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CO2 dissolution into deep subsurface brines is regarded as a viable means of 

reducing CO2 atmospheric emissions.  Dissolved ions affect CO2 solubility (CCO2) and 

the rate of dissolution, but the mechanisms of the effect are not clearly understood and 

thus CCO2 prediction is difficult.  We measured CCO2 and solution density up to 140°C 

and 35.5 MPa-PCO2 in water, NaCl, CaCl2, Na2SO4, and NaHCO3 solutions up to 3.4 

molal and Bravo Dome mixed brine.  CCO2 weakly correlated to ionic strength and water 

activity.  Strong correlations (R
2
 > 0.92) were identified between CCO2 and each of ΔGhydr, 

ΔHhydr, ΔShydr, and the electrostricted water concentration, ha; calculated from ion 

concentration and hydration number.  

Traditional empirical CCO2 prediction models require extensive experimental work 

to determine parameters.  We use a novel prediction approach by applying a mole 

balance on water, then evaluating the energy required to remove water from hydrated 

ions to solvate CO2.  The resulting model developed using moderated multiple regression 

shows that CCO2 is dependent on CO2 fugacity (f), temperature (T), ha, and the solution 

hydration energy (G): all of which are specified or previously catalogued variables.  A 
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model (R
2
=0.92) is generated from 503 data points from this study and literature and 

includes the squares of each variable and interactions.  

Interactions between f, T, ha and G evaluated using spot-light analysis indicate 

that: 1) competition for water molecules significantly impacts CCO2; 2) T and f interact to 

exacerbate a decrease in open water structure concentration; and 3) hydrated ions may 

dampen thermal agitation and reduce open structure collapse caused by increased T.  The 

interactions of this research are likely extensible to the dissolution of any non-polar gas 

into a salt solution. 

CO2 dissolution rate measurements demonstrated that convection occurred in 

experimental reactors with dissolving CO2; however, the system was diffusion limited 

due to a thin diffusion layer.  Density measurements revealed salt solution volume 

decreases with increasing CO2, which results in: 1) faster mass transfer of dissolved CO2 

and 2) increased CO2 total storage capacity (TSC).  In 1 m Na2SO4 at 60°C and 10 MPa 

volume decreases yielded a 20% TSC increase.  
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Chapter 1: Introduction  

1.1 BACKGROUND AND PROBLEM STATEMENT 

Concerns about global climate change have led to extensive research into CO2 

emission reduction methods.  While this is a multipronged effort that ranges from energy 

conservation to development of low carbon footprint energy sources, one approach that 

has received extensive attention is carbon capture, utilization, and storage (CCUS).  

During CCUS CO2 is captured at an industrial emission source, compressed into a 

supercritical fluid and used for enhanced oil recovery in place of newly mined CO2 from 

natural reservoirs or pumped deep into the subsurface for long-term storage.  This latter 

process is commonly referred to as geologic or carbon sequestration.  In geologic 

sequestration CO2 is injected to a depth of 5,000-10,000 feet where pressure and 

temperature are above the critical point for CO2, allowing CO2 to remain a supercritical 

fluid.  There are currently seven CO2 injection sites in the United States occurring in: 

Montana, Texas, Mississippi, Alabama, Michigan, and Illinois (Ackiewicz et al., 2015).     

Once in the subsurface, CO2 may be trapped by one of several mechanisms.  CO2 

may remain as a structurally trapped supercritical fluid with an overlying low permeable 

layer, such as shale.  Alternately, as the CO2 flows outward from the injection site, small 

CO2 drops may be broken off of the plume and trapped in pores that are later surrounded 

by brine.  This is called residual trapping.  CO2 may also partially dissolve into deep 

brine aquifers and remain a dissolved species (dissolution trapping) or react with ions or 

rocks and precipitate to become a mineralized byproduct that will remain immobile for 

centuries to millennia (mineral trapping).  

CO2 dissolution into brines can decrease downhole pressure and create a more 

stable, long-term storage environment than would occur with structural trapping alone.  
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CO2 solubility (CCO2), depends on CO2 pressure (PCO2), temperature (T), and brine 

composition.  Many studies have experimentally determined CCO2 in NaCl brines (Ellis 

and Golding, 1963; Liu et al., 2011; Nighswander et al., 1989; Rumpf et al., 1994; Yan et 

al., 2011).  The composition of natural brines, however, is highly variable; they are rarely 

simple Na-Cl systems that are the norm for experimental measurements and the focus of 

various equations of state.  Target geologic sequestration reservoirs in the United States 

are primarily deep saline aquifers or depleted oil reservoirs.  Five deep saline aquifers in 

New Mexico, Colorado, Mississippi, West Virginia and Texas were identified using a 

database on the Environmental Protection Agency website (2012) to determine the 

primary ionic composition of typical subsurface brines.  In all five brines the five most 

abundant ions were: Na
+
, Ca

2+
, Cl

-
, SO4

2-
 and HCO3

-
 (Figure 1.1).  There is, however, 

limited experimental data on CCO2 in brines with Ca
2+

, SO4
2-

, and HCO3
-
. 

Brine composition can also affect the rate of CO2 dissolution.  Brine containing 

dissolved CO2 is denser than the same brine without CO2.  In a vertically-stratified 

system CO2 can dissolve into the top brine layer creating instabilities and convection 

cells, which increases the rate of dissolution.  (Ennis-King et al., 2005; Farajzadeh et al., 

2009; Riaz et al., 2006; Yang and Gu, 2006; Zhang, 2013)  The density of CO2-saturated 

solution in non-NaCl brine, however, has not been well quantified.  These data are 

needed to supply geologic CO2 sequestration models with realistic parameters. 

Accurate CO2 solubility and solution density measurements are difficult to obtain 

in field experiments due to the nature of the sampling system.  Samples drawn upwards 

from the deep subsurface experience decreasing PCO2 and temperature causing CO2 to 

off-gas, pH to rise and the possible precipitation of some minerals.  In addition, the 

inevitable introduction of oxygen during sampling can quickly oxidize species such as 



 3 

ferrous iron.  Controlled lab experiments are, therefore, necessary to characterize CO2-

brine interactions in the deep subsurface system.   

Figure 1.1 Most abundant ions in five subsurface brines. 
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1.2 RESEARCH QUESTIONS 

I aim to address the following research questions in this dissertation: 

1. What is the CO2 solubility, CCO2, in aqueous solutions and brines containing 

NaCl, CaCl2, NaHCO3, and Na2SO4 when subjected to elevated T and PCO2?  

2. Do different monovalent and divalent ions result in different CCO2 for the same 

conditions? 

3. If different ions with same ionic strengths result in different CCO2, what are the 

mechanisms of those differences?   

4. What is the role that ion hydration and hydration thermodynamics play in CO2 

solvation?  

5. Can we develop a predictive model based on fundamental solution properties that 

requires no additional experimental work? 

6. What are the mechanisms and interactions that lead to differences in CO2 

solubility in different solutions? 

7. What controls the rate of CO2 dissolution? 

8. How does the density of brines change with CO2 dissolution as a function of 

brine composition?    
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1.3 DISSERTATION ORGANIZATION 

The research questions in section 1.2 are addressed in the subsequent three 

chapters.  Chapter 2 has been submitted to a journal for the peer review process.  

Chapters 3 and 4 are in preparation for journal submission.  Following the peer review 

journal publication format, each chapter has its own abstract, introduction, methods, and 

results and discussions sections.  References are collated at the end of this dissertation.  

In this section I will introduce each dissertation chapter and discuss their scientific 

purpose and implications.  Coauthors on the individual papers are as follows:  

 Chapter 2: Philip C. Bennett, Will Wolfe, Tongwei Zhang, and Katherine 

Romanak 

 Chapter 3: Philip C. Bennett and Julie Irwin 

 Chapter 4: Philip C. Bennett, Wen Deng and Bayani Cardenas 

Chapter two presents the results of the CO2 solubility (CCO2) measurements in 

NaCl, CaCl2, NaHCO3, and Na2SO4 aqueous solutions and brines at temperatures up to 

140°C and PCO2 up to 35.5 MPa.  Controls on CCO2 are investigated by plotting CCO2 

versus ionic strength and water activity, which result in weak correlations.  A new 

equation was developed to quantify the water concentration that is electrically bound to 

(electrostricted by) ions that are dissolved in solution.  Concentration of electrostricted 

water, ha, which is calculated from ion concentration and hydration number strongly 

correlates to CCO2.  This result suggests that the solvation of CO2 into aqueous solutions 

is limited by the amount of free water that is available to form cages around CO2.   

In chapter three we extend the work completed in chapter two by collating our 

experimental data with CO2 solubility data from literature, resulting in over 500 data 

points.  The set of CO2 solubility measurements was collected by eight different authors 

from 1963-2015 in solutions with a salt concentration range from 0.1 to 6.0 molal; 
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temperature from 18.8 to 267°C; and PCO2, 0.5 to 40 MPa.  From this data, we created a 

predictive model for CO2 solubility using moderated multiple regression.  The controlling 

variables are CO2 fugacity, temperature, concentration of electrostricted water and G, the 

solution Gibbs free energy of hydration based on ΔGhydr for the ions.  Independent 

variable interaction analysis revealed mechanisms of CO2 solvation including 

competition for water, shifting equilibrium between open and high-density water 

structures, and the protection of open hydration structures by hydrated ions dampening 

the thermal agitation caused by increased temperature.   

In chapter four we discuss the importance of solution density after CO2 

dissolution and present our experimental density measurements of CO2-saturated CaCl2, 

Na2SO4 and NaHCO3 solutions.  We experimentally determined mass transfer 

coefficients that are two orders of magnitude greater than diffusion coefficients from 

literature indicating that convection in the reactors is occurring.  It is shown, however, 

that the same patterns exist in the mass transfer and diffusion coefficients, suggestions 

that molecular diffusion still limits the overall rate of CO2 transfer in the solution.   

Solution densities were lower when subjected to elevated hydrostatic pressure 

versus elevated PCO2 due to the dissolution of CO2.  This density difference, Δρ, is 

predicted to cause the formation of convection cells and increase CO2 dissolution rate.  

Simulations using computational fluid dynamics with different Δρ confirmed that 

convection is occurring in the experimental system.  

In chapter four, we also observe that the increase in solution density after CO2 

injection cannot be attributed solely to the addition of CO2 mass to the solution.  Using 

CO2 solubility data from chapter two and density data from this chapter, solution volume 

is calculated and determined to decrease in some solutions.  These volume reductions are 

translated into excess storage capacity (ESC) in a CO2 sequestration reservoir.     
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Chapter 2: CO2 solubility in aqueous solutions containing Na
+
, Ca

2+
, Cl

-
, 

SO4
2-

 and HCO3
-
: the influence of electrostricted water and ion 

hydration thermodynamics  

 

2.1 ABSTRACT   

Dissolution of CO2 into deep subsurface brines for carbon sequestration is 

regarded as one of the few viable means of reducing the amount of CO2 entering the 

atmosphere.  Ions in solution partially control the amount of CO2 that dissolves, but the 

mechanisms of the ion’s influence are not clearly understood and thus CO2 solubility is 

difficult to predict.  In this study, CO2 solubility was experimentally determined in water, 

NaCl, CaCl2, Na2SO4, and NaHCO3 solutions and a mixed brine similar to the Bravo 

Dome natural CO2 reservoir; ionic strengths ranged up to 3.4 molal, temperatures to 

140°C, and CO2 pressures to 35.5 MPa.  Increasing ionic strength decreased CO2 

solubility for all solutions when the salt type remained unchanged, but ionic strength was 

a poor predictor of CO2 solubility in solutions with different salts.  A new equation was 

developed to use ion hydration number to calculate the concentration of electrostricted 

water molecules in solution.  Dissolved CO2 was strongly correlated (R
2
 = 0.96) to 

electrostricted water concentration.  Strong correlations were also identified between CO2 

solubility and hydration enthalpy and hydration entropy.  These linear correlation 

equations predicted CO2 solubility within 1% of the Bravo Dome brine and within 9% of 

two mixed brines from literature (a 10 wt % NaCl+KCl+CaCl2 brine and a natural Na
+
, 

Ca
2+

, Cl
- 
type brine with minor amounts of Mg

2+
, K

+
, Sr

2+ 
and Br

-
).  
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2.2 INTRODUCTION 

Rising levels of CO2 in the atmosphere that contribute to increased global heat 

trapping are driving the search for viable ways to reduce anthropogenic CO2 emissions.  

To achieve this goal, many energy industry and world governments seek to reduce CO2 

emissions by capturing CO2 at point sources and sequestering it in the deep subsurface for 

long-term storage (Benson et al., 2005).  For carbon capture and geological storage 

(CCS), CO2 will typically be compressed to a supercritical state, and pumped into brine 

aquifers to be stored by geologic and pore-scale trapping, dissolution into brine, and 

mineral precipitation.   

The effectiveness of CO2 dissolution into brine as a trap depends directly on 

temperature, pressure, and chemical composition.  While the influence of pressure and 

temperature are well characterized, chemical composition is more heterogeneous and less 

well understood; real solutions are more complex than the simple NaCl brines that have 

been widely discussed.  In the study reported here, we measure CO2 solubility (CCO2) in a 

wide range of aqueous electrolyte solutions to better predict behavior in real reservoirs.  

At atmospheric pressure CCO2 is proportional to the partial pressure of CO2, 

(PCO2); it is adequately described by Henry’s Law (Eq. 2.1) using partial pressure.  At 

higher pressures, such as those required for carbon sequestration, gases no longer behave 

ideally and effective pressure, or fugacity (ƒ) must be used in place of partial pressure; 

fugacity is the tendency of CO2 molecules to escape into the solution (Lewis, 1901).  

Fugacity is controlled by pressure and temperature (Fig. 2.1).   
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Figure 2.1 CO2 fugacity vs PCO2 generated from Duan and Sun, (2003)   
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A small amount of the CO2 that is dissolved into a solution hydrolyzes to form 

carbonic acid (Eq. 2.2), which dissociates to form bicarbonate (Eq. 2.3) and carbonate 

(Eq. 2.4):   

[H2CO3
*
] = KH*[ ƒ]     KH=10

-1.47
     2.1 

CO2 + H2O  H2CO3   K=10
-3.5

     2.2 

H2CO3  H
+
 + HCO3

- 
 K1=10

-6.3
     2.3 

HCO3
-
  H

+
 + CO3

2-
   K2=10

-10.3
   2.4 

H2CO3
*
 is the sum of the activities of carbonic acid and aqueous CO2.  At the pH 

conditions anticipated for a typical sequestration reservoir, the pH is below 6.3 (log K1), 

and dissolved CO2(aq) is the dominant species (Appelo and Postma, 2005).  The 

equilibrium constants reported in Eqs. (2.1-2.4) are at 25°C, and they vary with 

temperature.  The effects of temperature on CCO2 are important but complex.  At higher 

temperatures CCO2 decreases due to a lower Henry’s law constant, KH (KH25 = 10
-1.47

, 

KH140 = 10
-2.06

), yet it also increases the fugacity coefficient at a given pressure.  

