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ABSTRACT OF THE DISSERTATION

Nanoconfinement Effects and Interfacial Reaction Pathways for Docking CO> in Natural and
Synthetic Rocks

By

Siavash Zare

Doctor of Philosophy in Civil and Environmental Engineering

University of California, Irvine, 2022

Assistant Professor Mohammad Javad Abdolhosseini Qomi, Chair

Carbonation of natural earth-abundant and synthetic metal silicates promises scalable solutions to
permanently store CO». With enigmatic observations of enhanced reactivity in wet CO:-rich fluids,
understanding the kinetics proves critical in designing secure and economical geological carbon
sequestration and concrete technologies. Here, we use atomistic simulations, density functional
theory, and free energy calculation techniques to probe the nature of physicochemical processes at
the rock-water-CO interface. We choose nanoporous calcium-silicate-hydrate (C-S-H) and
forsterite (Mg2Si104) as model metal silicate surfaces that are of significance in the cement
chemistry and geochemistry communities, respectively. We show that while a nanometer-thick
interfacial water film persists at undersaturated conditions consistent with in situ infrared

spectroscopy, the phase behavior of water-CO, mixture changes from its bulk counterpart

Xii



depending on the surface chemistry and nanoconfinement. We also observe enhanced solubility at
the interface of water and CO» phases, that could amplify CO; speciation rate. Through free energy
calculations, we show that CO; could be found in a metastable state near the C-S-H surface, which
can potentially react with surface water and hydroxyl groups to form carbonic acid and
bicarbonate. These findings support the explicit consideration of nanoconfinement effects in
reactive and non-reactive pore-scale processes. To investigate reactions at the solid-liquid
interface, we develop Mg/C/O/H ReaxFF parameter sets for two environments: an aqueous force
field for magnesium ions in solution and an interfacial force field for minerals and mineral-water
interfaces. Then, we leverage reactive and non-reactive molecular simulations to probe the
elementary reaction steps involved in the interaction of bicarbonate with metal silicate surfaces.
We observe that a reverse proton transport between the bicarbonate and surface hydroxides drives
carbonate production and surface metal carbonate complexation in agreement with in situ
spectroscopy measurements. The resultant carbonate can also contribute to the ligand-enhanced
dissolution that appears to be slightly favorable over carbonate-unassisted dissolution. We also
discuss the potential implications of metal carbonate complex formation and dissolution on
lowering the growth’s configurational entropy penalty and the rise of interfacial carbon

mineralization pathways.
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Chapter 1

Introduction

1.1 CO; storage, a solution for climate change

Due to its calamitous climate change effects, the raise in the anthropogenic greenhouse gas
emission in the post-industrial era has prompted international efforts to stabilize its effects. In the
Paris Climate Accords, a goal is set to hold the increase in the global average temperature well
below 2 °C above pre-industrial levels and to ‘persue efforts’ to limit it to 1.5 °C. Unfortunately,
the continued greenhouse gas emission from existing and prospective fossil-fuel-burning energy
infrastructure is expected to surpass the carbon budget needed to keep the mean global temperature
well below 1.5 °C by mid-century'. Aside from the importance of “revolutionary changes” in
mitigation technology, such as terrestrial solar and wind energy, nuclear fusion, biomass, etc.?, it
is possible to scale up currently operating and pilot projects.> One option is decarbonization of
fuels and electricity that can be achieved through various routes, among them are Carbon Capture
and Storage technologies; In these technologies, CO, is captured at fossil-fuel power plants or
large industrial sources, compressed to supercritical form, and transferred to storage sites. It is then
injected into geological formations, where it can be stored for hundreds or thousands of years. We
can also store CO; in construction and demolition waste*3 or through COj-cured concrete

technologies®.



Using current technologies and the availability of enormous storage capacity in deep host rocks,
the injection and trapping of CO; fluids in the subsurface is a viable solution. CO> could be stored
in geological formations through four trapping mechanisms?®: stratigraphic trapping (vertical
migration of the CO; plume blocked by the seals), residual trapping (a portion of the CO, trapped
as disconnected droplets), solubility trapping (gradual dissolution of the CO> in the formation
water), and mineral trapping (formation of carbonate minerals). However, there are known risks
associated with CO; trapping in deep sub surfaces’ such as the long-term possibility of post-CO.
trapping leakage from the caprock, opening of pre-existing fractures, fault activation, and
earthquake triggering®; Because of the relatively high buoyancy of CO with respect to brine, the
risk exists for CO, removal and leakage from the storage, which is critical to evaluate for bulk CO>

injection cases.

There have been two major field-scale pilot projects for CO; storage in basaltic formations, namely
CarbFix in southwest Iceland®'! and Wallulah project in the Columbia river basalt group of
southeastern Washington state, USA'?>7'4, In the first phase of CarbFix project, about 200 tons of
CO> was injected into basalt formations. CO2 and water were separately injected underground with
a proportion such that CO» is fully dissolved in water at the target depth, via a technique known as
solution trapping'®. CO: is then minerally trapped when it reacts with the host rocks. Because CO»
1s completely dissolved in water, there is no risk for leakage. In contrast to the CarbFix project,
the CO» is injected in supercritical form in the Wallulah project, where the storage sites are covered
with impermeable caprocks. Hydrologic tests before CO injection and post-CO; injection
monitoring shows no evidence for CO, removal from the storage!. Two years after CO, injection,

60%!® and between 72-95%'%!7 of the CO, was mineralized in CarbFix and Wallulah projects,
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respectively. Overall, both laboratory and field experiments show that storing CO» underground
through mineral trapping, whether dissolved in water or in bulk CO; form, is an effective

decarbonatization method.

Understanding the interaction of CO> with geological formations is of prime importance, because
of the entailed sophisticated coupled processes'®. When anhydrous scCO: is injected in geological
formations, the formation water in the pore space is partially or completely displaced, and the
scCO» phase adsorbs small amount of water to produce wet scCO> fluid. The reaction between the
host rock and wet scCO» phase causes dissolution and volume and wettability changes, that overall
alters porosity and permeability.!®?? Therefore, it is critical to understand these reactions from
both chemical and mechanical point of view, as new minerals are formed as the products of these

reactions while long-term permeability and security of the sub surfaces are affected.

CO.is known to react with silicate minerals to form carbonate minerals?. In aqueous environment,

carbonation of divalent metal-silicate (M3!Si0,) minerals can be simplified as follows,

H,0 + CO,(aq) - H,CO3(aq) —» HCO3 (aq) + H*(aq) - CO%~(aq) + 2H* (aq) (1-1)
MISi0,(s) + 2C0%~ (aq) + 4H* (aq) - 2M!"CO;(s) + H,Si0, (aq) (1-2)
H,Si0, (aq) — a-Si0,(s) + 2H,0 (1-3)

Equation (1) represents the formation of carbonic acid when CO, dissolves in water?*. Then,
carbonic acid can turn into bicarbonate and carbonate by successively transferring the proton to
water. The resulting protons acidify water and causes the metals and silicates in water to dissolve.
When the molar concentration of metals and carbonates reach the saturation levels, metal-

carbonate M!'CO; precipitates along the formation of silicic acid as the by-product, as shown in



Equation (2). Finally, the silicic acid can polymerize to form a secondary amorphous passivation
layer that inhibits reaction kinetics while producing water as shown in Equation (3). As can be
seen in these chemical equations, water plays a key role in the carbonation reaction from speciation
of CO» to the formation of amorphous silica. However, when it comes to the interaction of wet
scCO, and metal silicates in the pore space, some subtleties arise partly due to immiscibility of

26-28

water and CO,%, the effect of confinement on the chemical reactions?*~28, and water properties at

the interface? 31,

Divalent metal silicate minerals (Me>Si0O4) Carbonation reactions with humidified scCO; phases
are known to occur at the thin water film adsorbed on the surface of the host rock. Although
confined in nano-meter scale environment, the adsorbed thin water film is shown to perhaps

3239 and field experiments.*® In

facilitate carbonation reactions in Ca/Mg silicates in laboratory
addition to the different quasi-2D geometry of the adsorbed water film on the surface of metal
silicates, its nano-structure is highly structured and it has a lower dielectric constant compared to
bulk water. The molecular mechanisms responsible for carbon mineralization in the water film and
the properties of the CO»-water mixture in the confined space are critical elements for
understanding carbonation and further accelerating the process. Due to the nano-scale nature of
the solid-water-CO; interface and fast reactions in the water film, performing experiments is often

difficult. However, molecular simulation techniques are able to offer some insight on these nano-

scale interactions.



1.2 Research objectives and dissertation outline

In this dissertation, we aim to shed some light on the thermodynamics and early-age molecular
interactions that occurs during carbonation at the solid-fluid interface through the means of
molecular simulations, density functional theory, and free energy calculation techniques. In
Chapter 2, we investigate the effects of nanoconfinement on the phase behavior of humidified
COz-rich mixtures in contact with Calcium-Silicate-Hydrate (C-S-H), the binding phase of cement
hydrate, and forsterite (Mg>Si104), the magnesium end-member of olivine minerals. We also look
at the adsorption of a CO, molecule on the surface of aforementioned minerals, as well as its
reaction with surface water and hydroxyl groups. In Chapter 3, we develop a reactive forcefield
for magnesium-containing systems in aqueous and interfacial environments. This forcefield
enables us to investigate the interaction of carbonic acid and bicarbonate with the surface of the
minerals at the solid-liquid interface, as discussed in Chapter 4. Also in Chapter 4, we calculate
the free energy landscape for the dissolution of metal cations from the surface of minerals through

the assistance of carbonate ions.



Chapter 2

Nanoconfinement Matters in Humidified CO; Interaction with Metal Silicates

2.1 Introduction

Carbonation of Mg- and Ca-rich silicates promises scalable solutions to mitigate the calamitous
impacts of anthropogenic carbon emissions. These solutions can be realized in geological settings

through in situ carbonation of mafic and ultramafic lithologies'¢-?%4!

, or above ground through
well-controlled ex situ carbon mineralization facilities to produce value-added concrete products®.
The potential in situ CO, storage capacity of continental flood basalts*?, oceanic igneous

43,44

plateaus®*4, and basalt ridges**® is greater by an order of magnitude than the estimated CO>

emissions from burning all fossil fuel resources on Earth.*! Ultramafic tailings*’3, alkaline

4,50

industrial residues®, construction and demolition waste*>* and naturally occurring minerals such

as olivine®!, can also collectively offset up to 30 Gt of emissions a year via ex sifu proccesses.>?

Whether realized in or ex situ, the permanent CO> conversion to carbonate minerals is
advantageous over storage through residual trapping in nonreactive sedimentary formations.>
However, the carbon mineralization extent and associated costs should be optimized to engender
maximal CO; uptake through a rapid and close-to-complete carbonation process. Therefore, it is
critical to predict the carbonation processes, including rates and mechanisms, as they directly affect
storage security, efficiency, and cost. Despite this urgency, our understanding of carbon

mineralization kinetics and underlying molecular pathways, especially with humidified CO»-rich

fluids, remain limited.



A major challenge in determining the carbonation rate is the complexity arising from confinement
effects on fluid-rock and fluid-fluid interactions in the pore space. Compared to the bulk phase,
confined fluids express substantially different physicochemical attributes and reaction rates.?6-2
For instance, recent experiments highlight the distinct thermodynamic properties of fluid in
shales®>>7 model nanoporous glasses®®, and mesoporous silicon®®. When confined in
nanoporosity, fluid-solid interaction can also significantly impact the fluid phase behavior,
sorption, capillary condensation, and imbibition.®*? Based upon experiments performed on
mesoporous silicon®’, a follow-up theoretical study®® showed that imbibition occurs when the
relative humidity is above a critical value, well below the vapor saturation pressure. The fluid
mixture phase behavior in the porous rock is particularly significant as it remains unclear to what

extent the classical bulk aqueous-mediated dissolution-precipitation pathways can be applied to

water-poor systems.

In this work, we study nanoconfined water-CO; mixtures on two model metal silicates with wide-
ranging environmental and technological significance: 1) forsterite (Mg»SiO4), the magnesium
endmember of olivine, relevant to carbonation studies of mafic (e.g. basalt) and ultramafic (e.g.
peridotite) lithologies, and 2) Calcium-Silicate-Hydrate (C-S-H), the binding phase in the cement
paste that is responsible for concrete’s strength, fracture, and durability properties.53-63
Carbonation of concrete infrastructure is estimated to be the sink for about 2.5% of the
anthropogenic carbon emissions, despite an unsettlingly high carbon footprint linked to cement
production.®®-% Carbonation of C-S-H is also of prime importance for the well-bore integrity®®~"!

and valorization of construction and demolition wastes that places tangible pathways for net zero

or even negative carbon footprint concrete technologies within reach’?. The motivation to conduct



a comparative study between C-S-H and forsterite is two-fold and goes far beyond their
technological significance. First, while forsterite is a natural mineral dominated by macroscopic
fracture networks, C-S-H provides a nanoporous model system’? that readily lends itself to studies
of confined fluids*’. Second, the residence time of water in the first hydration shell of Mg?* cations
is at least three orders of magnitude longer than that around Ca?" ions.”* Such extended residence
time can potentially hinder dehydration processes and regulate interfacial processes in rock-water-

CO; systems.??

Herein, we employ molecular simulations to determine competitive sorption of CO; and H>O in
metal silicate nanopores and address two basic questions surrounding the interactions of
humidified CO, with forsterite and C-S-H within the thermodynamic range of technological
interest. First, we seek to quantify the impact of nanoporosity and chemical composition on the
thickness of interfacial adsorbed water films. While molecular simulations delineate the structure

and energetics of single- and multi-component fluids on metal silicate surfaces®'7>76

, quantitative
measurements of the adsorbed water film thickness and its dependence on thermodynamic state
variables of CO»-H>O mixture (pressure, temperature), surface chemistry and pore size remain to
be understood. These gaps are difficult to address experimentally, and are key for parameterizing
realistic MD simulations of these interfaces’>’’". Although continual progress is being made at

determining water film thicknesses at mineral-H,O-CO, interfaces’?3333.36.79-85

, including for
forsterite surfaces, the initial hydration state of the mineral surface to measurements is often
unknown, and the influence of pressure-temperature-composition on water film thicknesses has

not been systematically explored. Second, we investigate whether carbonic acid and bicarbonate

can potentially form at the water-solid interface. To this end, we determine the energetic penalty



for displacing CO: through interfacial water layers toward the surface and model its subsequent

reaction with hydroxyl groups and adsorbed water molecules.

2.2 Methods

2.2.1 Grand Canonical Monte Carlo Simulations. Two-phase adsorption simulations in the
present study, namely bulk mixture, and slit pore adsorption studies were carried out using the
Grand Canonical Monte Carlo (GCMC) simulation approach. Towhee package 3¢ was utilized to
perform all the Monte Carlo simulations in the grand canonical ensemble (uy,otico,VT) using the
Configurational Biased Monte Carlo (CBMC) technique.?” The configurational-biased insertion or
deletion or reinsertion probabilities are 0.25 and 0.125 for water and CO» respectively. The biased
molecular translation probabilities are 0.75 and 0.375 for water and CO; with maximum
displacement 0.5A. The biased molecular rotation probability is 0.5 for all molecules with the
maximum rotation of 0.05 rad. The confined CO,-H>O adsorption simulations are carried out
between two C-S-H and forsterite slabs with dimensions of 26 A x 23 A, and 26 A x 26 A,
respectively. Due to high computational costs, layers are fixed in these simulations. Such an
assumption has a negligible effect on the adsorption properties in non-swelling systems such as
hardened concrete and igneous rocks. We used the conventional SPC water model®¥, EPM2 CO;
model®, and Lorentz-Berthelot combination rule to model CO,-H>O mixtures. We note that such
a combination might slightly underestimate the interfacial tension between water and carbon
dioxide’. However, this would not significantly alter the thickness of interfacial water films that
are governed by the water-mineral interfacial tension. ClayFF*° and its modified version’ are used

respectively to model C-S-H and forsterite surfaces. We apply Lorentz-Berthelot mixing rules to
9



describe solid-fluid interactions. While the Lorentz-Berthelot mixing rule overestimates the single
water adsorption energy on forsterite by ~10% (AE.q=-31 kcal/mol vs. AE;gmixing =-34
kcal/mol), it matches the adsorption energy measured via calorimetry at three mono-layers water

coverage.”’

Therefore, the mixing rule satisfactorily predicts adsorption properties at
thermodynamic conditions relevant to this work (RH~90%). However, a reparameterization of the
modified ClayFF potential would warrant a better match with experiments and DFT calculations
at lower relative humidity levels (water coverage below two monolayers). In contrast to ClayFF,
variable charges for the C-S-H constituents were employed, similar to the previous simulation
work on C-S-H °!, to ensure charge-neutrality. Before GCMC calculations, C-S-H layers are
relaxed in the MD simulations with the CSH-FF potential, a version of ClayFF tuned specifically
to model C-S-H structures and reproduce its mechanical properties. Similarly, MD relaxation is
done for the hydroxylated {010} surface of forsterite using the modified Clay-FF potential.
Forsterite surface was terminated at M2 sites recognized as the most stable termination through X-
ray reflectivity??, DFT”7, and molecular simulations®>**, MD simulations are done in the NVT
ensemble using the Nosé-Hoover thermostat with a relaxation time of 100 steps and the timestep
of 1 fs. The adsorption process in the slit pore was performed at four different thermodynamic
conditions represented in Table 2.1. All confined GCMC simulations are equilibrated at least 25

million Monte Carlo (MC) steps. We continued slow converging simulations up to 60 million steps

to ensure proper convergence.

2.2.2 Molecular dynamics simulations. MD simulations are performed in the canonical ensemble
(NVT) with Nosé-Hoover thermostat and time step of 1 fs using LAMMPS software.”> We use the

same potentials as in GCMC calculations except for C-S-H, where flexible SPC water model®® and
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flexible EPM2 model for CO, molecules’’” were used. Also, SPC/E water model was used for
Forsterite consistent with Kerisit et al”>. We allow the first two layers of the surface to vibrate
freely and kept the rest of the atoms in the substrate fixed to reduce the computational cost and for
to enable the inner layers as a bulk-like structure. The cell is equilibrated for 100 ps, and the

distribution analysis is derived from a production phase of 10 ns.

