Proton Uptake at the Barite—Aqueous Solution Interface: A
Combined Potentiometric, Electrophoretic Mobility, and Surface
Complexation Modeling Investigation
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ABSTRACT: A well-characterized barite powder was investigated via base titrations as functions of pH (3 to 10), ionic strength 6 (0.03
and 0.30 m NaCl), and temperature (15 to 50 °C) and with and without added Ca®* (0.001 and 0.002 m), along with {-7 potential
measurements (25 °C, pH 2.5 to 11.5 in 0.001 m NaCl). Ba®* concentrations measured in parallel dissolution experiments s and Ca**
concentrations measured at the conclusion of titration runs were utilized to constrain solution conditions. X-ray surface ¢ diffraction and
molecular modeling results for the barite (001) surface from the literature were employed to estimate surface 10 protonation constants
via the MUSIC model. This information was integrated into a surface complexation model (SCM) of the 11 barite—aqueous solution
interface, with one Helmholtz plane utilized to accommodate Ba?*, Ca**, and SO,*~ adsorption. Proton 12 uptake/release between pH 3
and 11 was < 0.7 gmols/m?, which is approximately 10 times less than for typical metal oxides over the 13 same pH range, while ¢-
potentials were similar to metal oxide values. Although H" uptake/release exhibited slight differences with 14 respect to ionic strength,
temperature, and added Ca**, these differences could not be confidently differentiated from various sources 15 of experimental error and
model uncertainties including pretreatment procedures, blank titrations, or MUSIC model assumptions. 16 Therefore, along with binding
constants and a Stern layer capacitance value, the SCM included a “6” parameter, which allowed for 17 slight vertical adjustments of the
individual base titration curves during fitting. As a result, the final model parameters for all titration 18 conditions were very similar.
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1. INTRODUCTION ments of lattice Ba>* and SO,>” were quantified, as were the

The barite—water interface has been subject to considerable configurations of adsorbed water molecules which occupy 4

e ces . . 2. 2— .
scrutiny with a practical motivation being to understand and control ~ distinct positions consistent with Ba™* and SO,™ in the bulk
scale formation of this relatively low solubility mineral during oil ~ crystal lattice. Synchrotron X-ray surface diffraction and 3
and gas production.' Dissolution/precipitation kinetics have been types of molecular modeling methods were used to character-

characterized via both macroscopic” and  microscopic”"  jze g sorption at the hydrated barite (001) surface.''
approaches, with particular focus on the (001) and (210) surfaces
which dominate the habit of natural barite crystals.” Of greater
relevance to the barite—aqueous solution interface are studies which
have probed the molecular-level properties of the barite—water
interface including interfacial water, surface relaxation, and adsorbed
ion structure. Bracco et al.'’ characterized the hydration structure of
the barite (001) surface with specular and nonspecular X-ray surface
diffraction and molecular dynamics (MD) simulations. Surface
displace-

Strontium adsorbed in both inner-sphere (IS) and outer-
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sphere (OS) fashion and also exchanged for surface Ba**.
Metadynamics simulations also revealed that IS Ba’*
adsorption was more exothermic than Sr** adsorption. Bracco
et al.'"” investigated Pb** sorption at the barite (001) surface
with specular resonant anomalous X-ray reflectivity (RAXR).
As for Sr**, both IS and OS adsorption as well as exchange for
surface Ba** occurred, but adsorbed amounts and adsorption
isotherm shapes differed, with evidence of surface precipitation
at Pb*" concentrations above about 350 uM. As noted by
Weber et al,'® a robust surface complexation model (SCM)
for the barite surface would allow these observations to be
incorporated into a predictive framework for ion adsorption by
the barite surface.