Furthermore, temperature affects the equilibrium constants of solution complexes. 

Another consideration of the total molal solubility of CO2 in a subsurface 

reservoir is the ionic composition of the aqueous solution.  Neutral species such as CO2 in 

aqueous fluids are subject to salting out by dissolved electrolytes, and solubility typically 

decreases as ionic strength increases.  CCO2 in aqueous solutions of different compositions 

has been investigated.  Dissolved CO2 in pure water increases as PCO2 increases and 

temperature decreases (Hu et al., 2007; Li et al., 2004; Teng and Yamasaki, 1997; Wiebe 

and Gaddy, 1941).  However, increasing ionic strength decreases the CCO2 in simple NaCl 
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brines (Duan et al., 1995; Hu et al., 2007; Kruger and Diamond, 2001; Liu et al., 2011; 

Nighswander et al., 1989; Yan et al., 2011).   

Numerous studies refer to ionic strength as the underlying control on salting out, 

but it is not clear if brines that have the same ionic strength but different compositions 

will dissolve the same amount of CO2 or have different salting out potentials.  Differences 

in dissolved CO2 at the same ionic strength may occur because of differences in ion size 

or charge, pH, complex formation, mineral precipitation or other reactions (Liu et al., 

2011; Millero and Huang, 2003). 

Other possibilities may explain the salting out phenomenon.  One possibility is a 

change in water activity.  Ions in solution electrostrict water molecules; that is, the ions 

pull in the water molecules tightly and form a shell of highly ordered water.  

Electrostriction reduces water availability for interaction with other ions or non-

electrolytes (i.e. reduces availability of free water) (Robinson and Stokes, 2002).   This 

effect varies with ion size and charge.   

Another potential approach for describing salting out is on a continuum basis 

using classical thermodynamics.  When an ion is dissolved, the pre-existing hydrogen 

bonded water structure is disrupted resulting in an entropy increase with the addition of 

all but the smallest ions (e.g. F
-
 and Li

+
).  In contrast, the dissolution of a non-polar gas 

(e.g. CO2) into a polar solvent (e.g. water) decreases the entropy of the system (Robinson 

and Stokes, 2002) as water forms an ordered, cage-like structure, around the  CO2 

molecule (Frank and Evans, 1945).  The magnitude of increasing entropy caused by the 

salts is usually larger than that of the decreasing entropy caused by CO2 dissolution, 

resulting in salting out.  The solvation of the ion also results in a change in enthalpy by 

making and breaking hydrogen bonds between water molecules upon solvation 

(Robinson and Stokes, 2002).   
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Current CCO2 models are largely based on simple NaCl solutions or 

experimentally-determined parameters that change with reservoir conditions and brine 

composition.  Natural brines, however, are not simple.  They often contain a complex 

mixture of ions including HCO3
-
, Ca

2+
, Mg

2+
 and SO4

2-
.  Through an investigation of the 

impacts of reactive and divalent ions on CCO2, the goals of this study are to understand 

the mechanisms that lead to salting out of CO2 and to provide a theoretical basis for 

predictive model development.  

2.3 METHODS 

The experimental approach used primarily single salt end-member solutions at 

varying concentration, temperature, and pressure to identify solubility trends.  In 

addition, brine from a natural analog site (Bravo Dome) where high pressure CO2 has 

been trapped over geologic time, was characterized and used as an example of a complex 

mixed system.  High purity salts from Macron Chemical (NaCl), Fisher Scientific 

(anhydrous CaCl2), Mallinckrodt (Na2SO4), MCB (NaHCO3), and Baker (MgSO4) were 

used to prepare solutions in ultrapure deionized water.  The 1 m NaHCO3 solution was 

kept at 60°C to prevent precipitation due to solubility limits at lower temperatures. 

Bravo Dome is located on the eastern flank of the Sierra Grande uplift in 

northeast New Mexico.  The CO2 is trapped in the Permian Tubb Formation arkosic 

sandstones by a combination of fold structure, stratigraphic pinch-out, and possibly 

hydrodynamic forces (Broadhead, 1990).  The Bravo Dome field site has hundreds of 

wells and produced waters from several wells are integrated and collected at a single gas-

liquid separator. Insufficient sample could be collected from Bravo Dome for extensive 

experimentation so a synthetic solution containing the six major ions in the natural brine 

was prepared from NaCl, CaCl2, NaHCO3 and MgSO4.  The resulting brine had the 



 13 

following molal composition: 0.402 m Na
+
, 0.047 m Ca

2+
, 0.024 m Mg

2+
, 0.395 m Cl

-
, 

0.024 m SO4
2-

 and 0.101 m HCO3
-
, with an actual ionic strength of 0.542 (calculated 

using the LLNL database in PhreeqC).  

All experiments were performed in high-pressure, stainless-steel reactors (Fig. 

A1) in either a constant temperature incubator or a constant temperature water bath.  

Temperature was logged with an Onset HOBO temperature logger.  After CO2 injection, 

gas-liquid equilibrium was determined by logging change in pressure using temperature-

compensated pressure transducers (0-200 bar, Honeywell FP pressure transducer) through 

a National Instruments CompactDAQ data acquisition system.  A stable pressure 

indicated the system was at equilibrium.   

Once the system equilibrated to each target pressure, an aliquot of CO2
-
saturated 

brine was collected into an evacuated thermally-equilibrated 5.75 ml stainless steel coil.  

After the coil was weighed the sample was expanded into an evacuated 1.0 L expansion 

chamber and held at a constant temperature of 5°C.  Starting absolute pressure in the 

expansion chamber ranged from 0.0017 to 0.027 MPa; the final pressure was recorded 

after steady state was reached.  The expansion chamber remained under tension even 

after expansion so that ideal behavior could be expected (fugacity coefficient ~1) and the 

ideal gas law could be used to calculate moles of CO2 dissolved in the solution.   

2.4 RESULTS AND DISCUSSION 

CCO2 was measured in deionized water and salt solutions up to 3.4 molal from 30 

to 140°C.  A subset of the data set is shown in Table 2.1.  The complete data set is 

available in the appendix (Table A1).  Figs. 2.2-2.6 are shown to elucidate specific 

points.   
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Table 2.1 Measured CCO2 vs. T, PCO2, f and ha. 

Solution T (°C) PCO2 

(Mpa) 

CO2 fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility (mol/kgw) 

+/- 0.78% 

Water 35.0 21.0 6.91 0.0 1.18 

Water 35.0 32.0 8.52 0.0 1.56 

Water 70.0 10.4 7.34 0.0 0.80 

Water 70.0 33.2 13.23 0.0 1.25 

Water 100.0 10.9 8.46 0.0 0.77 

Water 100.0 34.7 17.74 0.0 1.29 

Water 140.0 20.0 14.91 0.0 1.09 

Water 140.0 34.0 22.14 0.0 1.48 

0.1 m NaHCO3 58.0 5.50 4.51 0.5 0.82 

0.1 m NaHCO3 59.0 14.4 7.89 0.5 1.44 

0.1 m CaCl2 60.5 1.92 2.02 1.4 0.29 

0.1 m CaCl2 62.0 5.40 4.47 1.4 0.65 

0.1 m Na2SO4 58.8 2.90 2.64 1.7 0.44 

0.1 m Na2SO4 59.6 12.4 7.67 1.7 1.23 

Bravo Dome 57.8 1.50 1.44 3.4 0.27 

Bravo Dome 57.4 10.2 6.82 3.4 1.08 

1 m NaHCO3 60.5 5.70 4.67 5.0 0.66 

1 m NaHCO3 57.6 10.8 7.19 5.0 1.01 
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Table 2.1 Measured CCO2 vs. T, PCO2, f and ha (continued) 

Solution T (°C) PCO2 

(Mpa) 

CO2 fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility (mol/kgw) 

+/- 0.78% 

1.88 m NaCl 35.0 10.6 5.55 11.3 0.84 

1.88 m NaCl 35.0 35.1 9.09 11.3 1.20 

1.88 m NaCl 70.0 10.2 7.26 11.3 0.73 

1.88 m NaCl 70.0 34.7 13.60 11.3 0.87 

1.88 m NaCl 100.0 10.0 7.94 11.3 0.45 

1.88 m NaCl 100.0 35.4 17.99 11.3 0.89 

1.88 m NaCl 140.0 10.4 8.93 11.3 0.40 

1.88 m NaCl 140.0 34.2 22.24 11.3 0.94 

1 m CaCl2 70.0 3.20 2.92 14.3 0.38 

1 m CaCl2 56.2 11.7 7.25 14.3 0.81 

1 m Na2SO4 56.9 5.40 4.44 17.0 0.45 

1 m Na2SO4 57.5 14.3 7.74 17.0 0.70 

3.4 m NaCl 35.0 9.89 5.46 20.4 0.58 

3.4 m NaCl 35.0 34.2 8.93 20.4 0.70 

3.4 m NaCl 70.0 11.6 7.81 20.4 0.47 

3.4 m NaCl 70.0 35.8 13.86 20.4 0.63 

3.4 m NaCl 100.0 10.0 8.67 20.4 0.37 

3.4 m NaCl 100.0 35.4 22.86 20.4 0.63 

3.4 m NaCl 140.0 9.90 8.57 20.4 0.44 

3.4 m NaCl 140.0 33.9 22.12 20.4 0.78 
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2.4.1 Pure water 

The measured solubility of CO2 in pure water at 60°C closely followed the 

findings at 55°C  of previous authors (Liu et al., 2011) (Figs. 2.2 and 2.3), and predicted 

values using PhreeqC (PhreeqC.dat) and the Duan Group model at 60°C (Duan and Sun, 

2003) (Fig. 2.3). CO2 solubility increases in a non-linear fashion as CO2 partial pressure 

increases (Fig. 2.2), but it is linear up to about 7 MPa (Fig. 2.3) when plotted as a 

function of fugacity.  For this reason, all results are reported in terms of CO2 fugacity 

rather than PCO2.  In water CO2 solubility increases with increasing CO2 fugacity, but the 

increase is greater at lower temperatures (35 and 60°C) (Fig. 2.4) than at higher 

temperatures (100 and 140°C).   

2.4.2 Salt solutions 

CO2 solubility was measured (data subset in Table 1 and full data set in Table A1) 

in 1.88 and 3.4 molal NaCl brines at 35, 70, 100 and 140°C  and in 0.1 and 1 molal 

CaCl2, Na2SO4, and NaHCO3 aqueous solutions at 60°C (Figs. 2.5, 2.6, and 2.7, 

respectively).  For all individual salts, increasing molal ionic strength and increasing 

temperature reduced CO2 solubility as predicted by theory and experiment.  CCO2 versus 

fugacity in one molal CaCl2, Na2SO4, and NaHCO3 solutions at 60°C are shown in Fig. 

2.8.  For each individual salt CCO2 decreased with increasing ionic strength; however, 

ionic strength did not accurately predict which salt dissolved most or least.  The three 

molal ionic strength Na2SO4 brine dissolved the least, (15% less CO2 than the three molal 

ionic strength CaCl2 brine), which agrees well with the results of Zhao (Zhao et al., 

2015b). 
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Figure 2.2 CCO2 in water vs. PCO2 at 60°C, measured and data from Liu, et al. 2011. 
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Figure 2.3 CCO2 in water vs. CO2 fugacity at 60°C, measured, data from Liu, et al. 2011, 

and models (Duan and Sun, 2003) and the PhreeqC database.  
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Figures 2.4 Measured CCO2 in water vs. CO2 fugacity at 35, 60, 100 and 140°C. 
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Figure 2.5 Measured CCO2 in CaCl2 solutions vs. CO2 fugacity at 30 and 60°C. 
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Figure 2.6 Measured CCO2 in Na2SO4 solutions vs. CO2 fugacity at 30 and 60°C. 
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Figure 2.7 Measured CCO2 in NaHCO3 solutions vs. CO2 fugacity at 60°C. 
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Figure 2.8 Measured CCO2 in CaCl2, Na2SO4, NaHCO3 solutions and water vs. CO2 

fugacity at 60°C. 

s   
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2.5 DISCUSSION  

2.5.1 Ionic Strength    

Simple molal ionic strength is calculated from the total analytical concentrations 

(CT) of the electrolyte species assuming complete dissociation and no complexation in 

solution.  Complexation, however, is likely even in simple aqueous solutions.   These 

complexes vary with ionic composition and temperature; different model databases yield 

different “true" ionic strengths (IT) for the same water depending on which complexes are 

considered.  With the exception of Pitzer, the model databases available for PhreeqC 

(Parkhurst, 1990) calculate a true ionic strength (ionic strength calculated with the 

consideration of complexes).  The LLNL database differs slightly from the others 

because it considers the NaCl
0
 and CaCl

0
 neutral complexes.  For this reason, the LLNL 

calculated IT is used for this analysis.  The CaCl2 solution (IT = 2.71) had 15% more 

dissolved CO2 than Na2SO4 (IT = 1.98).  This suggests that complexation and IT, at least 

as predicted by the databases, does not accurately account for differences in the solubility 

of CO2.  

2.5.2 Water Activity   

Another consideration regarding the salting out of CO2 is the effect of ion 

dissolution on the water itself.  Water activity, aw, determined via Raoult’s Law by 

measuring the partial pressure of water (PH2O) over an aqueous solution of electrolytes, 

is a way to describe the effects of dissolved ions in solution.  Dissolved ions decrease aw 

by electrostricting water molecules (Robinson and Stokes, 2002) around them; this 

interaction decreases the concentration of available or free water. These waters of 

hydration are held with varying degrees of attraction strength and at various distances 

from the hydrating ion; the ion’s size, shape and charge determine the degree of 
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electrostriction, and how tightly each water is held.  Smaller ions have tighter water shells 

than larger ions due to their higher charge density (Hribar et al., 2002).  Electrolytes that 

form relatively stable solution complexes have a lower charge density and, therefore, a 

diminished capacity to complex free water; thus they may potentially decrease the salting 

out of CO2.  

