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ABSTRACT 

______________________________________________________________________________ 

 

The increase in the carbon dioxide (CO2) emissions to our atmosphere is 

the major contributor to global climate change. A number of methods for 

reducing greenhouse gases have been proposed including carbon capture and 

sequestration (CCS). To date, reactive absorption of CO2 into amine solvents is 

undoubtedly the most widely used technology for CO2 capture.  

Much research has been devoted to developing alternatives to amine 

solvents. One of the many potential solvent candidates is potassium carbonate 

(K2CO3). Although potassium carbonate is associated with lower cost, less 

toxicity and is less prone to degradation effects when compared to the current 

industrial benchmark solvent, monoethanolamine (MEA), it has a low rate of 

reaction resulting in poor mass transfer performance. Developing a non-toxic 

and affordable promoter will facilitate the use of potassium carbonate solvent 

systems for CO2 capture. 

Using a well-characterized wetted wall column (WWC), the reaction 

kinetics of CO2 into unpromoted and borate-promoted potassium carbonate 

(K2CO3) solutions have been studied. Results presented here show that, at 80 

°C, the addition of small amounts of boric acid (0.2 M, 0.6 M and 1.5 M) 

accelerates the overall absorption process of CO2 in carbonate solvents by 3 %, 

10 % and 29 % respectively. The Arrhenius expression for the reactions CO2 + 

OHˉ and CO2 + B(OH)4ˉ are kOH [M-1 s-1] = 2.53×1011exp(-4311/T [K]) and kborate 

[M-1 s-1] = 5.5×1011exp(-6927/T [K]); and the activation energies are 35.8 kJ 

mol-1 and 57.6 kJ mol-1 respectively. 

The reaction kinetics of CO2 absorption into a potassium carbonate 

solution promoted with monoethanolamine (MEA) have also been evaluated 

under conditions resembling those found at industrial CO2 capture plants. 

Results presented here show that at 63 °C the addition of MEA in small 

quantities, 1.1 M (5 wt%) and 2.2 M (10 wt%), accelerates the overall rate of 

absorption of CO2 in a 30 wt% potassium carbonate solvent by a factor of 16 

and 45 respectively. The Arrhenius expression for the reaction between CO2 and 

MEA is kMEA [M-1 s-1] = 4.24×109exp(-3825/T [K]) where the activation energy is 



 

 

IV 

31.8 kJ mol-1. Experimental results have been incorporated into an existing 

Aspen PlusTM model using the E-NRTL thermodynamic package. The resulting 

model replicates pilot plant data and simulates industrial capture processes 

employing K2CO3 and MEA as the capture agent. 

In addition, the absorption kinetics of carbon dioxide (CO2) into amino 

acid promoted potassium carbonate solutions has been studied. Experiments 

were conducted at concentrations up to 2.0 M and temperatures from 40 – 82 

°C. Results presented here show that the addition of 1.0 M glycine, sarcosine 

and proline accelerates the overall rate of absorption of CO2 into a 30 wt% 

K2CO3 solvent by a factor of 22, 45 and 14 respectively at 60 °C. The Arrhenius 

expressions for the reaction between CO2 and aforementioned amino acids are 

k2-Gly [M-1 s-1] = 1.22×1012exp(-5434/T [K]), k2-Sar [M-1 s-1] = 6.24×1010exp(-

1699/T [K]) and k2-Pro [M-1 s-1] = 1.02×1011exp(-2168/T [K]) where the activation 

energies are 45.2 kJ mol-1, 14.1 kJ mol-1 and 18.0 kJ mol-1 respectively. The 

reaction order with respect to glycine is found to be 1, while the reaction order 

with respect to sarcosine and proline is observed to be in the range of 1.3 – 1.6 

and 1.2 – 1.3 respectively. 

The effect of adding small amounts of commercial carbonic anhydrase 

enzyme, namely Novozymes NS81239, on the absorption of CO2 into a 30 wt% 

potassium carbonate has been investigated. Results demonstrated that at 40 

°C, the addition of this enzyme (300 mg L-1, 600 mg L-1 and 1300 mg L-1) 

enhances the pseudo-first-order rate constant and thus, the overall absorption 

process of CO2 into potassium carbonate solvents by 14 %, 20 % and 34 %. 

However, a further increase in the concentration to 6600 mg L-1 appears to be 

ineffective as it presents no greater catalytic effect than that from 1300 mg L-1 

[NCA]. It is also found that at a constant enzyme concentration, the overall 

absorption of CO2 into carbonate solvents increases with temperature ranging 

from 40 °C to 60 °C. Above this range, an increase in temperature proves to be 

counter-productive. 

Results from this study have implications for the operation of carbonate 

based solvent systems for carbon capture processes, and more specifically will 

allow more accurate design of absorber units. 
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CHAPTER 1 - INTRODUCTION 

Emission and Remediation of Greenhouse Gases 

It has become apparent that the release of carbon dioxide (CO2) into the 

atmosphere traps heat emitted from the sun. The more CO2 there is, the hotter 

and wetter the earth's climate becomes. Observations suggest that the 

atmospheric concentration of carbon dioxide has been escalating over the past 

century when compared to the steady level of the 18th century, before the 

industrial revolution. The 2005 concentration of CO2 was reported at 379 parts 

per million (ppm), while more recent (2013) measurements at a US government 

agency lab in Hawaii showed that the concentration has topped 400 ppm for 

the first time since three to five million years ago - before modern humans 

existed. This was 43% higher than that of the pre-industrial era [1]. 

Consequently, the average land surface temperature was reported to have 

increased by 0.4 - 0.6 °C in the last century, while the mean global temperature 

is now increasing at an unprecedented rate [2]. This is almost entirely caused 

by the emissions of man-made greenhouse gases for which fossil fuels 

contribute over three quarters of the total emissions [3]. 

The use of energy was reported to be the largest source of greenhouse 

gas emission amongst other anthropogenic sources [1]. As represented in Figure 

1-1, energy is responsible for over 80% of the manmade greenhouse gases in 

Annex-1 or industrialized countries including Australia, New Zealand, Canada, 

France, Germany, United Kingdom, United States and others as listed in a 

report by International Energy Agency (IEA) [1]. Agriculture has a smaller 

contribution, generating mostly CH4 and N2O from livestock and rice 

cultivation, while industrial processes unrelated to energy have approximately 

the same contribution as agriculture, producing mainly N2O and fluorinated 

gases [1]. 
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Figure 1-1 Shares of anthropogenic greenhouse gas emissions in Annex-1 or 

industrialized countries in 2006. Reprinted from [1]. 

 

The direct combustions of both fossil and non-fossil fuels dominate the 

energy sector. As depicted in Figure 1-2, global total energy supply (TPES) had 

more than a twofold increase between 1971 and 2007. Although the use of non-

fossil fuel energy has slightly increased, fossil fuels have been the major source 

of energy supply over the past 35 years. In 2007, fossil fuels contributed 

approximately 82% of the global TPES. 

 

 
Figure 1-2 World primary energy supply. Reprinted from [1]. 

 



 

 

3

Much relying on fossil fuels, the increasing world energy demand is 

obviously a key factor in the observed upward trends in the world’s carbon 

dioxide emissions. As seen in Figure 1-3, annual carbon dioxide emissions from 

fuel combustion have been increasing significantly from near zero before the 

industrial revolution in 1870’s to 29 GtCO2 in 2007. 

 

 
Figure 1-3 CO2 emissions from fossil fuel combustion. Reprinted from [1]. 

 

The World Energy Outlook projects that world energy supply will rise by 

40% between 2007 and 2030 [4]. With fossil fuels remaining at around 80%, 

carbon dioxide emissions from both fossil and non-fossil fuel combustion are 

consequently expected to continue their growth reaching 40.2 GtCO2 by 2030. 

Such a trend is in accordance with the worst case scenario presented in the 

IPCC report, which forecasts the earth’s average temperature to increase 

between 2.4 and 6.4 °C by 2100 [5]. 

Statistically, coal has been a major source of electricity in comparison to 

other fossil fuel sources [6]. Coal combustion is a well developed technology to 

produce electricity. As of 2005, it was responsible for up to 90% of the power 

generated in Australia [7]. The availability of coal as a natural resource is 

abundant. This makes coal an affordable and reliable source of energy. As 

depicted in Figure 1-4, the use of coal as an energy source has been increasing 
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since 1950. It is evident that coal has been and will continue to be one of the 

major sources of fuel for electricity generation. 

In comparing coal to natural gas and petroleum, IEA suggested that 

natural gas-fired plants are the most efficient (55-60%) and have the lowest 

carbon dioxide emission, producing 0.45 kg CO2/kWh [8]. On the other hand, 

petroleum fuels produce 0.80 kg CO2/kWh. Coal-fired power plants generate 

the most carbon dioxide, approximately 0.96 kg CO2/kWh, and are only 40-

50% efficient. 

 

 

Figure 1-4 Electricity generation from fossil fuels from 1950 to 2002. Reprinted from  

[6]. 

 

It is obvious that the application for carbon dioxide capture and storage 

(CCS) should be targeted to coal-fired power plants. Developing an affordable 

capture technology for coal-fired power plants is critical for the reduction in 

world's CO2 emissions. Thus, this thesis focuses on the application of carbon 

capture targeted to conditions seen at coal-fired power plants. 
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Carbon Capture and Storage (CCS) 

A number of technologies have been developed for carbon dioxide 

removal from flue gases. These technologies include membranes, adsorption, 

cryogenics, and absorption into a chemical solvent [2]. Despite the small 

footprint membrane technology has offered, high selectivity combined with high 

throughput of CO2 is principally difficult to achieve, particularly at an industrial 

scale of CO2 capture from coal-fired power plants. Similarly, the main drawback 

of the adsorption process is that it has a poor CO2 capacity and CO2 selectivity. 

Cryogenic separation necessitates a process for water removal and a large 

amount of energy is required for refrigeration, which often makes this process 

prohibitive due to high costs. So far, CO2 capture by a solvent absorption 

process provides the most mature and economical option for separating CO2 

from bulk gas streams [8].  

As shown in Figure 1-5, these CO2 capture processes can be integrated 

into industrial processes and fossil fuel energy sectors as follows: pre-

combustion, post-combustion, and oxyfuel.  

 

 

Figure 1-5 Carbon dioxide capture systems. Taken from [2]. 
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Post combustion capture processes are usually retrofitted to the existing 

infrastructure. On the other hand, pre-combustion capture processes generate 

a syngas from which CO2 can be removed before further processing for liquid 

fuel production or electricity generation. Oxyfuel is a rather new process in 

which the need for CO2 separation is eliminated although it requires an 

oxygen/nitrogen separation which is usually more expensive due to the 

similarity of oxygen and nitrogen chemical properties.  

There are several industrial applications involving process streams where 

the opportunity to capture CO2 can be exploited. These processes include steel 

production, natural gas sweetening, cement production, and ammonia 

production. Due to the scope of this project, industrial processes will not be 

discussed any further, but they are seen as a potential for further study. 

It is important to note that a significant cost will be associated with the 

transportation and storage of CO2 following the removal of carbon dioxide from 

flue gases. Due to the scope of this project, this thesis will focus only on the 

capture process of CO2 using solvent absorption technology. 

  



 

 

7

CHAPTER 2 - LITERATURE REVIEW 

2.1 Overview of Solvent Technology 

2.1.1 Absorber and Desorber Conf igurat ion 

The basic principle behind solvent absorption is the transfer of a gas 

such as carbon dioxide (CO2) from the waste gas stream to a liquid solvent in a 

gas-liquid contactor known as an absorber. The loaded solvent is then 

regenerated in a similar contactor known as a desorber or regenerator. 

Figure 2-1 shows a basic configuration of a solvent absorption system for 

CO2 capture. The CO2 is removed from the flue gas and the treated flue gas 

leaves from the top of the absorber. A CO2-lean solvent enters the top of the 

absorber allowing a counter-current contact with the flue gas in the absorber 

which is normally a packed column. The rich solvent exits from the base of the 

absorber where it flows to a heater, which pre-heats the solvent before entering 

the absorber. The rich solvent is then pumped to the top of the desorber or 

regenerator which is also typically a packed column. A high temperature as well 

as a low pressure is applied as a driving force for the release of CO2 from the 

solvent. This cycling process ensures the conservation of the solvent. 

Various conditions are encountered in CO2 removal process and specific 

to the application of the process. These conditions are tabulated and shown in 

Table 2-1 [9]. Concentrated CO2 streams and high total pressures are generally 

encountered in natural gas treating and ammonia syngas processing. The inlet 

concentrations of carbon dioxide are normally in the range of 2 - 3 vol% for 

natural gas treating process and 10 - 15 vol% for coal-fired power plants, while 

the inlet pressure is approximately atmospheric for both. Outlet CO2 

concentrations of the treated gas are specific to the process requirements. 

However, the treating should target at least 90% CO2 removal and 95% purity 

[10]. 

While this work mainly focuses on reactive absorption processes in 

alkaline solution, both reactive absorption in alkaline solution and absorption 

in a physical solvent are suitable process techniques for treating gas streams 

containing acid gases such as carbon dioxide and hydrogen sulfide. However, it 

is important to note that physical absorption processes are economically 
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feasible only when the acid gas partial pressure is high (> 14 bar) as the 

capacity of physical solvents is a function of partial pressure. Physical solvents 

physically dissolve acid gases without any chemical reaction. These gases are 

then released without the application of heat instead by reducing the pressure. 

Conversely, a reactive absorption requires the presence of chemical reaction in 

the solution which has the effect of enhancing the liquid phase mass transfer. 

In reactive absorption, stripping occurs by reversing this chemical reaction, 

typically through the application of heat. 

 

 
Figure 2-1 Basic configuration of a solvent absorption system for CO2 capture. 

 

Table 2-1 CO2 capture process conditions normally encountered in the absorber [9]. 

Process 

 
Inlet CO2  
(vol%) 
 

Outlet CO2 
(vol%) 

PTOT 
(atm) 

Natural gas treatment 0 - 50 1 - 2 10 - 70 
Ammonia 17 - 19 0.01 - 0.2 30 
Coal power plant 10 - 15 1 - 1.5 1 - 1.3 
Natural gas power plant 2 - 3 0.2 - 0.3 1 - 1.3 
 

2.1.2 Solvent Screening based on Cost  

CCS has been proposed as a solution that justifies not only immediate 

reduction in carbon dioxide emissions but also the world's need for cheap and 

reliable sources of energy. However, the cost for implementing CCS technology 
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is still prohibitive. Past studies estimate that the integration of CO2 capture 

increases the wholesale price of electricity generation from coal-fired power 

plants by up to 80% [11]. Each element of this cost must be well comprehended 

and reduced in order to implement CCS technology. 

It has been reported that the capture and compression cost alone 

contributes up to 80% of the total CCS cost with the remaining cost due to 

sequestration and transportation [12]. This estimation is based on the cost of 

CO2 capture using an industrial benchmark solvent, a 30 wt% 

monoethanolamine (MEA) solvent. However, the overall cost varies depending 

on many factors such as: site specifications, quality of the waste gas, and 

technology utilized. It becomes self-explanatory that the greatest opportunity for 

reducing both capital and operating costs associated with CCS technology is 

associated with improving the capture process. 

Almost half of the cost of CO2 capture is associated with solvent 

regeneration [12]. The regeneration energy is often determined by the solvent 

characteristics such as: CO2 loading capacity, heat of absorption and rate of 

absorption. 

The CO2 loading capacity is a measure of the amount of CO2 that can be 

absorbed per unit of solvent. The loading capacity is related to the vapour-liquid 

equilibrium characteristics of the solvent. An increase in solvent capacity leads 

to more CO2 being absorbed and desorbed for the same amount of solvent. This 

subsequently leads to a more efficient process. 

A past study by Oyenaken and Rochelle [27] shows that the heat of 

absorption plays an equally important role to that of the solvent capacity in 

determining the regeneration energy. At a fixed solvent capacity, solvents with a 

higher heat of absorption demand less energy to regenerate. Similarly, at a fixed 

heat of absorption, solvents with a higher capacity require less energy. 

The rate of absorption is another key factor in determining both capital 

and operating costs of the capture process. A faster rate of absorption leads to a 

reduced column height, saving capital costs associated with building of the 

contactor. Additionally, the absorber can be operated closer to equilibrium 

resulting in more efficient process. Depending on the chemistry of reactive 
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absorption, an improved heat of desorption can lead to a decrease in the rate of 

absorption. 

A solvent with these attributes can result in significant reduction in 

operating and capital cost of carbon capture process. In addition to being 

environmentally benign, the screening of the potential solvents must be based 

upon the aforementioned properties. 

2.1.3 Mass Transfer  o f  Fast  Chemical  React ion 

The analysis of mass transfer in this study is based on the assumption 

that the gas, such as CO2, is soluble in the liquid but any reactants or products 

present in the solvent will not enter the gas. Flux, NCO2 [mol m-2 s-1], can be 

calculated as follows: 

  

େܰ୓మ ൌ െܦେ୓మ
߲ሾCOଶሿ

ݔ߲
 

Equation 2-1 

 

As depicted in Figure 2-2, mass transfer coefficients are a proportionality 

of flux to a concentration driving force across gas and liquid films and can 

consequently be defined as: 

 

େܰ୓మ ൌ

ە
ۖ
۔

ۖ
ۓ ୋ൫ܭ େܲ୓మ െ େܲ୓మ

∗ ൯

݇୥൫ େܲ୓మ െ େܲ୓మ,௜൯

݇୪
°ሺሾCOଶሿ௜ െ ሾCOଶሿ௕ሻ	or	

݇୪
°

ܪ
൫ େܲ୓మ,௜ െ େܲ୓మ
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Equation 2-2 

 

KG [mol Pa-1 m-2 s-1] is the overall gas phase mass transfer coefficient, kg 

[mol Pa-1 m-2 s-1] is the gas film mass transfer coefficient, and kl° [m s-1] 

represents the liquid mass transfer coefficient. PCO2 [Pa] is the average bulk 

partial pressure, 
2

*
COP [Pa] is the equilibrium partial pressure of CO2, and PCO2,i 

[Pa] is the partial pressure of CO2 at the gas-liquid interface. H [Pa m3 mol-1] 

represents the Henry’s Law constant of CO2 in the solvent. 
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In addition, Equation 2-1 shows that mass transfer coefficients are 

functions of the diffusivities of CO2 in the solvent, DCO2 [m
2 s-1].  

 

  
Figure 2-2 Physical mass transfer of CO2 from bulk gas to bulk liquid. Adapted from 

[13]. 

