

 

 

ABSTRACT 
 

 Underground injection of acid gas has been studied for several decades for oil 

field applications, such as enhanced oil recovery (EOR), but is now being studied as a 

solution to climate change. This research aims to simulate underground conditions at 

injection sites, such as the pilot scale injection site located near the site of a coal fired 

power facility in the Black Warrior Basin of Alabama. This proposed carbon capture and 

sequestration (CCS) location would involve injection of liquid CO2 into a carbonaceous 

saline aquifer. 

 The objective of this study was to investigate carbonate surface treatments that 

alter the kinetics and mechanism of mineral dissolution resulting from the injection of an 

acid gas (CO2) into a geologic formation. A variety of mineral coatings were tested in an 

attempt to preserve mineral integrity under acidic conditions. Surface active chemicals 

were first tested, including scale inhibitors, followed by a novel acid induced surface 

treatment that precipitates an inorganic layer on the calcite to preserve the acid soluble 

mineral. These experiments are the first to investigate the use of scale inhibitors for 

mineral preservation, although were found ultimately to have little impact on dissolution 

kinetics.  However, anions of moderate to strong acids induced surface coatings that were 

determined to effectively inhibit dissolution.  

 Additionally, a novel, high pressure flow-through experimental apparatus was 

developed to simulate pressure and temperature conditions relevant to injection sites. 

Similar mineralogical studies in the literature have used pressurized, unstirred, batch 

systems to simulate mineral interactions. Solids with an acid induced surface coating 

were tested in the high pressure column and no calcium was found to leave the column.  
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1 Introduction 

The motivation of this research is to find a surface coating that can be applied to 

carbonate minerals to alter surface interactions during dissolution and precipitation 

processes in an acidic environment, such as acid gas injection sites. This research 

presents one aspect in the collaboration between University of Alabama, Geological 

Survey of Alabama, and Rice to provide fundamental insight into a variety of carbon 

capture and sequestration (CCS) aspects. The Black Warrior Basin, in north central 

Alabama, offers the chance to observe the fundamental science involved in the injection 

of acid gas into a saline aquifer for storage purposes. The total project goal is to 

determine if injection sites like this may offer a feasible solution to rising atmospheric 

carbon dioxide levels and will serve as a pilot site for testing.  

1.1 Project overview 

The Black Warrior Basin is an ideal location for a saline injection pilot plant 

because it contains two major coal fired power plants that emit 27.45 megatonnes (Mt) of 

CO2 from the process of coal combustion to the atmosphere, as of 2008. This basin has 

been found to have diverse coal, coalbed methane, and conventional oil and gas 

resources, as well as a large CO2 storage potential (Pashin, 2005; Pashin et al., 2009).  
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Figure 1.1 Map of the Black Warrior Basin showing the location of saline reservoirs in 

relation to the Gorgas and Miller steam plants (2011). 

 

Saline formations in this area of Alabama are stacked in geologic layers and 

involve various minerologies, including the Hartsell Sandstone, limestone of the 

Tuscumbia Limestone and Stones River Group, and the dolostone of the Knox group. 

These deposits are part of a shelf carbonate environment, which has been determined to 

offer a high storage potential for CO2 (N.E.T.L., 2010b). The total potential storage 

capacity of the area is estimated to be 6.7 Mt/mi
2 
(Malkewicz, 2011b). 
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Figure 1.2  Subsurface geology and stratigraphy of the Gorgas Well #1 at the site in 

Alabama (Malkewicz, 2011b). 
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Figure 1.3  Stratigraphy from the actual drilled Gorgas Well (Malkewicz, 2011a). 

 

 Injection is anticipated to occur at 4,000 ft in this formation; this depth is greater 

than the 2,400 ft required to maintain the injected CO2 in a liquid phase, which increases 

the storage capacity. The temperature of the formation at the injection site was found to 

be 100º F with a gradient of 9.33ºF/1,000 ft (Malkewicz, 2011b).  These conditions will 

push the CO2 to be supercritical, which is not as efficient as liquid storage due to the 

reduction in density, which can be seen in Table 1.1. The physical characteristics of CO2 

will be revisited later.  
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Table 1.1 A density comparison of supercritical and liquid CO2 phases, as calculated 

using the Peng Robinson Equation of State 

CO2 Phase Pressure (psi) Temperature (º F) Density (g/ml) 

Liquid 1500 77 0.78 

Supercritical 1500 104 0.56 

 

1.2 Climate Change 

Climate change is seen by many as a controversial issue. There are aspects which 

scientists can agree on with certainty because they are based on physical laws sound 

physical principles, while other aspects  range from a “very likely” to “uncertain” 

correlation as classified by the International Governmental Panel on Climate Change 

(IPCC) (I.P.C.C., 2007). See Appendix B for a discussion of reasons for opposition to 

climate change. IPCC reports have concluded with “virtual certainty” that (1) human 

activities are impacting the Earth’s atmospheric composition, (2) gases emitted have 

atmospheric residence times anywhere from decades to centuries, (3) elevated levels of 

CO2 have been documented and correlate with burning of fossil fuels, (4) a documented 

warming of both Northern and Southern Hemispheres has been observed in the last 100 

years. Less certain aspects include to what extent warming will be observed, and how 

fast. Also, it is uncertain what impacts the warming climate will have on Earth’s climate 

patterns. 
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1.3 Global Energy Trends 

 Energy demand is growing at a faster rate than ever as countries move from 

impoverished to middle class. Energy sources have changed over time, but a large 

proportion of the global energy supply still comes from fossil fuels, seen in Figure 1.4. 

Over 35 years, global consumption has increased dependence on coal and peat, natural 

gas and nuclear energy sources, and decreased dependence on just oil (Figure 1.5). 

Overall energy demand has increased as population increases and standard of living 

increases. 

 

 

Figure 1.4  Evolution of the world total primary energy supply by fuel (million tonnes of 

oil equivalent)(I.E.A., 2010). 
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Figure 1.5 - Comparison of fuel shares of total primary energy supplies from 1973 and 

2008 (I.E.A., 2010). 

 

  

 

 

 

Figure 1.6  Evolution of the energy consumption by region (million tonnes of oil 

equivalent)(I.E.A., 2010) (Note: ** Asia excludes China, *** Bunkers includes 

international aviation and international marine bunkers) 
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Figure 1.7  Comparison of fuel shares of total primary energy supplies from 1973 and 

2008 (I.E.A., 2010) (Note: ** Asia excludes China, *** Bunkers includes international 

aviation and international marine bunkers) 

 

 Although total energy demands have grown, certain regional demands have 

increased more than others. Figure 1.6 and Figure 1.7 demonstrate the regions that have 

seen the most rapid rise. Notable are the decrease in the percentage of use of the 

Organisation for Economic Co-operation and Development (OECD) and Former Soviet 

Union, and the sizeable increase for China, Asia, and the Middle East. The OECD is a 

group of 34 countries that was established in 1961 with the goal of organizing policies 

that will promote the health and well being of their own citizens. Historically, these 

countries (including Australia, Canada, France, Ireland, Japan, Netherlands, Sweden, 

U.K., and U.S. among others) used a larger percentage of the world energy supply, but 

that has changed and shifted geographically the Middle East and China. Figure 1.8 

demonstrates that these shifts in energy usage also correlate with a shift in regional totals 

of CO2 emissions.  
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Figure 1.8  Comparison of regional shares of CO2 emissions from 1973 and 2008 (I.E.A., 

2010) (Note: ** Asia excludes China, *** Bunkers includes international aviation and 

international marine bunkers) 

 

Figure 1.4 through Figure 1.8 suggest that although the major energy consumers 

may have changed over the last 40 years, the total global energy demand has grown 

significantly, and this trend is expected to continue.  

 

1.4 Rising CO2 levels  

International data agree that atmospheric levels of CO2 are rising: currently at 395 

ppm, up from 250ppm in pre-industrial times (Tans and Keeling, 2012). CO2 is a known 

greenhouse gas and is actually responsible for maintain the earth’s livable climate; 

without CO2, the earth’s surface temperature would be -15   C (Baird and Cann, 2008).  
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Figure 1.9  Carbon dioxide concentration data measured on Mauna Loa, which provides 

the longest record of direct measurements of CO2 in the atmosphere. Red curve shows 

exact data while the black curve shows seasonally corrected data (Tans and Keeling, 

2012). 

 

 

Our civilization depends on CO2, but a sustainable balance needs to be reached. 

According to the Annual Energy Outlook, the U.S. is not projected to reduce emissions 

long term, or the rest of the world as emerging economies grow. See Figure 1.10. 
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Figure 1.10  Annual Energy Outlook’s projected total CO2 emissions over the next 25 

years (D.O.E., 2010b) 

 

1.4.1 Possible correlation with Earth’s surface temperature 

 Warmer temperatures have been noticed by scientists at both the earth’s surface 

and oceans. Some scientists suggest these observations are linked to rising greenhouse 

gases. National Oceanic and Atmospheric Administration (N.O.A.A.) officials announced 

that since the inception of modern climate tracking technology implemented in 1880, 

2010 tied with 2005 for having the warmest surface temperatures on record (N.O.A.A., 

2010). 2010 was also the 34th consecutive year with global temperatures 1.73   F   above 

the average temperature during the 20th century. For the contiguous United States alone, 

the 2010 average annual temperature was above normal, resulting in the 23rd warmest 

year on record (N.O.A.A., 2010).  
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Figure 1.11  2010 temperature data comparison with later 20
th

 century average 

(N.O.A.A., 2010) 

 

However, the term “global warming” does not mean that a warming trend would 

be noticed globally, as the term may imply. The concept of climate change in theory and 

in observation involves a significant change in temperature and precipitation patterns 

from the “normal”, or average historically observed temperature. The most dramatic 

temperature increases (in Canada) may be explained by changes in global circulation 

patterns accompanying changing surface temperatures; higher temperatures causing loss 

of snow cover, and thereby loss of surface albedo, creating a positive feedback loop.  Or, 

these observations may result from a somewhat local effect of high greenhouse gas 

emissions in the industrialized northern hemisphere, trapping heat causing local 

temperature increase. 



13 

 

 

1.5 Problem Statement 

 As the demand from growing economies across the world increases use of fossil 

fuel reserves, emission levels of CO2 will continue to increase. CO2, a known greenhouse 

gas, is increasing in the atmosphere. Although the rise in anthropogenic CO2 emissions 

has not been undoubtedly proven to be associated with climate change, the dire 

consequences demand scientific study and the proposal of solutions for reduction in 

atmospheric concentrations of CO2. CO2 capture and injection into underground 

reservoirs are a plausible solution, but many aspects of this process are unknown, 

including subsequent mineral interaction. Rapid carbonate dissolution near well bore will 

cause a large release of cations into the formation brine, which could prove problematic if 

rapid precipitation occurs. Carbonate mineral dissolution will be tested in a dynamic flow 

apparatus and potential surface treatments will be tested for near wellbore mineral 

preservation.  

1.6 Study Objectives 

1. Design a dynamic flow apparatus that can be used to simulate mineral interaction 

with acidic brine resulting from injection of liquid carbon dioxide during the 

carbonate mineral storage process. 

2. Quantify effects of inhibitor treatment on dissolution/precipitation kinetics of 

carbonate minerals. 

3. Apply final inhibitor choice to field relevant carbonate.  
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2 Background  

 This background will inform the reader about the process of carbon capture and 

sequestration (CCS). CCS is composed of two different processes: the capture of the CO2 

and the injection underground with the goal of permanent storage. Different expertise is 

required for each aspect. The capture process will be mentioned to give an understanding 

of the CCS process in its entirety, but the focus will be on the injection into saline 

aquifers and fate of the liquid CO2.  

2.1 Capture of CO2  

According to many, control of greenhouse gases is probably the most challenging 

environmental policy issue facing the U.S. and global community. However, capturing 

CO2 emissions from combustion sources appears to many to be a feasible and realistic 

solution, because fossil fuels will continue to be a key part of the energy equation for the 

foreseeable future. Restriction of the use of fossil fuels seems unreasonable, until other 

renewable sources are more developed, and emissions capture would allow control of 

greenhouse gas emissions during a transition to lower emission energy sources. Capture 

of emissions would be primarily from point sources because of the large volume of 

emissions as well as the ease of capture from a non-moving source; coal burning power 

plants are a main target since they contribute 30% of the total U.S. CO2 emissions 

(Herzog et al., 1997).  

The idea of capturing CO2 from the flue gas of power plants did not start with 

concern about rising greenhouse gases and climate change.  Instead, it gained attention as 

a possible source of CO2, especially for use in enhanced oil recovery (EOR) operations, 

which started in the 1970s and 1980s to increase the mobility and recovery of residual oil. 
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However, when the price of oil dropped in the mid-1980s, recovering CO2 became too 

expensive for EOR operations and nearly all the CO2 capture plants were closed (Herzog 

et al., 1997). See Appendix A for current pricing.  Additionally, power plants capturing 

CO2 suffer from a large energy penalty.  

2.1.1 CO2 capture techniques 

The most commonly used CO2 capture technique is called amine scrubbing. This 

process involves chemical absorption with a monoethanolamine (MEA) solvent. MEA 

was developed over 70 years ago as a nonselective solvent to remove acid gases, such as 

CO2 and H2S, from natural gas streams (Herzog et al., 1997). This topic has received a lot 

of research attention because the capture cost is expected to make up about 75% of the 

total costs for geological or oceanic sequestration (D.O.E., 1999), with the other 25% 

going into transportation and injection costs.This estimation is exactly in line with 

another expert in the field from Statoil who estimates 75%-10%-15% for capture-

transport-storage (Torp, 2011).  

The technique involves exposing a gas flue stream to an aqueous amine solution 

which reacts with the CO2 in the stream by an acid-base neutralization reaction to form a 

soluble carbonate salt, in a reaction similar to that below: 

 

      Equation 2.1 

 

This reaction is reversible, allowing the CO2 gas to be released upon heating in a 

stripping unit. The reversibility of this technique makes it ideal since the amine is not 

consumed, but can be continuously recycled (Strazisar et al., 2004). Despite the 
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reusability of the sorbent, a large amount of energy is required for CO2 release (Herzog et 

al., 1997).   

 CO2 has been captured historically with this technique for industrial uses such as 

enhanced oil recovery (EOR), carbonation of brine, and products such as dry ice, urea, 

and carbonated beverages. However, it is also commonly used to capture CO2 from 

submarine cabin environments to maintain a safe breathing environment.  

Despite the usefulness of MEA, there are a couple disadvantages. It is very toxic 

and corrosive. A variety of gases can be removed by this process, but if CO2 is selectively 

removed, an additive to increase stability of MEA and anti-corrosion are added (Herzog 

et al., 1997).  

This process has been useful in part because of its ability to treat dilute streams of 

CO2. It has historically been effective for coal combustion flue streams which contain 

only 10-12% CO2 by volume. Amine scrubbing typically removes about 75 to 90% of the 

CO2 producing a nearly pure effluent stream (Rao and Rubin, 2002).  
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Figure 2.1  Amine scrubbing process diagram (Herzog et al., 1997) 

 

Despite the simple and robust nature of the amine scrubbing process, other 

methods have developed as well. A few include membrane separation, cryogenic 

fractionation, and adsorption using molecular sieves. See Figure 2.2 However, these other 

techniques are even less energy efficient and more expensive than chemical absorption.  

Other separation techniques are energy intensive because of the typically low CO2 partial 

pressure in the flue gas. 
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Figure 2.2  Technology options for CO2 capture from gas flue (Rao and Rubin, 2002) 

 

 Studies have been conducted on various industrial plants and costs and 

efficiencies have been calculated; see Table 2.1. Although it is difficult to compare 

capture costs between various plants because factors such as plant size, type and location 

may affect costs. Lower costs are associated with plants that have higher CO2 

concentrations, plants that operate at higher loads and higher emission rates and plants 

that can use waste heat to satisfy other energy requirements. However, Table 2.1 can be 

used to get an idea for costs and efficiencies.  
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Table 2.1  A summary of cost and efficiency of various capture technologies (adapted 

from Table 3.12 in(I.P.C.C., 2005)). 

 

CO2 

capture/separation 

technology 

CO2 capture 

system 

efficiency 

Cost of CO2 avoided 

(US$/t CO2)  

MDEA  90 35 

MEA  95 74 

Pre-combustion   91 116 

Compression only - 10 

Amine 90 34 

Physical solvent 90 23 

 

The need for separation may be eliminated if the system or process is slightly 

altered. Many options for this have been proposed. For example, if the combustion 

process occurs in an oxygen rich environment rather than air, the stream will be much 

cleaner. Since the key to scrubbing CO2 from flue gas is to separate the CO2 from the 

nitrogen, eliminating the air removes the primary source of nitrogen, greatly simplifying 

the flue gas clean-up. This could mean only trace impurities would end up in the CO2 

effluent stream and it could be possible to inject them with the CO2 for co-sequestration.  

Another possibility is to integrate CO2 capture with an integrated gasification - 

combined cycle (IGCC) power plant. IGCC plants first gasify the fuel to produce a 

pressurized gas composed mainly of CO and H2, known as syngas. Then, the syngas is 

reacted with steam to produce CO2 and H2, which are separated from the gas stream with 

the hydrogen being combusted to produce CO2 -free energy, leaving the CO2 stream 

available for use or disposal.  During this process, the partial pressure of CO2 is 

sufficiently large, compared to pulverized coal plants, that it becomes feasible to use a 

physical absorbent with the reduction in energy requirements.  
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Between the various plant types, costs associated range widely. Table 2.2 shows a 

comparison of various plant types and costs, as well as other factors. According to Table 

2.2 hydrogen plants will be the most cost effective and efficient, even while achieving the 

same percent CO2 reduction. The range of costs is large because many assumptions have 

been made for technical, economic and operational decisions at each study site. Current 

facilities must either be retrofitted with a post combustion capture system to the existing 

unit, or a upgrading and repowering to improve the overall system efficiency, making it 

difficult to compare costs.   

 

Table 2.2 - A summary of representative values regarding new plant performance based 

on current technology (adapted from Table 3.15 in (I.P.C.C., 2005). 

 

Plant Type % CO2 

reduction per 

kWh 

Plant 

efficiency 

with capture 

(%) 

% increase 

in cost of 

energy with 

capture 

Cost of CO2 

avoided (US$/t 

CO2) 

New NGCC 86 48 46 53 

New PC 85 33 57 41 

New IGCC 86 35 33 23 

New Hydrogen 86 60 15 15 

 

2.2 Compressed CO2 properties  

 Once captured at a point source, the CO2 will be shipped at ambient temperatures 

and high pressures. According to the phase diagram of CO2, the pressure will need to be 

above 1,071 psi, or about 73 bar to maintain liquid phase (Figure 2.3). Once the energy 

required is put into the gas to make it a fluid, it will be maintained throughout the course 

of the pipeline transporting it to the injection site. Special precautions are required for 

high pressure pipeline integrity which adds significant cost to the injection infrastructure.  
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Figure 2.3  CO2 pressure temperature chart demonstrating a critical point of 31º C and 74 

bar (I.P.C.C., 2005). 

 

If the temperature of the compressed CO2 is elevated and supercritical state is 

reached, the properties are much different than just the liquid CO2. The new phase looks 

like a liquid, has the viscosity of a gas, but has density between the two phases (0.56 g/ml 

compared to 0.78 g/ml for the liquid phase (See Table 4.6)). It is important to inject the 

CO2 in this dense state simply for storage efficiency; the volume that can be stored at 

these conditions is much greater than at standard temperature and pressure conditions 

(See Figure 2.4). Because injections are nearly always deeper than 800m, by design, the 

CO2 will become supercritical due to the ambient pressures and temperatures of the 

formation.  

A supercritical fluid is characterized by a phase in which there is no difference 

between the liquid and vapor phase. While in this state, a liquid-like density can 
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transform into a vapor-like density by adjusting the pressure or the temperature, but no 

appearance of an interface forms (Kiran et al., 2000). Viscosity of a supercritical fluid is 

much less than that of the liquid phase, which often times presents advantages.  

 

 

 

Figure 2.4  A schematic showing how the density of CO2 changes with pressure, which is 

a function of depth underground. The blue numbers are the volume fraction relative to a 

volume of 100 at the surface conditions (N.E.T.L., 2010a). 

 

The density of the supercritical CO2 significantly impacts the fluids fate and 

transport, including the interaction with the brine of the formation. Supercritical CO2 has 

a density less than water (~750 kg/m
3
 rather than 1000 kg/m

3
 of water). Brine is even a 

few percent more dense than just water (1M NaCl brine= 1037 kg/m
3
 of brine) enlarging 
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the disparity and causing the CO2 to rise more quickly. A mental image of the fate of the 

injected solution can be seen in Figure 2.5.   

 

Figure 2.5  Modeled image of the plume shape 25 years after injection using PFLOTRAN 

available at  http://ees.lanl.gov/source/orgs/ees/pflotran/simco2.shtml (Lu and Lichtner, 

2007). See Figure 2.16 for plume evolution with time.  

 

 

This is a general injection scenario but may serve the purpose of demonstrating 

the basic profile following injection into a reservoir. However, the injected CO2 is much 

lighter than the in situ brine and will rise due to the buoyancy forces to the upper 

confining unit of the injection zone, unless another impermeable strata is encountered 

first. If a discontinuity is encountered in the confining formation, the CO2 will migrate 

through and allow a sinuous shaped plume to occur (Tsang et al., 2007). The plume shape 

has significant influence on the mobility of the plume and the partitioning rate of CO2 

into the brine: dissolution of CO2 into the brine increases under conditions in which more 

of the CO2 plume surface area is in contact with brine.  

2.3 CO2 Trapping Mechanisms 

Once the CO2 has been injected into the storage reservoir and begun to mix with 

the brine, there are several main mechanisms through which the CO2 may be trapped in 
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the formation: structural trapping, residual trapping, solubility trapping, and mineral 

trapping (Rackley, 2010). Each of these processes occurs predominantly at different time 

scales. 