SCMs were first developed 50 years ago to help rationalize
the pH-dependent ion adsorption behavior of hydrous metal
oxides.'”" Initially, SCMs were generic in nature and based
entirely on macroscopic observables such as pH charge
titrations, adsorption pH edge experiments, and the like, ®
which resulted in a wide variety of SCM parameters that fit
such data equally well.'” This model ambiguity has been
reduced over the last 30 years by the increasing availability of
molecular-level information from spectroscopic and atomistic
simulation results which have clarified interfacial structures and
processes and thereby provided microscopic constraints to
model parameters such as adsorption constants.'® Conse-
quently, SCMs have evolved into a convenient integrative tool
with which to interpret ion adsorption at mineral—water
interfaces.

Currently, the best examples of the integrative power of
SCMs involve prototypical metal oxides such as Fe oxides, * ™'
and Ti oxides,** for which a wide variety of macroscopic and
molecular-level results exist. This is not typically the case for
other common mineral—water interfaces including ionic solids
such as carbonates and sulfates. The generally higher reactivity
(e.g., solubility, dissolution kinetics) of these minerals means
conventional acid—base pH titration and ion adsorption data
are difficult to correctly collect and interpret.”*~>> As a result,
most such studies have relied exclusively on electrokinetic
measurements to characterize the pH-dependent behavior of
ionic solids such as calcite and to develop SCMs.*® However,
Eriksson et al.”’ performed potentiometric and {-potential
titrations on calcite suspensions, with NaCl as the background
electrolyte. Net proton charge densities increased from about
—0.05 to 0 C/m?* between pH 11 and 8-9, and thereafter
increased much more rapidly to about 0.20—0.25 C/m”* at pH
7.5—7. {-Potentials remained positive over the same pH
interval, increasing from roughly 10 mV at pH 11 to > 24 mV
near pH 9. In a follow-up investigation, Eriksson et al.*®
probed the effect of excess lattice ions (Ca**, CO;>") on
proton charge and {-potentials. Increasing concentrations of
Ca® (as CaCl,) shifted net proton charge curves in the
negative direction between pH 11 and 8, while the opposite
was true for excessively added CO;*~ (as Na,CO;).
Conversely, {-potentials became more negative with increasing
CO;>" concentrations. Neither of these studies utilized an
SCM to help interpret the results. Villegas-Jiménez et al.”’
performed potentiometric acid—base titrations on gaspeite
(NiCO;), a low solubility carbonate mineral which they
proposed is a suitable surrogate for more common carbonate
minerals such as calcite. Proton uptake between pH 10 and 5
was 4—6 umol/m?, and zero net proton charge pH values
decreased from 8.7 to 6.3 with increasing background
electrolyte concentration (0.001 to 0.1 M NaCl). A one-site

3-pK constant capacitance SCM adequately reproduced the
acid—base titration data, although it was acknowledged that
some of the fit model parameters such as capacitances were
higher (10—15 F/m?) than physically plausible. Such high
capacitance values have been a relatively common feature of
carbonate SCMs,”***! with several more recent excep-
tions.*>*?

Available macroscopic studies of barite are limited to (-
potential measurements in various electrolyte solutions.** >’
In low ionic strength monovalent electrolyte media (which
includes Ba®* and SO,>~ from barite dissolution), these studies
reported slightly positive and relatively constant (0 to 25 mV)
{-potentials below pH 7, which then decreased rapidly to
negative values (—25 to —35 mV) at high pH (~9 to 13).
Higher ionic strengths (>107 M), particularly with divalent
ions markedly affected {-potentials with respect to pH;
carbonate and sulfate solutions resulted in more negative (-
potentials and calcium and barium solutions yielding more
positive {-potentials. The role of Ba** and SO, as potential
determining ions for barite was investigated by Bokern et al.*®
via AFM and {-potential measurements. Over a narrow range
of added Ba®>* and SO,>” concentrations (<10™* M), ¢-
potentials varied linearly with log added concentration,
corroborating their potential determining role. As far as we
are aware, there are no SCMs dealing with barite.