 

In a non-reactive gas liquid system, the overall mass transfer coefficient 

consists of two resistances in series: the gas film and the liquid film. Thus, the 

overall resistance is the sum of the gas resistance and the liquid film resistance, 

as shown in the following equation: 

 

1
ୋܭ

ൌ
1
݇୥
൅
ܪ

݇୪
° 

Equation 2-3 

 

The addition of chemical reaction leads to an increase in the rate of 

absorption and lowers the equilibrium partial pressure. This analysis considers 

the second order reaction shown in Equation 2-4. The rate of reaction rCO2 

(d[CO2]/dt) [mol s-1] is given by Equation 2-5 (NB: in this work all species are 

aqueous unless otherwise stated). 
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CO2 + OHˉ ↔ HCO3ˉ 

Equation 2-4 

 

rCO2 = -kOH[CO2][OHˉ] 

Equation 2-5 

 

With chemical reactions occurring in the liquid, there are three factors to 

consider: what happens in the gas film, in the liquid film and in the body of the 

liquid. Figure 2-3 [13] illustrates simultaneous mass transfer with chemical 

reactions; with subscript 'A' being the CO2 species while subscript 'B' being the 

OHˉ species. 

 

  
Figure 2-3 Mass transfer with chemical reactions. Taken from [13]. 

 

This increase in the absorption rate due to chemical reaction is often 

described using an enhancement factor, E. The value of E is always greater 

than or equal to one. Levenspiel [13] formulated a general rate equation with 

chemical reactions as follows: 

 

େܰ୓మ ൌ
1

1
݇୥
൅

ܪ
݇୪
ܧ°

ሺ େܲ୓మ െ େܲ୓మ
∗ሻ 

Equation 2-6 
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The enhancement factor, which accounts for the reaction of CO2, is 

defined as the ratio of flux of CO2 with chemical reaction to the flux of CO2 by 

physical absorption. Figure 2-4 shows that E is dependent on two quantities; 

the enhancement factor for an infinitely fast reaction, Ei and the Hatta number, 

MH. The Hatta number is a dimensionless number that compares the rate of 

absorption of solute (i.e. CO2) in a reactive system to the rate of absorption of 

the same solute in the case of physical absorption. The Hatta number is 

actually the criterion for whether the reaction occurs completely in the liquid 

bulk or completely in the liquid film. Generally, at increasing values of the 

Hatta number, the chemical reaction is approaching the gas-liquid interface 

and the enhancement factor is limited by the value given by Ei. 
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Figure 2-4 Enhancement factor for fluid-fluid reactions as a function of MH and Ei. 

Taken from [13]. 

 

The reaction of CO2 with hydroxide ions is regarded as a fast but not 

'instantaneous' reaction and the reactant, [OHˉ], present in the liquid is in 

excess. As depicted in Figure 2-5, most species 'A' or aqueous CO2 reacts with 

reactant 'B' or OHˉ ions in a thin layer near the gas-liquid interface. 
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Figure 2-5 Fast chemical reaction with an excessive concentration of reactant 'B' or 

OHˉ  and a limited concentration of species 'A' or CO2 in this case. Taken from [13]. 

 

When the concentration of OHˉ does not drop appreciably within the 

film, it can be regarded as constant throughout, and the second order reaction 

simplifies to the more easily solved pseudo first order rate expression. 

Danckwerts [14] also showed that for some gas-liquid systems a surface 

renewal model was better than the model described in Equation 2-6. 

Danckwerts [14] also assumed that the gas mass transfer resistance could be 

neglected. The term PCO2* in Equation 2-6 is also often neglected as experiments 

are done at high partial pressures of CO2 (i.e. PCO2 >> PCO2*). In this case, the 

rate of absorption of CO2, R (mol s-1), can be given by [14]: 

 

൬
ܴ

݉େ୓ଶܿେ୓ଶ ୪ܸ
൰
ଶ

ൌ ሺ݇୪
௢ܽሻଶ ൅	݇ଵܦେ୓ଶܽଶ 

Equation 2-7 

 

Where mCO2 is the ratio of solubility in the liquid phase and in the gas 

phase, CCO2 is the concentration in the gas phase and Vl is the liquid phase 

volume. The pseudo first order rate coefficient is k1 while a is the interfacial 

area in m2/m3. 

Manipulation of this expression leads to: 

 

େܰ୓మ ൌ
ට൫݇୪

°൯
ଶ
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Equation 2-8 
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where Nco2 is the molar flux in mol m-2 s-1. For simple reaction with a 

base, OHˉ, the pseudo first order rate constant k1 (s-1) is defined as: 

 

݇ଵ ൌ ݇୓ୌሾOHିሿ 

Equation 2-9 

 

The addition of a promoter will increase the apparent rate of reaction, 

and assuming a second order reaction between CO2 and promoter, Equation 

2-9 becomes: 

 

݇ଵ ൌ ݇୓ୌሾOHିሿ ൅ ݇୔୰୭୫ሾPromሿ 

Equation 2-10 

 

2.2 Solvents for CO2 Absorption 

2.2.1 Alkanolamine Solvents 

The most commonly used solvents for CO2 capture are amine solvents 

[16]. The variety of amine solvents is effectively endless, but some of the more 

commonly used amines are outlined in Table 2-2. 
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Table 2-2 Common amines used in gas treating process [9]. 

Class Name Structure 

Primary Amine 

Monoethanolamine 
(MEA)  

Diglycolamine 
(DGA)  

Secondary Amine 

Diethanolamine 
(DEA)  

Diisopropanolamine 
(DIPA)  

Tertiary Amine 

Triethanolamine 
(TEA)  

N-methyldiethanolamine 
(MDEA)  

Hindered Amine 
2-amino-2-methyl-1-propanol 

(AMP)  
 

Primary and Secondary Amines 

The capacity for amine solvents to react with carbon dioxide is due to the 

reactivity of the amine group. As shown in Equation 2-11 and Equation 2-12, 

the reaction of CO2 with primary or secondary amines generates an amine 

carbamate via an exothermic pathway. Caplow [17] suggested a reaction 

mechanism for carbamate formation through a zwitterionic intermediate, a net-

neutral molecule with localized positive and negative electrical charges. This 

zwitterion mechanism is a two-step process in which the CO2 reacts with the 

amine to form an intermediate followed by a proton removal by bases (H2O, OHˉ 

or the amine itself) present in the solution. It is important to note that when the 

base (B) is dominated by amine itself, the loading capacity is limited to 0.5 mol 

CO2 per mol of amine. 

 

CO2 + NHR1R2  +NHR1R2COOˉ 

Equation 2-11 
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+NHR1R2COOˉ + B  NR1R2COOˉ + BH+ 

Equation 2-12 

 

Based on Equation 2-11, the rate of reaction of CO2 can be described as: 

 

େ୓మݎ ൌ െ݇୤ሾCOଶሿሾAmineሿ ൅ ݇௥ሾzwitterionሿ 

Equation 2-13 

 

The change in concentration of zwitterion (Equation 2-11 and Equation 

2-12) can be described as: 

 

െ
݀ሾzwitterionሿ

ݐ݀
ൌ ݇୤ሾCOଶሿሾAmineሿ െ ݇௥ሾzwitterionሿ െ෍݇ୠሾBሿሾzwitterionሿ 

Equation 2-14 

 

Assuming quasi pseudo state conditions for the concentration of the 

zwitterion, Equation 2-13 becomes [18]: 

 

େ୓మݎ ൌ െ෍݇ୠሾBሿሾzwitterionሿ 

Equation 2-15 

 

And manipulation of Equation 2-14 gives: 

 

ሾzwitterionሿ ൌ
݇୤ሾCOଶሿሾAmineሿ

݇௥ ൅ ∑݇ୠሾBሿ
 

Equation 2-16 

 

Substituting Equation 2-16 into Equation 2-15, the rate of reaction of 

CO2 can be expressed as follows: 

 

େ୓మݎ ൌ െ
݇୤ሾCOଶሿሾAmineሿ

1 ൅
݇୰

∑ ݇ୠሾBሿ

 

Equation 2-17 
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Past studies indicate that the reaction of CO2 with primary amines is 

often first order with respect to the concentration of the amine [9, 19-22]. This 

suggests that the rate limiting step is the zwitterion formation (Equation 2-11) 

such that 1 >> kr/∑kb[B] and thus, Equation 2-17 reduces to a simple second 

order kinetic relationship as follows: 

 

େ୓మݎ ൌ െ݇୤ሾCOଶሿሾAmineሿ 

Equation 2-18 

 

Alternatively, if it is assumed that the proton removal by a base is rate 

limiting, such that 1 << kr/∑kb[B], Equation 2-17 reduces to: 

 

େ୓మݎ ൌ െ෍݇ୠ
݇୤
݇୰
ሾCOଶሿሾAmineሿሾBሿ 

Equation 2-19 

 

The standard absorption process commonly considered for a post-

combustion CO2 capture process uses a 30 wt% or 7 M aqueous solution of 

MEA. The availability of a lone pair of electrons in the basic amine group of an 

MEA molecule makes it very reactive towards carbon dioxide. As shown in 

Equation 2-11 and Equation 2-12, a MEA molecule reacts with carbon dioxide 

to form an amine carbamate and a proton. At 50 °C, this reaction proceeds very 

efficiently releasing a heat load of approximately 72 kJ per mole of CO2 

absorbed (30 wt% MEA) [23]. 

The solvent is regenerated by heating the loaded solution to around 120 

°C. A thermal energy of 165 kJ per mol of CO2 desorbed is required for the 

regeneration [24]. A significant increase in the thermal energy is required for 

the desorption of CO2, when compared to the exothermic heat of absorption, 

due to the extra energy required to heat water sensibly to approximately 120 °C 

and to generate steam to drive desorption.  

To increase reaction rates, researchers have looked into the use of MEA 

solvents combined with the use tertiary alkanolamine solvents such as MDEA 
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[25], cyclic diamines such as piperazine (PZ), sterically hindered amines like 

AMP [23] and blends of various alkanolamines [26]. Table 2-3 shows some past 

studies in which MEA-promoted systems have been investigated. 

 

Table 2-3 Typical experimental conditions in which the use of MEA has been studied 

[24]. 

Solvent 

 
Concentration of 
Solvent (MEA 
Concentration) 
 

Temperature 
range 

Reference 

MDEA 
27 wt% (3 wt%) 
25 wt% (5 wt%) 
23 wt% (7 wt%)  

25-60 °C [25] 

PZ 2.0 M (30 wt%) 96 °C [27] 
TEA 0.1-0.5 M (0.1-0.5 M) 30-40 °C [28] 

 

Carbon dioxide absorption using primary and secondary amines may 

encounter many operational issues including high energy consumption. One of 

the main challenges with the use of amine solvents is its susceptibility to 

oxidative degradation due to exposure of the solvent to oxygen found in most 

flue gas streams. Researchers [29] found that primary amines such as MEA 

degrade faster than their secondary and tertiary counterparts such as DEA and 

MDEA. 

Degradation products of amine solvents include glycine, ammonia, 

carboxylic acids, pyridines, amines, substituted amides, substituted alkanols, 

substituted alkanones, substituted azetidines, substituted aldehydes and 

polymers of high molecular weight [24, 30]. Formic acid and 2-butanamine [31] 

are among the most concerning toxic by-products which prompt the use of 

alternative solvents. The formation of degradation products also results in 

reduced solvent capacity and thus, the overall plant efficiency. Indeed, it has 

been found that the use of MEA for a carbon capture process from coal-fired 

power plants could lead to an increase of human toxicity (an index that reflects 

the potential harm of a unit of chemical released to the environment and is 

often used in life cycle analysis) potential of more than 150% [32]. 
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Tertiary Amines 

Equation 2-20 describes a single step reaction mechanism of tertiary 

amines with CO2. This reaction generates a protonated amine and bicarbonate 

ion instead of an amine carbamate as observed in the reaction of primary and 

secondary amines with CO2. Although the absorption rate is slower and 

consumes water, this reaction results in high CO2 loading capacity and has low 

heat of absorption [33]. 

 

CO2 + NR1R2R3 + H2O ↔ +NHR1R2R3 + HCO3ˉ  

Equation 2-20 

 

The rate of this reaction can be expressed as a second order reaction 

shown in Equation 2-18. 

TEA and MDEA have been studied for removal of acidic gases such as 

CO2 and H2S. As tertiary amines lack the N-H bond required to form a 

carbamate, this reduces the reaction rate by encouraging CO2 hydrolysis to 

form bicarbonate and a protonated amine.  

Unlike primary and secondary amines (see Equation 2-11 and Equation 

2-12), tertiary amines are not limited to a solvent loading of 0.5 mole CO2 per 

mole of amine. These solvents readily approach a maximum loading of 1 mole 

CO2 per mole of amine, significantly increasing the solvent capacity [25]. 

Investigations of MDEA and TEA kinetics includes work that has been 

performed by Blauwhoff et al. [34], Versteeg and van Swaaij [33], Rinker et al. 

[35], Sada et al. [36], Donaldson and Nguyen [37], Crooks and Donnellan [38], 

and Littel et al. [39]. At room temperature, the average second-order rate 

constant is 4 M-1 s-1 for MDEA and 2 M-1 s-1 for TEA. In comparison to MDEA, 

MEA (primary amine) and DEA (secondary amine) have a rate constant three 

orders of magnitude higher [22] at the same temperature. 

 

Hindered Amines 

Researchers [9, 40] defined hindered amine as a primary amine in which 

the amino acid group is attached to a tertiary carbon, or a secondary amine in 

which the amino group is attached to a secondary or tertiary carbon. It can also 
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be interpreted as one where the carbamate reaction is restricted by the 

bulkiness of the atoms surrounding the amine group. Hindered amines have 

been used in several industrial processes for CO2 and H2S removal. 

The reaction of CO2 with hindered amines is similar to that of tertiary 

amines. The CO2 initially reacts to form an unstable carbamate: 

 

CO2 + Am + H2O ↔ AmCOOˉ + H3O+  

Equation 2-21 

 

Owing to steric hindrance, this reaction is slow and hence is the main 

contributor to the overall reaction rate. Following this reaction, the carbamate 

reacts rapidly with water to form a bicarbonate ion via an equilibrium reaction 

as shown in Equation 2-22.  

 

AmCOOˉ + H2O ↔ AmH+ + HCO3ˉ  

Equation 2-22  

 

From Equation 2-21 and Equation 2-22, the loading capacity of hindered 

amines approaches 1 mol of CO2 per mol of amine. 

In summary, the formation of bicarbonate shown in Equation 2-22 

results in high CO2 loading capacity, however the kinetics are slow due to the 

low concentrations of carbamate species formed in the solution. 

Yih and Shen [41], Alper [42], and Sharma [43] studied at the kinetics of 

CO2 absorption into AMP and found that the overall second order rate constant 

ranges from 500 - 1000 M-1 s-1 at room temperature. 

2.2.2 Amino Acid Based Solvents 

Amino acid based solvents have a number of advantages over amine 

solutions. They are highly resistant to oxidative degradation and have very low 

volatilities and minimal toxicity [44, 45]. Amino acids have been commercially 

used in acidic gas removal processes, including glycine in the Giammarco-

Vetrocoke process [46, 47], alanine and diethyl or dimethyl glycine in the BASF 
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Alkazid solvent [46, 48], and precipitating amino acids in the DECAB process 

[49]. 

Amino acids have the same functional group as amines, and thus may 

possess a similar reactivity towards CO2 [44, 50]. That being said, the presence 

of the same functional groups to alkanolamines does propose a number of 

significant problems including limited solvent capacity and high heats of 

regeneration [51]. Table 2-4 shows past studies on the use of amino acid salts 

as an alternative for alkanolamine solvents. The reaction pathways follow those 

of the relevant amine group (primary, secondary or tertiary). 

 

Table 2-4 Kinetic and solubility studies and modelling on a number of amino acids 

used for carbon capture. 

Potassium salts of: Basis of Study Concentration 
Range 

Temperature 
Range 

PCO2 (kPa) Reference 

Glycine  Solubility 0.1 - 3 M 20 - 78 °C < 60 [52]  
 Modelling 0.1 - 3 M 25 °C - [53] 

Threonine  Solubility 1 M 40 °C < 60 [52]  
Taurine  Solubility 

 Modelling 
0.5 - 4 M 25 - 40 °C 0.1 - 6 [54, 55] 

Alanine  Rate kinetics 0.5 M - 3 M 25 °C 0 - 8 [56] 
Aminohexanoic acid 
L-Arginine 
L-Aspartic Acid 
L-Glutamic Acid 
L-Methionine 
L-Phenylalanine 
L-Proline 
Sarcosine 
Sodium Glycinate  Solubility 10 - 30 wt% 30 - 50 °C 0.1 - 200 [57] 

n.b. Sodium glycinate is the only species in this table that is not a potassium salt. 

2.2.3 Potassium Carbonate Solvents 

Potassium carbonate (K2CO3) is an alternative solvent that may 

potentially overcome some of the issues associated with amine solvents. The 

major benefit is the ability to run the absorption process at high temperatures 

resulting in a more efficient and economical regeneration process. Potassium 

carbonate is also associated with lower toxicity and better resistance to 

degradation than commonly seen with amine solvents at high temperatures and 

in the presence of oxygen and other minor flue gas components such as SOx 

and NOx [58-60]. 
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The absorption of carbon dioxide in this case occurs by: 

 

CO2 + CO32ˉ + H2O ↔ 2 HCO3ˉ 

Equation 2-23  

 

The reaction is usually described in terms of two parallel, reversible 

reactions described in Equation 2-4 and Equation 2-24. 

 

HCO3ˉ + OHˉ ↔ CO32ˉ + H2O 

Equation 2-24 

 

Since the reaction rate is limited by the reaction of CO2 with hydroxide 

(i.e. Equation 2-4), it can be represented as a second order rate expression as 

shown in Equation 2-5. 

Additionally, aqueous carbon dioxide may react with water to form 

bicarbonate as shown in Equation 2-25. The contribution of this reaction to the 

overall absorption of CO2 is usually assumed to be negligible in basic solutions. 

 

CO2 + H2O ↔ HCO3ˉ + H+ 

Equation 2-25 

 

The use of potassium carbonate as an absorption solvent has emerged 

since the early 20th century [61]. In the 1950's, Benson and field established the 

Benfield process which employed hot potassium carbonate as a CO2 absorption 

solvent. This process was run at high partial pressures of CO2 and 

temperatures with a purpose to enhance the mass transfer and thus, reduce 

the gas purification costs [62-64]. During 1970's, this process was further 

developed by adding a small amount of a rate promoter, DEA which 

significantly reduced the capital and operating costs of the process and 

generated higher treated gas purity [61].  

Researchers found that carbon dioxide capture systems employing hot 

carbonate solvents require less heat integration between the absorber and the 
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regenerator as heats of absorptions are 37% that of amine systems [24, 62]. 

With regeneration energy constituting almost half of the total capture cost [12], 

it is obvious that a significant reduction in this energy demand can increase the 

overall efficiency of the plant.  