Injection of CO2 dramatically affects the subsurface chemistry by shifting the 

formerly rock dominated system to one that is fluid dominated (Langmuir, 1997). Rock 

dominated aqueous chemistry is commonly observed in mineral environments that are 

not exposed to fresh water and whose pH is typically high due to the immense buffering 

capacity of the minerals present, including carbonates, silicates, and alumino-silicates. In 

a rock-dominated environment, minerals can exist without a tendency to weather, since 

they are at equilibrium with the surrounding fluid. Upon the injection of the supercritical 

CO2, the entire chemistry of the system is changed and a series of processes and reactions 

are set into motion.  

2.3.1 Structural Trapping 

 

Figure 2.6  Structural trapping of liquid CO2, which immediately follows injection 

(I.P.C.C., 2005) 
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Structural trapping is the first type of trapping CO2 will experience in a geologic 

environment as a supercritical fluid. The mechanism is typically seen in the 1 to 100 year 

timescale since it is simply a physical process, not subject to any reaction kinetics 

(Rackley, 2010). This is a less stable way to store the CO2 due to the possibility of 

leakage from the formation if there is any compromise of the integrity of the cap rock, for 

example an earthquake or fault shift. Initially, the CO2 is trapped as a separate phase 

below a physical barrier, such as a caprock or other low permeability confining unit 

(including shale, salt bed, or even gas hydrates if at higher latitudes)(I.P.C.C., 2005). 

There are two categories of confining units: those that are impermeable (thick rock salt 

layers and aquicludes), or formations with very low permeability (shales or mudstones) 

which allow extremely slow migration of fluids.  This process is similar to the way that 

hydrocarbons are trapped in geologic formations, shown in Figure 2.7.  
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a. b. 

c. d. 

f. e. 

 

 

   

 

     

 

      

 

Figure 2.7  Hydrostratigraphic (closed)(a-d); and hydrodynamic (open)(e and f) traps for 

fluids (Gunter et al., 2004)  

 

Sedimentary basins have a variety of physically isolated structures, many of 

which are filled with brine or oil and gas. These preexisting chambers make an ideal 

storage location given that the pressure applied to the formation is less than that to 

fracture the cap rock or cause fault movement  (Streit et al., 2005). However, geologic 
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faults can serve as a permeability barrier or preferential fluid pathway depending upon 

the location and formation characteristics (Salvi et al., 1999).  

2.3.2 Residual Trapping 

 

 

Figure 2.8  Schematic of residue trail left behind after CO2 plume migrates upward after 

injection (Juanes et al., 2006).  

 

 

Residual trapping is a more stable storage mechanism than trapping only by a 

physical barrier. As the non-wetting phase (i.e. CO2) rises through the water-saturated 

rock due to buoyant forces, it pushes pore water from small pores. Once this rising 

bubble has passed, water is drawn into the pores by capillary imbibition, and the CO2 will 

slowly dissipate as it dissolves into the formation brine or diffuses into unsaturated 

aquifer (Rackley, 2010).  Any rock volume that is passed by this CO2 will retain a 

residual saturation of CO2. Residual CO2 has been found to be  approximately 5 to 30% 

of storage (Ennis King and Paterson, 2001). 

2.3.3 Solubility Trapping 

Solubility trapping is another important trapping mechanism, particularly in saline 

aquifer storage. A modeled image of this process may be seen in Figure 2.9 (See Figure 
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2.15 and Figure 2.16 for more images at various time lengths), where the CO2 and brine 

mixing are measured by the change in CO2 saturation and pH.  

 

 

 

Figure 2.9  Brine saturation with supercritical CO2 shown 20 days after the start of 

injection in a horizontal injection well (Zhang, 2011). See Figure 2.15 for full mixing 

evolution.  

 

Solubility trapping is the most active trapping mechanism during the moderate 

time scale of 1 to 1,000 years. After the first two mentioned trapping mechanisms, the 

CO2 is dissolved in the brine. Brine is defined as salt water with TDS great than 100,000, 

and brackish is TDS from 1,000 to 10,000 (Gunter et al., 1993).  This trapping 

mechanism does not require a physical barrier, but results from slow mixing of fluids and 

is dependent on the geochemical composition of the pore fluid and rock composition.  

At longer time scales, this mechanism can become the dominant trapping 

mechanism (Ennis King and Paterson, 2001). Results suggest that the dissolution can be 

very slow, on the order of a few thousand years for a typical injection scenario (Ennis 

King and Paterson, 2001). Recently, solubility trapping was proven at a series of 

siliciclastic and carbonated natural gas field sites to be the most dominant sink for CO2 

post injection, with carbonate precipitation only contributing up to 18% of CO2 removal 

(Gilfillan et al., 2009). The solubility of the CO2 in the native pore water will be a 

Depth (m) 

Length (m) 
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function of the water’s temperature, pressure and salinity. CO2 is less soluble in brine due 

to salting out effects, which result from increased solute-solvent interactions. At typical 

subsurface conditions (including a depth of more than 600m), the solubility of CO2 in 

brine was found to vary from 20 to 50 kg/m
3
 (Holloway et al., 2006). The portion of CO2 

that dissolves will migrate at the very slow rates of natural fluid flow within the 

formation. This is known as hydrodynamic trapping, which is similar to solubility 

trapping, though it should not be confused, and results from very slow migration of fluids 

(Bachu, 1994). It can take millions of years for injected CO2 to reach the edge of the 

reservoir if it is hydrodynamically trapped.  

2.3.4 Mineral Trapping 

 

 

Figure 2.10  A depiction of the fractional division of storage mechanism with time 

(I.P.C.C., 2005) 

 

 The last, and most stable, form of capture is mineral formation which is on the 

longest time scale: decades to millennia. In order to undergo this process, the carbon 

dioxide must first mix with the brine. Once the carbon dioxide is “solubility trapped”, it 

no longer exists as a separate phase and the risk of leakage drops significantly; buoyant 
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forces are no longer active. As the newly formed acid interacts with the geologic matrix, 

dissolution of some media occurs, releasing ions. It is from these newly released ions, or 

ions preexisting in the formation solution, that the precipitates may form permanently 

trapping the CO2. Minerals commonly modeled to precipitate are calcite, dawsonite, 

magnesite, and anchorite (Knauss et al., 2005). The carbon dioxide injected combines 

with minerals in the formation and precipitates into a stable mineral form; however, work 

by Xu et al suggests it may take several thousand years for geochemical reactions to 

contribute significantly to fraction stored (Xu et al., 2003). Minerals formed are a 

function of cations in the formation available to combine with the injected carbon; 

common ions include Fe
2+

, Mg
2+

, Ca
2+

. Modeling conducted by Nghiem et al. suggest 

that long term storage of CO2 by mineral precipitation is dependent on the pre-existing 

minerals in the formation (Gunter et al., 1993; Nghiem et al., 2010). Carbonate mineral 

precipitation reactions that may occur are the opposite of the weathering reactions seen in 

Table 2.3, and result in mineral formation from cations and carbonate from the injection. 

 

 Table 2.3  A list of possible carbonate mineral precipitation reactions, including Ksp 

(adapted from (Stumm and Morgan, 1996) 

Mineral Chemical reaction log Ksp 

Calcite Ca
2+

 + CO3
2-

 CaCO3 -8.480 

Aragonite Ca
2+

 + CO3
2-

 CaCO3 -8.336 

Dolomite (ordered) Ca
2+

 + Mg
2+

 + 2CO3
2-

 CaMg(CO3)2 -17.09 

Dolomite (disordered) Ca
2+

 + Mg
2+

 + 2CO3
2-

 CaMg(CO3)2 -16.54 

Strontianite Sr
2+

 + CO3
2-
SrCO3 -9.271 

Siderite (precipitated) Fe
2+

 + CO3
2-
FeCO3 -10.45 

Witherite Ba
2+

 + CO3
2-
BaCO3 -8.562 

Rhodocrosite (crystalline) Mn
2+

 + CO3
2-
MnCO3 -11.13 
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 One advantage, beyond the long term stability, of storing carbon by mineral 

sequestration is the environmental safety of the process and the product. This carbon 

capture method is a normal process that occurs spontaneously on a geologic time scale. 

There is also no shortage of raw materials to combine with the CO2. According to 

Lackner et al. (1997), there is much more raw material than needed for the capturing the 

CO2 using this method than would theoretically be needed to capture all CO2 generated 

from even optimistic estimates of fossil fuel reserves. 

2.4 Storage reservoir options 

A large number of storage locations exist. A few with the largest storage potential 

are seen in Figure 2.11, including coal seams, depleted gas and oil fields, and saline 

aquifers. Table 2.4 demonstrates the possible storage potential of some of the mentioned 

storage locations. The magnitude of the saline aquifer demonstrates the enormous 

potential for storage capacity. 
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Figure 2.11  A demonstration of various types of storage options possible, on and off 

shore (I.P.C.C., 2005). 

 

Table 2.4  Storage Capacity for CO2 Storage in North America (Nghiem et al., 2010) 

 

Formation Type 10
9
 metric tons % of total storage capacity, 

only considering these options 

Saline aquifers 3,297 – 12,618 91.8 – 97.5 

Unmineable coal seams 157 - 178 4.4 – 1.4 

Mature oil and gas 

reservoirs 

138 3.8 – 1.1 

Total Capacity 3,592 – 12,934 100.0 

 

 Any storage location needs to have continental plate stability. This dictates which 

regions may be better for storage, and excludes areas that are tectonically active such as 

those near the Pacific Ocean or the northern Mediterranean. Possible leakage in these 

regions makes them much less desirable. Formations should also maintain CO2 at higher 

density, not only for increased storage efficiency but also for safety. If the fluid is denser, 

the tendency to migrate upwards is reduced keeping the CO2 away from the caprock, 
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from which it may potentially leak out. Temperature of the formation is also an important 

characteristic, with “cold” sedimentary basins (lower temperature gradients) maintaining 

the higher density of the CO2 than “warm” basins (Bachu, 2003). Warm basins require a 

much greater depth to reach dense fluid conditions; 1000-1500m rather than the typical 

700-1000m. Costs of deeper drilling and CO2 compression costs can be significant.  

2.4.1 Oil and gas fields 

Depleted oil and gas reservoirs are an ideal location for storage of CO2. Their 

historic geologic stability for holding oil and gas is transferrable to CO2 storage. 

Additionally, oil and gas companies have already invested money into the sites for 

characterization and well infrastructure, and many models have been developed to predict 

fluid movement in these formation (I.P.C.C., 2005). However, reservoirs need to be 

tested to verify the strength of the plugs placed into abandoned wells since re-purposing 

the site was not intended at the time of site closure. 

Injection into active oil and gas reservoirs also holds great potential for CO2 

storage. Enhanced oil recovery (EOR) through the use of CO2 injection gives industry an 

economic incentive to inject. Using typical primary production techniques, only 5 to 40% 

of the hydrocarbon content is recovered (Holt et al., 1995). Various techniques can be 

applied to increase the total fraction recoverable, including addition of water flooding or 

miscibility agents, including CO2.  During EOR, some of the CO2 is retained in the 

formation. However, the CO2 that is produced with the oil or gas can be separated and re-

injected into the formation decreasing the amount of CO2 that must be purchased and 

avoiding CO2 emission. However, EOR today has not been tailored to maximize CO2 

storage and may hold promise in the future.   
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2.4.2 Coal Seams 

Coal contains a large specific surface area. Micropores enable gas molecules to 

adsorb to the surface. Fractures in the coal, called cleats, allow the gas to travel into the 

formation and adsorb onto the deeper coal. Coal has the capability to adsorb many gases; 

it may contain up to 25 m
3
 methane per tonne of coal at ambient pressure (I.P.C.C., 

2005). Although methane is the most commonly adsorbed gas, coal has a higher affinity 

for CO2. Younger coals, such as lignite can adsorb 10 or more times CO2 than methane, 

while older coals, such as anthracite may adsorb equal amounts of the two gases 

adsorbed. The injected gas passes through the formation cleats and diffuses into the 

matrix to adsorb onto the micropore surfaces, freeing up gases with lower affinity to coal 

(i.e. releasing methane and trapping CO2 gas). 

However, injection of CO2 into coal seams causes formation changes. A study by 

Larsen discusses the trapping of CO2 in supercritical conditions (Larsen, 2004). Under 

these conditions, the adsorption typically observed is replaced by absorption into the coal 

matrix itself. Additionally, adsorption of CO2 causes a change in the coal and lowers the 

temperature at which the coal changes from glassy and brittle to rubbery and plastic; a 

process known as coal softening. This change may impact the permeability and 

injectivity significantly.  

Safe storage in a coal seam also requires the coal never be mined or 

depressurized, which would cause a gas release. Any disturbance of the formation may 

reduce the storage security. The conflict between coal as an energy source and CO2 sink 

may make coal seams a less attractive option.  
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2.4.3 Other geologic media and structures 

Other smaller sinks may also provide important local CO2 sinks. These may 

include basaltic formations, oil and gas shales, salt caverns, and abandoned mines. 

Basalts occur globally and have low porosity, low permeability, and low pore space 

continuity, which make them a good choice for low leakage potential, but may hinder 

injection. They can store CO2 given the reaction with silicates in the basalt to form 

carbonate minerals, though it is unlikely they will provide a major sink for CO2 (I.P.C.C., 

2005; McGrail et al., 2002).  

Basalt formations are another proposed solution for mineral capture of 

CO2.Reactions between basalt and CO2 result in a similar carbonate mineral formation 

but on a much shorter time scale of weeks to years  (Rackley, 2010). Glassy forms of 

ultramafic rocks and basalts, are a promising rock type for the mineral sequestration of 

CO2 because of their relatively fast dissolution rate, high concentration of divalent 

cations, and abundance at the Earth's surface (Gislason et al., 2010).  

Oil or gas shales are also globally distributed. Storage in this type of formation 

would have a similar mechanism to the coal seam adsorption.  There is a large knowledge 

gap about the potential storage of oil and gas shales, but the low permeability of these 

formations hampers the potential for these as major volume storage locations. 

Salt cavern storage would utilize the technology that is already commonly used to 

store natural gas or other petroleum products in salt beds (Dusseault et al., 2004). 

However, it would differ because the formation would not be pressurized and 

depressurized on a frequent basis (daily to annual), but rather hold pressure for geologic 

time. These formations are attractive for either CO2 or gas storage because a single 
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formation can hold more than 500,000 m
3
 of gas (I.P.C.C., 2005). Storage in this type of 

formation offers high capacity per unit volume of storage, efficiency, and injection flow 

rate. Disadvantages of this sink are the disposal of pre-exisiting cavern brine, low storage 

capacity of smaller caverns, and potential for leakage if a crack penetrated the salt walls.  

Unfractured mines with a sealed caprock are a potential CO2 sink. Abandoned 

coal mines provide a cavity for storage as well as adsorption to the media. The typically 

fractured rock above mines makes them an unlikely storage location due to the risk of 

leakage. Also, CO2 resistant shafts would be required to prevent large leakage if the shaft 

failed. 

2.4.4 Oceanic 

Captured CO2 could also be stored at the ocean floor where pressures and 

temperatures would keep the CO2 stable for very long time periods. The oceans are a 

natural sink for CO2 by absorption into the upper layers of the ocean and carbonate 

cycling, but they also could hold large pools of CO2 on the sea floor. Long term storage 

of CO2 would depend on the equilibrium of the liquid CO2 and the ocean water, it will 

eventually enter the solution or gas phase according to equilibrium requirement. 

However, if the CO2 is stored as a solid hydrate or a liquid lake on the ocean bottom, 

longer storage times may be expected. Also, dissolution of carbonates will increase the 

amount of CO2 soluble in solution.  

However, some have mentioned mass carbonate dissolution to neutralize the acid 

during oceanic injection.  Also, oceanic currents would eventually reduce the isolation of 

the lake and promote mixing, where it would re-equilibrate with the atmosphere. Studies 

show that local oceanic chemistry changes would be harmful to wildlife causing reduced 
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e. 

calcification rates to increased mortality. Also, costs of pipelines to transport the liquid 

CO2 to great oceanic depths are a major obstacle.  

2.4.5 Sedimentary basins 

This project focuses on the possibility of injecting CO2 into a sedimentary basin. 

Sedimentary basins are ideal locations for injection because they are characterized often 

as having several types of rock layered. Typically, sedimentary formations are chosen for 

injection because oil and gas naturally occur in this type of formation and they are 

naturally excellent containment structures with sealed caps over the porous units. These 

formations were formed over millions of years by gradual deposition of sediments, 

typically either silicate or carbonate in nature, layer upon layer. See Figure 2.11.  

Deposition can occur from any number of natural processes: like sandbar 

deposition in a river scenario, gradual building of sediments on a flood plain or delta of a 

river, subsea bottom coating from carbonate skeletal materials from sealife, aeolian 

deposition as seen in sand dunes, and many others (Rackley, 2010).  Once these detrital 

sediments have gathered, they are compacted and are cemented into a consolidated rock. 

Though consolidated, many of these rocks remain porous, holding and passing fluid. If 

organic matter is trapped in these layered sediments, Subsequent burial and heating 

results in the thermal decomposition producing hydrocarbons. Although formed in these 

layers, the buoyant forces exerted on the newly formed hydrocarbons causes them to rise 

until they reach a confining unit, causing an accumulation of hydrocarbons as seen in  

Figure 2.7. These types of physical traps represent hydrostratigraphic (closed) and 

hydrodynamic (open) traps.  
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2.4.6 Saline Aquifer 

Saline aquifers, typically a feature of sedimentary basins, provide a large and 

stable sink for CO2. The water in the formations contains very high concentrations of 

dissolved salts. This sink is ubiquitous and will not be used for human consumption or 

agriculture in the forseeable future. They are only used by health spas, chemical industry, 

and geothermal energy production. However, in the future, these saline formations may 

also be considered targets for desalination for drinking water. Balancing future land use 

in the area will be necessary to determine feasibility of a particular formation.  

Although saline aquifers have the potential to hold a very large amount of carbon, 

they do not provide the added value of EOR or methane bed injection. DOE calculates 

that the saline aquifers in the United States alone could store between 1,800 and 22,000 

billion tons of carbon dioxide; which at current emission rates, translates to more than 

450 years of storage potential (N.E.T.L., 2010a). Furthermore, this enormous CO2 storage 

resource is well distributed throughout the US making the transport of the CO2 less 

expensive for this storage option. 
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Figure 2.12  A map of the U.S. showing saline aquifer prevalence (N.E.T.L., 2010a) 

2.5 Saline Injection and Storage of CO2  

This research will pursue the questions related to a saline aquifer injection, given 

the Black Warrior Basin characteristics. After separation of the CO2 from the flue gas, the 

liquid gas is transported to the injection well for disposal. The pressure required to move 

the CO2 into the formation will be predetermined and will be a function of the fracture 

pressure of the formation; caution will be required to avoid fracturing the caprock. 

However, typical injection rates are in the thousands of tons per day; for example 

injection into the Sleipner saline aquifer is 2700 tons/day and injection into In Salah gas 

reservoir is 3300 tons/day (I.P.C.C., 2005). 
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2.5.1 Modeled Injection Results 

 Over long periods of time, the injected CO2 is transformed several times as it 

evolves within the formation. Although it begins as an immiscible phase, it slowly reacts 

with the pre-existing brine to form an acid.  

 A study conducted by Knauss models the effects of acid gas injection on the pH 

and carbonaceous minerals five years after injection. See Figure 2.13. After this period, 

the injected fluid has flowed into the formation and the pH near the injection well is 

approximately 3.2. Nearly all the calcite near the injection zone has dissolved, seen by 

the large spike in calcite volume at approximately 100m. Dawsonsite and magnesite are 

observed to precipitate farther into the formation where more favorable mineralization 

pHs are encountered.  

 

 

 Figure 2.13  Carbonate mineral proportions at the end of a simulated 5 year injection 

phase (Knauss et al., 2005). 
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 Another study by Zhang et al. similarly models the plume evolution and resulting 

pH after injection with a horizontal well. The TOUGHREACT model used in their 

calculations was constructed at Lawrence Livermore National Lab and allows simulation 

of an injection of 20 kg/sec of supercritical CO2 for 1 year into an isotropic aquifer with 

permeability of 2.47 x10
-14

 m
2
, porosity of 18%, 102º C, 225 bars. The injection well in 

this simulation is 500m deep and assumed to be in the middle of the formation. A Pitzer 

ion interaction model has been inserted into the model, which increases the accuracy of 

the calculations in more concentrated aqueous solutions, which is an important factor for 

processes that involves dehydration. Results conducted in this paper are ideal for 

observing the zones that form around the injection well during one year of injection.   

 They found the pH can be expected to drop from 5.5 to 3.1 (Zhang, 2011). See 

Figure 2.14. Also, they observed a zone near the injection well the authors termed the 

“dry-out zone” (Zhang, 2011). This zone forms relatively quickly after beginning 

injection due to the physical displacement of the brine by the injected CO2 and absorption 

of water into the CO2. The pH drop is driven in this simulation by not only the formation 

of carbonic acid, but also by the formation of HCl gas resulting from halite precipitation 

and excess Cl in the original brine solution of the (Zhang, 2011). Halite precipitation 

resulting from the dehydration of the formation by the supercritical CO2 will also impact 

the porosity near the injection point, approximately a reduction in porosity of 5 to 17% 

was observed. The overall plume evolution from this horizontal well can be seen in 

Figure 2.15. 
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Figure 2.14  pH changes during 1 year injection, with a pH of 3.1 at the dry CO2 front 

(Zhang, 2011).   

 

 

 

 
Figure 2.15  Distribution of supercritical CO2 shown at various times from the start of 

injection in a horizontal injection well (Zhang, 2011).  
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 One last modeling exercise should be mentioned since it gives a large scale 

picture of the modeled plume evolution from a traditional vertical injection well.   Figure 

2.16 was run by Wahid Akand Islam at University of Alabama using a model developed 

at Los Alamos National Lab (Lu and Lichtner, 2007).   

 

 

Figure 2.16  Modeled images of the plume shape at various lengths of time after injection 

using PFLOTRAN available at  http://ees.lanl.gov/source/orgs/ees/pflotran/simco2.shtml 

(Lu and Lichtner, 2007).  

2 years 0.1 year 
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200 years 
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Characteristics of the supercritical CO2 become apparent as the whole of the plume is 

observed to rise up to the upper confining unit within the formation. The modeled 

formation was isotropic with a permeability of 2 x 10
-12 

m
2
, porosity of 15%, 50  C, 200 

bars, and injection of 1 Mt/year for 20 years at a depth of 50 feet. The long term fate of 

the CO2 is mixing with the brine, which moves within the formation driving mineral 

reactions.  