Here, we present base titrations of a well-characterized barite
powder as functions of pH (3 to 10), ionic strength (0.03 and
0.30 m NaCl), and temperature (15 to 50 °C) and with and
without added Ca* (0.001 and 0.002 m), along with a set of {-
potential data (25 °C, pH 2.5 to 11.5 in 0.001 m NaCl). These
data along with X-ray surface diffraction and atomistic
simulation results for the barite (001) surface from the
literature, as well as Ba®* concentrations measured in parallel
dissolution experiments and Ca®" concentrations measured at
the conclusion of titration runs are then utilized to develop a
SCM of the barite—aqueous solution interface.

2. MATERIALS AND METHODS

2.1. Barite Powder. The synthetic barite powder used in
this study was obtained from Sachtleben Minerals GmbH,
Germany (HU-N Lot 300244374). Prior to use, the barite was
washed; washing comprised at least 10 rinsing (distilled—
deionized water), heating (50 °C), and decantation cycles. A
few titrations on unwashed samples were also performed for
comparative purposes. The washing procedure helped ensure
that the particle surfaces were free of residue from the
synthesis process and likely minimized ultrafine particles and
highly reactive defect sites. Regardless, titrations were more
reproducible after the cleaning procedure. The barite powders
were characterized using X-ray diffraction (XRD), Brunauer—
Emmett—Teller (BET) N,-adsorption surface area measure-
ments, and high-resolution electron microscopy. XRD
characterization confirmed that the samples were pure
crystalline barite. Imaging results show monodisperse, euhedral
grains with visible facets including (001) faces, and an average
diameter of about 40 nm (Figure 1). The N,-BET surface areas
of the unwashed and washed powders were 23.1 and 22.1 m*/
g, respectively.

2.2. Experimental Procedures. The potentiometric
titration procedure used in this study has been described in
detail previously.”*’ For clarity, an overview of key aspects of
the titration procedures are repeated here and additional
details are provided as the Supporting Information. All
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Figure 1. Representative scanning electron micrograph (SEM) of the
barite powder used for the proton and (-potential titration
experiments.

experimental solutions were prepared from reagent-grade
chemicals and deionized water. Solutions were prepared in
NaCl media, with sufficient electrolyte to produce overall ionic
strengths of 0.03 and 0.3 m. The effect of Ca** on proton
uptake was determined with test solutions comprising 0.001 m
Ca’" and sufficient NaCl to produce ionic strengths of 0.03 and
0.3 m. Additional experiments were conducted at 0.3 m ionic
strength with a test solution containing 0.002 m Ca**. Ca** was
chosen for study because it is typically the most common
divalent cation in natural waters and is expected to interact
with the barite surface in some manner."’ The Ca*
concentrations were purposefully selected to ensure under-
saturation with respect to both gypsum and anhydrite
throughout the titration procedure. PHREEQC 3** simula-
tions revealed that saturation indexes for both gypsum and
anhydrite were always <—3.

For all titrations, a Mettler autotitrator and Ross semimicro
combination glass electrode were used. The electrode was
calibrated using an initial base solution, to which an acid was
added giving a second calibration point. The barite titrations
were performed by suspending ~0.65 g of barite in ~40 g of
test solution. The titration cell was immersed in a water bath at
the desired temperature (15, 25, 35, or 50 °C), the headspace
was purged with purified argon to prevent CO, contamination,
and the solution was stirred mechanically throughout the
experiment. During each experiment, 15—25 aliquots of base
titrant were added over a pH,, range of approximately 7 units
(where pH,, is moles H* per kg solution). Similarly, to ensure
CO, free solutions, all base titrants were purged with purified
argon and stored under a positive-pressure argon atmosphere.
All titrations were completed in under 4 h. At the termination
of titrations with Ca®, a sample was withdrawn, filtered
through 0.2 pm PVDF membrane filters into preweighed
polypropylene syringes containing a known amount of high-
purity 1 m HNO;. The samples were later analyzed for total
dissolved Ba** and Ca*" concentrations by inductively coupled
plasma atomic emission spectroscopy (ICP-AES).

