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ABSTRACT 

INTEGRATED REACTIVE CO2 CAPTURE AND CONVERSION 
TO PRODUCE CALCIUM AND MAGNESIUM CARBONATES  

Meishen Liu 

More than 82% of our energy needs are being met by fossil-based energy resources, which 

contribute to about 79% of global CO2 emissions. Designing novel integrated chemical pathways 

for the capture, conversion, and storage of CO2 is a crucial need for advancing sustainable energy 

conversion. The accelerated capture, conversion and storage of CO2 as water-insoluble and stable 

calcium and magnesium carbonates, also known as carbon mineralization, is a promising 

thermodynamically downhill route. One of the knowledge gaps is a limited understanding of the 

dynamic chemical and morphological transformation in alkaline calcium and magnesium bearing 

materials as they are reacted in far-from-equilibrium environments. To address this challenge, 

synchrotron cross-scale X-ray scattering measurements are harnessed to elucidate simultaneously 

probe the chemical and morphological evolution of materials in a chemical or thermal reaction 

environment.  

 Another constraint of carbon mineralization is the slow kinetics at low CO2 concentrations. 

As a result, there is a significant interest in environmentally benign approaches to capture CO2. 

One of the less explored but highly transformative approaches to capture CO2 is via coupled 

absorption-crystallization approaches. This approach addresses the challenge of low solubility of 

CO2 by using aqueous solvents with high affinity to bind CO2. The resulting carbamate, 

bicarbonate or carbonate species react with alkaline sources to produce inorganic carbonates while 

regenerating the solvent. Thermodynamic models are constructed to predict and evaluate the 
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performance of different solvents. Experiments are designed to determine the optimal 

experimental configurations for integrated reactive CO2 capture and conversion, reaction time, 

reaction temperature, solvent concentration, and temperature. Our results show that aqueous 

solvents such as sodium glycinate, MEA, AMP, and DBU are effective in capturing and delivering 

CO2 to produce calcium or magnesium carbonates at 50-75°C with inherent solvent regeneration. 

These findings inform the development of intensified approaches to capture and convert CO2 into 

inorganic carbonates, and represent alternative strategies to regenerate solvents chemically at low 

temperatures, as an alternative to high temperature thermal regeneration.   
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CHAPTER 1  

INTRODUCTION  

 Fossil-based energy resources from subsurface environments provide more than 82% of 

our energy needs. The consumption of these resources contributes to about 79% of global CO2 

emissions (Mission Innovation, 2018). Atmospheric CO2 concentrations have increased from 

about 280 ppmv before the industrial age to over 400 ppmv now, which contributes to adverse 

environmental impacts. Thus, meeting our growing need for energy and resources while managing 

CO2 emissions more effectively is one of our grand societal challenges (Mission Innovation, 2018; 

National Academies of Sciences Engineering and Medicine, 2019). In order to reduce the 

environmental impacts arising from CO2 emissions, carbon emissions into air have to be reduced 

at the rate of 1 GtC/year by 2025 and 4 GtC/year by 2050 (Reichle et al., 1999).  

In the recent decades, various approaches to remove CO2 including ocean disposal and 

biological fixation have been considered (Park et al., 2003; Reichle et al., 1999). One of the 

approaches that has high transformation potential and can be integrated with engineered processes 

and with natural environment is carbon mineralization. Carbon mineralization involves converting 

CO2 into solid inorganic carbonates. Carbon mineralization is a versatile pathway that can be 

adapted for CO2 capture, utilization, storage, and removal. The thermodynamically downhill or 

exothermic features and environmentally benign features are unique to carbon mineralization 

(Fauth et al., 2000; Lackner, 2002; Seifritz, 1990). 

Carbon mineralization can be engineered in-situ in subsurface environments and in 

engineered or ex-situ processes (Oelkers et al., 2008; Sanna et al., 2014). In in situ carbon 

mineralization, the CO2-bearing fluids are introduced into calcium or magnesium-bearing rocks 
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and minerals and the earth is harnessed as a reactor system to convert CO2 into Ca- or Mg-bearing 

carbonates. In contrast, ex-situ carbon mineralization pathways can be engineered for specific 

compositions of the alkaline reactants, aqueous compositions, and partial pressures of the gases to 

direct well-controlled reactions (Gadikota, 2020). While in-situ carbon mineralization harnesses 

the geothermal gradient of earth, the physico-chemical parameters associated with ex-situ 

mineralization reactions can be tuned to specific kinetics of carbon mineralization. The advantage 

of ex-situ mineralization is that value-added products can be produced without monitoring 

(Azdarpour et al., 2015; Chiang & Pan, 2017; Hopkins, 2008; Oelkers et al., 2008; Power et al., 

2013; Sanna et al., 2014).  

The key technological challenge in scaling up carbon mineralization processes has been 

the slow kinetics, formation of metastable by-products, and a limited understanding of how the 

feedbacks associated with the chemical and morphological evolution of the reactants influence the 

kinetics. If carbon mineralization pathways can be engineered to capture and store CO2 in flue gas 

streams, they present a viable and scalable alternative to the conventional carbon capture, 

utilization, and storage (CCUS) approaches where CO2 is captured from flue gas streams, 

compressed, and transported to be stored in subsurface geologic environments (Mission 

Innovation, 2018; Gadikota et al., 2015; Gadikota & Park, 2015; Lackner, 2002; Park & Fan, 2004; 

Reichle et al., 1999).  

 Various fluid-solid reaction configurations have been explored to accelerate engineered 

carbon mineralization. Direct gas-solid carbon mineralization pathways require temperatures as 

high as 300 °C and CO2 partial pressures of 150 atm to convert serpentine into carbonates 

(Lackner, 2002; Huijgen & Comans, 2003; Lackner et al., 1997). As an alternative, gas-liquid-

solid reactions pathways that facilitate the dissolution of alkaline minerals and ease mass transfer 
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for carbon mineralization were developed as lower temperature alternatives to high temperature 

gas-solid reaction pathways (Gerdemann et al., 2007; Park et al., 2008). To accelerate the 

dissolution of minerals at low pH independently from carbonate formation which occurs at high 

pH, pH swing approaches were proposed (Park et al., 2003; Park & Fan, 2004; Sanna et al., 2014; 

Sanna et al., 2012). Alternatively, accelerated carbon mineralization is achieved in a single-step at 

elevated temperatures and CO2 partial pressures, which is analogous to in-situ carbon 

mineralization during carbon storage (Gadikota et al., 2014; Gadikota & Park, 2015; Gerdemann 

et al., 2007; O’Connor et al., 2005).  

 To accelerate the kinetics of these carbon mineralization reactions, feedstock activation, 

addition of chemicals, biological enhancement, and reactor integration have been proposed (Park 

et al., 2003; Park & Fan, 2004; Sanna et al., 2014; Sanna et al., 2012). Common methods for 

feedstock activation involve thermal treatment and grinding, which increase the reactive surface 

area. Chemical and biological routes for enhancing carbon mineralization have been extensively 

explored. For example, inorganic and organic acids have been proposed to accelerate the 

dissolution of minerals, bicarbonates have been utilized to buffer the pH of these reacting systems, 

and carbonic anhydrase, a biomimetic enzyme has been suggested for CO2 capture (Gadikota and 

Park, 2015). Further, the use of abundant brine solutions for carbon mineralization has been 

explored (Gadikota et al., 2014). This approach is a cost effective and environmentally benign 

approach as an alternative to harnessing fresh water with low levels of salinity. One of the 

challenges associated with enhancing carbon mineralization lies in the low solubility of CO2 in 

water, which challenges the use of dilute CO2-bearing flue gas streams. While carbonic anhydrase 

has been proposed to enhance CO2 hydration to produce bicarbonate ions, challenges associated 

with scalability and energy efficient regeneration remain. To address these challenges, integrated 
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CO2 capture and carbon mineralization pathways with inherent regeneration of the solvents for 

capturing CO2 need to be developed. Additionally, the temporal evolution of structure of the 

alkaline materials and the associated reactivity needs to be delineated to develop mechanistic 

insights with the intent of intervening in these reaction pathways to accelerate the kinetics. 

Therefore, the development of in-operando characterization methods is essential to provide 

comprehensive mechanistic insights into carbon mineralization reactions.  

Given the scientific challenges in accelerating the conversion of CO2 to carbonates, the 

research objectives of this study are four-fold: (i) design novel integrated reaction pathways for 

integrated CO2 capture and carbon mineralization with the inherent regeneration of the CO2 

capture solvent and (ii) advance mechanistic insights into carbon mineralization by harnessing in-

operando X-ray scattering and spectroscopic measurements. Thus, the chapters in this thesis are 

organized to address these objectives as discussed below.   

 Chapter 2 provides a detailed thermodynamic analysis of the carbon mineralization 

process, including the inorganic carbon (carbonate ions, bicarbonate ions, and carbonic acid) 

speciation and organic carbon speciation when using regenerable solvents. Based on this 

background, the research objectives of this study are described in this chapter. 

 Chapter 3 discusses the structural and morphological basis underlying enhancements in the 

reactivity of less reactive minerals (e.g., lizardite) using in-operando cross-scale X-ray scattering 

measurements. Latest advancements in ultra-small angle X-ray scattering (USAXS), small angle 

X-ray scattering (SAXS), wide angle X-ray scattering (WAXS) are harnessed to simultneaously 

provide insights into the changes in the crystal structure and the nano-scale morphology of earth 

abundant and hydrated magnesium silicate minerals as they are heated to enhance their reactivity. 
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These results are further validated using morphological analyses including porosity, particle size 

and surface area. The detailed transformations of lamellar serpentine to a pseudo-amorphous state 

on heating and the subsequent conversion to denser crystalline phases are elucidated. The 

transformation of lamellar lizardite to its pseudo-amorphous state corresponded to an increase in 

the porosity and surface area, while the formation of crystalline phases reduced the porosity and 

surface area while increasing the particle size. An overview of the solid reaction experimental set-

up for USAXS/SAXS/WAXS measurements are discussed. These findings were published in Fuel 

(Liu and Gadikota, 2018).  

 Chapter 4 discusses the use of in-operando cross-scale characterization operations to prove 

the phase evolution and the corresponding textural changes as calcium hydroxide is converted to 

calcium carbonate under the continuous flow of CO2 at an ambient pressure of 1 atm and on heating 

continuously from 30 °C to 500 °C. The feasibility of probing structural and microstructural 

evolution of reactive alkaline solids in gaseous environments is demonstrated using cross-scale X-

ray scattering measurements for the first time. These findings were published in Geosciences (Liu 

and Gadikota, 2018).  

 Chapter 5 reports the effectiveness of single-step and two-step integrated reactive CO2 

capture and carbon mineralization approaches with inherent chemical regeneration of the solvents 

such as monoethanolamide (MEA) via hybrid absorption-reactive crystallization pathways. The 

carbonate conversions of calcium oxide and calcium silicates and the corresponding morphologies 

of these materials are discussed. These studies were published in Energy and Fuels (Liu and 

Gadikota, 2018).  



 6 

 Chapter 6 investigates single-step reactive CO2 capture and carbon mineralization of 

magnesium oxide (MgO) using MEA as the solvent. The enhancement in carbon mineralization 

with inherent looping of the CO2 capture solvents via CO2 capture and release states is reported. 

The structural and morphological evolution as magnesium oxide is reacted to produce magnesium 

carbonates are reported using cross-scale X-ray scattering approaches. These studies were 

published in Sustainable Energy and Fuels (Liu and Gadikota, 2020).  

 Chapter 7 explores the usage of amino acid salts such as sodium glycinate as an alternative 

to primary amines such as MEA for integrated reactive CO2 capture and mineralization using 

alkaline solids such as CaO and CaSiO3. The influence of sodium glycinate concentration, 

temperature, and reactive time on integrated CO2 capture and carbon mineralization are reported. 

Na-glycinate undergoes multiple CO2 capture and regeneration cycles in the aqueous phase 

facilitating greater availability of aqueous carbon species for carbonate precipitation. These results 

are reported in Fuel (Liu and Gadikota, 2020).  

  Chapter 8 contrasts the effectiveness of various solvents such as monoethanolamine 

(MEA, primary amine), sodium glycinate (amino acid salt), 2-amino-2-methylpropanol (AMP, 

hindered amine), and 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU, cyclical amine) on the carbon 

mineralization of CaO, CaSiO3, and MgO in integrated single-step CO2 capture and reactive 

crystallization. Thermodynamic analyses of CO2 capture in MEA and sodium glycinate are 

discussed to provide fundamental insights into the pH and temperature conditions that aid 

accelerated carbon mineralization. These outcomes from these studies were reported in Energy 

and Fuels (2021).  
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 Finally, the key findings, conclusions and recommendations for future work based on the 

findings reported in this thesis are summarized in Chapter 9.   
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CHAPTER 2  

BACKGROUND  

Some of the contents of this chapter have been adapted from the paper published at Liu, M., 

Hohenshil, A., & Gadikota, G. “Integrated CO2 Capture and Removal Via Carbon Mineralization 

with Inherent Regeneration of Aqueous Solvents.” Energy & Fuels (2021).  

One of the key rate-limiting steps in accelerating CO2 capture and carbon mineralization is 

CO2 hydration in the aqueous phase. Increasing the solubility or hydration of CO2 in water is 

crucial for increasing the concentrations of bicarbonate and carbonate ions necessary for producing 

solid inorganic carbonates. Therefore, the thermodynamics underlying CO2 capture and the 

reactions of interest at summarized in this chapter as background for the subsequent chapters.  

2.1 CO2 Hydration 

2.1.1 Inorganic Carbon Speciation in the Absence of CO2 Capture Solvents  

There are three steps in mineralization: CO2 hydration, dissolution of the minerals, and 

carbonates precipitation. Each step could become the rate limiting step based on the conditions.  

When it comes to CO2 hydration, carbonate and bicarbonate, carbonic acid species could 

form in the aqueous phase (Reactions 2.2-2.4). In case of an “open system” in which the CO2 

pressure is held constant, the concentration of the carbonic acid remains the same at different pH 

at equilibrium. Higher dissolved inorganic carbon concentrations are noted at higher pH conditions 

in an open system. Carbonate concentrations that are needed for carbon mineralization increase 

with pH, which favors the formation of solid inorganic carbonates.  

H2O(l)  H+(aq)  + OH-(aq)     aKw = 10-13.997    (Rx 2.1) 
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CO2(g) + H2O(l)  H2CO3*(aq)    Kh = 10-1.46    (Rx 2.2) 

H2CO3*(aq)  HCO3-(aq) + H+(aq)    aKa1 = 10-6.33    (Rx 2.3) 

HCO3-(aq)  CO32-(aq) + H+(aq)    aKa2 = 10-10.33    (Rx 2.4) 

 In the open system, the partial pressure of CO2 denoted by 𝑃#$%  is constant. The 

concentration of the carbonic acid (Equation 2.1), bicarbonate (Equation 2.2), and carbonate 

(Equation 2.3) species in the open system at different pH conditions is calculated using the 

equilibrium constants listed above.  

According to Reaction 2.2: 

&H(CO+∗(./)1 = 	K5	P78%         Eq 2.1 

According to Reaction 2.3:  

&HCO+9(./)1 	= 	
&:%78;∗(<=)1	 >< <?

[:A(<=)]
= 	 >C	DEF%	 >< <?

[:A(<=)]
      Eq 2.2 

According to Reaction 2.4: 

&CO+(9(./)1 	= 	
&:78;G(<=)1	 >< <%

[:A(<=)]
= 	>C	DEF%	 >< <?	 >< <%

[:A(<=)]%
      Eq 2.3 

The concentrations of  carbonic acid, bicarbonate (HCO3-), and carbonate (CO32-) species 

at CO2 concentrations of 400 ppm and 1 atm are shown in Figures 2.1 (a) and 2.1 (b). It is 

important to note that the concentrations of carbonic acid, bicarbonate (HCO3-), and carbonate 

(CO32-) species are several orders of magnitude higher in open systems where the pCO2 is 1 atm, 

compared to the system where ambient air with a pCO2 of 400 ppm. These speciation calculations 
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provide the thermodynamic basis for enhanced carbon mineralization at higher partial pressures of 

CO2 as opposed to lower concentrations.   

 Unlike in open systems where the concentrations of dissolved inorganic species increase 

with pH, the total carbon content is constant in closed systems. Thus, the total concentration of 

carbonic acid, bicarbonate and carbonate species is the same since there is no additional carbon 

source. In this case, the total inorganic carbon concentration would follow Equation 2.4 The 

concentrations of carbonic acid, bicarbonate and carbonate species are calculated using Equations 

2.2 -2.4. The total inorganic carbon content in the aqueous phase is determined using the following 

expressions. The concentration of the carbonic acid (Equation 2.5), bicarbonate (Equation 2.6), 

and carbonate (Equation 2.7) species in the close system at different pH could be calculated using 

the equilibrium constants listed above. 

CH8H 	= 	 &H(CO+∗(./)1 + &HCO+
9
(./)1 + &CO+

(9
(./)1 = &H(CO+∗(./)1 +

&:%78;∗(<=)1	 >< <?

[:A(<=)]
+

&:%78;∗(<=)1	 >< <?	 >< <%

[:A(<=)]%
= &H(CO+∗(./)1 	{1 +

>< <?

[:A(<=)]
+ >< <?	 >< <%

[:A(<=)]%
}    Eq 2.4 

&H(CO+∗(./)1 =
7MFM

NO
P< <?

[QA(<=)]
O

P< <?	 P< <%
[QA(<=)]%

        Eq 2.5 

&HCO+9(./)1 	= 	
&:%78;∗(<=)1	 >< <?

[:A(<=)]
= 	 7MFM >< <?

[:A(<=)]O >< <?O
P< <?	 P< <%
[QA(<=)]

     Eq 2.6 

&CO+(9(./)1 	= 	
&:78;G(<=)1	 >< <%

[:A(<=)]
= 	 7MFM >< <? >< <%

[:A(<=)]%O >< <?[:A(<=)]O >< <?	 >< <%
    Eq 2.7 

Using these expressions, the total dissolved inorganic carbon at pCO2 of 400 ppm is 

determined to be 1.6 x 10-5 M at pH = 5.55. At pCO2 of 1 atm, the total dissolved inorganic carbon 
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is 0.035 M at pH = 3.85. The concentrations of carbonic acid, bicarbonate, and carbonate species 

at different pH conditions at pCO2 of 400 ppm and 1 atm are shown in Figure 2.1 (c) and Figure 

2.1 (d), respectively. In closed systems, carbonate species are dominant at pH greater than 10. The 

inorganic carbon species in closed and open systems in the absence of CO2 capture solvents is the 

benchmark for contrasting the enhancements in inorganic carbon that can be achieved using CO2 

capture solvents. 

2.1.2 Inorganic Carbon Speciation in the Presence of CO2 Capture Solvents in the Open 

System 

One approach to accelerate carbon mineralization is by increasing the concentration of 

dissolved carbonate species. This objective can be achieved by using CO2 capture solvents. 

Coupling carbon mineralization with the regeneration of the CO2 capture solvents is 

exothermically favorable and eliminates the need for high temperatures needed for conventional 

solvent regeneration. Based on the structure of the solvent, CO2 capture using aqueous amines 

proceeds through mainly two different mechanisms: amines that capture CO2 via the formation of 

carbamates such as primary (e.g. MEA) and secondary (e.g. DEA) amines, and amines that capture 

CO2 via the formation of bicarbonates such as sterically hindered (e.g. AMP) and tertiary (e.g. 

MDEA) amines. (Ji et al., 2018) For example, CO2 capture in primary amines such as 

monoethanolamine (MEA) proceeds via the reaction of two molecules of MEA with one molecule 

of CO2 to produce a carbamate ion (Reactions 2.5 and 2.6) (Ji et al., 2018). Alternatively, CO2 

capture in amino acid salts such as sodium glycinate solvents (Reaction 2.7-2.10), (Caplow, 1968; 

Guo et al., 2013; Vaidya et al., 2010) sterically hindered amines such as 2-amino-2-

methylpropanol (AMP) (Reaction 2.11 and 2.12), (Barzagli et al., 2013; Caplow, 1968; Mandal 

et al., 2003; Zhang et al., 2008) and cyclical amines such as 1,8-diazabicyclo [5.4.0] undec-7-ene 
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(DBU) (Reaction 2.13) (Heldebrant et al., 2005; Kaupmees et al., 2014) proceed via the formation 

of bicarbonate ions. Unlike with primary amines such as MEA, one molecule of sodium glycinate 

or DBU captures one molecule of CO2.  

CO2 Capture Using MEA 

MEAH+(aq)   MEA + H+(aq)   K5 = 10-9.44   (Rx 2.5) 

MEA + HCO3-(aq)  MEACOO-(aq) + H2O(l)  K6 = 101.76    (Rx 2.6) 

Sodium glycinate 

H+NOCH(COOH(./)	 H+NOCH(COO9(./) 	+ 	H
O
(./) aKb1 = 10-2.34   (Rx 2.7) 

H+NOCH(COO9(./)	 	H(NCH(COO9(./) 	+ 	H
O
(./) aKb2 = 10-9.60   (Rx 2.8) 

H(NCH(COO9(./) + CO((./)	 OOC9 NHCH(COO9(./) + H
O
(./)  

        aKGly1 = 10-4.63  (Rx 2.9) 

OOC9 NHCH(COO9(./) + H(O(S)	 	H(NCH(COO9(./) + HCO+
9
(./)  

           (Rx 2.10) 

CO2 Capture Using AMP 

AMPH+(aq)   AMP + H+(aq)    K5 = 10-9.88  (Rx 2.11) 

AMP + HCO3-(aq)  AMPCOO-(aq) + H2O(l)   K6 = 10-1.319  (Rx 2.12) 

CO2 Capture Using DBU 
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DBUH+(aq)   DBU + H+(aq)    K5 = 10-13.5  (Rx 2.13) 

 Combining with the reactions of CO2 hydration in water in the last section, the 

concentrations of inorganic and organic carbon species could be calculated using the following 

equations and plotted in Figure 2.2 (a). The change of pH, concentration of different carbon 

sources with different MEA concentration is plotted in Figure 2.3 (a). 

 According to the Reaction 2.5 

TMEAHO(./)X = 	
TYZ[(<=)X	[:A(<=)]

>\
        Eq 2.8 

According to Reaction 2.6: 

TMEACOO9(./)X 	= 	 TMEA(./)X	&HCO+9(./)1	K]      Eq 2.9 

The starting MEA concentration is known, so the MEATOT is constant during the reaction.  

MEAH8H 	= 	 TMEA(./)X	+ 	TMEAHO(./)X 	+	 TMEACOO9(./)X              Eq 2.10 

In this case, the concentration of MEA could be calculated as: 

TMEA(./)X = 	
YZ[MFM

N	O	
&QA(<=)1

P\
O	
PC	^EF%	 P< <?	P_

[QA(<=)]

                 Eq 2.11 

 The concentration of MEAH+ is  

TMEAHO(./)X 	= 	
TYZ[(<=)X	[:A(<=)]

>\
	= 		

YZ[MFMT:A(<=)X
%

>\[:A(<=)]	O	T:A(<=)X
%O	>C	DEF%	 >< <?	>\>_

            Eq 2.12 

 The concentration of organic carbon MEACOO- is  
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TMEACOO9(./)X 	= 	 TMEA(./)X	&HCO+9(./)1	K] 	=

	 YZ[MFM	>C	DEF%	 >< <?	 >< <%	>\	>_
>\	[:A(<=)]%	O	[:A(<=)];	O	>C	DEF%	 >< <?	>\	>_	[:A(<=)]

                Eq 2.13 

 Similarly, the speciation of sodium glycinate could be calculated in the similar ways and 

the concentrations of inorganic and organic carbon species are plotted in Figure 2.2 (b). The 

change of pH, concentration of different carbon sources with different sodium glycinate 

concentration is plotted in Figure 2.3 (b). 

&H+NOCH(COO9(./)1 =
&	:%`7:%788G(<=)1[:

A
(<=)]

>a%<                 Eq 2.14 

TH+NOCH(COOH(./)	X =
&H+NOCH(COO9(./)1 [H

O
(./)]

KbN. =
&	H(NCH(COO9(./)1 [H

O
(./)](

KbN. Kb(.  

                      Eq 2.15 

[ OOC9 NHCH(COO9(./)] = 	
&:%`7:%788G(<=)1[78%(<=)] >< cde?

[:A(<=)]
               Eq 2.16 

GlyH8H 	= 	 TH+NOCH(COOH(./)X 	+ 	 [H+NOCH(COO9] 	+	 &	H(NCH(COO9(./)1 +

	[ OOC9 NHCH(COO9(./)]                    Eq 2.17 

&H(NCH(COO9(./)1 =
iSjMFM

{
[QA(<=)]%

Pa?
< Pa%

< O
[QA(<=)]

Pa%
< ONO

[EF%(<=)] P< cde?
[QA(<=)]

}
               Eq 2.18 

The speciation of AMP could be calculated in the similar ways and the concentrations of 

inorganic and organic carbon species are plotted in Figure 2.2 (c). The change of pH, concentration 

of different carbon sources with different AMP concentration is plotted in Figure 2.3 (c). 
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TAMPCOO9(./)X 	= 	 TAMP(./)X	&HCO+9(./)1 	K]                Eq 2.19 

AMPH8H 	= 	 TAMP(./)X 	+	 TAMPHO(./)X 	+ 	TAMPCOO9(./)X              Eq 2.20 

TAMP(./)X = 	
[YDMFM

N	O	
&QA(<=)1

P\
O	
PC	^EF%	 P< <?	P_

[QA(<=)]

                 Eq 2.21 

TAMPO(./)X 	= 	
T[YD(<=)X	[:A(<=)]

>\
	= 		

[YDMFMT:A(<=)X
%

>\[:A(<=)]	O	T:A(<=)X
%O	>C	DEF%	 >< <?	>\>_

             Eq 2.22 

TAMPCOO9(./)X 	= 	 TAMP(./)X	&HCO+9(./)1 	K] 	=

	 [YDMFM	>C	DEF%	 >< <?	 >< <%	>\	>_
>\	[:A(<=)]%	O	[:A(<=)];	O	>C	DEF%	 >< <?	>\	>_	[:A(<=)]

                Eq 2.23 

The speciation of DBU could be calculated in the similar ways and the concentrations of 

inorganic and organic carbon species are plotted in Figure 2.2 (d). The change of pH, 

concentration of different carbon sources with different MEA concentration is plotted in Figure 

2.3 (d). 

TDBUHO(./)X = 	
Tnop(<=)X[:A(<=)]

>\
	 	 	 	 	 	             Eq 2.24	

DBUH8H 	= 	 TDBU(./)X 	+ 	TDBUO(./)X		 	 	 	 	 	             

Eq 2.25	

TDBU(./)X = 	
nopMFM

N	O	
[QA(<=)]

P\

	 	 	 	 	 	 	 	             

Eq 2.26	

TDBUO(./)X 	= 	
Tnop(<=)X[:A(<=)]

>\
	= 	 [:

A
(<=)]nopMFM

>\	O	[:A(<=)]
	 	 	 	             Eq 2.27 
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2.2 Mineral Dissolution and Carbonate Formation 

 Mineral dissolution, as one of the carbon mineralization steps, may be the rate limiting step 

depending on the condition of pH, temperature, aqueous environment (Marini, 2007; Oelkers & 

Schott, 1995; Oelkers, 1996). The composition and the crystal structure of the precursors 

determine the rate and the mechanism of the mineral dissolution process (Marini, 2007; Oelkers 

& Schott, 1995; Oelkers, 1996). Here are some dissolution reactions of some earth abundant 

minerals from Reaction 2.14 to 2.16. 