2.5.2 Saline Injection Case Study: Sleipner  

 Despite the fact that there have been countless numbers of natural CO2 storage 

formations, anthropogenic CO2 storage is a new concept, certainly on the geologic time 

scale. The world’s first anthropogenic geologic repository for CO2, which is located in 

the North Sea, was initiated by Statoil as the first commercial scale project dedicated to 

CO2 storage in a saline formation. The actual saline formation into which CO2 is being 

injected is Utsira formation, see Figure 2.17. This location contains a gas field (Sleipner 

West) from which the CO2 is separated from the product and injected into the saline 

formation 800m below the sea bed. Statoil found the isolation of the 4 to 9.5% CO2 easier 

and more effective than paying the CO2 emissions tax. The project was initiated in 1996 

and is expected to store 20Mt CO2 over its lifetime, although the total capacity is 

approximately 1-10 Gt CO2.  Nearly one million tons of CO2 per year, resulting from the 

production of natural gas, has been injected into the formation; that’s a rate of 2700 t/  

day.  
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Figure 2.17  A simplified diagram  of the Sleipner CO2 storage Project with inset 

showing location and extent of Utsira formation (I.P.C.C., 2005). 

 

The saline aquifer matrix is sandstone in composition, but has thin layers of shale 

passing through. The top of the formation is fairly flat with the sealing rock being shale. 

Monitoring of the CO2 has been very successful thus far and surveys show the cap rock 

still maintains an effective seal for the CO2. Two dimensional seismic datasets were used 

to characterize the region (See Figure 2.18). This screening reveals the depth of the 

formation to be 200 to 300m (S.A.C.S., 2004), and no major tectonic events were found 

to have occurred in the formation. It was also determined the storage quality was very 

good in terms of porosity, permeability, sealing capacity and total storage capacity. In 

fact, the total pore volume of the formation below 800m was found to be 9.18 x 10
11

 m
3
 

(Bøe et al., 2002); this storage volume would hold 42 Gt of CO2 or the equivalent of 

nearly 8 years of CO2 emissions from US at current emission rates.  
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Figure 2.18  2D seismic profile of the Utsira formation (I.P.C.C., 2005).  

 

 Monitoring of the site has confirmed the cap rock seal continues to be effective. 

This can easily be seen by the results of the monitoring showing no migration of the CO2 

above the top of the formation from 1994 to 2001, though it is obvious that the CO2 in the 

formation has collected at the top of the formation due to buoyancy. This is similar to the 

modeled results presented in Figure 2.19. The bright layers in part a of Figure 2.19 

correspond to higher acoustic response due to CO2 in the gas form present in the 

sandstone separated by horizons of lower permeability throughout the reservoir.  
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Figure 2.19  a. vertical seismic sections through CO2 plume in Utsira sand formation over 

time; the point “C” indicates the injection location. b. horizontal seismic seismic sections 

of the plume showing CO2 plume development of the plume over time (I.P.C.C., 2005). 

 

 

2.6 Chemical weathering 

 Weathering of minerals is an important feature of the hydrogeochemical cycle of 

elements. Rocks and primary minerals are transformed through dissolution into solutes 

and soil and sediments. Below are listed some prominent mineral dissolution reactions, 

each producing alkalinity via OH
-
 or HCO3

-
 when H

+
 is consumed.  Many weathering 

reactions are incongruent, i.e. the initial dissolution is followed by for formation of a 

second precipitate phase (Stumm and Furrer, 1987). 

a. 

b. 

Top 

Utsira 

sand 

Bottom 

Utsira 

sand 
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 Depending upon the formation mineralogy, the fate of the injected CO2 could be 

one of these reactions listed in Table 2.5 

Table 2.5  Some important dissolution reactions in approximate rank of ease of 

weathering (adapted from (Stumm and Furrer, 1987), page 212).  

Mineral  Reaction 

Calcite CaCO3(s) +H2CO3→ Ca
2+

+2HCO3
- 

Dolomite MgCa(CO3)2(s) +2H2CO3→ Ca
2+

+Mg
2+

+4HCO3
- 

Olivine FeMgSiO4(s) +4H
+
→ Fe

2+
+Mg

2+
+H4 SiO4 

Anorthite (Ca feldspar) to kaolinite CaAl2Si2O8(s) +2H
+
+H2O→ Ca

2+
+ 

Al2Si2O5(OH)4(s) 

Hematite Fe2O3 +6H
+
→ 2Fe

3+
+ 3H2O 

Quartz SiO2(s)+ 2H2O→ H4 SiO4 

 

 

 

 

Figure 2.20 Generalized dissolution rates of carbonate and silicate minerals in water near 

25   C as a function of laboratory experiments (Langmuir, 1997), page 78). 
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3 Technical Literature Review 

3.1 Peng Robinson Equation of State 

Equations of state (EOS) are widely used to calculate the various thermodynamic 

properties of fluids. Numerous types of EOS exist in the scientific literature. The original 

ideal gas law is the most basic equation of state, but in order to increase accuracy at less 

ideal conditions, a number of parameters have been added and a large variety of 

equations of state now exist.  Cubic EOS are one popular type in the field of chemical 

engineering because the forms of these equations are easy to handle for the evaluation of 

the parameters for pure components; the parameters are all related to the critical 

temperature and pressure and the acentric factor. The famous Van der Waals EOS was 

the first of numerous cubic EOS developed in the last century, of which Peng Robinson is 

a modified version.  

The Peng-Robinson equation of state was chosen to determine the density of the 

liquid CO2 and is given below: 

 

   

  Equation 3.1 

 

where, 

R = universal gas constant (0.0814 L bar/K mol) 

T = temperature (K) 

V = molar volume (L/mol) 

( )

( ) ( )

RT a T
P

V b V V b b V b
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b = 
0.07780 c

c

RT

P
 

a (T) = acα(T) 

Tc = critical temperature (K) 

Pc = critical pressure (bar) 

 

Where,  

ac =

2 2

0.45724 c

c

R T

P
 

 

b = 
0.07780 c

c

RT

P
 

 

α(T) = 

 

2

1 1
c

T
m

T

  
     

  
   

 

 m =  

 ω = acentric factor 

 

    

    

 

 The acentric factor is a conceptual number meant to measure of the non-sphericity 

of molecules.  It may be formally defined: 

 

     10log ( ) 1sat

rp    , at Tr = 0.7   Equation 3.2  

 

Where, 
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sat
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      Tr = 
c

T

T
 

However, if A and B are defined as seen below, the PR-EOS can be described with a 

cubic equation with a compressibility term, Z. 

      

2 2

( )a T P
A

R T


 

    

      

bP
B

RT
      

    
3 2 2( ) 0Z Z A B B Z AB           

 

Compressibility is a parameter used to modify the ideal gas law and increases as the gas 

nears phase change. It can be quantified: 

     

PV
Z

RT


    

 
Equation 3.3 

where, 

P = pressure (bar) 

V = molar volume (L/mol) 

R = universal gas constant (0.0814 L bar/K mol) 

T = temperature (K) 

 

 The largest positive root corresponds to the vapor phase, Z
V
, and the smallest 

positive root corresponds to the liquid phase, Z
L
.  An ideal gas will have Z = 1.  
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 The molar volumes of either the gas or the liquid and the densities are calculated 

using the following equations: 

 

 

 

 

3.2 Equations of the carbonate system 

The carbonate system is a dynamic equilibrium between solid, dissolved, and gas 

phase carbonate. Carbon capture and sequestration takes advantage of this chemical 

system driving it from the gas phase into the solid phase. Carbon dioxide gas dissolves in 

water to an extent controlled by its partial pressure, and by its interaction with other ions 

in the water (Butler, 1982; Lasaga, 1998). The concentration of carbon dioxide in 

solution is normally expressed by Henry’s law: 

 

        Equation 3.4 

 

Where, 

 {CO2} = activity of dissolved carbon dioxide in mole/L 

 KH = Henry’s law constant in mole/liter/atm, 10
-1.5

 at 25 
  
C (Stumm and Morgan, 

1996)  

 PCO2 = partial pressure of CO2 in atm 

 

22,{ }aq H COCO K P
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At higher temperature, CO2 is less soluble; KH decreases to 10
-1.7

 at 50 
  
C (Butler, 1982). 

When CO2 is in contact with water, it hydrates to produce carbonic acid, H2CO3, 

according to the following reaction: 

 

    2 , 2 2 3 ,aq l aqCO H O H CO     Equation 3.5 

 

The reaction in Equation 3.5 is slow when compared to the ionization of H2CO3 (Butler, 

1982). The concentration of true carbonic acid is less than 0.3% of the CO2, aq present 

(Langmuir, 1997).  In the literature, the sum of the dissolved CO2 and hydrated CO2 is 

commonly referred as H2CO3.  

Carbonic acid is a weak acid; in basic solution it dissociates to yield protons [H
+
], 

a bicarbonate ion [HCO3
-
], and a carbonate ion [CO3

2-
] according to the following 

reactions: 

 

       Equation 3.6 

   
2 2

3 3
aK

HCO H CO                    Equation 3.7 

 

 

At equilibrium (Langmuir, 1997): 

                                                           Equation 3.8 

              

     Equation 3.9 
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The temperature dependencies of the equilibrium constants are available in the 

literature from the following sources. For the first ionization constant, Ka1 (Shedlovsky 

and MacInnes, 1935): 

 

  1

17052
215.21log( ) 0.12675( ) 545.56apK T T

T
      Equation 3.10 

 

For the second ionization constant, Ka2 (Harned and Scholes, 1941): 

 

   2

2902.39
0.0239( ) 6.498apK T

T
      Equation 3.11 

 

Butler provided tabulated values for the first and second ionization constant of carbonic 

acid for a temperature ranges from 0 to 200 
  
C (Butler, 1982). In dilute solutions at 25 

  
C, 

Ka1 and Ka2 are approximately 4.2 × 10
-7

, and 4.8 × 10
-11

, respectively. By using Equation 

3.4 through Equation 3.11, along with pH equation (pH = -log aH+), one can calculate 

carbon speciation as a function of pH. For an open system, the concentrations distribution 

of H2CO3, HCO3
-
, CO3

2-
, and total CO3 as a function of pH at 55 

  
C, and PCO2 = 0.0085 

atm is illustrated in Figure 3.1. At low pH values, the total dissolved carbonate exists in 

the form of carbonic acid, H2CO3, whereas at high pH, carbonate ions, CO3
2-

, are 

dominant. At moderate pH (7.0 – 8.0), bicarbonate ions, HCO3
- 
, predominate. It should 

be noticed that aqueous CO2 stays constant at all pH values due to Equation 3.4. 

 



55 

 

 

 

Figure 3.1  Carbonate speciation as a function of pH, generated with Visual Minteq 

Software (Gustafsson, 2007) 

 

3.3 Chemical Equilibrium and Driving Force 

Driving force is widely used to describe the stability of an aqueous solution. 

When the solution contains a higher concentration of dissolved solute than its equilibrium 

concentration, the solution is called “supersaturated”; and if a solution contains a lower 

concentrations of dissolved solute than their equilibrium concentration, the solution is 

called “undersaturated”.   The degree of under- or super-saturation will determine the 

kinetics of dissolution.  

One way to quantify the under- or super-saturation of a solution is to use the 

saturation ratio, as shown for the calcite system: 

    

2 2

3

( , ) ( , )

{ }{ }

SP T P SP T P

Ca COIAP
SR

K K

 

                             Equation 3.12 

where: 

SR = the saturation ratio 
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IAP = ion activity product 

Ksp(T,P) = solubility product; as a function of temperature and pressure. 

Where: 

If SR > 1, the solution is supersaturated, indicating a solid phase may form 

If SR = 1, the solution is saturated, indicating equilibrium 

If SR < 1, the solution is undersaturation, indicating dissolution may occur 

 

Sometimes the logarithm of the SR, called the saturation index (SI), is used for 

prediction. This form of notation is used in this research: 

 

2 2
3

2 2
2 2

3
3

10 10 10

( , ) ( , ) ( , )

{ }{ }{ }{ }
log log log

Ca CO

SP T P SP T P SP T P

Ca COCa COIAP
SI

K K K

  

 
 

  

    

            

          

Equation 3.13                                                                      

where: 

If SI > 0, the solution is supersaturated, indicating a solid phase may form 

If SI = 0, the solution is saturated, indicating equilibirum 

If SI < 0, the solution is undersaturation, indicating dissolution may occur 

 

 

Given the thermodynamic drive to reach equilibrium, the chemical potential 

provides the driving force responsible for its transfer from a phase where the chemical 

potential is higher to a phase where the chemical potential is lower (at same temperature 

and pressure). Chemical potential is commonly denoted by μ, in units of kj/mol or 
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kcal/mol (Bodek et al., 1988).  The difference in chemical potential of a substance in two 

different states, 1 and 2, is represented by: 

       

      1 2                            Equation 3.14 

 

                                               

where:  

 = 0 +RT lna 

0 = the chemical potential at standard state, joule/mole. 

R = Gas constant, 8.314 joule/mol/K 

T = Absolute temperature, in K  

a = activity 

 

 Several authors suggest a dimensionless driving force, , derived from chemical 

potentials (Garside, 1984; Sohnel and Garside, 1979; Sohnel and Garside, 1981; Sohnel 

et al., 1977). Rearranging Equation 3.14 for the difference in chemical potential to reach 

equilibrium produces a dimensionless driving force, σμ,, that is independent of the activity 

unit: 

 

     / ln i

ie

a
RT

a
 

 
    

 
   Equation 3.15 

where: 
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ai and aie = the activity of component i in bulk solution and at equilibrium, in any 

unit  

 

Converting to a concentration bearing term by substituting ai = ɣici into Equation 3.15 

produces the following equation: 

     















e qie qi

ii

c

c

,,

l n



                               Equation 3.16 

where:  

Ci = concentration of component i in the bulk solution in any unit 

Cie = concentration of component i in the bulk solution at equilibrium in same unit 

as Ci 

i = ionic activity coefficient; equation needed to calculate the activity coefficient 

is provided below 

 

 A slightly different dimensionless driving force based on solution activities is 

recommended by Neilsen (Neilsen, 1983; Neilsen, 1986).  

 

     













 1

,eqi

i

a
a

a
                                 Equation 3.17 
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The chemical potential based driving force () in Equation 3.16 relates to the activity 

based driving force (a) in Equation 3.19 by the following equation (Johnson, 1990): 

 

    































 1lnln

,

,

, eqi

eqii

eqi

i

a

aa

a

a
                  Equation 3.18      

                                        

                              Equation 3.19 

 

At undersaturation, i.e. a << 1 : 

     
                       Equation 3.20 

  

 Other researchers use dimensioned driving force (Greenberg and Tomson, 1992; 

Tomson and Nancollas, 1978): 

 

    
          Equation 3.21 

                                               

where, 

m = driving force in molal units (not temperature dependent) 

Ksp = thermodynamic solubility product 

ia  = ion activity of a cation/anion in the bulk solution; ia  = ɣici 
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Ci = concentration of component i in bulk solution in molal unit 

i = ionic activity coefficient 

 

 Several equations are available in the literature to calculate the activity 

coefficient. Each equation is effective over a range of ionic strengths (Stumm and 

Morgan, 1996). A commonly used option is the Davies equation (Equation 3.22) which is 

most effective at ionic strengths between 0.1 and 0.7mol/kg (Langmuir, 1997; Stumm 

and Morgan, 1996). This equation is less effective at lower ionic strengths due to the lack 

of ion size parameter, which Debye-Hückel contains, resulting in the same activity 

coefficient for all ions of the same charge at a given ionic strength in all electrolyte 

solutions (Langmuir, 1997).  

    

                     Equation 3.22 

where, 

A = 1.82X10
6
(εT)

-3/2
; A 5.0  at 25 

o
C (Stumm and Morgan, 1996) 

ε = dielectric constant  

Z = the charge on the ion for which the activity coefficient is being determined 

μ = ionic strength.  

 

If the last term of Equation 3.22 were dropped, the remaining equation would be 

approximately the Debye-Hückel equation. This equation is most effective when the ions 

are far enough apart to measure their interaction by their charge alone (ionic strengths of 
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less than 0.02 mol/kg) (Langmuir, 1997). The Davies equation is frequently used in 

geochemical modeling of natural waters (Parkhurst et al., 1980).  Note that the Davies 

equation expresses all dependence on the solution composition through the ionic strength, 

which can be calculated using: 

 

     


i

ii ZC 2

2
1                                Equation 3.23 

 

where, 

Ci = the concentration of ion i, in mole/L 

Z = the charge on the ion i     

 

 For the highest ionic strength solutions, a different method was devised by 

Kenneth Pitzer. The theory known as “specific ion interaction theory”, accounts 

accurately for mixed electrolyte solvent-ion interactions. The equations take into account 

the superposition of long-range coulombic effects and short-range non-ionic effects under 

the framework of Guggenheim and others (Tester, 1997). This is the third order virial 

expansion of the excess Gibbs free energy equation{(Tester, 1997), page 532} . The 

activity coefficient is defined as: 

 

3/2
22 2( )

ln
v v v v

z z f m B m C
v v

      
    

  
     

   
 

where, 
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f
γ
 = the Debye-Hückel term = 

1/2
1/2

1/2

2
3 ln(1 )

1

I
A bI

bI b


 
    

 
 

Aϕ = 

2/3
2

1/21
(2 (1000) )

3 4
A s

o s

e
N

D kT
 



 
 
 

 

B±
γ
 =  

 C±
γ
 = 

3

2
C

  

  

where, 

 z= ion charge 

 m= molality in mol substrate/mol solvent 

 v= stoichiometric number 

 Aϕ = limiting law slope for osmotic coefficient in (kg/mol)
1/2 

 I= ionic strength in molality (See  Equation 3.23 for definition) 

 b=distance of closest approach = 1.2 

 NA = Avogadro’s Number = 6.022 x 10
23

/mol 

 ρ= density of the solution in grams/cm
3
 

 e= electron charge= 1.602 x 10
-19

 C 

 εo= permittivity of free space = 8.854 x 10
-12

 C/N  m
2 

 Ds= dielectric constant of solvent  

 k= Boltzmann constant = 1.381 x 10
-23 

J/K 

 T= temperature in K 

 α= constant in (kg/mol)
1/2

=2.0 
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The parameters βo, β1, and C


  are fitted parameters for each ij electrolyte. Tabulated 

values of these parameters may be found in various sources, including (Tester, 1997).  

3.4 Carbonate Dissolution Kinetics 

 Calcium carbonate has been studied for over a century by scientists in the fields of 

chemists, geologists, and soil science (Compton and Unwin, 1990) and references 

therein). Acid has been used in the oilfield since Herman Frasch’s 1896 U.S. Patent 

which suggested acid could dissolve a portion of a carbonate formation to stimulate oil 

production (Frasch, 1896).  

 In the laboratory, of the various mineral classes, the dissolution kinetics of the 

carbonates have been the most extensively and rigorously studied (Chou et al., 1989), 

with calcium carbonate being studied most due to the simplified structure and 

composition, and ubiquity.  Literature regarding the dissolution at low pH will be the 

focus of this review, since acid gas injection will drive the pH to approximately 3 (Zhang, 

2011), and no significant correlation was found between dissolution rate parameters other 

than pH in the low pH environment encountered in acid gas injection {calcite and 

dolomite dissolution occurs independently of ionic strength (Pokrovsky et al., 2005; 

Sjoberg and Rickard, 1983) and independent of PCO2 above approximately 10 bars 

(Pokrovsky et al., 2005)}.  
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Figure 3.2  Dissolution rate plotted as a function of pH (Tested in a fluidized bed reactor, 

pH adjusted with HCl equilibrated with air)(Chou et al., 1989; Plummer et al., 1978a). 

 

 

3.4.1 Dissolution Kinetics 

 Plummer found, during the course of a systematic study of calcite dissolution 

kinetics as a function of pH, PCO2, and temperature, that under far from equilibrium 

conditions, three distinct and independent simultaneous forward reactions occur; each 

obeying different rate dependencies (Plummer et al., 1978b). The reactions are as 

follows: 

 

    
2

3 3MCO H M HCO        Equation 3.24 

    
2

3 2 3 32MCO H CO M HCO       Equation 3.25 

    
2

3 3MCO M CO      Equation 3.26  

where, 

M
2+

 = a metal cation, typically Ca
2+

 , Mg
2+

, or Ba
2+
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Each of these equations represents a region on Figure 3.3.   

 

Figure 3.3  Demonstrates predominance areas of the reactions, which type is dominant 

under which pH nd PCO2 conditions 

     

 From these equations, the rate of dissolution or precipitation may be given by the 

following equations: 

     Equation 3.27  

  

 
2

1 2 2 3 3 2 4 3[ ] [ ] [ ] [ ][ ]R k H k H CO k H O k Ca HCO        Equation 3.29

 Equation 3.28 
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The overall rate is determined by the difference in forward and backward rates, as seen in 

Equation 3.29 (Plummer et al., 1978a).  

 

  
2

1 2 2 3 3 2 4 3[ ] [ ] [ ] [ ][ ]R k H k H CO k H O k Ca HCO        Equation 3.29  

 

 where, 

[i]= concentration of system component in mol/L 

R = overall reaction rate in units of mol/sec cm
2
  

k1-k3= reaction rate constant in 1/sec 

k4  = reaction rate constant in 
1

sec
mol

L

 

 

The first term corresponds to the solid surface protonation at pHs less than 6, the second 

to surface carbonation at pH between 4and 6, and third to surface hydration at pH greater 

than  6, and foruth to  the precipitation reaction (Pokrovsky et al., 2005). The forward 

reaction alone is: 

 

                                     Equation 3.30 

 

where the equation terms are as defined similarly to Equation 3.27. 