As coal gasification is normally run at an elevated pressure, temperature 

and high concentration of carbon dioxide (30 - 35 vol%) [63], coal gasification is 

an example of a process which would greatly benefit from the integration of a 

carbon capture solvent system employing hot carbonate solvents. At an elevated 

pressure, the CO2 absorption can be run at a temperature equivalent or above 

the atmospheric boiling temperature of carbonate solvents. This significantly 

reduces the heating load of the regenerator. 

Potassium carbonate based absorption processes are lower cost, less 

toxic, and less prone to degradation effects that are commonly seen with MEA 

at high temperatures and in the presence of oxygen and other minor flue gas 

components. Potassium carbonate acquires the ability to absorb not only CO2 

but also other polluting gases found in standard flue gases such as sulfur 

oxides (SOx) and nitrogen oxides (NOx). In addition, when compared to amine 

solvents, potassium carbonate solvents have very low volatility which results in 

much reduced solvent loss to atmosphere. 

Despite the aforementioned advantages, performance reductions caused 

by the exposure of carbonate solvents to flue gas impurities such as sulphur 

and nitrogen oxides may be inevitable. Additionally, potassium carbonate 

systems are prone to precipitation at high solvent loadings. 

2.2.4 Promoters 

The major challenge associated with potassium carbonate is its low rate 

of reaction resulting in poor mass transfer performance. Previous studies 

indicate that the transfer of carbon dioxide into potassium carbonate solvents 

at a room temperature approximately equals that of physical solvents such as 

water, indicating negligible rate enhancement due to chemical reaction [65, 66]. 

At 45 °C, the rate enhancement due to the reaction shown in Equation 2-4 

becomes apparent leading to a substantial increase in the mass transfer rate 

when compared to physical solvents. However, the mass transfer rate is still far 
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below that of amine solvents such as MEA, DEA and piperazine, even at a 

temperature as high as a typical absorber operating temperature of 120 °C [65, 

66].  

One approach to improving solvent performance is to blend potassium 

carbonate with promoters. Factors that are considered in screening a promoter 

include: 

 Promoters should possess a high CO2 absorption rate 

 They should be economically affordable for mass production 

 They should have a low vapour pressure to suppress the loss of promoter 

through evaporation 

 They should be environmentally benign, non-corrosive and resistant to 

degradation by solvent exposure to high temperature, oxygen, gas 

impurities such as SOx and NOx 

 They should be a lewis base that cannot be too strong or too weak. 

A recent study by Cullinane and Rochelle [67] suggests that when such a 

promoter is used, potassium carbonate solvent is an energy efficient CO2 

absorbent and acquires several advantages over amine solvents such as MEA. 

Bishnoi et al [68] determined through experimental kinetic studies that 

carbonate systems when promoted by piperazine (PZ) have rate constants which 

surpass that of amine solvents. Past studies on a number rate promoters 

typically used in carbonate systems are summarized in Table 2-5. 

 

Table 2-5 Most commonly used rate promoters for carbonate solvent systems. 

Promoter Promoter 
concentration 

K2CO3 

concentration 
Temperature 
range 

PCO2 (kPa) Reference 

Diethanolamine 
(DEA) 

1 - 3wt% 30 wt% 100 °C N/A* [69] 
2 M 1 M 18 °C 100 [70] 

Triethanolamine 
(TEA) 

1 - 3wt% 30 wt% 100 °C N/A* [69] 

Monoethanolamine 
(MEA) 

1 - 3wt% 30 wt% 100 °C N/A* [69] 
2 M 1 M 18 °C 100 [70] 

Piperazine (PZ) 0.45- 3.6 M 0 - 3.1 M 25 - 110 °C 0 - 48 [71] 
Diisopropanolamine 
(DIPA) 

0.6 M 2 M 90 °C 30 [72] 

2-amino-2-methyl-
1-propanol (AMP) 

unknown 

Boric acid, B(OH)3 1 - 5 wt% 30 wt% 50 - 80 °C unknown [73] 
*Note that Results for DEA, TEA and MEA presented in this table were obtained from 
desorption experiments and thus, partial pressure of CO2 is not relevant. 
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Amine-Promoted K2CO3 Solvents 

Usually primary or secondary amines are used as rate promoters while 

tertiary amines (where the zwitterions can no longer deprotonate) do not show a 

significant rate increasing effect [22, 74]. However, data at high temperatures 

and a thorough kinetic study of amine-promoted potassium carbonate solvent 

systems are very rare. This work (Chapter 6) is aimed at filling those gaps for 

MEA-promoted potassium carbonate systems.  

Researchers have considered two different chemical mechanisms to 

describe the catalytic effect of rate promoters in the carbonate system. A shuttle 

mechanism was proposed to describe the catalytic activity of primary and 

secondary amine promoters at low temperatures [65]. In this mechanism, the 

promoter acts as a carrier to provide another pathway for the transport of the 

absorbed CO2 from the gas-liquid interface to the bulk liquid. However, a more 

recent publication by Savage et al. [15, 75] indicated that the catalytic activity 

of amine in carbonate solutions can be better described by a homogeneous 

catalysis mechanism. The amine promoter in this mechanism acts as a 

homogenous catalyst for the reaction shown in Equation 2-4 by first forming an 

intermediate with the absorbed CO2 via Equation 2-11. This process is followed 

by a very fast second step reaction in which the intermediate is deprotonated to 

produce the final product (Equation 2-12). In the homogenous catalysis 

mechanism, both reactions take place at the gas-liquid interface. 

 

K2CO3 Solvents Promoted by Boric Acid 

The use of boric acid is carbonate solvents is attractive as it is 

economically affordable, readily available for mass production and not expected 

to interact with gas impurities such as SOx and NOx.  

An effective promoter for CO2 absorption can be viewed as a Lewis base 

that cannot be too strong or too weak [66]. This facilitates the reaction with CO2 

which is a weak acid. When the pH is elevated to around 10, boric acid 

predominantly exists as borate B(OH)4ˉ [76], which satisfies these criteria as a 

good promoter for CO2 absorption. 
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Figure 2-6 outlines the reaction mechanism of borate with CO2. It can be 

seen from this figure, carbon dioxide molecules that reacts with borate, 

ultimately detach themselves from the borate compounds which subsequently 

leave them in the bicarbonate form. 

 

 
Figure 2-6 Catalytic mechanism of the absorption of CO2 by boric acid [77]. 

 

Table 2-6 outlines some prior work on boric acid as a catalyst in CO2 

hydration. Although general studies on boric acid can be found in literature, 

very few of them actually cover the reaction kinetic of boric acid with carbon 

dioxide.  Guo et al. [77] and Ghosh et al. [73] carried out an experimental 

kinetic study on the reaction of boric acid with carbon dioxide. Although only 

Ghosh et al. [73] performed the experiments at temperatures and 

concentrations relevant to the industrial CO2 capture process, his results are 

only as good as a performance indicator. One of the objectives of this work is to 

extend his kinetic study of boric acid up to a point where the results can be 

used for simulation purposes and thus, allow accurate design of the absorber 

unit for carbon capture processes employing borate-promoted potassium 

carbonate solvents. 

 

Table 2-6 Past studies on boric acid as a catalyst for CO2 hydration. 

Author (Year) Basis of 
Study 

Boric acid 
concentration 

K2CO3 

concentration 
Temperature 
range 

Reference 

Eickmeyer (1974) Industrial 
application 

1 - 10 wt% 15 - 40 wt% - [78] 

Supap et al. (2006) Oxidative 
degradation 

24 mM N/A 55 - 120 °C [58] 

Ahmadi et al. (2008) Simulation 1.25 M 3 M 60 - 120 °C [79] 
Ghosh et al. (2009) Kinetic 1 - 5 wt% 30 wt% 50 - 80 °C [73] 
Guo et al. (2011) Kinetic 6.25 mM N/A 100 °C [77] 
Endo et al. (2011) VLE 0 - 5 wt% 30 wt% 50 - 70 °C [80] 
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CHAPTER 3 - SCOPE OF THESIS 
 

Responding to the research needs for developing carbonate solvent 

systems for carbon capture from stationery coal-fired power plants, this 

research strives to satisfy a number of important objectives. 

Chapter 5 focuses on the reaction kinetics of CO2 into unpromoted and 

borate-promoted potassium carbonate solutions. This chapter aims to 

investigate the effect of boric acid on CO2 absorption in potassium carbonate 

solutions at high boron concentrations and temperatures, conditions normally 

encountered in industrial carbon capture systems. In addition, rate constants 

for the CO2 + OHˉ reaction in unpromoted potassium carbonate solutions 

obtained in this study validates the experimental technique used in this study. 

Chapter 6 characterizes the reaction between CO2 and MEA within 

carbonate solutions and measures the activation energy under temperatures, 

pH levels and ionic strengths relevant to industrial carbon capture systems. 

Using this experimental data, a rate-based absorption model employing 

MEA/K2CO3 mixtures has been developed using Aspen PlusTM (version 7.3) and 

compared with both bench and pilot scale data. 

Chapter 7 focuses on the use of potassium carbonate solutions promoted 

with various primary and secondary deprotonated amino acids, i.e. glycine, 

sarcosine and proline, while Chapter 8 focuses on the use of carbonic 

anhydrase as a promoter in carbonate solutions. 

These results provide valuable information for the operation of promoted 

potassium carbonate solvent systems for carbon capture processes, and more 

specifically will allow more accurate design of absorber units. 

The scope of the proposed work encompasses conditions that would be 

encountered in industrial carbon capture systems. The temperature range of 

interest is from 25 °C - 80 °C, pH levels from 10 - 12 and ionic strength high 

(i.e. 30 - 40 wt% K2CO3). It should be noted that Chapters 4, 5 and 6 are of 

publication materials in Chemical Engineering Journal, while Chapters 7 and 8 

are in the process to be published. 
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CHAPTER 4 - MATERIALS AND RESEARCH METHODOLOGY 

 

This chapter summarizes the experimental methods and equipment used 

in this study for examining the performance of a number of promoters in the 

carbonate solutions. A wetted wall column was used to measure the absorption 

rates of CO2 into carbonate solvents. Proton and carbon-13 nuclear magnetic 

resonance (NMR) spectroscopy was used to determine the concentration of 

amino acids in the carbonate solvents. 

4.1 Materials 

All chemicals employed in this study were of analytical reagent grade and 

used as supplied without further purification. Potassium Carbonate (≥ 99 %, 

Thasco Chemical Co. Ltd.) and potassium bicarbonate (≥ 99 %, Sigma-Alrich 

Australia) were weighed to prepare a chemical equivalent of a 30 wt% K2CO3 

solution with an initial CO2 loading of 0.15. This equated to a carbonate 

concentration of 2.4 M and bicarbonate concentration of 0.9 M. The promoters 

boric acid (≥ 99.5 %), MEA (≥ 99 %) and amino acids glycine (≥ 99 %), sarcosine 

(≥ 98 %) and L-proline (≥ 99 %) were purchased from Chem-Supply Australia, 

Science Supply Australia and Sigma-Aldrich Australia respectively (NB: in this 

work L-proline is referred as proline as the stereochemistry is not relevant). 

Potassium hydroxide (≥ 97 %) was purchase from Merck Australia and used for 

deprotonation of the amino acids. 

Deuterium oxide (≥ 99 %), 3-(trimethylsilyl)propionic-2,2,3,3-d4 acid 

sodium salt or TMS (≥ 98 %) and 1,4-dioxane (≥ 99 %) were purchased from 

Sigma-Aldrich Australia and used as an internal reference standard for nuclear 

magnetic resonance (NMR) measurements. CO2/N2 gas mixtures (10.2 % and 

89.8 % CO2 in N2 obtained from BOC Gases Australia) were used for all 

experiments and for the calibration of a MGA3000C CO2 gas analyser (ANRI 

Instrument and Control Pty. Ltd.). 

An indicator and a buffer were acquired and used without further 

purification for stopped-flow experiments: 4-nitrophenol (≥ 99.5 %, Sigma-

Aldrich Australia) and imidazole (≥ 99 %, Sigma-Aldrich Australia). Hydrochloric 

acid standard solution (1 M, Merck Australia) and sodium hydroxide (≥ 97.0 %, 

Chem-Supply Australia) solutions were used to adjust pH values. A carbonic 
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anhydrase enzyme was supplied by Novozymes Denmark with a product code 

'NS81239'. The product contains approximately 3 g/L carbonic anhydrase 

enzyme protein and has an enzyme activity of 900 kWAU/mL. A CO2/N2 gas 

mixture (10.6 % CO2 in N2 obtained from BOC Gas Australia) was used to 

prepare aqueous CO2 solutions. All reagents used in this study as well as its 

purity, supplier, purpose and chapters involved are summarized in Table 4-1. 
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Table 4-1 Information (purity, supplier, purpose and chapters involved) on all reagents 

used in this work. 

Reagents Purity Supplier Purpose Chapter 
Potassium carbonate, 
K2CO3 

≥ 99 % 
Thasco Chemical 
CO. Ltd. 

Solvent 5, 6, 7, 8 

Potassium bicarbonate, 
KHCO3 

≥ 99 % 
Sigma-Alrich 
Australia 

Solvent 5, 6, 7, 8 

Boric acid, B(OH)3 ≥ 99.5 % 
Chem-Supply 
Australia 

Promoter 5 

Monoethanolamine (MEA) ≥ 99 % 
Science Supply 
Australia 

Promoter 6 

Glycine ≥ 99 % 
Sigma-Aldrich 
Australia 

Promoter 7 

Sarcosine ≥ 98 % 
Sigma-Aldrich 
Australia 

Promoter 7 

Proline ≥ 99 % 
Sigma-Aldrich 
Australia 

Promoter 7 

Carbonic anhydrase 
enzyme 

38 g/L 
Novozymes 
Denmark 

Promoter 8 

Potassium hydroxide, KOH ≥ 97 % Merck Australia 
Deprotonation of 
amino acids 

7 

Deuterium oxide, D2O ≥ 99 % 
Sigma-Aldrich 
Australia 

NMR 7 

TMS ≥ 98 % 
Sigma-Aldrich 
Australia 

NMR 7 

1,4-dioxane ≥ 99 % 
Sigma-Aldrich 
Australia 

NMR 7 

4-nitrophenol ≥ 99.5 % 
Sigma-Aldrich 
Australia 

Indicator 8 

Imidazole ≥ 99 % 
Sigma-Aldrich 
Australia 

Buffer 8 

Hydrochloric acid, HCl 1 M Merck Australia pH control 8 

Sodium hydroxide, NaOH ≥ 97 % 
Chem-Supply 
Australia 

pH control 8 

CO2 in N2 gas mixture 

10.2 % 

BOC Gas 
Australia  

Wetted wall column 
experiments and gas 
analyser calibration 

5, 6, 7, 8 

89.8 % 5, 6, 7, 8 

10.6 % 
Stopped-flow 
experiments 

8 
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4.2 Research Methodology 

A range of equipment has been developed for the determination of 

accurate kinetic rate data for gas-liquid systems. The hydrodynamics, mass 

transfer resistances, and the interfacial area should be well characterized in 

such equipment. The most important ones include a laminar jet, a wetted wall 

column, a wetted sphere absorber and a stirred cell. Typical values of the liquid 

phase mass transfer coefficients (kl°) and contact times are presented in Table 

4-2 [81]. 

 

Table 4-2 Characteristics of different experimental apparatus for gas-liquid reactions 

[81]. 

Apparatus Contact time (s) 103 × kl° (m s-1) 

Laminar jet 0.01 -0.1 0.16 - 1.6 

Wetted wall column 0.1 -2 0.036 - 0.16 

Wetted sphere absorber 0.1 -1 0.05 -0.16 

Stirred cell > 1 0.016 -0.1 

 

It should be noted that for a well defined gas-liquid contact area, the 

liquid mass transfer coefficient is relatively low in the stirred cell which limits 

its applicability for fast reactions. Although the gas-liquid interfacial area and 

gas-liquid mass transfer coefficient can be widely varied and accurately 

estimated in a laminar jet, a wetted wall column and a wetted sphere absorber, 

the contact time of a laminar jet is rather short and therefore, the selection falls 

between the remaining two apparatuses. A wetted wall column is chosen as it is 

simpler and thus easier to model than a wetted sphere absorber. 

4.2.1 Wetted Wall  Column (WWC) Descr ipt ion 

The wetted wall column, shown in Figure 4-1, consists of a stainless steel 

tube 115 mm long with a 13 mm outer diameter. The total contact area, 4840 

mm2, was calculated as the longitudinal area of the tube, 4590 mm2, and the 

area of the top of the column, 250 mm2, which was considered a hemisphere 

due to the shape of the liquid film. The column was enclosed by a thick-walled 

steel cylinder with an outside diameter of 25 mm to provide a gas-liquid contact 
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chamber. The hydraulic diameter of the enclosure is 13 mm, giving a cross 

sectional area for gas flow of 380 mm2. The chamber was housed inside a 

second thick-walled steel chamber (102 mm outside diameter) that served as an 

insulating bath with circulating heat transfer liquid. 

 

  
Figure 4-1 Dimension of wetted wall column used in this study. 

 

The liquid solvent was contained in a stainless steel reservoir with a total 

volume of 3000 cm3. The fluid was pumped from the reservoir to the gas-liquid 

contact chamber. The fluid flowed up through the middle of the column, 

overflowed at the top, and was evenly distributed on the outer surface of the 

column. The liquid was collected at the bottom of the column and pumped back 

to the solution reservoir by a positive displacement IDEX micropump (Process 

Pump Pty. Ltd.). A typical liquid flowrate used in this experiment was 100 

mL/min. 

The gas flowrate was manually controlled by an outlet needle valve and 

monitored using an Aalborg flowmeter (0 - 1000 mL/min) (Pryde Measurement 

Pty. Ltd.). The gas was saturated with water at the operating temperature of the 

column in a sealed vessel immersed in a heat bath in order to avoid the gas 

absorbing water further downstream. After saturation, the gas was introduced 
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to the bottom of the column through a ¼ inch tube. It subsequently flowed 

counter-currently past the liquid film. The gas exited the top of the column and 

was routed to a condenser, and subsequently, a cold trap which was 

submerged in an ice bath in order to remove any water from the gas stream 

before analysis. Pressure in the column was controlled by a needle valve on the 

gas outlet tubing. A process flow diagram of the full experimental setup is 

shown in Figure 4-2. 

Liquid samples were analysed by acid titration prior to and after the 

experiment to determine solution pH and CO2 loading which was defined as 

moles of CO2 absorbed per mole of K2CO3. The concentration of HCO3ˉ and 

CO32ˉ was determined using a Metrohm Titrando 809 autotitrator (Switzerland).  

To measure the concentration of amino acid based promoters, liquid 

samples were analysed using proton and carbon-13 NMR spectroscopy. All NMR 

spectra were acquired on a Varian Unity Plus 400 MHz spectrometer at 25 °C 

and plotted using MestRe-C NMR Data Processing Software from MestreLab 

Research. TMS and D2O were used as external and internal reference standards 

of the 1H NMR respectively while 1,4-dioxane was used for 13C NMR 

measurement. 
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Figure 4-2 Process flow diagram of the wetted wall column. 