Wollastonite dissolution:  	CaSiO+(t) +	2H(./)O → 	Ca(./)(O + SiO((./) +	H(O (Rx. 2.14) 

Serpentine dissolution:	Mg+Si(Ox(OH)y(t) + 6H(./)O → 	3Mg(./)(O +	2SiO((t) + 5H(O      

           (Rx. 2.15) 

Forsterite dissolution:	Mg(SiOy(t)	 + 	4H(./)O → 	2Mg(./)(O +	SiO(	(./)		 + 	H(O (Rx. 2.16) 

 Calcium and magnesium ions are formed during the mineral dissolution process. The 

calcium and magnesium ions react with the carbonate ions in the aqueous phase to precipitate 

calcium and magnesium carbonates. The reactions are listed as Reaction 2.9 and 2.10.  

Carbonate formation:  Mg(./)(O +	CO+	(./)(9 → 	MgCO+	(t)    (Rx. 2.9) 

  Ca(./)(O +	CO+	(./)(9 → 	CaCO+	(t)    (Rx. 2.10) 

 In this thesis, we elucidate hybrid absorption – carbonate crystallization approaches with 

inherent solvent regeneration by harnessing these thermodynamic concepts. The solvents enhance 

CO2 capture as discussed and are regenerated as solid inorganic carbonates are formed. However, 
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complex chemical and morphological coupling phenomena underlie these interactions and the 

associated kinetics. To address this challenge, the research objectives are discussed below.  

2.3 Research Objectives 

2.3.1 Problem Statement 

The limited understanding of the chemo-morphological coupling for the reactive CO2 

capture and conversion of CO2 limits the development of integrated and scalable processes. Ca- 

and Mg-bearing silicate minerals are abundant in natural rocks and alkaline industrial residues, 

such as steel slag, and coal fly ash. The resource base for carbon mineralization needs to be 

increased. While carbon mineralization of Ca- and Mg-bearing industrial residues has been studied 

at elevated CO2 partial pressures and temperatures, the direct use of flue gas streams and 

temperatures lower than 90°C to capture and mineralize carbon remain less explored. Achieving 

predictive controls over these processes requires in-operando characterization of the fluid-solid 

interactions underlying reactive CO2 capture and carbon mineralization pathways. To addresses 

these challenges, the specific research questions that are addressed are articulated in the following 

section.  

2.3.2 Scientific Questions 

 The scientific questions that form the basis for this research are: 

• How do we enhance the resource base for carbon mineralization to incorporate less 

reactive hydrated magnesium silicates and to make them more reactive? 

• What are the different approaches for designing reactive CO2 capture and carbon 

mineralization pathways with inherent solvent regeneration? 
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• What is the effectiveness of reactive CO2 capture and carbon mineralization pathways 

in single-step CO2-solvent-alkaline solid reactions and two step CO2-solvent and CO2-

loaded solvent-alkaline solid reactions?  

• What is the influence of the physico-chemical parameter space including the effects of 

temperature, solvent concentration, and reactive time on integrated CO2 capture and 

carbon mineralization?  

• What is the chemo-morphological evolution of the reacting solids and the dynamic 

speciation of the fluidic environments as CO2 capture and carbon mineralization 

occurs?  

• What is the influence of the chemical structure of the solvent, solvent concentration on 

the inorganic carbon content available to react with calcium or magnesium minerals to 

produce the respective inorganic carbonates?  

• What are the extents of carbon mineralization achieved using calcium oxide, 

magnesium oxide, and calcium silicate which are abundant in alkaline residues using 

various solvents?  

• What are the carbonate phases formed and what are the key features of the solvent as 

it is regenerated during carbonate formation?  

2.3.3 Research Goals 

 The key research goals of this project are outlined below: 

• Design novel reaction pathways with low energy penalty for accelerating carbon 

mineralization 

• Advance a fundamental understanding of the chemo-morphological behavior in fluid-

solid interactions using in-operando characterization approaches 
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Figure 2.1 Carbon speciation in open and closed systems without any additives. The concentration 

of &𝐇𝟐𝐂𝐎𝟑∗(𝐚𝐪)1, &𝐇𝐂𝐎𝟑
9
(𝐚𝐪)1, and &𝐂𝐎𝟑𝟐9(𝐚𝐪)1 as a function of pH in an open system exposed 

to the atmosphere with a CO2 concentration of 400 ppm and pCO2 of 1 atm are shown in Figure 

2.1 (a) and Figure 2.1 (b), respectively. The concentration of &𝐇𝟐𝐂𝐎𝟑∗(𝐚𝐪)1, &𝐇𝐂𝐎𝟑
9
(𝐚𝐪)1, and 

&𝐂𝐎𝟑𝟐9(𝐚𝐪)1 as a function of pH in a closed system at CO2 concentration of 400 ppm and CO2 

partial pressure of 1 atm are shown in Figure 2.1 (c) and Figure 2.1 (d), respectively. The total 
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carbon concentration at the equilibrium pH of 5.55 in a closed system with CO2 concentration of 

400 ppm is 1.59 x 10-5 M (Figure 2.1 (c)). The total carbon concentration at the equilibrium pH of 

3.85 in a closed system with pCO2 of 1 atm is 0.035 M (Figure 2.1 (d)).   
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Figure 2.2 Inorganic and organic carbon speciation in open system with MEA sodium glycinate, 

AMP, and DBU. The concentration of organic solvent speciation and &𝐇𝟐𝐂𝐎𝟑∗(𝐚𝐪)1, &𝐇𝐂𝐎𝟑
9
(𝐚𝐪)1, 

and &𝐂𝐎𝟑𝟐9(𝐚𝐪)1 as a function of pH in an open system with MEA sodium glycinate, AMP, and 

DBU exposed to 1 atm CO2 are shown in Figure 2.2 (a), Figure 2.2 (b), Figure 2.2 (c), and Figure 

2.2 (d), respectively. 
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(c) (d) 
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Figure 2.3 Inorganic and organic carbon speciation in open system with MEA sodium glycinate, 

AMP, and DBU. The concentration of organic solvent speciation, pH and &𝐇𝟐𝐂𝐎𝟑∗(𝐚𝐪)1 , 

&𝐇𝐂𝐎𝟑9(𝐚𝐪)1, and &𝐂𝐎𝟑𝟐9(𝐚𝐪)1 as a function of organic concentration in an open system with MEA 

sodium glycinate, AMP, and DBU exposed to 1 atm CO2 are shown in Figure 2.3 (a), Figure 2.3 

(b), Figure 2.3 (c), and Figure 2.3 (d), respectively. 
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CHAPTER 3  

CHEMO-MORPHOLOGICAL COUPLING DURING SERPENTINE 

HEAT TREATMENT FOR CARBON MINERALIZATION 

The contents of this chapter have been published as a scientific peer-reviewed journal at Liu, M., 

& Gadikota, G. “Chemo-morphological Coupling during Serpentine Heat Treatment for Carbon 

Mineralization.” Fuel 227 (2018): 379-385. 

3.1 Introduction 

 One of the challenges at the forefront of sustainable energy production is the safe and 

permanent storage of CO2. One option is to capture and convert CO2 into calcium and magnesium 

carbonates using earth-abundant calcium and magnesium-bearing silicates as the sources of 

alkalinity (Chizmeshya et al., 2007; Béarat et al., 2006; Gadikota et al., 2014; Gadikota & Park, 

2014; Lackner, 2002; Li & Hitch, 2017; Park & Fan, 2004; Power et al., 2013). Serpentine 

(Mg3Si2O5(OH)4) is one example of an earth-abundant hydrated magnesium silicate mineral that 

has been extensively studied for carbon mineralization (Farhang et al., 2016; Gadikota et al., 2014; 

Highfield et al., 2012; Park et al., 2008; Park & Fan, 2004; Ryu et al., 2016; Werner et al., 2014; 

Wilson et al., 2006). Various routes for serpentine carbonation have been explored including the 

conversion of CO2 and serpentine into magnesium carbonate via direct gas-liquid-solid routes 

(Gadikota et al., 2014), or accelerated extraction of Mg followed by magnesium carbonate 

precipitation (Park et al., 2008; Park & Fan, 2004).  

To accelerate the kinetics of CO2 conversion to magnesium carbonate, the thermal 

activation of serpentine was proposed. Thermal activation of serpentine to temperatures up to 700 

oC dehydroxylates the crystal lattice resulting in a more reactive amorphous material (Barnes et 
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al., 1950). Previous studies reported carbonate conversions of heat-treated serpentine as high as 

73.5% at 185 °C, PCO2 of 150 atm in 1.0 M NaCl + 0.64 M NaHCO3 on reaction for 1 hour 

(Gerdemann et al., 2007). More recent studies reported using flue gas concentrations for 

successfully converting heat-treated serpentine to magnesium carbonate (Farhang et al., 2016; 

Werner et al., 2014). Despite significant research efforts directed towards converting heat-treated 

serpentine to magnesium carbonate, there is a limited fundamental understanding of the structural 

and morphological changes that occur in serpentine on heating and the influence of these changes 

on the reactivity of the mineral.   

 While McKelvy and co-workers evaluated the changes in the structure of heat-treated 

serpentine using X-ray diffraction (XRD) and fourier transform infrared spectroscopy (FTIR) 

analyses (McKelvy et al., 2004), the corresponding morphological changes such as the porosity, 

pore-solid interfacial structure, and the surface area were not reported. Recent advances in 

synchrotron radiation have now allowed us to probe the changes in the morphologies and structures 

of porous materials from the angstrom to the micrometer-scale using Ultra small, small, and wide 

angle X-ray scattering (USAXS/SAXS/WAXS) measurements (Gadikota, 2017; Gadikota et al., 

2017; Gadikota & Allen, 2018; Gadikota et al., 2017). In the case of serpentine, the changes in the 

structure and the interlayer basal spacing were determined using wide angle X-ray scattering 

(WAXS) and small angle X-ray scattering (SAXS) measurements. Ultra small angle X-ray 

scattering (USAXS) measurements in conjunction with Brunauer–Emmett–Teller (BET) porosity 

measurements and particle size analyses were used to determine the morphological changes in 

serpentine on thermal treatment. 
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3.2 Materials and Their Characterization 

 The serpentine morph used in this study was lizardite. The chemical composition of the 

unreacted lizardite listed in Table 1 was determined using Wavelength Dispersion X-Ray 

Fluorescence (WD-XRF, Pananalytical Axios, The Netherlands). The mean particle size, surface 

area and cumulative pore volume of the ground unreacted serpentine were found to be 10.80 µm, 

36.3 m2/g and 0.115 ml/g, respectively. In addition to lizardite, the other major phase present was 

identified as quartz. 

 To determine the in-operando structural and morphological changes in serpentine on heat 

treatment, USAXS/SAXS/WAXS measurements were performed at Sector 9-ID at Advanced 

Photon Source (APS) in Argonne National Laboratory (ANL), Argonne, IL. Lizardite was 

prepared by grinding the material to a size smaller than 100 µm followed by compaction into 

pellets. The thickness of the pellet used in this experiment was 1 mm (±	0.2 mm). The heat 

treatment of the lizardite-bearing serpentine was performed by placing the pellet in a Linkam 

TS1500 heating stage (Linkam Scientific Instruments Ltd., Tadworth, UK) with temperature 

control of ± 0.1 °C. The temperature ramp rate was set at 3.3 °C /min and the temperature range 

was from 30 °C to 1150 °C. The heater was then aligned with the USAXS/SAXS/WAXS 

instrument at Sector 9-ID.  

 The USAXS/SAXS instruments are based on the original Bonse-Hart double-crystal 

configuration, which used multiple dispersive reflections from perfect crystals to reach a region of 

scattering vector 𝑞 , where 𝑞 = (4𝜋 𝜆⁄ ) sin 𝜃, 𝜆 is the wavelength of the X-ray, and 2𝜃 is the 

scattering angle (Bonse & Hart, 1965; Ilavsky et al., 2009). All measurements 

(USAXS/SAXS/WAXS) could be made within about 3 minutes, reducing uncertainties bringing 

by the change of sample configuration within the beam (Ilavsky et al., 2009). The total X-ray flux 



 26 

of the measurement was 10-13 photon s-1. The wavelength of the X-ray used in the experiment was 

0.59 Å, which corresponded to the energy of 21.0 keV. Calibrations were made using silver 

behenate and the NIST standard reference material, SRM 640d (Si). Collected data were reduced 

and analyzed by the Irena and Nika software packages embedded in IgorPro (Wavemetrics, Lake 

Oswego, OR) (Ilavsky, 2012; Ilavsky et al., 2009; Ilavsky & Jemian, 2009). 

 Several complementary measurements were performed to complement the scattering 

measurements. Powdered lizardite was thermally treated to 350 °C, 650 °C, 900 °C, and 1150 °C 

in an oven for 3 hours for determining the changes in the porosity, surface area, surface 

morphology and particle size on heating. The changes in the porosity and the specific surface area 

of the powdered lizardite on heating were determined using the BET technique (Quantachrome 

Autosorb1 Analyzer), while particle size distributions were determined via a laser diffraction 

method (Beckman Coulter, Inc., LS 13 320 MW). The surface morphological features were 

determined using a scanning electron microscopy (SEM, Hitachi High Technologies America, 

Hitachi S3400-N). The changes in the weight of the sample on heating was determined using 

thermogravimetric analysis (TGA, TA Instruments TGA550). 

3.3 Results and Discussion 

3.3.1 Structural Changes in Lizardite on Thermal Treatment 

 Heating lamellar structures such as lizardite produced several changes across the material 

hierarchy. One of the characteristic features of hierarchical materials is the interlayer basal spacing 

which was observed in the SAXS regime. The interlayer space is the distance between the silicate 

layers in case of lizardite. One measure of the interlayer space is the basal reflection or the d (0 0 

1) peak corresponding to the scattering from one hydrated magnesium silicate nanosheet and the 
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interlayer space. The position and the intensity of the characteristic interlayer peak indicate the 

distance corresponding to the interlayer space and the nanosheet, and the quantity of interlayer 

nanopores, respectively. The interlayer basal reflection is a characteristic of other hierarchical 

natural materials such as clays.  

In swelling clays such as Na- or Ca-montmorillonite, the interlayer basal spacing changes 

with the layers of intercalated water in these regions, unlike in non-swelling clays such as kaolinite 

(Gadikota et al., 2017). In swelling clays bearing intercalated water, a reduction in the interlayer 

basal spacing is noted on heating to 150 °C. Unlike swelling clays, phyllosilicates such as lizardite 

do not contain intercalated water. On heating to 150 oC, no significant changes in the positions of 

the d (0 0 1) or d (0 0 2) peaks or their intensities were noted. This observation is attributed to the 

absence of the characteristic ability to shrink or swell due to the loss or gain of water, and no 

structural changes in the hydrated magnesium silicate nanosheet. 

Further heating above 550 °C reduced the intensity of the interlayer basal reflection with 

the peak disappearing on heating to 825 °C. This observation is consistent with previous studies 

reporting changes in the lamellar structure of lizardite to an amorphous form due to the removal 

of -OH groups (Barnes et al., 1950; McKelvy et al., 2004; Trittschack & Grobéty, 2012). 

Thermogravimetric analyses of untreated lizardite showed the onset of weight loss around 500 °C 

with near complete loss achieved on heating to 825 °C which corresponds to lizardite 

dehydroxylation (Figure 3.2). Various lizardite samples were also heat-treated at 350 °C, 650 °C 

and 900 °C in an ex-situ environment prior to thermogravimetric analyses. Heat treatment of 

lizardite at 350 °C did not change the weight of the sample significantly compared to the untreated 

serpentine. On heating to 650 °C, a weight loss of 2.25% was observed suggesting that the presence 

of residual -OH groups. No significant changes in the weight of the sample were noted on heating 
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to 900 °C suggesting the complete removal of -OH groups at those conditions. The observations 

of the changes in the weight of serpentine due to dehydroxylation in Figure 3.2 are consistent with 

the loss in the crystalline structure of serpentine in Figures 3.1. In the context of carbon 

mineralization, the structural disorder achieved due to serpentine dehydroxylation on heating to 

temperatures in the range of 600 °C - 700 °C was noted as a factor in accelerating carbon 

mineralization behavior (McKelvy et al., 2004).  

On heating serpentine beyond 650 °C, the recrystallization of amorphous serpentine to 

denser phases was observed. The onset of Al2.35Si0.64O4.82 (mullite), SiO2 (cristobalite), Mg2SiO4 

(forsterite), and Fe0.3Mg0.7(SiO3) (enstatite) phases was observed in the range of 700 °C - 800 °C 

in the WAXS regime (Angel & Prewitt, 1986; Dove et al., 2000; Hazen, 1976; Smith, 1959). These 

observations are consistent with previous studies that reported a strong exotherm at 782 °C 

indicating the onset of new phase formation (McKelvy et al., 2004). The intensity of these phases 

increased on further heating suggesting the growth of these phases (Figure 3.3). These phases are 

indexed in serpentine heat-treated at 1150 °C. The respective densities of mullite, cristobalite, 

forsterite, and enstatite are 3.15, 2.3, 3.3, and 3.3 g/cm3 compared to the density of lizardite of 2.6 

g/cm3 (Ahrens & Gaffney, 1971; Bafrooei et al., 2014; Downs & Palmer, 1994; Ismail et al., 1987; 

Viti & Hirose, 2010). To determine if less dense phases may have a more significant impact on 

mineralization compared to more dense phases, the corresponding morphological changes in 

lizardite on heat treatment were determined.   

3.3.2 Morphological Changes in Lizardite on Thermal Treatment 

 In the previous section, the structural basis for high conversions of heat-treated serpentine 

to magnesium carbonate was established with reasonable agreement with published date (McKelvy 

et al., 2004). However, there is a limited understanding of the corresponding morphological 
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changes in lizardite on heat treatment and how that may potentially impact carbon mineralization 

behavior. To develop the morphological perspective, the changes in the particle size, porosity, 

surface area, and changes in the pore-solid interface on heating were evaluated. To evaluate the 

changes in the particle size, porosity, and surface area, lizardite was heat-treated to 350 °C, 650 

°C, 900 °C, and 1150 °C.  

 One of the hypotheses to explain the enhanced reactivity of lizardite heat-treated to 650 °C 

is the potential increase in the porosity which aids the diffusion of Mg or Si ions into the bulk 

solution, thereby enhancing the carbonation potential. To test this hypothesis, BET measurements 

were performed at 25 °C, 350 °C, 650 °C and 900 °C. The cumulative pore volume increased from 

0.115 cm3/g to 0.888 cm3/g and 1.563 cm3/g on heating to 350 °C and 650 °C, respectively. The 

increase in cumulative pore volume corresponds to lizardite dehydroxylation. Heating to 900 °C 

reduced the cumulative pore volume to 0.047 cm3/g (Table 2.1 and Figure 3.4). The reduction in 

porosity at 900 °C is consistent with the formation of denser phases (Figure 3.3). Similarly, an 

increase in the surface area was noted on the dehydroxylation of lizardite. The surface area 

increased from 36.3 m2/g to 580.4 m2/g and 1152 m2/g at 350 °C and 650 °C, respectively. Further 

heating to 900 °C reduced the surface area to 6.5 m2/g which corresponds to the growth of denser 

phases (Table 2). These data support the hypothesis that increase in porosity and surface area on 

heating to 650 °C along with the structural disorder noted in Section 3.3.1 aids the high reactivity 

of lizardite with CO2 at this temperature.  

 To probe the factors leading to the changes in the porosity particularly on heating from 650 

°C to 900 °C, the particle sizes of the serpentine heat-treated at various temperatures were 

determined. The particle size of the unreacted lizardite was in the range of 0.5 µm – 50 µm. On 

heating to 350 °C and 650 °C, a small increase in the particle size from 10.8 µm at ambient 
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temperature to 12.4 µm and 13.1 µm was noted (Table 2.2 and Figure 3.5). On further heating to 

900 °C, the volume of particles larger than 50 µm increased while the volume of particles smaller 

than 50 µm decreased. This trend was observed on further heating to 1150 °C. The mean particle 

sizes of lizardite heat-treated at 900 °C and 1150 °C were 34.8 µm and 142.1 µm, respectively 

(Table 2.2 and Figure 3.5). These increases in the particle sizes correspond to the growth of denser 

phases such as Al2.35Si0.64O4.82 (mullite), SiO2 (cristobalite), Mg2SiO4 (forsterite), and 

Fe0.3Mg0.7(SiO3) (enstatite) on heating (Figure 3.3). Further evidence of larger and well-defined 

particles in lizardite heat-treated to 900 °C and 1150 °C (Figures 3.6 (b) and 3.6 (c)) were noted 

compared to untreated lizardite (Figure 3.6 (a)).  

 The changes in the pore-solid interface and the morphological transformations of lizardite 

from a lamellar to a pseudo-amorphous to a crystalline structure are supported by USAXS and 

SAXS measurements (Figure 3.7). At a high q of 0.85 Å-1, the peak corresponding to the interlayer 

basal reflection was noted. Shifts in the peak position were not noted on heating to 800 °C 

suggesting that the d-spacing of 7.39 Å did not change on heating. Significant changes in the 

intensity of this peak on heating were noted as shown in Figure 3.1 and discussed in Section 3.3.1. 

A decrease in the nano-scale porosity corresponding to the reduction in the intensity of this basal 

peak was noted on heating above 550 °C. This peak completely disappears on heating to 825 °C.  

It was interesting to note the growth of an additional feature in the q range of 0.45 Å-1 – 

0.70 Å-1 on heating from 50 °C to 725 °C. This feature decreased in intensity on heating above 800 

°C before disappearing. The growth of this feature corresponded to the reduction in the intensity 

of d (0 0 1) peak. McKelvy and co-workers referred to this feature as the α phase which reflects 

the diffuse interlamellar order in lizardite on heating (McKelvy et al., 2004). Our results are 

consistent with their observations that heat treating serpentine to temperatures up to 800 °C results 
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in the formation of pseudo-amorphous serpentine characterized by intralamellar disorder emerging 

from changes in the d (0 0 1) peak with the development of diffuse interlamellar order in q range 

of 0.45 Å-1 – 0.70 Å-1. This α feature disappears on heating above 800 °C which corresponds to 

the growth of dense crystalline phases (Figure 3.3).   

 In addition to providing insights into the changes in the lamellar structure on heating, the 

combined USAXS/SAXS data yielded detailed information of the changes in the pore-solid 

interface. One approach to quantify the changes in the pore-solid interface is the Porod slope. The 

Porod slope yields information about the “fractal dimension” of the scattering object. In this study, 

the Porod slope is calculated in the q region of 0.02 – 0.4 Å-1 to probe the fractality of the local 

structure. The Porod slope is calculated using the following relationships where I (q) and n 

represent the scattering intensity and the slope, respectively.  

𝐼	(𝑞) = 	 �
��
+ 𝐵         (Equation 3.1) 

logN�[𝐼	(𝑞) − 𝐵] = 	 logN� 𝐴 −	 𝑛 logN� 𝑞		      (Equation 3.2) 

Porod slopes of 1 or 4 represent scattering from rigid rods or smooth surfaces, respectively. 

Porod slopes between 3 and 4 represent rough interfaces with a fractal dimension, D where n = 6 

- D represents a surface fractal. A slope between 2 and 3 represents branched systems or networks 

also known as mass fractals. The Porod slopes of serpentine on heating from ambient temperature 

to 425 °C are in the range of 3.1 and 3.2 indicating a rough interface (Figure 3.8). Further heating 

to 675 °C and 700 °C reduced the Porod slope to 3.0 and 2.8, respectively. The decreasing Porod 

slope is indicative of a branched network consistent with the formation of pseudo-amorphous 

structure at these temperatures. Further heating to 1150 °C increased the Porod slope to 3.7 



 32 

indicating the formation of increasingly smoother interfaces which is consistent with the growth 

of various crystalline phases (Figure 3.3). By combining in-operando USAXS/SAXS/WAXS 

measurements with complementary characterization tools, a detailed structural and morphological 

basis spanning from the angstrom – to – micrometer scale was established for the enhanced 

reactivity of serpentine heated to temperatures in the range of 600 °C to 700 °C.  

3.4 Conclusions 

 In this study, the structural and morphological basis for the enhanced reactivity of 

serpentine heat-treated to temperatures in the range of 600 °C and 700 °C with CO2 was evaluated. 

Heating serpentine to temperatures in the range of 600 °C and 700 °C resulted in the formation of 

a pseudo-amorphous serpentine structure which corresponded to a significant increase in the 

surface area and porosity on heating. These measurements provide a fundamental basis for reacting 

serpentine to temperatures in the range of 600 °C and 700 °C prior to accelerated conversion to 

carbonates. Further heating reduced the porosity and the reactive surface area of heat-treated 

serpentine which corresponded to the formation of high temperature crystalline phases such as 

Al2.35Si0.64O4.82 (mullite), SiO2 (cristobalite), Mg2SiO4 (forsterite), and Fe0.3Mg0.7(SiO3) (enstatite). 

Dynamic changes in the pore-solid interface determined using USAXS/SAXS measurements 

showed an increasing roughness leading to the formation of a branched network on heating 

serpentine to 700 °C. Further heating yielded smoother interfaces consistent with the formation of 

high temperature crystalline phases.   
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Table 3.1 Composition of lizardite 

Components Weight % Components Weight % 
MgO  37.00 MnO     0.10 
CaO    0.42 Na2O     0.04 
Fe2O3    8.09 K2O  < 0.01 
SiO2  38.90 TiO2     0.04 
Cr2O3    0.40 P2O5  < 0.01 
Al2O3    1.79 V2O5     0.02 
  LOI%   13.20 
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Table 3.2 Summary of the surface area, cumulative pore volume, and mean particle size of 

untreated serpentine at 25 °C and heat-treated at 350 °C, 650 °C, and 900 °C. 

Sample Temperature 

(°C) 
25 350 650 900 1150 

Surface Area (m2/g) 36.3 ±	9.5 580.4	±	14 1152 ±	37 6.6	 ±	0.22 - 

Cumulative Pore 

Volume (cc/g) 
0.11 ±	0.01 0.89	±	0.01 1.56	±	0.01 0.05	±	0.01 - 

Average Mean of 

Particle Size (µm) 
10.8	±	0.5 12.4	±	0.8 13.1	±	1.4 34.8 ±	2.4 142.1	±	1.6 
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Figure 3.1 Changes in (a) the characteristic lizardite peak (q = 0.85 Å-1, d = 7.39 Å, h k l: (0 0 1) 

(Mellini, 1982))  and (b) the integrated peak intensity in the temperature range of 40 °C to 1150 

°C. The relative integrated intensity represented in (b) is the integrated intensity of the 

characteristic lizardite peak at a given temperature normalized to the integrated intensity at 40 °C. 

Vertical bars in (b) represent estimated 5% standard deviation uncertainties. 
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Figure 3.2 Changes in the weight of lizardite heat-treated to 350°C, 650°C, and 900°C with respect 

to untreated lizardite at 25°C determined using thermogravimetric analysis. 
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Figure 3.3 Changes in the characteristic peaks of mullite (d = 3.84 Å, q = 1.59 Å-1, h k l: (0 2 0) 

(Angel & Prewitt, 1986)) (a-1), cristobalite (d = 1.64 Å, q = 3.83 Å-1, h k l: (3 3 1) (Dove et al., 

2000)) (b-1), forsterite (d = 1.37 Å, q = 4.60 Å-1, h k l: (3 0 4) (Hazen, 1976)) (c-1), and enstatite 

(d = 1.37 Å, q = 4.60 Å-1, h k l: (3 0 4)(Smith, 1959)) (d-1) on heating from 30 °C to 1150 °C. The 

corresponding integrated intensities of mullite (a-2), cristobalite (b-2), forsterite (c-2), and enstatite 

(d-2) show the onset of these phases in the range of 725 °C and 750 °C. The relative integrated 

intensities represented in the right panel correspond to the integrated intensity of the characteristic 

peak at a given temperature normalized to the integrated intensity at 30 °C. Vertical bars in (a-2), 

(b-2), (c-2), and (d-2) represent estimated 5% standard deviation uncertainties. 
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Figure 3.4 Changes in the cumulative pore volume (a) and pore volume distributions (b) in 

lizardite heat treated at 350 °C, 650 °C, and 900 °C with respect to untreated lizardite at 25 °C. 
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Figure 3.5 Changes in the particle size distributions of lizardite heat treated at 350 °C, 650 °C, 

and 900 °C with respect to untreated lizardite at 25 °C. 
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Figure 3.6 Comparison of morphological changes of untreated lizardite at 25 °C (a) with lizardite 

heat-treated at 900 °C (b) and 1150 °C (c) using scanning electron microscopy images. The 

particles within the white square correspond to the crystalline phases formed at elevated 

temperatures.    