Na
+
 and Ca

2+
 have similar ionic radii, 0.95 and 0.99 Å, respectively (Millero, 

1969), but  Ca
2+

 has twice the charge of Na
+
.  As a result, Ca

2+
 holds more water 

molecules, holds them more tightly, and salts out more effectively than Na
+
 (hence the 

greater effect on ionic strength).  Anions, however, such as Cl
-
 and SO4

2-
 are more 

difficult to compare.  Sulfate has roughly twice the charge density of Cl
-
, because of its 

double charge and an ionic radius that is only slightly larger than Cl
-
 (2.05 for SO4

2-
 

versus 1.81Å for Cl
-
).  Cl

-
 is spherical, but tetrahedral SO4

2-
 has multiple possible centers 

for water electrostriction (Bush et al., 2007; Wan et al., 2012; Yacovitch et al., 2013).  

Solvated SO4
2-

, (SO4
2-

(H20)n), forms hydrogen bonds with multiple water molecules 

(n=3-17); the most stable cluster is reported to be 12 (Wan et al., 2012; Wong and 

Williams, 2003).  In contrast, for hydrated chloride (Cl
-
(H20)n), n≤6 (Powell et al., 1988).   

CO2 solubility (Table 1) versus aw (Aseev, 1998) is shown in Fig. 2.9.  Whereas 

CCO2 generally decreases with decreasing aw (R
2
 = 0.74 at 6.7MPa), significant deviations 

can be noted.  Using the linear regression between CO2 solubility and aw to predict 

dissolved CO2 in Na2SO4 (I=1.98) results in a 91% overestimate.  For NaHCO3 (I=0.098), 

it results in a 16% underestimate.  
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Figure 2.9 Measured CCO2 vs. aw at 60°C and CO2 fugacity of 6.7 MPa. 
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2.5.3 Electrostricted Water 

A hydrated ion is generally described as having several shells of water molecules 

surrounding it.  In the innermost shell, the ion interacts electrically with (electrostricts) 

the water and holds it so tightly that the water is incompressible.  In the second shell the 

water molecules are somewhat ordered, but not incompressible.  Outside of these shells, 

water molecules around the ion may be oriented, but they are shielded from the ionic 

charge (Hribar et al., 2002; Marcus, 1997; Millero, 1969).   Hydration number describes 

the number of water molecules around the ion; silica solubility has been found to be 

linearly correlated with the hydration number of the cation of salts in solution (Marshall 

and Warakomski, 1980).  In our study, CCO2 was found to have a similar relationship; it 

was inversely correlated to the concentration of electrostricted water molecules:    

ha = ΣCinihcomp      2.5, 

where ni is ion stoichiometric coefficient, Ci is salt molal concentration, and hcomp is 

hydration number based on partial molar compressibility.  Measured CCO2 plotted against 

ha at 60°C and 6.7 MPa fugacity (Fig. 2.10) yields a strong correlation (R
2
 = 0.96) where 

CCO2 decreases with increasing ha. This method of calculating the concentration of 

electrostricted water molecules and the use of ha to predict CCO2is a unique aspect of this 

study.  The dependence of CCO2 on electrostricted water molecules encompasses a large 

ionic strength range of 0.1 to 3.4 molal and explains the behavior of 1 m CaCl2 and 1 m 

Na2SO4, with ha values of 14.3 and 17.0 mol/kgw, respectively.   With a lower 

concentration of electrostricted water CaCl2 has more free water for CO2 dissolution.  

This relationship is further supported by experiments demonstrating that Na2SO4 causes a 

greater decrease in seawater compressibility than CaCl2 (Duedall, 1977).  This lower 
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compressibility indicates a greater degree of water electrostriction, which is consistent 

with the calculated ha.   
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Figure 2.10 Measured CCO2 vs. concentration of electrostricted water (ha) at 60°C and 

CO2 fugacity of 6.7 MPa. 
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The choice of source for hydration number is important; reported hydration 

numbers vary depending on the method of determination (Marcus, 1997; Marcus, 2006; 

Ohtaki, 2001; Ohtaki and Radnai, 1993; Varma and Rempe, 2006; Zavitsas, 2001).  In 

spite of inconsistencies between methods, reported values from a single set of 

experiments are usually considered internally consistent.  For this study hydration 

numbers based on partial molar compressibility (hcomp) come from a single source 

(Marcus, 1997).  This value describes primary hydration or the hydration of the first 

shell, which allows its use to estimate the molal concentration of tightly electrostricted 

water (Table 2.1) and free water.   

Although we found no reports on the specific structure of the cage around CO2 at 

sequestration reservoir conditions, under the conditions in which a CO2 clathrate is 

present, a typical hydrate structure (Sl) contains 46 water molecules per CO2 (Sloan, 

2008).  In solutions with a high concentration of electrostricted water, the low 

concentration of free water interferes with the complete caging of CO2 during dissolution.  

Additional CO2 would, therefore, require the removal of water from the primary shell of 

the ion, which is very tightly held.  This supports the idea that CCO2 is controlled by the 

primary hydration shell around the ions.   

Our calculation of electrostricted water (Eq. 2.5) assumes that hydration number 

is an additive property between ions.  However, evidence exists that ions are cooperative, 

rather than additive and that the number of water molecules interacting with a cation and 

anion in close proximity is greater than the sum of the water molecules interacting with 

each ion individually.  Cooperativity, however, occurs only in secondary hydration shells 

or outside of shells (Tielrooij et al., 2010).  Since cooperativity does not occur in primary 

hydration shells it does not affect our calculation of electrostricted water concentration 
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because hcomp accounts only for water molecules in the primary hydration shell (Marcus, 

1997).  Cooperativity, therefore, is not significant in predicting CCO2. 

2.5.4 Thermodynamic analysis 

As the concentration of electrostricted water increases, the likelihood increases 

that solvation of a CO2 molecule will require the extraction of water from the primary 

shell around an ion.  This extraction requires energy, Ghydr, which is comprised of 

enthalpy (ΔHhydr) and entropy (ΔShydr) components.  A higher -ΔHhydr indicates that more 

energy is released upon ion hydration; this creates a greater energy barrier to remove a 

water molecule from the primary ionic hydration shell for CO2 solvation.  A strong 

correlation (R
2
 = 0.92) between CO2 solubility and ΔHhydr (Fig. 2.11) at 6.7 MPa and 

60°C shows that the enthalpy of hydration of the ion affects CO2 solubility. 

Another factor, system entropy, may also control CCO2.  Pure water is structured 

as a network of hydrogen bonds (H-bonds); each water molecule participates in a number 

of H-bonds.  For ice, the average number is four and for dilute water vapor it is zero.  The 

number of H-bonds is water is between four and zero and temperature dependent. 

(Marcus and Ben-Naim, 1985).  Decreased entropy corresponds to more highly structured 

water or an increased number of H-bonds in which a water molecule participates.   

Dissolution of a non-polar gas such as CO2 in water causes a decrease in entropy because 

structuring is required to cage around CO2 (Ben-Naim, 2009; Frank and Wen, 1957; 

Robinson and Stokes, 2002).  In contrast, the hydration of most dissolved ions causes 

increased entropy, because while hydration structures the water molecules in the inner 

shell, the overall average number of H-bonds in which a water molecule participates 

often decreases (Marcus, 1997).  These opposing entropic forces may mean that entropy 

is another control on CCO2.  CCO2 versus ΔShydr at 6.7 MPa and 60°C is plotted in Fig. 
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2.12.  This strong correlation (R
2
 = 0.95) shows that entropy changes during ion solvation 

affect the amount of CO2 will dissolve. 

  



 33 

 Figure 2.11 Measured CCO2 vs. ion ΔHhydr at 60°C and CO2 fugacity of 6.7 MPa. 
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Figure 2.12 Measured CCO2 vs. ion ΔShydr at 60°C and CO2 fugacity of 6.7 MPa. 
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2.5.5 Prediction of CO2 solubility in mixed brines 

CO2 solubility was predicted at 60°C and 6.7 MPa fugacity using the linear 

regression of CCO2 versus ha and ΔHhydr in three mixed brines: Bravo Dome (this study), a 

10 wt% mix (1:1:1) NaCl + KCl + CaCl2 (Liu et al., 2011) and the Mt Simon brine, 

which is a Na
+
, Ca

2+
, Cl

- 
type brine with minor amounts of Mg

2+
, K

+
, Sr

2+
, and Br

-
 

(I=1.712) (Zhao et al., 2015a).  For the latter two data sets, linear interpolation was used 

to determine CCO2 at 60°C.  The models based on ha and ΔHhydr predicted CCO2 for the 

Bravo Dome solution to within 1 and 3%, respectively.  For both the Mt. Simon and 

mixed NaCl+KCl+CaCl2 (Liu et al., 2011) brines, the models predicted CCO2 to < 9 and < 

10%, respectively 

This type of model may not account for reactions and complex formation that 

occur in response to CO2 injection.  Bicarbonate in brine can cause inaccurate model 

predictions (Newell et al., 2008) due to buffering, because it consumes CO2 and 

maintains pH higher than it would be in the absence of bicarbonate.  Divalent ions: Mg
2+

, 

Ca
2+

, and SO4
2-

 can also form complexes that reduce ha and may reduce the salting out 

potential.  Multiple studies have determined that numerous complexes may form (NaSO4
-

, NaHSO4
0
, MgSO4

0
, CaSO4

0
, MgCO3

0
, CaCO3

0
,  NaHCO3

0
, CaHCO3

+
 and MgHCO3

+
) in 

low pressure, low temperature solutions (Duedall, 1977; Fisher, 1975; Kester and 

Pytkowicz, 1970, 1975; Pytkowicz and Hawley, 1974).  However, under high PCO2 pH 

will drop to near or below 5, making the CO3
2-

 concentration negligible.  Complex 

concentration changes may result in slight deviations from these model predictions.
 
 In 

spite of this, the regression models predicted CCO2 in three mixed brines reasonably well.  
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2.6 CONCLUSIONS 

In this study we measured CCO2 in simple and mixed salt solutions at high PCO2 

and used the data to provide insight into the mechanisms of CO2 salting out.  While CCO2 

decreases with increasing ionic strength, the physical relationship varies with salt type 

due to changes in the concentration of electrostricted water molecules (ha), amount of 

energy required to remove water from around the ion (ΔHhydr), and degree to which the 

water is ordered (ΔShydr).  Linear regressions of dissolved CO2 versus the concentration 

of electrostricted water, ΔHhydr, and ΔShydr resulted in strong correlations that predicted 

CCO2 in three mixed brines to within 10%.  While the regression models used in this 

paper are effective for specific temperatures and fugacities, they suggest that a simple 

accounting of water molecules can guide predictions on CCO2 in mixed, complicated 

reservoirs.  In cases of limited free water molecules, it is important to evaluate the energy 

required to extract water from the primary hydration shell of an ion. 
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Chapter 3: CO2 Solubility: 

Competition for Water, Collapse of Structure and Attenuation of 

Thermal Agitation 

3.1 ABSTRACT 

The fate of CO2 in surface waters such as oceans and lakes and in brines in deep 

underground reservoirs, such as CO2 sequestration reservoirs, is important to understand 

as we emit record amounts of CO2 into the atmosphere.  Traditional attempts to predict 

CO2 solubility (CCO2) include models based on ionic interactions and require extensive 

experimental work to determine model parameters.  In this study we used a novel 

approach by first considering a mole balance on water, then evaluating the energy 

required to remove water from hydrated ions to hydrated CO2.  The resulting model, 

developed using moderated multiple regression shows that CCO2 is dependent on CO2 

pressure or fugacity (f), temperature (T), the concentration of water that is electrically 

held by ions (ha), and the solution Gibb’s free energy of hydration (G): all of which are 

specified or previously catalogued parameters.  The model regression, which includes the 

squares of each variable and variable interactions, results in an R
2
=0.92.  The interactions 

between these four variable (f, T, ha and G), evaluated using spot-light analysis, gives 

evidence that: competition for water molecules has a significant impact on CCO2, T and f 

interact to exacerbate the decrease in the ratio of open to dense water structures, and the 

presence of hydrated ions may dampen thermal agitation and reduce the open structure 

collapse caused by T increase. 
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3.2 INTRODUCTION 

The fate and effect of CO2 in surface waters, such as oceans and lakes, and in 

brines in deep underground reservoirs, such as CO2 sequestration reservoirs, is important 

to understand as anthropogenic emissions of CO2 continue to rise.  Predicting total 

potential CO2 solubility (CCO2) allows for the prediction of pH drop in oceans and lakes 

and storage potential for deep saline aquifers for carbon capture and storage (CCS).  

Traditional attempts to predict CCO2, such as Pitzer (Pitzer, 1973) are based on ionic 

interactions and require extensive experiment work to determine model parameters that 

change with ions present and temperature.  The Duan model (Duan and Sun, 2003), also 

popular for predicting CCO2 in certain salt solutions, relies heavily on experimentally 

determined parameters; 15 tuning parameters for the CO2/NaCl/H2O system. 

Creating new approaches to predicting CCO2 may offer simpler models and 

provide insight into mechanisms of CO2 solvation.  This study investigates a new 

approach to analyzing CCO2 using existing CO2 solubility data and previously catalogued 

parameters such as hydration number and ΔGhydr.  The model parameters were chosen 

such that an extensive statistical analysis of parameter interactions will provide 

mechanistic insight into CO2 solvation.   

3.2.1 Water Structure 

In one kg of pure water, there are 55.5 moles of H2O.  A salt dissolving in water 

dissociates into ions, which are hydrated (surrounded) by water molecules.  Water 

molecules closest to the ion make up the primary hydration shell, in which ions interact 

electrically with (electrostrict) water molecules.  Water molecules that are electrostricted 

by dissolved ions are not free to dissolve CO2 (Hribar et al., 2002; Marcus, 1997).  The 

number of water molecules in the primary hydration shell, hydration number (hcomp), is 

determined from the partial molar compressibility of the ion at 25°C (Marcus, 1997).  



 39 

The overall concentration of electrostricted water, ha, in mol/kgw can be calculated (Eq. 

2.5) (Gilbert et al., 2015) and the concentration of free water (FW) in mol/kgw can be 

calculated by subtracting ha from 55.5 mol/kgw.  