 

Liquid Titration 

Liquid samples were taken and analysed for the solution pH and CO2 

loading using an automated titrator (Metrohm Titrando 809, Switzerland). 

Sulphuric acid at 0.4 M (Univar, ≥ 98 % purity, Australia) was used to titrate 

the solution samples. A typical double endpoint titration result is shown in 

Figure 4-3. 
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4 mL of liquid samples contained in a 80 mL beakers were mixed with 40 

mL of RO water. The samples were subsequently titrated against 0.4 M sulfuric 

acid solutions (Univar, ≥ 98 % purity, Australia). 

 

 

 

Figure 4-3 Typical double endpoint titration used to determine the concentration of 

K2CO3 and KHCO3. The red graph indicates the pH of the solution and the black graph 

shows the gradient of the pH curve. The solution used for this demonstration contains 

2.6 M of K2CO3 and 0 M of KHCO3. 

 

Figure 4-3 is an example of an output from the automatic titrator used 

for carbonate/bicarbonate solutions which have the capacity to buffer. The 

endpoints EP1 and EP2 can be described by Equation 4-1 and Equation 4-2 

and have endpoint volumes V1 and V2. 

 

2 K2CO3 + H2SO4 → K2SO4 + 2 KHCO3 

Equation 4-1 
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2 KHCO3 + H2SO4 → K2SO4 + 2 CO2 + 2 H2O 

Equation 4-2 

 

The concentrations of bicarbonate and carbonate are determined using 

the following two equations: 

 

ሾCOଷ
ଶିሿ ൌ ଵܸ ൈ ሾHଶSOସሿ ൈ 2

ୱܸୟ୫୮୪ୣ
 

Equation 4-3 

 

ሾHCOଷ
ିሿ ൌ

ሺ ଶܸ െ 2 ଵܸሻ ൈ ሾHଶSOସሿ ൈ 2

ୱܸୟ୫୮୪ୣ
 

Equation 4-4  

 

Vsample is defined as the size of the sample of solution taken (4 mL). 

 

Gas Concentration Analysis 

Concentrations of gas samples were measured using a multi-gas 

analyser (ADC, MGA3000, Australia). Specifications for operational parameters 

of the gas analyser can be found in the following table: 

 
Table 4-3 Operating parameters for the multi-gas analyser used for CO2 concentration 

measurements in this study. 

 

Operating temperature 150 °C 
Operating Pressure Atmospheric 
Flow rate 0.2 – 1 L/min 
Repeatability < 0.1 % fsd 
Noise < 0.1 % fsd 
Cell response 4 s 

 

The gas analyser was calibrated against CO2/N2 gas mixtures (10.2 % 

and 89.8 % CO2 in N2, BOC Gas Australia) weekly. 
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4.2.2 WWC Methodology 

During each experiment, data points were collected at a steady-state flux 

with a bulk CO2 partial pressure of 90 kPa and an initial solution loading of 

0.15 (unless otherwise stated). Experiments were performed in which both 

concentration of the promoter and temperature were varied. Three repeat runs 

were carried out for each set of conditions. Standard deviations from the repeat 

runs were used to calculate the uncertainty intervals for the pseudo first order 

rate constant kobs (s-1) values, which are twice the standard error. As the change 

in CO2 concentration over the WWC was relatively small compared to the total 

CO2 concentration of the liquid, the equilibrium partial pressure of CO2 was 

assumed constant for each experiment, and was obtained from Endo [80]. The 

effect of the addition of promoter on the equilibrium partial pressure of CO2 was 

assumed to be negligible due to the high CO2 partial pressure used in the 

investigation.  

Experimental conditions were chosen such that the concentration of 

hydroxyl ions and promoter were always in large excess over dissolved carbon 

dioxide, resulting in pseudo-first-order kinetics.  Hence, the gas absorption rate 

can be expressed as Equation 2-8. 

In the absence of promoter, the apparent pseudo first order rate constant 

kobs (s-1) can then be expressed as Equation 2-9 (the pseudo first order rate 

constant k1 is referred as kobs from this point onwards for consistency purposes 

with the journal publications) and is related to the CO2 reaction rate rCO2 (M s-1) 

by: 

 

rCO2 = -kobs [CO2] 

Equation 4-5 

 

The value of kOH is determined in Chapter 5 and used in later chapters. 

The Henry’s Law constant and the diffusivity constant of CO2 in the promoted 

potassium carbonate solution were obtained from the literature [82-90]. 

Literature data were used to validate a correlation between the Henry’s law 

constant in a potassium carbonate solution and ionic strength first reported by 

Astarita et al. [16] and used by Proll et al. [88]. The same method was used 
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when estimating the diffusivity constant of CO2 in the potassium carbonate 

solutions. The physical liquid mass transfer coefficient was calculated using 

correlations developed by Pacheco [91] and Treybal [92]. 

4.2.3 WWC Character izat ion 

Gas Mass Transfer Coefficient 

The gas film mass transfer , kg, in a WWC has been determined by 

Bishnoi [68] who performed an experiment on an absorption of sulfur dioxide 

into 0.1 M NaOH. His experimental results have been correlated with a 

predicted gas film mass transfer proposed by Hobler [93]. The Sherwood 

number is defined as: 

  

݄ܵ ൌ 1.075 ቀܴ݁	ܵܿ	
ௗ

௛
ቁ
଴.଼ହ

  

Equation 4-6 

 

The Schmidt number is defined as: 

 

ܵܿ ൌ 	
ఓౝ

ఘౝ஽ిోమ
  

Equation 4-7 

 

where μg [pa s-1] is the gas viscosity and ρg [kg m-3] is the gas density. 

Also, h is the height of the WWC (115 mm) and d is the hydraulic diameter of 

the annulus (13 mm). The Reynolds number is: 

 

ܴ݁ ൌ
݀ݒ୥ߩ

୥ߤ
 

Equation 4-8 

 

where v [m s-1] is the linear velocity of the gas. The gas film mass transfer 

coefficient can be found from the following definition of the Sherwood number. 
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݄ܵ ൌ 	
ܴܶ݇௚݀

େ୓మܦ
 

Equation 4-9 

 

where T [K] is the temperature and R [J K-1 mol-1] is the gas constant. 

This correlation is used in the present study for determining the gas phase 

mass transfer coefficient. 

 

Liquid Mass Transfer Coefficient 

Mshewa and Pacheco [91] determined the liquid film mass transfer 

coefficient, o
lk , in a WWC via CO2 desorption from physical solvents such as 

water and ethylene glycol. A correlation of o
lk  based on an experimental work 

performed by Vivian and Peaceman [94] was originally used by Mshewa. 

Pacheco then obtained additional data and expanded the correlation to 

accommodate different experimental conditions. In the current study, 

experimental measurements of CO2 desorption from water were performed in 

order to verify and extend the experimental data obtained by Mshewa and 

Pacheco [91]. Pacheco’s experimental data were obtained from experiments 

performed at 700 kPa and over a range of temperatures from 25 °C to 120 °C. 

When CO2 is absorbed (or desorbed) from a liquid flowing down the 

WWC, the following equation describes the mass balance at the liquid side: 

 

୐ܸ
݀ሾCOଶሿୠ

୐

ݐ݀
ൌ ݇௟

°ܽ൫ሾCOଶሿ୧
୐ െ ሾCOଶሿୠ

୐൯ ൌ
݇௟
°ܽ
ܪ

൫ େܲ୓మ,௜ െ େܲ୓మ
∗ ൯ 

Equation 4-10 
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where VL [m3] is the volume of liquid circulating through the system, a 

[m2] is the interfacial area for mass transfer in the WWC. Assuming that 

desorption of CO2 from water is completely liquid film controlled, the partial 

pressure of CO2 approaches that at the gas bulk, i.e. PCO2,i ≈ PCO2,b. This 

assumption is validated as calculations demonstrate that the liquid film 

resistance contributes up to 97 % of the total resistance. 

Considering the molar concentration of CO2 in the gas is related to its 

partial pressure by: 

 

ሾCOଶሿୠ
ୋ ൌ

େܲ୓మ,௕

ܴܶ
 

Equation 4-11 

 

Equation 4-10 becomes: 

 

୐ܸ
݀ሾCOଶሿୠ

୐

ݐ݀
ൌ
݇௟
°ܽ
ܪ

൫ܴܶሾCOଶሿୠ
ୋ െ ܴܶሾCOଶሿୠ

୐൯ 

Equation 4-12 

 

The molar concentrations of CO2 at the gas and liquid bulk can be 

related by the following mass balance equation: 

 

݇௟
°ܽ൫ሾCOଶሿ୧

୐ െ ሾCOଶሿୠ
୐൯ ൌ ൫ሾCOଶሿୋ,୧୬ܩ െ ሾCOଶሿୋ,୭୳୲൯ 

Equation 4-13 

 

where G [m3 s-1] is the gas volumetric flow rate in the WWC and the 

superscripts 'G,in' and 'G,out' indicate the concentrations at the inlet and outlet 

of the WWC respectively. As CO2 is desorbed using a pure nitrogen gas stream, 

[CO2]G,in
 can be regarded as 0. Assuming the main contribution to the driving 

force at the gas side is given by the average of inlet and outlet CO2 

concentration, i.e. in Equation 4-12, ሾCOଶሿୠ
ୋ ൌ 0.5ሾCOଶሿୋ,୭୳୲ and when Equation 

4-13 is solved for	ሾCOଶሿୠ
୐, the following is obtained: 
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ሾCOଶሿୠ
୐ ൌ ቆ

ܩ

݇௟
°ܽ
൅
ܴܶ
ܪ2

ቇ ሾCOଶሿୋ,୭୳୲ 

Equation 4-14 

 

From Equation 2-5 and Equation 4-13, the following is obtained: 

 

୐ܸ
݀ሾCOଶሿୠ

୐

ݐ݀
ൌ െܩሾCOଶሿୋ,୭୳୲ 

Equation 4-15 

 

which gives: 

 

୐ܸ ቆ
ܩ

݇௟
°ܽ
൅
ܴܶ
ܪ2

ቇ
݀ሾCOଶሿୋ,୭୳୲

ݐ݀
ൌ െܩሾCOଶሿୋ,୭୳୲ 

Equation 4-16 

 

Equation 4-16 can be integrated from the start of the desorption 

experiment (t = 0) to a given time t generating: 

 

log௘ ቈ
ሾCOଶሿୋ,୭୳୲	ሺݐሻ

ሾCOଶሿୋ,୭୳୲	ሺݐ ൌ 0ሻ
቉ ൌ െ

ܩ

୐ܸ ቆ
ܩ
݇௟
°ܽ
൅ ܴܶ
ቇܪ2

 ݐ

Equation 4-17 

 

Equation 4-17 indicates that the physical mass transfer coefficient of 

CO2 in the WWC can be determined by measuring the slope of the plot of 

log௘ൣሾCOଶሿୋ,୭୳୲	ሺݐሻ൧ against time. 

Desorption experiments were performed by first introducing CO2 to a 

beaker containing 1.5 L of water for approximately three hours. Pure nitrogen 

was then used to desorb the CO2 from the liquid using the WWC and the outlet 

CO2 gas concentration and flowrate were recorded. Absorption of CO2 in water 

takes place through physical and chemical absorption. Chemical absorption is 

governed by the reaction shown in Equation 2-25. In agreement with work done 

by Versteeg [85], calculations show that only 1.7 % of the absorbed CO2 is 
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present as carbonate and bicarbonate ions. This verifies that such chemical 

absorption is negligible and therefore, it is reasonable to assume that the 

release of CO2 from water is completely governed by physical desorption. 

Figure 4-4 represents a typical set of experimental data for a desorption 

experiment. A linear regression approximation is used to calculate the slope of 

the plot of log௘ൣሾCOଶሿୋ,୭୳୲	ሺݐሻ൧ against time during steady state desorption. The 

slope is then used to determine	݇௟
°. 
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Figure 4-4 Desorption of CO2 from water in the WWC at 60 °C and atmospheric 

pressure, kl° is determined to be 1.4×10-4 m s-1. 

 

The physical mass transfer coefficients for CO2 in the WWC determined 

experimentally were compared with a fundamental model first developed by 

Emmert [95] and used by Pacheco [91]. This model is based on the solution of 

the equation of continuity for diffusion into a falling liquid film where convective 

transport is considered in the direction of the flow while diffusive transport is 

considered in the direction perpendicular to the liquid-gas interface. In the 

development of this model it is assumed that there is a parabolic velocity profile 

in the liquid phase and that the concentration of the diffusing species in the 

liquid-gas interface is uniform. Pacheco chose a form of the expression given by 

Hobler [91, 93]: 
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݇௟
° ൌ

ሶܸ

ܽ
ሺ1 െ  ሻߠ

Equation 4-18 

 

where ሶܸ  [m3 s-1] is the volumetric flowrate of the liquid and ߠ represents a 

dimensionless driving force of the diffusing gas in the liquid film. ߠ is calculated 

as follows: 

 

ߠ ൌ 1 െ 3ට
ߟ
ߨ
 

Equation 4-19 

 

A dimensionless penetration distance,  , is defined as: 

 

ߟ ൌ
େ୓మ߬ܦ

߲ଶ
 

Equation 4-20 

 

߬ [s] is the surface contact time, defined as: 

 

߬ ൌ
݄
ୱݑ

 

Equation 4-21 

 

The film thickness, δ [m], is given by: 

 

δ ൌ ඨ
୪ߤ3 ሶܸ

୪ܹ݃ߩ

య

 

Equation 4-22 

 

where ߤ௟ [pa s] is the liquid viscosity, ߩ௟ [kg m-3] is the liquid density, g [m 

s-2] is the gravity constant and W [m] is the circumference of the column. A 

liquid surface velocity, su , is given by: 
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௦ݑ ൌ
୪߲݃ଶߩ

୪ߤ2
 

Equation 4-23 

 

Experimental results obtained from operating the current WWC over a 

range of operating conditions have been compared with this correlation 

developed by Pacheco [91] as well as a correlation developed by Treybal [92]. 

The good agreement between results (presented in Figure 4-5 and Figure 4-6) 

and theoretical predictions is considered to validate the WWC technique used to 

measure the reaction kinetics of unpromoted and promoted CO2 absorption in 

potassium carbonate solutions. It is important to note that, at Reynolds 

number 66 shown in Figure 4-6, it is suspected that the liquid flowrate is not 

high enough to completely wet the column and therefore, the result at this 

particular point is seemingly deviated from the literature.  
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Figure 4-5 Effect of temperature on physical liquid mass transfer coefficient at 

atmospheric pressure and a constant Reynolds number (Re = 132). 
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Figure 4-6 Effect of Reynolds number or liquid flowrate on the physical liquid mass 

transfer coefficient at 60 °C and atmospheric pressure. 

4.3 Stopped-flow pH Indicator 

The stopped-flow pH indicator technique was adapted from the work by 

Guo et al. [77] and used in this study to observe the reaction of CO2 with the 

carbonic anhydrase enzyme supplied by Novozymes. Experiments were carried 

out by mixing a solution containing aqueous CO2 with a pH-controlled reagent 

solution containing pH indicator (4-nitrophenol - 4.9×10-5 M), buffer (imidazole - 

10 mM) and the enzyme (0.1, 0.5 and 1 v/v%) in a 1:1 ratio.  Solutions 

containing CO2 were prepared by bubbling CO2/N2 gas mixture through a gas 

absorption bottle equipped with a ring packing at a constant temperature of 

25.3 °C for at least one hour before the experiment started. The flow of the gas 

mixture was continuous throughout the duration of the experiment. A gas tight 

syringe was used to transfer the CO2 solutions to the stopped-flow apparatus. 

The concentration of CO2 in the solution was determined from published 

solubility data [96], and was in the range of 1.6 to 2.1 mM. It is also important 

to note that the pH of the CO2 solutions was adjusted to 7 by adding 

hydrochloric acid or sodium hydroxide. A Metrohm Titrando 809 autotitrator 

(Switzerland) was used to determine the reaction pH which occurs when the 
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CO2 solution was mixed with the reagent solution. All concentrations quoted 

here refer to the reaction media after mixing. 

Kinetic measurements reported in Chapter 8 were carried out by 

monitoring the indicator absorbance versus time using an Applied Photophysics 

SX.18MV-R Stopped-Flow Reaction Analyzer equipped with a 10-mm optical 

path length observation chamber. The reagent resevoirs and stopped-flow cell 

were temperature controlled to within ± 0.1 °C using Grant water bath. Before 

kinetic experiments, measurements of spectrophotometric properties were 

performed between 200 and 800 nm in the stopped-flow cell. Extinction 

coefficients for the base and acid forms of the pH indicator 4-nitrophenol at 400 

nm are 200 M-1 cm-1 and 18100 M-1 cm-1. 

Eight repeat runs were performed at various enzyme concentrations, and 

values reported here represent averages. Reaction between the enzyme and CO2 

was typically complete within few seconds, and reaction rates corresponding to 

an approximately 10% initial conversion were obtained from the recorded 

absorbance traces by a signal exponential regression based on the Marquardt 

algorithm.  
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CHAPTER 5 - CO2 ABSORPTION IN UNPROMOTED AND BORATE-
CATALYZED POTASSIUM CARBONATE SOLUTIONS 

5.1 Introduction 

As described in Chapter 2, boric acid B(OH)3 is one possible promoter for 

the carbonate solvent system. B(OH)3 is attractive because it is relatively benign 

and economically affordable, and is not expected to interact with species such 

as sulphur dioxide or oxygen often present in the flue gas from power stations 

[80]. 

It has been reported that B(OH)3 and B(OH)4ˉ are the predominant boron 

species at boron concentrations and pH range relevant to carbon capture 

systems [77, 97]. Using a stopped-flow indicator technique, results from 

previous work [77] in this laboratory showed that, at total boron concentrations 

from 4 to 12.5 mM and a temperature range 25 °C to 40 °C, B(OH)4ˉ catalyzes 

CO2 hydration via the same fundamental mechanism as the enzyme carbonic 

anhydrase: 

 

B(OH)3·H2O ↔ B(OH)4ˉ + H+ 

Equation 5-1 

 

B(OH)4ˉ + CO2 → B(OH)4CO2ˉ 

Equation 5-2 

 

B(OH)4CO2ˉ + H2O → B(OH)3·H2O + HCO3ˉ 

Equation 5-3 

 

The apparent pseudo-first-order rate constant (kobs, s-1) can then be 

expressed as: 

 

kobs = kOH[OHˉ] + kborate[B(OH)4ˉ] 

Equation 5-4 

 

The aim of this study is to extend the work of Guo et al. [77] by 

investigating the effect of boric acid on CO2 absorption in potassium carbonate 
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solutions at significantly higher boron concentrations and temperatures, which 

are closer to the conditions encountered in industrial carbon capture systems 

[80, 98]. 

