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Abstract

The ability to predict the thermodynamic properties of amine species in CO2-loaded

aqueous solutions, including their deprotonation (pKa) and carbamate to bicarbonate

reversion (pKc) equilibrium constants and their corresponding standard reaction en-

thalpies, is of critical importance for the design of improved carbon capture solvents. In

this study, we used isocoulombic forms of both reactions to determine these quantities

for a large set of aqueous alkanolamine solvent systems. Our hybrid approach involves

using classical molecular dynamics simulations with the General Amber Force Field

(GAFF) and semi–empirical AM1–BCC charges (GAFF/AM1–BCC) in the solution

phase, combined with high level composite quantum chemical ideal-gas calculations.
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We first determined a new force–field (FF) for the hydronium ion (H3O+) by match-

ing to the single experimental (pKa) data point for the well–known MEA system at

298.15 K. We then used this FF to predict the pKa values for 76 other amines at 298.15

K and for all 77 amines at elevated temperatures. Additionally, we indirectly relate

the H3O+ hydration free energy to that of H+, and provide expressions for intrinsic

hydration free energy and enthalpy of the proton.

Using the derived H3O+ FF, we predicted the (pKa) values of a diverse set of

alkanolamines with an overall AAD of less than 0.72 pKa units. Furthermore, the

derived H3O+ force field is able to predict the protonation enthalpy of these amines

when used with the GAFF. We also predicted the carbamate reversion constants of

the primary and secondary amine species in the data set and their corresponding

standard heats of reaction, which we compared with the scarcely available experimental

data, which are often subject to significant uncertainty. Finally, we also described

the influence of electronic and steric of different molecular fragments/groups on the

stabilities of the carbamates.

1 Introduction

The combined absorption–stripping process using aqueous amine solvents is considered to

be the dominant near–term technology for large–scale CO2 capture from point sources, such

as coal-fired power plants, and cement and steel plants.1 CO2 is primarily absorbed in the

form of carbamate and bicarbonate ions, and stripped off in a later stage of the process by

supplying heat to reverse the reaction and release the absorbed CO2.2

There is continuing interest in discovering CO2 solvents that show improvements over the

traditional monoethanolamine (MEA) base case, and the solvent’s equilibrium CO2 solubility

is a property of primary importance. This is governed by the equilibrium constants and their

temperature dependence for the involved underlying reactions, which may be represented by
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the following set:

RNH+
3 + H2O = RNH2 + H3O+ (R1)

RNHCO−2 + H2O = RNH2 + HCO−3 (R2)

CO2 + 2H2O = HCO−3 + H3O+ (R3)

H2O + HCO−3 = CO−2
3 + H3O+ (R4)

2H2O = H3O+ + OH− (R5)

CO2 = CO2(vap) (R6)

All species are in the aqueous solution phase unless indicated otherwise, and RNH2, RNH+
3

and RNHCO−2 denote the neutral, protonated and carbamate forms of the amine solvent

respectively. Tertiary amines do not form carbamates, resulting in the omission of reaction

R2 for these compounds.

A main concern associated with the CO2 capture process is the high energy demand for

solvent regeneration, due to the relatively stable CO2-containing solution species, coupled

with the high latent heat of the water co-solvent. This is particularly acute for primary

amines, which tend to form more stable carbamates than is the case for secondary and

sterically hindered amines, but they have the advantage of exhibiting faster reaction kinetics

than the latter group of compounds.3 On the other hand, tertiary amines have the advantage

that CO2 reacts in an overall 1:1 stoichiometric ratio with respect to the amine solvent (the

combination R3 − R1 of the above reaction set), whereas primary and secondary amines

react in only an overall 1:2 stoichiometric ratio (the combination R3− R1− R2). However,

this advantage of tertiary amines is offset by their slower reaction kinetics.

The equilibrium constants (expressed in terms of their pK values) are commonly obtained

experimentally from concentration measurements in relatively dilute equilibrium solutions or

by their extrapolation to zero ionic strength, typically in conjunction with a Debye-Hückel-

related equation to model the species activity coefficients.4–6 Whereas the pKa of the amine
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deprotonation reaction R1 can be measured relatively accurately by means of potentiometric

titration or by spectroscopic concentration measurements in a CO2-free solution,7,8 accurate

determination of pKc for the carbamate reversion reaction R2 is more challenging9 due to

the presence in a CO2-loaded solution of the coexisting species involved in the indicated

set of reactions. In addition, due to the rapid proton exchange, NMR techniques cannot

distinguish between the bicarbonate/carbonate species peaks or the amine/protonated amine

species peaks, and only the sums of the relevant individual species concentrations in each

pair can be determined. This has resulted in the use of different approaches to unravel the

individual species concentrations from the NMR data.10–12 By relating the intensity of the

two–species compound peak to the individual species peaks and their concentrations in the

solution, amine and its protonated form may be distinguished by interpolation of the NMR

chemical shifts at low and high pH values or by measuring the spectra of solutions that

contain only the individual species.11 In addition, species at concentrations less than about

10−4 molal are undetectable by the analysis of NMR data. These experimental challenges

typically result in a significant uncertainty in the resulting carbamate reversion constant

values, even for the well–studied monoethanolamine (MEA)9 system.

A common theoretical approach to determine pK values uses ideal-gas electronic structure

(ES) calculations in conjunction with conductor–like polarizable continuum models (CPCM),

universal solvation models (SMD, SM8), or their explicit solvent variants (the inclusion of

explicit solvent molecules in the first solvation shell).13,14 The calculation of solvation free

energy using such models requires five temperature–dependent solvent–based parameters

based on experimental data: dielectric constant, bulk surface tension, refractive index, and

acidity and basicity parameters. The accuracy of these models is often unsatisfactory, in

part because their development and application has generally been limited to small rigid

molecules; furthermore, the models have only been parameterized at 298.15 K. Their static

nature also hampers extensions to flexible molecules in solution, in which the contribution

of different molecular conformers to the solvation free energy is non-negligible. In a notable
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study, Coote et al.15 demonstrated different criteria for obtaining the most stable conformer

in the solution phase, and showed how an erroneous result may be obtained if the commonly

used gas–phase geometry is adopted for the solution phase solvation free energy calculation

in the case of larger flexible amine molecules.

Since the pioneering study of da Silva and Svendsen,16 numerous studies have used a sim-

ilar thermodynamic-cycle-based approach17 to investigate the deprotonation reaction pKa

value, whereas similar studies for the carbamate reversion equilibrium constant pKc are ex-

tremely limited.16 While some studies show reasonable accuracy (a mean absolute deviation

from experiment below 0.5 pK unit), they usually require a particular combination of gas–

phase quantum chemical theory/basis set and solvation model that is often different from the

original quantum chemical method used for the solvation model development, questioning

the transferability of such approaches to different classes of compounds.14,18

More rigorous direct ab initio simulation of the free-energy profile of the dissociation re-

action taking place in the condensed phase has been shown to be a promising route for pKa

estimation.19 However, apart from being extremely computationally demanding, such simu-

lations may require advanced sampling techniques to escape from local free energy minima,

inhibiting their wide-spread use for rapid solvent screening.20

In a recent paper,21 we developed a molecular–based framework for reactive absorption

in CO2-amine-water systems without any amine-specific experimental data or experimental

proton hydration free energy data only using the pKc and the equilibrium constant of the

following isoelectric reaction (one with the same total numbers of positive and negative

charges on the reactant and product side), which is the reaction combination R3-R1-R2 of

the above reaction set:

RNH2 + 2CO2 = RNH+
3 + RNHCO−2 (R7)

We combined these equilibrium constants with a Henry-law-based thermodynamic model
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and the experimentally well-known pK values for the binary CO2-H2O system to predict the

speciation and other quantities of interest for a set of 7 CO2–loaded primary and secondary

alkanolamine solvents.