From the titrations, net proton adsorption (desorption),
expressed as an excess or deficit of micromole H" per square
meter of surface area, was obtained for each titration point.
Consequently, a single set of acid-to-base titration data was
obtained from each potentiometric titration. Duplicate
titrations were conducted at 25 °C to help assess data
uncertainty. Data reduction of the titration results followed
standard procedures detailed in Ridley et al.*’

Proton adsorption by barite was small, making the titration
measurements quite sensitive to small errors from minor
protolytic impurities. Therefore, we conducted background
titrations at each temperature and ionic strength. Background
titrations were performed following the same procedure and
using the same test and titrant solutions but with no barite in
the titration cell. The values of excess or deficit H" in these
background titrations were used to correct the concentration
of calculated H" in the barite experiments. This correction is
also referred to as a “solution blank” correction.

Although the solubility of barite is relatively low (Kgp =
10777 at 25 °C),* there was dissolution of the barite over the
course of the titrations. Consequently, we measured the
dissolution of barite over several hours, equivalent to the
duration of the titrations. The solubility experiments were
conducted with identical solid-to-solution ratios as used for the
titrations, and followed the same protocol. Solutions were
prepared at three pH values (3, 4.5, and 5.5) and with
sufficient NaCl to give 0.3 m ionic strength. The acidic pH and
high ionic strength conditions were selected so as to maximize
possible barite dissolution. Experiments were performed at 15,
25, and 50 °C, and samples were withdrawn from the test
solutions after 1, 3, and S h. Filtering, acidification, and later
analysis of the samples followed the approach described for the
Ca’" titrations.

{-Potentials were measured on 200 mg/L barite suspensions
with a Brookhaven NanoBrook 90plus PALS instrument.
Separate suspensions at various pH values were equilibrated
under an argon atmosphere in 1 mM NaCl solution for at least
2 weeks prior to {-potential measurements. Error was assessed
from 5—10 measurements on separate aliquots at each pH
value. Shorter equilibration times, including experiments with
the addition of Ba®* and SO,*” to help attain solubility
equilibrium, resulted in significant pH drift, particularly
between pH 4 and 9, and irreproducible {-potential measure-
ments. Measurement attempts at temperatures other than 25
°C also resulted in erratic {-potential results. Ultimately, only
25 °C results on suspensions equilibrated for at least 2 weeks
were used for SCM calibration.

2.3. Modeling. Model fits were determined with the aid of
the custom graphical user interface P°R,”> a Python based
optimization software employing PhreeqC 3** via Phreeqpy
(https://phreeqpy.com/). The optimization routine minimizes
a normalized y* function

2
2 1 “ yi,exp - );,model
= n—>b Z
i=1 x,err (1)

where 7 is the number of data points, b the number of adjusted
parameters, and Yo Yern and Yinoqe are experimental values,
their uncertainty, and the corresponding calculated value,
respectively. The optimization was performed via a Nelder—
Mead simplex algorithm. A Levenberg—Marquardt algorithm
can be applied as well. Parameter uncertainties are estimated
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Figure 2. Net proton adsorption data at 15 and 25 °C (left) and 35 and 50 °C (right) in 0.03 m (circles) and 0.30 m NaCl (squares). Experimental
conditions are given in the figure legends. Error bars signify titration cure reproducibility (+0.02 gmol H*/m?).
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Figure 3. Net proton adsorption data in the presence of Ca** at 15 and 25 °C (left) and 35 and S0 °C (right). Experimental conditions are given in

the figure legends. Error bars are + 0.02 ymol H*/ m?.

on the basis of “scaled sensitivities” of each adjustable
parameter (with value p) on each datapoint. In short, scaled
sensitivities are written to the (b X n) matrix X, with indices i =
l-nandj=1-b