2.2.3 Potential-of-Mean-Force (PMF) Calculations. The energetics of the physisorption and
dissociation of respectively carbon dioxide and metal on the solid surface is determined via the
umbrella sampling (US) technique as implemented in the “PLUMED 2.5” add-on package to
LAMMPS?®. Here, we use a biased harmonic spring with a stiffness of 200 kcal/molA-2 and 120
kcal/molA~2 between the object (CO2 molecule for the case of adsorption, Me?" cation for the case
of dissociation) and a reference Me?* atom on the surface respectively. The normal distance to the
solid surface is taken as the “collective variable” and sampling windows are separated by 0.1 A.
CSH-FF* and a modified version of Clay-FF’7 were used as forcefields for the adsorption of CO»
on the surface of CSH and Forsterite respectively. An additional collective variable namely the
surface Mg water coordination number is also considered, as discussed in the main text. The
harmonic spring with stiffness of 2000 kcal/mol is chosen for the coordination number. Histograms
of the distribution of the collective variables were produced after 500 ps of equilibration phase,
and another 1 ns of the production phase of MD runs at 300 K in the NVT ensemble. The substrate
(except the first two layers) were fixed. A weak harmonic potential was also considered in the ‘xy’
plane (parallel to the surface) to keep the CO> molecule in the desired adsorption/desorption site,
enclosed in a cylinder with the fixed reference atoms on its base. The free energy difference is then

obtained via the weighted histogram analysis method (WHAM)'%,
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2.2.4 Density Functional Theory Calculations. A double layer of C-S-H with cell lengths a x b
x ¢ =26.54 A x 24.44 A x 18.20 A and cell angle y = 82.5° and the other angles 90° has been
created with Ca/Si ratio of 1.7 as described in ref °'. For stabilization, two layers of water were
added on the lower surface. A single CO> molecule was placed 10 A above the unwetted surface
to obtain a reference structure for unreacted CO». The entire structure was pre-optimized using
ReaxFF°! as implemented in LAMMPS. First, an MD was run with a 0.25 fs time step and a ramp
brought up the temperature from 1 K to 298.15 K within 100 ps. Next, the MD was allowed to run
for 500 ps before the ensemble was cooled down to 1 K within 500 ps. This yields a realistic initial
guess structure for DFT calculations, with all chemically reasonable re-combinations and
dissociations of water molecules completed. To obtain starting structures for adsorption and
chemically reacted products, the CO> molecule had been shifted 3 A and 1 A above each reactive
site, respectively. Reactive sites were 1) water on the surface 2) hydroxide on the surface, 3) an
unhydrated dangling oxygen in a silicate dimer. This setup had been proven reasonable in a

101

previous investigation'°". The starting structures were then also pre-optimized as described above.

For all DFT calculations, the program CP2K!%? has been used with a combined Gaussian and plane
waves ansatz. A double-( polarized basis set optimized for condensed phase'®® was applied
together with a cutoff value of 500 Ry for the plane waves basis and GTH pseudopotentials '%4-1%
The Kohn-Sham equations were solved to an accuracy of 10" Ex with the revised PBE!?71% GGA
functional and the D3 set of dispersion corrections'””. The pre-optimized structures were fully
optimized without any constraints and the resulting structures were interpolated for NEB
calculations. First, the NEB was optimized within the D-NEB framework until a maximum error

of 5 mEn/ap in RMS gradients and 102 ap in RMS displacement had been achieved. Next, the band
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optimization continued using IT-NEB'!! for 10 steps before it switched to CI-NEB!'? until the
final convergence of 0.5 mEn/ap in RMS gradients and 1073 ap in RMS displacements had been
achieved, which corresponds to an accuracy of at least 1 kJ/mol. Minima were converged to at

least 0.45 mEy/ap maximum gradient and 0.003 ap maximum displacements.
2.3 Results and Discussion

2.3.1 Formation of interfacial water films on metal silicate surfaces in contact with wet CO2-rich
fluids: When the CO»-H,O mixture invades the pore structure of the host rock (Me?" silicates), the
CO2-H>O molar fraction changes according to the surface chemistry and the confinement
geometry. Therefore, for water bearing CO; sequestration applications where carbonation
reactions occur at the confined thin water film on the Me?" silicates, it is critical to understand the

molar fractions of water (adsorbed water film thickness) and CO, that exist in the pore.

To unravel the CO»-H>O mixture composition in the slit-pore, we perform Grand Canonical Monte
Carlo (GCMC) simulations of competitive CO2-H>O adsorption. Unlike the classical molecular
dynamic (MD) that keeps the number of atoms and molecules fixed during the simulation, GCMC
allows the exchange of species between a pre-defined reservoir and the simulation box making it
the proper computational platform to model adsorption phenomena. We perform GCMC
calculations with four types of wet COj-rich fluids on the surface of defective Hamid
tobermorite! ' (Caz.25[Si307.5(OH)1.5]*1H20)) (001) at 1.7 Ca/Si ratio as an analog of C-S-H® and
hydroxylated (010) surface of forsterite. In GCMC simulations, one fluid corresponds to the
normal carbonation at ambient conditions, two are relevant to water-bearing supercritical CO>
fluids at geological conditions*!, and one relates to an intermediate gaseous CO. For

thermodynamic conditions corresponding to the above mentioned four fluid mixtures, see Table

13



Table 2.1: Thermodynamic properties of HO-CO> bulk mixtures in ambient condition,
gaseous (g), and supercritical (sc) conditions.

T(K) P(bar) kJ kJ COy~rich COy~rich
( Hu,0 (@) Hco, (@) P €0z
(g/em’) Mole
Fraction
Ambient 300 1 -46.00 -40.00 0.0002 0.9756
Condition
COx(g) at 20 300 20 -46.00 -33.25 0.0409 0.9982
bar
scCOz at 100 348.15 100 -47.00 -35.75 0.2125 0.9942
bar
scCOz at 200 348.15 200 -47.00 -34.50 0.5965 0.9956
bar

2.1, Appendix A. Note 1 and Appendix Figs. A1-A3. The relative humidity across these

conditions is roughly 90%.

The slit pore in C-S-H is varied between 26 A to 54 A to explore its nanoporous structure. The

forsterite simulations are focused on a 44 A slit pore, which represents a cleaved surface and proves

large enough to prevent imbibition. These olivine nanopores, including grain boundaries and fluid

inclusions, are important dynamic environments that host dissolution-precipitation and mass

transfer reactions that promote volume changes and reactive cracking.!'*!'""More generally, these

reactive nanopores are important in mafic rocks, including basalts, as Luhmann et al.!'®

(ultra)small-angle neutron scattering measurements showed that CO2-rich brine increases the

basalt’s porosity, leading to pore sizes in the range of ~1 nm to 1 um in response to secondary

reactions and shrinkage-induced volume changes.
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As presented in Fig. 2.1.a-h, interfacial water films persist on metal silicate surfaces even at
supercritical CO> conditions and shield surfaces from direct contact with the segregated CO»-rich
phase. Similar observations are also reported for clays’® and calcite!'>'?°, which suggest
nanometer-thick water films should prevail on hydrophilic mineral surfaces when put in contact
with a humidified CO»-rich fluids. Interestingly, for the case of scCO, at 100 bar and 348 K,
imbibition occurs in the slit-pore of C-S-H with a size as large as 44 A, see Fig. 2.1.b. However,
when we increase the CO; pressure to 200 bar, CO, manages to enter the same slit-pore size, as
shown Fig. 2.1.a. On the other hand, water is only present as layers on the C-S-H surfaces at
ambient (1 bar) and 20 bar CO»(g) at 300 K (Fig. 2.1.c and Fig. 2.1.d).These two observations
show the critical role of pressure and temperature in diffusion-to-imbibition transition at

undersaturated water vapor pressure. Also, in contrast to C-S-H, we observe that CO, permeates
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Figure 2.1: Competitive adsorption of H20-CO2 mixtures in the slit C-S-H and forsterite porosity at
normal, gaseous, and supercritical conditions. (a-d) Snapshots from the equilibrated two-phase GCMC
adsorption simulations in C-S-H slit pores at different pore sizes and thermodynamic conditions. (e-h) Snapshots
from equilibrated two-phase GCMC adsorption simulations in forsterite slit pores at different thermodynamic
conditions. Blue and brown spheres represent intralayer and interlayer calcium in C-S-H, respectively. Green
sphere represents magnesium. Silicate chains are depicted in yellow-red sticks. The continuous light blue cloud
represents water and COz is shown by black and red sticks.
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Figure 2.2: Number of adsorbed H20 molecules per unit volume based on the slit-pore distance. 1/V dashed
line shows that the number of adsorbed water molecules is constant beyond a certain slit pore.

into the slit-pore of forsterite at the CO» pressure of 100 bar and temperature of 348 K, as shown
in Fig. 2.1.f. This emphasizes the role of surface chemistry in the fluid phase behavior in confined
spaces, and it is a signature of the more hydrophilic surface of C-S-H than the {010} surface of

forsterite.

In the temperature and pressure ranges considered here, CO> could only penetrate the slit pore
when the interlayer distance is more than 30 A, while the interfacial water remains on the surface
regardless of the distance, Fig. 2.2. Moreover, the total number of adsorbed water molecules
converges to an asymptotic value at large pore sizes (> 40 A), as shown by the dashed line in Fig.
2.2. The number of adsorbed water molecules per volume on the surface of forsterite is in general
lower than that on the surface of C-S-H, again showing the more hydrophilic nature of C-S-H than
forsterite. Regarding the effect of fluid pressure and temperature on the number of adsorbed water

molecules, we do not see any significant difference among the thermodynamic conditions
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considered in this work. Also, a recent wet scCO> forsterite carbonation study®® shows negligible
variability in the number of water layers in the temperature ranges between 298 K and 323 K.
However, a more comprehensive study with a larger range of pressures and temperatures is
required to better understand this issue, something we will discuss in a future work. It is also
noteworthy that at interlayer distances of less 20 A, the density of capillary water is found to be

higher than its bulk value (1 g/cm®) consistent with the simulations on the confined nature of water

in CSH'?"122 sec Appendix A. Fig. A 4.

To gain a more quantitative picture of the phase behavior, the resultant CO2> mole fractions are
overlaid on the experimental and theoretical bulk mixture phase diagram?>!'?* in Fig. 2.3. Despite
COz-rich conditions in all GCMC simulations, the equilibrium nanoconfined fluid in pores smaller
than 30 A turns H,O-rich. This is related to the hydrophilic nature of forsterite” and C-S-H?°
surfaces and the effect of surface forces in nanoscale confinements on the fluid phase behavoir®*-,

Beyond 30 A, CO, permeates within the slit pores, and the mixture composition shifts toward the

M CSH- 5¢CO, (200 bar)
@ CSH- 5cCO, (100 bar)
@ CSH- CO,(g) (20 bar)

A CSH- Normal (1bar)
Forsterite- scCO, (200 bar)
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Figure 2.3: The H20-CO2 phase coexistence diagram overlaid with the adsorbed mixture composition in
the slit nano-porosities under various thermodynamic conditions computed via GCMC simulations. Dashed

lines represent experimental and theoretical curves for the bulk mixture
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bulk CO»-rich mixture (akin to the wet CO»-rich reservoirs). However, even at pore sizes as large
as about ~5 nm, the CO, mole fractions deviate from its bulk value counterparts, as shown in Fig.
2.3. This strong confinement effect has implications especially for multi-scale porous rocks such

as C-S-H, which needs to be taken into account in continuum models or pore-scale models'?4-126,

We also find that the average water film thickness on the forsterite surface is roughly 10 A. The
resulted thickness is in line with the recent in situ infrared spectroscopy measurements®® on
forsterite surfaces subjected to supercritical CO; at 323 K and 180 atm?? and infrared titration
experiments with supercritical CO, at 323 K and 90 atm”, Fig. 2.4. Nevertheless, we observe slight
variability for the average film thickness on the surface at different carbonation conditions. To
address the variability of water film thickness based on CO; pressure, a better picture could be

achieved by calculating the distribution of species at variable carbonation conditions.

The water film thickness on the surface of C-S-H is shown to be higher than that on the
hydroxylated surface of forsterite. To clarify latter point, we calculate the water adsorption
energies for different number of water monolayers on both surfaces. The water adsorption energies
for 1, 2, 3 and 4 monolayers of water on the {010} hydroxylated surface of forsterite and C-S-H
are shown in Fig. 2.5. The water adsorption energies on the surface of C-S-H are shown to be
consistently lower than that of hydroxylated surface of forsterite. B3LYP calculations on gas phase

127 show that hydration energies of Mg?" cation are in general lower than that of Ca®*.

clusters
However, AIMD simulations’’ show that calcio-olivine (y-Ca2SiO4), a crystalline calcium silicate

structure, are more hydrophilic than forsterite when 2 monolayer to 2 monolayers water are
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Figure 2.4: The comparison of adsorbed water film thickness on C-S-H and forsterite calculated via GCMC
simulations and measured experimentally. EXP1: Molar concentration of water in FTIR setup using Beer’s law,
Loring et al. (2011)*2, EXP2: IR titration apparatus, Kerisit et al. (2021)°”. EXP3: IR titration apparatus, Loring et al.
(2018)%*. EXP4: Molar concentration of water in FTIR setup using Beer’s law, Thompson et al. (2014)*°. EXP5: IR
titration apparatus, Miller et al. (2019)%. EXP6: IR titration apparatus, Loring et al. (2015)%. EXP7: IR titration
apparatus, Placencia-Gomez et al. (2020)*.

adsorbed on the surface. C-S-H is more disordered and has more defects than calcio-olivine, which

could entail even higher affinity to water.

For comparison, the adsorption energies derived from calorimetry measurments'?® and previous
MD simulations on the non-hydroxylated {010} surface of forsterite’> are also included in Fig.
2.5. Our calculations overestimate the adsorption energies on the hydroxylated surface of forsterite
by about 2-3 kcal/mol compared to the upper values of calorimetry experiments. This slight
discrepancy could be potentially due to the forcefield artifacts, or an indication that not all silicate
groups dissociate water molecules adjacent to the surface. We should also emphasize that, using
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Figure 2.5: The calculated water adsorption energies on C-S-H and forsterite surfaces. Calorimetry
measurements’® and previous classical MD simulation results* on non-hydroxylated surface of forsterite are also
presented for comparison.

the same forcefield, Kerisit et al.”® derive a lower adsorption energy for associative adsorption of

a single water monolayer on the non-hydroxylated surface of forsterite compared to experiments.

We also note that the water surface coverage for the first monolayer of hydroxylated forsterite and
C-S-H are lower than that on the non-hydroxylated forsterite surface, Fig. 2.5. We can attribute
this to the surface structure of these solids where dissociated water molecules are initially added
to the surface resulting in the hydration of silicate groups and the presence of hydroxyl groups
adjacent to metal cations. Therefore, the water surface coverage in hydroxylated structures with

two monolayers is equivalent to one monolayer on the non-hydroxylated surface.

In addition, we calculate the adsorption energies of forsterite surface with SPC/Fw water model'?,
which is a modification of SPC model with flexible bonds and angle, compared to SPC/E water
model that was originally incorporated in the modified ClayFF” for the surface of forsterite. As
pointed out in the methods section, our GCMC calculations are performed with SPC water model

which has different oxygen and hydrogen charges than SPC/E, and therefore a different dipole
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moment. We use SPC model in our GCMC calculations because it predicts the vapor pressure of
water more accurately than SPC/E'*°. Nevertheless, upon our calculation of water adsorption
energies on the surface forsterite, SPC/Fw water model only slightly overestimates the adsorption

energies compared to SPC/E model, as shown in Fig. 2.5.

To resolve the spatial distribution of CO> and H>O molecules as well as surface hydroxyl groups
in the slit pore, we perform MD on fully equilibrated confined GCMC simulations. The details of
these simulations are presented in the Methods section. The quantitative spatial distribution of
water, CO,, and hydroxyl groups are presented in Fig. 2.6. The formation of nanometer-thick
interfacial water layers is evident from distributions, acting as a barrier for CO; molecules to
directly contact the surface. Regardless of thermodynamic conditions, we observe four peaks in
the water number density distributions on the surface of forsterite, see Fig. 2.6. a-d. However, the
furthest peak from the surface does not represent a fully formed water layer. This is consistent with
a recent scCO»-forsterite experiments®, which shows 3.5 water monolayers form on the forsterite
surface at 85% relative humidity. On the other hand, we also observe water layers formed on the
surface of C-S-H at all pore sizes, see Fig. 2.6. e-h. However, due to the appearance of multiple
peaks close to each other, it is hard to distinguish water monolayers, although the overall water
film thickness on C-S-H is higher than that on forsterites. This irregularities of the water density
peaks on the surface of C-S-H could partly result from the observation that surface calcium atoms
are more labile and less attached to the surface compared to surface magnesium on forsterite. This
enables the water molecules to penetrate inside the C-S-H gel and attach to the second calcium
layer and silicate groups, as shown in Fig. 2.6. e-h. Another reason for this irregularity on the C-

S-H surface is a more disordered layering of calcium ions that attract water molecules, and the
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Figure 2.6 The average distribution of H20, CO2, and OH- species in the slit-pore of forsterite and C-S-H.
(a-d) Distribution of species in the slit-pore of forsterite at normal, COz (g), scCO2 (100 bar), scCO2 (200 bar),
respectively. (e-h) Distribution of species in the slit-pore of C-S-H at normal, sbCO2, scCO2 (100 bar), scCO2 (200
bar), respectively. The average location of the first magnesium layer on the surface of forsterite, as well as the
location of the first and second calcium layers on C-S-H surface are shown by vertical dashed lines. Ow, C, and
Oh represent water oxygen, carbon in carbon dioxide, and surface hydroxide oxygen, respectively.

defects and nanoscale cavities resulted from defective silicate chains. Therefore, hydrogen bonds
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form between water molecules, hydroxides, and hydrated silicates that are scattered at different

elevations from the surface.

The formation of hydration layers has been previously reported for both forsterite” and C-S-H?!
in unsaturated and saturated conditions, respectively. Additionally, recent Fast Force Mapping
(FFM) experiments on the surface of bohemite'®! illustrates the formation of first water layer on
the surface cavities (here, the silicate groups), and the second layer forming on top of hydroxide
groups. This is consistent with our results on the surface of forsterite as shown in Fig. 2.6. a-d.
For the surface of C-S-H, which is much more disordered, the appearance of multiple water density

peaks around the surface demonstrates the same phenomena, as shown in Fig. 2.6. e-h.

Another significant aspect of the distribution diagrams is that upon the entrance of the dense CO-
inside the pore, the last water layer contracts and CO> distribution peaks at the interface, as could
be seen by comparing the distribution at ambient (1 bar) gaseous to supercritical CO> (100, 200
bar) in Fig. 2.6. Although, the number of water layers do not change, this could be a sign that CO-
pressure, if above a certain threshold, might alter the number of water layers. The appearance of
interfacial peaks in CO; distribution at all four conditions is a characteristic of immiscible mixtures
verified through both experiments and simulations.'3>"'3> However, after juxtaposing water
distributions with those of carbon dioxide, we confirm that although CO, is not a good solvent for
dipolar water, the appearance of overlapping shoulders between two species is indicative of
enhanced mutual solubility at the interface. This is attributed to the interfacial capillary wave
phenomenon and the Coulombic attraction between H,O and CO> molecules.?’ This could
potentially amplify the rate of CO» speciation at the interface. Another important feature of the
resulted distributions is that the proximity of CO» and hydroxides within the nanolayered hydration
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films, especially on the surface of C-S-H, may increase the rate of bicarbonate and carbonate
production. Although it is well established from previous simulations that the thin water film on
hydrophilic material displaces CO, away from the surface, this proximity of CO; molecules and

surface hydroxides motivates us to next explore the energetics of CO; physisorption on the surface.