5.2 Results 

Rate constants (kOH, M-1 s-1) for the CO2 + OHˉ reaction in unpromoted 

carbonate systems were first investigated. The Arrhenius expression from 40 °C 

to 80 °C was found to be kOH [M-1 s-1] = 2.53×1011exp(-4311/T [K]) where the 

activation energy is 35.8 kJ mol-1. The measured rate constant is similar to 

literature values (average deviation < 8 %) [15, 16, 99]. The good agreement 

between the present data (presented in Figure 5-1) and the empirical 

correlations is considered to validate the experimental procedure used in the 

present work. 
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Figure 5-1 Arrhenius plot of log
10

kOH versus 1000/T including comparison with 

empirical correlations [15, 99]. 

 

At 80 °C the addition of 0.2 M, 0.6 M and 1.5 M boric acid into a 30 wt% 

potassium carbonate solution results in a drop in the pH from 10.1 to 9.8, 9.6 

and 9.3 respectively. pKa values of boric acid are obtained from the literature 
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[100], and are used to calculate the distribution of B(OH)4ˉ against B(OH)3. 

Figure 5-2 indicates that at around pH 9 - 10 B(OH)4ˉ is the dominant boron 

species, and is used to determine the concentration of active boron species. 
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Figure 5-2 Distribution (%) of B(OH)4ˉ (against B(OH)3) in borate solutions in the pH 

range 5 - 13 at 40 °C (dotted line), 60 °C (solid line) and 80 °C (dashed line). 

 

Pseudo-first-order rate constants (kobs, s-1) for CO2 reacting in 

unpromoted and borate-promoted potassium carbonate solutions at 40 °C, 60 

°C and 80 °C are shown in Figure 5-3a. Results demonstrate that, at 80 °C, the 

addition of relatively small amounts of boric acid (0.2 M, 0.6 M and 1.5 M) 

accelerates the overall absorption process of CO2 in carbonate solvents by 3 %, 

10 % and 29 % respectively. 
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Figure 5-3 (A) Pseudo-first-order reaction rate kobs versus concentration of promoter 

[B(OH)4ˉ] at 40 °C to 80 °C. (B) Plot of k’obs (= kborate [B(OH)4ˉ] = kobs – kOH[OHˉ]) versus 

[B(OH)4ˉ] at 40 °C to 80 °C. The presence of tetrahydroxyborate ion, B(OH)4ˉ, appears to 

improve the apparent rate constant (kobs) especially at high temperatures. The reaction 

rate (k’obs) increases linearly with [B(OH)4ˉ]. The slopes of these lines represent the rate 

constants kborate. 

 

When the rate component attributed to reaction with OHˉ is excluded 

(kobs = kborate[B(OH)4ˉ] = kobs - kOH[OHˉ]), non-zero rate constants are observed. 

This demonstrates the catalytic activity provided by the added boric acid. Figure 
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5-3b shows a linear relationship between kobs and [B(OH)4ˉ] suggesting that the 

catalyzed component is in a first-order relationship with [B(OH)4ˉ]. The slope of 

these lines provides an estimation of the rate constant kborate for the CO2 + 

B(OH)4ˉ reaction. The Arrhenius expression from 40 °C to 80 °C was found to be 

kborate [M-1 s-1] = 5.5×1011exp(-6927/T [K]) where the activation energy is 57.6 kJ 

mol-1. As illustrated in Figure 5-4, this finding is in good agreement with work 

by Guo et al. [77] which was done at low ionic strength conditions indicating 

that ionic strength may have little or no effect on the determination of kborate. 
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Figure 5-4 Arrhenius plot of lnkborate versus 1000/T including comparison with previous 

study. Results from Guo et al. [77] which were conducted using stopped-flow equipment 

at much lower boron concentrations and temperatures. These results have been 

extrapolated and found to be consistent with the results presented here. 

5.3 Discussion 

 Unloaded potassium carbonate solutions can have a pH of 12 where 

[OHˉ] becomes significant and thus the reaction CO2 + OHˉ governs the 

absorption process of CO2 into potassium carbonate solutions. However, it is 

extremely difficult to maintain carbonate solvents at such high pH as the 

absorption of CO2 releases protons and thus acidifies the solution. Figure 5-5 

demonstrates a typical experimental plot of pH versus loading in a 30 wt% 

potassium carbonate solution at 60 °C. In a CO2 capture plant, a ‘lean’ solvent 



 

 

54 

generally returned from a regenerator to an absorber is at around pH 10 or 

loading 0.2 [101, 102]. It is therefore apparent that under these conditions 

borate compounds can provide significant enhancement to the reaction rate. 
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Figure 5-5 A typical experimental pH versus loading curve of unpromoted and borate-

promoted potassium carbonate solvent at 60 °C. 

 

Figure 5-6 shows that at 60 °C and pH 10, B(OH)4ˉ contributes up to 

almost 60 % of the reaction of CO2 to form HCO3ˉ and hence borate catalysis 

may prove to be useful for promoting carbonate systems. 
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Figure 5-6 Contribution of borate catalysis in the pseudo-first-order rate constant (kobs, 

s-1). At pH 9 to 10 the contribution of reaction CO2 + B(OH)4ˉ is significant. 

5.4 Conclusions 

A comprehensive kinetic study on the absorption of CO2 into unpromoted 

and borate-promoted potassium carbonate solutions is presented in this work. 

Results indicate that an addition of a small amount of boric acid accelerates the 

apparent pseudo-first-order rate constant, and thus, the overall absorption of 

CO2 into potassium carbonate solutions. 
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CHAPTER 6 - A KINETIC AND PROCESS MODELING STUDY OF CO2 
CAPTURE WITH MEA-PROMOTED POTASSIUM CARBONATE 
SOLUTIONS 

6.1 Introduction 

In comparison to the carbonate system, amines have a relatively high 

rate of reaction with dissolved carbon dioxide. However, their performance as 

solvents is limited by a high heat of absorption, along with issues associated 

with amine loss and degradation and corrosion [103]. One way to improve the 

overall solvent system performance for CO2 capture is to blend a fast reacting 

amine, such as monoethanolamine (MEA), with a solvent that possesses a low 

heat of absorption, such as potassium carbonate (K2CO3), with the potential to 

take advantage of the benefits of both solvents. 

The overall reactions between CO2 and a primary amine RNH2 can be 

derived from Equation 2-11 and Equation 2-12 as: 

 

CO2 + RNH2 ↔ RNH2+COOˉ  

Equation 6-1 

 

RNH2+COOˉ + B ↔ RNHCOOˉ + BH+  

Equation 6-2 

 

The reaction shown in Equation 6-1 results in the formation of a 

zwitterion intermediate and is rate limiting, while the reaction shown in 

Equation 6-2 is the removal of a proton from the zwitterion by any base, B, to 

form the carbamate RNHCOOˉ. At low CO2 loadings the species water, 

hydroxide ions and MEA itself can act as bases [34]. In pure MEA solutions, the 

reaction rate is thus given by: 

 

rCO2 = -kMEA[CO2][MEA]  

Equation 6-3 

 

The CO2 absorption capacity of amine solvents is controlled by the 

consumption of the amine to form the carbamate. Furthermore, because of the 
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high exothermicity of Equation 6-2, the carbamate is also responsible for the 

high heat of absorption of amine solvents. These carbamates and their 

protonated counterparts can, however, undergo hydration reactions to 

regenerate the amine and produce a bicarbonate anion (Equation 6-4). 

 

RNHCOOˉ + H2O ↔ RNH2 + HCO3ˉ  

Equation 6-4 

 

In this study, the reaction between CO2 and MEA within carbonate 

solutions is characterized and its activation energy is measured under 

temperatures, pH levels and ionic strengths relevant to industrial carbon 

capture systems employing carbonate solutions. Under these experimental 

conditions the apparent rate constant kobs can then be expressed as: 

 

kobs = kOH[OHˉ] + kMEA[MEA]  

Equation 6-5 

 

Using this experimental kinetic data, a rate-based absorption model 

employing MEA/K2CO3 mixtures has been developed using Aspen PlusTM 

(version 7.3), which has been found to compare favorably with both bench and 

pilot scale data [104, 105]. The Aspen PlusTM simulation also provides excellent 

predictive capability and is a very useful design tool for studying  process 

variables such as temperature, pressure, CO2 loading and CO2 removal rate. 

6.2 Modeling 

A simulation of a MEA-promoted potassium carbonate system was 

developed based on a default rate-based absorption model of CO2 into MEA in 

Aspen PlusTM (Version 7.3). In this model, thermophysical property and reaction 

kinetic models were based on the work of Austgen et al. [106] and Hikita et al. 

[20]. A number of modifications have been incorporated into the default model 

in order to achieve agreement with pilot plant results [104] using a 32.5 wt% 

aqueous MEA solution. These modifications include updating the rate of 

chemical reactions from experimental data and literature values, and adding 
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binary interaction parameters between different components in the liquid 

phase. An open-loop absorption/desorption process flowsheet diagram obtained 

from the default rate-based absorption model from Aspen PlusTM is shown in 

Figure 6-1. 

 

 
Figure 6-1 Open-loop absorption/desorption process flowsheet diagram within Aspen 

PlusTM. 

 

The aqueous phase reactions occurring within the CO2-MEA-K2CO3-H2O 

system can be classified into two categories: (1) those that are rate controlling 

and (2) those that are more rapid and thus can be assumed to rapidly reach 

equilibrium. The equilibrium equations include Equation 6-4 and the following 

equations: 

 

RNH3+ + H2O ↔ RNH2 + H3O+ 

Equation 6-6 

 

2 H2O ↔ H3O+ + OHˉ 

Equation 6-7 

 

HCO3ˉ + H2O ↔ H3O+ + CO32ˉ 

Equation 6-8 
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The equilibrium constants of these reactions are available in the 

literature and can be expressed as: 

 

ln ௘௤ܭ ൌ ܽଵ ൅
ܽଶ

ܶൗ ൅ ܽଷ ln ܶ ൅ ܽସܶ 

Equation 6-9 

 

Coefficients a1-a4 are summarized in Table 6-1 for these equilibrium 

reactions together with the applicable temperatures and the relevant literature 

references [106-108]. 

 

Table 6-1 Temperature dependence of the equilibrium constants for reactions shown in 

Equation 6-4, Equation 6-6, Equation 6-7 and Equation 6-8. 

Reaction a1 a2 a3 a4 T (°C) Source 

Equation 6-4 -3.4 -5851 0 0 40-120 [106, 107] 

Equation 6-6 140.9 -13446 -22.5 0 0-225 [108] 

Equation 6-7 220.1 -12432 -35.5 0 0-225 [108] 

Equation 6-8 6.7 -3091 0 0 40-120 [106, 107] 

 

The rate controlling reactions are Equation 2-4 and Equation 6-1. The 

reaction rate constant (k) for these two equations is expressed in the form of an 

Arrhenius equation as follows: 

 

݇ ൌ ሾாೌି݁ܣ ோ⁄ ்ሿ  

Equation 6-10 

 

Where R is the universal gas constant (kJ mol-1 K-1) and T is temperature 

(K). Pre-exponential factors (A) and activation energies (Ea, kJ mol-1) for each 

reaction are summarized in Table 6-2. Rate constants for Equation 2-4 were 

obtained from the previous chapter as well as prior work [74, 77] in a 

temperature range of 40 °C - 80 °C and from the work of Pinsent et al. [109] for 

0 – 40 °C. The kinetic parameters for Equation 6-1 in a temperature range of 43 

- 83 °C were taken from the work completed by Thee et al. [19]. The equilibrium 

constants used to calculate the kinetic parameters for the reverse of reactions 
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shown in Equation 2-4 and Equation 6-1 were obtained from the work done by 

Austgen et al. [106]. 

 

Table 6-2 Pre-exponential factors (A) and activation energies (Ea) for reactions shown in 

Equation 6.1-2 and Equation 6.1-4. 

Reaction Direction Aa Ea (kJ mol-1) 
Reaction 

order 
T (°C) Source 

Equation 

2-4 

Forward 
4.3×1013 55.4 0 0-40 [109] 

2.5×1013 35.8  40-80 [74, 77] 

Reverse 2.4×1017 123.2 0 0-40 [109] 

Equation 

6-1 

Forward 
9.8×1010 41.2 0 5.6-35.4 [20] 

2.6×108 25.3  43-83 This work 

Reverse 3.23×1019 65.5 0 5.6-35.4 [20] 

a. The unit of the pre-exponential factor, A, varies depending on the order of the 
reaction. If the reaction is first order, it has the unit s-1. If the reaction is second 
order, it has the unit M-1 s-1. 

 

The CO2-MEA-K2CO3-H2O vapor-liquid equilibrium was described using 

an Electrolyte Non Random Two Liquid (E-NRTL) activity model. Binary 

electrolyte pair parameters were used to predict the activity coefficient of each 

component in the system. Aspen PlusTM default parameters for MEA and H2O 

were used. These are obtained from the work of Austgen et al. [106] and have 

been shown to give an accurate prediction of VLE data for an MEA system [110, 

111]. The parameters are claimed to be applicable at a temperature up to 120 

°C and an MEA concentration up to 50 wt%. However, such default parameters 

provide a more limited prediction for carbonate species [80]. Cullinane and 

Rochelle developed alternate binary interaction parameters for the K2CO3-

KHCO3 system suitable for carbon capture processes [112].  In this 

investigation, a combination of the default parameters for MEA and the 

Cullinane parameters for K2CO3-KHCO3 were used to simulate the CO2-MEA-

K2CO3-H2O system. 
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6.3 Results and Discussion 

6.3.1 Wetted Wall  Column Kinet i cs 

Figure 6-2 illustrates the effect of the addition of MEA on the pH of a 30 

wt% potassium carbonate solution based on experimental results. At 43 °C the 

addition of 0.5 M, 1.1 M and 2.2 M MEA into the potassium carbonate solution 

results in an increase in the pH from 10.1 to 10.5, 11.0 and 11.8 respectively. 

These significant increases in the solvent pH increase the rate of reaction for 

CO2 + OHˉ and hence the overall absorption rate of CO2. Table 6-3 summarizes 

the speciation predicted by Aspen PlusTM under equivalent conditions including 

the concentration of free amine. 
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Figure 6-2 Temperature-dependent effect of addition of MEA on the pH of a loaded 30 

wt% potassium carbonate solution. 
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Table 6-3 Speciation results for the wetted wall column experiment obtained from 

Aspen PlusTM. 

T (°C) [RNH2]added
 [RNH2]free

 [RNH3+] [RNHCOO¯ ] [HCO3¯] [CO32¯ ] 

43b 

0.5 0.26 0.28 0.03 0.60 2.73 

1.1 0.58 0.41 0.06 0.46 2.85 

2.2 1.28 0.54 0.10 0.32 2.95 

63b 

0.5 0.34 0.21 0.04 0.72 2.62 

1.1 0.68 0.31 0.06 0.59 2.71 

2.2 1.38 0.43 0.11 0.46 2.80 

83b 

0.5 0.40 0.14 0.04 0.84 2.50 

1.1 0.77 0.22 0.07 0.75 2.56 

2.2 1.49 0.32 0.12 0.63 2.62 

63c 

0.5 0.22 0.32 0.04 1.38 2.28 

1.1 0.48 0.49 0.08 1.17 2.45 

2.2 1.07 0.69 0.16 0.91 2.63 

a. The concentration unit of all species displayed in this table is kmol/m3. 
b. The initial concentration of bicarbonate and carbonate ion before the addition of 

MEA is 0.85 M and 2.42 M respectively (CO2 loading = 0.15). 
c. The initial concentration of bicarbonate and carbonate ion before the addition of 

MEA is 1.70 M and 1.99 M respectively (CO2 loading = 0.30). 
*Note that [K+] is not shown but allows charge balance. 

 

Pseudo-first order rate constants (kobs, s-1) for CO2 reacting in MEA-

promoted potassium carbonate at 43 °C, 63 °C and 83 °C are shown in Figure 

6-3a. Results demonstrate that, at 63 °C, the addition of MEA in relatively small 

amounts, 1.1 M (5 wt%) and 2.2 M (10 wt%), accelerates the pseudo-first order 

rate of absorption of CO2 in a 30 wt% potassium carbonate solvents by a factor 

of 16 and 45 respectively. It was also found that an increase in temperature 

improves the overall absorption of CO2. An increase in temperature from 43 °C 

to 63 °C and from 63 °C to 83 °C leads to an increase in the pseudo-first order 

rate of absorption of CO2 in a 30 wt% potassium carbonate added with 1.1 M 

MEA by a factor of 2.3 and 2.5 respectively. 
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Figure 6-3 (A) Plot of pseudo-first-order reaction rate constant kobs versus 

concentration of free amine [MEA]free at 43 °C to 83 °C. (B) Plot of kobs (= kMEA [MEA] = 

kobs – kOH [OHˉ]) versus [MEA]free at 43 °C to 83 °C. The presence of MEA improves the 

apparent rate constant (kobs) especially at high temperatures. The reaction rate (kobs) 

increases linearly with [MEA] indicating a first-order reaction rate. The slopes of these 

lines represent the rate constant kMEA. 

 

When the rate component due to CO2 + OHˉ is excluded (kobs = kMEA 

[MEA] = kobs – kOH [OHˉ]), non-zero rate constants are observed, which can be 

attributed to the reaction of MEA with CO2. Figure 6-3b shows a linear 
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relationship between kobs and [MEA] indicating that the assumption of pseudo-

first-order kinetics is valid. The slopes of these lines provide values of the rate 

constant kMEA (M-1 s-1) for the CO2 + MEA reaction. This finding is in agreement 

with the work of Aboudheir et al. [25, 113] who conducted their experiments 

over a range of MEA concentrations (0.19 M – 3.88 M) and a lower temperature 

range (20 °C – 40 °C), and concluded that the order of reaction can be 

approximated to 1 with respect to the concentration of MEA. The same 

conclusion was also drawn by Versteeg et al. [22] who summarized works from 

other researchers and found the data to be consistent over a range of MEA 

concentrations (0 M – 4.8 M) and a temperature range 0 °C – 40 °C. 
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Figure 6-4 Arrhenius plot of lnkMEA versus 1000/T for the reaction between MEA and 

CO2 from this work compared with the extrapolated Arrhenius fit (dashed line) of a work 

by Versteeg et al. [22] and works by Hikita et al. [20], Leder [114], Xiao et al. [115], and 

Horng et al. [116]. 