In this paper, we refine our methodology by focusing on the deprotonation reaction R1

and the carbamate reversion reaction R2, both of which are isocoulombic (with the same

number of like-charged species on the reactant and the product side). Use of an isocoulom-

bic reaction has been shown to provide a better estimate of the temperature trend for its

equilibrium constant.22 Furthermore, such reactions have the advantage that for activity

coefficient models based on the Debye-Huckel approximation (e.g., the Davies model), the

ionic contributions to the reaction free energy change cancel. We test this approach for

the equilibrium constants (pKa and pKc) for a much larger set of 77 primary, secondary

and tertiary amines, Our approach combines ideal-gas calculations with explicit solvent MD

simulations in TIP3P water using the fast AM1-BCC partial charge assignment method for

the amine molecules and their protonated and carbamate forms, which we have previously

shown to be superior to the RESP-based charges for pKa prediction used in our previous

work.23

To enable the use of the isocoulombic reaction R1, we develop a new GAFF-compatible

force field for H3O+ to be used in conjunction with TIP3P water by matching the well—

known experimental MEA deprotonation equilibrium constant at 298.15 K. This enables the

H3O+ FF to be used to calculate the pKa of reaction R1 as a function of temperature, both

for MEA and all other alkanolamines. We further validate the H3O+ FF by comparing its

indirect prediction of proton hydration free energy with the well-established literature value

at 298.15 K,24 and also use it to calculate the intrinsic proton solvation free energy as a

function of temperature.
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1-AB 1-AP 2-AB 2-AEE 2-AP

2-AP 2-DIPA 2-MPA 2-PIPE 2-PIPM

3-AP 3-DMAP 3-PIPM 4-AB 4-PIPM

AEPD AMPD AMP DA DEA

DIPA DMIPA EAE EAMP EDA

IBAE IPAE IPA MAE MDEA

MEA MPAE n-CHEA n-CPEA n-CPnEA

PA SAPD TABE TBA t-BDEA

TREA 12HEPP 1DEA2P 1DMA2P 1M2PPE

Figure 1: Molecular Structures of the alkanolamines considered in this work.
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1PE 1PP 3DEA1P 3MDA1P 3PPE

4IPB 5AP 6AH BAE BA

DEA12PD DEAB DEAEEO DMA12PD DMA22DP

DMA2M1P DMAH EDEA DEEA IBA

IPAP PA2 PAE PRLD12PD PRYE

SBA TEA TMPOL TRC 3-QCD

AMN 2-MORE

Figure 2: Molecular Structures of the alkanolamines considered in this work (continued).
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2 Thermodynamic Background

2.1 Molecular–based framework for the calculation of pKa and

pKc

Our framework for predicting pKa and pKc without the need for experimental data is de-

scribed in detail in our previous papers,21,23,25 and only a brief summary is provided here.

The species Henry-Law-based standard chemical potential using the molality concentra-

tion variable, µ†i (T, P ), may be defined for both solutes and the solvent, and is related to

the infinite dilution intrinsic solvation free energy (self solvation free energy in the case of

the solvent), µres,NV T ;∞
i [T, ρ(T, P )], by

µ†i (T, P ) = µ0
i (T ;P 0) +RT ln

(
RT

100P 0

)
+RT ln

(
ρsolv(T, P )

1000

)
+ µres,NV T ;∞

i [T, ρsolv(T, P )]

(7)

where µ0
i (T ;P 0) is the species ideal–gas (IG) chemical potential at T and reference state

pressure P 0 = 1 bar, P is expressed in bar, and ρsolv is the density of the pure solvent. (ρsolv

denotes its expression in kg m−3). µ†i (T, P ) is numerically equal to the species chemical

potential in a hypothetical ideal solution of unit molality.

The pK value for a reaction j is obtained from the concentration-independent quantity

∆G∗j(T, P ), via

pKj(T, P ) =
∆G∗j(T, P )

RT ln(10)
(8)

where ∆G∗j(T, P ) is the standard Gibbs energy change of the reaction in the solvent, given

by

∆G∗j(T, P ) =
Ns∑
i=1

νijµ
†
i (T ;P ) +RTνsolv,j ln

(
1000

Msolv

)
= ∆G0

j(T ;P 0) +RTνj ln

(
RT

100P 0

)
+RTνj ln

(
ρsolv(T, P )

1000

)
+RTνsolv,j ln

(
1000

Msolv

)
+ ∆Gres,NV T ;∞(T, P ) (9)
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where

∆G0
j(T ;P 0) =

Ns∑
i=1

νijµ
0
i (T ;P 0)

∆Gres,NV T ;∞
j (T, P ) =

Ns∑
i=1

νi,jµ
res,NV T ;∞
i [T, ρ(T, P )] (10)

Ns is the number of species involved in the reaction, νij is the stoichiometric coefficient

of species i in reaction j (conventionally positive for products and negative for reactants),

ν̄j =
∑

i νij and Msolv is the solvent (water in this case) molecular weight.

For the deprotonation and carbamate reversion reactions in this study (reactions R1 and

R2, respectively, ν̄j = 0 and νsolv,j = −1, and the following expression for ∆G∗j is obtained

for both reactions:

∆G∗j(T, P ) = ∆G0
j(T ;P 0) + ∆Gres,NV T ;∞[T, ρ(T, P )]−RT ln

(
1000

Msolv

)
(11)

= ∆G†j(T, P )−RT ln

(
1000

Msolv

)
(12)

Finally, the temperature dependence of pK for the deprotonation and carbamate rever-

sion reactions is obtained by application of the Gibbs-Helmholtz equation to Eqs. (11) and

(8), resulting in :

(
−∂ lnKj

∂T

)
=

(
∂∆G†[T, P ]/RT

∂T

)
=

∂(∆G0
j [T ;P ]/RT )

∂T
+
∂(∆Gres,NV T ;∞/RT )

∂T

= − ∆H0(T, P )

RT 2
− ∆Hres,NV T ;∞[T, ρ(T, P )]

RT 2

= − ∆H†(T, P )

RT 2
(13)

Assuming a linear temperature dependence of the enthalpy quantities in each term (equiva-

lent to assuming constant reaction ∆Cp values) gives an expression at the pressure of interest
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of the form

− lnKj = A0
j +

B0
j

T
+ C0

j ln(T ) + Ares
j +

Bres
j

T
+ Cres

j ln(T ) (14)

2.2 H3O
+ FF determination and the proton hydration free energy

Replacing H3O+ in reaction R1 by H+ would yield the alternative reaction equation

RNH+
3 = RNH2 + H+ (R8)

The reaction combination R1-R8 gives the reaction

H2O + H+ = H3O+ (R9)