2.3.2 Energetics of CO2 speciation on metal silicate surfaces: Our adsorption simulations are non-
reactive in essence. Thus, it is critical to resolve the mechanistic picture of CO2 speciation in
adsorbed water nanofilms. It is possible that CO; speciates to carbonic acid and bicarbonate within
the nanofilm in the presence of dissolved cations.?> Moreover, it is probable that CO, reacts with
surface hydroxyl groups and surface cations. However, since CO; molecules are displaced from
the surface due to the presence of the adsorbed water film, it is necessary to quantify the free
energy required to bring CO> close to the surface. Since the residence time of water molecules
around solvated Mg?* ion is in the order of microseconds’, the water coordination number around
surface Mg?* cations is important. Therefore, to sample the full phase space in our free energy
calculation for the adsorption of CO» on forsterite surface, we consider the surface Mg water
coordination number in addition to the perpendicular distance of CO; from the surface. The

coordination number is defined as:

CN =%, 0w} rag ™ ——~ 2.1

)

where 7;; is the distance of water molecule i with the surface Mg, ry is set to 1 A, dpis setto 2.2

A, nisequal to 4, and m is equal to 8. The value of d is taken from the peak distance of the surface

Mg-water pair distribution function.
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Figure 2.7: Potential-of-Mean-Force (PMF) for the adsorption of CO2 from the solution on the surface of
Forsterite. (a) 2D PMF for the adsorption CO: on the surface. The three red-dotted paths represent minimum free
energy paths corresponding to CO2 adsorption from the edge of the 2", 3™ and 4™ adsorbed water layer. While
these three paths are distinct, they show that Mg?* dehydration is necessary for the adsorption of CO2 on the
forsterite surfaces. Surface magnesium and the adsorbed CO2 molecule with (b) two and (c) one neighboring
water molecule. Free energy calculations show the departure of one water molecule is thermodynamically
necessary for COz adsorption.

The resulting two-dimensional free energy landscape is shown in Fig. 2.7.a. The minimum energy
path (MEP) of the CO, molecule as it goes from the solution to the vicinity of the surface is
calculated via the Nudged Elastic Band technique (NEB) method!®. As shown in the figure, the
coordination number of surface Mg changes from two to one as CO» is approaching the surface.
Also, depending on the initial location of the CO; molecule, three distinct MEPs are derived for
the cases where COxz is initially located at the 2", 3™, and 4™ layers of the adsorbed water, as
shown in Fig. 2.7.a. However, the energy that is required for the CO, molecule to pass through the
layers and reach the surface is not affected by the initial position of the CO,. This perhaps shows
that regardless of the number of adsorbed water layers, which depends on the relative humidity
and CO» pressure, the energy of CO, physisorption on the forsterite surface is unique. Also, the
calculated free energy of CO, adsorption is 2.5 kcal/mol higher than the adsorption free energy
previously calculated by Kerisit et al.”> for the non-hydroxylated {010} surface of forsterite.

However, the magnesium coordination number was not considered in the PMF calculation in that
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work. Therefore, this energy discrepancy could either be the consequence of incorporating
magnesium coordination number or the existence of stronger hydrogen bond structure due to

surface hydroxides.

It is noteworthy that although we calculate the free energy of CO» adsorption on the surface in
contact with bulk water, it was previously shown that the structure of the water layers is not
drastically different when the forsterite surface is in contact with various number of water
monolayers and supercritical CO,.”> These findings are consistent with in situ XRD measurements

of H>O-CO> sorption in hydrophilic montmorillonite!3”-138

, where CO> intercalation was found
limited when the hydration level goes beyond one water layer, regardless of isomorphous Me**

exchange.

We also calculate the associative adsorption of CO» at random surface sites of C-S-H, as shown in

Fig. 2.8. We find that, like the forsterite case, CO2 is more stable in the solution than adsorbed in

(b)

~~
o
—
)
(e

157

10}

Free Energy (kcal/mol)

Figure 2.8: Non-reactive interaction of CO2 molecule with wet C-S-H. (a) Physisorption of a CO2 molecule
on the surface of C-S-H. Multiple free energy curves are derived for random surface calcium atoms. The insets
demonstrate a CO2 molecule on the surface at the metastable state and the transition state. (b) The umbrella sampling
stages for the adsorption of CO:z on the surface.
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Figure 2.9: Reactive interaction of CO2 molecule with wet C-S-H. (a) DFT calculation of the reaction
pathways between CO2 and C-S-H. (Path 1) The reaction between CO2 and bound water at the hydroxide
site. (Path 2) The reaction between CO. and surface-bound hydroxide. Strong physisorption is followed by a
chemical reaction with a low barrier leading to the formation of bicarbonate. (Path 3) The reaction between CO2
and bound water at the dangling oxygen site. (b) Snapshots of the adsorbed state (ADS), transition state (TS)
and product (P) for reaction paths 2. (c) Snapshots of the ADS, TS and intermediate (INT) state for the reaction
of surface water and CO: in path 1 and 3. d) Snapshots of the dissociation of carbonic acid to bicarbonate
through reaction with surface hydroxide. ) Snapshots of the dissociation of carbonic acid to bicarbonate
through reaction with dangling oxygen in silicates.

the on the surface. However, a metastable state is observed when the CO2 molecule and surface
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Ca’" ions are separated by about 3.2 A on the C-S-H surface. As shown in the inset, the oxygen of
the CO2 molecule in the metastable state is oriented toward the surface calcium cation, reminiscent
of a weakly chemisorbed state!>. Unlike the forsterite case where no minimum is observed, this

unique characteristic of the C-S-H surface urges us to consider interfacial CO; reactions.

For the carbonation progression, the physisorbed CO> must speciate to carbonic acid and
bicarbonate by reacting with interfacial water molecules or surface-bound hydroxide. Here, we use
Density Functional Theory (DFT) along with the Nudged Elastic Band (NEB) method to calculate
the corresponding reaction paths, see the Methods section. Fig. 2.9.a summarizes the three reaction
paths. The adsorbed, transition, intermediate, and product states are schematically shown for each

reaction path in Fig. 2.9.b-e.

The most significant reaction occurs at the hydroxide site (path 2), where strong physisorption is
connected to a chemical reaction by a low barrier, leading to the formation of bicarbonate, see Fig.
2.9.b. In a fully hydrated environment, it takes about 3-10 kcal/mol to bring CO; to the hydroxide
site on the surface of C-S-H, see Fig. 2.9.a. The overall energy barrier associated with this path is
lower than or in the same range of the free energy barrier for bicarbonate formation in solutions as
calculated via ab initio MD'*°, However, the abundance of hydroxide sites on the surface of C-S-
H considerably impacts the overall rate of bicarbonate formation when compared to solution
reactions. On the other hand, the reaction barrier of CO; with water, according to path 2 and 3, if
seen from the adsorbate, is approximately 10 kcal/mol lower than the corresponding gas-phase
reaction'*!. The snapshots of this reaction are shown in Fig. 2.9.c. This clearly indicates the
catalytic role of C-S-H surface. Furthermore, it should be noted that the addition of liquid water

1142

would further lower the barrier down to 18.6 kcal/mol'**, without any catalytic effects of the
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surface taken into account. Once carbonic acid forms, it can dissociate, either transferring a proton
to a neighboring unhydrated dangling silicate dimer oxygen on the C-S-H surface (path 3), or a
neighboring hydroxide (path 1), see Fig. 2.9.d and Fig. 2.9.e. With a wetted surface, the first option
for proton transfer is unlikely, and the proton transfer to hydroxide is by far more exothermic. In
both paths 1 and 3, the adsorbed CO> reacts with surface water and forms carbonic acid in a

concerted reaction.

It is noteworthy that ab initio molecular dynamics (AIMD) simulations in the bulk aqueous water
show that CO» could react with water to form bicarbonate and a hydronium ion, followed by the
formation of carbonic acid in a stepwise reaction.'*® Similar route for this reaction could be
imagined to happen in the adsorbed water nanofilm on C-S-H and forsterite leading to the
formation of bicarbonate followed by the structural migration of excess proton to the surface
hydroxide. Whether through reaction path 2 or in the adsorbed water nanofilm, the formation of
bicarbonate is confirmed experimentally through in situ '"H—'3C Cross-Polarized NMR
spectroscopy on forsterite nanoparticles®>. However, bicarbonates were not found on fused silica
surfaces. As we demonstrated earlier in this work, it is energetically unlikely to bring CO; to the
surface of forsterite in the presence surface water layers. Therefore, by ruling out the formation of
carbonic acid through direct reaction of CO; with the surface hydroxide or surface water, there
remains two possible reaction pathways: The reaction of CO; with water 1) in the solvation shell
of dissolved magnesium in the thin water film3®, or 2) at the interface of dense CO, and water
nanofilm. However, for the further progression of carbonation reaction to carbonate nucleation

whether on the C-S-H or forsterite, the carbonic acid needs to turn into bicarbonate and carbonate.
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The specific mechanisms for these deprotonation reactions are still not clear. We delve into the

mechanistic picture of these reactions in the next chapters.

30



Chapter 3

Reactive Force Fields for Aqueous and Interfacial Magnesium Carbonate

Formation

3.1 Introduction

Magnesium is an abundant alkaline-earth metal that plays a pivotal role in biological processes'#4,

automotive industry'®, battery technology'#%, and mineral carbonation'4’

. In particular, mineral
carbonation in geological systems has gained considerable attention during the past two decades
amid the record-high CO; concentration in the atmosphere. Carbonation is the reaction between
CO; and Me**-containing minerals through natural weathering or geological sequestration that
produces stable carbonate minerals. When dissolved in water, divalent metal cations like Mg?" and
Ca®" bind to water molecules or negatively charged anions like carbonate anions. The pairing
between magnesium/calcium and carbonate is a precursor for the precipitation of calcite (CaCO3),
dolomite (CaMg(COs3)2), and magnesite (MgCQOs), among other phases. However, the
homogeneous nucleation and magnesite growth are slow at low temperatures (< 80 °C) relevant to
geological conditions. The sluggish magnesite precipitation could be in part the consequence of
the higher water-binding energies of magnesium!?7!48 or the lattice limitation of carbonate on the

geometrical configuration of CO3 groups in magnesite'#,

Recently, magnesite precipitation was observed as the product of the reaction between synthetic
and natural forsterite (Mg>Si104), magnesium-rich end-member of olivine, and brucite (Mg(OH):)

with water-saturated supercritical CO, and at low temperatures®”!3%15!° A common feature of all
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Me?*-bearing minerals is that once they contact wet supercritical CO, a sub-nanometer water film
forms on their surface that facilitate the formation of carbonic acid®® and surface-metal
complexes®-¢, and if the thickness of water film is above a threshold magnesite precipitation

Occurs78,79,152

. Time-resolved quantitative X-ray diffraction (XRD) experiments coupled with
molecular dynamics simulations show that four water layers are required to allow Mg ion
diffusivity across the water layers, enabling magnesite precipitation’s. Also, In operando XRD
experiments on the surface of forsterite in contact with wet supercritical CO; at various
temperatures revealed an anomalously low activation energy barrier for the formation

153

magnesite>°. However, the underlying molecular mechanism of the carbonation reaction at the

sub-nanometer olivine-water-CO: interface is puzzling due to experimental spatiotemporal

limitations3>:134:155,

Indirect observations suggest that the lower dehydration energy of magnesium in the adsorbed
water film is due to the presence of organic ligands'>*!%7 dissolved in CO; or the calcium-like
water coordination shell of Mg?* in the adsorbed water nanofilm!>3. However, the exact
mechanism remains unknown. Molecular simulations promise to address this knowledge gap by
providing an atomic-level insight into the physicochemical nature of the carbonation reaction at
the olivine-water-CO» interface. First principle calculations offer promising avenues to explore
chemical reactions at the nanoscale. For instance, quantum mechanical calculations indicate the

H,O exchange promotes the dissolution of Mg-/Ca-silicate clusters'®

. Ab initio thermodynamics
simulations also show the partial hydroxylation of the most active forsterite surface cleavages

when in contact with two monolayers of water at geologically relevant temperatures'>’.
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However, such quantum mechanical calculations become exorbitantly expensive when the number
of atoms exceeds a few hundred. Furthermore, the dynamics of interfacial and bulk water are still
not captured without uncertainty in these calculations due to complications in capturing dispersion
effects. Force field (FF) methods can potentially address these issues and delve into the atomistic-
level details reaching microseconds. Classical molecular dynamics (MD) simulations show that
water adsorption on the forsterite surface is exothermic even at undersaturated high CO> pressures.
They also confirm that CO, is displaced from the (010) forsterite surface by the adsorbed water
molecules except at low water coverages”. Raiteri et al.'® have successfully developed a
thermodynamically stable FF to model magnesium-(bi)carbonate ion pairing in the solution.
Nevertheless, the current FFs for interfacial and bulk magnesium carbonate formation are
nonreactive, i.e., they cannot simulate proton transfer processes and interfacial chemical reactions.
Here, we attempt to develop a reactive FF to model carbonation reactions in bulk water and at the

interface of magnesium-containing silicates and hydroxides.

This paper extends the current ReaxFF potential library to include magnesium interactions with
oxygen, hydrogen, and carbon in an aqueous, bulk, and interfacial environment. The charge of
magnesium is kept fixed, although the charge equilibration scheme in ReaxFF operates as usual
for the rest of the elements. The geometrical and mechanical properties of a wide range of
magnesium-containing crystals and magnesium-water binding energies are taken as observables
in the fitting process. After completing the parameterization stage, we test the resulting parameters
for reproducing a group of magnesium-containing solids, water adsorption on crystal surfaces, and
Mg-(H)CO3 ion pairing in the solution. Then, we explore our FF for some reactive environments,

including the proton transfer between bicarbonate and brucite surface, the free energy calculation
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of the adsorption of carbonate on the forsterite surface, and carbonic acid dissociation in water in

the presence of magnesium ion.
3.2 Methods

To describe molecular interactions in magnesium carbonate systems, we derive and validate a set
of potential parameters and merge the results with a previously-fitted ReaxFF forcefield'! that
was applicable to aqueous and interfacial calcium carbonate systems. ReaxFF is a bond-order-
based FF that can simulate covalent bond formation and breakage. It also implements a charge
equilibration scheme that calculates atomic charges based on geometry and electronegativity.'%?

The total potential energy, E;,;, in ReaxFF is written as:
Etot = Ebond + EvdW + quq + Epen + Eover + Eunder + Eval + Etors + Econj (1)

where Eyona, Evaws Eqeq> Epens Eovers Eunders Evai» Etors» and E¢qpj are respectively bonded, van
der Waals, coulombic, penalty, over-coordination, under-coordination, valence angle, torsion, and
conjugation energies. Like calcium, magnesium is present primarily as di-cation due to its ionic
nature, except for the case of shortly-lived univalent Mg* observed in the corrosion of magnesium
alloys'®. This allows us to incorporate a fixed magnesium charge and follow the recipe for the
fitting of ReaxFF for calcium carbonate systems that treat calcium charge fixed without any bond-

order consideration. To model electrostatics, we use the screened Coulomb potential between atom

i and j, as implemented in REAXFF”:

qid;
Ecoutom» = Tap.C. . ! 31173 (2
[Tij"'(l/]/ij) ]
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where g; and ¢; are the charges of atoms i and j respectively, Tap is a 7" order polynomial taper
function that depends on the distance between the two atoms. This taper function ensures that
coulombic energy does not have discontinuity when charges enter or leave the cutoff radius of 10

A. Yij 1s the pairwise screening parameter derived from the geometric mean of single atom

screening parameters y; and y;.

For the short-range repulsive Mg-C and Mg-H interactions , we choose the repulsive portion of

the Buckingham potential as follows:
Eyj = Aje /Py (3)

where A;; and p;; are characteristic energy and length, respectively. We also choose 12-6 Lennard-
Jones (LJ) potential for Mg-O interaction:

Aji  Bjj
E;=—"2-- 4)

J ri2 76

Where A;; and B;; are LJ fitting parameters. We note that in the reactive FF developed for the
calcium carbonate systems'!, only the repulsive part of the Lennard-Jones (12-6) potential was
chosen to describe the short-range interaction for Ca-O pairs based on the realistic assumption that
Ca’" have negligibly small electronic polarizability. However, in our fitting process, the attractive
part of the Lennard-Jones potential for Mg-O interactions helps achieve accurate magnesium

hydration energies and magnesium-water distance.

Atomic point charges are usually fixed in most classical MD frameworks, and therefore the effect
of the environment on the distribution of charges is neglected. However, in ReaxFF, a similar

approach to electronegativity equalization method (EEM) is used to update atomic charges at every
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step based on the geometry and fitted atomic properties . In this method, total electrostatic

energy comprised of intra-atomic and interatomic potentials is defined as:
1
Ees(qq o qn, X1 . xy) = Xi(Eyo + xiqi + gfiCIiz) + X Xj<i9:9;)i ®)

where x; is the location of atom i, g; is its charge, E;;, is a zeroth-order constant, y; is the
electronegativity, J; is the self-coulomb repulsion in atom i, and J;; is the Coloumb potential
between two unit charges located at x; and x;. The self-coulomb potential could be understood as
the electrostatic repulsion between two electrons in a doubly-occupied orbital. The first sum
represents the Taylor series expansion of the energy of an isolated atom up to the second order.

The second sum represents the conventional inter-atomic Coulomb potential between atoms i and

. . o -1
j that is inversely proportional to their distance, |xi - xj| .

The equilibrium charge distribution is achieved when the first derivatives of the total potential

a;;f or chemical potentials, are all equal. Applying the constraint that
l

with respect to each charge,

the total charge of the system is constant and using the Lagrange multiplier method leads to the

following linear equation:

YXiMijqi =u—yx (6)
where M;; and u are respectively the coulomb-interaction matrix and the Lagrange’s multiplier. If
some charges are fixed in the system, it is only required to construct the above matrix equation for

variable charges g; while subtracting the inter-atomic Coulomb potential between the fixed

charges and unit charges at location x; on the right-hand side.
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To fit the FF parameters, namely Mg-C, Mg-H, Mg-O and yy4 potential parameters, we employ
the iterative fitting scheme that was previously used to fit the parameters of fixed-charge-calcium
REAXFF'®!, To this end, we minimize the error function defined as the sum of squares of the

difference between experimental/DFT observable value and ReaxFF-calculated value:

F = 2?:1 Wi(inbS _ f-icaIC)z (7)

obs

where f;

is the experminetal/DF T-derived quantity, f;°**¢ is the ReaxFF-calculated quantity, w;
is the weighting factor for the given quantity, and N is the number of observables. The selected

observables are the solid lattice constants, atomic configurations, bond/angle values, and bulk

modulus for some of the crystals selected for fitting, as shown in Table 3.1.

In each iteration, first the Mg-H and Mg-C parameters are fitted to the lattice structure of
aMgH,'%, and MgC, '*° and the bulk modulus of aMgH>. Then, the derived Mg-H and Mg-C
parameters are used to fit Mg-O and y,, using the lattice structure and the bulk modulus of
Mg(OH),!7%171, MgO!72, and MgCOs!7317* crystals along with the total hydration energies (Enya)
of water molecules on the first and second shell'”” of Mg?*, namely [Mg(H20)6]*>" and
[Mg(H20)6](H20)?*. Note that the Mg-H and Mg-C parameters are kept fixed at this step. Also,
the Mg-Ow bond length of the first shell of water molecules and some of the Mg-Ow-Ow angles
were taken as fitting observables, in which Ow being the oxygen in the water in the first and second

shell. We repeat these two steps iteratively until we obtain a satisfactory parameter set.