  

(a) (b) (c) 

10.0 µm 10.0 µm 10.0 µm 
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Figure 3.7 Changes in the combined slit-smeared USAXS/SAXS data on heating lizardite to a 

nominal temperature of 1150 °C. An increase in the scattering intensity is noted on heating to 700 

°C at q larger than 0.03 Å-1. This transformation corresponds to the change in the lamellar 

morphology of lizardite at ambient temperature to a pseudo-amorphous structure. Further heating 

to 1150 °C results in the formation of crystalline phases (see Figure 3.3) and is accompanied by a 

reduction in the scattering intensity at q larger than 0.03 Å-1. 
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Figure 3.8 Changes in Porod slopes for q in the range of 0.02 Å-1 to 0.4 Å-1.  The slopes are 

determined after desmearing the USAXS/SAXS data shown in Figure 7. The roughness of the 

pore-solid interfaces increases on serpentine dehydroxylation. Interfaces become smoother on the 

formation of high temperature phases such as Al2.35Si0.64O4.82 (mullite), SiO2 (cristobalite), 

Mg2SiO4 (forsterite), Fe0.3Mg0.7(SiO3) (enstatite). 

  

Dehydroxylation High temperature
phase formation

Prior to 
dehydroxylation
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CHAPTER 4  

PHASE EVOLUTION AND TEXTURAL CHANGES DURING THE 

DIRECT CONVERSION AND STORAGE OF CO2 TO PRODUCE 

CALCIUM CARBONATE FROM CALCIUM HYDROXIDE 

The contents of this chapter have been published as a scientific peer-reviewed journal at Liu, M., 

and Gadikota, G. “Phase Evolution and Textural Changes during the Direct Conversion and 

Storage of CO2 to Produce Calcium Carbonate from Calcium Hydroxide.” Geosciences 8.12 

(2018): 445. (Invited Article)  

4.1 Introduction 

 One of the emerging challenges in sustainable energy production is the development of 

integrated pathways for carbon dioxide capture, utilization and storage (CCUS). With CO2 

concentrations increasing from about 280 ppm before the industrial age to over 400 ppm now, the 

need for CCUS technologies is unprecedented (Fauth et al., 2000; Ith & Dukes, 1993; Lackner, 

2002; Seifritz, 1990). The transition to a low carbon economy will require us to develop a portfolio 

of technologies for capturing, utilizing and storing CO2 at the gigaton scale (Reichle et al., 1999). 

Carbon mineralization is one approach which involves the accelerated conversion and storage of 

CO2 as water insoluble calcium and magnesium carbonate via thermodynamically downhill routes 

(Gadikota & Park, 2014; Gadikota et al., 2014; Gadikota et al., 2014; Gadikota & Park, 2015; 

Lackner, 2002; Liu & Gadikota, 2018). Various routes including gas-solid and gas-liquid-solid 

reaction routes have been explored to accelerate the conversion of CO2 to calcium and magnesium 

carbonates (Gerdemann et al., 2007; McKelvy et al., 2004; Sanna et al., 2012). While gas-solid 

reaction routes are easier to implement, the kinetics of CO2 conversion to calcium and magnesium 
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carbonates may be slower. However, with increasing interest in directly using dilute concentrations 

of CO2 representative of flue gas concentrations or atmospheric CO2 concentrations, the need to 

understand the phase transitions and the textural changes in sorbents such as calcium hydroxide as 

it is converted to calcium carbonate provides important insights into the composition of these 

materials for potential use.  

 One of the key motivations for investigating the phase transitions and textural changes of 

calcium hydroxide during carbon mineralization is the abundance of these materials in alkaline 

industrial residues including coal fly ash, steel slag, and red mud and less studied wastes such as 

carbide slag residues (Liu et al., 2009) which have been reported to have more than 90% calcium 

hydroxide in the dry state. Carbide slag is one of the by-products of the hydrolysis of calcium 

carbide (CaC2), a reaction generating ethylene, polyvinyl chloride (PVC) and other products in the 

industry (Li et al., 2012). Significant quantities of carbide slag are generated around the world. For 

example, in China, 70% of acetylene (C2H2), a raw material of polyvinyl chloride (PVC), is 

generated from calcium carbide. About one ton of PVC results in the production of 1.5–1.9 tons 

of carbide slag in an industrial plant (Cheng et al., 2009; Li et al., 2012). However, treating carbide 

slag in an economical manner has been a challenge. While landfilling these materials has been 

proposed, carbide slag is caustic and corrosive, which increases the risk of environmental 

contamination. Another approach to utilize carbide slag is to use it to produce cement (Cao et al., 

2008; Cheng et al., 2009). Recently, a calcium looping process (CLP) was proposed to integrate 

carbide slag disposal and CO2 capture (Blamey et al., 2010; Bobicki et al., 2012; Li et al., 2013). 

In this approach, carbide slag, recovered from energy-intensive industrial plants, could be used to 

capture CO2, which is generated by industrial plants, and then used as raw materials to produce 

cement (Liu et al., 2012; Manovic & Anthony, 2010; Valverde, 2013).  
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 Previous studies discussing CO2 capture with carbide slag or modified carbide slag 

reported that carbonate conversions up to 28% could be reached after 100 calcination/carbonation 

cycles in the optimal temperature range of 650–700 °C (Li et al., 2012). Modified sorbents 

produced from carbide slag using reagents such as aluminum nitrate hydrate and glycerol water 

solution and propionic acid has higher CO2 capture capacity compared to untreated slag. While 

these studies focused on enhancing the conversion of carbide slag, there was a limited fundamental 

understanding of the phase transitions and textural behavior of the key constituents of carbide slag 

such as calcium hydroxide (Li et al., 2015; Sun et al., 2013). This fundamental understanding is 

essential for engineering efficient reaction routes for accelerated carbon mineralization with 

targeted conversions to minimize the associated energy consumption and costs.  

 In this paper, the evolution of calcium carbonate phases from calcium hydroxide and the 

corresponding changes in the roughness of the pore-solid interface are investigated using in-

operando synchrotron ultra-small, small, and wide angle X-ray scattering 

(USAXS/SAXS/WAXS) measurements (Gadikota, 2014; Gadikota et al., 2014, 2015, 2017; 

Gadikota & Park, 2015, 2014; Ilavsky et al., 2018; Liu & Gadikota, 2018). The wide angle X-ray 

scattering measurements provide unambiguous insights into the structural changes, while ultra-

small and small angle X-ray scattering measurements reveal the changes in the textures of the 

pore-solid interface during the carbon mineralization of calcium hydroxide to produce calcium 

carbonate. Calcium hydroxide is continuously reacted with CO2 flowing at 1 atm while being 

heated from 30 °C to 500 °C in a capillary reaction cell as the multi-scale X-ray scattering 

measurements were taken. While recent efforts by Benedetti, Ilavsky and co-workers relate the 

reactivity of calcium oxide with CO2 during carbonation and calcination cycles using 
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microstructural modeling of the USAXS (Benedetti et al., 2019), in this study, we systematically 

track the structural evolution of calcium carbonate as it is formed from calcium hydroxide.    

4.2 Experimental Methods 

4.2.1 Materials and Methods 

 Calcium hydroxide powder procured from Himedia Laboratories (West Chester, PA, USA) 

was placed in a quartz capillary with an internal diameter of 1.3 mm and thickness of 0.2 mm 

(Friedrich & Dimmock Inc., Millville, NJ, USA) and loaded into a capillary cell holder (Chupas 

et al., 2008). Glass wool was placed at both ends of the capillary to hold the powder in place. CO2 

was continuously supplied at a flow rate of 10 mL/min. Temperatures in the range of 29 °C to 502 

°C were investigated and the ramp rate was set to 4.73 °C /min. The surface area and cumulative 

pore volume of Ca(OH)2 used in this experiment is 8.65 (±0.82) m2/g and 0.0134 (±0.0017) mL/g, 

respectively. The pore size distribution of calcium hydroxide is shown in Figure 4.1.  

4.2.2 USAXS/SAXS/WAXS Measurements 

  The multi-scale X-ray scattering measurements were performed at Sector 9-ID at the 

Advanced Photon Source (APS) in Argonne National Laboratory (ANL), Argonne, IL (Ilavsky et 

al., 2009). Temporal uncertainties in the collected data were reduced with rapid acquisition times 

which were set to 90 s, 30 s, and 30 s for USAXS, SAXS, and WAXS, respectively. The total X-

ray flux, energy and corresponding wavelength were 10-13 photon s-1, 21.0 keV, and 0.59 Å, 

respectively. SAXS and WAXS measurements were calibrated using silver behenate and the NIST 

standard reference material, SRM 640d (Si), respectively (Black et al., 2010). Data analyses were 

performed in the Irena and Nika software packages embedded in IgorPro (Wavemetrics, Lake 

Oswego, OR) (Ilavsky, 2012; Ilavsky & Jemian, 2009).  
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4.3 Results and Discussion 

4.3.1 Phase transformations during the carbon mineralization of calcium hydroxide 

 The changes in the structure of calcium hydroxide were determined from the wide angle 

X-ray scattering data. The characteristic peak of calcium hydroxide which corresponds to the (1 0 

0) reflection at q = 2.024 Å-1 undergoes significant changes with continuous CO2 flow as the 

temperature increases (Figure 4.2) (Petch, 1961). The shift in the characteristic peak to lower q or 

larger d values corresponds to thermal expansion, as reported in previous studies (Gadikota et al., 

2017; Liu & Gadikota, 2018). Tracking the changes in the integrated intensity of calcium 

hydroxide peak yields important insights into the onset of carbon mineralization behavior. The 

relative integrated intensity of calcium hydroxide as it reacts with CO2 and with increasing 

temperature is shown in Figure 4.2(b). As the reaction temperature is increased to 400 °C, the 

peak intensity is reduced to 60% of the original value at ambient temperature (Figure 4.2(b)). A 

steeper reduction in the integrated peak intensity to 15% of the original value at ambient 

temperature is noted as the reaction temperature increases to 500 °C. These observations were 

consistent with the changes in the characteristic (0 0 1) reflection of calcium hydroxide at q = 1.28 

Å-1. The relative integrated intensity of this peak decreases from 80 % at 400 °C to 30 % at 500 

°C, which provides additional validation of major structural changes of calcium hydroxide to 

produce calcium carbonate. The disappearance of the characteristic peaks of calcium hydroxide as 

it is reacted with CO2 is consistent with previous studies (Li et al., 2012; Materic & Smedley, 

2011; Nikulshina et al., 2007). 

 The disappearance of the calcium hydroxide peaks corresponds to the onset of calcium 

carbonate peaks. The onset of three different phases of calcium hydroxide: aragonite, vaterite and 

calcite is noted during the carbon mineralization process. The characteristic peaks of calcite (0 1 
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2) at q = 1.63 Å-1, vaterite (1 1 0) at q = 3.02 Å-1, and aragonite (2 1 0) at q = 2.53 Å-1 in WAXS 

regime, all start to emerge at 300 °C. These data suggest that all types of CaCO3 form at the same 

time, instead of transforming from one structure to another (Chessin et al., 1965; Negro & 

Ungaretti, 1971; Kamhi, 1963). The integrated peak intensities show that the growth of the calcium 

carbonate phases is significantly enhanced as the temperature increases above 400 °C (Figure 4.3). 

These observations are consistent with previous investigations (Materic & Smedley, 2011). It was 

also interesting to note that the formation of calcium carbonate phases did not level off on heating 

to 500 °C suggesting that less than 100% conversion of calcium hydroxide to calcium carbonate 

was achieved (Figure 4.3). A comparison of the wide angle X-ray scattering data at 30 °C and 497 

°C suggests that the amount of calcium hydroxide present in the sample reacted at 497 °C may be 

too small to be detected compared to the abundance of the calcium carbonate present (Figure 4.4). 

It was also interesting to note the formation of denser calcium carbonate phases compared to the 

less dense calcium hydroxide material. The densities of calcite, vaterite, and aragonite are 2.71, 

2.65, and 2.94 g/cm3 respectively (Christy, 2017). In comparison, the density of calcium hydroxide 

is 2.21 g/cm3. The influence of forming more dense phases on the textural properties of the end 

product are discussed in the following section.  

4.3.2 Evolution of the pore-solid interface during the carbon mineralization of calcium 

hydroxide 

 As discussed in the previous section, the changes in the density and shape of the product 

phases during carbon mineralization may potentially impact the morphology of the material as the 

reaction proceeds. Insights into the morphological changes of calcium hydroxide as it is converted 

to calcium carbonate are obtained from the combined Ultra-Small and Small Angle X-Ray 

Scattering (USAXS/SAXS) data. The combined USAXS/SAXS data of calcium hydroxide during 
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carbon mineralization is represented at temperatures in the range of 29-300 °C and 325-502 °C in 

Figure 4.5 (a) and Figure 4.5 (b), respectively.  

The intensity of the USAXS/SAXS data did not change significantly on heating from 

ambient temperature to 300 °C as shown in Figure 4.5 (a). The small reduction in the intensity of 

the scattering data at q in the range of 0.1 to 2 Å-1 suggests a coarsening in the morphology of the 

calcium hydroxide. Significant reduction in the scattering intensity, particularly in the range of 

0.01 – 0.1 Å-1 is noted. This reduction corresponds to the onset and growth of denser calcium 

carbonate phases and depletion of calcium hydroxide (Figure 4.5 (b)). These data suggest that the 

newly formed CaCO3 phases may occupy the pores of calcium hydroxide resulting in a lower 

scattering intensity.  

Determination of the Porod slopes in the q-range of 0.001-0.01 Å-1 and 0.01-0.1 Å-1 

provided detailed insights into the pore-solid interface. Previous literature reports the fractal 

character of porous materials such as calcium hydroxide, (surface fractal dimension Ds = 2.0 

(Richards et al., 2000)) calcium carbonate, (surface fractal dimension, Ds = 1.7665 (Liang et al., 

2014)) cementitious materials (The fractal dimension found was universally 1.25 in pore boundary 

fractal terms (Diamond, 1999)), shales (surface fractal dimension based on the Porod slope is 3.4 

(Liu & Gadikota, 2018d)) using scattering techniques. In this study, the fractality of the 

microstructure is probed in the q regions of 0.001-0.01 Å-1 and 0.01-0.1 Å-1 using the universal 

porod slope model. The porod slope is calculated based on the relationships shown below, where 

I (q) represents the scattering intensity and the n represents the porod slope.  

𝐼	(𝑞) = 	 �
��
+ 𝐵         (Equation 4.1) 

logN�[𝐼	(𝑞) − 𝐵] = 	 logN� 𝐴 −	 𝑛 logN� 𝑞		      (Equation 4.2) 
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The growth of denser and crystalline calcium carbonate phases results in increasingly 

smoother pore-solid interfaces in the high q and low q regimes as shown in Figure 4.5. Porod 

slope in the low q regime is in the range of 2-3, which is indicative of a branched or mass fractal 

morphology at larger length scales. Porod slopes in the high q regime are in the range of 3-4, which 

is indicative of a surface fractal morphology or rough pore-solid interfaces. The changes in the 

porod slopes were much larger in the high q regime as opposed to in the low q regime suggesting 

that the morphologies at the larger length scales are branched while the local microstructures are 

characterized by surface fractal morphologies (Figure 4.6). These data also suggest that the 

changes in the local microstructure are much larger compared to the changes in the bulk 

morphology. The increase in the porod slope from 3.3 to 3.6 in the high q regime of the 

USAXS/SAXS data suggests that the relative smoothness of the pore-solid interface may be 

enhanced during the growth of the calcium carbonate phases. These observations are consistent 

with previously observed studies that report smoother pore-solid interfaces resulting from the 

growth of denser, crystalline phases.  

 

4.4 Conclusions 

 In this study, we report the phase transitions and the textural changes as calcium hydroxide, 

one of the significant components of alkaline industrial residues, is converted to calcium carbonate 

using in-operando Ultra-Small, Small, and Wide Angle X-Ray Scattering 

(USAXS/SAXS/WAXS) measurements. The onset of calcium carbonate formation is noted at 300 

°C and the progressive growth of these phases is noted as the temperature increases to 500 °C. The 

simultaneous onset of three different calcium carbonate phases identified as calcite, vaterite, and 

aragonite are reported. Textural changes as calcium hydroxide is converted to calcium carbonate 
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are noted. The pore-solid interface in the high q regime in the range of 0.01-0.1 Å-1 is representative 

of a surface fractal morphology. Reduced roughness of the pore-solid interface is noted due to the 

formation of denser and crystalline phases of calcium carbonate. These data suggest that 

connecting the phase transitions and the morphologies of alkaline-bearing materials as they are 

converted to their respective carbonates has important implications for process scale 

considerations such as the temperature conditions that yield optimal composition and morphology 

of the desired end-products. 
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Figure 4.1 The cumulative pore volume (a) and pore volume distribution (b) of unreacted calcium 

hydroxide using BET measurements. 

  

(a) (b) 



 54 

 

 

 

Figure 4.2 Changes in the characteristic peak of calcium hydroxide (d = 3.105 Å, q = 2.024 Å-1, h 

k l: (1 0 0)) and the integrated peak intensity are represented in (a) and (b) respectively (Petch, 

1961b). The relative integrated intensity of calcium hydroxide represented in (b) is the integrated 

intensity of the characteristic peak at a given temperature normalized to the integrated intensity at 

30 °C. Vertical bars in (b) represent estimated 5% standard deviation uncertainties. 

  

(a) (b) 
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Figure 4.3 Changes in the characteristic carbonates peaks:  calcite (d = 3.85 Å, q = 1.63 Å-1, h k l: 

(0 1 2)) (Chessin et al., 1965) in (a-1), vaterite (d = 2,08 Å, q = 3.02 Å-1, h k l: (1 1 0)) (Kamhi, 

1963) in (b-1), and aragonite (d = 2.48 Å, q = 2.53 Å-1, h k l: (2 1 0)) (Negro & Ungaretti, 1971) 
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in (c-1) as calcium hydroxide is reacted with CO2 at reaction temperatures in the range of 30 °C to 

500 °C. The integrated peak intensities of calcite, vaterite, and aragonite are shown in Figures (a-

2), (b-2), and (c-2) respectively. Vertical bars represent estimated 5% standard deviation 

uncertainties in Figures (a-2), (b-2), and (c-2). 
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Figure 4.4 Identification of the characteristic peaks in unreacted and reacted calcium hydroxide at 

30 °C and 497 °C, respectively, using Wide Angle X-Ray Scattering (WAXS) measurements. Peak 

identification is based on the crystallographic data reported for calcium hydroxide (Petch, 1961b), 

calcite (Chessin et al., 1965; Maslen et al., 1993), vaterite (Christy, 2017; Kamhi, 1963), and 

aragonite (Negro & Ungaretti, 1971). 
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Figure 4.5 Changes in the combined slit-smeared USAXS/SAXS data as calcium hydroxide is 

reacted with CO2 where (a) and (b) represent temperatures in the range of 29 °C to 300 °C and 325 

°C to 502 °C, respectively. 

  

(a) (b) 
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Figure 4.6 Porod slopes as calcium hydroxide is reacted with calcium carbonate are represented. 

Low q and high q ranges represent 0.001-0.01 Å-1 and 0.01-0.1 Å-1, respectively. The data was 

obtained after desmearing the USAXS/SAXS data shown in Figure 5. Porod slope of 1 and 4 

indicated scattering from rigid rods and smooth surfaces, respectively. Porod slopes in the range 

of 2-3 and 3-4 are indicative of branched systems or networks also known as mass fractals and 

rough interfaces with a fractal dimension, D where n = 6 - D represents a surface fractal. 
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CHAPTER 5  

INTEGRATED CO2 CAPTURE, CONVERSION AND STORAGE TO 

PRODUCE CALCIUM CARBONATE USING AN AMINE LOOPING 

STRATEGY  

The contents of this chapter have been published as a scientific peer-reviewed journal at Liu, M., 

& Gadikota, G. “Integrated CO2 Capture, Conversion and Storage to Produce Calcium Carbonate 

Using an Amine Looping Strategy.” Energy & fuels 33, 3 (2018): 1722-1733.  

5.1 Introduction 

It has been shown that scalable reductions in CO2 emissions at the gigaton scale can only 

be achieved by developing a portfolio of options.(Pacala & Socolow, 2004; Socolow & Pacala, 

2006) In this context, several technologies have been developed to capture CO2 from flue gas 

streams (Wilcox, 2012), and store CO2 in geologic environments (Thomas & Benson, 2005). 

However, one approach that has been largely unexplored is the concept of integrating CO2 capture 

and storage with the potential for utilization. Some of the key considerations with approaches that 

propose utilization is the potential permanence of the desired end product and the energy associated 

with the conversion process (Mac Dowell et al., 2017). The conversion of CO2 to calcium and 

magnesium carbonates also known as carbon mineralization, is a thermodynamically downhill 

pathway that ensures the long-term and environmentally benign storage of CO2. With increasing 

interest in process intensification, we propose a novel integrated approach of looping CO2-bearing 

amine-bearing solvents such as monoethanolamine (MEA) with accelerated conversion of CO2 to 

calcium and magnesium carbonate-bearing materials.  
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Extensive studies have been dedicated towards accelerated carbon mineralization via direct 

CO2-reaction fluid-mineral interactions (Chizmeshya et al., 2007; Gadikota et al., 2013; 

Gerdemann et al., 2007), and indirect approaches that involve decoupling the recovery of calcium 

and/or magnesium cations and the conversion of these cations to their respective carbonates (Park 

et al., 2008; Park & Fan, 2004; Zhao et al., 2013). These approaches were proposed to overcome 

kinetic challenges associated with CO2 hydration, dissolution of the alkaline-bearing materials, 

and the precipitation of calcium and magnesium carbonates, depending on the temperature, 

pressure, and chemistry of the aqueous phase and the reacting solids (Gadikota et al., 2013; 

Giammar et al., 2005). While a few pathways explored the use of flue gas concentrations of CO2 

for carbon mineralization, the time-scales of these reactions are often to the order of several days 

(Harrison et al., 2012). Therefore, the use of temperatures above 100 oC and CO2 partial pressures 

in the range of 1-150 atm were often used to accelerate carbon mineralization to the order of a few 

hours (Gadikota et al., 2013). 

Further, solution compositions comprising strong acids (Maroto-Valer et al., 2009) or weak 

organic acids (Park et al., 2008; Park & Fan, 2004; Zhao et al., 2013) were proposed to aid the 

dissolution kinetics. Dual purpose additives such as NaHCO3 which buffer the pH and serve as a 

carbon source were extensively investigated to achieve simultaneous dissolution and conversion 

to calcium and magnesium carbonates (Gadikota et al., 2013). The use of alkaline solutions such 

as NaOH and NH4OH were proposed to enhance the precipitation of calcium and magnesium 

carbonate. Efforts to enhance the hydration of CO2 led to the use of natural and engineered 

bioenzymes such as carbonic anhydrase (Favre et al., 2009; Mirjafari et al., 2007). Challenges 

related to the formation of mass transfer limiting layers in calcium and magnesium bearing silicate 

rocks were surmounted using abrasives and via attrition grinding to increase the reactive surface 
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areas of these materials (Chizmeshya et al., 2007; Park & Fan, 2004). These efforts in exploring 

the parametric space for enhancing carbon mineralization along with chemical and physical 

activation approaches led to transformative insights for accelerating carbon mineralization which 

typically occurs to the order of several years at the field scale to the order of a few minutes and 

hours at the laboratory scale. 

Another key consideration is the chemistry of the reacting solid. While the reactivities of 

calcium and magnesium oxides and hydroxides is high given the ease of dissolution of these 

materials to release calcium and magnesium ions into the solution phase, it is important to consider 

less reactive Ca and Mg-bearing silicate and alumino-silicate materials to achieve the scalable 

conversion of CO2 to calcium and magnesium carbonates. Assessments of the reactivity of calcium 

and magnesium-bearing silicates and alumino-silicate bearing rocks and minerals showed that the 

materials with simpler crystal structures such as wollastonite (CaSiO3) and olivine (Mg2SiO4) 

yielded higher reactivities while complex alumino-silicates such as labradorite, anorthite, and 

basalt yielded lower reactivities (Gadikota, 2014). However, the abundance of basalt is much 

greater compared to that of wollastonite. These data suggested that the field scale conversion of 

CO2 to calcium and magnesium carbonates may be achievable using less reactive but earth 

abundant materials such as basalt, while engineered and reproducible processes may be used to 

produce calcium and magnesium carbonates from highly reactive but less abundant materials such 

as wollastonite.  

Assessing the potential for carbon mineralization as a potential CO2 utilization and storage 

option is important. In this context, several gigatons of carbon can be stored in natural geologic 

materials while 200-300 Mt of CO2 can be stored in alkaline industrial residues annually (Sanna 

et al., 2012). These alkaline industrial residues can include (but not limited to) fly ash, steel slag, 
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cement kiln dust, red mud, mining wastes and electronic-waste slags produced from coal-fired 

power plants, steel manufacturing plants, cement industries, aluminum production units, mining, 

and electronic waste processing industries, respectively. However, there is significant variability 

in the calcium and magnesium content of the alkaline industrial residues. Regardless, calcium 

oxides and calcium silicates are often the dominant constituents of these materials (Gadikota & 

Park, 2015). Therefore, in this study, we propose to explore a novel amine-looping strategy for the 

enhanced conversion of CO2 to calcium carbonate using calcium oxide and silicate. With 

increasing deployment of CO2 capture facilities with amine-bearing solvents such as the Petra 

Nova and Boundary Dam projects (Jenkins, 2015; Stéphenne, 2014), it is becoming increasingly 

important to integrate CO2 conversion with capture.  

In this study, we propose two modes for coupling the conversion of CO2 to calcium and 

magnesium carbonates to the regeneration of amine-bearing solvents. In the first mode, CO2 

bearing flue gas streams are continuously fed to a slurry system composed of MEA as the amine-

bearing solvent. In this mode, MEA aids the capture of CO2 from the flue gas stream and the 

release of the bound CO2 to the dissolved calcium to form calcium carbonate. In the second mode, 

CO2-loaded MEA is directly reacted with the alkaline industrial residues. The modes and the 

corresponding reactions occurring in the slurry phase are shown in Figure 5.1. The first mode is 

intended to explore the potential for capturing CO2 from highly concentrated flue gas streams 

while utilizing pH-aided in-situ amine swing to produce calcium carbonate. In the second mode, 

the influence of CO2-loaded amines on the accelerated conversion to calcium carbonates is 

explored. A comparison of these two approaches will allow us to explore the potential two 

possibilities. The first approach allows us to explore the feasibility of using flue gas streams with 

accelerated carbon mineralization coupled to amine regeneration. The second approach explores 
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the potential integration of CO2-loaded amines with carbon mineralization for integration with an 

adsorption column for CO2 capture. These proposed approaches are explored with calcium oxide 

and calcium silicate with varying concentrations of MEA in the aqueous phase and at temperatures 

in the range of 25-90 oC for reaction times of three hours.  

Another consideration is the stability of calcium carbonate in varying pH conditions. The 

storage of calcium and magnesium carbonates in reclaimed mine sites has been suggested. 