 

For the MEA + CO2 reaction the Arrhenius expression kMEA [M-1 s-1] = 

4.24×109exp(-3825/T [K]) from 43 °C to 83 °C is obtained, where the activation 

energy is 31.8 kJ mol-1. Figure 6-4 shows that measured rate constants in this 

work are similar (deviation < 6 %) to the extrapolated data from work done in a 

lower temperature range (5.6 °C < T < 35.4 °C) and MEA concentration (0.0152 
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M < [MEA] < 0.177 M) by Hikita et al. [20]. Good agreement (deviation < 5 %) 

was also found between the experimental results obtained in this study and the 

model predictions provided by Versteeg et al. [22]. It is important to note that 

both work by Hikita et al. [20] and work by Versteeg et al. [22] were done in 

aqueous MEA without the presence of potassium carbonate. It was found that 

data from the present work are also in good agreement with the study 

conducted using a stirred vessel in the presence of potassium carbonate at a 

high temperature (i.e. 80 °C) by Leder [114]. Data from the present work were 

also compared with those from more recent work done at lower temperatures by 

Xiao et al. [115] and Horng et al. [116]. It is important to note that the data from 

previously mentioned authors are in good agreement with the model predictions 

provided by Versteeg et al. [22]. Indeed the Versteeg correlation provides the 

best overall fit to the data across the full temperature range. 
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Figure 6-5 (A) Plot of kobs versus concentration of MEA added to a 30 wt% potassium 

carbonate solution at different carbonate loadings at 63 °C. (B) Plot of kobs versus 

concentration of free MEA at different carbonate loadings at 63 °C. An increase in 

carbonate loading decreases the concentration of free amine in the solution and thus, 

the overall absorption of CO2 into MEA-promoted potassium carbonate. 

 

The pseudo-first-order rate constant kobs was found to decrease with 

increasing CO2 loading in the liquid as shown in Figure 6-5. This can be 

explained mainly due to the decrease in free amine concentration and the pH or 
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hydroxyl ion concentration with increasing CO2 loading. Excluding the rate 

component attributed to the reaction CO2 + OHˉ, Figure 6-6 shows the plot of 

kobs versus the concentration of free MEA. It can be deduced from this figure 

that loading does not affect the rate constant kobs when the concentration of 

active MEA is taken into account. 
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Figure 6-6 Plot of kobs versus concentration of free MEA at different carbonate loadings 

at 63 °C. Loading does not affect rate constant kobs when the concentration of active 

MEA is taken into account. 

6.3.2 Aspen PlusT M Model  Deve lopment and Validat ion 

CO2-MEA-H2O System 

The model was used to simulate a CO2 capture pilot plant that employed 

a 32.5 wt% aqueous MEA solution as the capture agent. Flue gas and inlet 

solvent compositions as well as the absorber specification in the simulation 

were matched to the pilot plant [104]. The absorber had a total height of 11.1 

m, an inside diameter of 42.7 cm and two 3.05 m packed beds with a collector 

plate. The packing selected for the simulation was IMTP No. 40, a random metal 

packing with a specific area calculated as 145 m2/m3. Mass transfer coefficients 

and interfacial area for IMTP No. 40 were predicted using the correlation 

presented by Onda et al. [117]. 
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Simulation results as well as experimental performance data over 7 cases 

have been summarized in Table 6-4. Results show good agreement (deviation < 

13%) between pilot plant data and simulation results. 

 

Table 6-4 CO2-MEA-H2O simulations results compared to pilot plant data [104]. 

No 
Lean loading Gas composition Gas rate Liquid rate CO2 removal (%) 

[CO2]/[MEA] CO2 (mol %) (m3/min) (L/min) Experimental Simulation 

1 0.28 18.0 8.2 30.1 69 72 

2 0.29 16.9 8.2 60.8 86 79 

3 0.23 17.0 11.0 39.4 72 74 

4 0.23 17.1 10.9 56.8 87 80 

5 0.23 16.8 11.0 83.1 94 82 

6 0.28 17.0 5.6 42.8 95 89 

7 0.28 17.9 5.5 42.6 80 89 

8 0.28 17.5 5.5 40.7 95 89 

9 0.28 16.6 11.0 54.9 70 73 

 

CO2-K2CO3-H2O System 

The model was also used to simulate data collected from a CO2 capture 

pilot plant operated at Hazelwood power station which employed a 30 wt% 

unpromoted potassium carbonate solvent [102, 118]. Inlet stream compositions 

and column specifications were again matched to the pilot plant. The 

simulation results presented in Table 6-5 were found to be in agreement with 

the pilot plant data (deviation < 20%). The gas and solvent temperatures in the 

absorber and regenerator obtained from the simulation are higher than the pilot 

plant data as the simulation does not directly account for heat loss from the 

vessels. 
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Table 6-5 CO2-K2CO3-H2O simulations results compared to pilot plant data at 

Hazelwood power station [102]. 

Unit Stream Parameter Plant data Simulation Deviation (%) 

Absorber Gas-inlet T (°C) 44.7 Inputa - 

P (kPag) 3.2 Inputa - 

Flowrate (kg h-1) 5602 Inputa - 

Gas-outlet T (°C) 38.1 41.3 -8.4 

P (kPag) 0.3 0 - 

Flowrate (kg h-1) 4360 4383 -0.5 

Solvent-inlet T (°C) 40.1 Inputa - 

Flowrate (kg h-1) 39870 Inputa - 

Solvent-outlet T (°C) 43.6 54.2 -19.6 

Flowrate (kg h-1) 39940 41089 -2.9 

Regenerator Column T (°C) 115 Inputa - 

Solvent-inlet T (°C) 113 Inputa - 

Solvent-outlet T (°C) - 105.9 - 

Vapour-outlet T (°C) 110.3 113.3 -2.7 

P (kPag) 48.1 49.1 -2.1 

Flowrate (kg h-1) 2000 Inputa - 

a. Some of the pilot plant data were used as input data in the simulation 

model. 

 

CO2-MEA-H2O Simulation Compared to a Large Scale Industrial CO2 Capture 

Plant 

The simulation model was also used to simulate an industrial scale CO2 

capture process from a 600 MWe bituminous coal fired power plant station 

[105]. The flowrate and composition of the flue gas from the power plant are 

used as inputs to the simulation model. A 30 wt% MEA solution is used to 

facilitate the absorption/desorption process in the capture plant. The 

simulation results presented in Table 6-6 are found to match (deviation < 5%) 

the pilot plant data. 
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Table 6-6 CO2-MEA-H2O simulations results compared to a large scale CO2 capture 

plant using flue gas from a 600 MWe bituminous coal fired power plant station [105]. 

Unit Stream Parameter Plant data Simulation Deviation (%) 

Absorber Gas-inlet T (°C) 50 Inputa - 

P (kPa) 101.6 Inputa - 

Flowrate (kg h-1) 2.2×106 Inputa - 

Gas-outlet CO2 removal (%) 90 90 0 

Solvent-inlet T (°C) 50 Inputa - 

P (kPa) 180 Inputa - 

Flowrate (kg h-1) 7.2×106 Inputa - 

CO2 loading 0.24 Inputa - 

Solvent-outlet T (°C) 51 49.5 +3 

P (kPa) 101.3 101.6 -0.3 

Flowrate (kg h-1) 7.4×106 7.5×106 -0.4 

CO2 loading 0.48 0.48 +1 

Regenerator Column T (°C) 108 103 +5 

P (kPa) 130 131 +1 

Thermal energy 

(GJ/ton CO2) 
4.2 4.5 +5 

a. Some of the pilot plant data were used as input data in the simulation 

model. 

 

Model Limitations 

It is essential to note that the simulation model has a number of 

limitations. The approach used only accounts for the major reactions involving 

the components MEA, K2CO3 and H2O. Reactions between MEA and flue gas 

impurities (such as SOx and NOx) which can form heat stable salts and 

subsequently reduce the capacity of the solvent to absorb CO2 are not included 

due to the scope of this work. MEA degradation due to industrial conditions 

such as high temperatures has also not been taken into account in the 

simulation model due to limited knowledge on the complicated degradation 

pathways. 
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6.4 Conclusions 

A comprehensive kinetic and process modeling study on the absorption 

of CO2 into MEA-promoted potassium carbonate solutions has been presented 

in this work. Results show that the addition of MEA has significantly 

accelerated the apparent pseudo-first-order rate constant, and therefore, the 

overall absorption of CO2 into potassium carbonate solutions is improved. 

Incorporating those experimental results into Aspen PlusTM has enabled the 

development of a model that can successfully simulate both industrial and pilot 

plant solvent capture processes employing MEA and K2CO3 as the capture 

solvent. This is a vital first step to simulating MEA-promoted potassium 

carbonate processes. The rate constants and process model presented in this 

study have important implications for designing large scale absorption for 

carbon capture processes employing MEA-promoted potassium carbonate 

solvents. 
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CHAPTER 7 - A KINETIC STUDY OF CO2 CAPTURE WITH POTASSIUM 
CARBONATE SOLUTIONS PROMOTED WITH VARIOUS AMINO ACIDS: 
GLYCINE, SARCOSINE AND PROLINE 

7.1 Introduction 

This chapter focuses on the use of aqueous K2CO3 promoted with various 

primary and secondary deprotonated amino acids (see Table 7-1). A previous 

study by van Holst et al. [56] revealed that these amino acids exhibit a relatively 

high reaction rate towards CO2 and possess a rather low pKa. The rate of 

reaction is an important factor in reducing the size and therefore the capital 

costs of the absorber, while a low pKa is necessary to reduce the energy 

requirement for CO2 regeneration [56]. 

Aqueous amino acids such as glycine, sarcosine and proline exist in 

three states: acidic, zwitterionic and basic or deprotonated (see Table 7-1). The 

acidic state and zwitterionic state of the amino acids are much less reactive 

towards CO2 than the deprotonated state [56, 119, 120]. 

 

Table 7-1 Structures and pKa of amino acids studied in this work. 

Amino 

acid 

Structure 
pKa Source 

Acidic Zwitterionic Basic 

Glycine 

   

9.8 [100] 

Sarcosine 

   

10.6 [56] 

Proline 

  
 

10.2 [89] 

*Note that pKa values indicated in this table were of the deprotonated form of the amino 

acids and obtained at 25 °C. 

 

In this study, deprotonation of the zwitterionic amino acids is achieved 

by adding an equimolar amount of a strong base such as potassium hydroxide 

(KOH) which fully dissociates in water (Equation 7-1). 
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KOH (s) ↔ K+ + OHˉ 

Equation 7-1 

 

The deprotonation of the zwitterions can then be written as: 

 

+NH2R1R2COOˉ + OHˉ ⇌ NHR1R2COOˉ + H2O 

Equation 7-2 

 

A number of researchers [50, 56, 119, 121] have shown that the reaction 

between CO2 and the deprotonated amino acids the proceeds via a zwitterionic 

carbamate intermediate (Equation 7.1-6), similar to that of Equation 2-11. 

 

CO2 + NHR1R2COOˉ  ˉOOCNH+R1R2COOˉ 

Equation 7-3 

  

This reaction is followed by the removal of a proton from the zwitterionic 

carbamate by any base, B, to form a neutral carbamate as shown in Equation 

7-4. In this work, water (H2O), carbonate ions (CO32ˉ), bicarbonate ions (HCO3ˉ) 

and the deprotonated amino acid (AA) itself can all act as bases. 

 

ˉOOCNH+R1R2COOˉ + B  ˉOOCNR1R2COOˉ + BH+ 

Equation 7-4 

 

This two-step reaction mechanism was proposed by Caplow [17] and 

used previously by Danckwerts [122] to explain the reactions of CO2 with 

alkanolamines. The overall reaction rate for the reaction of CO2 with potassium 

salts of glycine, sarcosine and proline can then be expressed in a comparable 

equation to Equation 2-17. 
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Equation 7-5 
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Equation 7-6 

 

If the formation of the zwitterionic carbamate (Equation 7-3) is the rate 

limiting step, then 1 >> k-1/∑kb[B] and thus, Equation 7-6 reduces to a simple 

second order kinetic relationship as follows: 

 

େ୓మݎ ൌ െ݇ଶሾCOଶሿሾAAሿ 

Equation 7-7 

 

When the pH of the solution is above 10, the contribution of the CO2 + 

OHˉ reaction to the overall consumption of carbon dioxide must also be taken 

into account (Equation 2-4 and Equation 2-5). Therefore Equation 7-7 becomes: 

 

െݎେ୓మ ൌ ݇ଶሾCOଶሿሾAAሿ ൅ ݇୓ୌሾOHିሿሾCOଶሿ 

Equation 7-8 

 

However, if the proton removal from the zwitterionic carbamate is the 

rate limiting step (Equation 7-4), then the opposite is true (i.e. 1 << k-1/∑kb[B]) 

and thus Equation 7-6 becomes: 

 

େ୓మݎ ൌ
െ݇ଶሾCOଶሿሾAAሿሺ∑݇ୠሾBሿሻ

݇ିଵ
 

Equation 7-9 

 

ݏܾ݋′݇ ൌ
െ݇ଶሾAAሿሺ݇୅୅ሾAAሿ ൅ ݇ୌଶ୓ሾHଶOሿ൅݇େ୓ଷሾCO3ଶିሿ൅݇ୌେ୓ଷሾHCO3ିሿሻ

݇ିଵ
 

Equation 7-10 
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In this latter case, the reaction order dependency on the amino acid 

concentration varies from 1.0 (݇஺஺ሾܣܣሿ ≪ 	݇ୌଶ୓ሾHଶOሿ൅݇େ୓ଷሾܱܥଷ
ଶିሿ൅݇ୌେ୓ଷሾHCOଷ

ିሿ) to 

2.0 (݇஺஺ሾܣܣሿ ≫ 	݇ୌଶ୓ሾHଶOሿ൅݇େ୓ଷሾܱܥଷ
ଶିሿ൅݇ୌେ୓ଷሾHCOଷ

ିሿ). This phenomenon is 

commonly observed in the absorption of CO2 into secondary alkanolamines and 

the aqueous potassium salt of taurine [22, 50, 122]. 

In the presence of potassium carbonate where the pH of the solution is 

above 10, Equation 7-9 becomes: 

 

െݎେ୓మ ൌ
݇ଶሾCOଶሿሾAAሿሺ∑ ݇ୠሾBሿሻ

݇ିଵ
൅ ݇୓ୌሾOHିሿሾCOଶሿ 

Equation 7-11 

 

Using a wetted wall column (WWC), the reactions between CO2 and the 

amino acids glycine, sarcosine and proline in their deprotonated form have been 

studied and their activation energy is measured under temperatures, pH levels 

and ionic strengths relevant to industrial CO2 capture systems employing 

carbonate solutions. 

7.2 Results and Discussion 

7.2.1 NMR Analys is 

NMR spectroscopy was used to determine the ratio of carbamate to free 

amino acid in a 30 wt% potassium carbonate solution before and after CO2 

absorption. Figure 7-1 displays a typical 1H NMR spectrum of glycine and 

sarcosine in a pre-loaded 30 wt% potassium carbonate solution. Due to the 

overlapping peaks occurring in the 1H NMR spectra of proline, 13C NMR analysis 

was necessary to calculate the concentration of deprotonated proline. Figure 

7-2 displays a typical 13C NMR spectrum of proline. The chemical shift of the 

internal references D2O (for 1H NMR spectroscopy) and 1,4-dioxane (for 13C 

NMR spectrocopy) were assigned as 4.8 ppm and 66.5 ppm respectively [123]. 

In the 13C NMR analysis, the chemical shift of carbonate and bicarbonate ions 

appeared at around 168 ppm [121, 124]. As the sample was mixed with a 

considerable amount of D2O, the labile OH and NH protons exchanged rapidly 
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with the deuterium ions forming HDO. The signal of the OH and NH simply 

disappeared from the 1H NMR spectrum or was replaced by a weak signal close 

to chemical shift (δ) 4.8 coming from suspended droplets of HDO [123]. 
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Figure 7-1 1H NMR spectra of (A) glycine and (B) sarcosine as well as their equivalent 

carbamate species in a 30 wt% potassium carbonate solution with 1 M added amino 

acid concentration. D2O was used as an internal reference. 
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Figure 7-2 13C NMR spectra showing deprotonated proline and its carbamate in a 30 

wt% potassium carbonate solution with 2 M added proline concentration. The chemical 

shift of 1,4-dioxane as an internal reference was assigned at 66.5 ppm. 

 

The ratio of the concentration of the deprotonated amino acid to its 

carbamate is proportional to the ratio of the area under the peak of the 

corresponding species. For example, the ratio of glycine to its carbamate is 

proportional to the ratio of the area under peak ‘a’ to the area under peak ‘b’ 

(see Figure 7-1a). Table 7-2 summarizes the chemical shift (δ) of the species 

present in 1H and 13C NMR analysis as well as the concentration of 

deprotonated or active amino acid based on this ratio. It is important to note 

that for concentrations of 0.5 M proline, only a trace amount of active proline 

was found in the liquid sample leading to peak ‘j’ and peak ‘k’ being 

undetectable. In addition, sample dilution (by a factor of 3 to 18 in volume) and 

measurement temperature (25 °C - 80 °C) have a small effect (deviation < 14.7 

% for sample dilution and < 13.5 % for measurement temperature) on the NMR 

results. 
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Table 7-2 Concentration of active or deprotonated amino acid (AA) and chemical shift 

(δ) of species present in 1H NMR and 13C NMR spectra at different added amino acid 

concentrations. 

Deprotonated Carbamate [AA]added / M δ* / ppm [AA]** active / M 

Glycine  a b        

  

0.5 3.2 3.5       0.14 

1.0 3.2 3.6       0.40 

1.5 3.1 3.5       0.67 

2.0 3.2 3.5       1.10 

Sarcosine  d f c e      

  

0.5 2.4 2.7 3.3 3.7     0.17 

1.0 2.4 2.8 3.2 3.8     0.42 

1.5 2.3 2.8 3.1 3.7     0.67 

2.0 2.3 2.8 3.1 3.8     1.05 

Proline  o j i/n k p h/m q g/l  

 
 

0.5 24.2 -† 31.1 -† 47.1 61.9 162.9 182.8 Trace 

1.0 24.2 25.3 31.2 46.2 47.1 61.9 162.9 182.7 0.21 

1.5 24.1 25.3 31.0 46.1 46.9 61.7 162.8 182.6 0.86 

2.0 24.2 25.4 30.9 46.2 47.0 61.8 162.9 182.7 1.26 

* Results presented here were obtained from 1H NMR analysis for glycine and 

sarcosine and 13C NMR analysis for proline. 

** Ratio of the concentration of active or deprotonated amino acid to the concentration 

its carbamate is proportional to the ratio of the area under its corresponding peak 

in the 1H and 13C NMR spectrum. 

†  Intensity of ‘j’ and ‘k’ peaks at 0.5 M added proline concentration was very low 

indicating small amount of active or deprotonated proline. 