Based on water adsorption calculation on crystal surfaces described later, assigning a formal
charge of +2 to magnesium atoms causes an overestimation of water adsorption energies compared

to density functional theory (DFT) calculations. Since electrostatics contributions play a
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Table 3.1: The training dataset for parameterization of the forcefield. MgC>, MgH> MgO, MgCOs, and
Mg(OH); are crystal structures. Mg?"[H20]s and Mg? [H20]6[H20]2 are magnesium-water clusters consisting first
and second shell of waters, respectively. Magnesium-water clusters are only used to fit the aqueous forcefield, while
crystal structures are used for both aqueous and interfacial forcefields. The Mg-O-O angles are the angles between
water and magnesium in the first and second hydration shells.

structure lattice atomic . bulk bond angle hydration
constants | configuration | modulus | distance value energy
MgC, X X
MgH» X X X
MgO X X X
MgCOs; X X X
Mg(OH), X X X
Mg*[H,O]s Mg-Ow | Mg-Ow-Ow X
Mg*[H,0]s[H:20]> Mg-Ow | Mg-Ow-Ow X

significant role in water adsorption energies on crystal surfaces, we decided to parameterize two
separate force fields: 1) The aqueous FF with magnesium charge fixed to +2, which is suitable for
aqueous magnesium carbonate systems, and 2) The interfacial FF, for which we fit the magnesium
charge to the geometrical and mechanical properties of magnesium-containing solids and can be
used for crystalline solids and their interfaces with water. Note that we only used the Mg-water
cluster to fit the aqueous FF and not the interfacial FF. Also, the charge of magnesium in the

interfacial FF is fitted in the second step of each iteration.

Magnesium-water clusters are simulated using the Gaussianl6 code'’®. B3LYP exchange-
correlation functional!””!"® is used with the large 6-311++G(2d,2p) basis set. Berny optimization
method'” is used with the Tight option and Ultrafine integration grid'® to ensure convergency is
reached for clusters with soft degrees of freedom. Dispersion correction is applied using the DFT-

D3 method of Grimme!8!-182,
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To calculate surface hydration energies, we implement Vienna Ab-initio Simulation Package
(VASP)'®3, Projector augmented wave (PAW) potentials'® are used with the kinetic cut-off energy
of 520 eV. The Perdew-Burke-Ernzerhof (PBE) generalized gradient approximation (GGA) is
used as the exchange-correlation functional'®’. Also, van-der-Waals dispersion forces are
considered using the DFT-D3 method of Grimme. For the crystal surfaces, 2x2x1 mesh points are
used to sample the K-space using Monkhorst-Pack scheme. Conjugate gradient method is used for
geometry optimization. For simplicity, we refer to the DFT methods used for cluster and surface

calculations as B3LYP-D3 and PBE-D3 respectively.
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3.3 Results and discussion

3.3.1 Solvation Structures and Energies: The final fitted parameters derived according to the
procedure described in the Methods section are presented in Table 3.2. These parameters should
accompany the ReaxFF library provided in Appendix B. The hydration energies of magnesium
are calculated for clusters up to eight water molecules, as shown in Table 3.3 and Fig. 3.1. The

total hydration energy, Ej, 4, the binding energy, Ejp;nq, and the difference in the energies if one

water molecule was added to the cluster, AE, are calculated based on the following relationships:

Ehyd = E{Mg(HZO)%J’} - E{(HZO)n} - E(Mgz+)} (8)

Epina = E{Mg(H,0)7*} — nE{(H,0} — E(Mg**)} )

AE = E{Mg(H,0);*} — E(H,0) — E{Mg(H,0);}, (10)
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Figure 3.1. Mg2+-water clusters. a) Mg?"(H20)2 b) Mg?"(H20)3 ¢) Mg?"(H20)4 d) Mg? (H20)s €) Mg (H20)s 1)
Mg?*(H20)6(H20) The water molecule in the second shell has one hydrogen bond with a first-shell water molecule
g) MgZ*-(H20)s(H20). The water molecule in the second shell has two hydrogen bonds with two first-shell water
molecules h) Mg?"-(H20)s(H20)2. The black and red values respectively refer to B3LYP-D3 and ReaxFF
calculations. Mg atoms are shown by green balls, and water oxygen and hydrogen atoms are colored as red and
white sticks, respectively.
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The difference between total hydration energy and binding energy is that the energy of a cluster of
water molecules is used in the hydration energy while the energy of a single water molecule is
used in the calculation of binding energies. The dispersion correction used in our B3LYP-D3
calculations can affect the water cluster energies. The magnitude of the binding energies (Ep;nq)
calculated from our B3LYP-D3 calculations are larger than those previously calculated from
B3LYP calculations'?” without dispersion corrections. The discrepancy in binding energies is
expected when we use dispersion correction that was shown to more accurately capture van der
Waals interactions and hydrogen bonding'#-'%7. |AE| reduces as the number of water molecules
increases in ReaxFF and DFT. Also, as the number of water molecules increases, the error in
ReaxFF hydration energies compared to DFT results reduces. This is due in parts to the charge
equalization scheme in ReaxFF that tends to uniformly distribute charges, therefore working better

for larger clusters where charges are less localized.

We also provide in Table 3.3 the binding energies resulted from two known non-reactive
potentials. One is the core-shell potential developed by Kerisit and Parker'®8, which is successfully
used to study the free energy of metal cation (Sr, Mg, Ca) adsorption on the surface of calcium
carbonate crystal. The other is the thermodynamically consistent forcefield developed by Raiteri

et al.'% to model alkaline-earth carbonates in water.

As reported in Table 3.3, our reactive forcefield gives more accurate results than both non-reactive
forcefields for the binding energies of clusters with equal or more than 4 water molecules. This
roots back in the charge equalization method implemented in our forcefield that does not perform
accurately for localized charges, whereas for the systems with more distributed charges it is shown
to be more reliable. The energy difference in binding energies (AE) are captured well through both
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Table 3.4. Bond distances between Mg?* and water oxygen derived from ReaxFF and DFT in [Mg(H20)n]?*

clusters.
Cluster Mg-Ow (A) Mg-Ow (A) | Mg-Ow (A)
ReaxFF B3LYP-D3 B3LYP*

n=2 2.07 1.95 1.95
n=3 2.09 1.97 1.97
n=4 2.11 2.02 1.99
n=>5 2.15,2.17 2.04,2.09 2.03,2.07
n=6 2.20 2.09 2.08

* From %.

reactive and the non-reactive forcefields especially when we add water molecules to the first shell
of magnesium. When we add water to the second shell, although binding energies calculated from
our reactive forcefield are within a good range of binding energies calculated from DFT-D3, we
observe larger discrepancy in AE. This can be the result of limited charge screening in our
forcefield due to the fixed magnesium charge. Same is true for the Raiteri et al.’s forcefield with
fixed charges, whereas the Kerisit and Parker’s forcefield is more consistent in calculating AE, due
to the polarizability of water molecules provided by the core-shell model. Also, we report the
hydration and binding energies of magnesium-water cluster calculated from our interfacial
forcefield in Table 3.3. As shown in the table, the interfacial reactive forcefield gives much less

accurate results when compared to the aqueous ReaxFF due to the smaller Mg charge.

The distance between Mg?" and water oxygens in Mg(H,0)?* as obtained from ReaxFF, our DFT
simulations, and a previous DFT work!?’ are presented in Table 3.4. Our B3LYP-D3 calculations
show slightly larger bond lengths between magnesium and the water oxygens compared to
previous B3LYP calculations. Similar overestimations were observed for the Na'-water bond

lengths when dispersion correction was implemented'®®. On the other hand, ReaxFF gives
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Table 3.5. Lattice properties and bulk modulus for magnesium containing crystals calculated from two
fitted ReaxFF forcefields, compared to experiments.

Aqueous forcefield Interfacial forcefield K
a(Ad)- | c(d)-
Crystal Formula K exp exp (GPa)-
a(d) | cA) (GPa) | A | c(A) | K(GPa) exp
Brucite 12.17 | 1442 60 12.35 12.85 73 12.57 14.3 46
Magnesia 8.62 8.96 8.94
Magnesite 5.94 17.83 163 6.11 18.36 105.18 5.67 17.02 110
Magnesium 18.69 | 1525 | 588 | 18.69 | 15.77 21 1794 | 15 51
Hydride
Magnesium 16.78 | 15.71 1722 | 14.92 1574 | 15.06
Carbide
Nesquehonite 22.52 | 24.25 23.39 24.22 23.10 | 24.25
Dolomite 24.57 6.14 25.00 6.25 96 24.05 | 6.013 94
Diopside 12.87 15.95 13.17 15.87 13.20 15.75

acceptable bond distance values, although in general overestimates them. The Mg-Ow bond

lengths increase as the number of water molecules increases, in agreement with DFT results.

3.3.2 Crystal structures: The resulting fitted parameters are used to calculate the lattice properties
and bulk moduli of a list of magnesium-containing solid phases, as shown in Table 3.5. Along
with the crystals used in the fitting procedure, few other crystal structures are selected to evaluate
the transferability of the derived FF beyond the geometrical and mechanical observables used in
the parameterization process. Here, we present the calculated crystal structures based on both
aqueous and interfacial FF to show the impact of setting magnesium charge to a value less than+

2 as expected for covalent-ionic systems.

As shown in Table 3.5, magnesite lattice parameters are reproduced with acceptable accuracy with
both forcefields compared to experimental results. However, the bulk modulus is best captured
with the interfacial FF with an underestimation of about 9%, while the aqueous FF produces poor

results. The elastic constant, Ci1, is calculated to be 168 GPa for magnesite according to our
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interfacial FF, which is reasonable compared to DFT calculations with GGA functional. However,
it deviates from the DFT-LDA results overall gives better results when compared to
experiments'*°. Surprisingly, the elastic constants in the ab plane, Ci2, and C3, are very accurately
calculated compared to DFT-LDA and experiments. However, C;1+Ci2 differs a lot from the
experimental value of 334 GPa!®’. Also, Cs; is calculated to be 165 GPa compared to the
experimental value of 156 GPa. We note that our reactive interfacial FF gives reasonable results
for the mechanical properties of magnesite when compared to the non-reactive thermodynamically
consistent FF!% that cannot properly capture the bulk modulus. It can be attributed to the choice

of the magnesium charge that is taken less than +2.

The structure and mechanical properties of dolomite which were not part of the training set are
calculated, and the results are shown in Table 3.5. Calcium parameters are taken from a previously
fitted reactive FF for aqueous calcium carbonate systems with a fixed calcium charge of 2.'¢!
Compared to experimental values, the lattice parameters are overestimated by about 4% and 2%,

191

respectively, for the interfacial and aqueous forcefields'”'. Based on the interfacial forcefield, the

calculated bulk modulus i1s 96 GPa based on Voigt definition, slightly overestimating the

experimental value of 94 GPa'®?

. The aqueous FF gives poor results when it comes to the
mechanical properties of dolomite. Based on our interfacial FF, the Ci; constant is 183 GPa
compared to 204 GPa based on Brillouin zone spectroscopy measurements!®3. Also, the calculated

Cs3 constant is 96 GPa agrees well with the experimental value of 97 GPa. However, the rest of

the elastic constants that are calculated by our forcefields are less accurate.

The rest of the solid phases in Table 3.5 are reasonably reproduced with both aqueous and
interfacial forcefields in terms of lattice constants. Interestingly, brucite lattice constants are better

46



(b)

v/ /°/°/~/ v/fva/va/

2.82
______________ {_?__(9_{_?_( Vf?/**/“/
,vo ,° -
© i e (d) f Y
. N olejole)
' f____@__?/_’}__o__e(_’ts ____________________
Nl N ~ » ~ 4
nono”fno norlo;fuo
S5 5 P N e
0 Toase @+ 226 O 10478 36"
©) OTO ® O @ o e @ @
2.13 2.05
T @ 0 @ o ®© & @
205 | oo
~ ©® 6 ® o @ © © @
Tz.o9 ‘ Izn
®© © 6 - ® O 0 ©

Figure 3.2. The dry surface of magnesite, forsterite, and magnesia. a) The dry (1014) surface of magnesite
calculated from PBE-D3. The distance between magnesium layers in the bulk phase is 2.77 A. b) The dry (1014)
surface of magnesite as calculated with ReaxFF. The distance between magnesium layers in the bulk phase is 2.80
A. ¢) The dry (010) surface of forsterite calculated from PBE-D3. d) The dry (010) surface of forsterite calculated
from ReaxFF. e) The dry (100) surface of magnesia (MgO) calculated from PBE-D3. f) The dry (100) surface of
magnesia (MgO) calculated from ReaxFF. The black and red values refer to PBE-D3 and ReaxFF calculations,
respectively. The atoms below red dashed lines are fixed, while the top atoms are able to move. Magnesium,
carbon, oxygen and silicon colored as green, black, red and yellow, respectively. Distances are in Angstroms.

captured with the aqueous FF. Especially in the ¢ direction where the structure is layered, the lattice
constant is only 1% deviating from the experiment, compared to the 10% underestimation of the
interfacial FF. This discrepancy can be explained by the lower Mg-Ow bond lengths in the

magnesium-water clusters used in the parameterization of the aqueous FF.

3.3.3 Surface hydration: The interaction of water with metal-containing rocks is crucial to

195

understand CO» sequestration'®*, electrochemical reactions'®?, and accretion of the Earth from the

water adsorption on dust grains®>!%, etc. However, our knowledge of the mineral-water interface
p g g
47



is limited due to experimental and theoretical difficulties. Here, we select three crystals, namely
forsterite, magnesite, and magnesium oxide, to examine the fitted FF to predict the geometric
structure of dry and hydrated surfaces. We use (010) cleaved surface of forsterite which was
previously shown to have the lowest surface energy®. For magnesite, we choose the (1014)
surface cleavage that is shown by scanning electron microscopy analyses to be the dominant
surface'”’. For MgO, we choose the (001) surface. Only the top two layers of magnesium in all

crystals are allowed to move while fixing the bottom layers to represent the bulk-like crystals.

The dry surfaces are relaxed using DFT and the interfacial reactive forcefield, as shown in Fig.
3.2. a-f. On the forsterite surface, the top magnesium layer displaces toward the bulk phase for
about 0.26 A and 0.29 A using DFT and ReaxFF, respectively. This results from the fact that the
surface magnesium is undercoordinated and is attracted toward the negatively charged oxygens in
the bottom layer. Also, the second top magnesium layer displaces slightly toward the surface for
about 0.11 A and 0.02 A using DFT and ReaxFF, respectively. ClayFF, a classical FF with fixed
charges, shows a displacement of 0.34 A toward the bulk phase and 0.05 A toward the surface for
the first and second magnesium layers. The top silicon atoms move upward for about 0.19 A, and
the oxygen-silicon-oxygen angle changes from 104.48° to 108.28°. Using ReaxFF, the top silicon
atoms move outward for about 0.07 A, and the angle changes from 104.78° to 107.12°. This results
from the lower equilibrium bond distance between undercoordinated magnesium and silicate
oxygens. Also, the angle change can significantly reduce the stability of surface silicate groups
and can potentially give rise to the production of carbonate groups when CO: is in the surface
vicinity. DFT results are in close agreement with a previously reported DFT work”’ that used D2

dispersion correction.
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Figure 3.3. The hydrated surface of magnesite, forsterite, and magnesia. The adsorption of water on the (010)
surface of forsterite with a) side and b) flat configurations. The adsorption of water on the (100) surface of magnesia
with c)side and d) flat configurations. The adsorption of water on the (1014) surface of magnesite with e) side and
f) flat configurations. The transparent atoms are held fixed during the simulation, while the rest of the atoms are free
to move. Magnesium, carbon, oxygen and silicon colored as green, black, red and yellow, respectively. The distance
values in black and red are derived from PBE-D3 and ReaxFF. Distances are in Angstroms.

The surface features of carbonate minerals like calcite, magnesite, and dolomite are important for
modeling the dissolution/precipitation processes in the geological carbon cycle. Magnesite and
dolomite surface reactivity has been investigated experimentally using surface complexation
models'*”!1°8, However, reactive molecular simulations are yet applied to study these problems.
According to our calculations on the magnesite’s dry surface, slight displacement is found on the
(1014) surface, compared to Calcite (CaCOs) which has a lower bulk modulus of about 73.5
GPa'”. Upon DFT calculations, the first magnesium layer moves toward the bulk phase by about

0.11 A, and the second magnesium layer moves away from it by 0.03 A. With ReaxFF, the first
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magnesium layer moves toward the inner layers by about 0.1 A, and the second magnesium layer
moves away from the bulk phase by 0.02 A, in full agreement with the DFT calculations. The COs

also distorts slightly like akin to the observations in the DFT simulations.

We also test our FF to reproduce the MgO (001) surface. MgO has critical industrial applications

such as heterogeneous catalysis and concrete construction??-202

. Based on our calculation, the
anhydrous (001) surface of MgO changes only slightly. Based on our DFT calculations, we
observe that the first magnesium layer displaces 0.16 A out of the surface, while the second layer

displaces only for 0.06 A. Our ReaxFF simulations underestimate the displacement of the first and

second magnesium layers by 0.09 A and 0.05 A, respectively.

After relaxing the dry surfaces, we add a water molecule on top of crystal surfaces and relax them
using PBE-D3 and ReaxFF. Two configurations of water are found on each crystal surface, as
shown in Fig. 3.3.a-f without dissociating. On the forsterite (010) surface, a water molecule can
either donate a hydrogen bond to a onefold coordinated silicate oxygen or donate two bonds to two
onefold coordinated silicate oxygen as shown, respectively in Fig. 3.3.a and Fig. 3.3.b. We call
the former case “side water” and the latter case “flat water”. In both cases, the water oxygen is
found coordinated around a surface magnesium. The adsorption energy based on PBE-D3
calculations for the “side water” and the “flat water” are respectively -0.90 eV and -1.34 eV. The
calculated adsorption energies are less exothermic than those calculated through DFT with D2
dispersion correction, which produced -1.48 eV and -1.42 eV for “flat water” and “side water”

configurations, respectively’”.

The adsorption energies for the “flat water” and “side water” configurations based on ReaxFF are

-2.38 eV and -1.6 eV, respectively. The aqueous FF gives even worse predictions about twice the
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amount for the interfacial FF, although the former gives accurate hydration energies of solvated
magnesium in water. Although assigning a charge less than +2 to the less ionic magnesium in the
crystal partially resolves this problem, we believe that the observed difference in water adsorption
energies between PBE-D3 and ReaxFF roots in the hydration of silicate groups. The lower ReaxFF

203 support the evidence.

hydroxylation energy of water on silicates compared to DFT calculations
This discrepancy can be alleviated by further improving ReaxFF’s Si/O/H parameter set to include

water geometry and adsorption energy on silicates.

For the case of “side water,” surface magnesium is displaced away from the surface by 0.45 A and
0.27 A calculated from PBE-D3 and ReaxFF, respectively, most probably due to the charge
transfer caused by the water molecule. Using interfacial ReaxFF, the length of the donated
hydrogen bond for the “flat water” is underestimated by about 0.3 A compared to our PBE-D3
results. Also, the bond between surface magnesium and the water oxygen is overestimated by
about 0.02 A and 0.07 A for the “side water” and “flat water,” respectively, using the interfacial
reactive FF compared to the PBE-D3 simulations. This difference is due to the overestimated
magnesium-water bond distance in our parameterization. The donated hydrogen bond in the “side
water” configuration is 0.2 A shorter in ReaxFF compared to PBE-D3. However, the magnesium

water distance, in this case, is only 0.02 A overestimated with ReaxFF compared to DFT.