However, the long-term stability is an important consideration along with the potential changes in 

the morphology and structure of these materials in the natural environment. In this study, we used 

synchrotron X-ray reflectivity measurements to evaluate the changes in the calcite surfaces when 

exposed to varying pH environments. While X-ray reflectivity and truncation rod measurements 

have been used to determine the arrangement of interfacial water at calcite surfaces (Fenter & 

Sturchio, 2012), and the surface speciation of calcite (Fenter et al., 2000), our studies provide direct 

evidence of the changes in the roughness of calcite interfaces at varying pH conditions. The 

experimental details are discussed in the following sections.  

5.2 Experimental Methods 

The integrated carbon mineralization approach with amine looping was tested using 

calcium oxide and calcium silicate. Calcium oxide and calcium silicate were procured from Fisher 

Scientific and Alfa Aesar, respectively. The mean particle sizes of calcium oxide and calcium 

silicate are 95.3 µm and 12 µm, respectively. The surface area of calcium oxide and calcium 

silicate 11.69 m2/g and 5.15 m2/g, respectively. The accumulative pore volume of calcium oxide 

and calcium silicate are 0.03765 cc/g and 0.03049 cc/g, respectively. The carbon mineralization 
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experiments were performed with MEA. MEA with a purity of 98% was purchased from Alfa 

Aesar.  

5.2.1 Integrated carbon mineralization with in-situ amine looping 

 The carbon mineralization experiments with in-situ CO2 capture and release of MEA were 

performed in a reactor operated in batch and flow-through modes (Parr Reactor, Series 4590 Micro 

Stirred Reactor). A typical experiment involved mixing 3 g of the solid reactant with 17 g of the 

fluid, after which the reactor was sealed. The stirring rate was set to 300 rpm ± 5 rpm for all the 

experiments reported in this study which provided sufficient heat and mass transfer. In Mode 1, 

the aqueous phase was composed of MEA with compositions of 10, 30, and 50 wt%. The reactor 

was then connected to a CO2 gas tank to continuously supply pure CO2 at a pressure of 1 atm. The 

gas phase was composed of pure CO2 in Mode 1. In Mode 2, MEA was loaded with CO2 prior to 

the carbon mineralization experiments. The CO2-loaded MEA, water and unreacted solids were 

mixed in the reactor. CO2 gas was not supplied to the reactor in this mode. Therefore, in Mode 2, 

carbon mineralization proceeds in a liquid-solid environment unlike in Mode 1 where a continuous 

supply of CO2 is provided.  

The experiments in Modes 1 and 2 were performed for a reaction time of 3 hours. The 

reactor system typically took about 15-20 minutes to reach the desired setpoint which marked the 

beginning of the experiment. After the reaction time of 3 hours, the reactor temperature was reset 

to room temperature and the CO2 supply is turned off. The system typically takes about 20 minutes 

to cool down to room temperature, after which the contents are removed and separated using 

vacuum filtration. The collected solid product was dried in an oven at 105 °C for 12 hours prior to 

characterization.  
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5.2.2 Characterization of the reactants and products in the carbon mineralization 

process 

The carbon content in the reacted solids was determined using Thermogravimetric 

Analyzer (TGA, TGA 550, TA Instruments) based on the change in the weight of the sample on 

heating. The heating rate was set to 5 °C/min and the flow rate of the N2 gas was 25 mL/min. As 

discussed in Gadikota et al. (Gadikota et al., 2013), and summarized as follows, the extent of 

carbonation, 𝑌#$%,���  is a measure of the ratio of the amount of CO2 present in the sample with 

respect to the CO2 storage capacity, and is represented by the following equation: 

𝑌#$%	,��� = 	𝑅#$%	 	× 	(
���

N��9���
) × 	100%      (Equation 5.1) 

In the equation above, the weight change (in percent) of the carbonate-bearing calcium oxide and 

calcium silicate precursors at the calcination temperature in the range of 650-800 oC is represented 

by TGA. The amount of CaO or CaSiO3 needed for storing a unit mass of CO2 is defined as 

𝑅#$%(Gadikota et al., 2013).  

 Further, carbon mineralization is expected to have a significant influence on the 

morphology of the produced materials. To determine the morphologies of the materials before and 

after the carbon mineralization process, particle size analyses (LS 13 320, Beckman Coulter) and 

pore size analyses (BET Autosorb1, Anton Paar) were performed. These measurements were 

supported by scanning electron microscopy (SEM, Hitachi High Technologies America, Hitachi 

S3400-N) images. Attenuated Total Reflectance – Fourier Transform – Infrared Spectroscopy 

(ATR-FTIR, Thermo Fisher Nicolet iS10) measurements were performed to determine the 

chemical species formed.  
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5.2.3 X-ray reflectivity measurements 

 The X-ray reflectivity measurements were performed to determine the surface 

morphological changes in calcite when exposed to solutions in varying pH conditions. These 

measurements are intended to provide into the insights into the morphological stability of the 

calcite surfaces in the context of permanent carbon storage. To describe briefly, X-ray reflectivity 

(XRR) is the ratio of the reflected to incident X-ray flux and is based on the Fresnel reflectivity 

Law where reflected angle equal to incident angle on perfectly sharp and smooth surface. This 

approach can be used to describe the laterally averaged electron density profile, 𝜌(𝑧) near a 

reflecting interface 𝑅 =	 (4𝜋𝑟¡/𝑄)(	¤∫ 𝜌(𝑧)𝑒§¨©𝑑𝑧¤
(

, where 𝑄 = (4𝜋/𝜆)sin	(𝜃) , and 𝜃  is the 

angle of incidence to the surface plane, and 𝜆 is the wavelength of the X-ray (Feidenhans’l, 1989; 

Fenter et al., 2000). In this study, X-ray reflectivity measurements are used to determine the 

changes in the surface roughness of smooth calcite surfaces. While bulk measurements suggest 

that significant dissolution of calcite does not occur at pH conditions of 3 (Fenter, 2002), these 

XRR measurements are intended to probe possible morphological changes in calcite surfaces on 

dissolution.  

The XRR measurements was performed at Sector 12-ID-D at Advanced Photon Source 

(APS) in Argonne National Laboratory (ANL), Argonne, IL. The X-ray energy used was 20 keV, 

which corresponds to a wavelength of 0.6199 Å. The beam size was set in the range of 100-110 

𝜇m. The incident X-ray flux was measured by an ion chamber, and the reflected flux was measured 

using a NaI scintillation detector. The calcite sample used was Iceland spar donated by the Geology 

Museum at the University of Wisconsin. The calcite surface (1 0 4) was cleavage manually and 

the cleaved thin slide was mounted on the sample cell by a thin layer Kapton film. XRR 
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measurements of the calcite surface were performed when exposed to air, and fluidic environments 

in pH 3, 5, and 7 environments. The solution was continuously supplied using a flow-through 

system with the mounted sample connected to a 50 mL syringe. The air bubbles were carefully 

eliminated to prevent interference with the reflectivity measurements. The X-ray reflectivity 

measurements were performed at ambient temperature around 20 oC. Each measurement took 

around 45 – 60 minutes for one complete measurement.  

5.2.4 Wide Angle X-ray Scattering (WAXS) measurement 

To determine the structural and changes when reacting with CO2 flowing through, the 

WAXS measurements were performed at Sector 9-ID at Advanced Photon Source (APS) in 

Argonne National Laboratory (ANL), Argonne, IL. The total X-ray flux used in this measurement 

was 10-13 photon s-1. The energy of the X-ray used in this experiment was 21.0 keV, which 

corresponded to a wavelength of 0.59 Å. The calibrations of measurements used silver behenate 

and the NIST standard reference material, SRM 640d (Si). 

5.3 Results and Discussion  

5.3.1 Effect of MEA concentration 

 One of the primary objectives of this study is to investigate whether amine-bearing solvents 

can effectively capture and transfer CO2 to dissolved cations to form water-insoluble calcium 

carbonate. To investigate this hypothesis, carbon mineralization experiments were performed in 

two modes as shown in Figure 5.1. In the first mode, high purity CO2 gas was continuously 

supplied to a reactor system composed of a slurry of calcium oxide or calcium silicate mixed with 

MEA. MEA was chosen as the model solvent to investigate this hypothesis. In this mode, MEA is 

expected to actively capture CO2 in the aqueous phase. Further, the alkalinity of the aqueous phase 
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is above pH 8 which aids the release of CO2 as carbonate and bicarbonate species to precipitate 

calcium carbonate. In the second mode, MEA was pre-loaded with CO2 before adding the alkaline 

calcium oxide and silicate substrates. CO2 gas was not continuously supplied. Unlike in Mode 1, 

CO2 supply is limited in Mode 2. However, the chemical reactions in the aqueous phase which 

include the uptake of CO2, release of bicarbonate and carbonate species, dissolution of calcium 

oxide and calcium silicate, and precipitation of calcium carbonate are expected to be similar in 

Modes 1 and 2.  

To investigate the influence of variable concentrations of MEA, experiments were 

performed with deionized water without MEA, 10, 30, and 50 wt% of MEA at a reaction 

temperature of 50 oC for 3 hours and a stirring rate of 300 rpm. In the absence of MEA, the extents 

of carbonation of calcium oxide and calcium silicate are 24.3 % and 20.3 %, respectively (Figure 

5.2(a)). These experiments were performed in Mode 1 where CO2 at a pressure of 1 atm was 

continuously supplied to the reactor. The significant differences in the reactivity of calcium oxide 

and silicate are attributed to differences in these materials. Calcium oxide dissolves readily in water 

to produce calcium hydroxide while the recovering Ca2+ cations from the calcium silicate matrix 

is challenged by the slow dissolution rates in the absence of induced acidic environments. Further, 

it was interesting to note a significant change in the particle size distribution of calcium oxide 

before and after the carbon mineralization process (Figure 5.2(b-1)). The mean particle size of 

calcium oxide reduced from 95.3 µm to 13.4 µm on reacting with CO2 to form calcium carbonate. 

These data suggested that calcium oxide completely dissolves prior to the nucleation and growth 

of calcium carbonate. In comparison, the particle size distribution profiles of calcium silicate 

before and after carbon mineralization did not change significantly (Figure 5.2(c-1)). The mean 

particle size of calcium silicate changed from 12 µm to 6.5 µm on carbon mineralization. This 
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change is attributed to the reduction in the volume of particles in the range of 20 µm to 100 µm, 

and an increase in the volume of particles in the range of 2-10 µm.  

In Mode 1 which is characterized by a continuous supply of CO2, the extents of carbonation 

achieved with CaO are 29.1, 89.2, and 92.9 % in a solution composed of 10, 30, and 50 wt % of 

MEA, respectively. These data provide direct evidence of near complete conversion of calcium 

oxide to calcium carbonate in high concentrations of MEA. In Mode 2 however, where amine-

bearing solvents pre-loaded with CO2 were introduced into the reactor system, the extent of carbon 

mineralization of calcium oxide were 10.4, 36.7, and 80.0 % in a solution composed of 10, 30, and 

50 wt% of MEA, respectively (Figure 5.2(a)). These data suggest that at higher MEA 

concentrations of 30 and 50 wt% enhance the availability of CO2. It is also interesting to note that 

in Mode 1 with continuous flow of CO2, the particle size of calcium carbonate synthesized in 50 

wt% MEA was 9.7 µm compared to 55.2 µm. Further, the particle size distribution profiles indicate 

the formation of finer particles of calcium carbonate in Mode 1 as opposed to in Mode 2 (Figures 

5.2(b-1) and (b-2)). The cumulative pore volume of calcium carbonate produced with 50 wt% 

MEA and via Mode 1 at 50 oC was 0.091 cc/g compared to that of unreacted calcium oxide at 

0.038 cc/g, and the BET surface area changed from 11.69 m2/g to 14.04 m2/g, suggesting the 

formation of porous calcium carbonate starting from less porous precursors such as calcium oxide.  

Unlike calcium oxide, the reactivity of calcium silicate was much lower in Modes 1 and 2 

even at high concentrations of MEA. The extents of calcium carbonate formation starting with 

calcium silicate are 20.3, 9.6, 6.2, and 36.3 % in deionized water, 10, 30, and 50 wt% MEA, 

respectively in Mode 1 with a continuous supply of CO2. The lower than expected extents of 

carbon mineralization of calcium silicate in the presence of 10 and 30 wt% MEA suggest that at 

these conditions, the pH may not be suitable to aid the simultaneous dissolution and carbon 
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mineralization behavior of calcium silicate. Further, the cumulative pore volumes of unreacted and 

reacted calcium silicate with an extent of carbon mineralization of 36 % were determined to be 

0.001 and 0.005 cc/g, respectively. These data suggest a small increase in the cumulative pore 

volume of the carbonate-bearing calcium silicate compared to unreacted calcium silicate.  

When these experiments are performed in Mode 2, i.e., with pre-loaded CO2-bearing MEA, 

the extents of carbonation were 14.0, 7.0, and 9.0 %. These low extents of carbon mineralization 

may be attributed to the limited availability of CO2 along with lower than expected dissolution and 

carbon mineralization behaviors of calcium silicate. It was interesting to note the particle size 

distributions did not change significantly at low extents of carbon mineralization of calcium 

silicate (Figures 5.2(c-1) and 5.2(c-2)). The mean particle size decreased from 12 µm to 6.5 µm 

for an extent of carbon mineralization of 20.3 % when calcium silicate is reacted with water at 50 

oC in Mode 1. A higher extent of carbon mineralization of calcium silicate to 36 % in the presence 

of 50 wt% MEA and at 50 oC resulted in a mean particle size of 10.7 µm (Figure 5.2(c-1)). The 

mean particle size of calcium silicate reacted in Mode 2 in 50 wt% MEA was 7.1 µm which 

corresponded to an extent of carbonation of 9.0 %. The cumulative pore volume of calcium 

carbonate produced with 50 wt% MEA and via Mode 1 at 50 oC was 0.041 cc/g compared to that 

of unreacted calcium oxide at 0.031 cc/g, and the BET surface area changed from 5.15 m2/g to 

6.31 m2/g. 

5.3.2 Effect of reaction temperature 

As discussed in the previous section, MEA concentrations as high as 50 wt% aid higher 

conversions of calcium-bearing materials such as calcium oxide and calcium silicate to calcium 

carbonate in the presence of a continuous supply of CO2, which is referred to as Mode 1. Further, 

the effect of MEA solvents pre-loaded with CO2 (or Mode 2) yielded lower than expected 
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conversions owing to the limited availability of carbon-bearing species in the aqueous phase. 

When operated in Mode 1, the continuous supply of CO2 facilitated the in-situ looping of MEA to 

capture and release CO2 into the aqueous phase which aided the extent of carbon mineralization. 

Since Mode 1 facilitates higher conversions of CO2 to calcium carbonate in the presence of 50 

wt% MEA, the effect of temperature was probed to determine the optimal conditions that aid the 

conversion of CO2 to calcium carbonate.  The experiments were performed at 25, 50, 75, and 90 

oC in the presence of 50 wt% MEA for a reaction time of 3 hours at constant stirring conditions of 

300 rpm.  

 The extents of calcium oxide converted to calcium carbonate are 13.7, 92.9, 89.0, and 90.9 

% at 25, 50, 75, and 90 oC, respectively in a solution bearing 50 wt% MEA with continuous CO2 

flow at 1 atm for 3 hours (Figure 5.3(a)). These data suggest that near complete conversion of 

calcium oxide to calcium carbonate can be achieved at temperatures as low as 50 oC in a solution 

bearing 50 wt% MEA with continuous CO2 flow at 1 atm. In the absence of MEA, the extents of 

CaO converted to calcium carbonate are 22.1, 24.3, 19.0, and 36.4 % at 25, 50, 75, and 90 oC in 

water, respectively. The extents of carbonation are less than 50 % suggesting that in the absence 

of MEA, limited CO2 supply results in lower conversions. It was interesting to note that at a lower 

conversion of 36.4 % at 90 oC, the mean particle size was 24.4 µm as opposed to 105.5 µm when 

90.9 % conversion is achieved in the presence of 50 wt% MEA and at 90 oC, relative to unreacted 

calcium oxide that has a mean particle size of 95.3 µm.  

  The extents of calcium silicate converted to calcium carbonate are 19.2, 36.3, 7.2, and 15.2 

% at 25, 50, 75, and 90 oC in a solution bearing 50 wt% MEA with continuous CO2 flow at 1 atm 

for 3 hours. This interesting trend is attributed to the higher CO2 absorption capacity of MEA at 

temperatures below 70 oC. At higher temperatures, the desorption of CO2 may reduce the 
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availability of CO2 for carbon mineralization. The highest reported extent of carbonation of 

calcium silicate via direct carbonation mineralization 100 % when reacted at a CO2 partial pressure 

of 40 atm and a temperature of 100 oC in distilled water for one hour.(Gerdemann et al., 2007) 

However, in the absence of pressurized CO2 and elevated temperature of 100 oC, an extent of 

carbonation of 36 % for calcium silicate at 50 oC in a solution bearing 50 wt% MEA with 

continuous CO2 flow at 1 atm for 3 hours is reasonable.  

 Experiments with calcium silicate were also performed with deionized water to contrast 

with the effect of MEA. In the absence of MEA, the extents of calcium silicate conversion to 

calcium carbonate are 10.6, 20.3, 12.7, and 12.5 % at 25, 50, 75, and 90 oC, respectively. These 

data suggest that at 50 oC in the absence of chemical additives, the pH conditions may be conducive 

to aid the simultaneous dissolution and carbon mineralization behavior of calcium silicate. At 50 

oC, the extent of carbon mineralized is 16 % greater in the presence of 50 wt% MEA as opposed 

to in deionized water. A comparison of the particle size distributions of the reacted and unreacted 

calcium silicate also yielded interesting insights. The particle size distributions of the reacted and 

unreacted calcium silicate did not vary significantly (Figures 5.3 (c-1) and 5.3 (c-2)) unlike those 

associated with calcium oxide (Figures 5.3 (b-1) and 5.3 (b-2)). The mean particle sizes of 

calcium silicate reacted in 50 wt% MEA and deionized water at 90 oC were 6.9 µm and 6.3 µm, 

respectively relative to that of unreacted calcium silicate which was 12 µm.  

5.3.3 Characterization of the bulk phases and surface structure of calcium carbonate 

 While the previous studies focused on the determination of the extents of carbon 

mineralization of calcium oxide and calcium silicate, the phases of carbonate-bearing species 

formed is an important consideration. Thermogravimetric analyses showed that calcium oxide was 
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converted to calcium carbonate and calcium hydroxide on reaction with CO2 with the exception of 

the cases where high conversions to calcium carbonate are achieved in 50 wt% MEA at 50, 75 and 

90 oC (Figures 5.4 (a-1) and (a-2)). The decomposition of calcium hydroxide and calcium 

carbonate occurs in the temperature ranges of 350 - 500 oC (Mikhail et al., 1966) and above 650 - 

800 oC (Galan et al., 2013), respectively. The bulk thermogravimetric measurements showed that 

calcium carbonate was the only carbonate-bearing phase formed with calcium silicate as the 

precursor (Figures 5.4 (b-1) and (b-2)).  

ATR-FTIR spectroscopic measurements provided further evidence of the products formed. 

There is clear evidence of -OH groups in calcium oxide reacted in water at 50 oC in Mode 1 and 

in unreacted calcium oxide at 3642 cm-1 (Berzina-Cimdina & Borodajenko, 2012). Frequencies 

that correspond to the vibrational modes of carbonate ions in calcium carbonate at 712, 874, and 

1435 cm-1 (Al-Hosney & Grassian, 2005) in the carbonate-bearing calcium oxide materials are 

shown in Figure 5.5 (a). Carbonate peak corresponding to 1435 cm-1 is evident in the reacted 

calcium silicate materials (Figure 5.5 (b)).  

The dominant phases of calcium carbonate which include orthorhombic aragonite with a 

spiky shape, hexagonal vaterite with plate-like morphology, and rhombohedral calcite are typically 

detected during the conversion of calcium oxide or calcium silicate to calcium carbonate (Gadikota 

et al., 2015). Scanning Electron Microscopy (SEM) images indicated the formation of calcite and 

vaterite when calcium oxide (Figure 5.6 (a-1)) was reacted with 50 wt% MEA at 50 °C 

characterized by a continuous flow of 100 % CO2 at 1 atm (Figure 5.6 (a-2)). However, at similar 

experimental conditions with calcium silicate as the reactant (Figure 5.6 (b-1)), the formation of 

aragonite was evident (Figure 5.6 (b-2)). While previous studies extensively explored the phases 

of calcium carbonate formed starting with wollastonite as the precursor (Min et al., 2017; Zhao et 
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al., 2013). there has been a limited understanding of the stability of calcium carbonate under 

varying pH conditions. This is an important consideration since one of the permanent approaches 

for storing CO2 is in its carbonate form in the natural environment, for example in reclaimed mine 

sites. 

 Considering that these carbonate interfaces may be exposed to varying levels of acidity 

(e.g., acid rain) and alkalinity in the natural environment, understanding the chemical and 

morphological stability of calcite in these environments is important. Further, if there is an interest 

in reusing the calcium carbonate material stored in the mines, it is important to understand how 

progressive exposure to acidic or alkaline environments may change the morphology of these 

materials. Solutions saturated with CO2 typically result in a pH in the range of 3-4. Calcite 

dissolution rates at these pH conditions are to the order of 10-8 mol/cm2/s (Pokrovsky et al., 2005) 

while the dissolution rates are lower as the pH increases to 7.   

 In this study, we probe the changes in the structural stability of calcium carbonate using X-

ray reflectivity (XRR) measurements. Calcite surface cleaved along the (1 0 4) plane was exposed 

to aqueous fluids under various pH conditions, and high resolution X-ray reflectivity 

measurements were performed. These data are represented in Figure 5.7. The features observed 

in the data are in reasonable agreement with previous literature.(Chiarello et al., 1997; Chiarello 

& Sturchio, 1995; Fenter et al., 2000; Fenter & Sturchio, 2012; Geissbühler et al., 2004) The Q 

positions that correspond to the highest intensity which are 2.07, 4.14, and 6.21 Å-1 represent the 

substrate Bragg reflections. The Q positions that correspond to the lowest intensity are the anti-

Bragg positions. As the solution pH decreases from 7 to 5 and 3, a progressive reduction in the 

intensity is noted. Further, the lower intensity and larger error bars at pH 3 suggest that calcite 
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interfaces become increasingly rougher as dissolution progresses. Our studies provide direct 

evidence of a rapidly changing calcite interface at low pH conditions.   

5.4 Conclusions 

 The feasibility of integrating CO2 capture, conversion and storage for carbon 

mineralization is explored using the in-situ amine-looping approach. Two different modes of 

amine looping were explored. In the first mode, CO2 was continuously circulated to facilitate the 

in-situ loading and release of CO2 from MEA into the aqueous phase. In the second mode, MEA 

pre-loaded with CO2 was introduced into the system without a continuous supply of CO2. While 

variations of the second mode were explored in previous studies, the concept of using a continuous 

flow of CO2 for in-situ capture, conversion, and solvent regeneration without changing the process 

conditions shown in Mode 1 is novel. A comparison of both modes allowed us to probe the 

influence of limited CO2 supply on the carbon mineralization behavior of calcium oxide and 

calcium silicate. Complete conversion of calcium oxide to calcium carbonate was achieved using 

both modes. Further, the extent of carbon mineralization achieved with calcium silicate was 36 % 

in Mode 1 as opposed to 20 % in Mode 2 at 50 oC for a reaction time of 3 hours. These data 

suggested that amine-bearing solvents undergo continuous looping between the CO2 loaded and 

release states which facilitate the accelerated conversion of calcium-bearing oxides and silicates 

to calcium carbonate. The formation of calcium carbonate and calcium hydroxide phases was 

noted when less than complete conversions of calcium oxide were achieved. Calcium carbonate 

was the only phase formed on the complete conversion of calcium oxide and the carbon 

mineralization of calcium carbonate. This approach of simultaneous capture, conversion, and 

storage of CO2 to CaCO3 adds to the portfolio of options for integrated pathways reported by 

Lorenzo and coworkers.  



 77 

 

Figure 5.1 Schematic representation of integrated carbon mineralization with in-situ amine 

looping with (a) a continuous supply of CO2 as flue gas with in-situ capture and release of carbon-
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bearing species, and (b) CO2-loaded amine-bearing solvents for in-situ release of carbon-bearing 

species for accelerated mineralization.  
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Figure 5.2 (a) Extent of carbonation of CaO and CaSiO3 reacted with water and 10 wt%, 30 wt%, 

and 50 wt% MEA at 50 °C for 3 hr at PCO2 = 1 atm and a stirring rate 300 rpm. Particle size 

Mode 1 

Mode 1 Mode 2 

Mode 2 
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distribution of CaO (b-1) and CaSiO3 (c-1) reacted with water and 50 wt% MEA at 50 °C in Mode 

1 for 3 hr at PCO2 = 1 atm and a stirring rate 300 rpm. Particle size distribution of CaO (b-2) and 

CaSiO3 (c-2) reacted with 50 wt% CO2 loaded-MEA at 50 °C in Mode 2 for 3 hr and a stirring rate 

300 rpm.    
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Figure 5.3 (a) Extent of carbonation of CaO and CaSiO3 with water and 50 wt% MEA at 25 °C, 

50 °C, 75 °C, and 90 °C in Mode 1 for 3 hr at PCO2 = 1 atm and a stirring rate 300 rpm. Particle 
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size distribution of CaO reacted with water (b-1) and 50 wt% MEA (b-2) at 90 °C in Mode 1 for 

3 hr at PCO2 = 1 atm and a stirring rate 300 rpm. (c-1) Particle size distribution of CaSiO3 reacted 

with water (c-1) and 50 wt% MEA (c-2) at 90 °C in Mode 1 for 3 hr at PCO2 = 1 atm and a stirring 

rate 300 rpm.   
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Figure 5.4 Determination of the phases present in calcium oxide and calcium silicate using 

thermogravimetric analyses (TGA). Modes 1 and 2 represent continuous CO2 flow (PCO2 = 1 atm) 

through a slurry containing MEA and MEA pre-loaded with CO2 without a continuous supply of 

CO2 gas. The effect of water and 10 wt%, 30 wt%, and 50 wt% MEA at 50 °C when reacted for 3 

hr and a stirring rate of 300 rpm with calcium oxide (a-1) and calcium silicate (b-1) are shown. 

The effect of temperature (25 °C, 50 °C, 75 °C, and 90 °C) in water and 50 wt% MEA when 
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reacted for 3 hr and a stirring rate of 300 rpm with calcium oxide (a-2) and calcium silicate (b-2) 

are shown. 
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Figure 5.5 Changes in the phases present in the reacted and unreacted calcium oxide (a) and 

calcium silicate (b) materials are represented by ATR-FTIR spectra. Spectra in black represents 

the unreacted calcium-bearing materials. Spectra in red and blue represents calcium oxide and 

calcium silicate reacted in water and MEA at 50 °C with continuous CO2 flow (PCO2 = 1 atm) for 

3 hours and a stirring rate of 300 rpm.  
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Figure 5.6 Comparison of the morphological changes in unreacted calcium oxide (a-1) and 

calcium silicate (b-1) with calcium oxide (a-2) and calcium silicate (b-2) reacted with 50 wt% 

MEA at 50 °C when reacted for 3 hours and a stirring rate of 300 rpm. 