 Rate constants are temperature dependent, and can be adjusted using Plummer’s 

correlations (Plummer et al., 1978a).  
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1

444
log 0.198k

T
       Equation 3.31 

    2

2177
log 2.84k

T
         Equation 3.32 

    
3, 25

317
log 5.86

T C
k

T
       Equation 3.33 

    3, 25

1737
log 1.1

T C
k

T
      Equation 3.34 

 

 

    
24log 7.56 0.016 0.64log COk T P   
 
 Equation 3.35 

 

where, 

T = temperature in K 

 

At 25   C, the forward rate constants are k1=10
-0.29

, k2=10
-3.46

, k3=10
-5.93

 /sec (Marini, 

2007).  

 However, as previously mentioned, the focus of this review will be the acidic 

regime dissolution, which is described by the following simplified equation: 

 

        Equation 3.36 

where, 

R = dissolution flux of calcium in units of mol/ cm
2 

sec  

 [i]= bulk concentration of system component in (mol/L)
n 
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kH+ =k1= reaction rate constant in 
1

3

1

sec

n

V

Amol

cm



 
 
  

 
 

 

n= fractional reaction order 

V= reactor volume (cm
3
) 

A= solid surface area (cm
2
) 

 

Dolomite was found by Busenberg and Plummer to follow the same rate law (Busenberg 

and Plummer, 1982). 

 At low pH, the dissolution rate of calcite was found to be controlled by transport 

mechanisms between the bulk of the solution and the mineral interface (Berner and 

Morse, 1974b; Plummer et al., 1979; Plummer and Wigley, 1976; Plummer et al., 1978b; 

Sjoberg and Rickard, 1984b). This is supported by the low activation energy of about 8 

kJ/mol for k1 (Langmuir, 1997). However, that is not the case for dolomite, which is 

interface reaction controlled at low pHs (Gautelier et al., 1999).  The first reaction rate 

term rate is three orders of magnitude lower than calcite indicating the solute transport at 

the surface is not rate limiting. This is also supported by the high values of activation 

energy for the acidic mechanism compared to calcite (i.e. 8.4-13kJ/mol vs 36.1 kJ/mol) 

(Marini, 2007).   

 However, more recent authors using a flow through cell apparatus found the 

dissolution process in the acidic pH region is controlled by the rate of mass transport of 

H
+
 to the mineral surface, rather than the reaction rate limited scenario (Compton et al., 

1989). Their data was much better fit when the surface concentration of the H
+
 is used 
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rather than the bulk concentration. See Figure 3.4. Their unique flow through cell 

apparatus allowed the surface concentration to be known and input into the equation.  

 

     0[ ] n

HR k H      Equation 3.37 

 

where, 

R = dissolution flux of calcium in units of mol/ cm
2 

sec  

 [i]= surface concentration of system component in (mol/L)
n 

kH+ =k1= reaction rate constant in 
1

3

1

sec

n

V

Amol

cm



 
 
  

 
 

 

n= fractional reaction order 

V= reactor volume (cm
3
) 

A= solid surface area (cm
2
) 
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Figure 3.4 Flow rate behavior of the transport limited calcite crystal dissolution where 

current was used to measure H+. (a) [H+]bulk=10
-3

M,  (b) [H+]bulk=5x10
-4 

M, (a) 

[H+]bulk=2.5x10
-4 

M. Dotted lines show expected behavior if the reaction of H+ was 

transport controlled, while solid lines show expected data for first order heterogeneous 

kinetics using best fit parameters (Compton et al., 1989) 

 A variety of values have been reported in the literature for calcite reaction order 

under acidic conditions, ranging from 0.5 to 1 (Alkattan et al., 1998; Compton et al., 

1989; Lund et al., 1975; Sjoberg, 1976; Sjoberg and Rickard, 1984a); similarly for 

a. 

b. 

c. 
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dolomite, which range from 0.5 to 0.63 (Busenberg and Plummer, 1982; Gautelier et al., 

1999). The range of reaction orders were collected under different experimental 

conditions, including hydrodynamic control, temperature, atmospheric pressure and 

composition, and pH and pH control (pH drift/pH stat method) ; the various combinations 

of conditions could have contributed to the range of reported values. Factors affecting 

reaction order are stoichiometry and temperature. Fractional reaction orders are indicative 

of surface controlled reactions (Grauer and Stumm, 1982).  

3.4.2 Mass Transfer Kinetics 

 A different theoretical approach can also be used. These equations resemble those 

given by Nernst; however the Nernst theory is solely empirical while mass transfer 

coefficients can be determined theoretically (Nernst, 1904; Plummer and Wigley, 1976).  

Plummer discusses two simple equations that fit dissolution data for mass transport 

controlled (Equation 3.36) and reaction controlled (Equation 3.37) processes (Plummer 

and Wigley, 1976).  

 

    
( )T s

V dC
J k C C

A dt
       Equation 3.38 

where, 

J= flux  in mol/cm
2
sec 

V= volume of the solution in cm
3
 

A= total surface area of the solid in cm
2
 

C= moles of constituent/L 

kT =D/δ= mass transfer coefficient in cm/sec *(mol/cm
3
)
n-1
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D= diffusion coefficient in cm
2
/sec 

δ = boundary layer thickness in cm 

Cs = concentration of the reacting species at the surface in mol/cm
3
, assuming 

solid equilibrium  

C= bulk concentration of the reacting species in mol/cm
3
 

 

    
( )n

C s

V dC
J k C C

A dt
       Equation 3.39 

 

where, 

J= flux in mol/cm
2 

sec 

V= volume of the solution in cm
3 

A= total surface area of the solid in cm
2
 

C= moles of constituent/L 

kC= mass transfer coefficient in cm/sec * (mol/cm
3
)
n-1 

Cs = surface concentration of the reacting species in mol/cm
3
, assuming 

equilibrium  

C= bulk concentration of the reacting species in mol/cm
3
 

n= empirical reaction order 

 

A commonly used analogue from Morse and Berner used to describe carbonate mineral 

dissolution is (Morse and Arvidson, 2002; Morse and Berner, 1972): 
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      Equation 3.40 

 

where, 

R= rate constant in mol/cm
2
sec 

m= moles of calcite 

A= total surface area of the solid cm
2 

V= volume of the solution cm
3
 

k = reaction rate constant in 
*sec

mol

cm
 

Ω = extent of disequilibrium =
sp

IAP

K
  

 n = reaction order, a positive constant 

 Note: The A, V, and k term is often combined into a separate term k* 

 

Equation 3.40  has the advantage that if log R is plotted against log (1-Ω), the intercept 

will be k* and the slope will represent the reaction order (Morse and Arvidson, 2002).  

 

    log log(1 ) *R n k       Equation 3.41 
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3.4.3 Influence of apparatus on experimental results 

 Despite the fact calcium carbonate dissolution has been studied for well over a 

century, apparatus changes have been made throughout the years to ask more specific 

questions (Compton and Unwin, 1990).  

3.4.3.1 Stirred suspension 

 Many of the experiments references in the “Dissolution Kinetics” section of this 

discussion relied upon the stirred batch technique for study (Berner and Morse, 1974a; 

Plummer and Wigley, 1976; Plummer et al., 1978b; Sjoberg, 1976). This was a 

commonly used technique in the 1970s and 80s. It was a simple apparatus but did not 

permit any hydrodynamic control. During this period, the surface area was calculated 

assuming the particles to be suspended spheres, and calcite is certainly not spherical 

(Sjoberg and Rickard, 1983). Experimental progress was monitored by pH electrode in 

the bulk solution (Berner and Morse, 1974a; Plummer et al., 1979; Plummer and Wigley, 

1976) . During the reaction, an accumulation of reaction products occurs within the 

solution and samples must be taken frequently to track the experimental progress 

accurately. Due to the lack of hydronamic control, calculated transport parameters are 

unable to distinguish between the transport contributed from convection and diffusion. If 

the surface reaction is fast, quick detection by the detector is required, otherwise one is 

just measuring the rate of transport in the bulk liquid phase (Unwin and Compton, 1989). 

In conclusion, this method is convenient but does not address the mass transport or 

controlled surface conditions as well as other apparatuses may.  
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3.4.3.2 Rotating disk 

 In order to address the need for more controlled hydrodynamic conditions, 

rotating disk experiments became popular (Alkattan et al., 1998; Gautelier et al., 1999; 

Gautelier et al., 2007; Pokrovsky et al., 2005; Pokrovsky et al., 2009; Pokrovsky and 

Schott, 1999; Pokrovsky et al., 1999; Schott et al., 2009; Taylor et al., 2004). The surface 

of the calcite or marble disk may be prepared specifically; such as polishing or special 

cleaving (MacInnis and Brantley, 1992b). This more controlled environment permits the 

calculation of more specific mass transfer coefficients; although there is still transport 

through the bulk solution to the detector which creates uncertainty. Calculations used in 

this system were well defined by Levich and are used consistently throughout the rotating 

disk literature (Levich, 1942). This apparatus is similar to the stirred suspension in that as 

the reaction progresses, there is accumulation of reaction products within the solution and 

samples must be taken frequently to track the experimental progress accurately.  

 

3.4.3.3 Flow through cell 

 Compton and his colleagues discuss the development of a flowing cell 

construction that, in their opinion, is the best answer to the lacking of the other 

apparatuses preceding (Compton and Unwin, 1990). They believe that if a cleaved crystal 

face (either untouched, mechanically polished, chemically etched, or polished at an 

angle) is embedded in a resin plate, and an electrode measures the solution composition 

immediately after contact with the mineral, the most accurate representation at the 

surface of the calcite will be obtained. Using this technique, the crystal face is well 

controlled, bulk transfer is eliminated and the quick detection allows accurate 

understanding of the surface conditions and mass transfer. The flow is also maintained to 
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be laminar throughout the experiment. As discussed in the “Dissolution Kinetics” section, 

this more defined apparatus gave rise to a different interpretation of the data (Compton et 

al., 1989).  

 Arvidson has also made use of this type of flow through apparatus in mineral 

dissolution studies (Arvidson and Luttge, 2010).  

 

 

Figure 3.5  Flow cell apparatus showing crystal and electrode placement (Compton and 

Unwin, 1990).  

 

3.5 Solid/Solution Interface 

Most chemical reactions occur at phase discontinuities, such as gas to liquid or 

solid to liquid (Stumm and Morgan, 1996). Reactions relevant to this research are active 

at the solid to solution interface. Several surface features impact the interactions and 

reactions that occur there. In order to control dissolution, the mineral surface 

characteristics must be understood.  
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3.5.1 Surface topography 

Typically, the rate determining step in mineral dissolution or growth process is a 

function of the mineral surface. Classical crystal morphology goes back to the Burton, 

Cabrera, and Frank(BCF) Theory of 1951(Burton et al., 1951). They suggested the spiral 

growth mechanism, where crystal growth occurs only at kinks, which are outcrops of a 

screw dislocation, where crystal building blocks are sequentially incorporated into the 

growing crystal lattice. Because the growth occurs continuously in a spiral, the activation 

energy associated with nucleation of a new site on a flat particle is eliminated. The 

inhibitor molecule is needed only at the leading tip of the spiral (active site where growth 

is occurring).  Hence, the density of these mineral imperfections facilitates the growth or 

dissolution. See Figure 3.6. These active sites were found to comprise 7% of the surface 

area in one study (Kan et al., 2005). 

 

Figure 3.6  Prominent features of crystal morphology involved in crystal growth and 

dissolution (Stumm and Morgan, 1996) 
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3.5.2 Surface Charge and Point of Zero Charge 

 Surface charge is very important factor when determining surface interaction. A 

charged surface determines aggregation of particles and whether other dissolved species 

will adsorb to the mineral surface. The pH of the surrounding solution greatly affects the 

surface charge of many oxides, carbonates and silicates. Surface charge usually develops 

when a surface is hydrated, protonated, or deprotonated.  

 Stumm and Morgan discuss several ways surface charges may develop (Stumm 

and Morgan, 1996): 

1. Chemical reactions at the surface, such as ionizable function groups like -OH, -

COOH. The degree of ionization is a function of pH; low pHs generate positive 

surface charge and high pH causes negative surface charge.  

 

 

Figure 3.7  A surface showing charge evolution with pH increase (to the right) (Stumm 

and Morgan, 1996), p552) 

 

2. Lattice imperfections at the solid surface or isomorphous replacements within the 

lattice. For example, if an Al
3+

 atom was replaced by a Mg
2+

 atom, the lattice 

becomes negatively charged.  

3. Adsorption of a hydrophobic species or a surfactant ion. Adsorption of surface 

active ion can result from hydrophobic bonding, H bonding, or London-van der 

Waals interactions. 

 



79 

 

 

 Every mineral or solid particle has a pH at which there is no surface charge; this is 

referred to as the point of zero charge (PZC). If the surface charge is induced only by the 

binding or dissociation of H
+
, this pH may also be referred to as the point of zero net 

proton charge (PZNPC). Salt type minerals’ PZC is determined by the pH and the 

concentration of all potential determining ions, i.e. any charged species involved with the 

reaction. So, for calcite, in addition to H
+
 and OH

-
, HCO3

-
, Ca

2+
, and CO3

2-
 are also 

potential determining. The PZC for calcite, dolomite and magnesite are very similar, 

approximately pH 8 (Pokrovsky et al., 1999).  

 

   

Figure 3.8  Effect of pH on surface charge of several minerals. At PZC, the surface 

charge is zero. Curves are general trends. ((Stumm and Morgan, 1996), p. 539) 

 

3.6 Surface treatment of carbonate minerals 

 Surface treatments to stop dissolution of acid sensitive minerals have been studied 

for a variety of purposes, from tooth decay (hydroxyapatite (Ca5(PO4)3(OH)) decay 

(Kwon et al., 2011) to preservation of historic marble (CaCO3 or CaMg(CO3)2) buildings 

(Doehne and Price, 2010; Thompson et al., 2003), and simply generic industrial 

application (Taylor et al., 2004) . A large variety of treatments have been tried over the 
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centuries to stop dissolution in corrosive environments, but the question continues to 

persist in the literature. 

 The basic principle behind protective surface coatings and dissolution inhibition is 

the same: the mineral surface must be capped to contain the active growth sites. These 

active sites are typically kinks, step edges, or other imperfect sites, as suggested by 

Burton (Burton et al., 1951; Stumm and Morgan, 1996).  The retarding effect that follows 

an effective surface covering  may be explained by a stearic obstruction of the 

participating lattice ions (Stumm and Morgan, 1996).   

 A surface protective coating can originate from a variety of different possible 

sources. One may require external introduction of a protective substance onto the surface, 

while others may generate as a result of solution conditions, similar to the way rust forms 

on the outer surface of metals.   

3.6.1 Scale Inhibitors 

 Scale inhibitors are much like surfactants in that they are surface active. Nearly by 

definition, scale inhibitors are actively sorbed or adsorbed by solid surfaces (Tomson and 

Oddo, 1996). Of the large variety of scale inhibitors to choose from, inhibitors may be 

chosen by their physiochemical characteristics and behavior.  

 As was originally proposed by Lussac, mineral composition may be related to 

effective inhibitors in that inhibitors of mineral growth are typically insoluble salts of one 

of the lattice ions (Tomson et al., 2002). Broadly, scale inhibitors are classified as either 

acids or complexing agents (Fink, 2011). There are several anionic groups that can attach 

to an organic backbone to provide good interaction with calcium ions on the crystalline 

surface of calcite; including phosphate ions (-OPO3H
-
), phosphonate ions (-PO3H

-
),  
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phosphonate ions (-PO2H
-
), carboxylate ions (-COO

-
), and sulfonate ions (-SO3). Two 

main categories are discussed briefly in the following section.  

 The affinity of scale inhibitors to a surface is quantified by the stability constant 

(log Ke) of the inhibitor to a metal.  

        Equation 3.42 

The stability constant is simple the inverse of the acid dissociation constant, where the 

metal ion is replaced by the hydrogen ion.  

        

Equation 3.43 

 

 

3.6.1.1 Phosphonate Inhibitors 

 Phosphonates are one of a group of threshold inhibitors. These compounds are 

seen as preferred because others, such as chelation agents, must be added in 

stoichiometric proportion, while threshold inhibitors are only needed at milligram per 

liter levels for effective treatment. Trace amounts of phosphates or organic matter can 

poison calcite crystal growth (Stumm and Morgan, 1996; Watson, 2002). Kan et al found 

that effective treatment can be attained with only 0.2mg/L (Kan, 2003). 

 Phosphonic acids are characterized by a stable covalent carbon bonded to a 

phosphorous atom; the anion is called a phosphonate. The most commonly used 

phosphonates  have a similar structure to the well-known chelating aminopoly 

carboxylate ethylenediaminetetraacetic acid (EDTA), seen in Figure 3.9. However, 

phosphonates  have been proven to interact much more strongly with mineral surfaces 
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than carboxylate structural analogues, such as EDTA (Nowack, 2003). The extent of 

interaction will be determined by the pH at which the interaction occurs.  
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Figure 3.9  EDTA structure, a chelating agent 

(http://en.wikipedia.org/wiki/File:EDTA.svg) 

 

  

Figure 3.10  NTMP structure, a phosphonate scale inhibitor 

(http://www.chemicalbook.com/ProductChemicalPropertiesCB3451342_EN.htm) 

 

 

 

Figure 3.11 – BHPMP structure, a phosphonate scale inhibitor 

(http://www.chinachemnet.com/32407/BHMTPh%C2%B7PN-1435951.html) 

 

 There has been some question as to whether the main retention mechanism is 

precipitation or adsorption (Oddo and Tomson, 1990); but recent work suggests they are 

http://en.wikipedia.org/wiki/File:EDTA.svg
http://www.chemicalbook.com/ProductChemicalPropertiesCB3451342_EN.htm
http://www.chinachemnet.com/32407/BHMTPh%C2%B7PN-1435951.html
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retained in the formation by precipitation with calcium (Tomson, Kan et al. 2006). This 

makes them ideal for use in carbonaceous reservoirs, but less applicable in sandstone or 

other matrix formations. After precipitation, the solubility of the calcium phosphonate  is 

low, resulting in a slow release into solution and therefore infrequent treatments for 

squeeze type applications (Baraka-Lokmane and Sorbie, 2010).   

3.6.1.2 Sulfonate Inhibitors 

 Sulfonates are similar to phosphonates in that they have a group that can serve for 

attachment purposes to the surface of interest. Poly-vinyl sulphonate (PVS) and 

sulphonated polyacylate copolymer inhibitors are used in several North Sea fields. They 

generally display good scale inhibition properties for both barium sulphate and calcium 

carbonate scales; in 

some situations their inhibitor properties far exceed the effectiveness of other options. 

One drawback to these sulfonated inhibitors is the difficulty to assay (Chilcott, 2000). 

3.6.2 Literature reported acid induced mineral coating 

 In the literature, it has been shown that acid reaction with carbonates can produce 

a passivation-like coating on the mineral. This concept has been tested by contacting acid 

soluble minerals with a variety of acids, contradictory as the idea may seem (Wilkins et 

al., 2001b).   

3.6.2.1 Sulfuric acid 

Booth et al. found that exposing a calcite crystal cast into a resin block to a 0.1M 

sulfuric acid solution created a fully passivated surface (Booth et al., 1997; Wilkins et al., 

2001a). Detection of the coating by these authors was primarily by atomic force 

microscopy (AFM).  The contribution of Booth was particularly interesting because they 
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found the growth was epitaxial, meaning the crystal lattices were matched and the surface 

coating was stably adherent (Booth et al., 1997; Hammarstrom et al., 2003).  

In the field of acid mine drainage remediation, the occurrence of sulfuric acid 

contacting carbonate minerals (limestone) has been found to be quite troublesome 

(Huminicki and Rimstidt, 2008). Acid mine drainage management requires cleanup and 

maintenance in order to attain the effluent limits recommended by the EPA; this can cost 

on the order of $1 million per day (Perry, 1992). Management of these sites is effective 

following an addition of a basic counterpart for neutralization purposes; this typically 

involves the addition of hydrated lime (Ca(OH)2), pebble quicklime (CaO), caustic soda 

(NaOH) or soda ash (Na2CO3). Naturally existing limestone formations or crushed 

packed beds may provide a cheaper solution to remediation. However, a precipitated 

coating on the limestone can greatly inhibit the neutralization by blocking the mineral 

surface. A recommended remedy for this problem is dilution of the influent acid stream 

(Huminicki and Rimstidt, 2008). This suggests that the strong acid provides the 

components of the coating, as well as the driving force.  

Another author observed the formation of a similar surface coating, also while 

studying limestone as a solution for the treatment of acid mine drainage (Hammarstrom 

et al., 2003). A metal hydroxide coating formed on the grain surface. This coating, 

termed armoring, results from the influent having a strong acid content as well as a high 

iron content (150mg/L) (Hammarstrom et al., 2003).  

These cases resulting from mineral contact with sulfuric acid suggest that mineral 

coatings are harmful. Effective acid neutralization is drastically reduced following 
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formation of a surface coating, however, there are cases in which the passivation may be 

helpful. 

3.6.2.2 Oxalic acid 

In the field of acid mine drainage remediation, carbonate minerals (limestone) in 

contact with sulfuric acid have also been observed to create a natural passivation layer 

(Huminicki and Rimstidt, 2008). Acid mine drainage management requires cleanup and 

maintenance in order to attain the effluent limits recommended by the EPA; this can cost 

on the order of $1 million per day (Perry, 1992). Management of these sites is effectively 

done by addition of a basic counterpart for neutralization purposes; including hydrated 

lime (Ca(OH)2), pebble quicklime (CaO), caustic soda (NaOH) or soda ash (Na2CO3). 

Naturally existing limestone formations or crushed packed beds may provide a cheaper 

solution to remediation. However, precipitated coating on the limestone can hinder these 

possibilities. Recommended remedy for this problem is dilution of the influent acid 

stream (Huminicki and Rimstidt, 2008).  

 The origin of these films has been studied and two main sources are suggested. 

Some authors suggest a biological origin, where a community of microorganisms create 

the deposition of organic compounds on the monument surface following metabolism of 

carbon food sources (Garcia-Valles, 1998). However, the microbial explanation is a 

function of the atmospheric quality which promotes growth of lichen (Liebig, 1853). The 

second possible source is a chemical origin. The latter may result from organic 

compounds remaining from a past surface treatment (Garcia-Valles, 1998).  
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Figure 3.12 Oxalate films on marble surface from St. Pierino, Lucca (left) and St. 

Frediano, Pisa (right) both located in Italy (Rampazzi et al., 2004) . 