To dissolve a molecule of CO2, it must be surrounded by a cage-like hydration 

structure with Nw mol-water/mol-CO2 (Robinson and Stokes, 2002).  These cage-like 

hydration structures exist in water regardless of the presence of CO2, although it is 

unclear if the presence of CO2 changes the size or configuration.  The two-structure water 

model states that water consists of two equilibrating components: an open, ice-like (or 

hydrate) structure and a close-packed, high density structure (Ben-Naim, 2009; Robinson 

et al., 1999; Wada, 1961).  The hydrate structures, which are formed by water molecules 

H-bonding to each other, provide “holes” that can be occupied by another molecule: 

either water or a solute (e.g. CO2).   

The equilibrium of the open and high-density structures shifts with temperature, 

pressure and the presence of solutes.  Thermal agitation resulting from increasing 

temperature causes the collapse of some of the open structures resulting in a higher 

fraction of the high-density structure (Cho, et al. 2002; Ben-Naim 2009).  Increasing 

pressure can overcome the H-Bonds also causing collapse of the open structures.  Thus 

increasing partial pressure of CO2 (PCO2), which drives CO2 out of the gaseous or 

supercritical phase and into the solution may also decrease the capacity of water to 

solvate CO2.  Fugacity, the escaping tendency of CO2 from gaseous or supercritical 

phase, is used in place of PCO2 because it accounts for non-idealities at high pressures.  

Fugacity may be thought of as “effective pressure”.    

The concentration of CO2, [CO2], increases with increasing fugacity until the 

condition below (Eq. 3.1) is met and no FW is available for further CO2 solvation. 
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Nw*[CO2] + ha = 55.5 mol/kgw     3.1 

At this point the energy barrier to extract water from hydration shells becomes 

more important.  During ion solvation energy is released; the Gibbs free energy of 

hydration, ΔGhdyr, is a combination (Eq. 3.2) of the energy released as heat (ΔHhydr) and 

changes in system entropy (ΔShydr) or changes in water structure.   

ΔGhdyr = ΔHhydr - TΔShydr     3.2 

To remove water from an ion’s hydration shell, ΔGhdyr must be overcome.  

Solution hydration energy (G), a total solution measure of ΔGhydr, is calculated (Eq. 3.3) 

where G is in kJ/kgw. 

G = ΣCiniΔGhydr      3.3 

This study hypothesizes that CCO2 is controlled by: CO2 fugacity, f which drives 

CO2 into solution; temperature, T, which thermally agitates the system and changes the 

ratio of open to high-density water structures for CO2 capture; the concentration, ha, of 

water electrostricted by ions, which affects the FW available for CO2 solvation; and the 

energy, G, required to extract water from an ion hydration shell when competition for 

water is high.  To identify the relative importance of these variables and their possible 

effects on each other we use moderated multiple regression and spot-light analysis. 

3.2.2 Moderated Multiple Regression 

Statistical methods such as regression are often used to determine the significance 

and effect of independent variables on dependent variables.  Moderated multiple 

regression is a variant of regression that allows for tests of the effect that one independent 

variable has on the relationship between another independent variable and the dependent 

variable.  For example, in a simple case the degree to which CO2 fugacity depends on 
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PCO2 is a function of temperature (Fig. 2.1).  When temperature is low then increasing 

PCO2 increases fugacity slightly, but when temperature is high there is a strong positive 

linear relationship between the PCO2 and fugacity.  These effects are often referred to as 

“interactions” and can be modelled as the product of the two independent variables 

(Aiken, West et al. 1991; Irwin and McClelland 2001) in a model that also includes the 

two components of the interaction.  For example, in the above case the model would 

include T, PCO2 and their product, PCO2*T.  Moderated multiple regression models have 

been used throughout social science but are especially prevalent in psychological 

research.  The methods, however, provide a means of evaluating mechanisms of CO2 

solvation that would otherwise not be discerned and therefore are quite useful for the 

questions asked in the present research.    

Independent variable interactions can be explicated using spot-light analysis in 

which the regression is simplified to consider only two variables and their product 

(interaction) at a time.  In this way, the relative strength and significance of each 

independent variable can be evaluated at different values of each other independent 

variable.   

3.3 METHODS 

Over 500 points of measured CO2 solubility were collated from literature 

(summarized in Table 3.1) for the development of a predictive model using f, T, ha and 

G.  Pressure was converted into fugacity using a model by Duan, et. al. (Duan, Moller et 

al. 1992).  Data points above the vapor point or near the critical point of water were 

removed from the analysis.  

The first regression equation (Eq. 3.4) contained independent variable: f, T, ha and 

G and no interactions:  
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 CCO2 = a0 + a1f + a2T + a3ha + a4G    3.4, 

where a0…an are the slopes holding the other variables constant..  The regression was 

extended and improved by including the squares of each of the independent variables: f
2
, 

T
2
, ha

2
, and G

2
 and interaction terms for all combinations of independent variables: f*T, 

f*ha, f*G, T*ha, T*G and ha*G.  Each variable, square and interaction was determined to 

be significant at p<0.05.  Since a model with all of these variables is untenable, we also 

examined the moderated models with only two variables at a time.  Then, spot-light 

analysis (Irwin and McClelland 2001) was performed to examine the nature of the 

interaction.   Consider the classic moderated model (Eq. 3.5): 

Y = a0 + a1X + a2Z + a3 (X*Z)    3.5 

Because the model can be rearranged (Eq. 3.6) in this way: 

Y = a0 + a1X + (a2+a3X)*Z      3.6 

it is easy to see that a1 is the test of X when Z = 0 (Aiken, West et al. 1991; Irwin and 

McClelland 2001).  Thus, the origin of variable Z can be changed such that the 

relationship of Y and X can be evaluated at multiple values of Z: Zmin, Zmax, and values 

between to observe changes in the slope of Y versus X at these different levels of Z.  In 

cases where X became statistically insignificant for some values of Z, the point of 

changing significance was identified by changing Z until p=0.05.   

Changing Z altered the slope of Y versus X in one of two ways: 

1. If increasing Z made a positive (negative) slope more positive (negative), 

then the interaction is classified as enhancing.   

2. If increasing Z made a positive (negative) slope less positive (negative), 

then the interaction is classified as suppressing. 
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Table 3.1 Literature CCO2 data for moderated multiple variable regression. 

 

Ions 

Ion 

Concentration 

(mol/kgw) 

T (°C) 
PCO2 

(MPa) 

# 

data 
Reference 

Na
+
, Ca

2+
, Cl

-
, 

SO4
2-

 

0.1-3.9 & 

Mixed 
35-140 

1.5-

35.8 
91 (Gilbert et al., 2015) 

Na
+
, Ca

2+
, K

+
, 

Cl
-
 

1.0-1.9 & 

Mixed 
35-55 

1.1-

16.6 
123 (Liu, Hou et al. 2011) 

Na
+
, Cl

-
 4-6 40-160 0.5-9.6 60 

(Rumpf, Nicolaisen et al. 

1994) 

Na
+
, Cl

-
 0.2 80-200 2.1-10 33 

(Nighswander, Kalogerakis 

et al. 1989) 

Na
+
, SO4

2-
 1 18.8-76 

3.5-

13.1 
47 

(Bermejo, Martin et al. 

2005) 

Na
+
, Cl

-
 0.5-2.0 172-267 2.7-7.2 24 (Ellis and Golding 1963) 

Na
+
, K

+
, Ca

2+
, 

Mg
2+

, Cl
-
 

1-5 & Mixed 35-152 1.3-38 85 (Tong, Trusler et al. 2013) 

Na
+
, Cl

-
 1-5 50-140 5-40 36 (Yan, Huang et al. 2011) 
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3.4 RESULTS AND DISCUSSION 

3.4.1 Predictive model development  

Over 500 data points from literature (Bermejo et al., 2005; Ellis and Golding, 

1963; Gilbert et al., 2015; Liu et al., 2011; Nighswander et al., 1989; Rumpf et al., 1994; 

Tong et al., 2013; Yan et al., 2011) were used to determine the relationship between CO2 

solubility, (CCO2), and fugacity, (f), temperature, (T), the concentration of electrostricted 

water, (ha) and ion hydration free energy, (G).  A multivariable regression (Eq. 3.4) of 

CCO2 versus f, T, ha, and G yielded an R
2
 = 0.71 and showed that all four variables have a 

statistically significant (p<0.05) effect on CCO2.  Including T
2
, f

2
, ha

2
, and G

2
 in the 

regression increased R
2
 to 0.85 (Eq. 3.7).  While the R

2
 value is relatively high, the 

standard error is approximately 20% of the mean CCO2.  We improved the model 

(parameters in Table A2) by considering variable interactions: f*T, f*ha, f*G, T*ha, T*G 

and G*ha (Eq. 3.8).  All six interactions are statistically significant and their inclusion in 

the model increased R
2
 to 0.92.   

CCO2 = a0 + a1f + a2T + a3ha + a4G + a5f
2
 + a6T

2
 + a7ha

2
 + a8G

2
  3.7 

CCO2 = a0 + a1f + a2T + a3ha + a4G + a5f
2
 + a6T

2
 + a7ha

2
 + a8G

2
 + a9f*T + a10f*ha + 

a11f*G+ a12T*ha + a13T*G + a14G*ha    

 3.8 

Predicted versus measured CCO2 (Fig. 3.1) shows scatter around the y=x line (a 

reference to a perfect fit) with a slight curve at CCO2 > 1 mol/kgw, (discussed later).  

While the curve at high CCO2 may indicate the beginning of a deviation from the model, 

overall, 92% of variation in the data can be attributed to variation in f, T, ha, and G, and 

their squares and interactions.  The benefit of this model is that while it predicts CCO2 

with less than 14% error, it works for a large T and f range (Table 3.1) and does not 

require additional experimental measurements to determine parameters.  All of the 
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variables used in the model are specified, calculated or already tabulated in a reference 

book (Marcus 1997). 

While the model itself is useful for predicting CCO2 in a system with any non-

reactive salt using previously catalogued parameters, the mechanistic insights of CO2 

solvation gained by examining variable interactions are, perhaps, even more valuable.  

Spotlight analysis (Irwin and McClelland, 2001) was used to analyze the impact of each 

variable as another variable was changed.  With all other variables controlled for, each of 

the six interactions is statistically significant.  When considered individually G*ha was 

not statistically significant, so no discussion of their interaction is discussed.  To make 

interaction relationships clearer, all lines in figures 3.2-3.7 go through the origin because 

only the change in slope is important.  As such, the actual y value does not matter—only 

the magnitude and sign of the slope is relevant to this discussion.    
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Figure 3.1: Predicting CO2 Solubility using f, T, h and G 
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3.4.2 Evidence of competition for hydration water 

The working hypothesis is that, in addition to f and T, CCO2 is controlled by 

competition for free water.  Competition is quantified by ha, the concentration of 

electrostricted water (mol/kgw) and G, ionic free energy of hydration adjusted for 

concentration (kJ/kgw).  Water electrostriction by hydrated ions affects CO2 solubility by 

reducing the concentration of water free to cage around CO2.  Increasing ha, therefore, 

decreases CCO2.  Gibbs free energy of hydration (ΔGhydr) is the energy (kJ/mol) released 

upon the solvation of an ion.  Greater -ΔGhydr indicates a greater amount of required 

energy to reverse the hydration reaction and remove an electrostricted water molecule 

from the ion.   

The decrease in CCO2 due to increased ha and G is suppressed by increasing T, 

(Figs. 3.2 and 3.3) which supports the working hypothesis.  High ha causes a decrease in 

CCO2 due to competition for free water.  At high T, CCO2 is lower so competition is 

decreased resulting in a lower impact of ha.  Also at higher T there is more system energy 

to overcome the energy barriers to extract water from a hydration shell; reducing the 

effect of G on CCO2.  Neither G nor ha is significant over T~235°C.  
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Figure 3.2: Effect of temperature on CCO2 vs. ha 
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Figure 3.3: Effect of temperature on CCO2 vs. G 

 

 

 

In contrast, the negative effects that ha and G have on CCO2 are enhanced by 

increasing f, (Figs. 3.4 and 3.5).  At high f, CCO2 is higher so competition is increased, 

resulting in a greater impact of ha (more negative slope).   Since there is more competition 

for free water at higher f, system energy becomes more important as water may be 

extracted from hydration shells if the energy barrier is overcome.  At all fugacities 

evaluated in this study (0.5-25.1 MPa), both ha and G remained statistically significant.   
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Figure 3.4: Effect of fugacity on CCO2 vs. ha 
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Figure 3.5: Effect of fugacity on CCO2 vs. G 
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Figure 3.6: Effect of ha on CCO2 vs. f 
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The increase in CCO2 with increasing f is also suppressed by increasing ha (Fig. 

3.6).  When ha is low, the concentration of free water to cage CO2 is high.  In a solution 

with little competition for free water increasing CO2 fugacity effectively increases CCO2.  

In a solution with high competition increasing fugacity results in a lower increase in 

CCO2.  Above ha = 63 mol/kgw f is not a statistically significant control on CCO2.  This 

maximum ha suggests that there are not enough remaining moles of free water to form a 

CO2 cage and that sharing or extracting water has reached its limit.  The fact that ha is 

significant for all f, but f is only significant for ha < 63 suggests that while CO2 solvation 

may reduce ion hydration number the hydrated ion is a stronger structure than the caged 

CO2 molecule.  In other words, adding ions to CO2-saturated brine will salt out the CO2, 

but adding CO2 to brine will generally not cause precipitation of non-reactive salts.   

3.4.3 Evidence of electrostricted water sharing and extraction 

The increase in CCO2 with increasing f is suppressed at greater –G (Fig. 3.7).  

Since f is held constant, suppression of its effect on CCO2 must, therefore, be due to a 

structural change in the solution.  Increasing f pushes hydrated ions closer together; 

increasing the possibility that adjacent hydration shells will share water molecules.  

Water molecule sharing between hydration shells has been postulated as a cause for a 

decrease in hydration number with increasing salt concentration (Marcus 2014).  Higher 

densities and water sharing may cause or allow for the removal of some water molecules 

from the hydration shell.  Ions that have a greater energy barrier to extracting a hydration 

shell water molecule may resist the forces of increased fugacity.  In this way, increasing -

G suppresses the effects that fugacity has on CCO2.  Fugacity is no longer a statistically 

significant control on CCO2 above -G = 10100 kJ/kgw. 
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Figure 3.7: Effect of solution hydration energy on CCO2 vs.f  
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Because G is the sum of the hydration energy contributions from each of the ions, 

it does not give insight into the varying effects of lower and higher hydration energies.  