Similar to the forsterite surface, the hydrogen bonds on the MgO surface are shorter when modeled
with ReaxFF compared to PBE-D3, as shown in Fig. 3.3.c-d. The hydrogen bond formed between
the water hydrogen and the undercoordinated oxygen on the surface is 1.54 A resulted from
ReaxFF, compared to the 1.68 A calculated via PBE-D3. Contrary to forsterite cases, the
magnesium-water distance on MgO surface is underestimated by ~0.15 A. Also, the hydrogen
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Figure 3.4. The monolayer water adsorption energy difference on the surface of forsterite from simulations
and experiments. The energy difference refers to the adsorption energy of n monolayers of water subtracted by the
adsorption energy of one monolayer water (n= 2,3,4,5).

bonds of the “flat water” case are shorter by almost ~0.45 A in ReaxFF compared to PBE-D3
values, although the magnesium oxygen bond is properly calculated. This shows that the water
dipole moment is more oriented toward the surface in ReaxFF. According to our energy
calculations at 0 K, the structure of “side water” is more stable than “flat water” opposite to the
forsterite adsorption cases. The adsorption energies derived using PBE-D3 are -0.42 eV and -0.48
eV for “flat water” and “side water”, respectively. Similar to the forsterite surface, the adsorption

energies from interfacial ReaxFF are more exothermic than adsorption energies resulted from

PBE-D3 by -1.38 ¢V and -1.70 eV.

On the surface of Magnesite, the adsorption energies for the “flat water” and “side water” with
PBE-D3 are -0.64 eV and -0.19 eV, respectively. However, ReaxFF-derived adsorption energies
for “flat water” and ‘“side water” are -1.55 eV and -0.48 eV overestimating their magnitude

compared to their corresponding values from PBE-D3 calculations. The magnesium distance to
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the water oxygen simulated from ReaxFF is close to its value from PBE-D3, although the hydrogen

bond distances are smaller in ReaxFF than PBE-D3.

Moving away from the single water adsorption, we examine the cases where 1 to 5 monolayers of
water exist on the (010) surface of forsterite. In the corresponding ReaxFF simulations, all the one-
folded silicate oxygen atoms become hydrated. Moreover, previous DFT simulations of the (100)
surface of MgO have shown that a complete monolayer of water hydroxylates the surface?**. We
calculate the adsorption energy for various monolayers on the surface of forsterite, as demonstrated
in Fig. 3.4. Since the adsorption energy of the first monolayer was substantially high due to
interactions with the silicates, we only present the difference in the adsorption energy of n water
monolayers (n=2,3,4,5) and the adsorption energy of one monolayer. Comparison with experiment
and modified ClayFF potential’>, a non-reactive forcefield, shows that two and three monolayers
of water give the best adsorption energies when subtracted from the adsorption energy of a single
monolayer, and it is in an acceptable experimental range when four and five monolayers are present

on the surface.

3.3.4 Ion Pairing: The formation of MgCO3 and [MgHCO3]" ion pairs in the solution is a precursor
for the nucleation of magnesium carbonate®#2%5, However, the molecular mechanism that leads to
the nucleation and growth of crystalline or amorphous magnesium carbonate phases at different
thermodynamic conditions and thin water films is not known34130.151.153.206 * Algo  the attachment
of carbonate to the surface magnesium on crystals like forsterite can lead to dissolution, known as
ligand-promoted mineral dissolution?”’. Therefore, studying the energetics of the pairing reactions

becomes crucial to understand homogeneous and heterogeneous nucleation and growth3®,
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Figure 3.5. Magnesium-(bi)carbonate ion pairing clusters. a) Mg-COs Solvent separated ion pair. b) Mg-COs
contact ion pair. ¢) [Mg-HCO:3]* Solvent separated ion pair d) [Mg-HCO3]" contact ion pair. The distance values in
black and red are derived from PBE-D3 and ReaxFF, respectively. Distances are in Angstroms.

Here, we examine the fitted aqueous FF to model the structure of the separated ions (SI), solvent
separated ion pairs (SSIP), and contact ion pairs (CIP) and their relative potential energy. We use
recent geometries®® calculated by DFT for hydrated Mg?" and HCO57/COs* in SI, SSIP, and CIP
form as initial structures and relax them using energy minimization with our aqueous reactive FF.
The resulting structures are shown in Fig. 3.5.a-d. The relative energies between SSIP and CIP
structures from our reactive simulations are compared to MP2/aD level and B3LYP/aD level
calculations® in Table 3.6. As shown, the relative energies derived from our FF are within the
acceptable range of the DFT results. However, SSIP structures are more stable than CIP contrary
to the DFT results and infrared spectroscopic measurements in the solution?’®. Nevertheless,
nucleation either takes place in the solution or at the mineral-water interface. Therefore, it is

essential to test the FF in the solution and measure the relative stability of SSIP and CIP structures.

To this end, we construct a cubic box containing 560 water molecules and run MD at 298.15 K.

First, we relax the cell in constant isobaric isothermal ensemble (NPT) using the Nose-Hoover
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Table 3.6. Reaction energies for the conversion of Seperated Ions (SI) to Contact Ion Pair (CIP) and
Solvent Separated Ion Pair (SSIP) calculated from ReaxFF compared to DFT results with B3LYP/aD and
MP2/aD functionals.

MP2/aD* | B3LYP/aD* ReaxFF
(kcal/mol) | (kcal/mol) | (kcal/mol)
Sl(éoo(;)lp -348.6402 | -339.2884 | -235.9648
S(IH%&I)P 216.0981 | -212.1398 | -141.6936
Sl(tggf)lp 331.5082 | -325.8616 | -236.1492
Sil_tl"c%iip 2005453 | -192.3124 | -148.0037

* Results from '
thermostat and barostat with 0.5 fs timestep and relaxation time of 10 fs. Upon convergence in the
box dimensions, we relax the system in canonical ensemble (NVT) at 298.15 K. Then, we place
one magnesium ion and one carbonate ion at some distance in the solution and run MD for 6 ns.
We observe that the relative distance between the two ions changes during the course of the
simulation, and at random periods the two ions form an SSIP structure. In this simulation, we do
not observe the formation of CIP structure as it is not expected to occur at room temperature due
to the very rigid hydrated structure of magnesium and the limited MD timescales. Alternatively,
we initialize the MD simulation with CIP structure and run for 6 ns. The CIP structure remained
stable during the simulation. Also, the magnesium atom in the CIP structure has five water
molecules, one water molecule less than the SSIP structure in agreement with experiments and FF
calculations'®%2%_ The CIP structure was on average 0.09 eV lower than the SSIP structure, and
0.13 eV lower than the case where ions were at least 3 water molecules apart from each other,

confirming the relative stability of the CIP structure compared to SSIP and SI in the solution. Our
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results are consistent with the experiment that shows magnesium carbonate ion pair dissociates

with 0.09 eV enthalpy difference?!?

3.4 Applications of Aqueous and Interfacial FFs:

3.4.1 H,CO:s dissociation in water with Mg(OH),: Atmospheric carbon dioxide naturally dissolves
in water and partially reacts with it to produce carbonic acid and bicarbonate. The excess amount
of CO; from burning fossil fuels can negatively impact natural processes, one of which is the
acidification of the surface ocean. Carbonic acid dissociates to bicarbonate and proton, which
reacts with carbonates on the oceanic surfaces that can severely slow down the growth of coral

reefs’!!. However, alkaline earth metals can neutralize carbonic acid by forming carbonate

minerals?!2,

(a) (b) ()

" { OH- r
: LS Hard
%, 10f — OIl-HI ]
S | )_’\01 & o
g ~
S 3 () (©)
3 H2

al i P < w
0 : : : “A &
[ § 02

0.01 0.1 1 10 100 OH- ‘
{ o

Time (ps)
Figure 3.6. Carbonic acid dissociation in the presence of magnesium hydroxide. a) time-reaction for the
deprotonation of carbonic acid. O1, H1, O2, and H2 are shown in the snapshots on the right. b) Carbonic acid in
the solution before the reaction with the adjacent OH™ occurs c) Bicarbonate is formed as the product of the
deprotonation of carbonic acid through reaction with solvated hydroxide ion. d) Bicarbonate in the solution before
the reaction with the adjacent OH" occurs e) carbonate is formed through the deprotonation of bicarbonate through
reaction with a hydroxide. The cyan color in the background of snapshots represent the liquid water.
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Here, we investigate the carbonic acid dissociation to bicarbonate and carbonate in the presence
of dissolved magnesium hydroxide Mg(OH). in the water using our reactive FF. To this end, we
relax a neutral cell consisting of 250 water molecules, a carbonic acid molecule, and an Mg(OH):
ion pair in NPT ensemble at room temperature and zero pressure using Nose-Hoover thermostat
and barostat with timestep of 0.25fs. After relaxation in NPT ensemble, we run the system in NVT
ensemble. We first observe that the hydroxide initially coordinated around magnesium readily
diffuses out into the solution through Grotthuss mechanism. Nevertheless, carbonic acid remained
intact in about 2 ns. Adding another Mg(OH), monomer, resulted in a fast reaction between
carbonic acid with one of the hydroxide ions in less than 1ps to make bicarbonate as expected in
such a basic solution, as shown in Fig. 3.6.a-c. After about 100 ps, the other hydroxide structurally
diffuses toward the bicarbonate and grabs its proton and produces a carbonate ion, as shown in
Fig. 3.6.a and Fig. 3.6.d-e. Obviously because the hydroxide concentration is ~ 13 order of
magnitude greater than its concentration at pH of 14, we cannot expect the carbonic acid
dissociation to occur this rapidly. However, our simulations show that the hydroxide, which
diffuses structurally at a high rate in bulk water can reach to carbonic acid to make a spontaneous
proton transfer reaction. With our reactive FF, we also observed the diffusion of surface hydroxide
on metal divalent containing minerals toward the carbonic acid at the thin water film. The limited
space in the nano-meter thin film in this system can substantially increase the rate of carbonic-
acid-to-carbonate reaction, although the diffusion of hydroxide in the structured water is hindered.

This is the subject of next section where we take brucite as a model surface to study this reaction.
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We calculate the RDF for the three stages of the simulation described above. First, we fix the Ox-
H bonds of the carbonic acid and proceed with the simulation and output the trajectories. Then, we
unfix one of the Ox-H bonds and let the proton transfer happen to turn carbonic acid to bicarbonate,
and run the simulation again to produce outputs of the trajectories. Finally, we unfix the remaining
Ox-H bond of the bicarbonate until it turns into carbonate through another proton transfer reaction.
Again, we run the simulation and output the trajectories. For all the stages, we run the simulations
in NVT ensemble at room temperature using Nose-Hoover thermostat with timestep of 0.25 fs and
relaxation time of 25fs. We output the trajectories every 25fs over the course of 500 ps to produce
enough data for the radial distribution function (RDF) calculations. We also calculate the RDF for

Mg-Ow for the two solvated magnesium cations. The resulting RDFs are shown in Fig. 7. a-d.
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Figure 3.7. g(r) and coordination number, n(r), for (a) Magnesium (b) Carbonic Acid (c) Bicarbonate and (d)
Carbonate in the solution. g(r) is shown with solid line and n(r) is shown with dashed lines in all figures. Ow, Ox
and Oc refer to water oxygen, hydroxyl oxygen, and carbonyl oxygen, respectively.
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The RDF for Mg-Ow has one sharp peak at around 2.15A that corresponds to the first shell of
water molecules that are tightly bound to the doubly charged magnesium cation as shown in Fig.
3.7.a. The water coordination number for magnesium is derived to be 6, which is in agreement
with experiment®!3 and previous simulations!®®2!4, The carbonic acid contains two Ox and Oc
which have different hydrogen bond networks as can be seen in the RDFs presented in Fig. 3.7.b.
The first large peak for Ox-Ow is located at 3.13A which corresponds to the hydrogen bond that
are accepted by the carbonic acid hydroxyl groups. A smaller peak for Ox-Ow is observed at 2.75
A that is related to the hydrogen bonds donated by the hydroxyl of the carbonic acid. The first peak
for Oc-Ow is located at 3.25 A. By integrating the RDFs up to 3.75 A for the first shell of water
molecules around Ox, a hydration number of 3.8 is derived, see n(r) in Fig. 3.7.b. The hydration
number of Oc is 3.4, which is slightly smaller than that of Ox, due to the stronger hydrogen bonds
around hydroxyl groups that both donate and accept hydrogen bonds. Probing the hydration
structure of carbonic acid through experiment is difficult, because of its short lifetime. However,
quantum mechanics/molecular dynamics (QM/MM) simulations of aqueous carbonic acid shows

a hydration number of 3.17 for Oc, which is close to our calculated value of 3.42'5,

For the bicarbonate simulation, the RDF for carbonyl oxygen (Oc) and hydroxyl oxygen (Ox) are
shown in Fig. 3.7.c. The first peak for Ox-Ow is almost at 2.9A, while the first peak for Oc-Ow is
slightly larger at around 3.1A, due to the stronger hydrogen bond of the hydroxyl oxygen. By
integrating the RDF for the first peak up to 3.75A, the hydration number of Oc and Ox are derived
to be 3.65 and 3.9, see the n(r) values in Fig. 3.7.c. These hydration numbers are both higher than
their counterparts in carbonic acid. This is due to the charge of bicarbonate compared to the neutral

carbonic acid as suggested by X-ray absorption spectroscopy measurements and Car-Parrinello
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MD simulations?'>?'®, However, our calculated hydration number for Oc is smaller than the
derived value through QM/MM calculation which was 4.262!5. This could in part results from the
charge equalization method in ReaxFF that gives a lower charge magnitude of bicarbonate in our

simulations, which is around -0.85 that its formal charge of -1.

We also calculate the RDF and hydration numbers for carbonate as shown in Fig. 3.7.d. The first
peak for the Oc-Ow is located at around 3.0 A. Forcefield calculations done by Bruneval et al.>'’?
shows the peaks to be in a lower range at 2.69. The hydration number for Oc of the carbonate is
4.08 if we integrate the RDF up to 3.75 A. The forcefield calculation by Bruneval et al. shows a
hydration number of 4.3, which like for the bicarbonate case could result from the lower charge

magnitude of bicarbonate in our simulation (~ -0.9) that its formal charge of -2.

3.4.2 Bicarbonate-Brucite interaction: Ex-situ carbon mineralization can be achieved through the
carbonation of mine wastes such as brucite [Mg(OH):] in mafic and ultramafic mines'#’>'8, One
study estimated that the accelerated carbonation of brucite in mine tailing could offset 22-57% of
mine emissions?!®. Previously, we showed through reactive molecular dynamics simulations that
the presence of surface hydroxide initiates a long-range proton transfer to deprotonate bicarbonate
in the interfacial water film on forsterite surfaces. Here, we examine the interaction of bicarbonate

at the water-brucite interface.

We construct a simulation cell containing a brucite slab and a slit pore filled with liquid water. We
fix the inner layers of the brucite so that they represent the bulk structure, and we let the first two
layers move and interact with the water molecules on top. The size of the box is
18.5A*32.15A*57.10A in x, y and z direction, respectively. Then, we place a bicarbonate ion at

the water-brucite interface and perform MD simulations in the NVT ensemble while fixing O-H
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bonds in water and bicarbonate to relax the system. Then, we remove the constraint on the bonds
and let the system evolve naturally. Similar to the hydroxylated (010) forsterite surface simulated
through reactive molecular dynamics??°, we observe spontaneous diffusion of surface OH- groups

in the water layers adsorbed to the surface.

Such proton transfer reactions were also observed on other oxide surfaces in both simulations and
experiments. Through ab initio MD simulations??!, it was shown that the rate of proton transfer
reactions at the water-ZnO (1010) surface substantially increases when the number of water layers
increases from one layer to a liquid multi-layer. Also, ab initio-based deep neural network analysis
was able to show long-range proton transfer through water molecules at the water-TiO;
interface???. Moreover, scanning tunneling microscopy experiments on FeO?? and TiO»?**
monolayers and single-molecule localization microscopy on defective boron nitride layers??
unveil the proton transport at the solid-water interface. Recently, spectral single-molecule scanning
tunneling microscopy and ab initio simulations®*® demonstrated higher proton diffusivity along the
surface of boron nitride when it is in contact with a binary water-methanol solution rather than

water- only solution.

After few picoseconds in our simulation on the brucite surface, we observe that a hydrogen-bond
network forms between the bicarbonate and a surface hydroxide leading to a chain of proton
transfer reactions that deprotonates the bicarbonate at the end, as shown in Fig. 3.8.a-d. The
hydroxide ion structurally diffuses from the surface toward the bicarbonate in the interfacial water
film. Structural diffusion, often called “Grotthuss diffusion,” is the hopping of a proton from a
hydronium ion to a neighboring water molecule or from a water molecule to a neighboring
hydroxide. It involves breakage and formation of O-H bonds as the proton migrates between water
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molecules. It is much faster than vehicular diffusion. The centers of charge and mass move
together.??’ Similarly, hydroxide groups can structurally diffuse through water molecules as

observed in biological systems and enzymatic reactions??%22°,

We also calculate the RDF for surface magnesium, carbonic acid, bicarbonate, and carbonate for
the simulation on the surface of brucite. Initially, we fix the carbonic acid in the water layers 5A
away from the surface of brucite. To avoid spontaneous proton transfer that transforms the
carbonic acid to bicarbonate and then to carbonate, we fix the O-H bonds of the hydroxyl group in
carbonic acid. We run the simulation in NVT ensemble for 250ps, and output the trajectories every
25fs to produce data for RDF calculation. Other simulation settings are similar to those we used

for carbonic acid deprotonation described in section 4-1.

The RDF for surface magnesium (Ms) and oxygen of water and surface hydroxide (O*) is shown
in Figure 3.8.e. The first peak is located at 2.13A, and a coordination number of 2.7 is derived for
the first shell of O*, where two surface hydroxides are always present. The RDFs calculated for
carbonic acid on the surface are shown in Figure 3.8.f. Like carbonic acid in the solution, the RDF
for Ox-O* has two peaks close to each other, one at 2.6A that corresponds to the accepted hydrogen
bond and another at 3.12 that corresponds to the donated hydrogen bond. Interestingly, the
hydration number for Ox is about 5.3 which is significantly larger than its counterpart in the
solution which is 3.8. This can be the result of denser water layers with stronger hydrogen bonds
compared to liquid water. This could also be the reason for the RDF for Oc-O* to have its first two

peaks closer to each other than what we observe in the solution.
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Figure 3.8. The deprotonation of bicarbonate at the brucite-water interface. From (a) to (c) the hydroxide in
the first water layer diffuses toward the bicarbonate. (d) The bicarbonate deprotonates to carbonate hydrating a
neighboring hydroxyl group. (e) g(r) and coordination number, n(r), for magnesium-water on the surface of brucite.
(f) g(r) and n(r) for carbonic acid on the surface of brucite. (g) g(r) and n(r) for bicarbonate on the surface of
brucite. (h) g(r) and n(r) for carbonate on the surface of brucite. g(r) is shown with solid line and n(r) is shown
with dashed lines in all figures. O*, Ox and Oc refer to water/surface hydroxide oxygen, hydroxyl oxygen, and
carbonyl oxygen respectively. Ms represents surface magnesium.