9, model
_ %

yi,err (2)

A centered differencing scheme is used to calculate the
partial derivatives (unless the parameter value is at its specified
limit). Data weights are written to an (n X n) matrix W, where
w;; = (1/9;e)” and all other entries are zero. The two matrices
X and W allow for a straightforward calculation of a covariance
matrix, V

V= 2xwx)! (3)

The procedure is adopted from the USGS inverse modeling
software UCODE.** V is then further used to calculate
parameter standard deviations and correlation coeflicients. A
nice feature of P°R is that scaled sensitivities may easily be
visualized together with data and fits and provide valuable
information on parameters particularly sensitive to fitting
certain parts of the data. All titrations at each temperature
(including {-potentials at 25 °C) were fit together using the
minteqv4.dat thermodynamic database.

3. RESULTS

3.1. Proton Adsorption and ¢-Potential Titrations. Net
proton adsorption curves (expressed as excess/deficit umol
H*/m?) of barite from 15 to 50 °C in NaCl media are shown
in Figure 2, with the results at 25 and 50 °C including data
from experiments with both washed and unwashed barite.
Titration curve reproducibility (1 SD) is estimated to be 0.02
umol H*/m? from duplicate titrations. Notably, proton release
between pH 3 and 10 is minimal (<0.35 gmol H*/m?), and
duplicate titrations (at 25 °C) show relatively small differences
(<0.04 pmol H*/m?), especially at the low pH start of the
titrations. Unwashed sample curves are similar in shape to
those of the washed samples but are displaced to higher ymol
H*/m? values. The curves are relatively flat between pH 3 and
8 (except for the curve at S0 °C in 0.03 m NaCl) and then
decrease more rapidly. Net proton adsorption is always
positive at 35 and 50 °C but decreases to small negative
values above pH 9.5 at 15 and 25 °C for the washed samples.
The 15 and 25 °C curves are very similar in magnitude, as are
the 35 and 50 °C curves in 0.03 m NaCl except below pH 4.

Figure 3 shows the net proton adsorption on barite samples
in the presence of 0.001 m Ca** in 0.03 and 0.3 m NaCl and
0.002 m Ca** in 0.3 m NaCl. Starting gmol H'/m? values near
pH 3 are similar to those for washed samples in Figure 2 (0.2—
0.5 umol H*/m?), but the slopes of the curves above pH § are
noticeably steeper and most curves attain negative ymol H'/
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m?* values. The 15 and 35 °C curves are generally lower in
magnitude than those at 25 and 50 °C, respectively.

Figure 4 shows proton adsorption isotherms with and
without Ca®* present at 25 °C and also {-potential data
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Figure 4. Net proton adsorption (left axis) and {-potential (right axis)
data at 25 °C. Experimental conditions are given in the figure legends.
Error bars signify + 1 SD titration data reproducibility.

obtained in 0.001 m NaCl. The shape of the {-potential curve
is similar to that of the proton titration curves in the absence of
added Ca*, that is, {-potential values are relatively constant at
0.03 to 0.04 V below pH 9 and then decrease rapidly to an
apparent pH;,, (isoelectric or zero {-potential value) of 11.5.

3.2. Barite Solubility. The solubility experiments were not
designed to evaluate the equilibrium solubility of barite, as
there are well accepted studies and values. Rather, the intent
was to measure the degree of barite dissolution that would
occur over the course of the titrations. The dissolution of
barite after 3 h in 0.30 m NaCl at 25 and 50 °C, depicted as
solution Ba?* concentrations, is shown in Figure S, which also
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Figure S. Solution Ba?* concentration vs pH after 3 h in 0.30 m NaCl
at 25 °C (squares) and 50 ° C (circles).

includes the concentration of dissolved Ba®>* measured after
completing the acid-to-base titrations (pH > 8.5 values). The
results reflect decreasing dissolution kinetics with pH and
increasing dissolution (solubility and kinetics) with temper-
ature.