 

 Wilkins et al. pretreated crystals with various acids, including oxalic, in an effort to 

form the protective coating observed in nature. A channel flow cell was used to test the 

pretreated crystals. The channel dimensions were 40 by 6 mm, with a depth of 0.2mm. 

Freshly cleaved crystals, approximately 5 by 8 mm, were pretreated for 1, 5 or 24 hours.  

Then, a pH 2 solution of HCl was run over them and dissolution was observed 7 mm 

downstream with the use of a 5 mm platinum microelectrode; a silver reference electrode 

was placed nearby in the effluent solution. A solution of 0.01 M hydrochloric acid and 

0.5 M potassium chloride flowed over the prepared calcite crystals at flow rates ranging 

from 0.0065 cm
3
 s

−1
 to 0.25 cm

3
 s

−1
Calculated heterogeneous rate constants in Table 3.1 

were calculated using Equation 3.35. They found that even short exposure times lead to a 

significant reduction in the experimental rate constant. This indicates that the acids tested 

show a kinetically rapid formation of a surface coating, which serves to inhibit 

dissolution. 

 

Table 3.1 Summary of rate constant values following an acid pretreatment (Compton et 

al., 1989; Compton and Unwin, 1990; Wilkins et al., 2001b). 

Acid Length of exposure Experimental Rate 
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(hours) Constant (cm/sec) 

None (untreated) - 0.043 

Oxalic acid 
5 0.003 

24 0.003 

Phosphoric acid 
5 0.004 

24 0.003 

Polymaleic acid 

1 0.008 

5 0.005 

24 0.003 

 

 

  



89 

 

 

4 Experimental 

4.1 Common experimental methods 

4.1.1 Solid carbonate 

Ground calcite was used in surface treatment screening given the scarcity of the 

field site materials. Minerals of similar composition were purchased from Ward’s Natural 

Science. Core samples were received from near the field site and a characterization was 

performed on the samples to determine a reasonable substitute for general testing.Iceland 

spar calcite was found to be a reasonable substitute. Mineral impurities were determined 

using an acid dissolution. This was performed by dissolving the mineral in acid. The 

soluble portion of the mineral was dissolved in the acid and ICP-OES was used to 

determine the cation composition of the mineral composition. All of the solids tested can 

be seen in Table 4.1.  

 

 

Figure 4.1 XRD spectra of the received field sample 
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Figure 4.2 Semi quantitative analysis showing major mineral components of the sample 

 

Table 4.1 Comparison of field obtained and Ward’s Natural Science (calcium carbonate) 

obtained mineral composition as determined by acid dissolution.  

Mineral Calculated composition 

Tuscumbia Limestone Ca 0.957 Mg 0.037 Fe 0.005 Mn 0.004 (CO3)2 

Iceland Spar Ca 0.993 Mg 0.006 CO3 

Calcite Ca 0.99 Mg 0.008 Mn 0.0007 (CO3)2 

 

Iceland spar is commonly used in experimentation throughout the literature 

because of its high purity (>99.9%) (Plummer and Wigley, 1976; Plummer et al., 1978b; 

Pokrovsky et al., 2005). See Figure 4.3. The rhombohedral cleavage is consistent at any 

size scale; this is a characteristic of a mineral. 
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Figure 4.3  A photo of the Iceland spar used throughout experimentation. (a) Bulk (b) 

SEM images of ground calcite used in column at 1720x magnification  

 

The Iceland spar was carefully prepared before the acid induced coating was 

formed on the surface.  Large bulk calcite as seen in Figure 4.3 part “a” was ground using 

a mortar and pestle; stacked sieves were used to obtain the desired size fraction (212-

250μm).  Then, the mineral was washed with a dilute acetic acid wash solution to remove 

fines remaining on the surface after grinding, as well as create an even surface for 

reaction after the grinding process; surface preparation can significantly impact 

dissolution rates (Macinnis and Brantley, 1992a). Washing was performed expecting 

about 5% weight loss of the solid. The ground and washed sample was oven dried for 24 

hours at 70ºC. Surface area of the particles was determined by BET surface analysis as 

well as geometric calculation (See Table 4.2) based on SEM imaging similar to that in 

Figure 4.3.  

 

Table 4.2  Surface area of Iceland spar calcite used in experiments  

SSA determination 

method 

SSA(cm
2
/g) 

BET 130 

Geometric Calculation 105 

b. a. 
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 However, some experiments were conducted with limestone dolomite. This 

allowed a test of the same inhibitors on a more varied surface composition and 

morphology. Although the composition was not as similar to the field sample, many 

carbonate fields contain large percentages of dolomite. Figure 4.4 shows the generic 

dolomite limestone used in testing purchased from Wards Natural Science Establishment, 

Inc. (47 E 4687). XRD analysis conducted on the dolomite limestone reveals a large 

proportion of quartz in this sample. Semi-quantitative results demonstrate the impurity of 

the sample. Results of an acid dissolution of the dolomite limestone are presented in 

Table 4.3; results indicate that the Ca
2+

 to Mg
2+

 ratio is almost proportional 1:1, as 

expected for dolimite.  

 

Table 4.3  Comparison of field obtained and Ward’s Natural Science (limestone) 

obtained mineral composition as determined by acid dissolution.  

 

Mineral Calculated composition 

Tuscumbia Limestone Ca 0.957 Mg 0.037 Fe 0.005 Mn 0.004 (CO3)2 

Dolomite Ca0.504 Mg0.496 Fe0.0007 Mn0.0007 (CO3)2 

 

 

Table 4.4  Surface area of Limestone dolomite used in experiments  

SSA determination method SSA(cm
2
/g) 

Geometric Calculation 

(spherical assumption) 
130 
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Figure 4.4  A photo of the dolomite limestone rock used in experiments to simulate field 

media. (a) bulk (b) SEM images of ground dolomite used in column at 1840x 

magnification . 

 

 

4.1.2 Sample analysis and characterization 

 A Perkin Elmer 4300 Inductively Coupled Plasma – Optical Emission 

Spectrometer (ICP-OES) was used for analysis of elements in the parts per million range 

(mg/l).  This included Ca
2+

 to Mg
2+

.  Certified elemental standard solutions from 

PerkinElmer were used to generate standard regressions for each element.  The 

calibration solutions were acidified to 1% by volume with trace metal grade HNO3.   

 An internal standard of yttrium was prepared by volume dilution of a 1,000 mg/l 

Y standard solution (Perkin Elmer) into Mili-Q water with 1% by volume trace-metal-

grade HNO3. The internal standard was mixed with the standards and samples through a 

static mixer as they were being injected into the ICP-OES.  While the standard curve was 

developed and the samples were analyzed, the ICP-OES software adjusted the measured 

intensity of the sampled elements according to the internal standard intensity.  The 

program assumed a constant Y concentration, and therefore it normalized the variability 

in total mass of the target element based on the amount of Y detected for each replicate 

and across the entire sample-set.  Due to this technique, the standard solution and 

a. b. 
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samples, which were measured in triplicate, gave readings with relative standard 

deviations below 5%.   

 Typically, the relative standard deviations ranged between 0.25 to 1.5% for each 

element.  The standard curve for each element was developed as a linear regression 

forced to cross the y-axis at the measured mean intensity of the blank and fitted by least-

squares to the measured mean intensities of the known standards.  However, before 

arithmetic means were calculated, each replicate measurement was first adjusted 

according to the internal standard intensity for that replicate.  Standard solutions were re-

made whenever the correlation coefficient, R
2
, dropped below 0.9999. 

4.1.3 Solution preparation 

All experiments were conducted with brines prepared using lab-purified water, 

composed of Rice University groundwater deionized by ion-exchange, then purified by a 

Millipore Mili-Q water system (18.2 MΩ-cm).  Solutions were prepared with ACS-grade 

chemicals from Fisher or Sigma Aldrich. 

4.1.4 Equilibrium modeling 

Visual Minteq (Gustafsson, 2009) and ScaleSoft Pitzer (Tomson and Kan, 2011)  

were used to determine predict solution characteristics, such as speciation and saturation. 

Visual Minteq is a free software downloadable from the internet that performs many 

equilibrium calculations such as solubility, speciation, sorption, titrations, and many other 

things. The software was built on the USEPAs MINTEQA2. It uses the tableau method to 

simultaneously solve equations and generate useful information for both experimentalists 

and industry. The specific ion interaction theory (SIT) (Guggenheim and Turgeon, 1955)  
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method was chosen for activity coefficient calculations involving higher ionic strengths, 

given the known limitations of the Davies and Debeye Huckle methods.  

Scalesoft Pitzer is a similar solution calculator produced for the Brine Chemistry 

Consortium at Rice University. This software is used mainly by oil and gas companies of 

the consortium and research conducted at Rice University.  This software performs 

equilibrium calculations such as solubility and inhibitor calculations. Pitzer theory was 

used in the development of this software, which has been found to be the most accurate 

method for solutions up to 6M salinity (Elizalde and Aparicio, 1995). 

 

4.2 Development of a high temperature and pressure apparatus to simulate CO2 

injection site conditions 

4.2.1 Introduction 

 Scientists are searching for a storage location for large amounts of CO2 in 

response to climate change concerns. Studies are being undertaken to understand the 

impacts various options may have, in order to uncover unexpected consequences before 

field testing. The mineralogical fate following an injection of an acid gas into a reservoir 

environment remains uncertain.  Current mineralogical studies in the literature 

mainly involve modeling rather than experimental techniques. This may be in part due to 

the difficulty of working with a high temperature and high pressure system required to 

simulate the reservoir into which injection will occur. Additionally, there are many 

difficulties to working with a supercritical gas, and experimental contributions generally 

use a static apparatus. Questions regarding both the dissolution and re-precipitation of the 

formation can significantly alter the feasibility of the subterranean injection. This 
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research aims prepare an apparatus with the goal of testing near well bore mineral 

stability during the injection of acid gas into a carbonate formation. Testing at filed like 

conditions will prove the proposed treatments are applicable.  

 This discussion offers insight into the process used to develop the unique 

apparatus to address this question. This is the only known version of this apparatus, 

which is unique because it allows minerals to be tested under dynamic flow conditions, 

similar to those in the injection environment. Much of the literature relevant to the fate of 

minerals after injection of liquid CO2 used high pressure batch apparatus (Kaszuba et al., 

2011; Pokrovsky et al., 2005; Pokrovsky et al., 2009); an example of which can be seen 

in Figure 4.5.  The goal of this study was to develop a high pressure and high temperature 

dynamic flow apparatus and use it to test pretreated carbonate material to determine if the 

treatment may remain effective in the high pressure CO2 conditions.  

 

 

 Figure 4.5  Rocker bombs used by Kaszuba research group at University of Wyoming.  
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4.2.2 Methods 

 

4.2.2.1 Gas flow rate verification 

 In order to maintain a single phase flow in the apparatus, the brine and CO2 had to 

be mixed in the appropriate ratio to assure saturated brine. The ISCO syringe pump was 

used to transfer exact volumes of liquid CO2 to mix with the brine. However, the phase in 

the pump is liquid and the phase at the sampling area is gas, and any miscalculation in 

liquid pumped amplifies to a very large error in gas measurement (1mL liquid 

CO2~500mL gas CO2). This was addressed by testing the pump accuracy and calculating 

the density of the liquid gas with an equation of state.  

 The solubility of the liquid CO2 in the experimental solution was calculated using 

ScaleSoft Pitzer and compared with results from the Duan and Sun equation (Duan and 

Sun, 2003); ScaleSoft Pitzer values were used for solution mixing in these experiments.   

 

Table 4.5  Calculated CO2 solubility in 1M NaCl at room temperature and temperature of 

the formation in Alabama using Scalesoft Pitzer (Tomson and Kan, 2011), and Duan and 

Sun calculator: http://calc.geochem-model.org/Pages/Solubility.aspx) . 

Temperature (º C) Pressure (psi) ScaleSoft Pitzer Duan and Sun  

25º C 14.7 0.0292  0.0271  

38º C 14.7 0.0214  0.0198  

25º C 1500 1.219  1.146  

38º C 1500 1.055  1.024 

 

 

 The pumps were operated in an attempt to achieve close to exact saturation. In 

order to achieve gas mass balance, density of the liquid gas must be known. Densities at 
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two temperatures can be seen in Table 4.6. The expected gas flow rates were verified at 

the end of the apparatus.  

 

Table 4.6  Example densities of CO2 as calculated with Peng-Robinson equation. 

 

Temperature 77º F 104º F 

Phase liquid supercritical 

Pressure 1500 psi 1500 psi 

Density 0.78 g/ml 0.56 g/ml 

 

 

 Gas flow rate verification was completed by measuring the gas at the end of the 

apparatus and comparing it with the calculated expected volume. The ISCO syringe 

pump was run in constant flow mode to achieve saturated brine. After the total solubility 

of the CO2 in the brine was calculated, the pumping rate was determined using the 

following approach with example values from Table 4.5: 

 

 

  

 

 

 Once the pump was set, the expected gas volume can be calculated by 

determining mol/minute, then finding the resulting volume by plugging into the ideal gas 

law. To continue with the same example values as above: 

 

   

2 2 2 2

2 2

1.055 44 0.749 0.0351

1 1000

molCO gCO mLCO mLCOLbrine

Lbrine molCO gCO mLbrine mLbrine
    

2 2 2 2

2 2

0.035 1 0.0006

min 0.749 44 min

mLCO gCO molCO molCO

mLCO gCO
  

Pumping ratio 
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Then, the ideal gas equation may be used.  

 

  

 

 

 The ISCO syringe pumps were set using the technique discussed. However, gas 

flow rate was also problematic. Due to losses of the gas if the flow rate was measured in 

an inverted graduated cylinder, a plastic syringe was used instead. The end of the back 

pressure regulator was fitted with a luerlok tip and a 60 mL syringe was attached. Gas 

flow rates were measured over several minutes and an average was taken for comparison 

with calculated values.  

 

4.2.2.2 Mineral mass balance verification 

  Conservation of the mineral mass is important due to the conditions that make 

loss through precipitation possible, which may occur as the pressure within the system 

drops.  Conservation of mineral mass was verified by running the apparatus at high 

pressure with a packed calcite column while collecting aqueous samples for analysis. No 

treatment was performed on the calcite, and dissolution to equilibrium was expected. Due 

to the difficulty of working with liquid CO2, brine that had been saturated with 1 atm of 

CO2 was used for this test and only one syringe pump was run. 

 Aqueous samples were taken at the end of the back pressure regulator, diluted 

immediately, and analyzed on the ICP-OES. Results from the ICP-OES were used to 

2

2

1
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calculate SI values; SI values can be used as a quantitative indicator of equilibrium 

mineral dissolution. The drop in pressure could cause minerals dissolved in the column to 

precipitate; especially since the amount of mineral dissolution was large. In order to 

prevent precipitation in the BPR capillary tubing, addition of a diluting DI stream 

reduced the SI to prevent any ion loss through precipitation. 

 

4.2.3 Results and discussion 

4.2.3.1 Apparatus design: front to back 

A diagram of the apparatus developed is seen in Figure 4.6. 

 

 

Figure 4.6 Dynamic flow apparatus for testing treated minerals at conditions relevant for 

CO2 storage.  
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In the field, brine and supercritical CO2 will mix, creating a CO2 saturated phase 

that will flow and react with the carbonate formation. In order to simulate this process, 

one of the 500mL cylinders of the Teledyne ISCO screw driven D-series syringe pump is 

run in “re-fill” mode, causing the piston to move down and draw liquid CO2 into the 

cylinder from the storage cylinder. Constant temperature of the cylinder is maintained 

with flexible tubing wrapped around the cylinder that allows circulation of water serving 

as thermal mass to regulate temperature (located underneath the insulation shown in 

Figure 4.6). The second ISCO syringe pump is filled with prepared brine. The brine 

pump rate can verified with the use of a potassium tracer. The dual ISCO pumps may be 

run either using separate but simultaneous pump rates, or modifier addition mode. Either 

method will work, but pumping them independently at set rates was found to be the most 

successful. The system is designed for use with supercritical fluids and the fractional 

pumping allows a “modifier” to be added to the liquid CO2 stream. When pumping in 

either mode, the two streams combine in a mixing T located just above the pump and 

flow as a single stream.  

The mixed flow may either flow through a “by pass” course during system testing 

or may actually pass through the column. This flexibility of the system is achieved 

through two Hastelloy-wetted-parts six- way valves. It should be noted that special care 

was taken that all lines were Hastelloy-C or PEEK because the acidic pH of the brine can 

cause corrosion.  Lines after the column are also corrosion resistant, but several metallic 

fittings are stainless steel.  
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The column itself is a stainless steel column. Hastelloy was found to be too hard 

for the construction with ferrules that clamp onto the column. Column ends are 

Hastelloy-C. Gold plated stainless steel ferrules are used to clamp onto the column and 

hold the column ends in place under high pressure.  

 

 

Figure 4.7  Stainless steel column with gold plated ferrule holding on Hastelloy column 

ends. 

 

If dissolution is expected, a stream of solution may be introduced with another 

high pressure pump near the end of the apparatus. A continuous flow Gilson 306 high 

performance liquid chromatography (HPLC) pump was used for this purpose. This added 

stream of DI water is important to prevent precipitation in the capillary tubing, which is 

used as a back pressure regulator. A tracer can be added to the DI to verify the pump flow 

rates. As the pressure drops and CO2 leaves the solution, the pH will increase and induce 

precipitation of any previously dissolved ions similar to what may occur in the field.  

The capillary tubing with a 0.004” inner diameter was determined to be the best 

choice for back pressure regulation. This is because of the slower pressure drop than a 
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needle valve. When using a needle valve or other small orifice to maintain pressure, the 

CO2 can form dry ice at that orifice, causing flow blockage. The incremental pressure 

drop inside the capillary tubing prevents the formation of ice and steady flow is 

maintained, although frost frequently precipitated on the capillary tubing, particularly 

near the outlet. The ideal length and diameter of the capillary tubing can be determined 

by using the Poiseuille Equation.  

 

    ~    Equation 4.1 

Where,  

 μ = dynamic viscosity, cp 

 L = length of tubing, in 

 Q = flow rate of solution, ml/min 

 r = radius of tubing, in 

 

This equation suggests approximately 60” of 0.004”ID tubing is required to achieve a 

pressure drop from experimental pressure (1500 psi) to atmospheric (14.7 psi).  

 

4.2.3.2 Gas flow rate verification 

  

 Calculations similar to the ones discussed in the method section were used to 

verify the system at room temperature, and successful results are in Table 4.7. 

 

P
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Table 4.7  Experimental data demonstrating the liquid CO2 pump rate was predictable. 

 Liquid CO2 pump 

rates (mL 

CO
2,liquid

/min) 

Gas volume 

measured (mL 

CO
2
/min) 

Expected gas volume 

0.0056
 

2.4 

Measurement 1 2 
Measurement 2 2.6 

Measurement 3 2.4 

Measurement 4 2.4 

 

Once, the gas flow rate was consistent, conservation of mineral mass was also necessary. 

 

4.2.3.3 Mineral mass conservation 

  Analysis of aqueous samples collected during dissolution of a packed calcite 

column with brine saturated with 1 atm CO2 allowed the calculation of an SI value. At 

equilibrium, the measured calcium should cause the SI to very close to zero. A loss of 

calcium would state the system was undersaturated. Measured calcium values were input 

into the equation below and the results can be seen in Figure 4.8. 

 

2 2 2
3 3

2
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Figure 4.8  Data demonstrating the high pressure apparatus was able to achieve 

conservation of mass, as quantified by SI which was calculated from ScaleSoft Pitzer 

from measured aqueous calcium values.  

 

The data in Figure 4.8 shows a large pulse of calcium before the stable dissolution is 

observed. This may be explained by a flush out of the column after dissolution of the 

minerals fines in the column after packing. However, an SI very close to zero was 

obtained after the system was flushed indicating there was no loss of calcium to 

precipitation.    

4.2.4 Conclusion 

 A unique apparatus was designed and constructed for this project to allow the 

future testing of surface treatments at high pressure and temperature conditions. Other 
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research groups doing similar research use high pressure batch style apparatuses. This 

unique apparatus requires knowledge of liquid gases and careful planning to maintain 

aqueous species conservation as conditions change.  

 Data presented herein demonstrates that by carefully regulating temperature, the 

gas flow rate was predictable. Also, addition of measured a dilution stream allowed 

predicted aqueous species concentrations to be measured.  

 This apparatus can now be used to test solid treated for mineral preservation in 

harsh conditions. The controlled, one-directional flow of brine will allow observation of 

treated material in a field-like setting. This apparatus may also be applied to research 

where any liquid gas injection is performed, such as water alternating gas (WAG) and 

enhanced oil recovery (EOR) applications.  

 

  



107 

 

 

4.3 Trial of scale inhibitors on carbonate mineral surface for reduction/prevention 

of dissolution in acid gas injection scenarios 

4.3.1 Introduction 

Dissolution of calcium carbonate has major consequences in a variety of fields 

ranging from medical/dental (Fujita et al., 1991) to the protection of historic monuments 

and landmarks from acid rain degradation (Dolske, 1995). Recent legislation from the US 

government mandates that if the large coal reserves are to be used as a power source in 

the US, CO2 capture and containment will need to be involved; new coal power plants 

will only be able to emit 1000 lbs per megawatt hour energy produced (Barringer, 2012). 

One common suggestion is injection into saline aquifers, which have capacities estimated 

at between 1,822 to 22,281 billion tons of CO2. This volume can store 450 years of CO2 

at current emission rates (D.O.E., 2010a).  

However, this option would benefit from a method to stabilize the carbonate 

minerals, in order to assure mechanical strength of the material, as well as reduce the 

amount of ions dissolved into the CO2 saturated brine. Influx of ions near wellbore adds 

risk given the uncertainty surrounding the re-precipitation of these ions. This discussion 

presents a variety of surface treatments tested on calcium carbonate that attempt to stop 

or reduce rapid dissolution at pH 3. Effectiveness was judged by monitoring the pH as 

well as the aqueous calcium concentration. 