For example, 1 molal CaCl2 has 2 mol of Cl
-
 and 1 mol of Ca

2+ 
with ΔG values of -347 

kJ/mol and -1515 kJ/mol, respectively.  When free water is limited, dissolution of CO2 

may require the removal of electrostricted water.  Water would likely be extracted from 

the Cl- hydration shell preferentially because it has a lower energy barrier.  All solutions 

in this analysis contain ions with smaller (K
+
, Cl

-
, Na

+
) and larger (Ca

2+
, SO4

2-
, Mg

2+
) 

ΔGhydr.  By statistically analyzing the small and large energy contributors separately, and 

assuming that water would be removed from low energy hydration shells first, we can 

determine their relative importance to CO2 dissolution.   

For each solution, G was separately calculated for the ions with the smallest (GS) 

and largest (GL) hydration energies.  When regressed with T, f and ha, both GS and GL 

were significant, with GL resulting in a slightly greater improvement to R
2
 than GS.    The 

statistical significance of both GS and GL signifies that variation in CCO2 is explained by 

variation in both independently.  The only reason variation in the GL would matter is if 

water molecules are successfully extracted from the hydration shell of ions with small 

ΔGhydr.   It is unclear from this analysis, however, if extraction of water from ions with a 

large ΔGhydr is successful.    

Spotlight analysis between f and GS and GL showed the interaction between f and 

G is significant for both the large and small hydration energies.  The relationship between 

CCO2 and f was suppressed by both GL and GS, but the effect was stronger in GS.  This 

supports arguments made previously that increasing f provoked water extraction from ion 

hydration shells.  A higher energy barrier to the first extractions results in a greater 

reduction in CCO2 increase with increasing f.  This makes intuitive sense because if GS is 

high, then GL must be higher.  
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3.4.4 Evidence of changing water structure 

The open water structure, described previously provides a cavity that is occupied 

by dissolving CO2, whereas the close-packed, high-density structure does not 

accommodate solutes (Wada 1961; Robinson, Cho et al. 1999; Ben-Naim 2009).  

Increasing T agitates the molecules in the solution causing open structure collapse 

resulting in a higher fraction of the high-density structure.  Increasing fugacity or 

pressure can overcome the H-Bonds also causing collapse of the open structures.  (Cho, 

Urquidi et al. 2002; Ben-Naim 2009)  The interactions of T and f give evidence of this 

changing water structure.  Increasing T decreases CCO2 by reducing the holes for CO2 

dissolution.  Increasing f enhances this negative relationship (makes it more negative) 

because the addition of pressure to the thermally agitated molecules promotes collapse.  

Similarly, increasing T suppresses the positive relationship between CCO2 and f.  

3.4.5 Evidence of protection of the open structure by ion hydration 

The decrease in CCO2 with increasing T is suppressed (making the slope less 

negative) by increasing ha.  If we accept the argument that the decrease in CCO2 with 

increasing T is caused by collapse of the open water structure then something about 

increasing ha must be counteracting this collapse.  We propose that the rigid 

electrostriction bonds between water molecules and ions may dampen the thermal 

agitation and protect the hydrate structures from collapse to some extent.  T is not a 

significant control on CCO2 above ha = 37, which approximately corresponds to 6 m NaCl 

solution.  This would suggest that at very high ha, the thermal agitation is dampened to 

such an extent that open water structure collapse no longer occurs.   

Further evidence of hydrate structure protection comes from the interaction 

between G and T.   Increasing –G (greater energy of hydration) suppresses the negative 

relationship (makes the slope less negative) between CCO2 and T.  While lower energy 



 57 

hydration bonds may be broken by increased T, higher energy hydration bonds will be 

more resistant.  If an increased concentration of electrostricted water helps protect the 

open water structure, then stronger hydration bonds would show a similar relationship 

since decreasing the concentration of electrostricted water would be more difficult.   

3.4.6 Remaining Questions 

The hydration numbers used in the calculation of ha were measured at 25°C and 

low ion concentrations.  This raises the question about the reliability of ha at high T, high 

P and high concentration conditions.  Calculated ha ranges are from 1 to 71.5.  For ha > 

55.5 mol/kg it is possible that waters have been stolen from around ions (hcomp is reduced) 

or that ion hydration shells share water molecules (Marcus 2014).  The correlation 

between CCO2 and ha, however, is very strong (p = 10
-29

), which suggests that the trend of 

hydration numbers at 25°C remains the same with increasing f and T.   The question 

arises does stripping hydration waters promote ion complexation and salt precipitation? 

Some scatter around y=x (Fig. 3.1) may be attributed to ion association.  While 

salt concentration is fixed ha decreases when ion association occurs because associated 

ions have a lower charge density due to their larger size and lower charge; ha should, 

therefore, be treated as a maximum value.  Ion association increases with increasing 

temperature and decreasing pressure (Hnedkovsky, Wood et al. 2005; Zimmerman, Arcis 

et al. 2012).  In a 1 m Na2SO4 brine, the increase in NaSO4
-
 was estimated to increase 

1.3% from atmospheric conditions to 60°C and 10 MPa and 1.4% at 100°C and 40 MPa 

pressure, resulting in < 1% change in CCO2.   

3.5 CONCLUSIONS 

1) CO2 solubility is controlled by CO2 fugacity, water structure and competition for 

free water.  Dissolved ions decrease CCO2 by electrostricting water molecules 
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resulting in increased competition for free water to form open hydration structures 

in which dissolved CO2 resides.  Increasing temperature can provide the energy to 

overcome the energy barrier for water removal from the hydration shell.   

2) Increasing f increases density to such an extent that water sharing between ion 

hydration shells is encouraged.  This appears to result in water extraction from the 

ion primary hydration shells. Water molecules are successfully extracted from the 

hydration shell of ions with the smallest ΔGhydr before attempted removal from an 

ion with the largest ΔGhydr.   It is unclear if extraction of water from all ions with 

large energy barrier is successful, but some variation in the amount of CO2 

dissolution can be attributed to variation in GL and GH.   

3) The ratio of open to high density water structures is decreased with increasing T 

and f; an effect that is exacerbated with increases in both.   

4) Increasing T increases thermal agitation which causes collapse of the open water 

structure and results in fewer cavities for CO2 to occupy.  The presence of 

hydrated ions may dampen the thermal agitation reducing the destruction of the 

open water structure. 
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Chapter 4: Detection of convection and diffusion and decreases in 

volume when dissolving CO2 in brine 

4.1 ABSTRACT 

Dissolving CO2 into brine has been predicted by models and experiments to cause 

the development of convection cells as the addition of CO2 increases the brine density.  

This study shows that while dissolving CO2 creates convection cells in experimental 

reactors, a thin diffusion layer limits the overall mass transfer rate. In this research, the 

densities of CaCl2, Na2SO4, and NaHCO3 solutions at up to 60°C and 12 MPa-PCO2 

were measured and shown to increase with increasing PCO2 for all solutions.  The total 

storage capacity (TSC) of CO2 in brine depends to some extent on solution density.  

Lower versus higher salt concentrations led to greater density increases for the same 

PCO2 increase, suggesting that increased dissolved CO2 mass controls density changes.  

In some cases, however, increased dissolved CO2 resulted in smaller density increases.  

Solution volumes calculated from density and CO2 solubility data decreased with 

increasing PCO2 by different percentages depending on salt type and concentration.  At 

60°C and 10 MPa volume decreases yielded a 25% increase in TSC in 0.1 m NaHCO3 

brine and a 20% increase in TSC in 1 m Na2SO4.   
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4.2 INTRODUCTION 

Rising levels of atmospheric CO2 that contribute to global climate change are 

spurring research to identify viable ways to reduce anthropogenic CO2 emissions.  One 

method of achieving this goal is to capture CO2 at point sources and sequester it in the 

deep subsurface for long-term storage.   During geological carbon capture, and storage 

(CCS), CO2 is captured, compressed, and then pumped deep into subsurface brine 

aquifers in a supercritical state where it is stored by a combination of several 

mechanisms:  structural and residual trapping, dissolution into brine, and mineral 

precipitation.  

Some CO2 will dissolve into subsurface brine, but the rate of dissolution depends 

partly on the chemical composition of the brine.  Brine composition affects density before 

and after CO2 dissolution.  Density is important when predicting CO2 dissolution rate and 

whether this rate will be controlled by diffusion, convection, or a combination of both.   

According to Film Theory, there are three steps in the mass transfer of a gas into a 

solution: molecular diffusion in the gas phase (Dg), interface mass transfer (k), and 

molecular diffusion in the liquid phase (Dw).   The interfacial region is idealized as an 

unstirred layer (Cussler, 2009).  It is built on the assumption that the diffusing component 

is dilute on both sides of the layer.   In a CO2 reservoir, the CO2-phase will be almost 

purely CO2 so there is no gas (or supercritical) phase diffusion (Dg) term to consider.  

The interface mass transfer coefficient, k is on the order of 10
-5

 m
2
/s (Cussler, 2009; 

Marrero and Mason, 1972; Yang et al., 2006).   
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With a Dw of approximately 10
-9

 m
2
/s, (Cussler, 2009) the diffusion coefficient for CO2 

moving through water or brine is typically the rate limiting step for pure diffusion. The 

diffusion process is represented by Fick’s second law (Eq. 4.1): 

 
∂c

∂t
= Dw (

∂2c

∂z2
)       4.1 

where c is solute concentration and z is the distance of transfer.  

During CO2 injection into a saline aquifer, the injected supercritical CO2 is 

buoyant compared to the brine; it may eventually reside at the top of the aquifer and 

spread beneath the seal rock. After this happens, the injected CO2 will partially dissolve 

into the top layer of the brine through diffusion and increase brine density as it dissolves.  

At this initial stage, the CO2 dissolution rate is controlled by the rate of diffusion.   

If the density difference, Δρ, between the upper layer of CO2-saturated brine and 

underlying brine is large enough to cause convection, CO2 diffusion will no longer be the 

rate-limiting step, and the overall mass transfer rate will potentially be much faster.   

Convection would cause the CO2-rich brine to mix the CO2 into the deeper parts of the 

aquifer orders of magnitude faster than would occur by diffusion alone.  This behavior 

has been predicted and evaluated by analytical models (Ennis-King et al., 2005; Riaz et 

al., 2006; Zhang, 2013), natural analogues (Gilfillan et al., 2009) and laboratory 

experiments (Farajzadeh et al., 2009; Yang and Gu, 2006). 

The magnitude of Δρ depends on the type and concentration of ions in the 

solution.  Numerous studies have measured densities of different salt solutions at various 

temperatures and hydrostatic pressures in the absence of a soluble gas. (Al Ghafri et al., 

2012; Chen et al., 1977; Clegg and Wexler, 2011; Gates and Wood, 1985; Majer et al., 

1988; Manohar et al., 1994; Mao and Duan, 2008; Millero and Huang, 2013; Obšil et al., 

1997; Padova, 1963; Parkhurst, 1990; Phutela and Pitzer, 1986; Rogers and Pitzer, 1982; 
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Safarov et al., 2005; Schmidt et al., 1995; Surdo et al., 1982)  The density changes of 

water and NaCl brine with increasing partial pressure of CO2 (PCO2) have also been 

thoroughly investigated (Duan et al., 1995; Hebach et al., 2004; Hu et al., 2007; Kruger 

and Diamond, 2001; Li et al., 2004; Lu et al., 2009; Mao and Duan, 2008; Yan et al., 

2011).  Few other brine types, however, have been considered even though studies have 

shown that salt type and concentration can affect CCO2 (Bermejo et al., 2005; Liu et al., 

2011; Millero and Huang, 2003; Nighswander et al., 1989).  Real subsurface brines are 

more complex than simple NaCl brines, which have received most attention.  However, 

the influence of other ions such as Ca
2+

, SO4
2-

¸ and HCO3
-
 can greatly affect density.  

This research experimentally determines the rate that CO2 dissolves across the 

CO2-aqueous phase boundary in 1 m CaCl2, Na2SO4 and NaCl brines as well as the 

densities of NaHCO3, Na2SO4, and CaCl2 solutions at 0.1 m and 1 m concentrations at 

30°C and 60°C and up to 12 MPa PCO2.  These measurements will provide more 

accurate predictions of CO2 dissolution rate.  These density measurements may also 

illuminate how the aqueous phase volume changes in response to CO2 solvation.  

Although volume changes affect downhole pressure and storage capacity, the effects of 

changing solution volume on CO2 storage capacity have not been studied in detail.   

4.3 METHODS 

4.3.1 CO2 Dissolution Rate  

To evaluate the rate of CO2 dissolution into brine, we logged headspace pressure 

in a fixed-volume closed cell with a known volume aqueous phase and a pure CO2 

headspace starting at CO2 introduction.  PCO2 was kept below the CO2 vapor point so 

that pressure could be used to detect moles of CO2 leaving the headspace to dissolve into 

the solution.  We heated quartz-lined stainless-steel Parr reactors containing 100 mL of 
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deionized water, 1 m NaCl, or CaCl2 to experimental temperatures and then added 

thermally equilibrated CO2 to a target pressure.  After CO2 injection, we logged pressure 

every second to track reaction progress.  The number of moles of CO2 in the headspace 

was calculated using CO2 densities from the National Institute of Standards and 

Technology based on pressure and temperature.  Equilibrium concentrations of dissolved 

CO2 were determined experimentally in a previous study (Gilbert et al., 2015).  

4.3.2 Brine Density  

The density of water and salt solutions was measured at increasing hydrostatic 

pressure and PCO2 at 20, 30, and 60°C.  Hydrostatic pressure was controlled in the 

reactor using a dual piston HPLC pump.  PCO2 was controlled similarly using a 

supercritical CO2 pump.  All experiments were performed in quartz-lined 150 ml 

stainless-steel reactors in a constant temperature incubator.  After CO2 injection 

equilibrium between the CO2 and aqueous phase was determined by monitoring pressure 

using temperature-compensated pressure transducers (0-200 bar, Honeywell FP pressure 

transducer) and a data acquisition system (National Instruments CompactDAQ).  A stable 

pressure over 24 hours was inferred to mean the system was at equilibrium.  Once the 

system equilibrated to each target pressure a small aliquot of the solution was collected 

into an evacuated thermally-equilibrated stainless steel coil and weighed.  During 

sampling the headspace PCO2 was held constant by means of the supercritical CO2 pump.   