  

(a-1) (a-2) 

(b-1) (b-2) 
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Figure 5.7 Identification of unreacted CaO, CaO reacted with H2O and 50 wt % MEA at 50 °C in 

Mode 1. Peak identification is based on the crystallographic data reported for CaO, Ca(OH)2, 

calcite, vaterite, and aragonite. 
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Figure 5.8 Cumulative pore volume of unreacted CaO and CaSiO3 and reacted with 50 wt% MEA 

at 50 °C when reacted for 3 hours and a stirring rate of 300 rpm. 
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Figure 5.9 X-ray reflectivity data representing changes in the calcite surface when exposed to air, 

solutions with a pH of 7, 5, and 3. Larger error bars in the data at pH 3 condition correspond to the 

increasing surface roughness of the calcite surface.  
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CHAPTER 6  

NOVEL AQUEOUS AMINE LOOPING APPROACH FOR THE 

DIRECT CAPTURE, CONVERSION AND STORAGE OF CO2 TO 

PRODUCE MAGNESIUM CARBONATE 

The contents of this chapter have been published as an article at Liu, M., Asgar, H., Seifert, S., & 

Gadikota, G. “Novel Aqueous Amine Looping Approach for the Direct Capture, Conversion and 

Storage of CO2 to Produce Magnesium Carbonate.” Sustainable Energy & Fuels 4, 3 (2020): 1265-

1275. 

6.1 Introduction 

 Rising anthropogenic carbon emissions to the atmosphere to the order of 35,000 million 

metric tons of CO2 and the heterogeneity in gaseous waste streams call for the development of 

adaptive and transformative technologies for integrated CO2 capture, utilization and 

storage.(National Academies of Sciences Engineering and Medicine, 2019) Carbon mineralization 

which involves converting CO2 to water insoluble and stable Ca- and Mg-carbonates is a 

thermodynamically downhill pathway for the integrated capture, utilization and storage of CO2. 

Ca- and Mg-bearing alkaline feedstocks include earth abundant silicate-rich minerals such as 

olivine ((Mg, Fe)2SiO4), wollastonite (CaSiO3), and serpentine ((Mg, Fe)3Si2O5(OH)4), and 

alkaline industrial residues such as coal fly ash, steel slag, cement kiln dust, and red mud. (Bobicki 

et al., 2012; Huntzinger et al., 2009; Salman et al., 2014; Yadav et al., 2010)  

Broadly, two main approaches have been developed for the accelerated conversion of CO2 

to Ca- and Mg-carbonates. In the first approach, high purity silica and carbonates are produced 

through the sequential use of acids and bases. Acids are used for extracting Ca and Mg ions into 
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the aqueous phase with concurrent production of silica. Bases are then used to increase pH and 

enhance the generation of carbonate ions for producing Ca- and Mg-carbonates (Eloneva et al., 

2011; Fagerlund & Zevenhoven, 2011; Gadikota & Park, 2015;  Park et al., 2003; Park & Fan, 

2004; Sanna et al., 2014). This approach facilitates the production of high purity silica and Ca- and 

Mg-carbonates. Another approach involves using elevated temperatures greater than 90oC and 

high CO2 pressures greater than 50 atm to accelerate carbon mineralization (Gadikota & Park, 

2014; Gadikota & Park, 2015; Gerdemann et al., 2007). Several rate limiting steps such as CO2 

hydration, mineral dissolution and carbonate precipitation are overcome at these experimental 

conditions. For example, elevated CO2 pressures enable enhanced CO2 solvation in the aqueous 

phase (Duan et al., 2006; Duan & Sun, 2003). Elevated temperatures accelerate dissolution of Ca- 

and Mg-bearing silicate minerals (Awad et al., 2000; Chen & Brantley, 2000; Hänchen et al., 2007; 

Y. Liu et al., 2006; Wogelius & Walther, 1992). The solubility of Ca- and Mg-carbonates decreases 

with increasing temperature which aids the precipitation of Ca- and Mg-carbonates (Ellis, 2010; 

Werner et al., 2014; White, 2016). Various researches have been conducted using methods 

mentioned above with relatively promising results. Lackner et al reported 60% extent of 

carbonation with Mg(OH)2 at 40 bar and 510 oC in gas-solid phase in 6 hours (Lackner et al., 

1997). Chizmeshya et al reported 73% extent of carbonation with olivine, which contained 47.3% 

MgO at 141 bar and 185 oC in aqueous phase with 1.0 M NaCl and 0.64 M NaHCO3 in 3 hours. 

Maroto-Valer et al reported 60% extent of carbonation with serpentine, which contained 38.7% 

MgO at 128 bar and 155 oC in aqueous phase with 1.0 M NaCl and 0.64 M NaHCO3 in 1 hour. 

Lackner et al reported 30% extent of carbonation with olivine, which contained about 40% MgO 

at 340 bar and 300 oC in gas-solid phase.(Lackner et al., 1997) However, due to the slow kinetics 

of the mineralization reaction, these approaches required high-temperature and high-pressure 
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reaction environments to facilitate the carbonation reaction, which turns out to be high energy 

consumption. Therefore, one of the scientific challenges lies here is how we could accelerate the 

carbon mineralization with low-energy consumption. 

 Besides, various chemical pathways were proposed to accelerate the rate limiting steps. To 

overcome the challenge of low solubility of CO2 in water, additives such as carbonic anhydrase  

have been proposed (Power et al., 2016; Sahoo et al., 2013; Vinoba et al., 2011). The use of organic 

ligands such as oxalate, citrate or acetate were proposed to enhance mineral dissolution (Xue et 

al., 2005; Zhao et al., 2013). Seeding surfaces of calcite and magnesite were found to aid the 

accelerated precipitation of the same phases (Bénézeth et al., 2011; Reddy & Gaillard, 1981). 

However, these accelerated pathways were developed independently, without considering their 

intended influence on coupling multiple reactions for accelerated carbon mineralization. 

Therefore, the scientific challenge lies in accelerating "step change" advancements in carbon 

mineralization. This is achieved by synergistically coupling multiple reaction pathways to direct 

the synthesis of Ca- and Mg-carbonates at temperatures below 100 oC using dilute flue gas streams 

of CO2.  

In this study, we evaluate the hypothesis that utilizing aqueous amine-bearing solvents such 

as monoethanolamine (MEA) enhances CO2 hydration via the enhanced formation of bicarbonate 

and carbonate species in the aqueous phase at relatively low temperature and low pressure. 

Carbonate and bicarbonate ions then react with dissolved Ca and Mg in the aqueous phase to 

produce Ca- and Mg-carbonates. Figure 6.1 is a schematic representation of the proposed 

mechanism. The integrated gas-liquid-solid reaction pathways shown in Figure 6.1 represent the 

coupling of multiple reactions including enhanced CO2 capture and hydration using MEA solvents, 

mineral dissolution and carbonate precipitation. Alternatively, CO2-loaded amine-bearing 
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solutions can be directly reacted with oxides, hydroxides or silicates of Ca and Mg in a slurry 

reaction environment to produce Ca- and Mg-carbonates. Both pathways involve the looping of 

the amine-bearing solvents from the CO2-loaded to CO2-release states by converting CO2 to Ca- 

and Mg-carbonates. This novel aqueous alkaline amine looping process was successfully 

demonstrated for the accelerated mineralization of calcium oxide and calcium chloride to produce 

calcium carbonate (Arti et al., 2017; Ji et al., 2018; Liu & Gadikota, 2018). Carbonate-induced 

solidification of calcium silicate using MEA was extensively studied (Li et al., 2016; Riman & Li, 

2011). 

 However, the carbon mineralization of Mg-bearing oxides, hydroxides or silicates using 

aqueous alkaline amine looping approach has not been established. Given the abundance of Mg-

bearing minerals around the world, evaluating the reactivity of Mg-bearing minerals to produce 

Mg-bearing carbonates using the aqueous alkaline amine looping approach needs to be explored 

(Falkowski et al., 2000; Shand, 2006). The successful demonstration of the proposed process will 

allow us to unlock the potential of vast resources of Mg-bearing minerals for the accelerated 

capture, conversion and storage of CO2 in a single step. The aim of this study is to explore the 

feasibility of using Mg-bearing materials using simple precursors such as magnesium oxide for 

the accelerated capture, conversion and storage of CO2 to produce magnesium carbonates. To 

achieve this aim, several research questions need to be addressed: (i) What is the influence of 

reaction temperature and MEA composition on the extent of carbon mineralization of magnesium 

oxide? (ii) What is the chemical composition of the carbonate-bearing materials? (3) How do the 

structural and morphological features of MgO dynamically evolve in these fluidic environments?  

 To address these research questions, laboratory-scale experiments were designed to probe 

the sensitivity of carbon mineralization behavior on the reaction conditions such as temperature 
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and the composition of the MEA. This gas-liquid-solid reaction environment was designed for a 

constant pressure of 1 atm. The influence of aqueous phase compositions of 10-50 wt% MEA at 

temperatures in the range of 25 oC - 90 oC on the carbon mineralization behavior of MgO was 

probed. A slurry composition of 15 wt% solid was held constant for all the experiments. 

Continuous stirring at the rate of 300 rpm±  5 rpm was maintained to reduce mass transfer 

limitations. A second of experiments were designed to probe dynamic time-resolved structural and 

microstructural evolution of magnesium oxide as it is reacted to produce magnesium carbonate 

using Ultra Small/Small/Wide Angle X-Ray Scattering (USAXS/SAXS/WAXS) measurements 

(Benedetti et al., 2019; Gadikota et al., 2017; Ilavsky et al., 2013; Ilavsky et al., 2009, 2018; Liu 

& Gadikota, 2018). Further, Grazing Incidence - Small Angle X-Ray Scattering (GI-SAXS) 

measurements were performed to determine the size of the nucleating magnesium carbonate 

particles on silica interfaces. This comprehensive research approach was used to evaluate the 

effectiveness of the coupled reaction pathways in directing the synthesis of magnesium carbonates 

in multiphase reaction environments and the underlying structural and morphological basis for the 

observed reactivity. 

6.2 Experimental Materials and Methods 

Magnesium oxide used in this integrated carbon mineralization approach with aqueous 

alkaline amine looping approach was procured from Sigma-Aldrich. The mean particle size, 

surface area, and cumulative pore volume of magnesium oxide are 8.54 µm, 3.59 m2/g, and 0.0078 

cm3/g, respectively. Monoethanolamine (MEA) with a purity of 98% used in these studies was 

procured from Alfa Aesar.  
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6.2.1 Aqueous alkaline amine looping process for accelerated carbon mineralization 

 The experiments to evaluate the influence of temperature and MEA concentrations on the 

accelerated conversion of magnesium oxide to magnesium carbonate using the aqueous alkaline 

amine looping process were performed in a batch environment (Parr Reactor, Series 4590 Micro 

Stirred Reactor). The slurry environment comprised 17 g of liquid and 3 g of solid sample. 

Aqueous phase compositions comprising deionized water, 10, 30, and 50 wt % MEA were used. 

A constant pressure of 1 atm of CO2 was maintained throughout the length of the experiments. A 

constant stirring rate of 300 rpm ± 5 rpm was applied. Each experiment was performed over a 

length of 3 hours. Extents of carbon mineralization at reaction temperatures of 25 oC, 50 oC, 75 oC 

and 90oC were evaluated. About 5-10 minutes were needed to reach the desired reaction 

temperature, which marked the beginning of the experiment. All experiments were performed over 

3 hours. At the end of 3 hours, vacuum filtration was used to separate the liquid contents from the 

solids. The recovered solid was dried in a vacuum oven for 24 hours at 90 °C to remove any 

residual water in the solid sample.  

6.2.2 Characterization of chemical and morphological properties 

 The carbon mineralization efficiency using the aqueous alkaline amine looping process 

was evaluated based on the extent of magnesium mineralized to produce magnesium carbonate. 

The carbonate content used in these calculations was determined using Thermogravimetric 

Analyses (TGA, TGA 550, TA Instruments). TGA data provides quantitative information into the 

changes in the weight of the samples on heating at specific temperatures. The heating rate was set 

to 5 °C/min from 25 °C to 800 °C and the flow rate of the N2 gas was 25 mL/min. The carbonate 

content in nesquehonite was determined from the weight change in the temperature range of 350oC 

– 450oC (Swanson et al., 2014). The stoichiometric mass of MgO needed for storing a unit mass 
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of CO2 was defined as 𝑅#$%  (Gadikota et al., 2014; Gerdemann et al., 2007). As reported in 

previous studies, the extent of carbon mineralization, 𝑌#$%,���, a measure of the ratio of the amount 

of CO2 present in the sample with respect to the CO2 storage capacity was determined by the 

following relationship: 𝑌#$%	,��� = 	𝑅#$%	 	× 	 (
���

N��9���
) × 	100%  where TGA represents the 

weight change that corresponds to the carbonate content in the reacted materials. To identify the 

species in the aqueous and solid phases, Attenuated Total Reflection – Fourier Transform Infrared 

spectroscopy analyses were performed (ATR-FTIR, Thermo Fisher Nicolet iS 10). The spectra 

were collected in the range of 650 ~ 4000 cm−1. The morphological features of the products were 

determined using Scanning Electron Microscopy (SEM, Hitachi High Technologies America, 

Hitachi S3400-N).  

Time-resolved structural and microstructural features as MgO is reacted in the aqueous 

amine looping process were determined using in-operando Ultra Small/Small/Wide Angle X-Ray 

Scattering (USAXS/SAXS/WAXS) measurements at Sector 9-ID at the Advanced Photon Source 

(APS) in Argonne National Laboratory (ANL) (Gadikota et al., 2017; Ilavsky et al., 2009, 2018; 

Liu & Gadikota, 2018). The arrangement comprised of a cell with a continuous flow of CO2 at the 

rate of 10 mL/min. In this in-situ measurement, 1 mL 30 wt% CO2-loaded MEA and 0.15 g MgO 

were added to an NMR tube with an internal diameter of 4 mm. CO2 was continuously supplied to 

the aqueous phase to ensure high concentrations of inorganic carbon in the aqueous phase. The 

acquisition times for USAXS, SAXS, and WAXS were 90 s, 20 s, and 30 s respectively. Silver 

behenate  was used to calibrate SAXS and LaB6 was used to calibrate WAXS measurements 

(Black et al., 2010). The total X-ray flux, energy and corresponding wavelength were 10-13 photon 

s-1, 21.0 keV, and 0.59 Å, respectively. Irena (Ilavsky & Jemian, 2009) and Nika (Ilavsky, 2012) 

software packages embedded in IgorPro (Wavemetrics, Lake Oswego, OR) were used for data 
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analyses (Ilavsky, 2012; Ilavsky & Jemian, 2009). To capture the hierarchical morphological 

features during the carbonation of MgO, the combined USAXS/SAXS data were modeled using 

the “Modeling II” tool in Irena package (Ilavsky & Jemian, 2009).   

 In-situ Grazing Incidence – Small Angle X-Ray Scattering (GI-SAXS) measurements were 

performed to determine the sizes of the nucleating particles. These measurements were conducted 

at the beamline 12 ID-B at the Advanced Photon Source (Argonne National Laboratory, USA). A 

custom designed cell was used for these measurements. The internal dimensions of this cell are 10 

mm × 10 mm × 15 mm. 30 wt% CO2-loaded MEA solution with a volume of 0.1988 mL was 

injected into 5 mL of 0.1 M Mg(NO3)2 solution, which marked the beginning of the in-situ 

measurement. The X-ray beam was directed to the substrate with an incidence angle of αi = 0.11° 

through the two Kapton windows. This incident angle is lower than the critical angle for total 

reflection (αc-quartz = 0.14° at 14 KeV incident X-ray energy). The scattered intensity from the 

nucleated magnesium carbonate particles was collected using a 2-dimensional Pilatus 2 M detector 

(Dectris Ltd., Baden, Switzerland). The incidence X-Ray energy, a sample-to-detector distance 

(ds-d), and q-range for these measurements were 14 keV, 2060 mm, and 0.005 Å−1 to 0.6 Å−1, 

respectively. After background subtraction and 2D data reduction, the reduced data was fitted by 

Guinier-Porod fit (Hammouda, 2010) as shown in Figure 6.7 (c). The equations that describe the 

relationships of the generalized Guinier Law are listed below (Hammouda, 2010). 

𝐼(𝑄) = �

̈
exp ±9¨

%²³%

+9´
µ 	for	𝑄 ≤ 𝑄N        (Equation 6.1) 

𝐼(𝑄) = ¹
¨º
	𝑄 ≥ 𝑄N                 (Equation 6.2) 
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                                                         (Equation 6.4) 

G and D are the Guinier and Porod scale factors.  Q is the scattering variable, I(Q) is the scattered 

intensity, Rg is the radius of gyration, d is the Porod exponent. Q1 is set up to ensure the continuity 

of the slopes (derivatives). A dimensionality parameter (3 – s) is defined to provide more flexibility 

for modeling different shapes of objects. For example, objects with spherical, rod-like, and 

lamellae or platelet dimensions, s = 0, 1; or 2, respectively (Hammouda, 2010). The Rg is calculated 

based on the equations represented above.  

6.3 Results and Discussion 

6.3.1 Effect of temperature and MEA concentration 

 To evaluate the influence of temperature and MEA concentration on the extent of carbon 

mineralization of MgO, multiphase reaction environments are constructed. The pressure of CO2 in 

the gas phase is held at 1 atm over the course of the experiment. The slurry was composed of 15 

wt% solid. MEA compositions were evaluated as 10, 20, 30 and 50 wt% at temperatures of 25 oC, 

50 oC, 75 oC, and 90 oC. Reaction times were set to 3 hours and the stirring rates at 300 rpm ± 5 

rpm. The extents of carbon mineralization of MgO as a function of MEA concentration and 

temperature are noted in Figure 6.2. A non-linear relationship of the influence of temperature and 

MEA on the carbon mineralization of MgO was noted. The highest conversion of MgO to 

magnesium carbonate achieved with 30 wt% MEA at 50 oC is 70%. Beyond that point, the extent 

of carbon mineralization decreased as the temperature increased. This is a result of the competition 

of the CO2-MEA reaction kinetics and thermodynamics. On the one hand, as the temperature 

increases, the CO2-MEA reaction kinetics increases, which, in another word, indicates the time to 
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reach equilibrium decreases (Kim et al., 2013). However, the equilibrium constant of the CO2-

MEA reaction decreases as the reaction temperature increases (Gupta et al., 2013). 

The carbonation dropping at higher temperature is a result of equilibrium limitation.(Kim 

& Svendsen, 2007) At similar experimental conditions, 100% conversion of CaO to calcium 

carbonate was reported.(Liu & Gadikota, 2018) As MEA concentrations are increased starting 

from DI water to 10 wt% and 20 wt% MEA, high conversions of MgO to magnesium carbonate 

are achieved at 75 oC. At 30 wt% MEA, higher extents of carbon mineralization were achieved at 

50 oC. At 50 wt% MEA, gel formation was noted with MgO which made it challenging to separate 

the solid and liquid constituents. Our hypothesis is that the enhanced hydrogen bonding resulting 

from the interactions between the dissolved fluidic constituents result in gel formation. This 

observation is consistent with the formation of magnesium carbonate-based porous gels 

(Frykstrand et al., 2014). Our hypothesis for the limited reactivity of MgO at high concentrations 

of MEA, i.e., 50 wt% emerges from the mass transfer limitations caused by gel formation.  

To identify the constituents in the solid phase and aqueous phase, ATR-FTIR analyses were 

performed. A wide range of phases were identified. Absorption bands at 1471 cm−1 and 1515 cm−1 

indicates 𝜈3 asymmetric CO32– stretching mode, which matches with features of nesquehonite 

(MgCO3.3H2O), and lansfordite (MgCO3.5H2O) (Hopkinson et al., 2012; Morgan et al., 2015; Yin 

et al., 2014). The bands at 1097 cm−1 and 852 cm−1 reflect the 𝜈1 symmetric C–O, and the 𝜈2 C–

O non-planar bending vibrations, respectively (Hopkinson et al., 2012; Morgan et al., 2015; Yin 

et al., 2014). These observations are consistent with previous studies that show the formation of 

hydrated magnesium carbonates at the experimental conditions of interest (Figures 6.3(a)) 

(Hopkinson et al., 2012; Morgan et al., 2015; Yin et al., 2014). Analyses of the liquid recovered 

post-reaction at 30 wt% MEA and 50oC showed that MEAH+, MEACOO-, and CO32- ions are the 
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dominant species present in the aqueous phase (Figures 6.3(b) and S2). At lower MEA 

concentrations of 10 wt% and 20 wt%, the relative intensities of these liquid species, in particular 

carbonate species is lower compared to that at 30 wt% MEA. The aqueous species are identified 

using FT-IR analyses in this study with MgO as the reactant are consistent with the observations 

reported by Ji and co-workers with CaO as the reactant.(Ji et al., 2018) The various MEA species 

detected in the FT-IR analysis indicates that the MEA was serving as a “catalysis” to aid the 

mineralization process and did fall into a looping process, capturing and releasing CO2 

continuously. Otherwise, single dominated specie would appear. 

6.3.2 Morphological characterization of magnesium carbonates  

 The morphological features before and after reacting CO2 with MgO were determined 

using scanning electron microscopy images. The sizes of the unreacted MgO grains is to the order 

of a few micrometers (Figure 6.4(a)). Needle-shaped nesquehonite (MgCO3.3H2O) is dominant 

after MgO is reacted with 30 wt% MEA at 50 oC in pCO2 = 1 atm (Figure 6.4(b)). Further, in-

operando Ultra Small and Small Angle X-Ray Scattering (USAXS/SAXS) measurements were 

performed to determine the dynamic evolution in the structural and morphological features as MgO 

is reacted with CO2-loaded MEA (Figure 6.5 (a)). The experimental conditions at which these 

measurements were performed are 25 oC, 1 atm, and CO2-loaded MEA concentrations of 30 wt%. 

These time-resolved measurements show the emergence of carbonate phases in the high q regimes 

that corresponds to the SAXS regime. The peaks at q ~ 1.02 Å-1 and q ~ 0.51 Å-1 correspond to the 

(0 0 2) and (0 0 1) reflections of lansfordite (MgCO3.5H2O) (Giester et al., 2000; Ming & Franklin, 

2010). These data suggest that lansfordite growth is a precursor to the formation of nesquehonite 

(Ming & Franklin, 2010). In hydrothermal environments where the effects of temperature and 

MEA compositions on the accelerated carbon mineralization of MgO to magnesium carbonate are 
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evaluated as shown in Figure 6.2, it is hypothesized that lansfordite undergoes pseudomorphic 

transformations to produce nesquehonite (Ming & Franklin, 2010). 

The influence of structural evolution on the microstructural changes can be inferred from 

the X-ray scattering curves from the smaller q regimes. Power law slopes determined in the q range 

of 0.08 Å-1 to 10-3 Å-1 show the influence of reactivity on the microstructural evolution. The 

integrated intensity of the characteristic lansfordite peak at q ~ 0.51 Å-1 (Figure 6.5(b)) and the 

corresponding changes in the pore-solid interfaces (Figure 6.6(a)) can be interpreted together to 

evaluate the influence of magnesium carbonate growth on the morphology of the solid interfaces. 

At reaction times of 100 minutes, the onset of the lansfordite peak is noted and continues growing. 

The fractal dimensions of the scattering objects can be determined from the power law slopes. 

Power law slopes calculated in the range of 10-3 Å-1 – 8 x 10-2 Å-1 for the USAXS/SAXS data in 

Figure 6.5 (a) shows the changes in the fractality of the pore-solid interfaces resulting from carbon 

mineralization. As summarized in previous publication, the Power law slope was calculated using 

the following equations (Liu & Gadikota, 2018). 

(i) I(Q) = 	 [
ÄÅ
+ B and (ii) logN�[I(Q) − B] = 	 logN�A − 	nlogN�Q.     (Equation 6.5) 

In these equations, I(Q) is the scattering intensity and n is the slope (Liu & Gadikota, 2018). 

A power law slope between 2 and 3 represents scattering from branched networks or mass fractals, 

while a value between 3 and 4 represents scattering from rough interfaces with a fractal dimension, 

D, where n = 6 – D represents a surface fractal. D equals to 1, 2, and 3, representing scattering 

from rods, disks, and spheres, respectively (Schaefer & Keefer, 1986). Power law slopes of 1 and 

4 represent scattering from smooth surfaces and rigid rods. Power law slopes between 2 and 3 

during the reactivity of MgO show the mass fractal nature of the surfaces (Figure 6.6 (a)). It was 



 102 

interesting to note the progressive growth of the lansfordite peak in Figure 6.5 (b) with the 

decreasing power law slope (Figure 6.6 (a)). Also, from the SEM image of the unreacted MgO 

sample in Figure 6.4 (a), clear sphere-shape particles and branched networks could be observed. 

The porosity was contributed by the random branched-polymer-like structure (Schaefer & Keefer, 

1986). From the SEM image of the reacted MgO (with with 30 wt% MEA at 50 oC with 𝑃#$% = 1 

atm for 3 hours) in Figure 6.4 (b), the branched networks could still be observed. However, the 

particles shape changed from sphere to rod shape with layer structures inside the particles, which 

corresponded to the decrease of power law slope.  

Since the characteristic peak for (001) plane of lansfordite  (MgCO3•5H2O) emerged after 

89 min of reaction time, the data were modeled in two stages (Hopkinson et al., 2012; Morgan et 

al., 2015; Yin et al., 2014). In the first stage, the USAXS/SAXS curves were modeled using two 

unified fit levels in two different q regions,  where q = (4π/λ)sin(θ/2) and λ is the wavelength of 

incident X-ray and θ is the scattering angle (Stuhrmann, 1989). The two q-regions 0.001 - 0.02 Å-

1 and 0.02 - 0.8 Å-1, were modeled based on the approach proposed by Beaucage (Beaucage, 1995, 

1996). The fit in each level can be described by a Guinier regime and a power-law regime. 

Typically,  the model assumes a spherical and centrosymmetric shape of particles (Beaucage, 

1996). However, it can be applied to a broad range of scatterer shapes, including spheres, rods, 

lamellae, cylinders etc. based on its formulation in terms of radius of gyration (Rg) and free power-

law slope. In the second stage of fitting, for all the data curves after 89 min, the scattering profiles 

were fitted using three levels of fits. Like the approach in first stage, two regions of unified fit 

were modeled in q ranges of 0.001 - 0.02 Å-1 and 0.02 - 0.3 Å-1, respectively. Additionally, a 

Lorentzian diffraction peak was fitted in the q range of 0.3 - 0.8 Å-1. The normalized integrated 

intensity of (001) peak of lansfordite is presented in Figure 6.5 (b) (Hopkinson et al., 2012; 
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Morgan et al., 2015; Yin et al., 2014). Additionally, the modeling results from the unified fit in q 

range of 0.02 - 0.8 Å-1, were of interest and are discussed further. The power-law slope and radius 

of gyration (Rg) obtained from the unified fit are presented in Figure 6.6(a). The Rg values are 

representative of pore dimensions and will be discussed to understand the evolution of pore 

morphology during the carbonation of MgO to MgCO3. Initially, a Rg values of ~5 nm was noted 

for the precursor, MgO. This value was compared to the pore size distribution data for MgO 

obtained from N2 adsorption measurements (Figure 6.6(b-1)). Further, an increase in Rg values 

was noted until 61 minutes of reaction time, which could be attributed to the dissolution of MgO. 

As discussed earlier, the (001) peak for lansfordite first emerged after 89 minutes of reaction time, 

the Rg values started to decrease and achieved a value of ~3.4 nm as the carbonation of MgO 

began. The changes in the Rg values corresponding to the phase change (MgO to MgCO3) during 

reaction are mapped in (Figure 6.6(b-2)). These values of Rg remained persistent till the end of 

reaction (385 minutes). For comparison, the pore dimensions of MgCO3 powder obtained after 

reaction of MgO with 30 wt.% MEA in a batch reactor for 3 hours was compared with the Rg value 

at 183 minutes. The comparison in mapped on Figure 6.6(a) in Figure 6.6(b-3). It can be 

concluded that the values of Rg and pore-radius are comparable. 