3.3. Barite (001) Surface MUSIC Model. The (001)
plane is the predominant cleavage surface of barite and is also

exposed on the barite powder used in this study (Figure 1).
Consequently, the initial step in our modeling efforts was to
characterize the possible H' adsorption sites of the (001)
surface and in particular estimate the protonation constants of
those sites utilizing the MUSIC Model.*®

In bulk barite, barium is 12-fold coordinated by oxygen,
sulfur is 4-fold coordinated by oxygen, and each oxygen is
coordinated to 3 barium and 1 sulfur. With Ba—O and S—-O
bond length data from Jacobsen et al,*® bond valence (BV)
values for Ba—O and S—O bonds were calculated via*’

BV = e(RO—R)/O.37 (4)

where R, values for Ba and S are reference Ba—O and S—O
bond lengths, R for Ba and S are actual Ba—O and S—O bond
lengths, and 0.37 is an empirical constant. The R, bond lengths
were adjusted (to 2.247 and 1.626 A for Ba—O and S—O,
respectively) so that BV values for oxygen bonds to Ba and S
totaled to 2.0 and 6.0, respectively, as expected for bulk barite.

Forming the (001) surface results in Ba, O, and S atoms
existing in nonequivalent high and low positions, with Ba and
O being under-coordinated with respect to the bulk. Ba high
and Ba low sites are coordinated by 9 and 11 O atoms,
respectively, and 3 types of O atoms are 3-fold coordinated to
2 Baand 1 S atom. O(1) atoms are coordinated to 2 Ba low
and 1 S high atom, O(2) atoms are coordinated to 2 Ba high
and 1 S high atom, and O(3) atoms are coordinated to 1 Ba
high, 1 Ba low, and 1 S low atom. Consequently, there are S
possible proton reactive sites on the (001) surface, 2 Ba sites
which can coordinate water molecules and 3 O atoms which
can potentially coordinate protons. These surface groups are
illustrated in Figure 6. The densities of these sites are 2.06/nm”
for Ba high, Ba low, O(1), and O(2) atoms and 4.12/nm” for
the O(3) atom on the (001) surface.

Figure 6. Barite (001) surface groups. Only the top monolayer is
shown. Gray shaded atoms are outside the unit cell and shown only to
highlight the bonding environment.

Protonation constants at 25 °C were estimated following the
MUSIC model,** as modified by Machesky et al.***’

log Kyyr = —AT(V + Z Sat—0 T Z msp + Z nsA)
(8)
where A = temperature-dependent regression constant (21.7
at 25 °C), V = oxygen valence (—2), Zs..o = BV sum of
cation—oxygen bonds (Ba—O and S—O here), Zms, = BV
sum of donating H-bonds to adsorbed H,O (sp = 0.8), and
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¥ns, = BV sum of accepting H-bonds from adsorbed H,O (s,
=02)

Ba—O and S—O bond lengths were taken from Crystal-
Maker files (kindly provided by J.N. Bracco, Queens College,
City Univ. of NY) prepared from the X-ray reflectivity
measurements of the hydrated barite (001) surface in Bracco
et al.'® The bonding configuration of adsorbed water
molecules (numbers and lengths of donating and accepting
H-bonds) were assumed to equal the default values provided in
Hiemstra et al.*”® since the Bracco et al.'” X-ray reflectivity data
do not include information about actual H-bond configu-
rations.

The estimated relevant protonation reactions and constants
are given in Table 1.

Table 1. Barite (001) Surface Protonation Reactions and
MUSIC Model Estimated Constants

protonation reaction log K
“Ba—OH *** + H* = Ba—OH,"*'* (Balow) 18.40
Ba—OH, """ + H* = Ba—OH,™"* (Balow) 5.38
Ba—OH **** + H* = Ba—OH, **** (Ba high) 11.58
Ba—OH,"*® + H* = Ba—OH,"** (Ba high) —1.44
170(1)—0.390 +HY = O(I)H+0.610 —022
1;0(2)—0.193 +H = 0(2)H+0.807 —4.50
1:0(3)+0.013 +HY = O(3)H+1’013 —8.96

“The group charge is given by V + Xs_, o + 1 for each H atom in the
group. “The number H-bonds accepted by these groups is assumed to
be 2.