Temperature was logged with an Onset HOBO temperature logger.   
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4.4 RESULTS AND DISCUSSION 

4.4.1 Experimental Determination of CO2 Diffusion and Convection 

The pressure profiles for CO2 dissolution into water, 1 m NaCl, and 1 m CaCl2 at 

30°C (Fig. 4.1), show a sharp decrease in pressure immediately following CO2 injection 

followed by an eventual asymptote as the system approaches gas-liquid equilibrium at 

CO2-saturation. Water shows the greatest pressure decrease because it dissolves the most 

CO2.   

The pressure profiles were fitted to Fick’s 2
nd

 Law to calculate diffusion 

coefficients (Dw) (Table 4.1). These values, on the order of 10
-7

 m
2
/s, are 2 orders of 

magnitude lower (slower) than the interface mass transfer coefficients reported in the 

literature (Marrero and Mason, 1972; Yang et al., 2006), which demonstrates that CO2 

interface transfer is not the rate limiting step in CO2 dissolution.  In contrast, reported Dw 

(Table 4.1) were two orders of magnitude lower (slower) than measured values, 

suggesting that CO2 dissolution in the experimental system is not simply diffusion-

limited:  a more efficient method of mass transfer is occurring in the vessel, most likely 

convection.  This conclusion supports the work of modelers who predict convection in a 

CO2 aquifer.   

 

 

 

  



 65 

Figure 4.1 Pressure profile of dissolving CO2 in 0.1 m NaCl, 0.1 m CaCl2 and water at 

30°C. 
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Table 4.1 Diffusion and mass transfer coefficients 

Solution 
T 

(°C) 

Pressure 

(MPa) 

Dw 

(m
2
/s) 

Source 

Water 25 0.1 1.92 x 10
-9

 (Cussler, 2009) 

Water 60 0.1 4.0 x 10
-9

 (Cussler, 2009) 

Brine (Weyburn) 27 0.1 0.31 x 10
-9

 (Yang and Gu, 2006) 

Water 55 0.1 3.68 x 10
-9

 (Thomas and Adams, 1965) 

Water 25 20 1.91 x 10
-9

 (Lu et al., 2013) 

Water 50 20 3.21 x 10
-9

 (Lu et al., 2013) 

Water 30 2.2 1.88 x 10
-7

 Measured in this study 

Water 30 5.0 1.89 x 10
-7

 Measured in this study 

1 m NaCl 30 5.2 1.25 x 10
-7

 Measured in this study 

1 m CaCl2 30 5.2 1.43 x 10
-7

 Measured in this study 

Water 60 5.2 3.39 x 10
-7

 Measured in this study 

 

At this point, it may no longer be accurate to call experimentally-determined Dw a 

diffusion coefficient because it is clear that the mass transfer is not pure diffusion.  

Instead, a more general term, mass transfer coefficient is used.  While the system is not 

purely diffusion-limited, nevertheless, evidence of diffusion is present in the data 

patterns.   Experimentally determined Dw show patterns similar to the reported diffusion 

coefficients with respect to pressure, temperature, and ionic strength (Table 4.1).   

At 25°C increasing pressure from 0.1 to 20 MPa resulted in less than a 1% change 

in Dw.  Similarly, increasing pressure from 2.2 to 5.0 MPa at 30°C resulted in a 1% 

change in mass transfer coefficients.  In contrast, literature reports that increasing 
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temperature from 25°C to 60°C results in an almost doubling of Dw.  Similarly, measured 

mass transfer coefficients increased approximately 80% with temperature increases from 

30°C to 60°C at 5.0 MPa.  Finally, an increase in ionic strength between water and the 

Weyburn brine, which is a NaCl brine with heavy influence of Ca
2+

 and SO4
2-

, resulted in 

an 84% drop in Dw.  Similarly, at 30°C, measured mass transfer coefficients dropped by 

32% with an increase in ionic strength from 0 to 1 m.  These patterns show that while the 

CO2 dissolution rate increases with convection, diffusion may still affect or limit the rate. 

4.4.2 Measured Density  

To more accurately predict the onset of convection in a reservoir after CO2-

injection accurate solution density measurements are necessary.  The density of water 

was measured as a function of hydrostatic pressure, PCO2 and PN2 at 22°C (Fig. 4.2).   

Water density increased 9.3 times more per unit of CO2 pressure increase than with 

simple hydrostatic pressure.  In contrast, water density increased only 2.1 times more per 

unit of N2 pressure increase than it did with increasing hydrostatic pressure.   Both N2 and 

CO2 are partially soluble gases.  At 20°C the solubility of CO2 is two orders of magnitude 

greater than that of N2: 10
-1.4

 mol/kgw and 10
-3.2

 mol/kgw, respectively.  CO2, the more 

soluble gas, caused a greater density increase per MPa, which suggests that the addition 

of dissolved gas mass to the solution causes the density increase.   
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Figure 4.2 Water density at 20°C vs. increasing hydrostatic pressure, PN2 and PCO2. 
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Figure 4.3 Density vs. increasing PCO2 at 60°C for 0.1 m Na2SO4, 1 m Na2SO4, 0.1 m 

NaHCO3, 1 m NaHCO3, 0.1 m CaCl2, and 1 m CaCl2. 
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The density of pure water, and Na2SO4, NaHCO3, and CaCl2 solutions was 

measured as PCO2 increased at 60°C (Fig. 4.3).  At low concentration (0.1 molal), the 

densities were similar and only NaHCO3 significantly differed from the others (3% 

lower).  At higher concentrations (1 molal) the density of Na2SO4 was over 3% higher 

than that of CaCl2 and NaHCO3, which were within 0.1% of each other.   

The density of water increased more as PCO2 increased than did the densities of 

0.1 m NaCl or 0.1 m CaCl2; this result is consistent with the observation that less CO2 

dissolves into the salt solutions than water.  The relationship is not consistent, however.  

At 60°C, the density of 0.1 m CaCl2 increases 35% more per MPa-PCO2 than at 30°C 

(Table 4.2).  This result is not predicted solely by accounting for the addition of CO2 

mass because 50% more CO2 dissolves in 0.1 m CaCl2 at 30°C than at 60°C.   

Another unexpected result was that the density of 1 m Na2SO4 increased more per 

MPa-PCO2 than either 1 m CaCl2 or 1 m NaHCO3 (Fig. 4.3), both of which dissolve more 

CO2.  These results indicate that density is not simply proportional to dissolved CO2 

mass.  Solution volume must change, therefore, with increasing CO2 dissolution. These 

volume changes will be discussed in depth later in this chapter. 

Measured densities of CO2-saturated solutions and solution densities under 

hydrostatic pressure compiled from literature, (Al Ghafri et al., 2012; Chen et al., 1977; 

Gates and Wood, 1985, 1989; Majer et al., 1988; Obšil et al., 1997; Safarov et al., 2005), 

were used to calculate  values (Table 4.2).  Under hydrostatic pressure, salt solutions 

have lower density changes per MPa than water, with the lowest changes corresponding 

to the highest ionic strengths at 60°C (1 m CaCl2 and 1 m Na2SO4).  This lower 

compressibility can be explained by tight electrostriction of water molecules by ions, 

which will be discussed in a subsequent section.  Higher ionic concentration leads to 
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more of these incompressible regions, which decreases the compressibility of the overall 

solution.  

 

Table 4.2 Changes in density per MPa and  at 5.0 MPa. 

Solution 
Temperature 

(°C) 

Slope with hydrostatic 

Pressure 

(g/ml per MPa) 

Slope with PCO2 

(g/ml per MPa) 
 

(g/cm
3
) 

Water 30 4.4 x 10
-4

 4.2 x 10
-3

 0.0188 

Water 60 4.3 x 10
-4

 1.1-1.2 x 10
-3

 0.0034 

0.1 m NaCl 30 4.4 x 10
-4

 3.3 x 10
-3

 0.0143 

0.1 m CaCl2 30 4.3 x 10
-4

 2.8 x 10
-3

 0.0119 

0.1 m CaCl2 60 4.0 x 10
-4

 4.0 x 10
-3

 0.0180 

1 m CaCl2 60 3.9 x 10
-4

 2.4 x 10
-3

 0.101 

1 m Na2SO4 60 3.8 x 10
-4

 3.2 x 10
-3

 0.141 

 

 In contrast, when exposed to increasing PCO2 at 60°C, a greater increase in 

density is exhibited in salt solutions than in water.  With the combination of high density 

increase with PCO2 and low density increase with hydrostatic pressure (low 

compressibility), these salt solutions have higher  values than water.  A greater  

could result in a higher CO2 dissolution rate by decreasing the time to the onset of 

convection (less time during which the mass transfer is controlled by diffusion).  
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4.4.3 Prediction of Convection by Computational Fluid Dynamics  

To better understand the observations in the CO2 solubility rate experiments, CO2 

dissolution was modelled using two and three-dimensional computational fluid dynamic 

(CFD) simulations of CO2 dissolution into brine.   The CFD modeling work in this 

section was completed by Wen Deng, a post-doc at the University of Texas.  COMSOL 

Multiphysics® was used to solve Navier-Stokes equations (Eq. 4.2) and the advection 

and diffusion equation (Eq. 4.3).  In the simulations, the top of the brine was assumed to 

be CO2-saturated.  No change in fluid viscosity was considered upon the dissolution of 

CO2.   

 

{
 
 

 
 𝜌

𝜕𝒖

𝜕𝑡
+ 𝜌(𝒖 ∙ ∇)𝒖 = ∇ ∙ [−𝑝𝑰 + 𝜇(∇𝒖 + (∇𝒖)𝑇) −

2

3
𝜇(∇ ∙ 𝒖)𝑰] + 𝑭

𝑭 = (
0
0

−𝑔𝜌
)  𝜌 = 𝑓(𝑐)

𝜕𝜌

𝜕𝑡
+ ∇ ∙ (𝜌𝒖) = 0

       4.2 

𝜕𝑐

𝜕𝑡
+ 𝑢 ∙ ∇𝑐 = 𝐷∇2𝑐     4.3 

The models show CO2 diffusing rather evenly into the top layer of brine, causing 

the build-up of a CO2-rich diffusion layer (Fig. 4.4).  The diffusion layer grows and 

reaches a critical thickness, δ, for instabilities to develop and convection to begin. Once 

convection begins, it is not continuous; instead the CO2-saturated brine drips, then stops 

while the CO2-rich layer builds up again to δ.  The drips move laterally from side to side 

as the layer builds up to δ in different regions.  Once convection begins CO2 moves away 

from the interface and mixes with the bulk fluid much faster than it would through 

diffusion alone.  For continued convection, the CO2-rich layer must be maintained.  If 
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convection moves CO2 away from the interface faster than CO2 can be supplied to the top 

layer, convection then pauses for as long as the layer is thinner than δ.   
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Figure 4.4 COMSOL Multiphysics model of CO2 dissolving into solutions with a 

viscosity of 1 cP, and  values of A) 0.0155 and B) 0.00155 g/ml at 30°C. 

 

  

The critical thickness of the diffusion layer and the time to the onset of convection 

depend on Fig. 4.4).  The predicted δ values (0.08 – 0.34 mm) are similar to those 

estimated (0.0885 mm) for water at 18.8°C and PCO2 up to 30 MPa (Teng and 

Yamasaki, 1998). For a 40.9 mm diameter pore (reactor size) and a viscosity of 1 cP, 

increasing  from 0.00155 g/cm
3 

to 0.0155 g/cm
3 

reduces δ and the time to convection 

by approximately 75%.  These  values are similar to those predicted for water and 1 m 

Na2SO4 brine, respectively.   

Diffusion layer 

Thickness = 0.08mm 

Diffusion layer 

Thickness = 0.34mm 
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Although the difference between the times to convection is small (less than 1 

minute), the difference in overall mass transfer rate is significant due to the maintenance 

of a thicker diffusion layer in the system with a smaller .  To reach 50% of CO2 

saturation, the solutions with  of 0.00155 and 0.0155 g/cm
3
 took 5724 and 2781 

seconds, respectively (Fig. 4.4). 

Viscosity affects the balance of forces and the onset of convection, but viscosity 

was set to 1 cP for all of these simulations.  This value is accurate for water at 20°C and 

0.1 MPa.  Higher temperatures and the addition of CO2 decrease viscosity, whereas 

increased salt content increases it (Poling et al., 2001).  At 60°C, water viscosity is 0.46 

cP.  The addition of 1 m Na2SO4 increases water viscosity to 0.73cP (Abdulagatov et al., 

2005).   The viscosity in a subsurface aquifer is, therefore, likely to be lower than 1 cP, 

which could lead to faster convection onset than predicted here.  

4.4.4 Solution Volume Changes 

In section 4.4.2, we determined that solution volume is decreasing with increasing 

PCO2.  During CCS decreasing molar volume with increasing PCO2 would lead to 

decreasing downhole pressure resulting in increased storage capacity.  To evaluate 

volume changes in salt solutions, solution volume per kgw (Vs) was calculated: 

Vs = (1000 + Cs*MWs + CCO2*MWCO2)/soln    4.4,  

where Cs and CCO2 are molal concentration (mol/kgw) of the salt and CO2, respectively; 

MWs and MWCO2 are molecular weights of the salt and CO2, respectively; and soln is 

solution density (g/ml) from this study.  CCO2 values were obtained from (Gilbert et al., 

2015).  Note that Vs (ml/kgw) has different units than specific volume (ml/kg solution), 

so that all discussions can be related back to one kg of water. 
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Linear regression of Vs versus CCO2 provides a means of comparing solution 

volume changes per mole of dissolved CO2 (Table 4.3) among different solutions.  Per 

mol-CO2, solution volume decreased between 1.5% and 3.8% in all solutions except 0.1 

m CaCl2, in which it increased 0.65%.  The volume of 0.1 m NaHCO3 decreased the most 

per mol-CO2.  Both 0.1 and 1 m Na2SO4 solutions and the 1 m CaCl2 brine exhibited 

large volume changes per mol-CO2. The more concentrated 1 m NaHCO3 solution is not 

included here because the plot yielded a very low R
2
 (~0.05).   

A volume decrease will lower reservoir pressure and provide additional storage 

capacity.  Excess storage capacity (ESC) in mol-CO2 per kgw was calculated (Eq. 4.5) 

for each salt solution (Table 4.3) by assuming that the additional volume created by the 

shrinking brine was filled with pure CO2.   