Since by convention, in water solvent ∆G∗ for reaction R5 and for the following reaction are

identical:

H2O = H+ + OH− (R10)

this means that ∆G∗ for reaction R9=R5-R10 must vanish. Hence the pK values for reactions

R1 and R8 must also be identical. Eqs. (8) and (9) for reaction R8 give

RT ln(10)pKR8(T, P ) = ∆G0
R8(T ;P 0) + µres,NV T ;∞

H+ (T, P ) + µres,NV T ;∞
RNH2

(T, P )− µres,NV T ;∞
RNH+

3

(T, P )

+RT ln

(
ρsolv(T, P )

1000

)
+RT ln

(
RT

100P 0

)
(15)

The proton intrinsic hydration free energy, µres,NV T ;∞
H+ , is then given by

µres,NV T ;∞
H+ (T, P ) = RT ln(10)pKR8(T, P )−∆G0

R8(T ;P 0)− µres,NV T ;∞
RNH2

(T, P ) + µres,NV T ;∞
RNH+

3

(T, P )

−RT ln

(
ρsolv(T, P )

1000

)
−RT ln

(
RT

100P 0

)
(16)
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Eq. (16) is the conventional means by which µres,NV T ;∞
H+ is determined from experimental

pKa data for a variety of species (e.g., Malloum et al.26), typically by means of continuum

solvent calculations to obtain µres,NV T ;∞ for the neutral and protonated species. (We note

in passing that the term in Eq. (16) involving the solvent density is often omitted from

such calculations; this is a reasonable approximation at 298.15 K for water solvent, where

this term is small; however at higher temperatures and for solvents other than water, this

may not be the case.) Also, since Eq. (16) requires experimental data at each temperature,

such calculations have mostly been limited to 298.15 K, at which temperature data for many

species is available.

In our work, we use reaction R1, whose pKa value is identical to that of reaction R8, and

for which Eqs. (8) and (9) give

µres,NV T ;∞
H3O+ (T, P ) = RT ln(10)pK1(T, P )−∆G0

R1(T ;P 0)− µres,NV T ;∞
RNH2

(T, P ) + µres,NV T ;∞
H2O (T, P )

+µres,NV T ;∞
RNH+

3

(T, P ) +RT ln

(
1000

Msolv

)
(17)

We have adjusted the H3O+ FF to match the well-known experimental pK1 value for MEA at

298.15 K and 1 bar, using FFs predicted value of hydration free energy for MEA and MEAH+

obtained from the GAFF/AM1–BCC and quantum chemical calculations of ∆G0
R1(T ;P 0).

The availability of the H3O+ FF then allows pKa calculations to be performed at any tem-

perature.

We can test the resulting H3O+ FF by applying the same procedure to reaction R9,

whose ∆G∗ value is zero and for which Eq. (9) gives the intrinsic solvation free energy of

the proton in terms of the readily calculated hydronium ion solvation value:

µres,NV T ;∞
H+ (T, P ) = µres,NV T ;∞

H3O+ (T, P )− µres;∞
H2O (T, P ) + ∆G0

R9(T, P 0)

−RT ln

(
ρsolv(T, P )

1000

)
−RT ln

(
RT

100P 0

)
−RT ln

(
1000

Msolv

)
(18)
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where

∆G0
R9(T, P 0) = µ0

H3O+(T, P 0)− µ0
H2O(T, P 0)− µ0

H+(T, P 0) (19)

This calculation is not limited to 298.15 K and 1 bar and allows µres,NV T ;∞
H+ (T, P ) to be

readily obtained as a function of temperature and pressure.

Finally, the absolute solvation free energies of the proton and the hydronium ion may be

obtained by adding the Galvani contribution, ziξG(T, P ), to their respective intrinsic values,

where zi is the ion valence (+1 for H+ ), and ξG(T, P ) is the solvent Galvani potential.

3 Computational Details

All intramolecular parameters (bond stretching, angle bending, and torsional constants)

and LJ parameters(σ, ε) of the bicarbonate ion (HCO−3 ), the neutral (RNH2), protonated

(RNH+
3 ) and carbamate (RNHCO−2 ) form of the amines were taken from the General Amber

Force Field (GAFF)27 with its default functional form using the Antechamber package in

AMBER tools,28 which assigns the parameters based on atom typing rules. Carbon dioxide

(CO2) was modeled using the Transferable Potential for Phase Equilibrium (TraPPE) model

of Potoff29 and the solvent (water) was modeled by the TIP3P FF which is the default

water model for the GAFF. We used the lowest-free-energy conformer at the G4 level as an

initial structure input for calculation of partial charges. For the bicarbonate ion, we used

electrostatic potential energy grid calculations at the GAFF default HF/6-31G* level using

the Merz-Kollman scheme in Gaussian16 with the two-step Restrained Electrostatic Surface

Potential (RESP) fitting method30 within the Antechamber software package to assign the

partial charges. For neutral (RNH2), protonated (RNH+
3 ) and carbamate (RNHCO−2 ), partial

charges were assigned using the Antechamber software package based on the fast semi-

empirical AM1-BCC method using the G4 ideal-gas geometry. The GROMACS–formatted

force field input files were then generated using the acpype (version 2019) python interface.31

Default GAFF 1-4 interactions were used for all molecules, except for the bicarbonate ion,
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for which the H–O electrostatic 1-4 interactions were scaled by 0.5 due to excessive 1-4

electrostatic interaction between these pairs.

The initial configurations for a single solute molecule solvated in a periodic box of 1500

water molecules generated using the packmol software package.32 All MD simulations were

performed using using the GROMACS (version 2016.3) program.33 Initially, A steepest–

descent minimization was performed to relax the system and remove any bad contacts,

followed by a short (100 ps) NV T equilibration run followed by a 12 ns long NPT simulation

with the first 2 ns discarded to determine the system density . Alchemical free energy

simulations to decouple the solute molecule from its solvent environment were then started

from the previously equilibrated configurations in an NV T ensemble, with simulation box

size based on the calculated NPT density.

The classical equations of motion were integrated using the GROMACS stochastic Langevin

algorithm, with a friction constant of 1.0 ps−1 and time step of 2.0 fs−1. The pressure was

maintained using a Parrinello-Rahman pressure coupling constant of 2.0 ps. The Lennard–

Jones short–range interactions were smoothly switched off between 12 and 12.5 Å and the

electrostatic interactions were computed using the particle mesh Ewald (PME) method with

a 12 Å real–space cutoff, 1.0 Å grid spacing, sixth–order spline interpolation, and accuracy

of 10−6. The free energy of decoupling the solute molecule from its solvent environment was

calculated using the GROMACS implementation of the Bennett Acceptance Ratio (BAR)

method (gmx bar). We employed a linear decoupling for the electrostatic interaction with

six equally spaced λ values (0, 0.2, 0.4, 0.6, 0.8, 1.0) followed by 20 equally spaced λ values

(0.0, 0.05, ..., 1.0) with ∆λ = 0.05 to decouple the LJ interactions using the standard GRO-

MACS soft-core potential function originally proposed by Beutler et al,34 with parameters (in

GROMACS notation) sc-alpha = 0.5, sc-power = 1 and sc-sigma = 0.3. For each alchemical

window, we used a 12.5 ns simulation with the first 2.5 ns discarded for equilibration.
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3.1 Ideal–Gas Reaction Free Energies and Conformational Search