Note that the Ba high and Ba low groups are positively
charged over the accessible pH range, while the O(1) and
O(2) groups are unprotonated and negatively charged, and the
dominant O(3) group is nearly uncharged. Over our
experimental pH range (~3 to 11), only the Ba—OH,"*'*?
and Ba—OH *** groups would be expected to exhibit
significant pH-dependent charging behavior.

3.4. Surface Complexation Model. SCM development
was guided by available synchrotron X-ray surface diffraction
results and molecular simulations focused on Sr** adsorption
and incorporation at the aqueous barite (001) surface."'
Strontium was found to be adsorbed as mono- and bidentate
IS, as well as OS species, and also incorporated in the barite
surface via exchange with Ba®*. Although our charge titrations
did not include Sr**, we assumed that both Ba** and Ca*
would partition similarly at the interface. The electrical double
layer was modeled via the basic Stern formalism with the
surface plane reserved for H* adsorption (Table 1) and the
Helmholtz plane accommodating interfacial Ba**, Ca*', and
SO,>". Additionally, within the diffuse layer which begins at
the Helmholtz plane, a “slipping plane” is situated whose
distance from the Helmholtz plane was a parameter used to fit
the {-potential data.”"*'

Background electrolyte ion adsorption on the barite surface
was considered, but preliminary modeling efforts found that
inclusion of binding constant parameters for Na* and Cl~ did
not significantly improve fits. Hence, they were not included in
our final fits to reduce model ambiguity. Moreover, various
combinations of mono- and bidentate adsorbed configurations
to O(1), O(2), and O(3) surface groups for Ba>* and Ca**
resulted in virtually identical fits to our proton adsorption

titrations. Consequently, a bidentate IS adsorption complex
characterized by Bracco et al.'' was chosen to exclusively
represent Ba>* and Ca®* adsorption to reduce model ambiguity

O(l)—0.390 + 0(3)+0.013 + Ba2+(Ca2+)
= 0(1)0(3)—Ba™(Ca™)"™ Kypy(cy) (6)

Spectroscopic or molecular simulation constraints on the
nature of SO,*” binding at the barite surface are lacking.
Therefore, we assumed that SO,*” adsorption occurred on
protonated forms of the Ba high and low groups, each with the
same binding constant

Ba—OH,**'** 4+ 80,’” = Ba—OH, -~ SO, "** Ko, ()

Ba—OH,*"'** + SO,°” = Ba—OH, - SO, """ Ky,
(8)
Ba—OH, " + 50,”” = Ba—OH, -~ SO, """ Ky, (9)

The solution Ba®* concentrations vs pH results for 0.3 m
NaCl presented in Figure 5 were used to help constrain the
dissolved Ba®* and SO,>” concentrations available for
adsorption. As an approximation, a barite saturation index of
—0.5 was used to set initial dissolved Ba®** and SO,*~
concentrations for all titration conditions. Note that these
concentrations are temperature- and ionic strength-dependent.
Ideally, dissolved Ba®>* and SO,> concentrations should both
be monitored during future titrations to obtain better
constrained solution conditions for model adjustment.

Fitting was accomplished by minimizing the normalized y*
function (eq 1) between the experimental and modeled H*
charge/m?” and experimental and modeled {-potentials. Proton
charge (C/m?) is obtained from umol HY/m?® via multi-
plication by the Faraday constant.