While USAXS/SAXS measurements provide insights into the influence of bulk 

morphological changes and structural evolution during the carbon mineralization of magnesium 

oxide, it is challenging to determine the sizes of the magnesium carbonate particles using this 

approach. The research question in this context is as follows: How can we determine the sizes of 

the carbonate particles once the Mg cations are mobilized in the aqueous phase? To address this 

research question, we utilize in-operando Grazing Incidence – Small Angle X-Ray Scattering (GI-

SAXS) measurements to determine the sizes of the particles. Figure 6.7(a) is a schematic of the 
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GI-SAXS cell. 0.1988 mL of 30 wt% CO2-loaded MEA solution was injected into 5 mL 0.1 M 

Mg(NO3)2 solution. The reaction vessel used in these experiments was made from silica. To mimic 

the formation of magnesium carbonate particles on these silica surfaces, we used solid quartz 

substrate (100). These quartz surfaces were  rinsed with acetone to remove any organic 

contaminants (Fernandez-Martinez et al., 2013). Figure 6.7 (b) is an example of raw 2D GISAXS 

scattering pattern from quartz (100) substrates with MgO. The original image is shown, without 

background subtraction and further processing. After background subtraction and 2D data 

reduction, the reduced data was fitted by Guinier-Porod fit (Hammouda, 2010) as shown in Figure 

6.7 (c).  

The formation of magnesium carbonate particles was noted after about 60 minutes. The 

scattering curves were obtained by reducing the data contained in the 2-D images (Fernandez-

Martinez et al., 2013). The sizes of the particles are obtained by fitting the Guinier-Porod fit based 

on Eq2-Eq5 (Hammouda, 2010). Also, the factor s was set as 1 based on the formation of rod-like 

shape particles observed in the SEM images in Figure 6.4 (b). The size distribution in Figure 6.7 

(d) was extrapolated from the Figure 6.7 (c) based on the maximum entropy method using Irena 

and Nika packages. From these data, we infer that the sizes of the precipitates are to the order of 

15-16 nm (Figure 6.7 (d)). At these experimental conditions, the formation of hydrated 

magnesium carbonates is expected (Fernandez-Martinez et al., 2013). In comparison, the sizes of 

the calcium carbonate is approximately 2 nm (Fernandez-Martinez et al., 2013; Radha et al., 2012). 

These USAXS/SAXS and GI-SAXS measurements allows us to bridge our understanding of the 

nucleation behavior of magnesium carbonate, with the evolution in the structural and 

morphological features as magnesium oxide is mineralized to produce magnesium carbonate using 

the aqueous alkaline amine looping process.  
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6.4 Conclusions 

 In this paper, we investigate the effectiveness of utilizing aqueous alkaline amine looping 

process for the directed synthesis of magnesium carbonate starting from magnesium oxide as the 

precursor. Experiments were performed in a multiphase reaction environment comprising CO2 at 

a pressure of 1 atm with temperature varying between 25 °C to 90 °C, and aqueous concentrations 

of MEA varying from 0 to 50 wt%. The maximum extent of carbon mineralization achieved with 

magnesium oxide was 70 % in 30 wt% MEA solution at 50 oC for a reaction time of 3 hours. The 

formation of hydrated phases of magnesium carbonate such as nesquehonite (MgCO3.3H2O) was 

noted. Small angle X-ray scattering measurements showed the formation of lansfordite at system 

conditions as likely precursors prior to the formation of nesquehonite. The high carbonate 

conversions achieved with the use of magnesium oxide using the aqueous alkaline amine looping 

demonstrate the effectiveness of using the proposed approach for the direct capture, conversion 

and storage of CO2. The aqueous alkaline amine looping system enable the acceleration of CO2 

mineralization at relatively low temperature and low pressure using less reactive materials. This 

approach also integrates the CO2 capture, conversion, and storage into one single step. With less 

energy cost and simpler pathway, this method allows the production of the energy and resources 

that we need while reducing environmental impacts. 
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Figure 6.1 Schematic representation of the alkaline aqueous amine looping process for the carbon 

mineralization of magnesium oxide to produce magnesium carbonate. 
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Figure 6.2 Extent of carbon mineralization of MgO reacted with water, 10 wt%, 20 wt%, 30 wt%, 

and 50 wt% at 25 oC, 50 oC, 75 oC, and 90 oC at 𝑷𝑪𝑶𝟐 = 1 atm for 3 hrs and stiring rate of 300 

rpm±  5 rpm. Estimated error is based on 5% uncertainty. Experiments were performed in 

duplicate. 
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Figure 6.3 Identification of the functional groups present in the (a) reacted solid and (b) fluid 

obtained from reacting MgO with 30 wt% MEA at 50 oC with 𝑷𝑪𝑶𝟐 = 1 atm for 3 hours and 

stirring rate of 300 rpm± 5 rpm, using ATR-FTIR measurements.  
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Figure 6.4 Comparison of the morphological changes in (a) unreacted magnesium oxide and (b) 

MgO reacted with 30 wt% MEA at 50 oC with 𝑷𝑪𝑶𝟐 = 1 atm for 3 hours and stirring rate of 300 

rpm± 5 rpm. The needle-shaped particles in (b) correspond to nesquehonite particles. 
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Figure 6.5 Changes in the combined slit-smeared USAXS/SAXS data as MgO is reacted with 

CO2-loaded MEA to produce magnesium carbonate as shown in (a). The characteristic peak of 

(a) 

(b) (c) 
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lansfordite at q = 0.5 Å-1 is shown in (b) and the integrated intensity of the characteristic peak of 

lansfordite at q = 0.5 Å-1 is shown in (c).  
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Figure 6.6  (a) Power law slope and radius of gyration (Rg) values obtained from the fitting of 

experimental USAXS/SAXS curves in the q-range of 0.02 - 0.8 Å-1. (b-1) and (b-3) pore size 

distribution and cumulative pore volume for unreacted MgO and MgO reacted with 30 wt% MEA 

for 3 hours, respectively. The curves were obtained by using the BJH method on N2 desorption 

isotherm. (b-2) early stage emergence of (001) lansfordite (Giester et al., 2000; Ming & Franklin, 

2010) peak during carbonation of MgO to MgCO3. 
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Figure 6.7 The in-situ cell for Grazing Incidence – Small Angle X-Ray Scattering (GI-SAXS) 

measurements is shown in (a).  A representative scattering image (b) and the scattering curve (c) 

that correspond to the nucleation of magnesium carbonate particles on quartz (0 0 1) surface are 

shown. The size distribution obtained from fitting the scattering curve using the Guinier-Porod 

slope is shown in (d). The experiments were performed at 25 oC. 0.1988 mL 30 wt% CO2-loaded 

MEA solution was injected into 5 mL 0.1 M Mg(NO3)2 solution, which marked the beginning of 

the in-situ measurement.  
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CHAPTER 7   

SINGLE-STEP, LOW TEMPERATURE AND INTEGRATED CO2 

CAPTURE AND CONVERSION USING SODIUM GLYCINATE TO 

PRODUCE CALCIUM CARBONATE  

The contents of this chapter have been published as an article Liu, M., & Greeshma G. “Directing 

Capture, Conversion, and Storage of CO2 Using Sodium Glycinate to Produce Calcium Carbonate.” 

Fuel 275 (2020): 11178-11187.  

7.1 Introduction  

 Rising concentrations of CO2 in the atmosphere and our unabated reliance on carbonaceous 

energy sources has called for advancing engineered pathways with quantifiable controls on the 

extent of CO2 captured, converted and stored. As noted in the recent reports by the 

Intergovernmental Panel on Climate Change (IPCC), there is urgency in developing pathways to 

remove carbon from the atmosphere in addition to curbing CO2 emissions into the atmosphere 

(Intergovernmental Panel on Climate Change, 2014; Ith & Dukes, 1993). One of the versatile 

pathways that can be engineered to remove CO2 from air and capture CO2 from flue gas streams 

is carbon mineralization, in which CO2 is converted to inorganic carbonates (Gadikota et al., 2014; 

Gadikota & Park, 2014; Gadikota et al., 2015; Gupta et al., 2007; Pan et al., 2018; Park et al., 

2008; Park & Fan, 2004; Smit et al., 2014; Swanson et al., 2014; Zhao et al., 2013). Despite the 

thermodynamically downhill and environmentally benign characteristics of these pathways, 

conventional carbon mineralization pathways have been kinetically challenged (Arti et al., 2017; 

Gadikota, 2016, 2017, 2018, 2020; Lackner et al., 2014; Mirjafari et al., 2007; Murnandari et al., 

2017; Sivanesan et al., 2017; Vinoba et al., 2013). The slow kinetics may arise from the low 
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solubility of CO2 in water, dissolution of Ca- and Mg-bearing silicates to release Ca and Mg, or 

the precipitation of inorganic carbonates (Liu et al., 2020; Liu & Gadikota, 2018; Wang et al., 

2019). Projections indicating that 104-106 gigatons of carbon can be stored via carbon 

mineralization motivated several research efforts to accelerate carbon mineralization behavior 

(Sanna et al., 2012; Zhao et al., 2019).  

One of the earliest approaches investigated involved direct gas-solid reactions in which 

CO2 was reacted with magnesium silicate minerals, such as olivine, serpentine, talc, and industrial 

waste, at temperatures as high as 300oC and pressures as high as 50 atm (Chizmeshya et al., 2007; 

Gadikota et al., 2014; Lackner et al., 1997; Maroto-Valer et al., 2005; O’Connor et al., 2004; Zhao 

et al., 2020). However, complete conversion to carbonates was challenging to achieve due to mass 

transfer limitations (Gadikota & Park, 2014, 2015; Gerdemann et al., 2007; Puxty et al., 2010). 

Alternatively, gas-liquid-solid configurations were explored in which CO2-water-Ca- or Mg-

silicate minerals were reacted at temperatures in the range of 100-200 oC and CO2 partial pressures 

in the range of 67-200 atm (Gadikota, 2014, 2016; Gadikota & Park, 2015). For example, 85% 

conversion of Mg2SiO4 (olivine) to MgCO3 (magnesite) was noted at 185 oC, reaction time of 3 

hours, pCO2 of 139 atm, and a fluid composition of 1.0 M NaCl + 0.64 M NaHCO3 (Gadikota et 

al., 2014). Complete conversion of CaSiO3 (wollastonite) to calcium carbonate was achieved at 

100 oC, pCO2 of 40 atm when reacted in distilled water for one hour (Gerdemann et al., 2004; 

Gerdemann et al., 2007). Elevated temperatures favor dissolution and carbonate precipitation. 

High CO2 partial pressures and the bicarbonate solution provide an abundant supply of carbonate 

ions for the carbon mineralization reactions (Gadikota et al., 2014; Gadikota & Park, 2014, 2015; 

Gerdemann et al., 2007). Alternatively, the two step carbon mineralization pathways in which low 

pH solutions are used to dissolve the minerals and high pH solutions are used to precipitate the 
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solid carbonates were extensively investigated (Eloneva et al., 2011; Fagerlund & Zevenhoven, 

2011; Gadikota & Park, 2015; Park et al., 2008; Park & Fan, 2004; Sanna et al., 2014; Zhao et al., 

2013). Further, the use of organic chelating agents such as acetate, gluconate, EDTA, oxalate, 

ascorbate, and glutamate were studied to enhance the dissolution behavior of Ca- and Mg-bearing 

minerals (Bonfils et al., 2012; Chiarello et al., 1997; Olsen & Rimstidt, 2008; Park et al., 2008; 

Vinoba et al., 2011; Zhao et al., 2013). To overcome the limited solubility of CO2, the use of 

biocatalysts such as carbonic anhydrase were studied (Lorenzo et al., 2018; Vinoba et al., 2011). 

Despite the advancements made in accelerating mineral dissolution or CO2 hydration, the need for 

multiple unit operations to accelerate each of these steps motivated the design of multiphase 

reaction chemistries to accelerate carbon mineralization integrated with CO2 capture.  

During integrated capture and mineralization of CO2, CO2 is captured using a solvent in an 

absorber. The CO2-loaded solvent then reacts with solutions or solids bearing Ca2+ ions to produce 

calcium carbonate solids, while chemically regenerating the solvent. The effectiveness of this two-

step capture-mineralization approach was demonstrated by Ji and co-workers using 

monoethanolamine (MEA) as the solvent and fly ash (Ji et al., 2018; Yu et al., 2019). Yu and co-

workers investigated the influence of diamine solvents such as N,N-Dimethylethylenediamine, 

N,N-Diethylethylenediamine, 3-(Diethylamino)propylamine, 1-(2-hydroxyethyl)-4-

aminopiperidine) and CO2 mineralization by CaO-rich fly ash (Yu et al., 2019). Calcium chloride 

solution was investigated for CO2 capture and mineralization using various solvents including 

monoethanolamine (MEA), diethanolamine (DEA), N-methyldiethanolamine (MDEA), and 2-

amino-2-methyl-1-propanol (AMP) (Arti et al., 2017; Hong et al., 2020). In the two-step approach, 

the CO2 was flow through the aqueous environment, and the liquid was mixed with minerals later; 

while in the single-step, the CO2, liquid face, and solid minerals were mixed together. In this case, 
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there would be continuous CO2 source available in the head space, leading to higher conversion. 

However, the single step integration of capture and mineralization in which the solvent 

dynamically captures CO2 and the released carbonate or bicarbonate ions react with the dissolved 

Ca2+ or Mg2+ ions to precipitate Ca- and Mg-carbonates with in-situ solvent regeneration has been 

less explored. This process, also known as the Aqueous Amine Looping Approach was 

successfully demonstrated for the single-step capture, conversion and storage of CO2 to produce 

Ca- and Mg-bearing carbonates starting from calcium oxide (CaO), calcium silicate (CaSiO3), and 

magnesium oxide (MgO) precursors using monoethanolamine (MEA) (Liu et al., 2020; Liu & 

Gadikota, 2018).   

Prior work on the aqueous alkaline amine looping approach showed that complete 

conversion of CaO to calcium carbonate and 70% conversion of MgO to hydrated magnesium 

carbonate was achieved at 50 oC with 30 wt% MEA and 15 wt% solid on reacting for 3 hours (Liu 

et al., 2020; Liu & Gadikota, 2018). However, solvents with lower vapor pressures compared to 

MEA to reduce solvent loss, higher resistance to oxidative degradation and lower toxicity need to 

be explored. Given this criteria, amino acid salts such as sodium or potassium glycinate were 

identified as appropriate solvents for CO2 capture.  Further, sodium or potassium glycinate were 

effective in capturing CO2 from very dilute sources including directly from air (Brethomé et al., 

2018; Custelcean et al., 2019; Garrabrant et al., 2019; Williams et al., 2019). These factors 

motivated the investigation of sodium glycinate in the single-step capture and conversion of CO2 

to calcium carbonate using calcium oxide and calcium silicate as the alkaline precursors. Figure 

7.1 is a schematic representation of the reactions that correspond to CO2 capture and regeneration 

using Na-glycinate. In the context of using Na-glycinate, we are interested in addressing the 

following research questions: (i) What is the influence of reaction temperature, concentration of 
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sodium glycinate, and reaction time on the conversion of CaO and CaSiO3 to calcium carbonate? 

(ii) What are the speciation mechanisms that correspond to CO2 capture and regeneration of solvent 

on reacting with the alkalinity in the aqueous phase? (iii) What are the structural and morphological 

features of calcium carbonate precipitated in the presence of Na-glycinate? To address these 

questions, we investigate the influence of temperature in the range of 25-90 oC, Na-glycinate 

concentrations in the range of 0-1 M and reaction times up to 5 hours on the carbon mineralization 

behavior of CaO and CaSiO3. The compositions of the carbonate-bearing products, the structures 

and morphologies of the reacted materials are determined in these experiments. These 

investigations are designed to probe the effectiveness of Na-glycinate as an agent for CO2 capture 

and transfer in the aqueous phase for the accelerated carbon mineralization of CaO and CaSiO3 at 

temperatures below 100 oC and CO2 partial pressure of 1 atm.  

7.2 Experimental Materials and Methods 

 The alkaline precursors used in this study calcium oxide (CaO) and calcium silicate 

(CaSiO3) were procured from Sigma-Aldrich. Glycine was purchased from Alfa Aesar with 99 % 

purity. Sodium hydroxide was procured from Fisher Scientific. Na-glycinate solutions with 

varying concentrations was prepared by combining pre-determined concentrations of NaOH with 

glycine and stirring at 500 rpm for 60 minutes. The reaction associated with producing Na-

glycinate is as follows: CH2COOHNH2 + NaOH ↔ CH2COOHNH- + Na+ +H2O. As noted in this 

reaction, the stoichiometric ratio of NaOH and glycine is 1:1 (Hu et al., 2018).  

 

7.2.1 Aqueous alkaline amino acid looping process for accelerated carbon 

mineralization 
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 The experiments were performed in the Parr Reactor (Series 4590 Micro Stirred Reactor). 

The solid to liquid ratio is maintained at 3:17 by weight for all the experiments. Experiments were 

performed in water and Na-glycinate concentrations of 0.5 M and 1.0 M. The reactor was purged 

with pure CO2 for 1 min to remove air from the headspace. CO2 partial pressure was maintained 

at 1 atm for all the experiments. A stirring rate of 300 rpm ± 5 rpm was held constant for all the 

experiments. The experiments were performed for 1 hour, 3 hours, and 5 hours. Reaction 

temperatures of 25 °C, 50 °C, 75 °C and 90 °C were studied. At the end of the experiment, the 

liquid and solid contents were separated using vacuum filtration. Residual water in the solid 

samples was removed by drying in a vacuum oven for 12 hours at 90 °C.  

 

7.2.2 Quantification of Carbonate Formation and the Corresponding Morphological 

Features 

  The effectiveness of Na-glycinate in enabling the mineralization of CO2 was determined 

using the extent of carbon mineralized. The carbonate content was determined using 

Thermogravimetric Analyses (SDT, TA Instruments, SDT 650). The heating rate was set to 5 

°C/min, with starting and ending temperatures of 25 °C and 800 °C, respectively. The flow rate of 

the N2 gas in the TGA balance was set to 10 mL/min. The carbonate content in the recovered 

samples was determined based on the change in the weight of the samples. Calcium carbonate 

decomposition to produce CaO and CO2 occurs in the temperature range of 600-800 oC (Li et al., 

2017). The following relationship was used to determine the extent of carbon mineralized, where 

TGA represents the weight change that corresponds to the carbonate content in the reacted 

materials and 𝑅#$%	represents to the amount of the mineral needed to store a unit mass of CO2 

(Gadikota et al., 2014; O’Connor et al., 2004).  
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𝑌#$%	,��� = 	𝑅#$%	 	× 	(
���

N��9���
) × 	100%                                                                       Equation 7.1 

 The changes in the functional groups were identified based on the infrared absorption 

spectra determined using Attenuated Total Reflection – Fourier Transform Infrared spectroscopy 

analyses (ATR-FTIR, Thermo Fisher Nicolet iS50) in the range of 300 ~ 4000 cm−1. The 

morphological features of the products were determined using Scanning Electron Microscopy 

(SEM, LEO 1550 FESEM). The crystalline features were determined using Wide Angle X-Ray 

Scattering (WAXS) measurements were performed at Sector 9-ID at the Advanced Photon Source 

(APS) in Argonne National Laboratory (ANL) (Gadikota et al., 2017; Ilavsky et al., 2009, 2018; 

Liu & Gadikota, 2018). The total X-ray flux, energy and corresponding wavelength were 10-13 

photon s-1, 21.0 keV, and 0.59 Å, respectively. The WAXS measurements were calibrated using 

LaB6 (Black et al., 2010), and the acquisition time for each measurement was set to 30 seconds. 

Data reduction and analyses were performed using the Nika(Ilavsky, 2012a) software packages 

embedded in IgorPro (Wavemetrics, Lake Oswego, OR). (Ilavsky, 2012; Ilavsky & Jemian, 2009) 

X-Ray Diffraction (XRD) analyses was performed using the Bruker D8 Advance ECO powder 

diffractometer. The acquisition times for each data point is 0.1 s, and the increment of the time 

step is 0.0195 o.  

7.3 Results and Discussions 

7.3.1 CO2 reaction with sodium glycinate 

 To determine the dynamic changes in the functional groups as CO2 is captured using Na-

glycinate, in-situ ATR FT-IR analyses were performed. 1 mL 1 M Na-glycinate is loaded into the 

cell and CO2 at a pressure of 1 atm is supplied to this cell. CO2 reacts with glycinate to generate 

the corresponding carbamic acid, followed by deprotonation by a second equivalent of glycine to 



 122 

produce carbamate and zwiterionic glycine (Reactions 7.1) (Brethomé et al., 2018; Custelcean et 

al., 2019; Guo et al., 2013; Hu et al., 2018; Zhang et al., 2013). Hydrolysis of the carbamate results 

in glycinate and bicarbonate ions (Reaction 7.2).  

                Reaction 7.1 

                Reaction 7.2 

                                                                                             Reaction 7.3 

Table 7.1 summarizes the band assignments of species. As CO2 is captured by Na-

glycinate, the peak that corresponds to the asymmetric stretching vibration of C-O at 1395 cm-1 in 

CO32- ions increases rapidly from the start of the experiment to the first 90 minutes, and the peak 

increase slows from 90 min to 180 min (Davis & Oliver, 1972). This tendency is similar to the 

stretching modes in -CN and bending mode of -NH at 1120 cm-1, 1413 cm-1 and 1545 cm-1 

corresponding to the formation of NH2COO− species (Milella & Mazzotti, 2019). The area under 

the peaks of these representative peaks is integrated and normalized to determine the temporal 

evolution of the species. Further the evolution in the bicarbonate peaks that correspond to the 𝛿(-

C-OH) vibrations of the -C-OH group and 𝜐(-C-O) vibrations of the -C-O group are consistent 

with Reaction 2 in which the hydrolysis of the carbamate ions results in the formation of glycinate 

and bicarbonate ions (Reaction 7.2). The availability of bicarbonate ions during the capture of 

CO2 using Na-glycinate motivate the combination of this pathway with carbon mineralization of 

CaO and CaSiO3.  
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7.3.2 Effect of temperature  

 In these carbon mineralization experiments, we explore the hypothesis that there is a non-

monotonic temperature dependence on the carbon mineralization behavior of CaO and CaSiO3 in 

the single step capture and carbonate mineralization approach. CO2 capture by aqueous solvents is 

generally favored below 40 oC, while regeneration is favored at higher temperatures (Brethomé et 

al., 2018; Garrabrant et al., 2019; Hu et al., 2018). However, higher temperatures favor the 

dissolution of CaO and CaSiO3 and the precipitation of calcium carbonates (Gadikota, 2016; 

Gerdemann et al., 2004; Gerdemann et al., 2007). To investigate the influence of temperature on 

the overall kinetics of CO2 capture and mineralization, experiments were performed at 25 oC, 50 

oC, 75 oC, and 90 oC in 1.0 M Na-glycinate for a reaction time of 3 hours with 15 wt% solid and a 

stirring rate of 300 rpm.  

 The extents of carbon mineralization of CaO at 25 oC, 50 oC, 75 oC, and 90 oC are 77.0 %, 

95.1%, 94.2%, and 97%, respectively. The extents of carbon mineralization of CaSiO3 at 25 oC, 

50 oC, 75 oC, and 90 oC are 6.6 %, 16.6%, 31.0 %, and 27.9 %, respectively. These data show that 

near complete conversion of CaO to CaCO3 can be achieved at temperatures in the range of 50-90 

oC. However, the conversion of CaSiO3 to CaCO3 does not exceed 31.0 % in this temperature 

range. These data are consistent with prior published work using MEA as the solvent (Liu & 

Gadikota, 2018). The highest reported conversion of CaSiO3 to CaCO3 was 36% with 50 wt% 

MEA. Lower extents of carbon mineralization with CaSiO3 compared to CaO are attributed to 

slower dissolution rates and the formation of mass transfer limiting silica passivation layers (Daval 

et al., 2010, 2013).  

The effect of competing reactions is more clearly delineated in the case of CaSiO3 where 

complete conversion to CaSiO3 is not achieved. One of the key considerations is the change in the 
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reaction rate of CO2 captured using glycinate as a function of temperature. Guo and co-workers 

showed that the rate constant of the glycine anion NH2CH2CO2- reacting with CO2 is represented 

by the following expression:  

𝑘(𝑀9N𝑠9N) = 1.24 × 10N(	exp	[−5459/𝑇(𝐾)]                                                           Reaction 7.4 

The rate constants for the reaction between CO2 and NH2CH2CO2- at 25 oC, 50 oC, 75 oC, 

and 90 oC are 1.37 × 10y	𝑀9N𝑠9N , 5.67 × 10y	𝑀9N𝑠9N , 1.91 × 10x	𝑀9N𝑠9N , and 3.65 ×

10x	𝑀9N𝑠9N , respectively (Guo et al., 2013). However, the highest extents of carbon 

mineralization of CaSiO3 are noted at 75 oC as opposed to 90 oC. The higher dissolution rates of 

CaSiO3 and the decreasing solubility of CaCO3 with increasing temperature favor carbonate 

formation at 75 oC as opposed to lower temperatures of 25 oC (Palandri & Kharaka, 2004; Weyl, 

1959). FTIR analysis of the aqueous phase showed that the intensity of -N-H peak corresponding 

to NH2COO- species at 1545 cm-1 in unreacted 1 M Na-glycinate progressively decreases with 

increase in temperature in the case of CaO (Figure 7.4 (a)) and CaSiO3 (Figure 7.5 (a)). The 

reduced concentration of COO- peak corresponding to the bicarbonate species in the fluids 

recovered post-reaction is consistent with the uptake of CO2 from the aqueous phase to produce 

calcium carbonates.  

7.3.3 Effect of amino acid salt concentration 

To evaluate if carbon mineralization is limited by the concentration of the CO2 capture 

solvent, we investigate concentrations of 0, 0.5 M, 1.0 M, and 3.0 M Na-glycinate at 75 °C for 3 

hours with 15 wt% solid and a stirring rate of 300 rpm. The extents of carbon mineralization with 

CaO at 0, 0.5 M, 1.0 M, and 3.0 M Na-glycinate are 42.6%, 68.4%, 94.2%, and 92.1%, 

respectively. The extents of carbon mineralization with CaSiO3 at 0, 0.5 M, 1.0 M, and 3.0 M Na-
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glycinate are 16.7 %, 14.1 %, 31.0 %, and 23.6 %, respectively. In the case of CaSiO3 and CaO, 

the highest extents of carbon mineralization are achieved at 75 °C. FT-IR analyses of the liquid 

effluents showed that the -COO- peak at a wavelength of 1595 cm-1 is prominent in the effluent 

associated with the 3 M Na-glycinate case compared to concentrations at 0.5 M and 1.0 M (Figure 

7.5). These data suggest that carbon mineralization at elevated concentrations of Na-glycinate is 

not limited by the availability of carbonate or bicarbonate ions. However, in the case of CaSiO3, -

COO- peak is not prominent, suggested that the carbonate-bearing species are consumed. It is also 

interesting to note that the -OH peak in the FT-IR data (Figures 7.4 and 7.5) increases with the 

concentration of Na-glycinate. This is because the pH of the sodium glycinate used is high.  