For the case of bicarbonate in the water layers on top of brucite, we see that the first peaks for both
RDFs of Ox-O* and Oc-O* shift toward smaller distances as shown in Figure 3.8.g. We attribute
this systematic shift is the result of different water permittivity in the water layers than that of
liquid water. Therefore, compared to liquid water, the negative charge of bicarbonate results in
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stronger electrostatics field that strengthens hydrogen bonds with dipolar water molecules. As
shown in in Figure 3.8.h, we could not observe any further shift for the doubly-charged carbonate,

that is related to the smaller charge magnitude of carbonate (~1.05) than its formal charge of 2.

The ReaxFF simulations also provide a detailed picture of the dynamics of structural hydroxide
diffusion on the brucite surface. Since the adsorbed water layers on the brucite surface are more
structured than liquid water, and also because the positively-charged magnesium cations attract
hydroxide ions, we expect a hindered interfacial diffusion for hydroxide ions. To show this
quantitatively, we run further simulations to calculate the diffusion constant of hydroxide ions
adsorbed on the surface of brucite. To this end, we calculate the diffusion constant of OH™ in XY
direction, parallel to the brucite surface, and in the Z direction s perpendicular to the surface using

the Einstein relation:
1 2
ny zrt(lrxy(t)_rxyl ) (1)
1
Dz =;<|Tz(t) _rzlz) (12)

In which r represents the position of the particle, and ¢ is the time. (|rxy (t) — rxy|2) and
(|r,(t) — 1,]?) are the mean-square displacement (MSD) in the XY plane and in the Z direction,

respectively.

To calculate the MSD for hydroxide ions on the surface, we randomly pick seven hydroxides and
track the trajectory of the O" of the OH".2** The index O” can change during the course of the
simulation as proton transfer can happen between water molecules and the OH". We construct a
similar system as in section 4-2, containing brucite slab in contact with water while letting the first

two layers of brucite move and fix the inner layers. We initially relax the system in the NVT
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Figure 3.9. Mean-square displacement (MSD) for hydroxide ions on the surface of brucite. (a) MSD in the
XY plane parallel to the surface. (b) MSD in the Z direction perpendicular to the surface. Different colors represent
the displacement of seven randomly picked hydroxide ions on the surface of brucite.

ensemble at room temperature for 200 ps using timesteps of 0.25 fs and a Nose-Hoover thermostat
with relaxation time of 25 fs. After the system is relaxed, we change the ensemble to NVE to avoid
thermostat effects that can interfere with the trajectory of atoms. We run the system for 125 ps,
and output trajectories every 2.5 fs to be used for the calculation of MSD. The resulting MSD up

to 30 ps for the seven randomly picked hydroxide ions are shown in Fig. 3.9.a-b.

We note that the slope of the MSDs are not quite linear compared to the MSDs of hydroxide ions
in liquid water resulted from the same forcefield®*?. This is due to the presence of magnesium
cations on the surface of brucite that can trap the hydroxide ions. Here, we use the linear part of
the MSDs with maximum slope for the calculation of diffusion constants. We calculate the
diffusion constant for each O" from the linear parts of the resulted MSDs. For the diffusion in XY
plane, D, ranges between 0.04 and 0.18 A?%/ps, while D, ranges between 0.16 and 0.76 A%/ps.
Based on the similar ReaxFF forcefield for water, the reported diffusion constant for the hydroxide
ion in water is 1.03 A%/ps which is higher than our calculated diffusion constants. This difference
can arise from the more structured water layers on the hydrophilic surface of brucite. The
difference between D,,, and D, and the variable diffusion constant derived for each of the randomly

selected hydroxide ions show anisotropy and heterogeneity in the interfacial diffusion process of
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these species in the adsorbed water layers. It is noteworthy that a second-generation ReaxFF water
model can better predict the diffusion of hydroxide and hydronium ions compared to the one we
used in our paper?*°. However, because the first generation ReaxFF water model is fitted and tested
for the proton transfer between water and carbonic acid, which is essential for modelling
magnesium carbonate systems, we use the first generation ReaxFF water model. Nevertheless, we
carefully analyzed the proton transfer between bicarbonate and forsterite surface using both first-
and second-generation ReaxFF water model. We find that the free energy barrier for the long-
range proton transfer that transforms bicarbonate to carbonate is not significantly affected by the

water model.

3.4.3 Free energy calculation of Mg-COs surface complex formation on the surface of forsterite:
The knowledge of the thermodynamics of ion-pairing at the solid-liquid interface is critical for
understanding heterogeneous nucleation and growth. However, ion-pairing in the solution and at
the solid-liquid interface is experimentally challenging to probe due to the small size of the ions
and their short lifetime. On the other hand, quantum mechanical calculations are also problematic
due to their high computational cost and the uncertainty about van der Waals interactions in the
liquid phase. Nonetheless, molecular simulations can provide insight into the kinetics of ion
interactions if accurate FFs are available. A thermodynamically stable FF was successfully able to
calculate the free energy barrier for the pairing of (Ca?", Mg?", Sr*") cations and bicarbonate and
carbonate species in the solution. However, metal cations on the surface of metal-silicates and
metal-oxides are sometimes coordinated with hydroxide ions. Therefore, surface complex
formation with ions like carbonate and bicarbonate may require a proton transfer reaction from the

first shell of metal cations to their second shell, especially for magnesium cations tightly bound to
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their water/hydroxide shell. This calls for a reactive FF like ReaxFF, which can model the

structural diffusion of proton/hydroxide.

Here, we do the free energy calculation for the carbonate adsorption on the (010) hydroxylated
surface of forsterite. First, we construct a slab of forsterite with 9 layers and an interlayer space
with a size of 27 A. We fill the interlayer space with water such that the density at the middle 10
A is 0.91 g/cm? consistent with the density of liquid water when relaxed with ReaxFF. We fix the
forsterite slab except for the first two surface layers at the top and the bottom. The energetics of
the adsorption of carbonate on the forsterite surface is determined via the umbrella sampling (US)
technique as implemented in the “PLUMED 2.5” add-on package to LAMMPS®. Here, we use a
biased harmonic spring with a stiffness of 140 kcal/molA? between the center of mass of the
carbonate and a fixed reference Me?" atom in the inner layer of forsterite respectively. The normal
distance to the solid surface is taken as the “collective variable” and sampling windows are
separated by 0.1 A. Histograms of the distribution of the collective variables were produced after
100 ps of equilibration phase, and another 250ps of the production phase of MD runs at 300 K in
the NVT ensemble. The substrate (except the first two layers) were fixed. A weak harmonic
potential was also considered in the ‘xy’ plane (parallel to the surface) to keep the carbonate in the
desired adsorption site, enclosed in a cylinder. The free energy difference is then obtained via the

weighted histogram analysis method (WHAM)!%,

Our PMF calculations show that the formation of Mg = CO; surface complex on a random Mg
site is relatively stable. This surface complex formation is made possible through a proton transfer
step in which the OH" attached to the surface grabs a proton from the second water shell. Another

water molecule leaves the first shell to make room for the carbonate (see Fig. 3.10. a-c).The energy
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barrier for this Mg-COj3 surface complex formation is 0.21 eV, about 0.04 eV lower than the free
energy required for their pairing in bulk water!'é’. This has major implications on the nucleation
stage. It reduces the magnesium dissolution energy barrier and can enhance the growth of
magnesite crystal since ion pairs could readily attach to the crystal. This can also explain the
anomalous low activation energy barrier for the nucleation and growth of magnesite at low

temperature'>® when reactions occur at the thin water film formed on forsterite.

We calculate the RDF for surface magnesium and carbonate at two windows that we used for the
free energy calculation: 1) When the carbonate is 5A away from the surface. 3) When the carbonate
1s adsorbed on the surface and is paired with two surface magnesium atoms. The first peak of RDF
for the surface magnesium (Ms) and water is located at 2.15A similar to the location of the water
in the first hydration shell of magnesium solvated in water as shown in Fig. 3.10. d. The water
coordination number for Ms is 2.85. We label the surface magnesium that is coordinated with
carbonate as Mx as shown in Fig. 3.10. d. Although, the location of the first peak for Mx-O* is
the same as Ms-O*, the water coordination number for Mx is dropped to 2. As stated in the
previous paragraph, we observe that for the magnesium-carbonate surface complex formation, the
coordinated hydroxide grabs a proton from a nearby water molecule, and one water molecule is
removed from the first coordination shell of Mx. When the carbonate is adsorbed on the surface,
we need to differentiate two carbonate oxygens that are paired to surface magnesiums (Ox) with
the one that is oriented toward the solution (Oc). As shown in Fig. 3.10. e, the hydration number
for Oc is ~4.3, which is higher than the hydration number for oxygens of the carbonate in the
solution, due to the higher density of layered water on top of forsterite. When the carbonate is

distanced 5A from the surface, we observe two peaks in the RDF for Oc-O* as shown in Fig. 3.10.
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Figure 3.10. Adsorption of CO32- on hydroxylated {010} surface of Forsterite. (a-c) (ADS) adsorbate state of
COs? as determined by PMF calculations. Two water molecules as well as one hydroxide are coordinated around
surface Magnesium. (TS) transition state. (P) product state. (d) g(r) and coordination number, n(r), for (d) Magnesium
(e) Bicarbonate and (f) Carbonate on the surface forsterite. g(r) is shown with solid line and n(r) is shown with dashed
lines in all figures.

f. By visual inspection, we find that the carbonate is not able to rotate freely as in the solution, due
to the electrostatic field it senses from the surface magnesium. Rather, one carbonate oxygen
remains oriented toward to the surface for the entire time of the simulation. The hydration number

of the carbonate oxygen (Oc) is 4.3, higher than its solution counterpart.

3.4 Conclusion:

We develop two reactive FFs for modeling aqueous magnesium carbonate and Mg/O/Si/C/H
containing solids and their interfaces with water. We successfully parameterize the FFs to the
configurations and mechanical properties of magnesite, magnesium hydroxide, magnesium oxide,
and other relevant crystals. Additionally, the structures and hydration energies of magnesium are
included in the list of observables for the aqueous FF. After deriving the FF parameters, we test

the transferability of the interfacial FF to other prevalent magnesium-containing minerals in the
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context of carbon sequestration, including the bulk structure of forsterite, nesquehonite, dolomite,
and diopside. Not only the lattice properties of these crystals are captured well with our FF, but

also the bulk modulus of dolomite and some of its elastic constants are predicted accurately.

Next, the interfacial structure of magnesium (-carbonate, -silicate, and -oxide) minerals when dry
or in contact with a single water molecule are investigated using both DFT calculations and
interfacial ReaxFF. Although the geometry of all dry surfaces is similar in both methods, the
hydration energies are overestimated when calculated through the reactive FF. Some hydrogen
bonds are underestimated, except for the case of “side water” adsorption on the surface of
forsterite. The discrepancy of hydration energies and hydrogen bond distances stems partly from
the oxygen-hydrogen interaction parameters in ReaxFF that are mainly fitted to describe liquid
water, and partly from the absence of Mg-O-O and Mg-O-H parameters in our forcefield. Unlike
the single water molecule adsorption, the adsorption energies resulted from ReaxFF for two to five
water monolayers are in agreement with the experiment. This makes our FF suitable to study

reactions at the water-forsterite interface when few water monolayers are present.

Then, we study the interaction of magnesium and (bi)carbonate in gaseous clusters and liquid
water. Our calculations for magnesium-(bi)carbonate ion-pairing through the fitted aqueous FF
agree well with DFT results. Although the obtained energies for SSIP structures are lower than the
CIP structure in gaseous clusters, the averaged potential energies in liquid water confirm the
relative stability of CIP to SSIP and SSIP to SI structures. This enables our force field to study
homogeneous nucleation of magnesite, hydromagnesite, nesquehonite, and amorphous
magnesium carbonate phases. We also check the applicability of the derived reactive forcetields
for the dissociation of carbonic acid in liquid water that contains magnesium and hydroxide ions
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and the interfacial water layers on top of the brucite surface. Our simulations demonstrate the
migration of hydroxide ions that leads to carbonate production, whether in liquid water or at the
interface of brucite. Proton transfer reactions at the interface of metal oxides have been previously

observed through both experiments and quantum mechanical calculations.

The observed proton transfer at the hydroxylated-solid-water interface has significant implications
on the nucleation of magnesium carbonate phases at geological conditions. It can explain the
anomalously low activation energy barrier for the formation of magnesite. At the molecular scale,
it can manifest both through the pairing of the dissolved surface magnesium and carbonate at the
thin water film or the formation of neutral magnesium-carbonate surface complexes that can
dissolve faster than the magnesium cation’. Here, we show that a stable Mg-COj3 surface complex
can form on the hydroxylated surface of forsterite with a low energy barrier. However, more
elaborate free energy calculations that consist of magnesium-water coordination number as a

collective variable are needed for more accurate energy barrier calculations.
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Chapter 4

Formation and Dissolution of Surface Metal Carbonate Complexes:

Implications for Interfacial Carbon Mineralization in Metal Silicates

4.1 Introduction:

Permanent CO, storage in the form of metal carbonates is a promising route to constrain the
untethered carbon emissions from the transportation, civil and energy infrastructure. Such storage
technologies can be realized either in situ through the geological carbon sequestration in mafic

(e.g., basalts) and ultramafic (e.g., peridotite) lithologies'*’

or ex situ by carbonating industrial and
construction waste to produce value-added commodities. Cementitious materials, for instance, can
potentially offset 43% of their production carbon footprint through the ambient carbonation
process.®® Whether realized in or ex situ, the storage security and economic cost associated with

these carbon sequestration solutions can be only lowered if the design process ensures enhanced

carbonation kinetics with rapid and close-to-complete CO; conversion.

When considering carbonation reaction, the composition of processing (injection) fluid, chiefly
H>0-to-CO; ratio, plays a critical role in tuning mineralization kinetics and reaction pathways.
This is particularly significant considering the low mutual solubility of water and CO». Unlike
reactions mediated by water-rich fluids, the carbonation reactions with humidified CO,-rich fluids
might appear hindered owing to uncertainties arising in mass transport processes and ion solvation

231

extents.”' However, well-controlled CO:-rich laboratory and field-scale experiments on
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16,33-35,37,38,79.83.84.231.232 © brycite®?, and feldspar’?> show that the carbonation in such

olivine
environments can be potentially facile due in parts to the formation of nanometer-thick adsorbed

water films.

Adsorbed water nanofilms present a unique nanoscale environment whose physicochemical
properties (e.g., dielectric permittivity, hydrogen bond network, self-diffusivity, etc.) as a reactant
and solvent are distinct from their bulk counterparts. For instance, recent experiments provide an
evidence for the enhanced CO, speciation when carbonating forsterite with adsorbed water
nanofilms?>¥. Leveraging oxygen scrambling technique, Miller et al.2*? have shown that
carbonic acid forms much faster on nanoparticles of forsterite compared to fumed silica. The
adsorbed water nanofilms, also, confine the resultant carbonic acid and (bi)carbonate adjacent to
the surface. This could potentially rise to distinct interfacial carbonation pathways that initially
favor amorphous phases in low water-coverage regimes.®® In such pathways, the formation of
surface metal (bi)carbonate complexes®® is demonstrated by the high-pressure titration
experiments coupled with in situ infrared (IR) spectrometry®' and 'H-'3C cross-polarized Nuclear

Magnetic Resonance spectroscopy>>.

Despite the extensive body of experimental and simulation literature on aqueous CO>

140,143,215,216,233-237 * the chemical reactions at the nano-meter scale mineral-water

reactivity
interfaces remain largely unknown. In particular, the underlying molecular mechanisms driving
the formation of magnesium-(bi)carbonate surface complexes and metal ion dissolution are still
unclear. Such fundamental reaction steps are critical in advancing our understanding of
nanoconfined carbon mineralization in adsorbed water films and motivate the two-fold objective

of the present paper. The first objective is to delineate the mechanistic picture of the formation of
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metal carbonate surface complexes in interfacial water films. The second objective is to clarify the
role of interfacial carbonate anions in tuning the dissolution kinetics, i.e., ligand-enhanced
dissolution. The experiments remain ambivalent when it comes to quantifying the impact of
(bi)carbonate concentration on the dissolution kinetics in H>O-rich media.>**24 However,
magnesium carbonate precipitation rates increase with increasing temperature and CO; pressure
during the forsterite carbonation in thin water films.>* Such observations suggest that the

dissolution rate might increase with (bi)carbonate concentration in water films.

Herein, we use reactive and nonreactive molecular simulations to address our two objectives. We
probe the fate and role of (bi)carbonate on 1) forsterite (Mg>S104), the magnesium endmember of
olivine, relevant to carbonation studies of mafic (e.g. basalt) rocks, and 2) Calcium-Silicate-
Hydrate (C-S-H), the most critical phase in the modern concrete.®*% Concrete Carbonation
(ambient and valorized demolition waste) can sink up to 2.5% of the man-made carbon emissions,
despite excessive carbon emissions caused by the cement production.’®%® Besides their
technological significance and relevance to carbon sequestration, the comparative study of
forsterite and C-S-H allows us to probe the intricate role of cation (Ca?* and Mg?*) hydration

dynamics and water exchange rates on the elementary interfacial carbonation steps.’