ESC = ρCO2 * ΔV/MWCO2     4.5 

Volume changes can increase ESC and significantly increase total storage 

capacity (TSC).  At 10.0 MPa and 60°C, 0.1 m NaHCO3 has the highest CO2 solubility 

(Gilbert et al., 2015) and the largest volume change resulting in the largest TSC (a 25% 

increase).  Although 1 m Na2SO4 has the lowest CO2 solubility, its large volume decrease 

per mol-CO2 results in a 20% increase in TSC.  Overall, at 10.0 MPa-PCO2 and 60°C, 

decreased volume caused TSC to increase 9.9% to 25%; the single exception is 0.1 m 

CaCl2, in which a volume increase reduced TSC by 4.3%. 
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Table 4.3 Changes in volume and CO2 storage capacity at 10 MPa and 60°C 

 NaHCO3 Na2SO4 Na2SO4 CaCl2 CaCl2 

Salt Concentration (mol/kgw) 0.1 0.1 1 0.1 1 

Vs (ml/kgw)  -38 -15 -31 6.6 -20 

CO2 Solubility (mol/kgw)  1.3 1.2 0.64 1.0 0.74 

ΔV (ml solution/mol CO2)  -49 -18 -20 6.7 -15 

ESC (mol CO2 per kgw)  0.33 0.12 0.13 -0.044 0.097 

TSC (mol CO2/kgw)  1.6 1.3 0.77 0.97 0.84 

 

Solution volume changes may be explained by water-ion interactions.  Increasing 

hydrostatic pressure decreases the molar volume of water due to its slight 

compressibility.  Dissolution of salts into water produces ions that interact with water 

molecules, attracting water into the region closest to the ions and building a structurally 

rigid hydration layer held tightly (electrostricted) by the ionic charge  (Millero, 1969; 

Millero and Huang, 2013).  This region, the primary hydration shell, is not compressible 

with increasing pressure.  In the region just outside the primary shell, water molecules are 

oriented by the structuring of surrounding water but shielded from the ion’s charge.  The 

outer region is therefore somewhat compressible. (Desnoyers et al., 1965; Duedall, 1977; 

Frank and Wen, 1957; Padova, 1963; Whalley, 1963)   Water molecules have a greater 

affinity for ions with a higher charge density.   In this way, different salts play a role in 

water volume and density changes with increasing pressure.  
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Hydration numbers, or the number of water molecules surrounding an ion, 

calculated from the partial molar compressibility of the salt (Frank and Wen, 1957)  for 

SO4
2-

,
 
Ca

2+
,
 
Na

+
,  Cl

-
, HCO3- are 10.4, 8.9, 3.3, 2.7 and 1.7, respectively (Marcus, 1997).  

Using hydration number, the concentration of electrostricted water molecules in each 

solution can be calculated (Gilbert et al., 2015).  A higher concentration of electrostricted 

water molecules should result in a lower compressibility, but when the pressure change is 

derived from increasing PCO2 rather than hydrostatic, other interactions may come into 

play.  One molal Na2SO4 with 17 mol/kgw electrostricted water, for example, has a 

greater decrease in volume per mol-CO2 than 1m CaCl2, which has 14.3 mol/kgw of 

electrostricted water.  Changes in solution complexes may explain this inconsistency. 

The formation or dissociation of complexes can affect solution volume by 

changing the charge density of species in solution.  Previous studies have determined that 

numerous complexes may form (NaSO4
-
, NaHSO4

0
, MgSO4

0
, CaSO4

0
, MgCO3

0
, CaCO3

0
,  

NaHCO3
0
, CaHCO3

+
 and MgHCO3

+
) in low pressure, low temperature  solutions 

(Duedall, 1977; Fisher, 1975; Kester and Pytkowicz, 1970, 1975; Pytkowicz and Hawley, 

1974).  These studies suggest that the SO4
2-

 and CO3
2-

 complexes are the most prevalent 

at low pressure, but in a high CO2 environment pH will drop to near or below 5, making 

the CO3
2-

 concentration negligible and HCO3
-
 more prominent. 
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Dissolved Na2SO4 will dissociate into a mix of monovalent (Na
+
) and divalent 

(SO4
2-

) ions and complexes (NaSO4
-
).   NaSO4

-
 has a lower charge density than the 

individual ions and therefore fewer electrostricted water molecules.  As CO2 is added 

carbonic acid forms and dissociates slightly into HCO3
-
 and H

+ 
(Eq. 4.6).  A small 

quantity of H
+
 will associate with SO4

2- 
to form HSO4

- 
(Eq. 4.7).  PhreeqC also predicts 

that some NaSO4
-
 transitions to HSO4

- 
(Eq. 4.8), which could increase the concentration 

of electrostricted molecules and result in a volume decrease.   

H2CO3  H
+
 + HCO3

-  
     4.6 

SO4
2-

 + H
+
  HSO4

-
      4.7 

NaSO4
-
 + H

+
  Na

+
 + HSO4

-
                4.8 

While these solutions contain a single salt, real brines are more complex because 

they contain a mix of ions.  The combination of salts may introduce additional volume 

changes due to the formation of various complexes.  Complexation is also affected by 

temperature.  Molecular dynamics simulations predict that in 1 m NaCl at ambient 

conditions, 36% of NaCl ions are associated (NaCl
0
, Na2Cl

+
, NaCl2

-
), whereas at 380°C, 

87% are associated.(Driesner et al., 1998)    
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4.5 CONCLUSIONS 

In this study we estimated Dw from CO2 headspace pressure decreases that occur 

with CO2 solvation into salt solutions and water.  By comparing experimental and 

literature Dw, we determined that convection must be occurring in our reactors, but 

observed patterns in Dw that suggest the influence of diffusion as well.  We then 

measured solution densities at 30 and 60°C and high PCO2 and compared these densities 

to those of the same solutions subjected to elevated hydrostatic pressure.  The difference 

between the two densities, Δρ, was evaluated as a driving force for convection to begin in 

a vertically stratified reservoir with a CO2 plume above brine.  We determined through 

experiments and CFD models that convection is occurring, but Δρ affects overall mass 

transfer rate, perhaps due to a contribution of diffusion near the CO2-brine interface.   

We also determined that changes in density with increasing PCO2 are often 

greater than the addition of CO2 mass alone would cause.  This led us to conclude that 

solution volume decreases with increasing PCO2.  Calculated volume changes were 

different in different salt solutions with only 0.1 m CaCl2 volume increasing at high 

PCO2.  We used volume change to estimate excess storage capacity, ESC.  We then 

combined ESC with CCO2 from chapter 2 to determine total storage capacity (TSC).  At 

60°C and 10 MPa, in 0.1 m NaHCO3 and 1 m Na2SO4 TSC was 20 and 25% higher, 

respectively, than CCO2 measurements indicate. 
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Chapter 5: Summary of Findings 

5.1 SYNTHESIS OF DOCTORAL RESEARCH 

 The quantity of CO2 that will dissolve into an aqueous solution is important for 

both surface and deep, subsurface environments.  Under atmospheric conditions, 

increasing CO2 levels causes an increase in dissolved CO2 in oceans, reducing pH and 

threatening corals. (Doney et al., 2009; Silverman et al., 2009)  In a geologic 

sequestration reservoir CO2 solubility, CCO2, determines the maximum amount of CO2 

that can be stored by dissolution trapping.  In both cases dissolved ions play an important 

role in determining CCO2.   

This dissertation presents experimental CO2 solubility data in a variety of salt 

solutions in chapter two.  We expected to find a strong, predictive relationship between 

ionic strength or water activity and CCO2 for a given temperature and pressure, but these 

relationships were weak.  This led to the novel approach of performing a mole balance on 

water and considering electrostricted water unavailable for CO2 solvation.  We developed 

a new equation (Eq. 2.5) to quantify the concentration of electrostricted water, ha, based 

on ion hydration number, hcomp.  Only primary hydration shell water is represented by ha 

because hcomp is determined from the partial molar compressibility of the ions; each water 

molecule is immediately adjacent to and held tightly by an ion.  We investigated the 

possibility that when ha is high and free water is limited, some water may be extracted 

from the primary hydration shell if there is enough energy to overcome the hydration 

energy of the ion.  We evaluated ΔHhydr, which strongly correlated to CCO2, suggesting 

that there is indeed competition between ions and CO2 for water molecules.  We also 

evaluated the effect that an ion has on water structure and its impact on CCO2 by 

regressing CCO2 against ΔShdyr, which resulted in a strong correlation.   
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This work was extended in chapter three by developing a predictive CCO2 model 

using the novel ideas developed in chapter two.  We started with a mole balance and 

accounted for the energy required to extract water from an ion’s primary hydration shell 

once free water is limited.  To simplify the model, we combined the enthalpy and entropy 

terms into a Gibb’s Free Energy, ΔGhydr, term according to Eqn 3.2.  We then calculated 

the solution energy of hydration, G, by summing individual ion ΔGhydr multiplied by their 

respective concentrations (Eq. 3.3).   

We then combined our measured data with data from 7 authors resulting in over 

500 CCO2 data points with a range of 18.8 to 267°C, and 0.5 to 25.1 MPa-fugacity and 

using various concentrations of K
+
, Na

+
, Ca

2+
,
 
Mg

2+
, Cl

-
, SO4

2-
 and HCO3

-
.  Using this 

data set, a moderated multiple regression of T, f, ha, G, and their squares and interactions 

versus CCO2 led to a strong correlation (R
2
=0.92).  This CCO2 prediction model requires no 

additional experimental work to determine parameters and provides insight into the 

molecular interactions taking place in an aqueous solution with dissolving CO2.   

By starting with fundamental concepts (i.e. a mole balance and hydration energy) 

we were able to analyze the variable interactions and gain insight into the mechanisms of 

CO2 solvation in aqueous solutions.  All of the independent variable interactions were 

statistically significant, which demonstrates that the relationship that each variable has 

with CCO2 is affected by each other variable.  These interactions, probed using spot-light 

analysis (Irwin and McClelland, 2001), clearly demonstrated that competition for water 

occurs and is greater in environments where free water is scarce.  These interactions also 

provide evidence to support the two structure water model (Ben-Naim, 2009; Robinson et 

al., 1999; Wada, 1961) in which there are two equilibrating structures present in water: an 

open hydrogen-bonded structure which forms cavities that solutes can occupy and; a high 

density structure in which there is little open space for a solute.  Previous authors have 
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shown that increasing pressure and increasing temperature lead to a lower percentage of 

the open structure (Ben-Naim, 2009; Cho et al., 2002).  The interactions between ha an f 

and ha and T suggest that the presence of hydrated ions in water may protect the open 

structure from thermal agitation.  

Finally, we measured solution densities at elevated PCO2 and temperature.  We 

presented this data in chapter four along with an analysis of the implications of density 

changes with increasing dissolved CO2.  We observed that density increases cannot be 

attributed solely to increases in dissolved CO2 mass; volume, calculated from density and 

CCO2, must also be changing.  As CO2 dissolves, solution volume decreases.  The result is 

20% and 25% increased CO2 storage capacity in 0.1 m NaHCO3 and 1 m Na2SO4, 

respectively, for geologic sequestration.   

Density increases also have implications for the rate of CO2 dissolution.  In a 

vertically stratified reservoir, the top layer of brine is CO2-saturated and, therefore, more 

dense.  The density difference (Δρ) has been predicted to cause convection cells, which 

increase the CO2 dissolution rate (Ennis-King et al., 2005; Riaz et al., 2006; Zhang, 

2013).   Our experimental results support this prediction; however, trends in the mass 

transfer coefficients are similar to trends observed in diffusion coefficients, suggesting 

that diffusion of CO2 into the top layer limits the overall mass transfer rate.  CFD 

modeling shows that when CO2 dissolves, before convection cells develop, a diffusion 

layer must first develop.  This layer must be maintained throughout the dissolution 

process.  A smaller Δρ results in a thicker diffusion layer, which decreases the overall 

rate of CO2 dissolution.  Our CFD model predicted that a system with Δρ = 0.00155 g/ml 

(similar to that of water) will take twice as long to reach 50% equilibrium than one with 

Δρ = 0.0155 g/ml (similar to that of 1 m Na2SO4). 
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5.2 KEY FINDINGS 

1. CO2 solubility decreases with increasing ionic strength, but at a given temperature 

and fugacity ionic strength is a poor predictor of CCO2.  For the same ionic 

strength, CaCl2 dissolved 15% more CO2 than Na2SO4. 

2. At a given temperature and fugacity CCO2 is strongly correlated to the 

concentration of electrostricted water molecules (ha), amount of energy required 

to remove water from an ion’s primary hydration shell (ΔHhydr), and degree to 

which the water is ordered (ΔShydr).  These results suggest that performing a mole 

balance on water can guide predictions of CO2 solubility in mixed, complicated 

reservoirs.  

3. A predictive CCO2 model was developed from experimental data that resulted in a 

strong correlation between predicted and measured CCO2 (R
2
=0.92). 

4. In addition to CO2 fugacity and temperature, CCO2 is controlled by competition for 

free water, which is quantified by ha and G.  Dissolved ions decrease CCO2 by 

electrostricting water molecules resulting in increased competition for free water 

to form free hydration structures in which dissolved CO2 resides.   

5. Increasing fugacity encourages water sharing between ion and CO2 hydration 

shells due to increases in density.  Increasing fugacity appears to result in water 

extraction from the primary hydration shells of ions with the smallest and possibly 

the largest ΔGhydr.    

6. Increasing temperature can provide energy to overcome an ion’s hydration energy 

for water removal from a hydration shell, but it also thermally agitates molecules, 

which can cause the collapse of the open water structure and result in fewer 

cavities for CO2 to occupy.  The presence of hydrated ions may dampen the 

thermal agitation and reduce the destruction of the open water structure. 
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Appendix 

VARIABLE DEFINITIONS 

 

Variable Description 

ao…n Regression constants 

CCO2 CO2 solubility (mol/kgw) 

Ci Salt concentration (mol/kgw) 

DG Gas-phase diffusion coefficient (m
2
/s) 

Dw Aqueous phase diffusion coefficient (m
2
/s) 

ESC Excess CO2 storage capacity due to solution volume decrease (mol/kgw) 

f CO2 fugacity (MPa) 

G Solution free energy of hydration (kJ/kgw) 

ΔGhydr Ion Gibbs free energy of hydration (kJ/mol) 

ΔHhydr Ion enthalpy of hydration (kJ/mol) 

hcomp Ion hydration number based on partial molar compressibility (mol-H2O/mol-ion) 

k Interface mass transfer coefficient (m
2
/s) 

KH Henry’s constant (mol/L*atm) 

K1 1
st
 acid dissociation constant 

K2 2
nd

 acid dissociation constant 

m molality (mol/kgw) 

MW Molecular weight (g/mol) 

ni Stoichiometric coefficient of an ion in a salt (mol/mol) 

Nw Moles of water per mole CO2 in a hydration shell (mol-H2O/mol-CO2) 

PCO2 CO2 partial pressure (MPa) 

ρ CO2-saturated aqueous solution density (g/ml) 

Δρ Difference between ρ and aqueous solution density without CO2 (g/ml) 

ΔShydr Ion entropy of hydration (J/mol) 

t time (s) 

T Temperature (°C) 

TSC Total storage capacity including CCO2 and ESC (mol-CO2/kgw) 

Vs Solution volume per kgw (ml/kgw) 

ΔV Change in solution volume with addition of CO2 (ml-solution/CO2 mol) 

z Vertical distance/depth (m) 
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EXPERIMENTAL APPARATUS 

Figure A1: Experimental apparatus to measure CO2 solubility and density 
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Figure A2: Experimental apparatus to determine CO2 solubility rate 
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ADDITIONAL TABLES 

Table A1 Measured CCO2 versus T, PCO2, f and concentration of electrostricted water. 