Initial conformations of the neutral, protonated and carbamate forms of the amines were

generated using the Spartan v.18 software package with the default Merck Molecular Force

Field (MMFF94). The 10 lowest energy conformers of each solute at the MMFF94 level

were further optimized using the Gaussian 16 package, followed by frequency calculations

using high–level composite methods (G4, G3, CBS-QB3 and CBS-APNO) to find the lowest-

free-energy conformer for each QM method at 298.15 K. For a given QM method, the free

energies of the most stable conformers were then used to calculate the ideal–gas reaction

free energies at T = 298.15 K; to save computational time, the effect of temperature on the

reaction free energy was implemented only using G4 calculations over the temperature range

of 283.15–373.15 K according to:

∆G0
j(T ;P 0) = ∆G0

j(298.15;P 0)avg + [∆G0
j(T ;P 0)−∆G0

j(298.15;P 0)]G4 (20)

where ∆G0
j(298.15;P 0)avg is the average value of the reaction free energy using G4, G3,

CBS-QB3 and CBS-APNO calculations and [∆G0
j(T ;P 0) − ∆G0

j(298.15;P 0)]G4 is that of

G4 calculations. We have previously shown35 that the second term, which accounts for the

effect of temperature on the ideal–gas free energy, is insensitive to the QM method/theory

level; however, the absolute ideal–gas free energy of the species (the first term) can vary

substantially across different QM methods. As noted previously,25 improved predictions can

arise from the use of the combination of several high–level QM methods for the calculation

of this term. We therefore used the average value of ∆G0
j(298.15;P 0) obtained from the

G4, G3, CBS-QB3 and CBS-APNO calculations and the standard deviation was taken as a

surrogate measure of the uncertainty of the ∆G0
j(T ;P 0) values.
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4 Results and Discussion

4.1 Ideal-Gas Reaction Free Energy Changes, ∆G0
j(T ;P 0)

Ideal-gas reaction free energy values ∆G0
j(T, P ) in Eq. (9) were obtained at T = 283.15,

293.15, 298.15, 303.15, 313.15, 323.15, 343.15, 353.15, 363.15 and 373.15K according to

Eq. (20). We then expressed the temperature dependence of the amine deprotonation and

carbamate reversion ideal-gas reaction free energies in the form

∆G0
j(T, P

0)

RT
= A0

j +
B0
j

T
+ C0

j ln(T ) (21)

The coefficients of Eq. (21) for the reactions R1 and R1 are provided in Tables S1 and

S2 of the Supporting Information. Fig. 3 shows the dimensionless ideal–gas reaction free

energies of deprotonation (filled symbols) and for the carbamate reversion reaction (open

symbols) for a primary (MEA), secondary (DEA), tertiary (TEA) and sterically hindered

amine (AMP). As indicated by the R2 values in the Supplementary Information, the data are

well represented by the fitted functions. Generally, the deprotonation reaction free energy

change shows more sensitivity to temperature than does that of the carbamate reversion

reaction.
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Figure 3: Ideal–gas reaction free energy change of the deprotonation reaction R1 (filled
symbols) and the carbamate reversion reaction R2 (open symbols) for the indicated amines.
The curves are regressions to Eq. (21).

4.2 Residual Reaction Free Energy Changes, ∆Gres,NV T ;∞
j (T, P )

Calculation of the residual contribution to the reaction free energy ∆Gres,NV T ;∞
j (T, P ) in

Eq. (10) requires individual species µres;∞
i (T, P ) values as functions of temperature. While

QM ideal-gas chemical potential calculations exhibit no imprecision apart from the use of

different quantum theory levels, residual chemical potentials obtained from MD simulations

are subject to inherent stochastic uncertainties. We have thus smoothed the individual

species µres;∞
i (T, P ) values by regression to the functional form:

µres,NV T ;∞
i [T, ρ(T, P )]

RT
= ares

i +
bres
i

T
+ cres

i ln(T ) (22)

The coefficients ares
i , bres

i , cres
i for all species, including the small molecules (H2O, CO2, HCO−3 ,

H3O+), are provided in Tables S3–S6 of the Supplementary Information. The coefficients

Ares
j , Bres

j , Cres
j in Eq. (14) for reaction j are then obtained from

Ares
j =

Ns∑
i=1

νi,ja
res
i (23)
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Bres
j =

Ns∑
i=1

νi,jb
res
i (24)

Cres
j =

Ns∑
i=1

νi,jc
res
i (25)

For the majority of solutes considered in this work, the µres
i regressions are of good quality, as

indicated by their R2 values. However, larger flexible molecules with multiple conformers in

the solution exhibit somewhat scattered µres
i /RT values. For these molecules, we performed

five independent replicate simulations (each using different random–number seeds to generate

the initial configuration and the initial atomic velocity assignment), and we used the resulting

average µres
i /RT values in the regression. We show a typical result for such a larger molecule

in Fig. 4.
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Figure 4: Infinite dilution residual chemical potential of the neutral 4IPB as a function of
temperature from five replicate simulations at each temperature. The curve is the result of
fitting Eq. (22) to the simulation data using the average value at each temperature.

4.3 Deprotonation Constant, pKa

A parity plot of predicted versus experimental pKa data is shown in Fig. 5. The dashed line

indicates a tolerance of 1.0 pKa unit, and for most of the considered amines the error is less

than 1.0 pKa unit, equivalent to an error of ≈ 5.7 kJ·mol−1 in the reaction free energy at
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T=298.15 K.
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Figure 5: Calculated versus experimental pKa values for the 77 alkanolamine species con-
sidered in this work. The vertical error bars are obtained by propagating the uncertainty in
the ideal–gas reaction free energy (horizontal error bars for the experimental data are not
shown) and the dashed line indicates a tolerance of 1.0 pKa unit.

Table 1 summarizes the numerical values of the protonation constant of the 77 stud-

ied amine at 298.15 K, along with the carbamate formation constant of the primary and

secondary amines obtained in this work. The experimental pKa data were taken from the

literature.6–8,36–43 Using the developed H3O+ FF, we found an average absolute deviation

(AAD) of 0.72 pKa units for a set of 77 amines. Our results show that the pKa values of

amines with multiple hydroxyl groups are underestimated and those of alkyamines (amines

with no hydroxyl group) are overestimated.