4.2 Methods:

4.2.1 Reactive Molecular Dynamics Simulations

Reactive simulations are performed using ReaxFF?*!, a semi-classical potential which features

bond-order formalism to model the formation and breakage of bonds, and utilizes the
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electronegativity equalization method (EEM) to equilibrate charge fluctuations and transfer. In

general, the total potential energy in ReaxFF could be written as:

Etot = Ebond + EVDW + quq + Epenalty + Eover (1)
where Eyona, Evpw, Eqeq> Epenaity» and Egyer are respectively bonded, van der Waals,

electrostatic, penalty and over-coordination terms. For carbonation of calcium silicates, we adopt
the potential parameters from a work on aqueous calcium carbonate systems'®! where the calcium
charge is fixed. This parameter set has been tested in a number of studies, including in an

investigation on the calcite-water interface?*?

and the prenucleation of calcium carbonate in
solutions??, Similarly, for interfacial and aqueous carbonation of magnesium-containing systems,
we developed a ReaxFF parameter set with fixed magnesium charge.?** This parameterization
faithfully reproduces first principle and experimental hydration structure, hydration energy, a wide
range of crystal structures, adsorption energy and proton transfer in cluster and interfacial systems.
The interested readers are referred to the Zare and Qomi®** for details. We implemented an in-
house module in LAMMPS? to take into account the fixed charge in the charge equalization

scheme. Reactive simulations are performed in the NVT ensemble at 300K. The simulation time

step is set to 0.25 fs, with the Nose-Hoover thermostat with a relaxation time of 100 fs.
4.2.2 Non-reactive Potential-of-Mean-Force (PMF) Calculations

The energetics of the dissociation of metal from the solid surface is determined via the umbrella
sampling (US) technique as implemented in the “PLUMED 2.5 add-on package to LAMMPS?S,
Here, we use a biased harmonic spring with a stiffness of 200 kcal/molA-? and 120 kcal/molA~
between Me?* cation and a reference Me?* atom on the surface respectively. The normal distance

to the solid surface is taken as the “collective variable” and sampling windows are separated by
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0.1 A. CSH-FF*° and a modified version of Clay-FF 77 was also used for the dissolution of Me?"
ions from the surface, although for the case of carbonate-assisted dissolution, it was combined
with a forcefield developed for carbonate minerals and solvated carbonate ions.'® An additional
collective variable namely the surface Mg water coordination number is also considered, see the
Supplementary Note 2 for more details. The harmonic spring with stiffness of 2000 kcal/mol is
chosen for the coordination number. Histograms of the distribution of the collective variables were
produced after 500 ps of equilibration phase, and another 1 ns of the production phase of MD runs
at 300 K in the NVT ensemble. The substrate (except the first two layers) were fixed. A weak
harmonic potential was also considered in the ‘xy’ plane (parallel to the surface) to keep the ion in
the desired adsorption/desorption site, enclosed in a cylinder with the fixed reference atoms on its
base. The free energy difference is then obtained via the weighted histogram analysis method

(WHAM)!%0,
4.2.3 Proton Transfer Potential-of-Mean-Force (PMF) Calculations

To calculate the free energy of the long-range proton transfer reactions, we first defined the

coordinate of the excess proton (or hydroxide)??8243:
Z N . N i xJ N N : j
S; = Zi=H1 rii — Zj=X1 WX r* — Zi=H1 j=X1 f:s‘w(de,Hi)(rHl —r¥ ) (2)

atom

where r is the position of hydrogen (H) or heavy atoms (X), w* 7 is the number of hydrogens
bonded to the heavy atom in its least protonated state. In our case, w° for the oxygen in bicarbonate
is zero while it is 1 for the oxygen of hydroxide. The switching function f;,, (d) is a continuous
function that determines if the hydrogen is bonded to the heavy atom or not:

fow(d) = 1/(1 + exp [(d = Tyw)/dsw]) &)
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where d is the distance between the heavy atom and hydrogen atoms. 7y, and dg, are fixed
parameters that are chosen to be 1.4A and 0.05A in our work. These values are observed to give

us the best results in terms of the stability of the hydrogen atoms around oxygens. The general

coordinate 5 gives us the location of excess charge in the set of atoms involved in the proton
transfer, and could be used to define a one-dimensional reaction coordinate,

i

P v

in which r? is the position of the initial donor (i.e. the oxygen in bicarbonate in our work), and r4
represents the position of the final acceptor (i.e. the oxygen in hydroxide in our work). {5 is indeed
a fractional reaction coordinate. Umbrella sampling calculations are done for 41 windows equally
spaced from 0 to 1 using the “PLUMED 2.5” add-on package to LAMMPS?8. Spring constants
vary from 7000 to 30000 kcal/(mol.A?). The free energy difference is then obtained via the

weighted histogram analysis method (WHAM)!%,
4.3 Results and discussion:

4.3.1 Reactive simulations of bicarbonate with metal silicate surfaces

To understand carbonation reactions in adsorbed water nanofilms at the molecular level, we should
address how the bicarbonate and carbonic acid interact with the surface. In fact, experiment®3

and simulations!43233

show that bicarbonate and carbonic acid are present on the surface of silica
fume and forsterite nanoparticles and in large water clusters. Here, we perform reactive molecular

dynamics (MD) simulations to study the interaction of carbonic acid and bicarbonate within the

saturated slit pore of C-S-H and hydroxylated {010} forsterite surface. As the analogue of C-S-H,
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we employ a defective Hamid tobermorite (Caz.25[Si1307.5(OH)15].1H20)) {001} at 1.7 Ca/Si

ratio®?. For reactive MD simulation details see the Methods section.

First, we place a bicarbonate ion in the adsorbed water layers on the surface of metal-silicate, fixed
at a distance of about 8 A away from the surface. While fixing the oxygen-hydrogen bond in the
bicarbonate to avoid any reaction, we equilibrate the system for few picoseconds. At this stage, we
observe spontaneous diffusion of surface OH" groups in the adsorbed water layer adjacent to the
surface. Similar proton hopping events are observed through AIMD simulations of water on ZnO
surface??!, scanning tunneling microscopy experiments on FeO??* and Ti0O,?** monolayers, and

single-molecule localization microscopy on defective boron nitride layers®%.

After releasing the constraint on the bond, we observe that bicarbonate dissociates to carbonate
only after tens of picoseconds. The resultant carbonate subsequently adsorbs onto the surface and
combines with a metal cation forming a surface MeCO3 complex, in agreement with the observed
surface complexes by Loring et al.’¢ using in situ FTIR and Miller et al.’* via 'H-'3C cross-

246,247 and

polarized NMR spectroscopy. Such complexes are also found on metal oxides
hydroxylated metal oxide nanoparticle’*® surfaces, showing bicarbonate deprotonates in the

presence of adsorbed water films. We also observe a similar mechanism in the presence of

interfacial carbonic acid in reactive MD simulations.

Upon our visual observation, the hydroxyl in bicarbonate, which is fixed almost at the third water
monolayer, forms a long chain of hydrogen bonds through intermediate water molecules and is
anchored at the other end to a surface hydroxide, see Fig. 4.1. The formation of this structure is

immediately followed by a long-range proton transfer mechanism, pushing the hydroxyl group
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Figure 4.1. The proton transfer reaction path between surfaces and the bicarbonate, followed by the adsorption
of carbonate anion on the surface. (a) Sample snapshots from C-S-H simulations using three-coordinated hydroxide
force field: Initially, bicarbonate (HCO3) is present close to the C-S-H surface. A chain of water molecules is formed
from a hydroxide (acceptor) on the C-S-H surface on one end, to the bicarbonate ion (donor) on the other end. The
second intermediate state (INT2) shows a Zundel-like group (H;03) as a result of proton movement from the C-S-H
surface up to the bicarbonate group. The final proton movement (P) results in the exothermic formation of CO3%.
Finally, the carbonate group was adsorbed to the surface with no energy barrier, where it is coordinated with two
calcium atoms. (b) Sample snapshots from C-S-H simulations using hyper-coordinated hydroxide force field: The
initial state of the reaction shows that an OH" close to the surface is hyper-coordinated with 4 water molecules. The
transition state (TS) depicts the instability of (H;03) in the hypercoordination formulation. The final proton
movement (P) leads to the exothermic formation of CO3%. Snapshots of forsterite carbonation through proton transfer
mechanism using (c) three-coordinated (d) hyper-coordinated hydroxide force fields. Calcium, oxygen, hydrogen,
carbon, and magnesium atoms are shown in cyan, red, white, black, and green, respectively. The atoms shown in
yellow are oxygen atoms involved in proton transfer in that frame.

from the surface to the bicarbonate through structural diffusion®®, and finally transforming the
bicarbonate to a carbonate anion. Structural diffusion, often called “Grotthuss diffusion”, is the

hopping of a proton from a hydronium ion to a neighboring water molecule, or from a water
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molecule to a neighboring hydroxide. It involves breakage and formation of O-H bonds as the
proton migrates between water molecules and it is much faster than vehicular diffusion, in which
the centers of charge and mass move together.??’ It is important to note that the version of
ReaxFF!%! we use in this simulation is shown to give satisfactory energy change for the
deprotonation of carbonic acid to bicarbonate compared to quantum mechanical results when two

water molecules are in the solvation shell.

It is noteworthy that it was long believed that the structural diffusion of a hydroxide is only a
mirror image of the structural diffusion of a hydronium ion in water.?> However, Car-Parrinello

Molecular dynamics (CPMD) simulations®*!:25?

provide a new picture of hydroxide water
coordination, called “hyper-coordination” that enables the hydroxide to accept four hydrogen
bonds, and possibly donate a weak hydrogen bond, in contrast to the traditional view in which it
only accepts three hydrogen bonds. Consistent with core-level spectroscopy experiments, neutron

diffraction and neutron scattering data, this could play a major role for the lower diffusion rate of

hydroxide than that of hydronium in a condensed water phase.?*?

Even with high level functionals such as PBEO, the “three-coordinated” hydroxide is still observed

252

in population analysis.>>~ Furthermore, the structured water nanofilms could change the proton

transfer mechanism and hydroxide solvation structure, as shown through AIMD simulations of

anion-exchange membranes?>?

. These observations motivate us to separately simulate the proton
transfer reaction between the bicarbonate and the surface of C-S-H and forsterite using both “three-

coordinated”?* and “hyper-coordinated”?** ReaxFF water models, as shown in Fig. 4.2. We
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Figure 4.2. Potential-of-Mean-Force (PMF) for the proton transfer reactions. (a) PMF for the reaction of
bicarbonate with the surface of C-S-H using two descriptions of water molecule coordination states. (b) PMF for the
reaction of bicarbonate with the surface of forsterite using two descriptions of water molecule coordination states. (c)
Snapshots from PMF calculations on the surface of C-S-H. (d) Snapshots from PMF calculations on the surface of
forsterite. The surrounding water molecules are not shown for clarity.

confirm that regardless of the employed water model, the hydroxide ion structurally diffuses from

the surface toward the bicarbonate in the interfacial water film.

We calculate the free energy landscape of the long-range proton transfer between C-S-H and
forsterite surfaces and bicarbonate based on the collective variable, £, which locates the position

of the excess charge or (OH")??8

. By way of example, when &5 15 0.0, 0.5, or 1.0, the excess charge’s
center is located at the donor, in the middle, or at the acceptor in proton transfer step, see the
Methods section for more details. We position the bicarbonate at the interface of C-S-H and
forsterite such that only one intermediate water molecule bridges between the bicarbonate and

surface hydroxide. The interface is full of water molecules layered upon the surface as expected

for hydrophilic surfaces. By definition, the collective variable £z includes the location of oxygen
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and hydrogen atoms in the three molecules involved in the proton transfer reaction (the
bicarbonate, the hydroxide and the intermediate water). This ensures that the fluctuation of
hydrogen bonds and the rotation of the intermediate water molecule are taken into account. As
shown in Fig. 4.2.a-b, the free energy barrier for these processes resulted from three-coordinated
ReaxFF water model is 2.0 kcal/mol for C-S-H and 3.2 kcal/mol for forsterite. For hyper-
coordinated water model, free energy barriers of 2.3 kcal/mol and 5.4 kcal/mol were obtained for
C-S-H and forsterite, respectively. Although the general shape of the energy landscapes are
somewhat similar regardless of the forcefield implemented, the barriers derived from hyper-
coordinated water model are higher than those resulted from the three-coordinated water model,
in parts due to the lower diffusion constants of hyper-coordinated OH" in water compared to the

three-coordinated hydroxide®*.

We also find that the long-range proton transfer reaction between the surface and the bicarbonate
1s stepwise, both on C-S-H and forsterite surfaces. As shown in Fig. 4.2.a-b, the initial barrier for
the hydroxide to migrate perpendicularly from the surface to the water layer is in the range of 2-
3.2 kcal/mol. Previous AIMD simulations were able to show the proton transfer either between the
surface oxygen and adsorbed layer or between the hydroxide and water molecules within the
adsorbed layer parallel to the surface of the oxides??!2?2233256_The corresponding energy barriers
were found to be in a wide range of 0.5-8 kcal/mol depending on surface composition and surface

site.

Our observations of structural proton transfer away from surface to the bicarbonate are due to
hydrogen bond network fluctuations formed by bicarbonate within the adsorbed water layer. For
instance, we observe that at the transition state (§; = 0.175), the hydrogen bond distance between
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the oxygen of the surface hydroxide and the adjacent water molecule is squeezed while the OH
bond of the water molecule is elongated, see Fig. 4.2.c-d. The fluctuations in the hydrogen bond
network in the adsorbed water layer have been previously shown through AIMD simulations to
facilitate the proton transfer events on the surface of metal oxides??!>%>, As shown in the same
figures, the & value of 0.25 is reminiscent of the Zundel-like water structure which has the same
level of energy as the structure shown for the initial state £z = 0.025 in case the three-coordinated
water model is used. However, the Zundel-like water structure in the hyper-coordinated water

scheme is energetically less stable than the initial structure at éz = 0.025.

On the C-S-H surface, the hydroxide is smoothly transported to the bicarbonate after the initial
transition at { = 0.175, see Fig. 4.2.c-d. However, for the case of forsterite, there is clearly a
second transition state at around &z = 0.65 due to the relatively more structured layers of water
on forsterite than C-S-H, which in turn can be attributed to the higher residence time of water

around magnesium when compared to calcium.

Following the completion of proton transfer, the produced carbonate combines exothermically
with a metal cation on the surface. Surface metal carbonate complexes on forsterite surfaces are
detected using attenuation total reflection IR spectroscopy®® and 'H-'3C Cross-Polarized NMR
spectroscopy techniques®>. Our simulations show that the surface complex formation is
accompanied by the removal of one water molecule from the first hydration shell of surface metal.
This is barrierless for CaCO3 and has an energy barrier of roughly 5 kcal/mol for MgCO3;. When
compared to the ion pair formation in the solution'®?, this shows that the barriers associated with
surface metal-carbonate complex formation are lower than 9.5 and 2.5 kcal/mol reported

respectively for magnesium and calcium carbonate ion pair formation in aqueous media. The
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difference between the calcium and magnesium carbonate ion pair formation energy barrier is
intimately related to the extended residence time of water molecules coordinated in the first

hydration shell of Mg?* cations.
4.3.2 Dissolution of surface metal ion through a carbonate-promoted mechanism

It is imperative to resolve the energetics of Me?* dissolution as it is generally-perceived to be the
rate-limiting step in metal silicate carbonation reaction.'#’ To this end, we calculate the dissolution
free energy of Me?" via the umbrella sampling technique, see the Methods section for details.
Random surface calcium atoms were selected for dissolution simulations on the C-S-H surface.
We find that the corresponding energy barriers are in the range of 11-20 kcal/mol, Fig. 4.3.a. This
shows that Ca?" ions can readily dissolve from C-S-H in the absence of surface protonation and
carbonate ligands. The observed wide dissolution energy barrier range, in parts, originates from
the heterogeneity of interfacial calcium cations, see Fig. 4.3.b and Fig. 4.3.c. Ab initio MD
simulations reported a similar variability in the placement of calcium atoms at the interface with
water for anorthite (CaAl»Si20s) surfaces.?>” DFT Calculations of Ca-proton exchange on hydrated
wollastonite (CaSiOs) {010} surface show an energy barrier of 11 kcal/mol,>3® which is close to

our lower bound force field calculations.

For the case of forsterite, we consider the under-coordinated magnesium at an obtuse edge, which
is found as a favorable site for dissolution according to X-ray reflectivity experiments.?* It is also
important to consider the water coordination number of Mg?* ion as an additional collective
variable since the water exchange rate is four orders of magnitude slower around solvated Mg?*

ion compared to that of Ca®" ions.?® When the surface Mg?* ion is coordinated with an adsorbed

84



~
()
A
D
(=)

(b)

W
(e}

Top View Side View

N
[}
1

= Wollastonite DFT

201

Free Energy (kcal/mol)
(%)
[w]

10,' _________ i

0 2.5 5 7.5 10 12.5 15
z(A)

Figure 4.3. Potential-of-Mean-Force (PMF) for the dissolution of Me2+ from C-S-H and forsterite surfaces.

(a) Free energy of random Ca?" dissolution from the C-S-H surface, using the umbrella sampling approach. The

black dashed line represents the Ca-exchange energy barrier on the wollastonite surface’ using the DFT method.

The inset demonstrates the variation of calcium atoms on the disordered surface of C-S-H. (b) Top and side view

of C-S-H slab. In the top view, randomly selected calcium atoms for dissolution are shown. The side view

demonstrates a schematics of calcium dissolution from the surface. Calcium atoms on the surface are located are
variably distanced from the surface due to the disordered and heterogeneous structure of C-S-H.

carbonate ion, we protonate two neighboring silicate oxygens that represent detached protons from
precursor interfacial carbonic acid and bicarbonate groups. Although the adsorption site of
carbonate and protons on the surface might not necessarily be the same, chances of finding such

configurations increase significantly in adsorbed water films within geological conditions.

The resulting 2D dissolution PMF for the carbonate-assisted dissolution is presented in Fig. 4.4.a.
The minimum free energy path is calculated using the Nudged Elastic Band (NEB) technique. This
path is shown by black lines connecting two stable states at each end. The initial stable state
represents the reactant state, where two magnesium atoms on the surface are coordinated with a
carbonate, as shown in Fig. 4.4.c. Two water molecules are found in the first shell of the dissolving
magnesium at this state. At the transition state, when the dissolving magnesium is almost 1 A away
from the surface, an additional water molecule enters the first coordination shell as shown in Fig.
4.4. d. At this state, one carbonyl oxygen of the carbonate rotates to detach from the adjacent

surface magnesium atom. Finally, we find the dissolved magnesium in a stable state when it is
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Figure 4.4. Carbonate-assisted dissolution of magnesium from a step site (a) 2D map of Potential of Mean
Force (PMF) resulted from umbrella sampling. The two collective variables namely, distance from the surface (Z)
and water coordination number of magnesium are shown in the x and y axis respectively. (b) Obtuse edge of (010)
surface of forsterite. Carbonate is initially adsrobed on the surface. The arrow shows the direction of the
magnesium dissolution from the surface. (c) Reactant state (R) involving carbonate and two water molecules
coordinated to a magnesium at the step site. Carbonate is bondend to two magnesium atoms in a monondate form.
(d) Transition state (TS) for the dissolution of magnesium. Three water molecules are coordinated to dissolving
magnesium which has a distance of ~ 1A from the surface. The carbonate ion is rotated such that only one
carbonyl oxygen is bondded to the surface. (¢) Product state (P) for the dissolution of magnesium. Magnesium is
~ 3A away from the surface. Five water molecules are coordinated in the first shell. Black dashed lines show the
bond between magnesium and water. Orange dashed lines show the hydrogen bonds. The surface is in contact
with liquid water, however, only neighboring water molecules are shown in the figures for brevity.

almost 3 A away from the surface, while coordinated by 5 water molecules and the carbonate ion
as shown in Fig. 4.4.e. However, we observe that another water molecule is tighly bound in the
second coordination shell due to the hydrogen bonds with with a hydroxyl group and a water
molecule in the first coordination shell of magnesium. This gives rise to the coordination number
of 5.7 at the product state. We note that Mg?* water coordination number in aqueous MgCOj3 ion

pair is shown to be ~5.2 using the same forcefield.'®

To better understand our carbonate-assisted dissolution results, we also consider a carbonate-

unassisted dissolution of Mg?" from the same obtuse edge and the same surface protonation

86



scheme. However, to preserve charge neutrality, two additional hydroxyl groups are placed on the
surface replacing the carbonate ion. The resulted 2D dissolution PMF for this case is shown in Fig.
4.5.a. At the reactant state, the magnesium at the step site is initially coordinated with two water
molecules and one hydroxyl group, as shown in Fig. 4.5.c. The transition state occurs when the
magnesium is almost 1 A away from the surface similar to the carbonate-assisted case. At this
state, another water molecule is found in the second shell of magnesium forming hydrogen bonds
with silicate hydrogen and a water molecule in the first shell. The hydrogen bond between this
water molecule and silicate hydrogen makes the bond between the dissolving magnesium and the

surface silicate weaker. When the magnesium is almost 3 A away from the surface, another stable

~~
o
=

Mg2+ Coordination Number

Figure 4.5. Magnesmm dissolution from a step site of forsterite through the protonation of two silicate
oxygens. (a) 2D map of Potential of Mean Force (PMF) resulted from umbrella sampling. The two collective
variables namely, distance from the surface (Z) and water coordination number of magnesium are shown in the x
and y axis respectively. (b) Obtuse edge of (010) surface of forsterite. The arrow shows the direction of the
magnesium dissolution from the surface. (c) Reactant state (R) involving one hydroxyl group and two water
molecules coordinated to a magnesium at the step site. (d) Transition state (TS) for the dissolution of magnesium.
An additional water molecule enters the coordination shell of magnesium with a distance of 3.8 A. It forms a
hydrogen bond with the silicate hydrogen assisting the dissolution of undercoordinated magnesium which is 1 A
away from the surface. (e) Product state (P) for the dissolution of magnesium. Magnesium is ~ 2.7 A away from
the surface. Four water molecules and three hydroxyl groups are coordinated around dissolved magnesium. Black
dashed lines show the bond between magnesium and water. Orange dashed lines show the hydrogen bonds.
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state is found, see Fig. 4.5.e. At this state, magnesium is coordinated with three hydroxyl groups
and 4 water molecules. Two of the hydroxyl groups are solely bonded to the dissolved magnesium,

while another hydroxyl shares a bond with a surface magnesium at the step site.