Solution T (°C) 
PCO2 

(Mpa) 

CO2 

fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility 

(mol/kgw) 

+/- 0.78% 

Water 35.0 20.96 6.91 0.0 1.18 

Water 35.0 21.17 6.93 0.0 1.23 

Water 35.0 24.93 7.47 0.0 1.57 

Water 35.0 28.83 8.05 0.0 1.77 

Water 35.0 32.03 8.52 0.0 1.56 

Water 55.3 4.00 3.47 0.0 0.55 

Water 61.5 4.69 4.01 0.0 0.62 

Water 57.9 4.90 4.18 0.0 0.68 

Water 60.0 5.24 4.34 0.0 0.68 

Water 61.5 5.38 4.49 0.0 0.76 

Water 60.0 5.86 4.78 0.0 0.77 

Water 60.0 6.03 4.84 0.0 0.85 

Water 58.0 9.65 6.65 0.0 1.09 

Water 70.0 3.30 3.00 0.0 0.48 

Water 65.0 3.74 3.28 0.0 0.56 

Water 64.0 6.20 5.03 0.0 0.84 

Water 63.0 6.48 5.19 0.0 0.86 

Water 66.0 3.74 3.29 0.0 0.55 

Water 70.0 10.36 7.34 0.0 0.80 

Water 70.0 15.53 9.00 0.0 0.99 

Water 70.0 18.21 9.73 0.0 0.98 

Water 70.0 21.11 10.45 0.0 1.25 

Water 70.0 25.04 11.36 0.0 1.28 

Water 70.0 29.37 12.33 0.0 1.22 

Water 70.0 29.45 12.35 0.0 1.33 

Water 70.0 32.97 13.17 0.0 1.17 

Water 70.0 33.07 13.19 0.0 1.20 

Water 70.0 33.24 13.23 0.0 1.25 

Water 100.0 10.91 8.46 0.0 0.77 

Water 100.0 15.34 10.65 0.0 0.93 

Water 100.0 20.90 12.82 0.0 1.06 

Water 100.0 22.25 13.33 0.0 1.08 
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Solution T (°C) 
PCO2 

(Mpa) 

CO2 

fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility 

(mol/kgw) 

+/- 0.78% 

Water 100.0 26.11 14.72 0.0 1.10 

Water 100.0 31.06 16.46 0.0 1.22 

Water 100.0 34.71 17.74 0.0 1.29 

Water 140.0 20.03 14.91 0.0 1.09 

Water 140.0 22.30 16.15 0.0 1.18 

Water 140.0 26.30 18.25 0.0 1.31 

Water 140.0 30.14 20.20 0.0 1.34 

Water 140.0 34.01 22.14 0.0 1.48 

0.1 m NaHCO3 58.1 4.20 3.63 0.5 0.66 

0.1 m NaHCO3 58.0 5.50 4.51 0.5 0.82 

0.1 m NaHCO3 60.5 8.00 5.91 0.5 1.15 

0.1 m NaHCO3 57.6 11.00 7.25 0.5 1.37 

0.1 m NaHCO3 61.0 13.00 7.63 0.5 1.38 

0.1 m NaHCO3 59.0 14.40 7.89 0.5 1.44 

0.1 m NaCl 30.5 0.59 0.57 0.6 0.16 

0.1 m NaCl 30.0 0.76 0.73 0.6 0.20 

0.1 m NaCl 30.5 1.42 1.33 0.6 0.34 

0.1 m NaCl 30.0 2.32 2.07 0.6 0.55 

0.1 m NaCl 30.5 3.21 2.73 0.6 0.73 

0.1 m NaCl 30.0 4.09 3.31 0.6 0.89 

0.1 m CaCl2 60.5 1.92 2.02 1.4 0.29 

0.1 m CaCl2 61.5 2.39 2.22 1.4 0.32 

0.1 m CaCl2 62.0 3.44 3.07 1.4 0.47 

0.1 m CaCl2 60.0 4.47 3.84 1.4 0.58 

0.1 m CaCl2 62.0 5.40 4.47 1.4 0.65 

0.1 m CaCl2 62.5 5.61 4.56 1.4 0.64 

0.1 m CaCl2 62.0 5.73 4.68 1.4 0.68 

0.1 m Na2SO4 57.3 1.50 1.44 1.7 0.26 

0.1 m Na2SO4 58.8 2.90 2.64 1.7 0.44 

0.1 m Na2SO4 57.9 4.20 3.63 1.7 0.63 

0.1 m Na2SO4 60.4 4.40 3.77 1.7 0.64 

0.1 m Na2SO4 58.2 5.90 4.76 1.7 0.80 

0.1 m Na2SO4 59.7 8.10 5.96 1.7 1.01 

0.1 m Na2SO4 59.0 10.20 6.91 1.7 1.22 

0.1 m Na2SO4 59.6 12.40 7.67 1.7 1.23 

0.1 m CaCl2 28.8 0.28 0.28 2.3 0.08 
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Solution T (°C) 
PCO2 

(Mpa) 

CO2 

fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility 

(mol/kgw) 

+/- 0.78% 

0.1 m CaCl2 29.0 0.74 0.72 2.3 0.14 

0.1 m CaCl2 29.0 1.32 1.25 2.3 0.36 

0.1 m CaCl2 29.5 1.75 1.62 2.3 0.46 

0.1 m CaCl2 29.0 3.05 2.64 2.3 0.71 

0.1 m CaCl2 30.0 3.36 2.86 2.3 0.76 

0.1 m CaCl2 29.5 4.46 3.57 2.3 0.93 

0.1 m CaCl2 29.5 5.60 4.19 2.3 1.09 

Bravo Dome 57.8 1.50 1.44 3.4 0.27 

Bravo Dome 57.1 3.00 2.71 3.4 0.45 

Bravo Dome 57.3 4.30 3.70 3.4 0.72 

Bravo Dome 59.1 5.10 4.26 3.4 0.71 

Bravo Dome 57.1 7.00 5.38 3.4 0.85 

Bravo Dome 57.6 9.90 6.69 3.4 1.08 

Bravo Dome 57.4 10.20 6.82 3.4 1.08 

1 m NaHCO3 60.7 2.40 2.23 5.0 0.34 

1 m NaHCO3 60.8 4.60 3.93 5.0 0.51 

1 m NaHCO3 60.5 5.70 4.67 5.0 0.66 

1 m NaHCO3 58.0 8.70 6.23 5.0 0.89 

1 m NaHCO3 63.0 8.70 6.36 5.0 0.94 

1 m NaHCO3 57.6 10.80 7.19 5.0 1.01 

1 m NaHCO3 60.0 11.80 7.56 5.0 0.99 

1.88 m NaCl 35.0 10.62 5.55 11.3 0.84 

1.88 m NaCl 35.0 14.99 6.13 11.3 0.88 

1.88 m NaCl 35.0 20.07 6.82 11.3 0.95 

1.88 m NaCl 35.0 25.11 7.54 11.3 0.96 

1.88 m NaCl 35.0 30.22 8.31 11.3 1.03 

1.88 m NaCl 35.0 35.14 9.09 11.3 1.20 

1.88 m NaCl 70.0 10.23 7.26 11.3 0.73 

1.88 m NaCl 70.0 15.46 8.98 11.3 0.76 

1.88 m NaCl 70.0 20.47 10.30 11.3 0.78 

1.88 m NaCl 70.0 25.62 11.50 11.3 0.87 

1.88 m NaCl 70.0 30.17 12.53 11.3 0.86 

1.88 m NaCl 70.0 34.74 13.60 11.3 0.87 

1.88 m NaCl 70.0 35.00 13.66 11.3 0.91 

1.88 m NaCl 100.0 10.02 7.94 11.3 0.45 

1.88 m NaCl 100.0 15.05 10.53 11.3 0.62 
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Solution T (°C) 
PCO2 

(Mpa) 

CO2 

fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility 

(mol/kgw) 

+/- 0.78% 

1.88 m NaCl 100.0 20.60 12.71 11.3 0.73 

1.88 m NaCl 100.0 25.09 14.37 11.3 0.78 

1.88 m NaCl 100.0 30.12 16.14 11.3 0.83 

1.88 m NaCl 100.0 35.41 17.99 11.3 0.89 

1.88 m NaCl 140.0 10.39 8.93 11.3 0.40 

1.88 m NaCl 140.0 15.16 12.14 11.3 0.54 

1.88 m NaCl 140.0 20.53 15.20 11.3 0.69 

1.88 m NaCl 140.0 26.41 18.31 11.3 0.80 

1.88 m NaCl 140.0 31.48 20.89 11.3 0.90 

1.88 m NaCl 140.0 34.17 22.24 11.3 0.94 

1 m CaCl2 56.6 2.00 1.88 14.3 0.18 

1 m CaCl2 70.0 3.20 2.92 14.3 0.38 

1 m CaCl2 65.0 3.80 3.37 14.3 0.41 

1 m CaCl2 57.9 4.90 4.12 14.3 0.47 

1 m CaCl2 68.0 7.10 5.62 14.3 0.61 

1 m CaCl2 56.0 8.20 5.96 14.3 0.66 

1 m CaCl2 54.9 8.30 5.98 14.3 0.69 

1 m CaCl2 65.0 8.00 6.06 14.3 0.67 

1 m CaCl2 57.0 10.70 7.13 14.3 0.77 

1 m CaCl2 56.2 11.70 7.25 14.3 0.81 

1m Na2SO4 31.1 3.00 2.72 17.0 0.20 

1m Na2SO4 30.0 3.29 2.82 17.0 0.14 

1m Na2SO4 33.4 3.50 2.98 17.0 0.14 

1m Na2SO4 30.4 4.55 3.63 17.0 0.45 

1m Na2SO4 30.7 5.80 4.32 17.0 0.57 

1m Na2SO4 31.2 7.57 4.92 17.0 0.60 

1m Na2SO4 31.3 9.10 5.11 17.0 0.62 

1m Na2SO4 31.2 10.00 5.22 17.0 0.66 

1 m Na2SO4 58.6 2.40 2.23 17.0 0.18 

1 m Na2SO4 57.6 3.80 3.33 17.0 0.30 

1 m Na2SO4 56.9 5.40 4.44 17.0 0.45 

1 m Na2SO4 56.1 7.70 5.74 17.0 0.57 

1 m Na2SO4 57.7 11.10 7.20 17.0 0.67 

1 m Na2SO4 57.5 13.30 7.61 17.0 0.70 

1 m Na2SO4 57.5 14.30 7.74 17.0 0.70 

3.4 m NaCl 35.0 9.89 5.46 20.4 0.58 
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Solution T (°C) 
PCO2 

(Mpa) 

CO2 

fugacity 

(MPa) 

ha 

(mol/kgw) 

Measured CO2 

solubility 

(mol/kgw) 

+/- 0.78% 

3.4 m NaCl 35.0 14.72 6.09 20.4 0.60 

3.4 m NaCl 35.0 20.17 6.83 20.4 0.69 

3.4 m NaCl 35.0 24.53 7.45 20.4 0.66 

3.4 m NaCl 35.0 25.02 7.53 20.4 0.68 

3.4 m NaCl 35.0 30.00 8.27 20.4 0.70 

3.4 m NaCl 35.0 34.17 8.93 20.4 0.70 

3.4 m NaCl 70.0 11.59 7.81 20.4 0.47 

3.4 m NaCl 70.0 15.20 8.91 20.4 0.55 

3.4 m NaCl 70.0 20.24 10.24 20.4 0.57 

3.4 m NaCl 70.0 25.49 11.47 20.4 0.60 

3.4 m NaCl 70.0 30.18 12.53 20.4 0.61 

3.4 m NaCl 70.0 35.82 13.86 20.4 0.63 

3.4 m NaCl 100.0 10.03 8.67 20.4 0.37 

3.4 m NaCl 100.0 15.04 12.07 20.4 0.47 

3.4 m NaCl 100.0 15.27 12.21 20.4 0.45 

3.4 m NaCl 100.0 20.07 14.94 20.4 0.52 

3.4 m NaCl 100.0 25.38 17.78 20.4 0.59 

3.4 m NaCl 100.0 31.55 20.92 20.4 0.59 

3.4 m NaCl 100.0 35.41 22.86 20.4 0.63 

3.4 m NaCl 140.0 9.90 8.57 20.4 0.44 

3.4 m NaCl 140.0 14.91 11.99 20.4 0.45 

3.4 m NaCl 140.0 20.22 15.03 20.4 0.61 

3.4 m NaCl 140.0 21.58 15.77 20.4 0.55 

3.4 m NaCl 140.0 26.45 18.34 20.4 0.63 

3.4 m NaCl 140.0 30.61 20.45 20.4 0.67 

3.4 m NaCl 140.0 33.93 22.12 20.4 0.78 
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Table A2 Coefficients for predictive CCO2 model 

 

Coefficients Variable 
Coefficients 

Value 

a0 Intercept 0.844803 

a1 f 0.122107 

a2 T -0.01091 

a3 ha -0.0576 

a4 G -0.00022 

a5 f
2
 -0.00216 

a6 T
2
 3.09x10

-05
 

a7 ha
2
 0.002583 

a8 G
2
 6.97x10

-08
 

a9 f*T -8.3x10
-05

 

a10 f *ha -0.00211 

a11 f*G -8.1x10
-06

 

a12 T* ha 0.000238 

a13 T*G 1.03x10
-06

 

a14 G* ha 2.63x10
-05
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