Table 1: Protonation and carbamate formation constants of the studied amines at T =
298.15 K. The uncertainty in the simulation values is based on the uncertainty in the ideal
gas contribution to the reaction free energy, since that of the residual part is negligible. The
uncertainty in the experimental pKa data is typically smaller than 0.1 pK unit and that
for the carbamate formation is inferred to be around the MEA value of ≈ 0.25 pKa unit. t
indicates tertiary amines, which do not form carbamate.

pKa pKc

Amine this work literature this work literature

1AB 9.260.38 9.4 1.620.27

1AP 9.270.40 9.45 1.530.28 1.7044

2AB 9.890.39 9.27 1.320.30

2AEE 10.360.18 9.42 3.780.34

Continued on next page
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Table 1 – Continued from previous page
pKa pKc

Amine this work literature this work literature

2AP 9.810.26 9.4 0.750.15 0.60,44 0.984

2DIPA 9.950.20 9.42 t
2MPA 9.360.25 10.5 1.280.11

2PIPE 10.630.20 10.42 -0.190.40 no carbamate detected4

2PIPM 9.420.22 10.12 -0.060.32 no carbamate detected4

3AP 10.560.24 9.96 2.070.15 1.8344

3DMAP 9.610.26 9.49 t
3PIPM 9.200.26 10.05 4.230.33

4AB 11.120.21 10.32 1.870.35

4PIPM 9.060.36 10.56 1.880.33 1.394

AEPD 9.330.23 8.82 -0.390.38

AMPD 9.570.35 8.84 0.980.32 no carbamate detected4

AMP 9.840.27 9.68 0.160.21 no carbamate detected4

DA 8.700.21 10.76 1.100.75

DEA 9.770.30 8.92 1.570.46 0.924

DIPA 10.110.17 8.84 1.910.40

DMIPA 8.620.21 9.47 t
EAE 9.650.19 10 1.530.32

EAMP 10.420.22 10 -1.570.57

EDA 10.330.30 9.9 0.420.29

IBAE 9.600.16 10.01 2.930.24

IPAE 9.610.15 9.78 0.160.28

IPA 9.060.23 10.68 -0.300.10

MAE 9.600.23 9.85 2.420.60

MDEA 9.950.28 8.65 t
MEA 9.460.39 9.44 1.610.25 1.6, 1.81, 1.76, 1.31, 1.254,5,9,45,46

MPAE 10.100.16 9.42 1.130.36

nCHEA 9.410.16 10.1 -0.210.26

nCPEA 6.530.19 8.09 -0.300.54

nCPnEA 9.020.23 10.1 -1.010.28

PA 9.120.25 10.6 0.810.10 2.2044

SAPD 9.730.24 8.55 1.050.25 no carbamate detected4

TBAE 10.050.16 10.04 -2.610.63

TBA 9.570.23 10.43 -0.770.66

tBDEA 9.850.48 9.06 t
TREA 8.870.14 10.7 t

12HEPP 10.310.24 9.57 t
1DEA2P 9.750.15 10.18 t
1DMA2P 9.100.20 9.67 t
1M2PPE 8.330.22 9.89 t

1PE 9.460.18 8.96 t
Continued on next page
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Table 1 – Continued from previous page
pKa pKc

Amine this work literature this work literature

1PP 9.380.23 9.49 t
3DEA1P 9.540.17 10.29 t
3MDA1P 9.54.25 9.54 t

3PPE 9.870.30 9.49 t
4IPB 10.370.19 10.45 -0.340.38

5AP 11.590.28 10.47 3.170.40

6AH 10.670.33 10.59 5.350.36

BAE 9.580.18 9.9 1.540.32

BA 9.290.25 10.69 0.850.11 1.744

DEA12PD 9.700.20 9.68 t
DEAB 9.360.15 10.35 t

DEAEEO 10.690.46 10.15 t
DMA12PD 9.570.38 9.14 t
DMA22DP 8.950.21 9.54 t
DMA2M1P 10.210.24 10.34 t

DMAH 9.390.38 10.01 t
EDEA 10.130.20 8.86 t
DEEA 9.570.17 9.75 t
IBA 9.350.25 10.72 1.340.11 1.9844

IPAP 10.150.15 10.35 0.480.31

PA2 9.400.25 10.7 1.010.11

PAE 9.520.18 9.89 2.730.31

PRLD12PD 9.820.36 9.64 t
PRYE 9.390.15 9.8 t
SBA 9.450.23 10.74 0.130.08 1.3244

TEA 9.290.50 7.85 t
TMPOL 8.780.31 9.99 -6.480.70

TRC 7.510.28 8.1 -0.900.80

3QCD 8.520.38 10.1 t
AMN 8.380.79 9.25 1.21.03

2MORE 6.370.20 7.05 t
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4.4 Temperature Dependence of pKa and the Deprotonation Stan-

dard Reaction Enthalpy

Figs. 6 and Fig.7 show the temperature dependence of the MEA pKa and of the amines for

which we found experimental temperature dependent pKa data, namely AMP, 1-AP, DEEA,

MAE, 2DIPA, 2AP, 3DMA1P employing our H3O+ FF. The data shows that the developed

H3O+ FF is able to accurately predict the temperature trend despite the fact that only the

pKa of MEA at T = 298.15 K was used to train it.
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Figure 6: Deprotonation constants of monoethanolamine(MEA), 2-amino-2-methyl-1-
propanol (AMP), 1-amino-2-propanol (1-AP) and diethylethanolamine (DEEA) as functions
of temperature. Experimental data is shown by a circle,38 square6 and triangle up,41 and
the curves are our simulation results. The error bars indicate the uncertainty at 298.15 K
indicated in the caption to Table 1.
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Figure 7: Deprotonation constants of methylaminoethanol(MAE), 2-
(diisopropylamino)ethanol (2-DIPA), 2-amino-1-propanol (2-AP) and 3-dimethylamino-
1-propanol (3DMA1P) as functions of temperature. Experiemental data are shown by a
square,6 diamon,39 triangle left8 plus36 and star,37 and the curves are our simulation results.
The error bar indicates the uncertainty at 298.15 K indicated in the caption to Table 1.

As shown in Figs. 8–9, for the molecules with multiple hydroxyl groups, namely TBAE,

2AEE, EAE, AEPD, AMPD, DEA, SAPD, the pKa simulations overestimate the experi-

mental results. Since the ideal gas and the residual chemical potentials both contribute to

the resulting pKa values, we are not able to pinpoint the source of the error, and it could

be due to the well-known issue with the amine hydroxyl parameters of the GAFF and its

hydration free energy prediction,47 or due to the error in the ideal gas QM prediction for

species with multiple oxygen atoms, which are subjected to relatively larger uncertainty, as

in the case of TEA with three hydroxyl groups.
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Figure 8: Deprotonation constant of 2-(tert-butylamino)ethanol (TBAE), 2-(2-
aminoethoxy)ethanol (2-AEE),2-(ethylamino)ethanol (EAE) and triethanolamine (TEA) as
function of temperature. Experimental data is shown by square,6 diamon,39 triangle left8

plus36 and star,37 and the curves are our simulation results. The error bar indicates the
uncertainty at 298.15 K from the caption to Table 1.
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Figure 9: Deprotonation constant of 2-amino-2-ethyl-1,3-propanediol (AEPD), 2-amino-
2-methyl-1,3-propanediol (AMPD),diethanolamine (DEA) and serinol(2-aminopropane-1,3-
diol) (SAPD) as function of temperature. Experimental data is shown by square,6 dia-
mond,39 triangle left8 plus36 and star,37 and the curves are our simulation results. The error
bar indicates the simulation uncertainty at 298.15 K from the caption to Table 1.
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Figure 10: Deprotonation constant of methyldiethanolamine (MDEA), n-
ethyldiethanolamine (EDEA),2-piperidinemethanol (2PIPM) and tert-butyldiethanolamine
(t-BDEA) as function of temperature. Experimental data is shown by square,6 diamond,39

triangle left8 plus36 and star,37 and the curves are our simulation results. The error bar
indicates the uncertainty at 298.15 K from the caption to Table 1.