 Modeling results from a number of authors suggest rapid dissolution of near well 

bore formation (Knauss et al., 2005; Zhang, 2011); however during the injection process, 

dissolution will be possible anywhere the formation brine and liquid CO2 plume come 

into contact and form an acid. The mineral dissolution that occurs during contact of an 
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acid and carbonate mineral releases cations and bicarbonate ions into solution, as shown 

in the simple reaction below: 

 

      Equation 4.3 

 

The eventual fate of these released cations is precipitation to form a mineral solid, 

which occurs as the pH of the brine increases when the pressure drops and the CO2 leaves 

the brine near the well bore (Knauss et al., 2005). Given the complex nature of 

precipitation, uncertainty lies in how this will occur and at what rate. This research seeks 

a way to control mineral surface processes to manage uncertainty in the anticipated 

dissolution and later precipitation. 

One way to alter the surface of a mineral is to use a conventional scale inhibitor. 

Scale inhibitors are known to be strongly adsorbed at the solid water interface. The 

hypothesis of this study is that scale inhibitors, which are commonly used in the oilfield 

to stop precipitation of high TDS brine during production, may provide a way to impact 

minerals near well bore and reduce expected dissolution. Sulfonated anionic inhibitors 

with low pKa values of the functional groups may be expected to be effective at lower pH 

values. Many commonly used scale inhibitors are not effective at lower pH values 

because attached functional groups are 100% protonated. Under these conditions, the 

inhibitor has no way to adsorb or otherwise combine with the metal cation of the mineral 

surface; Ca
2+

 in the case of calcite, and Ca
2+

 or Mg
2+

 in the case of dolomite.  

Scale inhibitors can be divided into two groups depending upon the mechanism of 

inhibition: kinetic inhibitors and thermodynamic inhibitors. Thermodynamic inhibitors 

2

3 2 3 32CaCO H CO Ca HCO   
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work by decreasing the ion activity product, by either reducing the solution pH, or ionic 

concentration of one of the scale components, which would reduce saturation and stop 

precipitation. EDTA is a common inhibitor/dissolver for barium sulfate scale, while 

adjusting the pH can prevent CaCO3 scale (Fink, 2011). However, kinetic scale inhibitors 

rely on sorption to the mineral surface to prevent ions from being added onto the surface. 

Kinetic inhibitors are advantageous because only small amounts are needed to cover the 

surface while thermodynamic inhibitors require stoichiometric addition (Fan et al., 2009). 

Kinetic inhibitors have also been referred to as “threshold inhibitors”. 

 There are many types of scale inhibitors but inhibitors that are proven to be 

effective at calcium chelation were desired. Scale inhibitors are generally categorized as 

either effective at preventing scale nucleation, or rather, preventing crystal growth.  

Polymeric inhibitors are more effective at stopping nucleation, while non-polymeric 

inhibitors are more effective at preventing crystal growth. This research tested the 

hypothesis that scale inhibitors will be effective for dissolution prevention, since they are 

proven to be effective for precipitation prevention. Surfactants were tested previously and 

little impact on kinetics was observed (Work, 2010). For this reason, non-polymeric 

inhibitors were the focus of the first treatment type, namely aminophosphonates and 

sulfonates.  DTPMP is the most widely used phosphonate inhibitor; it is able to inhibit 

other scales than just CaCO3 (Kelland, 2009).  For this reason, DTPMP is chosen as a 

representative inhibitor for this study.  
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4.3.2 Experimental 

4.3.2.1 Apparatus 

 Scale inhibitor screening tests were first conducted in a stirred batch apparatus. 

The apparatus style used in the batch scale inhibitor tests is similar to that used in classic 

calcite dissolution experiments conducted by Plummer (Plummer and Wigley, 1976). 

Overall mass transfer coefficients are adequate for the study of bulk fluid evolution in 

this research.  

 
 

Figure 4.9  Stirred batch reactor for inhibitor surface treatment screening, acid provided 

by bubbling CO2 gas into brine.  
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During the column testing of pre-treated calcite, a different apparatus was used. See 

Figure 4.10.  

 

Figure 4.10  Column for testing pretreated calcite solid, acid provided by bubbling CO2 

gas into brine.  

 

4.3.2.2 Inhibitor selection 

4.3.2.2.1 Inhibitors tested for dissolution  

 As shown in Table 4.8, a variety of inhibitors were selected for dissolution 

inhibition testing. A diversity of functional groups and molecular weights are represented 

in the selection of common threshold scale inhibitors. 
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Table 4.8  A description of organic threshold scale inhibitors tested for dissolution 

inhibition. 

 Inhibitor tested Description pH Molecular weight 

1 
Kemira E4733 

Sulfonated carboxylate polymer 

 

7.0 

 
1500-2000 

2 Dequest P9000 Homopolymer of maleic acid <2.0 - 

3 
Scaletreat 895 

Polyvinyl Sulfonate polymer 

 
5.1 15000 

4 

 
Kemguard 5264 

Sulfonated polyacrylic acid 

copolymer 
<2.0 18000 

 

 

Selected inhibitors, as listed in Table 4.8, contain functional groups which complex/ 

chelate with the mineral surface; they are kinetic inhibitors.  

4.3.2.2.2 Inhibitors tested for precipitation  

 As shown in Table 4.9, a variety of inhibitors were selected for precipitation 

inhibition testing. A diversity of functional groups and molecular weights are represented 

in the selection of common threshold scale inhibitors. 

  
 

Table 4.9  A description of scale inhibitors tested for dissolution inhibition. 

 

 Inhibitor 

tested 

Common 

name 
Description 

Molecular 

weight 

1 Kemira E4733 - 
Sulfonated carboxylate 

polymer  
1500-2000 

2 Dequest 2060s DTPMP 

diethylenetriamine penta 

(methylene phoshpohnic 

acid) 

573 

3 

 

Clariant 

Scaletreat-895 
PVS15000 

Polyvinyl Sulfonate 

 
15000 

4 Bellasol-S28 MAT 1000 Maleic acid terpolymer  1000 

5 Dequest 2090 BHPMP 

Bishexamethylenediamine 

penta (methylene phosphonic 

acid) 

685 
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4.3.2.3 Method 

4.3.2.3.1 Stirred batch 

4.3.2.3.1.1 Inhibitor effect on dissolution 

 Experiments were conducted by pouring 1 M NaCl brine into the reaction vessel. 

CO2 was sparged into the reaction vessel until saturation. The CO2 gas, first bubbled into 

a hydration container, then bubbled into the 1M NaCl to simulate a high CO2 

environment; the gas was purchased from Matheson Trigas as 100% CO2. The lid on the 

reaction vessel reduced the amount of time required to saturate the brine with CO2. The 

initial pH was recorded but ranged from 3.7 to 3.8; very close to the expected values 

calculated using ScaleSoft Pitzer and Visual Minteq.  

 After equilibration of the 1 M brine and the CO2 gas, the inhibitor and 0.3 grams 

ground calcite or dolomite were simultaneously added. An inhibitor stock solution was 

prepared and various amounts of inhibitor stock were added to the reaction vessel to 

achieve the treatment concentration; the stock solution was prepared in 1M NaCl and the 

pH adjusted to 7. Although various amounts of inhibitors were added, the final volume 

was 200mL by adjusting the amount of 1 M NaCl added. Reaction progress was 

monitored by tracking pH and taking aqueous samples to measure Ca
2+

 (calcite) or Ca
2+

 

and Mg
2+

 (dolomite), both indicators of calcite dissolving and neutralizing the formed 

carbonic acid.   
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4.3.2.3.1.2 Inhibitor effect on precipitation 

  A supersaturated solution was required to test the impact of inhibitors on the 

precipitation of carbonate minerals. Although these inhibitors were designed for this 

process, a quick test of their effectiveness was performed to verify their performance.  

 Stock solutions were prepared for both the calcium and bicarbonate components 

required to achieve the super saturation condition. A 2M CaCl stock solution was 

prepared for calcium, and 0.5M NaHCO3 stock solution was prepared for bicarbonate. 

Approximately 21 mL of bicarbonate were added to the reaction vessel, as measured by 

volume; then, approximately 171 mL of 1M NaCl were added. The solution was bubbled 

with 1 atmosphere of CO2 while being stirred.  However, the reaction began following 

the addition of the calcium stock, calcite seed, and inhibitor. Solution pH was observed to 

drop slightly in response to the lower pH of the inhibitor stock solution. The 0.3 grams of 

calcite seed was 212-250 μm ground and acid rinsed solid. The total volume of the 

reaction solution was 200mL. The pH was tracked using a Ross Orion electrode. The 

electrode was calibrated before the experiment using self-prepared buffers at pH 4 and 7. 

4.3.2.3.2 Column 

 2.5grams of ground calcite solid was pre-treated by combining 50mL of 10,000 

ppm of each inhibitor solution. Because inhibitors are protonated at lower pH values, the 

treatment solutions were raised to a pH of approximately 7, if they were acidic. The 

calcite in the concentrated inhibitor solution was placed in an end-over-end mixer for 15 

hours. After collection, the solid was air dried. Approximately 1.5 grams of each solid 

was packed into a glass Omnifit column. An HPLC pump was used to pump brine over 
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the pretreated solid. Following the column, samples were collected for measurement of 

aqueous calcium concentration.  

 Experiments were conducted with the 1 M NaCl that had been saturated with 1 

atm CO2, as well as 1 M NaCl that had not been saturated CO2.The CO2 gas, was first 

bubbled into a hydration container, then bubbled into the 1M NaCl. The gas was 

purchased from Matheson Trigas, as 100% CO2. No siphon tube was requested on the 

CO2 cylinder. Assurance that the CO2 was saturated to equilibrium was by measurement 

of the pH and comparison with modeled values.  

 After CO2 saturated brine was flowed over the pre-treated column, effluent 

samples were collected to determine effectiveness of the surface treatments. Samples 

were immediately diluted with 1% HNO3 and analyzed on the ICP-OES.  

4.3.2.4 Solid Analysis 

XPS was used to further examine the surface of the solids following several 

reactions. The XPS measurements probe the mineral surface a depth of approximately 3-

5 nm and therefore provide information about surface composition and related properties. 

XPS measurements were conducted using a PHI Quantera XPS, which uses a focused 

monochromatic X-ray (1486.7 eV) source for excitation.  

4.3.3 Results and discussion 

4.3.3.1 Batch testing 

4.3.3.1.1 Inhibitor effect on dissolution 

 pH was originally used to monitor reaction progress and provide an indication of 

the success of the inhibitor treatment. However, several of the inhibitors contain 

carboxylic functional groups, making them weak acid buffers. Carboxylic acids have 
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apparent pKa values in the pH region (~4-8), and the pH observed may not be only due to 

reaction of the carbonate solid. Instead, experiments were run and liquid samples were 

taken during the experiment and analyzed for calcium directly.  

 A series of experiments was run to test the selected inhibitors at room temperature 

(22 ºC) and 1 M NaCl, far from equilibrium conditions. The solid was added at 1.5g/L. 

Because authors have found carbonate dissolution in this style of apparatus to be mass 

transfer controlled below a pH of approximately 5 (Morse and Berner, 1972; Plummer et 

al., 1978b), a consistent stirring rate was used throughout all experiments. Example data 

from one experiment is presented below in Figure 4.11. 

 

 

 

 

Figure 4.11 Example experimental data for dolomite dissolution after treatment with 100 

ppm Kemguard 5264 experiment, compared with a blank, conducted at room temperature 

(22 C) in 1 M NaCl.  
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Given that all the experiments exhibited a similar trend, i.e. a linear concentration 

change with time, the dissolution was found to be zero order with respect to Ca
2+

. When 

small changes in the reactant concentration during the time monitored are observed, 

experiments may appear to be zero order (Brezonik, 2011). Experimental data was treated 

with the general equation: 

 

      Equation 4.4 

Where, 

 nCa = moles of Ca
2+

 

 t = time (min) 

 ko= reaction coefficient (mol/cm
2
 min) 

 SA= surface area of solid (cm
2
) 

 A= concentration of Ca
2+

 (mol/L), [A]
0
=1.0 

 V= volume of reactor solution (mL) 

 

However, Equation 4.5 may also be used as follows: 

 

     
   Equation 4.5 

 

Where, 

2 0 1
[ ]Ca

o o

dn
k A SA k SA

dt V

 
  

 

* * solid
o

solution

mdc
k SSA

dt V
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 c = concentration of Ca
2+

 (mg/cm
3
 min) 

 t = time (min) 

 ko= reaction coefficient (mg/cm
2
 min) 

 SSA= specific surface area of solid (cm
2
/g) 

 msolid = mass of solid in reactor 

 Vsolution= volume of reactor solution (mL) 

  

Where the  term represents the solid to solution ratio and may be 

defined by: 

 

         Equation 4.6 

 

 

The slope of the line in Figure 4.11 is the dc/dt term, which then must be 

normalized by the reaction solution volume and solid surface area. The units on the slope 

in Figure 4.11, as plotted, are mg/L min.  Normalizing allows a system independent 

constant to emerge: ko. The units of this zero order reaction coefficient can be converted 

to mmol/cm
2
 sec.  

A comparison of the experimentally determined fluxes with different treatments 

and treatment concentrations is shown below in Figure 4.12 and Figure 4.13. Error bars 

on the figures show one standard deviation in the experimental data and were calculated 

from replicated experiments.  

solid

solution

m

V

(1 )
s
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Figure 4.12 Summary of results of Iceland spar calcite dissolution with various 

concentrations of inhibitor treatment. All experiments run in 1 M NaCl, 22º C, and same 

stirring rate. Error bars on the figures show one standard deviation of the experimental 

data.   
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Figure 4.13 Summary of results of dolomite dissolution with various concentrations of 

inhibitor treatment. All experiments run in 1 M NaCl, 22º C, and same stirring rate. Error 

bars on the figures show one standard deviation of the experimental data.   

 

Results from the stirred batch reactor suggest that scale inhibitors do not provide a 

protective barrier between the calcite and brine. Dissolution of the blanks is comparable 

with the treated systems.  Further tests were run to determine if hydrodynamic conditions 

may be causing the negative result. 

4.3.3.1.2 Inhibitor effect on precipitation 

Although the inhibitors tested were found to be ineffective for dissolution 

inhibition, a quick study was performed to test effectiveness towards precipitation 

inhibition. pH was used as an indication of dissolution. At moderately high 

supersaturated conditions, all the inhibitors tested were found to effectively inhibit 
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dissolution. The nearly flat pH indicates that very little change to the aqueous solution is 

occurring. Just as the pH climbs during dissolution, due to the release of bicarbonate into 

the solution, precipitation of carbonate minerals is associated with a reduction in pH, due 

to the removal of carbonate from the system.  

 

 

Figure 4.14 Summary of pH data following addition of calcite to a supersaturated 

solution, pH reduction indicates precipitation. 

 

4.3.3.2 Column testing 

 In order to increase the chance of success of this treatment a lower solution to 

solid ratio was tested via a column. The goal was to see if the equilibrium values of 

calcium would be reduced, indicating surface coverage and dissolution inhibition. First, 

experiments were conducted with brine pumped at a liner flow velocity of 70 ft/day that 

was sparged to saturation with CO2.  
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Figure 4.15 Summary of results of Iceland spar calcite pre-treated with 10,000ppm of 

various inhibitors solution pumped at 70ft/d, 23º C.   

 

 Results in Figure 4.15 show that the dissolution of calcite occurred quickly after 

the acidic solution reached the column. These results suggested that no effect was 

observed compared to the untreated calcite. One hypothesis was that the acid was causing 

a loss of the inhibitor coverage. This was tested by re-running the experiment with calcite 

solid with simple brine (non CO2 sparged); the pH of the CO2 saturated solution was 3.7 

while the non-CO2 saturated was about 6.   
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Figure  4.16 Column experiments conducted with pre-treated calcite, solution pumped at 

70ft/d, 23º C.  

 In order to better understand why these inhibitor were ineffective, surface analysis 

was conducted on several of the poly vinyl sulfonate treated samples. Solids were 

analyzed from before any exposure, and after exposure to both the CO2 saturated and 

non-CO2-saturated brine from the previously discussed experiments. Results from the 

XPS are presented in Figure  4.17.  
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Figure  4.17 XPS results of the poly vinyl sulfonate treated calcite under different 

experimental conditions. a.) reacted with CO2 saturated brine  b.) reacted with brine (not 

CO2 saturated)  c.) unreacted solid  

a. 

b. 

c. 
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Table  4.10 XPS generated surface composition by %. 

Experimental Solid 
% surface composition  

Cl O(1s) Na (1s) S (2p) Cl (2p) Ca (2p) 

Treated but unreacted 30.8 40.6 9.12 0.97 7.2 11.25 

Treated and reacted with CO2 

saturated brine 

33.8 46.2 3.38 1.26 2.2 13.13 

Treated and reacted with non-

CO2 saturated brine 

29.9 49 2.95 0.66 2.34 14.77 

 

 The XPS results suggest that there are similar amounts of treatment on each 

sample and that it was not removed by contact with the acidic brine phase. This suggests 

that the treatment does adhere to the surface, at least somewhat and variation may be a 

function of normal variability.  Poor results may result from the small amount of surface 

coverage observed. Interestingly, work conducted by Kan et al. studying the adsorption 

of chemicals to the surface of calcite, found approximately 7% of the calcite surface is 

covered by aminoalkylphonsphonate at saturation (Kan et al., 2005). These authors 

suggest that the area covered includes the kinks, step edges, or other imperfect sites 

active in precipitation. 

4.3.4 Conclusions 

Experimental results presented above suggest that scale inhibitors tested thus far 

will not protect the mineral from dissolution during contact with a pH 2 to 3 solution, or 

even at neutral pHs. Although the inhibitors contain functional groups that are charged 

and expected to interact, even at low pH conditions, no effect was observed. Batch data 

for the 1000 ppm treatments even suggest an increase in the kinetics post-treatment. This 

observation may be explained by chelation assisted dissolution similar to the way EDTA 

works to remove/dissolve barite scale (Fink, 2011). However, they were found to be 
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successful for precipitation inhibition. This is expected since they were designed for this 

purpose.  

 Scale inhibitors tested for dissolution prevention in these experiments were not 

designed for this purpose, they were designed as scale inhibitors to stop mineral 

precipitation, which was effectively proven in this study. Precipitation involves the 

nucleation and subsequent formation of a stable phase typically occurs after 

heterogeneous or pseudo-homogeneous nucleation on any type of seed particle (i.e. dust, 

clay, etc). In order to continue growth, the nucleus must grow to a stable size before it 

redissolves (Tomson et al., 1990). Once stable, it will continue to grow under 

supersaturated conditions, if no inhibitor is present. Kinetic scale inhibitors effectively 

attach to a surface of a critical cluster or nucleus and inhibit further growth; they are also 

called surface poisons. Although scale inhibitors are surface active, they have not been 

proven effective to stop dissolution of carbonate minerals under acidic conditions.   
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4.4 Experimental testing of acids that induce surface coverage of carbonate 

minerals 

4.4.1 Introduction 

 Dissolution of calcium carbonate has major consequences in a variety of fields 

ranging from medical/dental (Fujita et al., 1991) to the protection of historic monuments 

and landmarks from acid rain degradation (Dolske, 1995). Recent legislation from the 

U.S. government mandates that if the large coal reserves are to be used as a power source 

in the U.S., CO2 capture and containment will need to be involved; new coal power plants 

will only be able to emit 1000 lbs per megawatt hour energy produced (Barringer, 2012). 

One common suggestion is injection into saline aquifers, which have capacities estimated 

at between 1,822 to 22,281 billion tons of CO2. This volume can store 450 years of CO2 

at current emission rates (D.O.E., 2010a).  

However, this option would benefit from a method to stabilize the carbonate minerals, in 

order to assure mechanical strength of the material, as well as reduce the amount of ions 

dissolved into the CO2 saturated brine. Influx of ions near wellbore adds risk given the 

uncertainty surrounding the re-precipitation of these ions. This discussion presents testing 

of surface treatments tested on calcium carbonate in an attempt to stop or reduce rapid 

dissolution at pH 3.  

 Preservation of carbonate minerals has been found to occur after contact with a 

strong acid (Wilkins et al., 2001b). This concept has been explored by contacting calcite, 

an acid soluble mineral, with a variety of acids. This study seeks a treatment to form a 

protective coating effective in environments were polymers or other traditional coatings 

are ineffective. This phenomenon has been observed in a variety of cases, but has not 
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been studied for mineral preservation. Many fields seek creative solutions to preserve 

acid sensitive minerals. 

 In the field of monument preservation, oxalic acid was determined to naturally 

form a protective coating on calcite. This phenomenon has been observed to affect the 

stone substrate of several ancient monuments in the Mediterranean region, including the 

Parthenon (Liebig, 1853). Calcium oxalate is the only substance that has been 

consistently identified on preserved carbonate stone structures (Wilkins et al., 2001b). It 

come to be known as Mediterranean patinas (Garcia-Valles, 1998). The composition of 

these films was determined based on the presence of calcium oxalate (CaC2O4·nH2O), 

gypsum (CaSO4·2H2O), calcite (CaCO3), and silicates in various amounts, with some 

additional minerals present as well in smaller fractions (Rampazzi et al., 2004). Calcium 

oxalate films are very stable, less soluble, and hardly affected by atmospheric pollution 

encountered in an urban environment.  

In the field of acid mine drainage remediation, carbonate minerals (limestone) in 

contact with sulfuric acid have also been observed to create a natural passivation layer 

(Huminicki and Rimstidt, 2008). Acid mine drainage management requires cleanup and 

maintenance in order to attain the effluent limits recommended by the EPA; this can cost 

on the order of $1 million per day (Perry, 1992). Management of these sites is effectively 

done by addition of a basic counterpart for neutralization purposes; including hydrated 

lime (Ca(OH)2), pebble quicklime (CaO), caustic soda (NaOH) or soda ash (Na2CO3). 

Naturally existing limestone formations or crushed packed beds may provide a cheaper 

solution to remediation. However, precipitated coating on the limestone can hinder these 
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possibilities. Recommended remedy for this problem is dilution of the influent acid 

stream (Huminicki and Rimstidt, 2008).  

 Naturally forming passivation layers were studied by Wilkins et al. These authors 

pretreated crystals with various acids, including oxalic, in an effort to form the protective 

coating observed in nature. The solids were pretreated for 1, 5 or 24 hours and then a pH 

2 solution of HCl was run over them and dissolution was observed, with significant 

reductions in dissolution observed.  