7.3.4 Effect of Reaction Time 

To understand if the carbon mineralization reactions with Na-glycinate occur rapidly in the 

first hour of the reaction or gradually increases with time, carbon mineralization experiments were 

performed with Na-glycinate. The experiments were performed at 1, 3, and 5 hour time periods 

with 1 M Na-glycinate at 75 oC with a stirring rate of 300 rpm. The extents of carbon mineralization 

with CaO are 82.5, 94.2, and 95.9% at 1, 3, and 5 hours, respectively. The extents of carbon 

mineralization with CaSiO3 are 12.8, 31.0, and 34.6 % at 1, 3, and 5 hours, respectively. Significant 

carbon mineralization occurs in the first hour of the reaction in the case of CaO. A small increase 

in the extent of carbon mineralization of CaO between 3 hours and 5 hours is noted. In contrast, 

the kinetics of carbon mineralization of CaSiO3 were considerably slower in the first hour of the 

reaction, with sufficiently high extents achieved at 31.0%. A small increase in the extent of carbon 

mineralization of CaSiO3 between 3 hours and 5 hours is noted (Figure 7.3 (c)). A progressive 

decrease in the intensity of the -COO- group in the aqueous phase is consistent with the higher 

extent of carbon mineralization (Figures 7.4 (c) and 7.5 (c)).  
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7.3.5 Structural and morphological characterization of recovered materials 

During the carbon mineralization of CaO and CaSiO3, various forms of calcium carbonate 

such as calcite (rhombohedral), aragonite (spiky/orthorhombic), and vaterite (plate-

like/hexagonal) can be formed. Prior studies showed that the process parameters such as the 

solvent for CO2 capture and the temperature influence the crystalline habit of calcium carbonate 

(Arti et al., 2017; Murnandari et al., 2017). To investigate the influence of temperature, amino acid 

salt concentration, and reaction time, the products were analyzed using Wide Angle X-Ray 

Scattering (WAXS) measurements. The carbonate-bearing products were identified and 

characterized in the presence of 1 M sodium glycinate at different temperatures of 25, 50, 75, and 

90 °C for 3 h in Figure 7.6 (a), with different concentration of 0, 0.5, 1, and 3 M sodium glycinate 

at 75 °C for 3 h in Figure 7.6 (b), with 1 M sodium glycinate at 75 °C for different reaction time 

of 1, 3, and 5 hr in Figure 7.6 (c).  

 CO2 absorption and mineralization at 25 oC in 1 M Na-glycinate results in the formation of 

Ca(OH)2 and CaCO3. With increasing temperature, Ca(OH)2  phase disappears and calcite remains 

as the dominant phase (Figure 7.6 (a)) (Chessin et al., 1965; Negro & Ungaretti, 1971; Müller, 

2010; Petch, 1961; Primak et al., 1948; Wang & Becker, 2009). The presence of calcium hydroxide 

at 25 °C is consistent with the lower extent of carbon mineralization of 77.0 % compared to 95.1 

%, 94.2 % and 97.0 % at 50, 75, and 90 oC, respectively. Similarly, calcium hydroxide is present 

in the samples when reacted in water or 0.5 M Na-glycinate, which correspond to extents of carbon 

mineralization of 42.6 % and 68.4 % respectively (Figure 7.6 (b)). However, in the case of 3 M 

Na-glycinate, vaterite and calcite are co-present. These data suggest that higher concentrations of 

carbamate ions (Figure 7.4 (b)) in case of 3 M Na-glycinate influence the formation of calcium 

carbonate polymorphs. Further, increase in the reaction time enhances the formation of calcite 
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(Figure 7.6 (c)). The morphological features are images using SEM. Figures 7.6 (a), (b) and (c) 

represent unreacted CaO, CaO reacted in water and CaO reacted in 1 M Na-glycinate at 75 oC for 

3 hours. The formation of rhombohedral calcite is noted when CaO is reacted in water and in 1 M 

Na-glycinate (Figures 7.6 (b) and (c)).  

 Unlike CaO, lower extents of carbon mineralization are noted in CaSiO3. This is also 

evident from the presence of calcium silicate present in all the reacted samples. The co-presence 

of calcite, vaterite, and aragonite  is noted in all the reacted samples (Figure 7.7) (Chessin et al., 

1965; Negro & Ungaretti, 1971; Müller, 2010; Petch, 1961; Primak et al., 1948; Wang & Becker, 

2009). Interestingly, the extent of carbon mineralization of CaSiO3 in water and 1.0 M Na-

glycinate are 16.7 % and 31.0 %, respectively. For this reason, the presence of rhombohedral 

calcite, spiky aragonite and plate-like vaterite is more sparse in Figure 7.6 (e) representing the 

water case compared to Figure 7.6 (f) representing the 1.0 M Na-glycinate case.  

7.4 Conclusion  

 In this paper, we investigate the single-step capture and mineralization of CaO and CaSiO3 

to calcium carbonate using Na-glycinate, an amino acid salt. The influence of reaction temperature 

in the range of 25 oC – 90 oC, reaction time in the range of 1 – 3 hours, and Na-glycinate 

concentrations in the range of 0.5 – 3 M on the carbon mineralization behavior of CaO and CaSiO3 

were probed. While lower temperatures aid the thermodynamics of CO2 capture, higher 

temperatures favor the kinetics of mineral dissolution and carbonate precipitation. In this single 

step CO2 capture and mineralization pathway, highest conversion of CaO and CaSiO3 were 

achieved at 1.0 M Na-glycinate at 75 oC and with a reaction time of 3 hours in a system comprising 

15 wt% solid and at a stirring rate of 300 rpm. Extents of carbon mineralization with CaO and 

CaSiO3 are 94.2 % and 31.0 %, respectively. These data suggest that Na-glycinate undergoes 
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multiple CO2 capture and regeneration cycles into the aqueous phase facilitating greater 

availability of aqueous carbon species for carbonate precipitation. The dominant crystalline phase 

in materials with CaO as the precursor is calcite. Aragonite, calcite and vaterite are present in the 

materials with CaSiO3 as the precursor. Our results demonstrate that Na-glycinate is an 

environmentally benign alternative to aqueous amines for the single step CO2 capture and 

mineralization with inherent chemical regeneration of the solvent.    
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Table 7.1 Main infrared band assignments of the species present in the CO2–Na-glycinate–H2O 

system. The symbols ν, νa and δ indicate the stretching mode, the asymmetric stretching mode, and 

the bending mode of the relevant molecules, respectively (Davis & Oliver, 1972; Frasco, 1964; 

Hisatsune, 1984; Milella & Mazzotti, 2019; Pretsch et al., 2009). 

 

Species Band Position (cm-1) Assignment Reference 

NH2COO- 1120 𝜐(-CN) 

(Hisatsune, 1984; Milella & 

Mazzotti, 2019; Pretsch et 

al., 2009) 

 1413 𝜐(-CN) 
(Frasco, 1964; Milella & 

Mazzotti, 2019) 

 1545 𝛿(-N-H) 
(Milella & Mazzotti, 2019; 

Pretsch et al., 2009) 

HCO3- 1105 𝜐a(-C-OH) (Milella & Mazzotti, 2019) 

 1300 𝛿(-C-OH) (Milella & Mazzotti, 2019) 

 1365 𝜐(-C-O) (Milella & Mazzotti, 2019) 

CO32- 1395 𝜐a(-CO) (Davis & Oliver, 1972) 
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Figure 7.1 Schematic representation of the alkaline aqueous amino acid salt looping process for 

the single step, low temperature and integrated CO2 capture and conversion using sodium glycinate 

to produce calcium carbonate. Reactions representing CO2 hydration, CO2 capture using amino 

acid salts, amino acid salt regeneration, cation recovery from Ca- and Mg-bearing solids, and 

carbonate formation are shown here.  
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Figure 7.2 Changes of aqueous species during CO2 capture using Na-glycinate determined using 

ATR-FTIR analyses. HCO3- at 1005 cm-1, 1300 cm-1, and 1365 cm-1 (Milella & Mazzotti, 2019). 

CO32- at 1395 cm-1 (Davis & Oliver, 1972). NH2COO- at 1120 cm-1, 1413 cm-1, and 1545 cm-1 

(Hisatsune, 1984; Milella & Mazzotti, 2019; Pretsch et al., 2009). 
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Figure 7.3 Extent of carbon mineralization of CaO (red) and CaSiO3 (blue) with 1 M sodium 

glycinate at temperatures of 25, 50, 75, and 90 °C for 3 hours in (a), with different concentration 

of 0, 0.5, 1, and 3 M sodium glycinate at 75 °C for 3 hours in (b), with 1 M sodium glycinate at 75 
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°C for different reaction times of 1, 3, and 5 hours in (c). All the experiments are performed at 

PCO2 = 1 atm and a stirring rate of 300 rpm.  
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Figure 7.4 Changes in the species present in the aqueous phase recovered after the carbon 

mineralization of CaO using ATR-FTIR analyses. Figures (a), (b) and (c) represent experiments 

performed to investigate the influence of temperature, amino acid salt concentration, and reaction 

time, respectively (Ahmed et al., 2013; Doki et al., 2004; Ramachandran et al., 2007). 

  

(b) CaO reacted for 3 hours 
at 75oC at different Na-
glycinate concentrations 

 

(c) CaO reacted with 1 M 
Na- glycinate at 75oC at 
different reaction times 

 

(a) CaO reacted with 1 M 
Na-glycinate for 3 hr at 
different temperatures  
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Figure 7.5 Changes in the species present in the aqueous phase recovered after the carbon 

mineralization of CaSiO3 using ATR-FTIR analyses. Figures (a), (b) and (c) represent experiments 

performed to investigate the influence of temperature, amino acid salt concentration, and reaction 

time, respectively (Ahmed et al., 2013; Doki et al., 2004; Ramachandran et al., 2007). 

  

(a) CaSiO3 reacted with 1 M 
Na-glycinate for 3 hours at 
different temperatures  

  

 

 

(b) CaSiO3 reacted for 3 
hours at 75oC at different Na-
glycinate concentrations 

 

 

 

(c) CaSiO3 reacted with 1 M 
Na- glycinate at 75oC at 
different reaction times 
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Figure 7.6 Changes in the phases present in calcium oxide on carbon mineralization in the 

presence of 1 M sodium glycinate at 25, 50, 75, and 90 °C reacted for 3 hours in (a), with different 

concentration of 0, 0.5, 1, and 3 M sodium glycinate at 75 °C for 3 hours in (b), with 1 M sodium 

glycinate at 75 °C for different reaction time of 1, 3, and 5 hours in (c). All the experiments are 

performed at PCO2 = 1 atm and a stirring rate of 300 rpm. Peaks are identified based on the 

crystallographic data reported for calcium oxide, calcite, vaterite, and aragonite. Crystallographic 

(d) (e) (f) 

1 𝝁𝒎 1 𝝁𝒎 200 𝒏𝒎 

(a) CaO reacted with 1 M 
Na-glycinate for 3 hr at 
different temperatures  

(b) CaO reacted for 3 hours 
at 75oC at different Na-
glycinate concentrations 

(c) CaO reacted with 1 M 
Na- glycinate at 75oC at 
different reaction times 
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phases are identified based on the data presented in references (Chessin et al., 1965; Negro & 

Ungaretti, 1971; Müller, 2010; Petch, 1961a; Primak et al., 1948; Wang & Becker, 2009). The 

morphological changes of the CaO samples on carbonation are probed by SEM with (d) 

representing the unreacted CaO, (e) representing the reaction with H2O at 75 oC for 3 hours, and 

(f) representing CaO after the reaction with 1 M sodium glycinate at 75 oC for 3 hr (Chessin et al., 

1965; Negro & Ungaretti, 1971; Maslen et al., 1993; Müller, 2010; Wang & Becker, 2009).  
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Figure 7.7 Changes in the phases present in calcium silicate on carbon mineralization in the 

presence of 1 M sodium glycinate at 25, 50, 75, and 90 °C reacted for 3 hours in (a), with different 

concentration of 0, 0.5, 1, and 3 M sodium glycinate at 75 °C for 3 hours in (b), with 1 M sodium 

glycinate at 75 °C for different reaction time of 1, 3, and 5 hours in (c). All the experiments are 

performed at PCO2 = 1 atm and a stirring rate of 300 rpm. Peaks are identified based on the 

crystallographic data reported for calcium silicate (or wollastonite), calcite, vaterite, and aragonite. 

(a) CaSiO3 reacted with 1 M 
Na-glycinate for 3 hours at 
different temperatures  

  

 

(b) CaSiO3 reacted for 3 
hours at 75oC at different 
Na-glycinate concentrations 

 

 

(c) CaSiO3 reacted with 1 M 
Na- glycinate at 75oC at 
different reaction times 

 

 

1 𝝁𝒎 1 𝝁𝒎 1 𝝁𝒎 

(d) (e) (f) 
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Crystallographic phases are identified based on the data presented in referenc (Chessin et al., 1965; 

Negro & Ungaretti, 1971; Müller, 2010; Petch, 1961a; Primak et al., 1948;  Wang & Becker, 2009). 

The morphological changes of the CaSiO3 samples on carbonation are probed by SEM with (d) 

representing the unreacted CaSiO3, (e) representing the reaction with H2O at 75 oC for 3 hours, 

and (f) representing CaSiO3 after the reaction with 1 M sodium glycinate at 75 oC for 3 hr (Chessin 

et al., 1965; Negro & Ungaretti, 1971; Maslen et al., 1993; Müller, 2010; Wang & Becker, 2009).  
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CHAPTER 8  

INTEGRATED CO2 CAPTURE AND REMOVAL VIA CARBON 

MINERALIZATION WITH INHERENT REGENERATION OF 

AQUEOUS SOLVENTS  

The contents of this chapter have been accepted for publication as an article: Liu, M., Hohenshil, 

A., & Gadikota G. “Integrated CO2 Capture and Removal via Carbon Mineralization with Inherent 

Regeneration of Aqueous Solvents.” Energy and Fuels (2021).  

8.1 Introduction 

 Meeting our energy and resource needs while reducing detrimental environmental impacts 

is one of our grand societal challenges. In this context, novel engineered pathways are needed to 

remove CO2 emission from our energy and resource conversion pathways. Conventional carbon 

capture and storage (CCS) technologies have been proposed for capturing the emitted CO2, 

followed by storing CO2 in geologic environments. However, in some locations, the limited 

availability of suitable geologic reservoirs for CO2 storage can be a challenge for capturing and 

storing CO2 emitted from various energy and resource generating processes. As an alternative, 

engineered CO2 capture and removal to produce solid carbon-bearing products can be integrated 

with CO2 emitting processes. The ability to develop predictive controls and quantify the rates and 

scales of CO2 that can be successfully removed by turning our CO2 emissions into solid products 

are unique to engineered processes for CO2 removal such as carbon mineralization. Carbon 

mineralization involves producing solid inorganic carbonates from CO2. In the interest of ensuring 

that these solid products can store CO2 over very long periods of time, solid carbonates need to be 

environmentally benign, stable, and water insoluble (Gadikota & Park, 2015; Morrow & 
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Thompson, 2020). Accelerating the kinetics of carbon mineralization is essential for the scalable 

implementation of this engineered carbon removal strategy (Chiang & Pan, 2017; Gadikota & Park, 

2014; Hopkins, 2008; Morrow & Thompson, 2020). 

Carbon mineralization typically involves dissolving CO2 in water, mobilizing cations for 

CO2 capture by dissolving calcium and magnesium-bearing solids, and precipitating solid 

carbonates. These steps can be decoupled and performed in separate processes or coupled to reduce 

the number of unit operations and for process intensification. Prior studies focused on enhancing 

CO2 dissolution in water by using bio-inspired catalysts such as carbonic anhydrase (Favre et al., 

2009; Mirjafari et al., 2007; Power et al., 2016; Vinoba et al., 2011). Accelerated dissolution of 

calcium and magnesium bearing materials and minerals, including naturally occurring minerals as 

well as alkaline solid residuals, by using calcium or magnesium targeting chelating agents (e.g., 

EDTA) and weak mineral acids (e.g., citric acid or acetic acid), strong acids (e.g., nitric acid or 

sulfuric acid), and reagents such as ammonium bisulphate have been reported (Bonfils et al., 2012; 

Bui et al., 2018; Drever & Stillings, 1997; Jun et al., 2016; Li et al., 2013). Silica targeting chelating 

agents such as catechol have been proposed to accelerate the dissolution of silicates (Drever & 

Stillings, 1997; Gadikota, 2020; Jun et al., 2016; Kim, 2009; Zhao et al., 2013). The precipitation 

of solid carbonates is aided by the use of similar carbonate seeding surfaces and in alkaline 

environments (Han & Wee, 2016; Jun et al., 2010; Li et al., 2014).  

Decoupling the dissolution of CO2 from the gas phase into the aqueous phase, mineral 

dissolution, and carbonate precipitation are useful in elucidating underlying mechanisms and 

developing specific strategies to accelerate each step. Alternatively, single-step conversion 

pathways where CO2, minerals, and fluids such as water with varying levels of salinities, or in the 

presence of pH buffers such as sodium bicarbonate have been investigated for accelerated carbon 
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mineralization (Gadikota et al., 2014; Gadikota & Park, 2015, 2014; Maroto-Valer et al., 2005; 

Park et al., 2003). However, the use of regenerable solvents to aid carbon mineralization and in 

fewer units operations remains less explored. Regenerable solvents, which have the potential to be 

used over multiple cycles, can reduce the operating costs associated with carbon mineralization 

processes. Fewer number of unit operations have the potential to reduce the capital expenditures 

associated with carbon mineralization processes. One approach to achieve process intensification 

is by molecularly coupling CO2 capture and carbonate formation.  

Naturally occurring Ca- and Mg-bearing minerals, and alkaline industrial wastes are ideal 

precursors for CO2 capture and carbonate mineralization due to the abundance in the nature 

environment and production in industrial manufactory. Major CO2 emission industries, such as 

mining, iron and steel, power generation, cement industries, also have CO2 waste stream. This co-

location advantage provides the great opportunities to use the solid waste stream to capture the 

CO2 waste gas stream.1 Fly ash from power generation industry contains as high as 55% of CaO 

and 10% MgO; steel slag from iron and steel industry contains as high as 58% of CaO and 11% 

MgO; oil shale waste contains as high as 51% of CaO and 15% MgO; kiln dust from cement 

industry contains as high as 35% of CaO and 2% MgO; asbestos contains as high as 35% of CaO 

and 40% MgO.   

Prior research efforts demonstrated the feasibility of coupling CO2 capture and carbonate 

mineralization pathways with the inherent regeneration of the CO2 capture solvent using different 

precursors. Two-step approaches involving CO2 capture using aqueous solvents followed by 

carbonate precipitation and solvent regeneration, and single step approaches where CO2-solvent-

Ca or Mg-bearing materials are co-reacted with the inherent regeneration of the solvent were 

investigated.(Liu et al., 2020; Liu & Gadikota, 2018, 2020) Near complete carbon mineralization 
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of calcium oxide to calcium carbonate, and about 35% conversion of calcium silicate to calcium 

carbonate was achieved in single- and two-step approaches at 50°C in 50 wt% monoethanolamine 

(MEA) and a reaction time of 3 hours.(Liu & Gadikota, 2018) Various other studies evaluated the 

efficacy of the two-step CO2 capture and carbonate mineralization approach using MEA, 

diethanolamine, piperazine (PZ), N-methyldiethanolamine and 2-amino-2-methy-1-propanol, and 

diamine solvents such as N,N-Dimethylethylenediamine, N,N-Diethylethylenediamine, 3-

(Diethylamino)propylamine, 1-(2-hydroxyethyl)-4-aminopiperidine) (Ji et al., 2018; Yu et al., 

2018, 2019). Calcium carbonate formation and the regeneration of 2-amino-2-methylpropanol 

(AMP) solutions was achieved without additional thermal energy by reacting CaO with CO2-

loaded 2-amino-2-methylpropanol (AMP) solution (Kang et al., 2018).  

As an alternative to amines such as monoethanolamine which is corrosive and can degrade 

to produce nitrosamines, amino acid salts such as sodium glycinate was investigated as a 

regenerable solvent for integrated CO2 capture and carbonate formation. Sodium glycinate has 

similar CO2 capture capacities as monoethanolamine but is less corrosive and more 

environmentally benign (Liu & Gadikota, 2020). About 94% conversion of calcium oxide to 

calcium carbonate, and about 31% conversion of calcium silicate to calcium carbonate was 

achieved in a single-step approaches at 75°C in 1.0 M sodium glycinate and a reaction time of 3 

hours (Liu & Gadikota, 2020). Despite these advancements, single step CO2 capture and carbon 

mineralization pathways remain less studied. In single step CO2 capture and carbon mineralization 

pathways, there is no shortage of CO2 supply and availability for carbon mineralization. However, 

the hypothesis that single step CO2 capture and carbon mineralization can be realized using wide-

ranging CO2 capture solvents such as primary amines, amino acid solvents, hindered amines, and 

cyclical amine has not been reported in previous studies, and is therefore the focus of this 
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investigation. The specific research questions addressed in this study are: (i) What is the influence 

of the chemical structure of the solvent, solvent concentration on the inorganic carbon content 

available to react with calcium or magnesium minerals to produce the respective inorganic 

carbonates? (ii) What are the extents of carbon mineralization achieved using calcium oxide, 

magnesium oxide, and calcium silicate using various solvents? (iii) What are the carbonate phases 

formed and what are the key features of the solvent as it is regenerated during carbonate formation?  

To address these research questions, we evaluated the thermodynamics of speciation 

associated with single-step CO2 capture and carbonate formation, starting from CaO, CaSiO3, and 

MgO as the precursors. The influence of various regenerable solvents including 

monoethanolamine (MEA, primary amine), sodium glycinate (amino acid solvent), 2-amino-2-

methylpropanol (AMP, hindered amine), and 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU, cyclical 

amine) at various concentrations of 0 eq mol/L, 0.5 eq mol/L, 1.0 eq mol/L, and 2.5 eq mol/L on 

CO2 capture and carbonate formation are investigated. We will investigate the effects of varying 

CO2 capture mechanisms on carbon mineralization. Experiments are performed at 75 °C, pCO2 of 

1 atm, 15 wt% solid for a reaction time of 3 hours under constant stirring. These experimental 

conditions were chosen based on prior studies demonstrating the effectiveness of these conditions 

on achieving high levels of carbonate formation (Liu et al., 2020; Liu & Gadikota, 2018, 2020). 

CO2 capture using aqueous solvents is aided at lower temperatures, while calcium carbonate or 

magnesium carbonate formation is favored at higher temperatures. Our prior results showed that 

temperatures of 50°C or 75 °C is optimal for achieving high conversions of captured CO2 to 

calcium or magnesium carbonates. The experimental conditions are noted in Table 8.1. CO2 

capture in primary amines, such as MEA, proceeds via the formation of carbamate species through 

the cooperative binding of two adjacent primary amines (Hahn et al., 2016; Krounbi et al., 2020; 
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Yu & Chuang, 2016). Steric hindrance of the molecule (ex. AMP) could increase the conversion 

of carbamates to bicarbonate and release amine (Ji et al., 2018). Thus, sterically hindered amines 

form bicarbonate instead of carbamate through absorption (Ji et al., 2018). As for secondary 

amines, such as DEA, the CO2 uptake forms carbamic acid without cooperative binding (Hahn et 

al., 2016; Krounbi et al., 2020; Yu & Chuang, 2016). In tertiary amines, such as DBU, bicarbonate 

species are produced on CO2 capture (Table 8.2) (Hahn et al., 2015; Krounbi et al., 2020; Lee et 

al., 2017). The influence of CO2 capture capacities on carbon mineralization behaviors are 

discussed in this study. The thermodynamic and kinetic basis for the differences in observed 

carbonate formation with various CO2 capture solvents are elucidated in this study. As we advance 

towards a low carbon future, energetically and atomistically efficient engineered carbon removal 

strategies such as integrated CO2 capture and carbonate formation pathways are needed, as shown 

in Figure 8.1.  

8.2 Experimental Materials and Methods 

Calcium oxide, calcium silicate, and magnesium oxide used in this study ae procured from 

Sigma-Aldrich. The solvents used in this study such as monoethanolamine (MEA), glycine which 

is the precursor for producing sodium glycinate, sodium hydroxide, 2-amino-2-methylpropanol 

(AMP), and 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) are purchased from Fisher Scientific. 

Sodium glycinate (NaGly) is synthesized using sodium hydroxide mixed with glycine. The 

physical and chemical properties of these solvents are noted in Table 8.1.  

8.2.1 Experimental Approach for Integrated CO2 Capture and Carbonate Formation 

The experiments were performed in a slurry multiphase reaction environment comprising 

CO2 - aqueous solvent - alkaline solid (e.g., CaO, MgO, and CaSiO3) in a continuously stirred 

environment (Series 4590 Micro Stirred Reactor, Parr Reactor Company, PA). The experiments 
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are performed at 75 °C, pCO2 of 1 atm, 15 wt% solid for a reaction time of 3 hours under constant 

stirring, as noted in Table 8.3. Prior to the beginning the experiments, the reactor was purged with 

pure CO2 gas for one minute to ensure that CO2 is the only gas phase component in the head space 

of the reactor. Once the slurry comprising the aqueous solvent and the alkaline solid is introduced 

into the reactor, the reaction temperature is set to 75 °C. This reactor takes about 15 minutes to 

reach the reaction temperature. The reaction time is set to 3 hours once the reaction temperature is 

reached. After the reaction is completed, the slurry is removed, and the contents are separated into 

liquid and solid constituents by vacuum filtration. The recovered solid materials are dried in a 

vacuum oven for 12 hours at 90 °C before they are characterized.  

8.2.2 Characterization of chemical and morphological properties  

 The inorganic carbonate content in the reacted samples is determined using 

Thermogravimetric Analyses (TGA, TA Instruments, SDT 650). During the TGA measurements, 

the temperature is ramped at the rate of 10 °C/min from 25 °C to 1000 °C. The N2 gas flow rate of 

50 mL/min is used during the analyses of the samples. The dissociation of magnesium carbonate 

and calcium carbonate occurs at temperatures in the range of 350-450 °C and 650-800 °C, 

respectively (Liu et al., 2020; Liu & Gadikota, 2018, 2020). This weight change in the sample is 

used to determine the extent of carbon mineralization. The extent of carbon mineralization 

𝑌#$%	,���  is determined using the following relationship:𝑌#$%	,��� = 	𝑅#$%	 	× 	(
���

N��9���
) × 	100% 

In this relationship, TGA represents the weight change that corresponds to the carbonate content 

in the reacted materials and 𝑅#$%	is the amount of the mineral needed to store a unit mass of CO2 

(Gadikota et al., 2013; Liu et al., 2020; Liu & Gadikota, 2018, 2020).  
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 The structural features in the carbonate-bearing materials are determined using X-ray 

diffraction (XRD, Bruker D8 Advance ECO powder diffractometer). The voltage of the X-ray 

generator in 40 V and the current is 25 mA. The acquisition times for each data point is 0.1 s, and 

the increment of the time step is 0.0195 o. Jade software is used to analyze the XRD data and the 

ICCD database is used to identify different phases and materials. Key functional groups in the 

solid and aqueous phases that provide mechanistic insights are determined using Attenuated Total 

Reflection – Fourier Transform Infrared spectroscopy (ATR-FTIR, Thermo Fisher Nicolet iS50). 

The morphological features of the unreacted and reacted materials are determined using Scanning 

Electron Microscopy (SEM, LEO 1550 FESEM).  

8.3 Results and Discussion 

 To contrast the effectiveness of various solvents such as MEA, NaGly, AMP, and DBU on 

the carbon mineralization of CaO, CaSiO3, and MgO, thermodynamic analyses are performed to 

investigate the effect of pH, solvent concentrations, and temperature on the concentrations of 

dissolved inorganic carbon needed to produce solid carbonates. Experimental investigations are 

aimed at determining the effectiveness of solvents in aiding carbon mineralization at a consistent 

set of experimental conditions. CO2 capture mechanisms are inferred from FT-IR analyses of the 

solid and the liquid samples. The carbonate phases formed are determined using X-Ray Diffraction 

measurements.   