The Gibbs–Helmholtz (G–H) equation relates the equilibrium constant of the reaction to

its standard reaction enthalpy, via.

−∆H†j (T, P ) = −RT 2

(
∂ lnKj

∂T

)
= R[−(B0

j +Bres) + (C0
j + Cres

j )T ] (26)

The coefficients of − lnKj and −∆H†j (T, P ) of the deprotonation reaction obtained from the

coefficients of the ideal gas free energy function (A0
j , B

0
j , C

0
j ) and the residual free energy

function (Ares, Bres, Cres) of the corresponding reaction according to Eq. (14) and Eq. (26)

are given in Tables S7. The reaction enthalpy data at a typical absorption temperature

(T = 313.15 K) is given in Table S9.
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We remark that most literature studies have measured the equilibrium constant over a

narrow temperature range around T = 298.15 K and assumed a constant reaction enthalpy,

obtained from vant Hoff–type equation of lnK against 1/T data.48 This is only valid over

the small temperature range at which experimental lnK measured and should be compared

to our values at T = 298.15 K.

We previously have shown that the uncertainty in the IG reaction enthalpies is very simi-

lar to that of the IG reaction free energies,35 for which we used the standard deviation of the

IG results from G4, G3, CBS-QB2 and CBS-APNO calculations as a surrogate uncertainty

measure. The data in Table 1 indicate that the IG contribution to the uncertainty in the

deprotonation reaction enthalpies at 298.15 K is smaller than 0.5 pKa unit (≈ 2.85 kJ) in all

cases. Table 2 compares the simulation values of the de-protonation reaction enthalpy of the

amines for which there is experimental data. Due to the sensitivity of the reaction enthalpy

to the lnK data (which is subject to experimental uncertainty) there is significant scatter

in the experimental reaction enthalpy data, however, our simulation values are in reasonable

agreement with the available experimental data.
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Table 2: Enthalpy of deprotonation of amines (∆Hdeprot/kJ.mol−1) in aqueous solution at
298.15 and 313.15 K. The uncertainty in the simulation values are smaller than ≈ 2.85 kJ
in all cases.

Amine T=298.15 K T=313.15 K
This work Literature This work

MEA 45.64 48.66 43.07 41.08 50.549 50.8941 47.60
AMP 50.70 52.26 46.68 40.617 53.9950 52.07

AMPD 44.33 47.28 49.8551 46.65
AEPD 35.81 47.56 38.90
3-AP 52.92 53.66 53.57
MAE 40.50 44.46 42.97
1-AP 46.72 48.86 48.11

2-AEE 43.95 50.26 48.09
DEA 47.46 42.46 37.58 38.717 42.452 48.54
DIPA 50.40 39.26 52.48

2-DIPA 51.73 46.5037 55.67
2-AP 45.49 47.08 48.90

3DMA1P 25.78 28.077 30.8136 33.06
EAE 43.50 33.8636 45.15

SAPD 47.94 37.8 48.74
DEEA 31.76 36.26 34.2236 38.25
DMIPA 34.84 36.9936 36.56

TEA 45.40 31.36 32.08 34.053 31.597 -43.77
MDEA 48.70 34.96 36.08 33.377 51.11
EDEA 52.17 28.9736 52.83
TREA 54.14 45.6036 44.46 49.16

t-BDEA 53.60 33.0236 55.77
2-PIPM 42.12 46.08 45.84
3-PIPM 41.60 40.38 41.91
4-PIPM 28.22 34.08 33.78
2-PIPE 36.81 37.0853.854 48.08

4.5 Carbamate reversion constant, (pKc)

Carbamate reversion into bicarbonate is one of the major chemical reactions involving CO2

absorption occurring in primary and secondary amine based solutions. The results for the

carbamate reversion reaction pK R2 (the negative of the carbamate formation reaction

value) for the primary and secondary amines are summarized in Table 1, and compared with
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scarcely available experimental determinations at 298.15 K. We remark that the equilibrium

constant is composition-independent quantity which may be directly predicted from simu-

lation quantities at infinite dilution. On the other hand, this quantity cannot be directly

measured experimentally, but must be obtained indirectly from concentration measurements

at finite compositions m∗, governed by

lnKj(T, P ) =
Ns∑
i=1

[νij[lnm
∗
i + ln γi(T, P ; m∗)] (27)

which requires the use of an activity coefficient model. Unlike the case for the deprotonation

reaction, it is problematic to extrapolate results obtained for the carbamate reaction using

Eq. (27) to infinite dilution, since in CO2-loaded aqueous amine solutions, the carbamate

reversion reaction cannot be isolated and the bicarbonate and carbamate ions co-exist with

other ions (i.e, OH− , H3O+, CO−2
3 etc). At relatively low CO2 loadings (low ionic strength),

the activity coefficients of the bicarbonate and carbamate ions approach unity and at low

amine weight fractions, only the activity coefficient data of binary amine/water system (at

relatively low amine weight fraction, where only amine infinite dilution activity coefficients

are required) along with the equilibrium composition maybe used in the Eq. (27) to estimate

the equilibrium constant. An approximation often made for isocoulombic reactions (with ions

on each side of the reaction having the same charge, which is the case for the carbamate

reversion reaction) is to assume that the activity of water is unity and the activity coefficients

of RNHCO−2 and HCO−3 are equal (as is the case for the Debye-Hückel; and other simple

activity coefficient models). In this case, the activity coefficient terms in Eq. (27) cancel at

all concentrations.

Another approach is to fit the experimental VLE data (CO2 partial pressure and spe-

ciation data) to the parameters of a thermodynamic model for the chemical potentials to

obtain the equilibrium constant. As a result of the different approximation approaches, the

spread of the literature values is partly due to differences in the activity coefficient models
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used by the authors, and more likely due to the difficulty in the experimental NMR mea-

surement of the concentrations of the bicarbonate ion and neutral amine species, which is

difficult to distinguish from the protonated and carbonate ion in the NMR peaks. The ex-

perimental carbamate formation constant data are limited and likely subject to significant

uncertainty. For example, carbamate formation constants of MEA have been measured us-

ing various experimental methodology including NaOH titration of the carbamate solution,5

fitting thermodynamic models to vapour-liquid-equilibrium (VLE) data of CO2-loaded so-

lutions, and to CO2 partial pressure data,45,55,56 NMR titrations,10 calorimetric studies and

H-NMR Spectroscopy,4 giving values ranging from 1.315-1.85.4 We compare our predicted

values with the scarcely available experimental data in Table 1. Given the lack of the pKc

data from different measurement, based on the MEA data, we infer the uncertainty in the

experimental to be ≈ 0.25 pK unit comparable to that of the simulation data. Lack of

comprehensive and accurate experimental pKc data complicates fair comparison with the

simulations data. Overall, our predictions are in reasonable agreement with the available

experimental data.