 

7.2.2 Wetted Wall  Column Kinet i cs 

Figure 7-3 illustrates the effect of adding deprotonated glycine, sarcosine, 

and proline on the pH of a pre-loaded 30 wt% potassium carbonate solution at 

60 °C. In all cases the addition of deprotonated amino acids results in a 

significant increase in the solution pH. The addition of glycinate and 

sarcosinate from 0 M to 2 M increases the pH in each solution by very similar 

amounts. The addition of deprotonated proline results in a greater increase in 
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solution pH than glycinate and sarcosinate. An increase in the solvent pH 

increases the rate of the CO2 + OHˉ reaction and hence improves the overall 

absorption rate of CO2. 
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Figure 7-3 The pH of a pre-loaded 30 wt% potassium carbonate solution with different 

concentrations of glycinate, sarcosinate and prolinate at 60 °C. 

 

Pseudo-first order rate constants (kobs, s-1) for CO2 reacting in a K2CO3 

solution promoted with glycine, sarcosine, and proline from 40 °C to 82 °C are 

shown in Figure 7-4a, Figure 7-5a and Figure 7-6a respectively. 
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Figure 7-4 (A) Plot of the pseudo-first-order reaction rate constant kobs versus the 

concentration of active or deprotonated glycine [Gly]active at 40 °C to 81 °C. (B) Plot of 

kobs (= k2-Gly [Gly]active = kobs – kOH [OHˉ]) versus [Gly]active at 40 °C to 81 °C. The presence 

of deprotonated glycine increases the apparent rate constant (kobs) especially at high 

temperatures. The reaction rate (kobs) increases linearly with [Gly]active indicating a first-

order reaction rate. The slopes of these lines represent the rate constant k2-Gly. 
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Figure 7-5 (A) Plot of the pseudo-first-order reaction rate constant kobs versus the 

concentration of active or deprotonated sarcosine [Sar]active at 42 °C to 82 °C. (B) Plot of 

kobs (= kobs – kOH [OHˉ]) versus [Sar]active at 42 °C to 82 °C. The presence of deprotonated 

sarcosine increases the apparent rate constant (kobs). The reaction rate (kobs) does not 

increase linearly with [Sar]active indicating a reaction rate greater than first order. 
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Figure 7-6 (A) Plot of the pseudo-first-order reaction rate constant kobs versus 

concentration of active or deprotonated proline [Pro]active at 42 °C to 82 °C. (B) Plot of 

kobs (= kobs – kOH [OHˉ]) versus [Pro]active at 42 °C to 82 °C. The presence of deprotonated 

proline increases the apparent rate constant (kobs). The reaction rate (kobs) does not 

increase linearly with [Pro]active indicating a reaction rate greater than first order. 

 

Of the three amino acids tested, sarcosine is found to provide the 

greatest enhancement for the absorption of CO2 into carbonate solutions. The 

addition of sarcosine accelerates the rate of absorption of CO2 into pre-loaded 
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30 wt% potassium carbonate solvents by a factor of 45 for a 1.0 M (9.6 wt%) 

solution and 179 for a 2.0 M (18.6 wt%) solution at 60 °C. In comparison, the 

addition of glycine and proline in the same concentrations, 1.0 M and 2.0 M, 

and at the same temperature accelerates the rate of absorption of CO2 by a 

factor of 23 and 70 for glycine, and 14 and 116 for proline. An increase in 

temperature from 42 °C to 60 °C and from 60 °C to 82 °C leads to an increase in 

the rate of absorption of CO2 in a 30 wt% potassium carbonate solution added 

with 1.0 M deprotonated sarcosine by a factor of 1.5 and 1.4 respectively. The 

same effect of increasing temperature on kobs was observed for proline, but is 

more pronounced for glycine. An increase in temperature from 40 °C to 60 °C 

and from 60 °C to 81 °C leads to an increase in the rate of absorption of CO2 in 

the carbonate solution promoted with 1.0 M deprotonated glycine by a factor of 

2.4 and 3.2 respectively. 

 

Glycine 

When the rate component due to CO2 + OHˉ is excluded from the 

observed first order rate constant (kobs = kobs - kOH [OHˉ]), non-zero values are 

observed, which signifies a reaction between the amino acid with dissolved CO2. 

Figure 7-4b shows a linear relationship between kobs and deprotonated glycine 

concentration [Gly]active indicating a first-order reaction rate with respect to 

glycine (Equation 7-7). The slopes of these lines provide values of the rate 

constant k2-Gly (M-1 s-1) for the reaction of CO2 and deprotonated glycine. 

Figure 7-7 shows that the rate constants measured in this study are 

similar to the extrapolated data from a previous study [120] which was 

completed using the stopped-flow technique and a WWC over a lower 

temperature range (25 °C – 62 °C) and different concentrations of deprotonated 

glycine (0.002 M – 0.005 M for stopped-flow experiments and 0 – 2 M for WWC 

experiments). For the deprotonated glycine + CO2 reaction, the Arrhenius 

expression across the full temperature range of 25 to 81 °C is determined as k2-

Gly [M-1 s-1] = 1.22×1012exp(-5434/T [K]), where the activation energy is 45.2 kJ 

mol-1. Good agreement is also found between results from this study and work 

done in a lower temperature range (5 °C – 30 °C) and concentration (0.009 M – 

0.060 M) by Penny et al. [21]. The studies by Jensen et al. [125], Caplow et al. 
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[17] and Vaidya et al. [46] are also included in Figure 7-7 and found to be in 

good agreement with the Arrhenius fit of the present work. It is important to 

note that in all these literature references, experiments were conducted in the 

absence of potassium carbonate. 
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Figure 7-7 Arrhenius plot of lnk2-Gly versus 1000/T for the reaction between potassium 

glycinate and CO2 in the presence of potassium carbonate from this work compared 

with prior works (a stopped-flow device and b wetted walled column) [120], the Arrhenius 

fit (dashed line) of a work by Penny et al. [21], works by Kumar et al. [50], Jensen et al. 

[125], Caplow et al.[17], Portugal et al. [47], Vaidya et al. [46], and reaction of sodium 

glycinate and CO2 obtained from works by Park et al. [45] and Lee et al. [126]. 

 

Despite good agreement with this literature data, experimental results 

from this work were somewhat lower than the data obtained by Portugal et al. 

[47] and Kumar et al. [50]. Both these groups conducted their experiments 

using a stirred cell reactor and across a broader glycine concentration range 

(0.1 to 3 M), again in the absence of any carbonate. 

Results from the present work are also compared with the works done by 

Park et al. [45] and Lee et al. [126] who studied the kinetics of the reaction 

between sodium glycinate and CO2, again over a broader concentration range 

(0.5 M – 3.5 M). At 40 °C, Figure 7-7 shows that the reaction rate constant k2-gly 

(M-1 s-1) obtained from this work is approximately two orders of magnitude 
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larger than that of sodium glycinate. As also pointed out by Portugal et al. [47], 

the deviation could be due to the experiments of  Park et al. [45] and Lee et al. 

[126] not being performed in the pseudo-first-order regime. 

 

Sarcosine and Proline 

Figure 7-5b shows a non-linear relationship between kobs and the 

deprotonated sarcosine concentration [Sar]active indicating a non-first-order 

reaction rate with respect to sarcosine. This would suggest that deprotonation 

of the zwitterionic carbamate (Equation 7-4) is the rate limiting step. Based on 

the similar trend seen in Figure 7-6b, the same applies for the reaction between 

CO2 and proline. As opposed to glycine, the deviations between kobs and kobs for 

sarcosine are quite large (< 20% for sarcosine and < 40% for proline) indicating 

a significant contribution from the reaction of CO2 with OHˉ ion to the overall 

reaction. 

The partial reaction orders with respect to the concentration of the amino 

acid were determined by calculating the slope of the log-log plots of kobs shown 

in Figure 7-5b and Figure 7-6b. The partial reaction orders were obtained in the 

range of 1.3 – 1.6 (average = 1.4) for sarcosine and 1.2 – 1.3 (average = 1.2) for 

proline for the temperature range 42 °C – 82 °C. This reaction order suggests 

that the zwitterion deprotonation step (Equation 7-4) is not fast enough for the 

zwitterion formation step (Equation 7-3) to be rate controlling. This base-

catalyzed behavior is typically observed in secondary alkanolamines such as 

diethanolamine (DEA), and the aqueous potassium salt of taurine [22, 50, 122]. 

Partial reaction orders deduced here are consistent with the values 

reported by Aronu et al. [119], Simons et al. [127], and Paul et al. [128]. Aronu 

et al. [119] reported an average partial order with respect to the concentration of 

sarcosine to be 1.58 over a range of sarcosine concentrations (1.0 M – 4.0 M) 

and temperatures (25 °C – 62 °C), while Simons et al. [127] observed a partial 

order of 1.66 over a range of sarcosine concentrations (0.5 M – 3.8 M) and 

temperatures (25 °C – 35 °C). Paul et al. [128] observed a partial reaction order 

with respect to the concentration of proline to be in the range of 1.36 – 1.40 for 

proline concentrations 0.5 M – 3.0 M and temperatures 30 °C – 50 °C. This 

implies that deprotonation by the weak bases HCO3ˉ and CO32ˉ, which will be 
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present at higher concentrations in the experiments done in this work, is 

relatively unimportant. 

Using the values of kobs presented in Figure 7-5b and Figure 7-6b, the 

kinetic parameters for sarcosine and proline were determined by non-linear 

regression of Equation 7-10. For both amino acids, it was found that the best fit 

to the data was obtained by setting kCO3 and kHCO3 equal to zero. This indicates 

that the role of carbonate ions (CO32ˉ) and bicarbonate ions (HCO3ˉ) as bases in 

Equation 7-4 is limited, while that of water is significant, as expected. Given 

that kAA/k-1 and kH2O/k-1 were known from the literature [50, 119, 128], this 

allowed evaluation of the k2 values for the two amino acids. 

For the deprotonated sarcosine + CO2 reaction, the Arrhenius expression 

is determined as: 

 

k2-Sar [M-1 s-1] = 6.24×1010exp(-1699/T [K]) 

Equation 7-12 

 

For the deprotonated proline + CO2 reaction, the Arrhenius expression is 

determined as: 

 

k2-Pro [M-1 s-1] = 1.02×1011exp(-2168/T [K])  

Equation 7-13 

 

The use of these parameters (Equation 7-12 and Equation 7-13) within 

Equation 7-10 adequately correlates with the experimental data. The average 

deviation between the model predictions and the experimental data were found 

to be 14.6 % for sarcosine and 14.1 % for proline. 

The Arrhenius plot for the reaction between carbon dioxide and the 

potassium salt of sarcosine from this work compares well with work by Aronu et 

al. [119] (Figure 7-8). However, the available literature for the proline rate 

constant k2-Pro does not appear to agree well with the results obtained from this 

work. Paul et al. [128] reported a value of 2.0×105 M-1 s-1 at 40 °C, whereas a 

value of 1.0×108 M-1 s-1 was obtained in this work at the same temperature. A 

possible explanation for such discrepancy could be due to the experiments in 
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this work being carried out at much higher ionic strength conditions. However, 

this claim may require further investigation using alternate experimental 

techniques. 
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Figure 7-8 Arrhenius plot of lnk2 of sarcosine and proline versus 1000/T for the 

reaction between carbon dioxide and potassium salt of sarcosine and proline at high 

ionic strength from this work compared with a work by Aronu et al. [119] and Paul et al. 

[128]. 

7.3 Conclusions 

A detailed kinetic study on the absorption of CO2 into primary and 

secondary amino acid promoted potassium carbonate solutions has been 

presented in this work under conditions similar to industrial CO2 capture 

plants. Results show that the addition of glycine, sarcosine and proline has 

significantly accelerated the apparent pseudo-first-order rate constant, and 

thus, the overall absorption rate of CO2 into potassium carbonate is greatly 

improved. 
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CHAPTER 8 - CARBONIC ANHYDRASE PROMOTED ABSORPTION OF CO2 
INTO POTASSIUM CARBONATE SOLUTIONS 

8.1 Introduction 

The enzyme carbonic anhydrase shows excellent potential for enhancing 

CO2 capture from flue gas streams. A number of potential technologies for 

carbon capture have examined the potential to exploit carbonic anhydrase, 

including solvent technology [129-131], membrane technology [132, 133] and 

bio-sequestration [134, 135]. Carbonic anhydrase catalyses the hydration of 

CO2 to HCO3ˉ, and in aqueous carbonate solvents where CO2 hydration via 

reaction with OHˉ is the rate determining step, it has the potential to 

significantly increase reaction rates. Moreover, since carbonic anhydrase does 

not bind CO2 (as amine solvents do) it should not impact the energy 

requirements for CO2 desorption. 

The purpose of this chapter is to study the reaction kinetics of CO2 

hydration catalyzed by carbonic anhydrase enzyme using stopped-flow 

UV/visible spectrophotometry and its performance as a promoter in carbonate 

solvents using a wetted wall column (WWC). The carbonic anhydrase enzyme 

tested was supplied by Novozymes Denmark (product code NS81239). The 

product contains approximately 3 g/L carbonic anhydrase enzyme protein and 

has an enzyme activity of 900 kWAU/mL and a molecular weight of 

approximately 27500 g/mol. 

8.2 Results and Discussion 

8.2.1 Stopped- f low Kinet i cs 

An initial screening of Novozymes NS81239 Carbonic Anhydrase (NCA) 

has been performed using a stopped-flow apparatus to confirm the activity of 

the enzyme. The experiments at high enzyme concentrations (> 5 v/v%) are 

found to be influenced by the solution opacity such that it interferes with the 

indicator, but experiments carried out in lower concentrations (< 1 v/v%) 

appeared to provide little interference. Figure 8-1 shows a plot of the pseudo 

first order rate constant due to the reaction of NCA with CO2 (k′obs, s-1) against 

the concentration of enzyme, [NCA]. It is apparent that the addition of NCA 
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dramatically increases the rate of CO2 hydration, although the considerable 

non-linearity in the plot of k′obs against [NCA] suggests that solution opacity at 1 

v/v% continues to interfere with the measurements, at least to some extent. 

From k′obs the second order rate constant kNCA is estimated to be 3.7×107 

M-1 s-1 at 25 °C and pH 7. It is important to note that the contribution of the 

reaction of CO2 with hydroxide ions at these conditions is very low such that 

k′obs roughly equals kobs. Here kenzyme is obtained by calculating the slope of kobs 

against the molar concentration of the enzyme. The uncertainty of the 

calculated rate constant is relatively large (estimated to be within an order of 

magnitude) as the molecular weight of the enzyme is unknown and estimated 

based on the molecular weight of common carbonic anhydrase enzyme, 

approximately 27500 g/mol. 
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Figure 8-1 Plot of kobs (= kobs – kOH[OHˉ]) versus [NCA] at standard temperature, from 

stopped-flow measurements. 

8.2.2 WWC Kinet i c s 

An experimental study on the performance of carbonic anhydrase 

enzyme NCA as a promoter in the absorption process of CO2 into a 30 wt% 

potassium carbonate solvent has been performed from 40 °C to 80 °C and at a 
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partial pressure of CO2 of 90 kPa. Using a wetted wall column (WWC), the 

kinetics of CO2 reacting with NCA has been characterized under conditions 

relevant to industrial absorption columns. Three repeat runs were carried out 

for each set of conditions and values reported here represent averages. 

Typical experimental absorption data of CO2 in an unpromoted 30 wt% 

potassium carbonate solution and with an addition of 0.1 v/v% (1300 mg mL-1) 

NCA at 40 °C are plotted in Figure 8-2. This demonstrates that NCA addition 

has a dramatic effect on the rate of CO2 uptake by the potassium carbonate 

solvent, under conditions that are relatively representative of industrial 

absorber columns (30 wt% K2CO3 at 40 °C). 

In contrast to some promoters (such as boric acid and amines), addition 

of small amounts of NCA does not significantly alter the pH of carbonate 

solvents (i.e., pH ≈ 9.8 – 10.2 for a 30 wt% potassium carbonate solution with 

0.15 CO2 loading) and therefore, results in an unaffected rate of CO2 + OHˉ 

reaction. Experimental data presented in Figure 8-3 and Figure 8-4 

demonstrate that, at 40 °C, addition of NCA (300 mg L-1, 600 mg L-1 and 1300 

mg L-1) enhances the pseudo-first-order rate constant (kobs, s-1) and thus, the 

overall absorption process of CO2 in carbonate solvents by 14 %, 20 % and 34 

%, respectively. However, a further increase in [NCA] to 6600 mg L-1 is 

ineffective and presents no greater catalytic effect than that from 1300 mg L-1 

[NCA]. It is observed that an addition of a relatively large amount of NCA (i.e., 

[NCA] = 6600 mg L-1) results in flocculation of the NCA in a carbonate solvent 

which is likely responsible for the plateau in CO2 flux at high [NCA]. 
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Figure 8-2 Typical absorption rate of unpromoted 30 wt% potassium carbonate and 

that with an addition of 0.1 v/v% or 1300 mg mL-1 NCA in WWC at 40 °C. 
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Figure 8-3 CO2 flux into an enzyme-promoted potassium carbonate solution versus the 

concentration of enzyme [NCA] at 40 °C. 
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Figure 8-4 Pseudo-first-order rate constant kobs versus the concentration of enzyme 

[NCA] at 40 °C. 

 

The effect of temperature on performance of NCA in a 30 wt% potassium 

carbonate solution has also been investigated. As revealed in Figure 8-5, when 

a concentration of 1300 mg L-1 NCA is used, the pseudo-first-order rate 

constant (kobs, s-1) increases with temperature. An increase in kobs over the 

temperature range from 40 °C to 80 °C is due to the addition of NCA. This can 

be confirmed by the non-zero rate component attributed to the reaction with 

NCA when the contribution of the reaction CO2 + OHˉ (k′obs = kobs – kOH[OHˉ]) is 

excluded. 
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Figure 8-5 Plot of first-order reaction rate constants (kobs, k′obs and kOH[OHˉ]) versus 

temperature at a constant concentration of promoter ([NCA] = 1300 mg L-1). 

 

Results shown in Figure 8-5 demonstrate a significant decrease in the 

rate enhancement by NCA (as shown by k′obs) at 80 °C. The literature indicates 

that conventional carbonic anhydrase strains can be denatured at temperatures 

as low as 70 °C [136]. Figure 8-5 also shows that the rate contribution 

(kOH[OHˉ]) from the reaction shown in Equation 2-4 increases exponentially with 

temperature. 

The rate constant for NCA (kenzyme = k′obs / [NCA]) was compared with 

other types of carbonic anhydrase and some zinc complexes which catalyze the 

conversion of CO2 to HCO3ˉ through the same reaction mechanism as the 

carbonic anhydrase enzyme. The comparison is summarized in Table 8-1. NCA 

appears to possess the highest catalytic activity although the data were 

measured at a higher temperature and pH. The result from the WWC 

experiments (1.5×107 M-1 s-1 at 40 °C) is comparable with the result obtained 

from stopped-flow experiments (3.7×107 M-1 s-1 at 25 °C). 
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Table 8-1 Comparison of the reactivity towards CO2 of NCA with other carbonic 

anhydrase enzymes at various pH levels and temperatures. 