  In additions to oxalic acid observed to form a protective coating, Booth et al. 

confirmed that exposing a calcite crystal cast into a resin block to a 0.1M sulfuric 

solution created a fully passivated surface (Booth et al., 1997; Wilkins et al., 2001a). 

Detection of the coating by these authors was primarily by atomic force microscopy 

(AFM).  A significant contribution during their study was that some acids precipitate a 

epitaxial mineral coating; epitaxial growth is characterized by the crystal lattice of the 

substrate and coating matching to form an adherent layer (Booth et al., 1997; 

Hammarstrom et al., 2003).  

 In an attempt to find an acid treatment suited for calcite passivation in an acid gas 

injection environment, a variety of acids were screened. The goal was to find an acid that 

rapidly precipitates an acid insoluble protective surface coating. Once a selection was 

made, the solid was tested in batch and column experiments. This option may provide an 

answer to acid sensitive mineral preservation when polymers are ineffective.  
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4.4.2 Experimental 

4.4.2.1 Apparatus 

Several different apparatuses were used during these experiments. The screening 

processwas conducted using an apparatus similar to that in Figure 

 

 

Figure 4.18 Reactor for acid induced surface treatment screening.  

 

The acid induced pre-coating of the calcite surface reactions were conducted in a 

stirred batch reactor.  

 

Figure 4.19 Stirred batch reactor for acid induced surface treatment testing, acid provided 

by various concentrations of tartaric acid and hydrofluoric acid in 1 M NaCl brine. 
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Feasibility of acid induced calcium fluoride coating of calcite was also tested in a 

low pressure flow through column apparatus.  

 
Figure 4.20 Packed column apparatus used to test the feasibility of surface coating 

formation in a different hydrodynamic environment. 

 

 Lastly, a previously developed high pressure column apparatus was used to test 

the successful results in the batch and low pressure column system.  
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Figure  4.21 High pressure column apparatus flowing liquid CO2 and brine used to test 

the pre-treated solid under high CO2 content field conditions.  

 

4.4.2.2 Method 

4.4.2.2.1 Screening method 

Nitric, acetic, phosphoric, sulfuric, and hydrochloric acid solutions were prepared 

to be 0.15M by addition of reagent grade FisherBrand concentrated acid to 50mL of 

either DI water or 1M brine. Citric, d,l,tartaric, and oxalic acid solutions were prepared to 

be 0.15M by addition of reagent grade solid to 50mL of either DI water or 1M brine. 

Hydrofluoric acid was prepared by adding solid NaF to either DI water or 1M brine, then 

adding a small amount of HCl to create 0.15M HF; this was done to make the reaction 

safer due to the extreme hazards of working with concentrated HF. 
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Acids were screened by applying acid to the ground calcite solid. 50mL vials 

were used to compare the acid reactions with calcite solid.  Acids were obtained from 

Fisher or Sigma Aldrich for these tests.  The reaction was allowed to proceed for 15 

hours and the pH and aqueous calcium were measured to determine how rapidly the 

surface coating formed. Tests were run in both DI water and 1M NaCl.  

 pH and calcium were measured following the reactions. Also visual observations 

were made as to the state of the calcite integrity.  

4.4.2.2.2 Selected acid testing method 

4.4.2.2.2.1 Stirred batch 

Approximately 500g of 1 M NaCl was added to a plastic reaction vessel. The 

weight of solid treatment was measured using a four digit balance. The solid was added 

to the brine and stirred until completely dissolved. The pH of the experimental solution 

was adjusted using strong HCl (12.1M) or solid NaOH. Quantities of each varied 

depending upon strength of the treatment. Fluoride was added as NaF and 12.1M HCl 

was added to adjust the pH to between 3 and 4. 

Experiments studying the inhibitory possibilities of tartaric acid were conducted 

with meso-tartaric acid. Barwise studied the inhibitory effectiveness of d-,l- tartarate 

dianions compared to meso tartaric dianions (Barwise, 1990).  These authors found that 

mesotartrate dianions acid showed better dissolution inhibition and may be related to the 

impact of molecular structure on the ability of the molecule to adsorb to the dislocation 

sites. It may be related to the eclipsed structure of both the hydroxyl groups and the 

carboxyl groups, which the d-, or l- does not display. 
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Figure  4.22 Most stable conformations of a.) l- A
2-

  b.) meso- A
2-

 (Ascenso and Gil, 

1980) 

 

Approximately 10 grams of ground and washed calcite were added to the reaction 

vessel. A teflon covered stir bar maintained rapid stirring in the reaction vessel. pH was 

monitored and recorded. pH meter was calibrated throughout the course of the 

experiment with self-prepared buffers at pH 4 and 7. Aqueous samples were taken 

throughout. Samples were immediately diluted with 1% HNO3 to approximately 50 

times. Development of the surface coating was observed by SEM of samples which were 

taken throughout the experiment. A small amount of solid was retrieved from the 

experimental vessel by a plastic pipette. The solid was dropped onto a glass dish and 

dried in the oven before mounting on an SEM stub.   

4.4.2.2.2.2 Low pressure column 

1.85 grams of ground and washed calcite was wet packed into a glass column and 

flowed over with 1 M NaCl containing the acid of interest. A syringe pump was used to 

pump 0.3M fluoride solution adjusted to pH 3.8 through the column to coat the calcite. 

Two relevant flow rates were tested. See Table 4.11. The effluent pH and calcium were 

monitored to determine the formation and subsequent effectiveness of the surface 

a. b. 
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coating. The electrode was calibrated frequently because checking the probe in buffers 

suggested the electrode was drifting.  

 

Table 4.11 Flow rates used during column testing. 

Volumetric flow rate 

(mL/min) 

Linear flow rate (ft/day) 

0.1 15 

0.65 100 

 

  At the end of the pre-coating stage, the column was rinsed with about 10 PV of 

brine. A second solution, also of pH 3.8 but without brine was pumped through the 

column. Aqueous samples were taken. SEM images were taken of the calcite following 

the column tests. 

4.4.2.2.2.3 High pressure column 

 Simulating a high pressure CO2 environment is important because the aqueous 

CO2 solubility is 0.03M at 25ºC, 14.7 atm, while it is 1.22M at 25ºC, 102 atm (1500 psi). 

A high pressure dynamic flow apparatus was specially designed for this type of 

experiment. The solid had been pre-treated by packing a column with 1.99 grams of 

ground and washed calcite. It was flowed for approximately 4 hours with 0.3M F brine. 

Linear velocity of the solution passing through the column was 100 ft/day.  The effluent 

pH was very close to the influent pH when the solution was stopped flowing. The column 

was gently unpacked and the solid was immediately re-packed into a stainless steel 

column fit for high pressure experiments. Mesh #150 stainless steel screen was cut and 

placed on each side of the packed material. The linear length of the calcite was much 
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shorter than the length of the column and glass beads were packed into the column to fill 

the void and hold the material in place. 

 Liquid CO2 was pumped at a set flow rate into a stream or brine, which flowed 

through a column of packed pre-treated material.  The entire system pressure was 

maintained at 1500psi. The experiment was run at room temperature, the solubility of 

CO2 in 1M NaCl is 1.19M, as calculated by ScaleSoft Pitzer.  Following calculations 

similar to what was presented in the apparatus development section, approximately 0.07 

mL of CO2 was added per mL brine. This was done by using the dual syringe pump 

running the cylinders in independent mode, where the flow rates could be set 

individually. The calculated pH of the brine is 2.8, as calculated with ScaleSoft Pitzer. 

The flow rate of the brine was 1.02 mL/min and CO2 was pumped at 0.08 mL/min. The 

brine was prepared by adding solid NaF to brine to make 0.3M F solution; the pH was not 

adjusted but the fluoride concentration was measured. The length and diameter of the 

backpressure regulating capillary tubing allowed 1500psi to be maintained.    

  During testing, the ISCO pump was run using the column bypass pathway until a 

steady flow of gas and liquid was observed to leave the back pressure regulation capillary 

tubing. At that time, the six-way valves were switched and the solution was permitted to 

run through the column. Linear velocity of the solution passing through the column was 

100 ft/day.  Aqueous samples were taken.  

4.4.2.3 Analysis 

Aqueous fluoride was determined using a Cole Parmer ion specific electrode. 

Samples were taken and combined with an equal volume of total ion strength adjustment 

buffer I (TISAB I). This buffer is used to moderate the ionic strength contributed by the 



137 

 

 

experimental solution, as well as de-complex fluoride with any calcium or magnesium 

ions in the solution. A standard curve was prepared over the broad range of fluoride 

concentrations and experimental concentrations were determined.  

Tartrate concentrations were monitored during the experiment by measuring 

TOC. The instrument is a Shimadzu TOC-VCSH with a VOC-Free air as the carrier gas. 

 It was run in Total carbon mode (includes carbonates). Samples were diluted and a 

standard curve was prepared. A large amount of sample is required during this analysis to 

accommodate the thorough rinsing performed by the instrument. Measurements were 

taken in triplicate by the instrument and the mean value was used for calculations.  

SEM images of the reacted solids were taken using a PhonomWorld desktop 

SEM. This touch screen monitor instrument allows non-gold coated samples to be 

examined, quickly reducing the time needed to image. The sample stage is adjusted to an 

approximate working distance, and the instrument can auto-focus and auto-contrast 

further.  

Solid composition was determined by XRD. The sample was ground to a fine 

powder and mounted onto sample holder. The scan was completed from 3 to 90 degrees. 

The sample was rotated to decrease the effect of sample position on the sample holder. 

MDI Jade 2010 was used to analyze the resulting spectra. Semi-quantitative analysis was 

performed on the resulting scan with Jade software which used peak area to give weight 

percent comparison of the minerals present.  
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4.4.3 Results and discussion 

4.4.3.1 Acid Screening 

 The various acids were reacted with the solids for approximately 15hours, after 

which dissolved calcium was measured, pH was measured. These values, assume to be at 

equilibrium, were compared with modeled equilibrium values obtained from Visual 

Minteq. The expected calcium concentration varies from acid to acid depending upon if 

the acid is monoprotic, diprotic, or triprotic. Each mole of acid will dissolve one mole of 

carbonate to neutralize and form bicarbonate (HCO3
-
), releasing various amounts of 

calcium.  
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Table  4.12 Summary of acid screening experiments with measured parameters used to 

determine which acid may form a protective coating the fastest 

Acid Name 
Brine 

or DI 

Measured 

pH
 

Measured 

calcium 

(ppm) 

Calculated 

equilibrium 

calcium 

(ppm) 

% of expected 

calcium 

dissolved  

Acetic acid 
Brine 5

* 
1980 3006 66% 

DI 5
*
 2365 3006 79% 

Phosphoric 

acid 

Brine 5
*
 2354 6012 40% 

DI 3.8 2578 6012 44% 

Sulfuric acid 
Brine 1.19 2245 6012 37% 

DI 1
*
 882 6012 15% 

Nitric acid 
Brine 1

*
 3310 3006 110% 

DI 1
*
 3964 3006 132% 

Hydrochloric 

acid 

Brine 5
*
 307 3006 10% 

DI 4
*
 611 3006 20% 

Citric acid 
Brine 5

*
 2306 9018 26% 

DI 4
*
 972 9018 11% 

Tartaric acid 
Brine 2

*
 1135 6012 19% 

DI 2
*
 598 6012 11% 

Oxalic acid 
Brine 1.37 65 6012 1% 

DI 1.22 15 6012 0% 

Hydrofluoric 

acid
+ 

Brine 4.26 11 3006 0% 

DI 4
*
 15 3006 1% 

*
 the pH was taken by litmus paper 

+ 
HF was prepared to be 0.15M with 0.15M excess F to promote surface coverage 

 

 After the experiment, some of the reactions showed a solution pH that was 

significantly higher than the starting pH of less than 1, such as acetic acid phosphoric 

acid, hydrochloric acid and citric acid. However, others measured nearly the original pH, 

such as sulfuric acid, tartaric acid. The initial pH of the fluoride treatment solution of 

0.15M HF with 0.15MF excess measured at 4.15. This elevated pH is caused by the 

additional NaF, which is a strongly basic. Despite the increased initial pH, the pH 

difference was very little during the reaction. The pH data combined with the equilibrium 
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aqueous calcium provided insight as to which acid may best serve to create a surface 

coating with favorable kinetics.  

 In addition to aqueous measurements, it was also observed that in some cases, the 

solids were visibly significantly different from each other following the reaction. See  

Figure 4.23, Figure 4.24, and Figure 4.25. Despite the expected volume loss due to 

dissolution resulting from acid contact, several treatments resulted in much more volume 

of solid than at the start of the experiment. Calcium citrate and calcium sulfate, resulting 

from the reaction of calcite with citric acid and sulfuric acid, respectively, show the 

largest increases in volume. It is assumed that these salts contain water in their structure, 

given the aqueous environment; therefore calcium is transformed into calcium sulfate 

dihydrate (CaSO4·2H2O) and calcium citrate tetrahydrate (Ca3(C6H5O7)2·4H2O). The 

additional water molecules in the structure greatly increase the molar volume and 

thereby, the final volume of the solid reacted. Also, the reaction with phosphoric acid 

created clumps of calcite rather than grains. See Figure 4.24. 

 

 

 

Figure 4.23 A picture of the solids following 15 hours of reaction time with 0.15M acids 

in DI ((1) acetic acid, (2) phosphoric acid, (3) sulfuric acid, (4) nitric acid, (5) 

hydrochloric acid, (6) citric acid, (7) oxalic, and (8) tartaric acid) 

(1) (2) (3) (8) (7) (6) (5) (4) 
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Figure 4.24 A closer picture of the solids following 15hours of reaction time with 0.15M 

phosphoric acid showing clumping of the calcite 

 

 

 

 

 

Figure 4.25 A picture of the solids following 15 hours of reaction time with 0.15M acids 

in 1 M NaCl ((1) acetic acid, (2) phosphoric acid, (3) sulfuric acid, (4) nitric acid, (5) 

hydrochloric acid, (6) citric acid, (7) oxalic, and (8) tartaric acid) 

 

 Qualitative textural changes of the reacted solid were also observed. Oxalic, citric 

and sulfuric transformed the grains into a very fine powder in the reaction solution. No 

original grains were visible and it appeared to be 100% converted to powder; this may 

result from 100% conversion to a new mineral phase, or decomposition in the presence of 

(1) (2) (3) (8) (7) (6) (5) (4) 
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acid. Solids were collected from the solutions and dried for SEM imaging to determine if 

original particles were visible. See Figure 4.26.  

 

 

 

Figure 4.26 SEM images of the solid following reaction with 0.15M acid (a) sulfuric 

acid, (b) oxalic acid, (c) phosphoric acid 

 

Criterion that will indicate an effective treatment is a pKa value <3, a small pKsp, 

and a similar molar volume to calcite or dolomite substrate. The small pKa value would 

ensure the acid is de-protonated at the lower pH conditions, while the large pKsp value 

should ensure the precipitated solid is insoluble. The screening process presented herein 

also proves the importance of the resulting mineral molar volume.  

  

a. b. c. 
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Table 4.13 Properties of several of the acids tested, and the characteristics of the solids 

that were created after treatment.  

Acid tested Precipitated Surface Coating 

Acid Name pKa 1 pKa 2 pKa 3 Solid 

Name 

Solid 

Formula 

Molar 

volume 

(mol/cm
3

) 

pKsp 

No treatment - - - Calcite CaCO3 0.027 8.5 

No treatment - - - Dolomite CaMg(C

O3)2 

0.015 16.5 

Sulfuric Acid -3 1.99 - Anhydrite CaSO4 0.022 4.14 

Sulfuric Acid -3 1.99 - Gypsum CaSO42

H2O 

0.014 4.5 

Hydrofluoric 3.2 - - Fluorite CaF2 0.041 10.5 

Oxalic Acid 1.25 4.14 - Ca 

Oxalate 

CaC2O4 0.015 8.63 

Tartaric Acid 3.22 4.85 - Ca 

Tartrate 

CaC4H4O

6 

0.007 7.7 

Phosphoric 

Acid 

2.15 7.19 12.38 Brushite CaHPO4

2H2O 

0.029 2.41 

 

4.4.3.2 Selected acid testing 

4.4.3.2.1 Testing of pre-treating solid with meso tartaric acid 

4.4.3.2.1.1 Batch pre-treatment of calcite with tartaric acid 

Batch experiments were conducted with various concentrations of tartaric acid 

treatment. The pH of each acid concentration was adjusted to 3. Data in Figure 4.27, 
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Figure 4.28, and Figure 4.29 show that the solids treated at pH 3 with 0.15M were the 

most quickly and effectively coated.  

 

 

Figure 4.27 Summary of the recorded pH values during the progression of the tartaric 

acid treatment. 
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Figure 4.28 Summary of the measured calcium values during the tartaric acid treatment. 
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Figure 4.29 Measured TOC for the two high concentration treatments during the batch 

reaction of calcite with tartaric acid.  

 

 

Figure 4.30 Surface coating development in the 0.15 M tartaric acid treatment run at pH 3 

(a) 40 minutes (b) 1 hour 30 minutes (c) 15 hours. 

a. c. b. 
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Figure 4.31 Surface coating development in the 0.08 M tartaric acid treatment run at pH 3 

(a) 10 minutes (b) 2hours (c) 6 hours 

 

 

 

Figure 4.32 Surface coating development in the 0.015 M tartaric acid treatment run at pH 

3 (a) 15 minutes (b) 2 hours (c) 7 hours 

 

4.4.3.2.1.2 Pre-treated calcite batch reaction with CO2 saturated batch 

 The pre-treated solid was next tested in a similar batch system, but CO2 was 

bubbled into the experimental solution. This attempts to expose the pretreated solid to a 

higher CO2 content scenario.  

 A comparison was made between solid prepared  in a batch reactor with a Teflon 

coated magnetic stir bar and with the use of an overhead drive stirrer to determine if the 

a. b. c. 

c. b. a. 
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grinding of the stirbar may have impacted the surface coating, all other conditions the 

same. Results indicate that during exposure to CO2, little difference is seen between the 

original treatment environments.  Solution within the batch was measured for calcium, 

pH and tartaric acid concentrations. See Figure 4.33 and Figure 4.34 

 

 
 

Figure 4.33 Effluent calcium and pH after flowing over the calcium tartrate pre-coated 

calcite column.  
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Figure 4.34 Effluent tartaric acid concentration after flowing over the calcium tartrate 

pre-coated calcite column.  
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Figure 4.35  Reaction of pre-coated solid with 1atm CO2 sparged brine with excess 

tartaric acid present (a) 7 hours 45 minutes (b) 24 hours (c) 72 hours (d) 96 hours 

 

 

 With the measured pH, and aqueous calcium and tartaric acid concentrations, 

saturation index values can be calculated for the two mineral phases present. The slow 

loss of tartaric acid from the aqueous solution may be explained by a regeneration of the 

surface coating. Data shown in Figure 4.36 demonstrates the surface coating adequately 

a. b. 

c. d. 
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protects the calcite from the acid and calcium tartrate is in equilibrium with the solution 

rather than calcium carbonate, even after nearly 4 days of vigorous stirring in the batch 

reactor.  

 

 
2 2 2

3 3

2

2 3 2
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2
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Ca CO Ca HCO

Calcite CO
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          Equation 4.7 

 

          Equation 4.8 

       

 
 

Figure 4.36 Saturation index (SI) values calculated with Visual Minteq demonstrate the 

system is at equilibrium with calcium tartrate rather than calcite.  

2 2

10

, ( , )

Ca Tartrate
CaTartrate

sp CaTartrate

a a
SI Log

K T P
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4.4.3.2.2 Addition of fluoride 

4.4.3.2.2.1 Fluoride solution chemistry  

 Because the pH during a carbon injection scenario is expected to be 

approximately 3, experimental solutions were prepared at pH 3. However, the fluoride 

concentration was measured in the experimental solutions and a fluoride loss was 

observed after the pH of the solution was adjusted to 3.  

 Solutions were next prepared at pH 4, fluoride measurements taken with a 

fluoride specific electrode are shown below demonstrating the increase in the 

undetectable fluoride species at pH 3.  

  

 

Figure 4.37 Aqueous fluoride speciation at various pHs (Denham, 2003). 

 

As demonstrated in Figure 4.37, the speciation of fluoride is significantly different at pH  
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3 and pH 4. A majority of the fluoride is free at pH 4; while at pH 3, a significant amount 

of the fluoride is as HF. Following this determination, experiments were conducted at pH 

4.  

 

Table 4.14 Experimental solutions were prepared at pH 3 and pH 4, but a large portion of 

F
-
 was unmeasurable at pH 3. 

 

 *measured; 
+
calculated 

 

 

4.4.3.2.2.2  Batch Fluoride treatment 

pH was measured during calcite surface treatment experiments run at pH 4 with 

two fluoride concentrations present. See Figure 4.38. Measured effluent fluoride and 

calcium concentrations during calcite dissolution experiments run at pH 4 with two 

fluoride treatments present can be seen in Figure 4.39. 

 

Experimental 

conditions 

Initial F
-
 

concentration F
-
  

(ppm) 

Fluoride concentration 

after pH adjustment, as 

measured by F
-
 probe 

(ppm) 

Percent fluoride 

complexed/  
unmeasurable at 

start of experiment 

pH 3 

0.3M F
-
 at pH 3 5442* 3439 -37% 

0.15 M F
-
 at pH 3 3243* 2895 -11% 

pH 4 

0.3M F
-
 at pH 4 5382

+
 5502 +2% 

0.15 M F
-
 at pH 4 2667

+
 2901 +8.8% 
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Figure 4.38  Measured pH during calcite pre-coating experiment.  

 

 
 

Figure 4.39  Measured calcium and fluoride concentrations during calcite pre-coating 

experiment. 
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With the calcium and fluoride concentrations, the saturation index (SI) of calcite 

and fluorite were calculated. See Figure 4.40. The calcium values measured to be zero, or 

slightly negative, i.e. -0.02. However, a few samples measured positive values and an 

average of the measured positive values (0.5ppm) was taken for the calculation of the SI. 