4.6 Effect of Structural Features on Carbamate Reversion

The effect of structural feature modifications with respect to those of MEA on the extent

of carbamate formation may be explained, allowing us to identify structural factors of alka-

nolamine molecules that influence the CO2 absorption properties. The increasing trend in

the carbamate reversion constants of MEA (pKc= 1.61± 0.25), 3-AP (pKc= 2.07± 0.15),

4-AB (pKc= 1.87± 0.35), 5AP (pKc= 3.17±0.40) and 6-AH (pKc= 5.35±0.36) indicates

that increasing the chain length promotes carbamate formation. The addition of a -CH3 and

-C2H5 group on the β carbon of MEA gives 1-AP (pKc= 1.53 ±0.28) and 1AB (pKc= 1.62

±0.27) respectively, with a carbamate reversion constant similar to that of MEA, indicating

that the steric effect of the β carbon is not significant. However, addition of the same -CH3,

-C2H5 and -CH2(OH) groups on the β carbon of MEA gives 2-AP (pKc= 0.75 ±0.15) and
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2-AB (pKc= 1.32 ±0.30) and SAPD (pKc= 1.05 ±0.25), respectively, significantly lowering

their tendency to form carbamate. AMP (pKc= 0.16 ±0.21), AMPD (pKc= 0.98 ±0.32)

and AEPD (pKc= -0.39 ±0.38) are heavily hindered derivatives of MEA, and all show little

or no tendency to form carbamate as predicted by the molecular models.

The addition of various alky chain groups on the nitrogen atom of MEA gives the primary

amines MAE (pKc=2.42 ±0.60), EAE (pKc= 1.53 ±0.32), BAE (pKc= 1.54 ±0.32), IPAE

(pKc= 0.16 ±0.28) and TBAE (pKc= -2.61 ±0.63), clearly indicating that the longer and

more branched the alkane chain, the more unstable is the amine carbamate (pKc becomes

more negative). Compared to EAE, EAMP (pKc= -1.57±0.57) has two additional CH3

groups in the α carbon, significantly lowering its pKc.

n-CHEA (pKc= -0.21±0.26), nCPEA (pKc= -0.30±0.54) and nCPnEA (pKc= -1.01±0.28)

are obtained by a adding a six-, five- and three-membered ring structure to the amine group

of MEA. They all show a negative carbamate reversion constant, indicating that the addition

of the ring group makes the carbamate formation extremely unstable.

In the case of the primary alkyamines, PA (pKc= 0.81 ± 0.10), BA (pKc= 0.85 ±0.11),

PA2 (pKc= 1.01 ±0.11), IBA (pKc= 1.34 ± 0.11), SBA (pKc= 0.13 ±0.08), IPA (pKc=

-0.30± 0.10) and TBA (pKc= -0.77 ± 0.66), the effect of the steric hindrance of the methyl

group is in line with the decreasing pKc.

For the cyclic amine 2PIPM (pKc= -0.06± 0.32), 2PIPE (pKc= -0.19± 0.40), due to

proximity of the amino and hydroxyl group, it chemically easier to form intra-molecular

hydrogen bonds, and this has been shown to reduce the stability of carbamate formation57 by

formation of stable ring structure that maximize internal hydrogen bonding , consistent with

their predicted negative pKc values. This is also in agreement with the H-NMR spectroscopy

measurements of Fernandeset al., who did not detect carbamate formation in aqueous 2PIPM

and 2PIPE. However, in case of 4PIPM (pKc= 1.88 ± 0.33), the amino group is located far

from the hydroxyl and results in a higher pKc, in excellent agreement with the Fernandeset

al.measured value of 1.39. Overally, we believe the molecular models employed in this work
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is able to predict the trend in the carbamate formation tendency of amines.

4.7 Temperature Dependence of pKc and the Carbamate Rever-

sion Standard Reaction Enthalpy (∆Hcarb)

Given the complications associated with the accurate experimental measurement of the car-

bamate reversion (inverse of carbamate formation reaction) constant, the experimental car-

bamate reversion enthalpy (∆Hcarb), which obtained from the temperature derivative of

its equilibrium constant, expected to have much larger errors associated with them. For

example, the literature value of MEA experimental ∆Hcarb/kJ·mol−1 obtained from Van’t

Hoff analysis of the equilibrium constant data over a narrow temperature range ranges from

12.845kJ·mol−1 to 29.79 kJ·mol−1. Similarly for DEA, different analysis methods for the ex-

perimental measurements4,9,45 give values ranging from 13.6445 kJ·mol−1 to 23.79 kJ·mol−1.

Fig.11 shows the temperature dependence of the MEA pKc from our simulations (red curve)

and its comparison with the most recent studies of Fernandes4(circles) and Böttinger45(blue

curve). Our predictions agree well with the experimental data from other sources9,56,58 shown

by different symbols. While the most literature studies assume constant (∆Hcarb), our simu-

lation indicate slight temperature dependency for ∆Hcarb (change of ≈ 2.0 kJ over T change

of ≈ 100 K).

The ideal gas contribution to the uncertainty of ∆Hcarb is much larger than the de-

protonation reaction(∆Hdeprot) as indicated in Table 1 ranging from 0.1-1.0 pK unit or

≈ 0.57-5.7 kJ at T=298.15 K. The coefficients of − lnKc and ∆Hcarb obtained from the

coefficients of the ideal gas free energy function (A0
j , B

0
j , C

0
j ) and the residual free energy

function (Ares, Bres, Cres) of the reversion reaction according to Eq. (14) and Eq. (26) are

given in Tables S8 of Supplementary Information. The reaction enthalpy data at a typical

absorption temperature (T = 313.15 K) is given in Table S9. The ∆Hcarb and ∆Hdeprot data

maybe used in conjunction with the readily available enthalpy data of reactions R3-R6 to

estimate overall heat of CO2 absorption in these amines.
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Figure 11: (a) Comparison of the equilibrium constant of the MEA carbamate reversion
reaction (R2) of this work (red curve ) with the experimental data of Bottinger45 (blue
curve), fernandes4 (open green circles) and other symbols are from9,56,58

. (b) the corresponding reaction enthalpies of carbamate reversion reaction R2.

Table 3: Enthalpy of carbamate reversion (∆Hcarb/kJ·mol−1) of amines in aqueous solution
at 298.15 (subscripts indicates the uncertainty of ideal gas contribution to reaction enthalpy)
and 313.15 K.

Amine T=298.15 K T=313.15 K
This work Literature This work

MEA 26.801.40 29.7918.04 27.4045 12.845 26.53
2-AP 16.860.85 274 17.60
DEA 14.282.62 18.04 13.6445 23.79 15.51

4.8 Validation of the H3O
+ Force Field Using its Prediction of the

Proton Hydration Free Energy

Most pKa studies in the literature are restricted to T = 298.15 K, where a theoretically

obtained literature value for the proton hydration free energy (e.g., that of Tissandier et

al.24) is typically used to predict the pKa. However, a classical FF for the H3O+ ion allows

the prediction of this quantity over a temperature range, including the elevated temperatures

of interest to carbon capture processes. Other studies have calculated pKa at T = 298.15

K with respect to a reference acid and then used the experimental temperature dependence
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of the reference acid to accomplish this task. However, the reference acid experimental data

at high temperatures might not be readily available or one might want to look at different

solvents, requiring reference acid temperature–dependent pKa data for each solvent.