Complex/Enzyme* pH T (°C) kenzyme (M-1 s-1) Source 

HCA* I 7 25 2.0×105 [137] 

HCA II 7 25 1.1×106 [137] 

Co2+-HCA II 7 25 3.1×105 [137] 

Zn(II) Complex of 1,5,9-

Triazacyclododecane 
8 – 10 25 6.0×102 [138] 

Tripod ZnL1S 9.5 15 3.3×103 [139] 

NCA 9.8 – 10.2 40 1.5×107 This work 

* Refer to the source cited for the actual structures of the complex/enzyme  

** HCA is the abbreviation of human carbonic anhydrase 

 

The contribution of NCA catalysis in the pseudo-first-order rate constant, 

defined as k′obs /kobs, over a range of [NCA] and temperatures is demonstrated in 

Figure 8-6. NCA is estimated to have contributed up to 95 % of the overall 

absorption of CO2 into a 30 wt% potassium carbonate solvent at 40 °C. This 

indicates that the addition of small amount of NCA proves to be useful for CO2 

absorption in carbonate solvents, especially at low temperatures. However, 

further study needs to be undertaken to understand how carbonic anhydrase 

enzyme would survive in the regeneration process which is often run at high 

temperatures. 
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Figure 8-6 Contribution of NCA catalysis in the pseudo-first-order rate constant (kobs, s-

1) over: (A) various concentration of NCA ([NCA] = 300 mg L-1, 600 mg L-1 and 1300 mg 

L-1) and (B) 40 °C to 80 °C. 
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8.3 Conclusions 

An experimental study on the performance of Novozymes NS81239 

Carbonic Anhydrase (NCA) as a promoter in the absorption process of CO2 into 

potassium carbonate solvents has been presented. Results demonstrate that 

the addition of NCA (300 mg L-1, 600 mg L-1 and 1300 mg L-1) enhances the 

pseudo-first-order rate constant (kobs, s-1) and thus, the overall absorption 

process of CO2 in carbonate solvents by 14 %, 20% and 34 % at 40 °C. It is also 

found that an addition of a relatively large amount of NCA (i.e. [NCA] = 6600 mg 

L-1) results in flocculation of the NCA in a carbonate solvent which seems to 

have an adverse effect on the catalytic activity of NCA. Similarly, experimental 

data indicate that an increase in the temperature to more than 60 °C results in 

a significant decrease in the rate enhancement by NCA.  
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CHAPTER 9 - CONCLUSIONS AND RECOMMENDATIONS 

9.1 Comparison of the Promoters Studied 

A comparison of the partial reaction order, activation energy (Ea), pre-

exponential factor (A) and rate constant (kobs) of a range of amino acid 

promoters (potassium salts of glycine, sarcosine and proline and sodium salt of 

glycine), amine-based promoters and boric acid at 1.0 M and 40 °C is presented 

in Table 9-1. The reactivity of all primary amine promoters under these 

conditions is comparable, with potassium taurate and ethylenediamine giving 

slightly better results and sodium glycinate a poorer result. The reactivity of the 

secondary promoters sarcosine and prolinate is clearly greater, but 

diethanolamine (DEA) provides a slower rate than most of the primary 

promoters. 

The pre-exponential factor for the CO2 + MEA reaction, 4.2×109 M-1 s-1, 

obtained in this work is relatively small for a primary amine when compared to 

that of cyclic and secondary amine-based promoters, but is larger than a 

tertiary amine N-methyldiethanolamine (MDEA). The activation energy 31.8 kJ 

mol-1 is somewhat smaller than that of other amine-based promoters indicating 

that the reaction CO2 + MEA possesses a larger positive change in reaction rate 

at an elevated temperature. Additionally, MEA exhibits a comparable rate 

constant to that of ethylenediamine and a larger rate constant than that of 

other amines from secondary and tertiary class, although it is approximately 10 

times smaller than that of piperazine at 40 °C. 

The activation energy of the reaction CO2 + B(OH)4ˉ obtained in this 

study is larger than most of the other promoters, and is comparable to that of 

ethylenediamine, sodium glycinate and DEA. B(OH)4ˉ also exhibits a 

comparable rate constant to that of tertiary and hindered amine-promoters and 

possesses a higher rate constant than that of MDEA. Despite borate offering 

less rate promotion when compared to piperazine and MEA, borate is 

environmentally friendly and less toxic and therefore may be regarded as an 

alternative promoter for carbonate based solvents. Unlike amine solvents, 

borate does not form a rather stable intermediate such as carbamate when 

reacting with CO2 which allows easier regeneration of promoter.   
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A carbonic anhydrase enzyme NCA exhibits a comparable rate constant 

to that of a DEA and TEA and a higher rate constant when compared to that of 

boric acid and MDEA despite a much lower quantity (1300 mg L-1 or around 

0.1 wt%) of the enzyme added to carbonate solvents. 
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Table 9-1 Activation energy, pre-exponential factor and rate constant kobs (s-1) 

comparison of 1.0 M amine, amino acid and other promoters. 

Class Promoter 
kobs (s-1) 

(40 °C) 

pKa 

(25 °C) 
Ordera 

Ab  

(M-1 s-1) 

Ea 

(kJ mol-1) 

Temp range  

(°C) 
Source 

Primary Potassium taurate 35.6×103 9.1 1-1.50 3.2×1012 47.4 12 - 32 [50, 89] 

Potassium glycinate 19.6×103 9.8 - 8.5×1011 45.8 5 - 30 [21] 

252×103 - 2.8×1013 48.2 20 - 30 [47] 

52.6×103 1 1.2×1012 45.2 25 - 81 This worke 

Sodium glycinate 0.5×103 
- 

- 2.0×1013 63.8 30 - 50 [126] 

0.4×103 1 3.8×1012 59.8 25 - 45 [45] 

Ethylenediamine 35.6×103 10.0 1 3.1×1013 53.6 5.5 - 40.4 [100, 140] 

MEA 13.1×103 9.5 1 4.4×1011 44.9 5 - 40 [22] 

- 9.8×1010 41.2 5.6 - 35.4 [20] 

- 1.2×1011 42.2 5 - 30 [21] 

- 8.5×1011 46.7 5 - 25 [42] 

11.7×103 8.3×1015 71.0 30 - 40 [115] 

10.5×103 3.0×1011 44.7 30 - 40 [116] 

21.0×103 4.2×109 31.8 43 - 83 This worke 

Secondary Potassium sarcosinate 38.3×103 10.6 1.66 8.7×108 26.2 25 - 35 [127] 

14.1×107 1.58 2.6×109 7.6 25 - 62 [119] 

16.9×107 1.39 6.2×1010 14.1 42 - 82 This worke 

Potassium prolinate 20.4×104 10.2 1.36-1.40 2.4×1011 36.5 30 - 50 [128] 

42.4×105 1.17 1.0×1011 18.0 42 - 82 This worke 

Diethanolamine (DEA) 3.5×103 8.9 2 2.6×1012 53.1 5.8 - 40.3 [20, 100] 

Tertiary Triethanolamine (TEA) 1.4×102 7.8 1 5.2×1010 51.5 20 - 40 [20, 100] 

N-methyldiethanolamine 
(MDEA) 

2.8×10 
8.5 1 

3.1×108 42.4 12 - 85 [33, 141] 

1.3×10 4.0×108 44.9 30 - 40 [142] 

Hindered Isobutanolamine (AMP) 1.2×103 9.7 1 1.1×1010 41.7 25 - 40 [40, 42] 

Cyclic Piperazine 10.3×104 9.7 1 4.1×1010 33.6 25 - 60 [68, 100] 

Other Boric acidc 1.4×102 9.2 1 5.5×1011 57.6 40 - 80 This worke 

NCAd 1.9×103 - - - - 40 - 80 This worke 

a. The number represents the order of reaction with respect to the promoter. 
b. All the reactions (except for DEA) mentioned in this table have an overall order of 

reaction of 2 and therefore, the pre-exponential factor, A, has the unit M-1 s-1. 
The unit of A for DEA was reported to be M-2 s-1. 

c. This refers to the active form of boron, B(OH)4ˉ. 
d. The concentration of the carbonic anhydrase enzyme [NCA] is 1300 mg L-1 or 

around 0.1 wt%. 
e. These data were measured in a 30 wt% potassium carbonate solution. 
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Figure 9-1 compares the performance of promoted carbonate solvents 

studied in this work against the current industrial benchmark solvent (7 M 

MEA). The literature rate absorption data for pure MEA solvent at high 

temperatures (> 40 °C) are rare, and thus not shown in Figure 9-1. Of all 

promoters studied in this work, sarcosine shows the most promising results. At 

40 °C, sarcosine-promoted potassium carbonate solvents have a twofold 

increase in overall rate absorption of CO2 than pure MEA solvent at 7 M. That 

being said, the performance of MEA-promoted carbonate solvents and 

carbonate solvents promoted with glycine and proline has a comparable overall 

rate of CO2 absorption as the benchmark solvent. 

In comparison to other promoters studied in this work, borate and 

carbonic anhydrase enzyme performed poorly despite their environmental 

benignity and affordability. At 40 °C, the overall absorption rate of an 

unpromoted 30 wt% potassium carbonate is around 1060 s-1. With an addition 

of 1M borate (B(OH)4ˉ) and 0.1 v/v% carbonic anhydrase enzyme this number 

increases to 1200 s-1 and 1985 s-1 respectively.  
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Figure 9-1 Comparison between promoted carbonate solvents studied in this work and 

industrial benchmark solvent (7 M MEA). 
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9.2 Conclusions 

To date, solvent absorption is unarguably the most mature technology for 

carbon capture systems. Developing an affordable, readily available and non-

toxic solvent is critical to the commercialisation of CCS. Potassium carbonate is 

one of a few solvents that possess the aforementioned properties. The 

commercial use of potassium carbonate as absorption solvents has existed 

since 1904. It is known that potassium carbonate solvents have slow reaction 

kinetics, and thus, require rate promotion to remain competitive.       

A comprehensive kinetic study on the absorption of CO2 into unpromoted 

and borate-promoted potassium carbonate solutions is presented in Chapter 5. 

Results indicate that an addition of a small amount of boric acid has 

accelerated the apparent pseudo-first-order rate constant, and thus, the overall 

absorption of CO2 into potassium carbonate solutions. B(OH)4ˉ is found to 

exhibit a comparable catalytic activity to that of tertiary and hindered amine-

promoters.  

Chapter 6 presents a comprehensive kinetic and process modeling study 

on the absorption of CO2 into MEA-promoted potassium carbonate solutions. 

Results show that the addition of MEA has significantly accelerated the 

apparent pseudo-first-order rate constant, and therefore, the overall absorption 

of CO2 into potassium carbonate solutions is improved. MEA in carbonate is 

found to exhibit a comparable catalytic activity to that of ethylenediamine and a 

larger catalytic activity than that of other secondary and tertiary amines. 

Incorporating those experimental results into Aspen PlusTM has enabled the 

development of a model that can successfully simulate both industrial and pilot 

plant solvent capture processes employing MEA and K2CO3 as the capture 

solvent. This is a vital first step to simulating MEA-promoted potassium 

carbonate processes. 

Chapter 7 presents a detailed kinetic study on the absorption of CO2 into 

primary and secondary amino acid promoted potassium carbonate solutions 

under conditions similar to industrial CO2 capture plants. Results show that 

the addition of glycine, sarcosine and proline has significantly accelerated the 

apparent pseudo-first-order rate constant, and thus, the overall absorption rate 

of CO2 into potassium carbonate is improved. Glycine is found to exhibit a 
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comparable, if not larger, catalytic activity than that of a primary amine-based 

promoter, MEA. Sarcosine and proline are found to possess a larger catalytic 

activity than that of a secondary amine-based promoter, DEA. 

An experimental study on the performance of Novozymes NS81239 

Carbonic Anhydrase (NCA) as a promoter in the absorption process of CO2 into 

potassium carbonate solvents has been performed and presented in Chapter 8. 

Results demonstrate that the addition of NCA (300 to 1300 mg L-1) enhances 

the pseudo-first-order rate constant (kobs, s-1) and thus, the overall absorption 

process of CO2 in carbonate solvents by 14 %, 20% and 34 % at 40 °C. It is also 

found that an addition of a relatively large amount of NCA (i.e. [NCA] = 6600 mg 

L-1) results in flocculation of the NCA in a carbonate solvent which seems to 

have an adverse effect on the catalytic activity of NCA. Similarly, experimental 

data indicate that an increase in the temperature to more than 60 °C results in 

a significant decrease in the rate enhancement by NCA. 

The rate constants determined in this study provide valuable information 

for determination of the operating conditions and the design of absorber units 

for carbon capture systems employing amino acid promoted potassium 

carbonate solvents. 

9.3 Recommendations and Suggestions for Future Development 

It is without a doubt that the understanding of the reaction kinetics of 

carbonate solvents has improved through this work. That being said, further 

studies aimed to verifying the reaction order are important. This could be done 

by carrying a kinetic study in a non-water-based solvent such as ethanol or 

methanol. The purpose of this specific experiment is to eliminate kinetic 

contributions of water to the partial reaction order which are quite significant in 

the case of secondary amino acid based promoters.    

In industrial carbon capture plants, the flue gas comes with a relatively 

low concentration of CO2. Therefore, to mimic this condition, the gas inlet to the 

wetted wall column (WWC) must contain a low concentration of CO2 (< 10 vol%). 

Experiments in this work are designed to run the absorption of CO2 using a 

higher bulk pressure of CO2 for two reasons. The first was to reduce the gas 

phase resistance and therefore ensure the transfer of CO2 from the gas to the 
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liquid is governed by the liquid film only. The second reason was to reduce the 

effect of the change in the equilibrium partial pressure of CO2. Further research 

must incorporate better ways to quantify the gas phase resistance and 

thorough VLE data of promoted potassium carbonate. Also, knowledge on the 

effect of the addition of promoters in the carbonate solvents on the volatility of 

the solvents is important to estimate the amount of solvent losses in the 

absorber and the regenerator and to design a process that limits the release of 

solvent to the atmosphere. 

The effect of ionic strength on the kinetics of promoted potassium 

carbonate should be further studied. CO2 absorption experiments with various 

ionic strength conditions should be performed. 

The experiments in this study are performed in controlled clean 

conditions. In industrial carbon capture plants, impurities and corrosion 

inhibitor such as vanadium may alter the performance of the solvents, and 

therefore, further research should take into account the effects of impurities 

and corrosion inhibitor if any is present. Important gas impurities include SOx, 

NOx, while impurities from corrosion include iron and copper. Furthermore, the 

rate of absorption and vapour liquid equilibrium of H2S into carbonate solvents 

should be investigated as the absorption of H2S is desirable for natural gas 

treating. 

Solvent/promoter degradation and equipment corrosion are significant 

performance-hindering characteristics that are encountered during industrial 

application. These characteristics dictate the amount of solvent regularly added 

to the system to compensate solvent losses and the construction material for 

the process. The solvent degradation rate in the presence of promoter should be 

taken into account when designing a capture process and corrosion due to 

added promoter should be investigated to determine process constraints. 

Further study should also look at long-term operation and cyclic 

operation as well as the performance of the promoters in the regeneration 

process. This includes carbamate stability for amine and amino acid promoters 

and survivability of enzyme promoters at high temperatures (i.e. carbonic 

anhydrase). 
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CHAPTER 11 - APPENDIX A 

 

This chapter summarizes the measurements of density, viscosity, 

physical CO2 solubility of potassium carbonate solvents which were taken from 

the work undertaken by Simioni [24] and are used in this study. 

11.1 Viscosity 

Figure 11-1 summarizes the measurements of the viscosity of potassium 

carbonate solutions at different carbonate concentrations and temperatures. 

Simioni [24] notes that the results follow similar trends to experimental values 

taken from Palaty et al. [143] At 20 °C. It can be observed that the increase in 

temperature causes a reduction in the solvent viscosities. 

 

  

Figure 11-1 Measurements of viscosity of potassium carbonate solvents. Reprinted 

from  Simioni [24] where literature results refer to the work undertaken by Palaty et al. 

[143]. 
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11.2 Density 

The measurements of density of potassium carbonate solvents were 

performed by Simioni [24] using a weighed volume method at a constant 

temperature (25 °C). Figure 11-2 shows the comparison between density 

measurements performed by Simioni [24] and a linear prediction developed by 

Pohorecki et al. [144]. Simioni [24] notes that the results of both studies follow 

a similar trend over the range of concentrations used. 

 

  

Figure 11-2 Measurements of density of various concentrations of potassium carbonate 

solutions at 25 °C. Reprinted from Simioni [24] where the experimental data is taken 

from his work and the linear prediction is that developed by Pohorecki et al. [144]. 

11.3 Vapour Pressure 

Using ASPEN PlusTM simulations, Simioni [24] determined the vapour 

pressure of carbon dioxide above potassium carbonate solutions at different 

temperatures, solution loadings and potassium carbonate concentrations. 

Liquid phase activity was determined using the Electrolyte Non-Random Two 
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Liquid (E-NRTL) model with interaction parameters obtained from Cullinane 

[67, 71, 112]. Figure 11-3 shows the vapour pressure of 30 wt% potassium 

carbonate solutions as a function of temperature and solvent loading. The 

simulation was also compared with experimental data taken from the work 

done by Tosh et al. [64]. 

  

Figure 11-3 Partial pressure of carbon dioxide above a 30 wt% solution of aqueous 

potassium carbonate at various temperatures and solvent loadings based on an ASPEN 

Plus E-NTRL model. Experimental data points are taken from work completed by Tosh 

et al. [64] (taken from Simioni [24]). 

 

11.4 Surface Tension 

The surface tension measurements of potassium carbonate solutions 

were taken the work completed by Simioni [24] who employed the pendant drop 

technique. Figure 11-4 shows a comparison between the surface tension 

obtained from Simioni [24] and used in this study, and those found in work by 

Pohorecki [144].  

0

50

100

150

200

250

0.00 0.10 0.20 0.30 0.40 0.50 0.60 0.70 0.80 0.90

Loading (-)

P
ar

tia
l P

re
ss

ur
e 

C
O

2 
(k

P
a)

Tosh 70ºC
Tosh 90ºC
Tosh 110ºC

40ºC

50ºC

60ºC

70ºC

8
0
ºC

9
0
ºC

1
3
0
ºC

1
1
0
ºC



 

 

114 

 
Figure 11-4 A comparison of surface tension of various concentration potassium 

carbonate solutions at 298 K. Reprinted from Simioni [24] where the literature refers to  

Pohorecki et al [144]. 
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