Measured pH values were also used in the calculation of calcite saturation index to 

generate the carbonate term. Literature accepted Ksp values are shown in Table 4.15. SI 

values in Figure 4.40 were calculated using the following equations: 

 
2 2 2

3 3
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Equation  4.10

 

 

 

Table 4.15  Literature accepted Ksp values for calcite and fluorite at 298 K. 

Mineral phase 

Literature 

accepted log 

Ksp 

Ksp value source 
Implications of the Ksp 

value 

Calcite 

(CaCO3) 
-8.48 

Plummer and 

Busenberg, 1982 

At low pHs (i.e. low free 

CO3 values) calcite is very 

soluble 

Fluorite (CaF2) -10.5 
NIST 46.7 Solubility is a weak 

function of pH 
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Figure 4.40  Calculated calcite and fluorite calcium and fluoride concentrations during 

calcite pre-coating experiment. 

 

 

 

 

Table 4.16 Experimentally measured values of analytes, and calculated activity 

coefficients from Visual Minteq 

pH Ca (ppm) Ca2+ F
-
(ppm) F- SIcalcite SIfluorite 

3.8 0.5 0.23 2982 0.65 -22.3 2.28 

3.88 0.5 0.21 1851 0.65 -22.1 1.94 

3.98 0.5 0.21 1093 0.65 -21.9 1.54 

9.68 0.5 0.2 488.9 0.64 -14.76 0.94 

9.64 0.5 0.21 452.2 0.65 -14.77 0.88 

 

  

The pH in Figure 4.39 is observed to remain very stable for approximately 400 minutes. 

During that time, the calcium values remain zero, but fluoride is observed to decrease. 

This indicates that dissolved calcium is precipitating to form the fluorite coating, as seen 

in SEM images taken throughout the course of the experiment reveal a coating forming 
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over the calcite. See Figure 4.41 and Figure 4.42. The precipitating coat occurs according 

to the following equation: 

 

    

2

2,2aq aq solidCa F CaF  

  

Equation 4.11 

 

 
 

 

 
 

 

Figure 4.41  Stirred batch reaction of calcite with 0.15 M fluoride in 1 M NaCl at pH 4 

adjusted by HCl a.) 33minutes  b.) 2 hours  c.) 5 hours 30 minutes d.) 7 hours  e.) 7 hours 

 

a. b. c. 

e. d. 
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Figure 4.42  Stirred batch reaction of calcite with 0.3 M fluoride in 1 M NaCl at pH 4 

adjusted by HCl a.) 33minutes  b.) 3 hours  c.) 6 hours 30 minutes d.) 19.5 hours 

 

 XRD analysis was run 0.3M F treated sample after 4 hours of reaction; this 

gives an idea of the surface coating thickness. See Figure 4.43, which shows a good scan 

with strong preferred orientation for calcite, and very small crystallite fluorite. Spectrum 

analysis software suggests that nearly 40% of the solid is the protective coating.    

 

a. b. 

c. d. 
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Figure 4.43 XRD results of the solid analysis following reaction at pH 3 with 0.3M F 

 

 
 

         

Figure 4.44 Semi-quantitative analysis results from XRD scan of the solid following 

reaction at pH 3 with 0.2M and 0.3M F. 
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 However, at approximately 400 minutes, the fluoride appears to reach a threshold 

value and the fluorite coating is no longer able to provide protection of the calcite. At this 

time, the pH climbs rapidly when the coating breaks off. However, the system remains at 

equilibrium with calcium fluorite rather than calcite. At this point, the process becomes 

more one of mineral exchange rather than coating. Observed fluoride values may imply 

that a threshold level of over 1000 ppm is required in both cases to both make and 

maintain the protective coating. This pH rise may also be a function of the stir bar used to 

keep the solution well mixed; the stirbar located at the bottom of the reaction vessel may 

negatively impact the fragile surface coating if attachment is poor.  

 

Table 4.17  Measured fluoride concentration present at the time of rapid pH increase. 

Experimental 

description 

Fluoride concentration 

measured at abrupt pH 

rise (ppm) 

F=0.15M at pHinitial=4 1093 

F=0.3M at pHinitial=4 1774 

 

 

 

4.4.3.2.2.3 Low Pressure Column Fluoride treatment 

4.4.3.2.2.3.1 Continuous fluoride in influent 

 

Formation of a protective fluorite layer on clean calcite was also tested in a 

column. The column apparatus provides conditions more similar to what may be 

expected in the field. Fresh calcite material was packed into a column and pH adjusted 

saturated brine with excess fluoride was flowed over it to determine if a similar surface 

coating would form on the calcite, given the different hydrodynamic conditions. Also, at 

various times CO2 was bubbled into the solution.  
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Table 4.18 Summary of column experiment where pre-coated calcite was flowed with pH 

3.8 influent solution that did contain fluoride. 

 

Following experiments summarized in Table 4.18, the column material was 

carefully unpacked and SEM images of the calcite were taken. Calcite grains from near 

the column inlet, outlet, and middle (linear) of the column were taken. See Figure 4.45. 

The images suggest that the coating occurs evenly on the particles as well as evenly 

throughout the column. Coating in this type of environment appears to be more effective 

and stable than that in the stirred batch reactor.  

 

Experimental description Effluent Analysis 

pHinf

luent 

F
-
 

(ppm) 

Ca
2+

 

(ppm) 

Volumetric 

flow rate 

(mL/min) 

1 atm 

CO2 

Approx PV 

flowed until 

sampled 

Ca (ppm) 

Measured 

F (ppm) 

Measured 

Measured 

pH 

3.64 4626 4.54 

0.1 Y 59.5 3.79
 

4394 3.84 

0.1 N 297.3 3.78 3980 3.704 

0.65 Y 23 4.2 3043 3.67 

0.65 N 118.3 3.37 2948 3.67 
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Figure 4.45  Calcite obtained from the column coating study with 0.3 M fluoride in 1 M 

NaCl at pH 4 adjusted by HCl a.) near column inlet  b.) zoom of coating on grain near 

column inlet  c.) near column middle  d.) near column outlet 

 

4.4.3.2.2.3.2 Non-continuous fluoride in influent  

A similar experiment was run where fluoride was present in the solution at the 

beginning, followed by acidic brine without fluoride. This was done to simulate an 

injection scenario where fluoride was present to form the protective layer, but was not 

continuously added to the injected solution.  

a. 

c. 

b. 

d. 
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Data in Figure 4.46 show that while fluoride was present in the feed solution, the 

pH was maintained very close to the influent solution pH of 3.8. The short-lived drop in 

fluoride concentration at the start of the experiment likely results from the formation of 

the fluorite coating, the surface of the mineral may be expected to look similar to Figure 

4.45.  

However, when fluoride was no longer present in the acidic brine feed solution, as 

marked by the dotted line, the calcite was observed to rapidly dissolve, as indicated by 

the rapid rise in pH. The solid was rinsed with about 5 pore volumes of brine before the 

fluoride free brine was introduced. Dissolution is believed to have occurred, as indicated 

by the rise in pH. But, the lack of calcium in the effluent is explained by the positive 

saturation index values in Table 4.19. At this point, the process became one of exchange.  
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Figure 4.46 Experimental summary for column study where fluoride was initially present 

in the solution but later just acidic brine was flowed.  

 

 

Table 4.19 Measured experimental species concentrations and calculated SI values. 

pH F(ppm) Ca(ppm) Calculated SI 

7.64 202 1.77 +0.82 

7.2 49 17.66 +0.59 

6.9 42 25.7 +0.62 

6.7 33 31.4 +0.50 

7.2 31 29.9 +0.42 

7.2 31 29.35 +0.41 
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4.4.3.2.2.4  High Pressure Column Fluoride treatment 

 An experiment was carried out to test this treatment under more field-like 

conditions. Previous experiments were run at a field relevant pH, i.e. pH 3 to 4, but the 

high CO2 content was not simulated.  The effluent was collected after the back pressure 

regulator; calcium and fluoride were measured. See Figure 4.47.  

 

 

Figure 4.47 Summary of pre-coated calcite flowed with 1 M NaCl saturated with liquid 

CO2 at 1500psi, calculated pH=2.8, calculated CO2, aq, =1.22M 

 

 Data collected during the experiment suggest that pre-treatment of calcite with 

fluoride to precipitate a layer of fluorite and constant injection of fluoride will stop the 

dissolution and release of calcium into the formation. The drop in fluoride may result 

from the formation of a fluorite layer on bare calcite during the packing of the pre-treated 
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calcite. However, the fluoride concentration becomes relatively flat indicating a stable 

mineral system. If calcium is dissolved, it will immediately be trapped by the fluoride and 

will not leave with the effluent. This process has been demonstrated in a field-like 

dynamic flow condition, and may provide a solution for in-situ treatment in these 

somewhat extreme conditions.  

 

4.4.4 Conclusions  

 Initial acid screening experiments indicate that tartaric acid, oxalic and 

hydrofluoric acid appear to be the best candidates for calcite treatment. Several factors 

taken into consideration in this conclusion are: 

 Physical impact of treatment on the solid 

 Difference in pH over the course of layer formation, indicating kinetics of layer 

formation 

 Final solution Ca
2+

 content, an indicator of dissolution 

 Depending upon the application, acid passivation may cause morphological 

changes to the solid, which may be troublesome. Further studies were perused on tartaric 

and hydrofluoric acids, but the examination of the solid after treatment with oxalic acid 

showed a fine powder, suggesting a loss of original calcite structural integrity. Given the 

large increase in molar volume associated with some the conversion reactions, for 

example, formation permeability may be reduced.  

Tartaric acid batch reactions show a stable and thorough layer of calcium tartrate 

forms over the calcite grains in an acidic environment. The violent stirred batch reactor 

does not appear to affect the rapid and stable formation of the protective layer on the 
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calcite. Following 96 hours of reaction in the stirred acidic solution, little visible impact 

is seen on the protective coating on the calcite. This type of surface coating does not 

totally eliminate calcium in the experimental solution; all surface treatments appear to 

equilibrate at about 50 ppm. This treatment was determined to significantly reduce the 

effluent Ca
2+

, and may be relevant for applications requiring a robust surface coating with 

a reduction but not elimination of Ca
2+

.  

When fluoride was added to an acidic stirred batch reactor, the 0.3M fluoride 

treatment forms a protective surface coating, which inhibits the dissolution of calcite. 

However, the batch data represent a more turbulent hydrodynamic environment. SEM 

images show the stirred batch environment allows for the formation of calcium fluoride, 

but the layers are not stable against the calcite surface and, even from early stages, are 

observed to peel off in chips. Also, once a fluoride concentration drops to between 1000 

and 1800 ppm, the coating appears to break from the surface and allow a rapid pH 

increase, indicating the end of the inhibition period. However, in this case, no calcium is 

observed to leave the system and a subsequent mineral exchange may be viewed as 

successful. 

Experiments where fluoride was added to an acidic solution and flowed over a 

column show a much different coating morphology on the calcite surface. This may result 

from the violent batch reactor creating the loosely attached coating, as well as the peeling 

chips of coating. Thorough particle coverage is observed on the grains within the column. 

Because the hydrodynamic environment of the field is more similar to the column study, 

this technique may hold the possibility of field application. Experimental testing of this 
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process with pre-coated calcite and flowed with CO2 saturated brine at 1500 psi suggests 

that this process offers a reasonable solution. 
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5 Summary 

 The diversity of experiments presented in this research will serve to give insight 

relevant to a variety of applications. First, a novel and highly challenging apparatus was 

developed to simulate acid gas injection and may serve for experimentation relevant to 

carbon capture research, such as this, as well as enhanced oil recovery (EOR) work and 

water alternating gas (WAG) experiments within the industrial arena.  

 Then, a surface coating for acid sensitive carbonate minerals was pursued. 

Although a variety of surface active treatments was tested, none showed any dissolution 

inhibition. Instances in the literature suggest that acids can react with soluble minerals to 

form a passivation-type layer. This idea was pursued in the study of several acids used to 

create an acid insoluble coating over ground calcite material; two showed promise. 

Analysis with SEM, ICP-OES, XPS, and XRD support the notion that acid induced 

surface coatings may provide protection in an acidic environment. Fluoride and tartrate 

appeared to be the most promising candidates for dissolution inhibition. 

 Tartaric acid was tested as a pretreatment technique to form a surface coating. 

However, the equilibrium calcium concentration during this reaction was found to be 

about 50ppm. This concentration is a fraction of what would be released without 

treatment, but fluoride was found to be even more effective.  Fluoride was tested as a co-

injection treatment, requiring acid to catalyze the calcite dissolution required to 

precipitate the acid insoluble fluorite coating. Batch tests were performed. At most, a few 

parts per million of calcium was found in the aqueous solution. Similar tests were 

performed in the high pressure dynamic flow apparatus and a similar result was observed.  
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 Acid induced mineral treatment offers a unique solution to carbonate dissolution. 

This type of treatment can provide thorough and in-situ coating of acid sensitive 

minerals. Experiments presented offer a first step in choosing a reasonable acid for this 

type of treatment. Continuous injection of the acid, or acid component, may provide a 

self-regenerative coating: any freshly exposed surface will immediately be re-covered by 

the precipitated coating resulting from the small amount of calcium dissolved. This novel 

technique uses a small amount of mineral dissolution to provide the mineral coating 

components to prevent further dissolution.  
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6 Broader Implications 

 The future of energy is a main concern for many cultures, including that of the 

United States. Even small increases in oil production can translate to huge amounts of 

energy gained. This research is particularly relevant because it affects both “cradle” and 

“grave” aspects of energy production. The introduction of this unique high pressure 

dynamic flow apparatus is relevant for the study of enhanced oil recovery as well as 

water alternating gas applications. Testing is demanded of industry before additives to 

enhance these processes can be implemented. The ability to test chemicals and collect 

effluent similar to the field hydrodynamic flow conditions is highly relevant.  

 Secondly, passivation of carbonate minerals offers a unique solution for mineral 

preservation, which is a problem in many fields. Historical Society is in constant search 

for techniques to maintain the integrity of historical stone works; these include building 

facades, statues, monuments, and even travertine floors.  
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7 Future Work 

 Experiments presented herein are an initial look at using moderately strong acid 

anions for carbonate mineral preservation. Acid induced surface coating may provide a 

valuable solution to problems in a variety of applications. Only two acids were studied in 

this research, but other candidates exist. The initial oxalic acid test conducted in 1 M 

NaCl showed degradation of the solid while the test conducted in de-ionized water 

looked similar to the original sample. Other acids may be examined using techniques 

similar to those developed in this study. The goal is to find an acid that coats the 

carbonate as quickly, thoroughly, and permanently as possible, but has little impact on 

the morphology of the solid.  
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9 Appendices 

9.1 Appendix A: Economics of carbon capture and storage 

A 2009 article on Energy Research in Science stated that experts agree that carbon 

capture and storage is not cheap (Charles, 2009). This may be the single largest obstacle 

to pursuing this technology full scale. Some experts estimate that with the current 

technology it would cost about $60/ton of CO2 for capture and storage. Consumers are 

unlikely to welcome a price increase to help cover the cost of storage when there are 

currently no regulations to control CO2 emissions. 

Similarly, according to a study regarding carbon capture feasibility, McKinsey 

and Company found that early costs of carbon capture range from $77 to 116/ton CO2, 
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while later costs can be expected to drop approximately $39 to 58/ton CO2 (2008a). The 

two cost regimes account for the expected learning curve associated with implementation 

of the new technology. However, they expect the cost of carbon capture to drop 

approximately 50% from the year 2010 to 2030. These costs will be passed onto the 

consumer by electric companies with electricity rate increases. DOE hopes for only a 

35% increase in electricity, while some project 50 to 100% increase (2008b). 

Another study, presented in 2009 from Harvard’s Belfer Center for Science and 

International Affairs has published a paper that concludes that First-of-a-Kind (FOAK) 

carbon capture and storage plants are going to be more expensive than previously 

anticipated(Al-Juaied and Whitmore, 2009). The cost analysis was for both FOAK and 

Nth-of-a-Kind plants (NOAK). NOAKs represent more mature technology. Table 9.1 

presents a summary of their findings. 

 

Table 9.1 A summary of Harvard’s Belfer Center study evaluating the costs associated 

with carbon capture. 

 

 First-of-a-Kind Nth-of-a-Kind 

Abatement $150/t CO2 avoided 

(range $120-180) 

$35-70/t CO2 avoided 

 

Increased cost of electricity 

to consumer 

10 ¢/kWh 2-5 ¢/kWh 

Final representative range  range $100-150 t CO2 

avoided 

$30-50/t CO2 avoided 

 

   

The first values given for estimated abatement costs for FOAK and NOAK are 

mainly based on cost data from 2008. These values are considered relatively high because 

they are based on figures from the end of a period of sustained escalation in the costs of 

power generation plant and other large capital projects, the final representative range may 
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be seen as more accurate.  Reported values do not include the costs of CO2 transport 

excluding costs of transport, storage or any revenue from EOR. This study also found, 

similar to the McKinsey study, that prices can be expected to drop in the future (2008a; 

Al-Juaied and Whitmore, 2009). Cost reductions are associated with increased experience 

in the process, increased scale of the projects, learning on individual components, and 

technological innovation including improved plant integration. This study found that the 

total reduction in the cost of abatement can be expected to be 65% by 2030 due to 

experience in these areas. These authors concluded that the mature technology would be 

competitive with conventional fossil fuel plants at prevailing carbon prices.  

 

Table 9.2 A summary of representative values of costs expected with various new plants 

with CO2 capture (I.P.C.C., 2005). 

 

Plant Type % CO2 

reduction 

per kWh 

% increase in 

capital costs 

with CO2 

capture 

% increase 

in cost of 

energy with 

capture  

Cost of CO2 

avoided (US$/t 

CO2)  

New pulverized coal 

plant  

85 63 57 41 

New natural gas 

combined cycle  plants  

86 76 46 53 

New IGCC plants   86 37 33 23 

New Hydrogen plant 86 18 15 15 

 

 

9.2 Appendix B: Opposition to CCS 

Despite the potential promise that carbon capture may hold, there are some that 

oppose its study and implementation. Some opposition has been generated from the 

scientific community while others resist from a less well informed and more political 
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perspective. Regardless of the nature of the opposition, public skepticism may prove to 

be one of the greatest obstacles to CCS and implementation of this research. 

 

9.2.1 Public’s Understanding of CCS 

Public perception and acceptance will have a large role in the forward progress of 

the CCS research and implementation. A study presented in 2010 revealed some answers 

about 654 Swiss peoples’ perception of knowledge regarding CO2, and its capture and 

storage through a series of questions and the confidence of their answers (Wallquist et al., 

2010). Results confirm findings from previous qualitative studies and demonstrate that a 

variety of intuitive concepts about storage mechanisms, potential CO2 leakage and 

socioeconomic issues all appear to influence risk and benefit perception. People’s 

misconceptions or lack of knowledge regarding basic principles relevant to CCS, such as 

pressure of gases, the subsurface, or simply the nature of CO2 may influence risk and 

benefit perceptions.  

The questions posed regarded seven different concepts: pressurization, 

socioeconomics, leakage, storage mechanisms, CO2 knowledge, diffuse impact, and 

climate change awareness. Figure 9.1 and Figure 9.2 shows some of the socioeconomic 

and technical questions asked from the different question concept areas and how the 

participants responded to the questions.  
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Figure 9.1 Mean level of agreement and standard error for the socioeconomic concepts 

and beliefs about CCS (Wallquist et al., 2010). 
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Figure 9.2 Percentages of survey participants who did not agree, who did not know, or 

who agreed with each technical concept or belief about CCS (Wallquist et al., 2010). 

 

These results confirmed that the vast majority of the general population does not have 

sufficient knowledge to correctly answer technical questions, which agreed with results 

found in a similar study (Ha-Duong et al., 2009). But many people had an intuitive 
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conception of CCS’s functioning after being told about the concept in the information 

section at the beginning of the questionnaire. 

 Recommendations of this paper are to convey more appropriate mental images 

that explain the technique of CO2 storage. For example, use an image of a sponge while 

depicting the geologic structure of the reservoir and subsequent trapping mechanisms to 

prevent the tempted listener from the “CO2 bubble image” that many originally picture. 

Despite the fact this study was only from one country, it may be considered reliable for a 

country that is in the early stages of CCS understanding and deployment. This study 

found that lack of knowledge seemed in some cases to be responsible for decreased, and 

in others, for increased risk or benefit perception. The conclusion can be drawn that the 

topic is generally misunderstood and that the public’s idea technical feasibility may be 

driven by many complex and unpredictable sources. 

 

9.2.2 Scientific Objection to CCS 

A study published in 2010 found that many other reports regarding CCS are missing a 

key factor that may prove to be a fatal flaw in the injection process (Ehlig-Economides 

and Economides, 2010). They find the comparison of CO2 being used for EOR to be 

incorrect. These authors claim their findings make geologic sequestration of CO2, either 

as a bulk phase or by EOR techniques, a profoundly non-feasible option for the 

management of CO2 emissions. 

They suggest that conceptually many scientists do not acknowledge that the injection 

process will be into a closed system. The pressure of the subterranean system into which 

the injection will occur is already great. Several factors will determine the amount of CO2 
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that can be stored, including initial reservoir pressure, fracture pressure of the formation 

and the adjacent geologic layer, and the water and CO2 compressibility and mobility 

parameters. What is commonly not taken into consideration is regarding the fundamental 

displacement mechanism. According to these authors, the conceptual model of many 

working on the problem assumes the reservoir is an open aquifer, which is fundamentally 

erroneous. However, upon this assumption, the injection rate can be assumed to reach 

steady state. This means the injection into the formation will be constant. This is 

impossible due to the building of pressure inside the formation during injection, which 

leads the injection rate to reach a pseudo stead state instead. Physically this means there 

will be a building of pressure causing the injection rate to decline exponentially.  

 Additionally, these authors’ calculations suggest that the volume of liquid or 

supercritical CO2 stored effectively cannot exceed more than about 1% of the total media 

pore space. Implications from these calculations are a requirement of 5 to 20 times more 

underground reservoir volume than many have projected.  They have found that it takes 

more than 500 times more volume to sequester carbon dioxide than the volume that was 

originally occupied as coal due to a combined effect of density differences, porosity 

requirements, and compressibility and solubility.  
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