The free energy values along the minimum free energy paths derived for carbonate-assisted and
carbonate-unassisted dissolution in Fig. 4.4-5, are plotted in Fig. 4.6.a. The free energy barriers
for the dissolution of carbonate-assisted and carbonate-unassisted Mg?" are respectively 13.2+1.7
and 17.1+2.3 kcal/mol, See Appendix B Note 1 for the mathematical derivation of error estimation
in 2D PMFs. These results are well in the lower range of experimentally measured apparent

261262 I Jine with our results, it

dissolution activation energies in acidic conditions, see Fig. 4.6.a.
1s shown through experiments that the dissolution of phlogopite [KMg> 87S13.07A11.23010(F,OH)2]

is promoted in the presence of organic ligands at the rock-water-scCO; interface, despite an

increase in the pH value.?® In Fig. 4.6.b, the evolution of the water/water+hydroxyl coordination
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Figure 4.6. The Potential-of-Mean-Force (PMF) for the dissolution of Mg2+ from the surface of forsterite
(a) The free energy profile for the dissolution of Mg?" in carbonate -assisted and -unassisted scenarios. The
horizontal axis shows the points on the minimum free energy paths derived from the 2D PMF shown in the previous
figure. The designated experimental range corresponds to the apparent dissolution energy barriers in acidic
conditions, 2 <pH <5 collected by Rimstidt and coworkers.”* (b) The evolution of magnesium-
water/water+hydroxyl groups coordination number as the magnesium moves on the minimum energy paths. The
difference between purple and orange paths show the number of hydroxyl groups coordinated around dissolved
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number is plotted as Mg?* departs the surface. While 5-6 water molecules coordinate with the
dissolved Mg?" in the carbonate-assisted scenario, four water molecules in the first shell and three

hydroxyl groups coordinate around the abstracted Mg?" in the carbonate-unassisted scenario.

Our simulations show that the carbonate-assisted dissolution is slightly favored over carbonate-
unassisted dissolution. However, after a partial detachment of magnesium from the surface, the
adjacent silicate becomes undercoordinated that can attract nearby protons. The protonation of the
undercoordinated silicate decreases the electrostatic attraction between the silicate and the
dissolving magnesium ion. The protonation of the adjacent silicate can therefore decrease the
electrostatic barrier, compared to what we obtained through free energy calculations, for which we
used a non-reactive forcefield. Nonetheless, the aforementioned repulsion between the adsorbed
proton and neutral magnesium-carbonate ion pair is theoretically less strong than the repulsion
between the proton and the doubly charged magnesium cation. Modeling such a complex
dissolution process requires intricate reactive force fields that could take into account the

variability of the magnesium charge as it dissolves from the surface to the solution.
4.4 Implications

Although our calculations show a small difference between carbonated-assisted and -unassisted
dissolution barrier, we believe that the dissolution of metal-carbonate surface complex could
positively affect the rate of nucleation and growth. From statistical mechanics point of view, it is
not only the reaction barrier for the attachment of ions or ion pairs to the carbonate nuclei that
determines the growth rate, but also the configurational entropy that depends on the distance

264

between the nuclei core and ions/ion-pairs.©** When two free ions/molecules exist in a bulk

solution, the number of degenerate microstates is proportional to 4mr2dr, see Fig. 4.7.a.

89



Therefore, the configurational entropy, ASq;, when the ion moves from 7r; to r, changes as
KgT In(r?/r}) = 2KgT In(ry/13), where K is the Boltzmann constant and T is the temperature.
In contrast, the number of degenerate microstate in the thin water film on the silicate mineral is

proportional to 2rrdr and therefore ASq is equal to KT In(ry /1), as shown in Fig. 4.7.b.

When two free ions like a positive metal ion and a negative carbonate exist in the thin water film
and probe the vicinity of a carbonate nucleus, the total number of degenerate microstates is equal
to the number of degenerate microstates for carbonate ion at distance »; from the nuclei (N;) times

the number of degenerate microstates for metal ion at distance 7> (N>), see Fig. 4.7.d. However,
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Figure 4.7. Schematics for the nucleation and growth mechanisms in the bulk aqueous solution versus the
nucleation and growth at the interface. Configurational entropy contribtuion in growth mechanisms with ion
attachment when ions are separated (a) in the bulk aqueous solution and (b) in the adsorbed water nanofilm.
Attachment of (c) an ion-pair, and (d) separate carbonate and metal ions to the metal carbonate nuclei in the
adsornbed water film or on the surface. (e) the classical carbonation mechanism in water-rich fluids and (f) the
interfacial reaction pathway in which a metal silicate rock carbonates in the presence of adsorbed water nanofilms.
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when these two ions are already paired as a result of dissolution from the surface, the number of
microstates for the carbonate nuclei and the ion-pair distanced away from each other is lower than
N1XxNo, see Fig. 4.7.c. Otherwise said, the possibility of ion pair colliding with the carbonate core
is higher than the possibility of separate ions colliding with the carbonate core at the same site.
Thus, a precursor carbonate-assisted dissolution would naturally ensure that the configurational

entropy is minimized in the classical monomer-by-monomer growth mechanism.

However, we recognize that the attachment of an ion pair to a nucleus might be energetically
different at various surface sites, e.g., steps and kinks. Through atomistic simulations, Raiteri et
al.?%* show that the attachment of a calcium carbonate ion pair to an amorphous calcium carbonate
spherical nucleus is almost barrierless, regardless of its size. This is in contrast to the attachment
events to the basal calcite surface that is found to be a limiting step.2** Interestingly, Mergelsberg
et al.3* observe the formation of amorphous magnesium carbonate nano-particles when
carbonating forsterite with wet supercritical CO> fluids. Akin to the calcium carbonate system?®3,
this amorphous phase is a precursor to the formation of thermodynamically stable crystalline
magnesium carbonate phases.?* The observations of amorphous phases suggest that growth in thin
adsorbed water nanofilms might be governed by the aforementioned entropic penalty rather than

free energy barriers associated with attachment events.

The classical understanding of carbonation kinetics in water-rich fluids is established on the

foundation of the dissolution-precipitation pathways.?%

Fig. 4.7.e shows a schematic
demonstration of such a path that encapsulates different elementary reaction steps ranging from
aqueous CO» solvation and speciation to proton-promoted dissolution and ion-pair formation that

leads ultimately to the heterogeneous nucleation and growth processes via the monomer-by-
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monomer addition. There is evidence that these reactions can be spatially limited to the interfacial
water film, which might become supersaturated with respect to a new carbonate mineral
phase.?72%8 When juxtaposed with spectroscopic data®*33-3638 our multi-technique computational
framework highlights the presence of a new dissolution path, Fig. 4.7.f. In this path, the kinetics
of CO» speciation is accelerated on the hydroxylated metal silicate surfaces or perhaps in the
presence of dissolved cations in the adsorbed water nanofilm*>. Our reactive simulations show that
the carbonic acid and bicarbonate in the nanofilm deprotonate on the basic hydroxylated metal
silicate surfaces, Figs. 4.1-2. The resultant carbonate either chemisorbs to form a surface metal-
carbonate complex as observed in high-pressure spectroscopic measurements®>*¢ or actively
participates in metal abstraction from the surface using a ligand-enhanced dissolution mechanism,
Fig. 4.4-6. The dissolved ions and ion pairs are subsequently transported within the nanofilm via
a two-dimensional diffusive process?}! that culminate in a monomer-by-monomer growth of metal
carbonate crystals. Although the interfacial carbonation path can be classified as a dissolution-
precipitation pathway, the silicate surfaces actively engage in the chemical reactions through long-
range proton transport and ligand-enhanced dissolution. This can potentially affect
macroscopically observed interfacial carbonation kinetics when compared to bulk aqueous phase

mediated reactions.
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Chapter 5

Conclusions

In this dissertation, we have used atomistic simulation techniques to investigate the properties of
rock-water-CO» interface to better understand the nano-scale nature of the carbonation process.
We have specifically chosen Calcium-Silicate-Hydrate (C-S-H), the binding phase of concrete,
and forsterite (Mg2S104), the magnesium end-member of the olivine group, as our solid models.
In chapter 2, we have studied the phase behavior of humidified CO»-rich phases with different
thermodynamic conditions in the slit-pore of the aforementioned minerals. We have found that a
nano-meter thick water layer adsorbs on the surface even at under saturated conditions. Also, we
have observed overlapping regions at the interface of water-CO, which could entail higher
carbonic acid formation rate than that in the aqueous phase. Through free energy calculations, we
have found that CO; could be found in a metastable state when adsorbed on the surface of C-S-H.
Our density functional theory calculations show that carbonic acid and bicarbonate could form on
the surface of C-S-H with a lower energy barrier compared to the bulk aqueous phase.

In chapter 3, we have developed a reactive force field to model magnesium-bearing systems at the
solid-liquid interface and in bulk solids, where magnesium interacts with carbon/oxygen/hydrogen
species. Using this force field in chapter 4, we have delved into the interaction of bicarbonate at
the rock-water interface. We have found that, after few picoseconds, bicarbonate deprotonates at
the interface through a long-range migration of the proton to the surface hydroxyl groups. We also

have performed free energy calculation for this deprotonation mechanism, and have found that this
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reaction leads to a more stable state when carbonate is formed. We have also observed that the
energy barrier for this reaction is low enough to spontaneously occur at room temperature. This is
reminiscent of the basic nature of the hydroxylated surface of metal-silicate. Then, the doubly
negative charged carbonate adsorbs on the surface to form a metal-carbonate surface complex.
This reaction is particularly important when the adsorbed water on the surface has a thickness of
about 1 nano-meter, which is small enough for this long-range proton transfer to occur. Therefore,
our study suggests that this type of reaction and the subsequent surface complex formation need
to be considered in rock-water-CO» systems where the surface of the rock is hydroxylated. Finally,
we have calculated the free energy landscape for the dissolution of magnesium-carbonate surface
complex. We have shown that the magnesium-carbonate ion pair is more stable when dissolved in
the adsorbed water film, and the free energy required for this dissolution is somewhat lower than
the case where no carbonate exists. Along with the previous reaction and adsorption paths observed
in this dissertation, this highlights the role of magnesium-carbonate surface complexes in
accelerating the dissolution process. Moreover, we have discussed the aftermath of this scenario
where magnsesium-carbonate ion pair dissolves from the surface into the quasi-2D water film
environment. Based on statistical mechanics point of view, we have discussed that the presence of
ion pairs in the thin water film lowers the penalty regarding configurational entropy for nucleation
and growth. Overall, our findings could partly explain the fast mineralization process when a

humidified CO;-rich phase enters the pore network of divalent metal silicates.
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APPENDIX A

Supplementary Note 1: H,O-CO; mixture adsorption in the macro-pore: Grand Canonical
Monte Carlo (GCMC) simulations were used to determine the thermodynamic properties of the
bulk H>O-CO> mixture. We used the method of Configurational Biased Monte Carlo
(CBMC)*%270 as implemented in Towhee®® to adsorb the mixture into a periodic box with
dimensions (40 A x40 A x 40A) in the grand canonical ensemble (uy,oco,VT). The cell
dimensions are taken large enough to reduce the standard deviation of the solvent concentration as
much as possible. The corresponding biased probabilities are given in the main text. We performed
these GCMC simulations by considering 315 pairs of chemical potentials (iy,0, Uco,) in the
ranges [-49,-42] kJ/mol and [-40, -30] kJ/mol for water and CO> respectively except for the
simulations that were done at 348K with CO»-rich condition where the chemical potential of water
was in the range [-49,-45] kJ/mol. To examine whether phase coexistence exists, we assumed two
different initial mixture compositions relevant to CO-rich and H>O-rich conditions for all pairs of
chemical potentials. Higher initial number of CO2 molecules than water molecules were put on the
lattice points for the CO;-rich cases, and liquid water for the H>O-rich cases were considered. We
used rigid SPC® model and EPM2 model®® for water and CO, respectively. All simulations are
equilibrated for more than 25 million MC steps. The results are shown in Fig. A1 and Fig. A2 for
temperatures of 348K and 300K respectively. The phase of the H;O-CO> mixture is determined

by Up,o Or Uco, or both. At a specific range of chemical potentials, the mixture could be in
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coexisting COz-rich and H>O-rich phases with two degrees of freedom (uy,0, co,) consistent

with the Gibbs phase rule:
F=2+C-P Eq. Al

Where two degrees of freedom (F) is derived for a two-component immiscible mixture (C=2) with

two phases (gas or liquid) (P=2). As expected for immiscible mixtures, CO, was calculated to be
dominant when water is below saturation level (u < 47% at 348K and u < 46% at 300K) as

it could only be found in vapor form in that regime, see Fig. Al.e and Fig. A2.e. The density and
pressure of CO-rich mixtures are merely controlled by the chemical potential of CO», see density
and pressure colormaps in Fig. A1 and Fig. A2 for CO;-rich phases. In the H>O-rich phase, as
water is found in liquid form the density is around 1 g/cm?® while the pressure is mostly controlled
by the chemical potential of water. On the other hand, the molar fractions of components are
sensitive to the chemical potential of both components, like in Fig.A1.b where the lowest CO»
mole fraction is reached at the lowest pco, and highest uy, o, and as we move from top left to
bottom right of the diagram this molar fraction increases. To make the molar fractions clearer, H.O
molar fractions are depicted in Fig. S3 for the regions of chemical potential space where CO; is

dominant.

Supplementary Note 2: H>O-CO; mixture adsorption in the slit nanopore: Upon GCMC
calculations in the slit-pore of the mineral, CO; could only penetrate the slit pore when the
interlayer distance is more than 30 A, as could be seen in Fig. A4.a. At interlayer distances of less
20 A, the density of capillary water is found to be higher than its bulk value (1 g/cm?) consistent

with the simulations on the ultra-confined nature of water in CSH'?1122_ see Fig A4-b.
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Fig. Al. Adsorption of CO2-H20 mixture in the macro-pore at 348K. Colormaps of different
thermodynamic properties are derived based on the independent variables (uy, o, tco,)- (a) density
derived for a box initially at CO»-rich condition. (b) CO2 mole fraction derived for a box initially
at COz-rich condition. (c) Pressure derived for a box initially at CO-rich condition. scCO> points
at 100bar and 200bar were chosen for slit-pore adsorption. (d) Density for a box initially at H>O-
rich condition. (¢) CO> mole fraction derived for a box initially at H>O-rich condition. (f) Pressure

derived for a box initially at H>O-rich condition.
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Fig. A2. Adsorption of CO2-H20 mixture in the macro-pore at 300K. Colormaps of different
thermodynamic properties are derived based on the independent variables (i, 0, co,)- (a) density
derived for a box initially at CO»-rich condition. (b) CO2 mole fraction derived for a box initially
at CO,-rich condition. (c¢) Pressure derived for a box initially at CO»-rich condition. sbCO; at 20bar
and normal condition at 1 bar were chosen for slit-pore adsorption (d) Density for a box initially
at H>O-rich condition. (e) CO2 mole fraction derived for a box initially at H>O-rich condition. (f)

Pressure derived for a box initially at H>O-rich condition.
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348K in a cell initially rich with water. It was converged to the CO»-rich phase for the below
saturation conditions uy,o < 47 kj/mol. (b) Mole fraction of water at 348K in a cell initially rich
with COas. (c) Mole fraction of water at 300K in a cell initially rich with CO. (d) Mole fraction of

water at 300K in a cell initially rich with water. It was converged to the CO»-rich phase for when
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(b) The density of the mixture based on the slit-pore distance at various thermodynamic conditions.
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APPENDIX B

Supplementary Note 1: Error estimation for the free energy path of dissolution: To calculate
the error in the free energy barrier for the dissolution of ions from the surface, we use the
methodology developed in Kastner and Thiel (2006)?’!. Here, we extend that methodology, which

was applicable to one collective variable, for a two-dimensional free energy landscape. The biased

probability distribution function of the 2-dimensional collective variable g in window 1 can be

_
approximated by a gaussian function based on mean values, ¢?, and the covariance matrix C:

_132 _Fb\T--1(2_%b
Pib(g) — (27r)‘1det (C)—1/ze S¢=& Te¢E-&h) Eq. A2

The unbiased mean force for each window is:
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In which wj is the harmonic restraint potential for window 1. The error propagation in the above

equation leads to

var(VAY) = —var (C 1 (5— _{’)> Eq. A4
Writi -1 _ [a b Z Tl; _ E—?l” . . . .
riting C™+ = c d andé — &P = b ) the above equation could be written in its
component:
b1 (-2 1 a(¢-&)+pn-nP)

AM) = a ( i ) - — ( i Eq. A5
var(V ) —var <[c d] n—it 52 var (e-EP)+acr-1") q
Using the equation of var(AB) ~ (AB)? [var(A) + %ﬁm], var (VAiu) can be written as

az(”;_gib) [va;"z(a) ( )]+ b2(n- —57) [Var(b) %]
var(VA;*) = 1/ ) (-2 ) ) Eq. A6
c2(6-0)" [, ar((E )+d2 —b>2[—"““d)+—"“r((’“))

) ¢ _—b)Z

(s-87

The variance of unbiased mean force could be written as the weighted sum of variance of unbiased

mean force at each window:
var(VAY) = Y¥ndows n2par(VAM) Eq. A7
In which, the probability p; (5 ) could be written as

Pi(sg) = Nipib(g)/Zi N; Pib(sg) Eq. A8
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AA = ffb VA% dE = f df+—d ) Eq. A9

The error in AA propagates as follows

d
var(AA) =f f (a; af')df d¢’ +fm’ v(aa":7 2 )dn dn' Eq. A10

The final error in AA at 95% confidence level is:
+1.96,/var(AA) Eq. All

Supplementary Note 2: Potential-of-mean-force (PMF) for the dissolution of magnesium
from the forsterite surface: To sample the full phase space in our free energy calculation for the
dissolution of magnesium from the forsterite surface, we consider the surface Mg water
coordination number in addition to its perpendicular distance from the surface. The coordination
number is defined as below:

ri=do\n
—(—)
CN =) e{oMW Eq. A2

where 7;; is the distance of water molecule i with the surface Mg, ry is set to 1 A, dpis setto 2.2

A, n is equal to 4, and m is equal to 8. The value of dy is taken from the peak distance of the
surface Mg-water pair distribution function.
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