In our study, we have developed an H3O+ force field to reproduce the well-known exper-

imental pKa value of 9.44 ± 0.05 for MEA (in water solvent) at 298.15 K. This allows the

calculation of the temperature dependence of its hydration free energy. We first calculated its

theoretical ideal–gas deprotonation reaction free energy value of 228.21±2.24 kJ·mol−1 (taken

as the average of CBS-QB3, G4, G3 and CBS-APNO calculations), the MEA and MEAH+

AM1–BCC hydration free energy values (−28.56 ± 0.10 and −246.25 ± −0.250 kJ·mol−1,

respectively), and the TIP3P H2O self–solvation free energy (-26.82 ± 0.08 kJ·mol−1). From

this data, Eqs. (8)-(12) yield an H3O+ intrinsic hydration free energy of -408.84± 2.3

kJ·mol−1. Finally, using the TIP3P LJ parameters of water and the non-bonded param-

eters of Váchaet al.59 for the H3O+ FF, we adjusted its oxygen partial charge to reproduce

this value. The details of the resulting H3O+ FF are given in the Supplementary Information.

We validated our H3O+ FF by comparing several of its intrinsic hydration free energy with

the literature results. Using the values from CBS-APNO, CBS-QB3, G3 and G4 calculations

of the water basicity−∆G0
R9(T, P 0) in Eq. (18) (662.83, 657.76, 661.40 and 662.98 kJ·mol−1),

we obtained an average value of ∆G0
R9(T, P 0) = −661.24± 2.43 kJ·mol−1. This agrees well

with the Hunter and Lias60 value of -660 kJ·mol−1 recommended by the NIST Chemistry

Webbook,61 ab initio values of -662.74 kJ·mol−1 obtained by Palascak and Shields62 and a

best estimate of -658.14 kJ·mol−1 by Zhan and Dixon.63

Using the TIP3P water simulation properties of density (ρ = 987.562 kg·m−3), its self-

solvation free energy (µres,NV T ;∞
H2O =-26.82± 0.08 (which is close to the experimental value

of -26.44 kJ·mol−1 given by Camaioni64), and the Galvani potential value of ξG = -48.24

kJ·mol−1,65,66 Eq. (18) gives the value µres,NV T ;∞
H+ (298.15 K, 1.0 bar) = −1109.38 ± 2.43

kJ·mol−1 for the proton absolute hydration free energy. This agrees well with the most

well–established experimental value of −1112.5 kJ·mol−1 of Tissandieret al.24
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Assuming that the Galvani potential is invariant with respect to temperature, Fig. 12

shows the intrinsic and absolute values of the proton solvation free energies and enthalpies

as functions of temperature.
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Figure 12: Intrinsic hydration free energy (black curve), intrinsic hydration enthalpy (red
curve) and absolute hydration free energy of the proton (blue curve) as functions of tem-
perature, assuming that that the water Galvani potential of the water is invariant with
temperature. The filled blue circle indicates the value of Tissandier et al.24

Table 4: Coefficients of the function A + B/T + C ln(T ) fitted to ∆G0
R9(T, P 0)/RT ,

ln
(
ρsolv(T,P )RT
100P 0Msolv

)
, µres,∞H2O

/RT , µres,∞
HCO−3

/RT , µres,∞H3O+/RT µres,∞H+ /RT terms in Eq.18 .

molecule/ion A B C R2

∆G0
R9(T, P 0)/RT -235.09 -70902.4 36.1984 0.001

ln
(
ρsolv(T,P )RT
100P 0Msolv

)
9.85008 -305.675 -0.282471 0.008

µres,∞H2O
/RT 27.2591 -5988.09 -3.15944 0.0013

µres,∞
HCO−3

/RT -99.6984 -48119.3 17.9077 0.0337

µres,∞H3O+/RT 124.002 -59320.3 -15.7999 0.0330

µres,∞H+ /RT -148.19718 -123928.935 23.840411 -
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5 Conclusions and Recommendations for Future Work

We have refined our previously developed21 general framework for prediction of the equi-

librium constants of chemical reactions in solution applied to CO2–loaded aqueous amine

solutions. The primary aspect of the refinement is the use of isocoulombic reactions to pre-

dict the deprotonation and carbamate reversion equilibrium constants and their temperature

dependence; this use of such reactions is in concordance with the recent finding that such

reactions enable improved estimates of the temperature trend of equilibrium constants.22

This approach requires the development of a new H3O+ (hydronium) force field (FF)

for the deprotonation reaction. We developed this FF by matching the well-known mon-

ethanolamine deprotonation equilibrium constant value at 298.15 K, which involved adjust-

ing the GAFF oxygen atom partial charge. We are thereby able to predict the pKa of a

diverse set of 77 amines at 298.15 K and all other temperatures by the appropriate combina-

tion of ideal-gas and residual chemical potential values for the deprotonation reactions. The

predictions at 298.15 K show an absolute average deviation (AAD) with respect to experi-

mental values of less than 0.72 pKa unit (our previous study23 on 29 amines incorporating

the Tissandier value of the proton hydration free energy achieved an AAD of 0.73 pKa units

at 298.15 K). This is equivalent to an absolute error of ≈ 4 kJ in the reaction free energy at

298.15 K, which is within so-called “chemical accuracy” of 1 kcal·mol−1.

Our approach can be viewed as a methodology for accurately “bootstrapping” knowledge

of the single well-studied MEA pKa data point at 298.15 K to predict pKa data both for

MEA at higher temperatures and for other amines at all temperatures, requiring only the

calculation of the reaction ideal–gas values and their solvation free energies.

Whereas the predicted pKa values compare well with the experimental data, the intrinsic

uncertainties in the experimental pKc determinations complicate the direct comparison of

such data with simulation values. However, we showed that our simulations of pKc agree well

with the scarcely available experimental data taking into account their mutual uncertainty;

moreover, the molecular models are able to capture the trend in the carbamate formation
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and the effect of steric hindrance on the pKc.

We have provided temperature–dependent functions for the protonation and carbamate

formation constants of the studied amines based on our methodology. These determine

the corresponding standard reaction enthalpies as functions of temperature. Based on the

same approach as followed in our recent purely predictive study for a set of 7 primary

amines,21 the simulation data/methodology provided here can be combined with the readily

available experimental equilibrium constant data of the CO2-H2O binary system to give

improved predictions for the speciation and equilibrium CO2 loading of CO2 in aqueous

amine solutions.

In future work, equilibrium compositions calculated from our equilibrium constant pre-

dictions may be used in conjunction with the individual reaction enthalpies obtained in this

work to predict both integral and differential overall heat (physical absorption + chemical

reaction) of CO2 absorption in the amine-water system, which is a fundamentally important

quantity for solvent selection in the PCC process. For such calculations, isocoulombic re-

actions have the intrinsic advantage that the ionic activity coefficient contributions to the

reaction free energy change cancel for simple models such as the Davies extension of the

Debye-Hückel model, which become numerically equivalent to an ideal solution model.

Finally, the new H3O+ force field allows us to predict the solvation free energy of the

proton, H+, as a function of temperature. This provided a validation of the force field by

showing that the proton solvation free energy at 298.15 K agrees well with the literature

value. Furthermore, our calculations of the intrinsic proton solvation free energy can in

principle be combined with temperature–dependent calculations of the Galvani potential to

determine its absolute value as a function of temperature. This would enable the estimation

of standard chemical potential and enthalpy data for all the ionic species considered in this

study, which would be useful in the application of macroscopic thermodynamic models of

aqueous solutions containing them.
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