8.3.1 Effect of the solvent concentration on carbon mineralization 

 While the thermodynamic studies provide insights into the effects of solvent concentration 

and temperature on pH and inorganic, organic, and total carbon, and provide insights into 

feasibility bounds, detailed experimental studies shed light into unanticipated phenomena arising 

from fluid-particle interactions in integrated CO2 capture and carbon mineralization pathways. In 
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this study, we investigate the influence of 0 mol/L, 0.5 eq mol/L, 1.0 eq mol/L, and 2.5 eq mol/L 

of MEA, NaGly, AMP, and DBU on the carbon mineralization behavior of CaO, CaSiO3, and 

MgO at 75°C in 15 wt% solid for a reaction time of 3 hours (Figure 8.3). These experimental 

conditions are based on prior work demonstrating that high extents of carbon mineralization are 

achieved at 75°C, pCO2 of 1 atm in 15 wt% solid for a reaction time of 3 hours. These experiments 

are performed in a CO2 - aqueous solvent – alkaline solid environment where CO2 is captured and 

converted into calcium or magnesium carbonates with the inherent regeneration of the solvent. 

The extents of carbon mineralization achieved are noted in Table 8.3.  

 Variations in the reactivities of CaO, CaSiO3, and MgO in various solvents such as MEA, 

sodium glycinate, AMP, and DMP are noted. Near complete conversion of CaO was noted in MEA 

at concentrations of 1 M or higher. The reactivity of MEA was followed by sodium glycinate, 

AMP, and DBU. Of the three alkaline materials studied, calcium oxide dissolves readily to release 

calcium into the solution phase. The limiting factor in this case is the availability of CO2. The fast 

kinetics of CO2 capture with MEA favor carbon mineralization, particularly with highly reactive 

alkaline materials. Further, CO2 capture via the formation of carbamate species in the case of MEA 

is effective in integrated CO2 capture and carbonate formation systems with reactive alkaline 

materials such as CaO.  

 Comparing with CaO, lower reactivity of CaSiO3 to produce the respective solid carbonates 

at the same experimental conditions is noted. Lower dissolution rates of calcium silicate and the 

presence of passivating silica interfaces are known to be factors limiting carbon mineralization 

behavior. The extent of carbon mineralization of CaSiO3 increases with the concentration of MEA 

and sodium glycinate, with conversions of about 31% and 36% achieved at 1.0 eq mol/L and 2.5 

eq mol/L, respectively. In contrast, the extent of carbon mineralization of CaSiO3 with AMP is 
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43.4% and 21.7% at 1 eq mol/L and 2.5 eq mol/L of AMP, respectively. A similar trend is noted 

with DBU in which extents of carbon mineralization of 26.7% and 10.3% are noted at 1 eq mol/L 

and 2.5 eq mol/L, respectively. The fluids obtained after reactions occurred in 2.5 eq mol/L of 

AMP and DBU were more viscous and nearly gel-like. The higher viscosity and gel-like states of 

the fluidic environment impose transport limitations on carbon mineralization behavior. This gel-

like formation is prominent in carbon mineralization pathways involving calcium silicate.  

 It was interesting to note that the highest conversion of CaSiO3 is achieved with AMP at a 

concentration of 1 eq mol/L. Because MEA and AMP are both primary amines, the CO2 capture 

mechanisms occur through the formation of carbamates. However, AMP is a more sterically 

hindered amine than MEA as shown in Table 8.1. This sterically hindered AMP structure 

facilitates easier dissociation of carbamate to enhance the availability of carbonate species. Thus, 

at lower concentrations, AMP exhibits higher reactivity for carbon mineralization compared to 

MEA.   

 Comparing with CaSiO3, the reactivity of MgO for carbon mineralization was higher but 

lower than CaO. Sodium glycinate resulted in higher extents of carbon mineralization followed by 

MEA, DBU, and AMP. The highest extent of carbon mineralization achieved with MgO is 87.5% 

with 1 M sodium glycinate at 75°C. Higher reactivity of MgO with sodium glycinate is noted at 

75°C compared to when MEA is used. This significant difference in reactivity is attributed to the 

higher concentrations of dissolved inorganic and organic carbon constituents with sodium 

glycinate compared to with MEA at 75°C, as shown in Figure 8.2 (a-1) and Figure 8.2 (b-1). The 

reactivity of sodium glycinate is followed by MEA, DBU, and AMP. It was interesting to note that 

MgO conversions to magnesium carbonate are lower at 2.5 eq mol/L compared to at 1 eq mol/L 

with sodium glycinate, DBU, and AMP. At these high concentrations of sodium glycinate, DBU, 
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and AMP at 2.5 eq mol/L, the solution has a higher viscosity and is gel-like. However, this gel-

like behavior is not observed with MEA at 2.5 eq mol/L and an increase in carbon mineralization 

extents with MEA concentrations is noted, unlike with the other solvents.  

 To determine if the solvents are regenerated after carbonate formation, the species present 

in the aqueous phase are determined before and after the reaction using ATR-FTIR analyses. In 

the case of MEA, a decrease in the concentration of MEAH+ corresponds to the regeneration of 

the MEA solvent after carbon mineralization. Thus, the changes in the peak at 1642 cm-1 which 

corresponds to the MEAH+ species are tracked to determine MEA regeneration (Figure 8.4) (Ji et 

al., 2018). After integrated CO2 capture and carbonate formation, the MEAH+ peak at 1642 cm-1 

is significantly diminished. The regeneration of sodium glycinate is indicated by the decrease in 

the intensity of the NH2COO- peak at 1545 cm-1 (Figure 8.5) (Milella & Mazzotti, 2019; Pretsch 

et al., 2009). The increase in the peak intensity of NH2COO- for the CaO case at 2.5 eq mol/L is 

due to the excess concentration of the solvent as nearly complete carbon mineralization is achieved 

in this case (Figure 8.4 (a)). The changes of the intensity of the peaks in the CaSiO3 case with 0.5, 

1.0, and 2.5 eq mol/L concentration are not obvious in Figure 8.5 (b). This is due to the lower 

reactivity of CaSiO3. The high peak intensity of NH2COO- for MgO at 2.5 eq mol/L in sodium 

glycinate (Figure 8.7 (c)) and for CaSiO3 at 2.5 eq mol/L in AMP (Figure 8.6 (b)) is due to the 

formation of gels that limit carbon mineralization behavior. Different from the spectra of the 

CaSiO3 and MgO in the AMP cases (Figure 8.6 (b) and Figure 8.6 (c), respectively), the spectra 

of the CaO in the AMP in Figure 8.6 (a) change significantly in different concentration due to the 

increasing carbonation. The decrease in the intensity of the bicarbonate peaks in the fluids obtained 

after carbon mineralization in DBU suggests that bicarbonate species are consumed during the 

reaction (Figure 8.7).  
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8.3.2 Compositions of the Carbonate-Bearing Products  

 To determine the compositions of the products obtained after integrated CO2 capture and 

carbon mineralization, ATR FT-IR, and X-Ray Diffraction (XRD) analyses were performed. The 

hypothesis that metastable carbonate phases such as vaterite (CaCO3), aragonite (CaCO3), 

nesquehonite (MgCO3.3H2O), lansfordite (MgCO3.5H2O), and hydromagnesite 

(Mg5(CO3)4(OH)2·4H2O) may be co-present with stable phases such as calcite (CaCO3) and 

magnesite (MgCO3) are evaluated by characterizing the products. This hypothesis is based on prior 

evidence that temperature, reaction time, solvent concentration could influence the composition of 

the products.(Arti et al., 2017; Lackner et al., 2014; Sivanesan et al., 2017) The carbonate-bearing 

products obtained after reacting in concentrations of 0.5 eq mol/L, 1.0 eq mol/L, and 2.5 eq mol/L 

MEA, NaGly, AMP, and DBU are characterized to determine the compositions. The formation of 

carbonates is evident from the evolution of the C-O bond in the reacted CaO and CaSiO3 materials 

(Figures 8.8 and Figure 8.9) (Al-Hosney & Grassian, 2005; Böke et al., 2004; Plav et al., 1999). 

The presence of Si-O-Si and Si-O phases in the recovered materials shows that siliceous phases 

are co-present with the carbonates (Figure 8.9) (Basavaraj et al., 2019; Thompson et al., 2012). 

The presence of lansfordite (MgCO3.5H2O) and nesquehonite (MgCO3.3H2O) phases are evident 

in the reacted MgO materials (Figure 8.10).  

 Metastable phases such as aragonite (spiky/orthorhombic) and vaterite (plate-

like/hexagonal) and stable phases such as calcite (rhombohedral) are present in the products 

obtained after the carbon mineralization of CaO and CaSiO3 (Figures 8.11 and Figure 8.12) 

(Chessin et al., 1965; Negro & Ungaretti, 1971; Maslen et al., 1993; Müller, 2010; Wang & Becker, 

2009). In the case of CaO reacted in the presence of MEA, calcite is the dominant phase at lower 

concentrations. At higher MEA concentrations, vaterite emerges as the dominant phase (Figure 
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8.11). Unlike CaO, CaSiO3 has a much lower extent of carbon mineralization. Wollastonite is the 

dominant phase in every case due to low carbonate conversion (Figure 8.12) Calcite and vaterite 

are the dominant phases, while aragonite is the minor phase. The carbon mineralization of MgO 

in various solvents results in the formation of various metastable phases such as nesquehonite 

(MgCO3.3H2O), lansfordite (MgCO3.5H2O), and hydromagnesite (Mg5(CO3)4(OH)2·4H2O) 

(Figure 8.13) (Ballirano et al., 2013; Davies & Bubela, 1973; Hopkinson et al., 2008, 2012; Ming 

& Franklin, 2010; Morgan et al., 2015; Wang et al., 2020). 

8.4 Conclusion 

 In this study, we investigate the single-step integrated CO2 capture and carbon 

mineralization of CaO, CaSiO3, and MgO with the inherent regeneration of solvents such as MEA, 

sodium glycinate, AMP, and DBU at concentrations of 0 eq mol/L, 0.5 eq mol/L, 1.0 eq mol/L, 

and 2.5 eq mol/L at 75 oC and with a reaction time of 3 hr with a 15 wt% solid ratio and at a 300 

rpm stirring rate. The highest extents of carbon mineralization of CaO, CaSiO3, and MgO are 

98.9% at 30 wt% MEA,  43.40% at 2 M AMP, and  87.50% at 1 M sodium glycinate. The factors 

that could potentially limit carbon mineralization are the formation of highly viscous, gel-like 

fluidic environment that limit mass transfer, low dissolution rates and presence of silica passivation 

layers as in the case of calcium silicate. These data show that these regenerable solvents undergo 

multiple CO2 capture and release cycles into the aqueous phase, thus providing a steady source of 

bicarbonate or carbonate species needed to achieve high extents of carbon mineralization. The 

formation of stable and metastable calcium carbonate phases in evident when CaO and CaSiO3 are 

the reactants. Metastable magnesium carbonate phases are present in the reacted MgO materials. 

In addition to the effectiveness of the CO2 capture solvent in aiding carbon mineralization 

behavior, the environmental benign attributes of the solvent need to be considered. In this context, 
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sodium glycinate, an environmentally benign and less corrosive amino acid solvent was found to 

be effective in aiding carbon mineralization.  
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Table 8.1 Physical and chemical properties of the solvents used for integrated CO2 capture and 

carbon mineralization.  

Chemical Abbr. Structure 

Molar 

Weight 

g/mol 

Density 

g/cm³ 

Boiling 

Point 

°C 

Melting 

Point 

°C 

pKa Reference 

Monoethanolamine MEA 
 

61.08 1.012 170 10.3 9.5 (Ji et al., 2018) 

Sodium Glycinate NaGly 
 

97.05 - - - - 

(Caplow, 1968; 

Guo et al., 

2013; Vaidya et 

al., 2010) 

2-amino-2-

methylpropanol 
AMP 

 

89.14 0.934 165 30.5 - 

(Barzagli et al., 

2013; Caplow, 

1968; Mandal 

et al., 2003; 

Zhang et al., 

2008) 

1,8-diazabicyclo 

[5.4.0] undec-7-

ene 

DBU 
 

152.24 1.02 80 -70 13.5 

(Heldebrant et 

al., 2005; 

Kaupmees et 

al., 2014) 
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Table 8.2 Summary of the reactions representing CO2 hydration, CO2 capture and speciation 

associated with various solvents including monoethanolamine (MEA), sodium glycinate (NaGly), 

2-amino-2-methylpropanol (AMP), and 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU).  

Phenomena Reactions 
Equilibrium 

constant 

Reaction 

# 

Water dissociation H2O(l)  H+(aq)  + OH-(aq) aKw = 10-13.997 1 

CO2 hydration 

CO2(g) + H2O(l)  H2CO3*(aq) Kh = 10-1.46 2 

H2CO3*(aq)  HCO3-(aq) + H+(aq) aKa1 = 10-6.33 3 

HCO3-(aq)  CO32-(aq) + H+(aq) aKa2 = 10-10.33 4 

CO2 capture and 

speciation in MEA 

MEAH+(aq)   MEA + H+(aq) K5 = 10-9.44 5 

MEA + HCO3-(aq)   

MEACOO-(aq) + H2O(l) 
K6 = 101.76 6 

CO2 capture and 

speciation in NaGly 

H+NOCH(COOH(./)	   

H+NOCH(COO9(./) 	+ 	H
O
(./)  

aKb1 = 10-2.34 7 

H+NOCH(COO9(./)	   

H(NCH(COO9(./) 	+ 	H
O
(./)  

aKb2 = 10-9.60 8 

H(NCH(COO9(./) + CO((./)	   

OOC9 NHCH(COO9(./) + H
O
(./)  

aKGly1 = 10-4.63 9 

OOC9 NHCH(COO9(./) + H(O(S)	 	  / 10 
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H(NCH(COO9(./) + HCO+
9
(./)  

CO2 capture and 

speciation in AMP 

AMPH+(aq)   AMP + H+(aq) K5 = 10-9.88 11 

AMP + HCO3-(aq)   

AMPCOO-(aq) + H2O(l) 
K6 = 10-1.319 12 

CO2 capture and 

speciation in DBU 

DBUH+(aq)   DBU + H+(aq) K5 = 10-13.5 13 

DBU + CO2 + H2O(l)   

DBUH+(aq) + HCO3-(aq) 
/ 14 

Cation recovery 

from Ca- and Mg-

bearing solids 

CaO(s) + H2O(l)  Ca(OH)2 (aq)  

Ca2+(aq) + 2 OH-(aq) 

CaSiO3(s) + H2O(l)   

Ca(OH)2 (aq) + SiO2(s)   

Ca2+(aq) + 2 OH-(aq) + SiO2(s) 

MgO(s) + H2O(l)  Mg(OH)2 (aq)  

Mg2+(aq) + 2 OH-(aq) 

 15 

Carbonate 

 formation 

Ca2+(aq) + CO32-(aq)  CaCO3(s) 

Mg2+(aq) + CO32-(aq)  MgCO3(s) 
 16 

Bicarbonate 

formation in amines 

that proceed via 

carbamate formation 

 

R1R2NH(aq) + CO2(aq)  R1R2NH+COO-(aq) 

R1 R2NH+COO-(aq) + R1 R2NH(aq)   

R1R2NCOO-(aq) + R1 R2NH2+(aq) 

R1R2NCOO-(aq) + H2O(l)   

R1R2NH(aq) + HCO3-(aq) 

 17 
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Bicarbonate 

formation in tertiary 

amines 

CO2(aq) + H2O(l)  H+(aq) + HCO3-(aq) 

R1R2 R3N(aq) + H+(aq)  R1R2 R3NH+ (aq) 
 18 
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Table 8.3 Summary of extents of carbonation of CaO, CaSiO3, and MgO at 75°C, CO2 partial 

pressure of 1 atm, reaction time of 3 hours, 15 wt% solid, and a stirring rate of 300 rpm. The 

carbonate content used to obtain the extent of carbon mineralization is based on 

Thermogravimetric Analysis (TGA).  

Minerals Solvents Concentration 
Extent of 

Carbonation (%) 
Std. Dev. (%) 

CaO 

H2O / 42.6 1.3 

MEA 

1 M 58.7 2.3 

2 M 98.6 0.4 

5 M 98.9 0.7 

NaGly 

0.5 M 68.4 4.6 

1 M 94.2 2.5 

2.5 M 92.1 2.8 

AMP 

1 M 73.0 1.5 

2 M 85.4 4.5 

5 M 93.1 2.1 

DBU 

0.5 M 60.5 15.0 

1 M 69.2 9.1 

2.5 M 83.4 2.6 

CaSiO3 

H2O / 16.7 7.7 

MEA 

1 M 18.4 0.7 

2 M 31.7 8.3 

5 M 36.0 1.8 
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NaGly 

0.5 M 14.1 3.5 

1 M 31.0 0.8 

2.5 M 35.9 0.8 

AMP 

1 M 23.4 1.1 

2 M 43.4 2.5 

5 M 21.7 4.1 

DBU 

0.5 M 17.0 0.7 

1 M 26.7 1.1 

2.5 M 10.3 0.1 

MgO 

H2O / 34.7 10.3 

MEA 

1 M 60.9 2.1 

2 M 61.9 1.1 

5 M 66.6 2.0 

NaGly 

0.5 M 66.5 2.4 

1 M 87.5 2.4 

2.5 M 73.7 1.1 

AMP 

1 M 53.2 6.9 

2 M 46.6 1.2 

5 M 32.7 0.6 

DBU 

0.5 M 55.7 3.90 

1 M 53.9 2.16 

2.5 M 39.5 13.75 
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Figure 8.1 Schematic representation of using regenerable solvents to capture and remove CO2 via 

carbon mineralization.  
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Figure 8.2 Total carbon (TC), Organic carbon (OC), and Inorganic Carbon (OC) concentrations 

in the aqueous phase as a function of the concentration of MEA (a-1) and sodium glycinate (b-1) 

are shown. pH as a function of MEA concentration (a-2) and sodium glycinate concentration (b-

2) are also shown.  
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Figure 8.3 Extent of carbon mineralization of CaO (a), CaSiO3 (b), and MgO (c) reacted in the 

presence of 0 eq mol/L, 0.5 eq mol/L, 1.0 eq mol/L, and 2.5 eq mol/L monoethanolamine (MEA, 

black square), sodium glycinate (NaGly, red circle), 2-amino-2-methylpropanol (AMP, blue 

upward facing triangle), and 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU, green downfacing 

triangle). All the experiments are performed at 75 °C, pCO2 = 1 atm, reaction time of 3 hours and 

a stirring rate of 300 rpm.   
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Figure 8.4 Identification of the species in the aqueous phase obtained after the carbon 

mineralization of (a) CaO, (b) CaSiO3, and (c) MgO reacted in monoethanolamine (MEA) using 

ATR-FTIR analyses. Species are identified based on spectra reported in reference. 
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Figure 8.5 Identification of the species in the aqueous phase obtained after the carbon 

mineralization of (a) CaO, (b) CaSiO3, and (c) MgO reacted in sodium glycinate (NaGly) using 

ATR-FTIR analyses. Species are identified based on spectra reported in references (Ahmed et al., 

2013; Doki et al., 2004; Ramachandran et al., 2007).  
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Figure 8.6 Identification of the species in the aqueous phase obtained after the carbon 

mineralization of (a) CaO, (b) CaSiO3, and (c) MgO reacted in 2-amino-2-methylpropanol (AMP) 

using ATR-FTIR analyses. Species are identified based on spectra reported in references (Ahmed 

et al., 2013; Doki et al., 2004; Ramachandran et al., 2007). 
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Figure 8.7 Identification of the species in the aqueous phase obtained after the carbon 

mineralization of (a) CaO, (b) CaSiO3, and (c) MgO reacted in 1,8-diazabicyclo [5.4.0] undec-7-

ene (DBU) using ATR-FTIR analyses. Species are identified based on spectra reported in 

references (Ahmed et al., 2013; Doki et al., 2004; Ramachandran et al., 2007). 
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Figure 8.8 Identification of the species in the solid product obtained after the carbon 

mineralization of CaO in (a) monoethanolamine (MEA), (b) sodium glycinate (NaGly), (c) 2-

amino-2-methylpropanol (AMP), and (d) 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) using ATR-

FTIR analyses. Species are identified based on spectra reported in references (Al-Hosney & 

Grassian, 2005; Böke et al., 2004; Plav et al., 1999). 
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Figure 8.9 Identification of the species in the solid product obtained after the carbon 

mineralization of CaSiO3 in (a) monoethanolamine (MEA), (b) sodium glycinate (NaGly), (c) 2-

amino-2-methylpropanol (AMP), and (d) 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) using ATR-

FTIR analyses. Species are identified based on spectra reported in references (Al-Hosney & 

Grassian, 2005; Basavaraj et al., 2019; Böke et al., 2004; Plav et al., 1999; Thompson et al., 2012). 
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Figure 8.10 Identification of the species in the solid product obtained after the carbon 

mineralization of MgO in (a) monoethanolamine (MEA), (b) sodium glycinate (NaGly), (c) 2-

amino-2-methylpropanol (AMP), and (d) 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) using ATR-

FTIR analyses. Species are identified based on spectra reported in references (Hopkinson et al., 

2012; Morgan et al., 2015). 
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Figure 8.11 Identification of the crystalline species in the solid product obtained after the carbon 

mineralization of CaO in (a) monoethanolamine (MEA), (b) sodium glycinate (NaGly), (c) 2-

amino-2-methylpropanol (AMP), and (d) 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) using XRD 

analyses. Crystallographic phases are identified based on the data presented in references (Chessin 

et al., 1965; Negro & Ungaretti, 1971; Maslen et al., 1993; Müller, 2010; Petch, 1961; Primak et 

al., 1948; Wang & Becker, 2009).  
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Figure 8.12 Identification of the crystalline species in the solid product obtained after the carbon 

mineralization of CaSiO3 in (a) monoethanolamine (MEA), (b) sodium glycinate (NaGly), (c) 2-

amino-2-methylpropanol (AMP), and (d) 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) using XRD 

analyses. Crystallographic phases are identified based on the data presented in references (Chessin 

et al., 1965; Negro & Ungaretti, 1971; Maslen et al., 1993; Müller, 2010; Petch, 1961a; Primak et 

al., 1948; Wang & Becker, 2009)]. 
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Figure 8.13 Identification of the crystalline species in the solid product obtained after the carbon 

mineralization of MgO in (a) monoethanolamine (MEA), (b) sodium glycinate (NaGly), (c) 2-

amino-2-methylpropanol (AMP), and (d) 1,8-diazabicyclo [5.4.0] undec-7-ene (DBU) using XRD 

analyses. Crystallographic phases are identified based on the data presented in references 

(Ballirano et al., 2013; Davies & Bubela, 1973; Ming & Franklin, 2010; Wang et al., 2020). 
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CHAPTER 9  

CONCLUSION AND FUTURE WORK  

9.1 Conclusion 

The studies reported in this thesis demonstrate that integrated reactive CO2 capture and 

carbon mineralization pathways can be designed to harness CO2 in flue gas streams with fewer 

unit operations, enhance the solubility of CO2 to increase the supply of carbonate and bicarbonate 

ions available for mineralization, and facilitate the chemical regeneration of the solvents as 

carbonates are formed. This approach provides an alternative to the thermal regeneration of 

solvents which occurs as 80-150°C as opposed to chemical solvent regeneration at 50-75°C. 

Further, in-operando X-ray scattering (e.g., Ultra Small, Small and Wide Angle X-Ray Scattering, 

USAXS, SAXS, WAXS; X-Ray Reflectivity, XRR; Grazing Incidence – Small Angle X-Ray 

Scattering, GI-SAXS) and spectroscopic (Attenuated Total Reflectance – Fourier Transform 

Infrared Spectroscopy, ATR FT-IR) measurements provide mechanistic insights into carbon 

mineralization.  

The feasibility of operating these reaction pathways in different modes: single step CO2-

solvent-alkaline solids and two step modes with CO2-solvent and CO2-loaded solvent-alkaline 

solid interactions is demonstrated experimentally using CaO and CaSiO3 as alkaline solids and 

monoethanolamine as the solvent for CO2 capture. Near complete conversions of CaO and about 

35% conversion of CaSiO3 at 50°C with 30 wt% MEA, a reaction time of 3 hours, and in well-

mixed environments in single step gas-liquid-solid and two step gas-liquid and liquid-solid 

configurations demonstrate the effectiveness of reactive CO2 capture and carbon mineralization 
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approaches. The effectiveness of mineralizing MgO using reactive CO2 capture and carbon 

mineralization with regenerable solvents is demonstrated.  

As an alternative to MEA which can be corrosive at high concentrations, environmentally 

benign amino acid salts such as sodium glycinate with similar CO2 capture capacities as MEA 

were shown to be effective in aiding the mineralization of CaO and CaSiO3. Evaluation of the 

effectiveness of various CO2 capture solvents such as MEA, Na-glycinate, AMP, and DBU 

demonstrated that high extents of carbon mineralization were achieved with MEA and Na-

glycinate at higher concentrations. However, the formation of gel-like phases with AMP and DBU 

at higher concentrations impacted carbon mineralization conversion. Further, the mechanisms of 

CO2 capture in primary, tertiary, and cyclical amines, and amino acid salts differ. For example, 

amino acid salts such as sodium glycinate and tertiary and cyclical amines such as AMP and DBU 

proceed via the formation of bicarbonate and carbonate species. MEA, in contrast, proceeds via 

the formation of carbamate species.  

The potential for increasing the reactive resources available for carbon mineralization are 

explored by heat treating serpentine, a hydrated magnesium silicate mineral. Reactive, high 

reactive magnesium silicates by heat treating serpentine have faster kinetics of carbon 

mineralization. The structural and the microstructural features of serpentine as it is heated are 

elucidated using USAXS/SAXS/WAXS measurements in conjunction with pore size distributions. 

These results are transformative for several reasons. First, integrating carbon mineralization  

with CO2 capture enables accelerated carbon mineralization and facilitates the chemical 

regeneration of the solvents at 50-75°C, which is lower than the thermal regeneration of solvents. 

Second, these reactions can be designed to operate in a single step gas-liquid-solid configuration 
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and in a two-step gas-solid and liquid-solid configuration. Thus, carbon mineralization can be 

easily integrated with existing CO2 capture plants using aqueous solvents. Third, high pressures of 

CO2 are not needed to accelerate carbon mineralization. These transformative aspects pave the 

way for low cost integrated CO2 capture and carbon mineralization pathways that can be operated 

using heat generated from low-grade geothermal sources. Participation in the NSF I-Corps project 

further allowed us to identify the key knowledge gaps for commercial realization including the 

need for energy efficient, low temperature integrated processes for CO2 capture and carbon 

mineralization to treat alkaline industrial residues, which paved the way for the scientific and 

technological advancements reported in this thesis.  

9.2 Future Work 

The results reported in this thesis demonstrate that integrated reactive CO2 capture and 

carbon mineralization pathways can be designed to achieve high conversion of Ca- and Mg-oxides, 

and Ca-silicate. These materials are abundant in alkaline industrial residues such as steel slag. 

Thus, integrated CO2 capture and carbon mineralization pathways can be deployed for the scalable 

realization of low temperature continuous processing of alkaline industrial residues to produce 

inorganic carbonates. The formation of highly viscous, gel-like fluids on capturing CO2 at high 

concentrations of solvents such as AMP and DBU needs to be further resolved for scalable 

implementation using these solvents. The transformations of Ca- and Mg-silicates as they react to 

produce inorganic carbonates using this integrated CO2 capture and carbon mineralization 

approach need to be further explored. Another less explored but highly transformative approach 

to accelerate carbon mineralization can be through the use of multi-solvent systems to recover 

specific constituents of a mineral. Novel reactor configurations to probe the kinetics of CO2 capture 

and carbon mineralization with inherent solvent regeneration are needed. The potential to 
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decarbonize various industrial sectors including iron and steel making and cement using this 

approach need to be investigated. These forward-looking research directions set the stage for the 

scalable realization of integrated CO2 capture and carbon mineralization pathways with inherent 

solvent regeneration.  
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