Fitting parameters included the Helmholtz layer capacitance
value, binding constants for Ba®*, Ca**, and SO,*”, and a “§”
value, which allowed for slight vertical adjustments of the
individual titration curves. We also allowed the protonation
constants for Ba (high)—OH™**** and Ba (low)—OH,"*"** to
vary from their MUSIC model estimated values in Table 1
above to improve fits.

Fitting the {-potential data also required an additional fitting
parameter, the slip plane distance (D,),

¢ = (4RT/F)arc tanh[tanh[(Fy;) /4RT]exp(—xD,)]  (10)

where { = zeta potential (V), R, T, and F are the gas constant,
temperature (K), and Faraday constant, respectively, y; is the
potential at the head end of the diffuse layer, and « is the
inverse Debye length.

This approach to fitting {-potential data has been utilized in
several previous publications,”’ ™ although the physical
meaning of the slip plane itself is uncertain.”* Fit parameter
values and their standard deviations are summarized in Table
2.

Titrations at each temperature and with and without added
Ca’ were fit together in iterative fashion with the aim of
maximizing consistency among fitted parameters. Since more
titration data were available at 25 °C than at the other
temperatures, those results were fit first with all parameters
listed in Table 2 allowed to freely vary. Thereafter, except for
the 6 values, it was determined that parameters at the other
temperatures could be constrained near those at 25 °C with
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minimal change in goodness of fit as determined by y* values.
Consequently, this fitting strategy was followed at all other
temperatures to reduce model ambiguity.

Most & values are positive (except and 15 °C) and are
generally greater at 35 and 50 °C than at lower temperatures.
Stern layer capacitance values are slightly variable around 0.25
F/m’. Fit protonation constants for BaAOH low and Ba—OH,
high exhibit (+/—) 0.5 log unit variability and are uniformly
lower by up to 1.5 log units than their MUSIC model estimates
given in Table 1. The Ca** binding constant was fixed at 3.1
for the final SCM fits in order to ensure that the modeled
adsorbed Ca®' concentrations were in reasonable agreement
with those measured at the end of the titrations. Protonation
constants for BaOH low, Ba—OH, high, O(1), O(2), and
O(3) groups were fixed at their MUSIC-estimated values given
in Table 1.

Model fits for the 25 and 50 °C data are presented in Figures
7—10. The complete set of experimental data and model fits
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Figure 7. 25 °C without added Ca®" net proton adsorption (left axis)
data (0.03 m NaCl closed circles; 0.30 m NaCl closed squares), ¢-
potential (right axis) data in 0.001 M NaCl (closed triangles), and
corresponding SCM fits (lines and open symbols).

are provided as research data. Model fits for the 25 °C data
without added Ca' are presented in Figure 7. Fits to the H*
charge data are best between pH 4 and 8, while the {-potential
data are best fit near pH 4 and again near pH 11, although
above pH 9, the slope of the modeled curve is much shallower
than for the experimental data. The fit slip plane distance of 6
nm is near that predicted (~7.5 nm) at 1 mM ionic strength
from the empirical relationship between ionic strength and slip
plane distance established by Hiemstra et al.>’ Fits to the 25
°C data with added Ca®" (Figure 8) are best for the 0.001 m
added Ca** in 0.3 m NaCl data. Conversely, modeled and
measured end of titration Ca** concentrations are most
disparate for that data set.

Fits to the S0 °C data without added Ca®* (Figure 9) are
best above pH S for the 0.30 m NaCl data and below pH 7 for
the 0.03 m NaCl data. Fits with the § values subtracted are
nearly identical. Fits to the S0 °C data with added Ca** (Figure
10) are best for the 0.002 m added Ca*" in 0.30 m NaCl data.
PhreeqC 3 input scripts to generate fits to the 25 °C H* charge
and {-potential data with and without added Ca** are provided
as the Supporting Information.
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Figure 8. 25 °C with added Ca®* net proton adsorption data (closed
symbols) and SCM fits (lines and open symbols). 0.03 m NaCl and
0.001 m Ca?* (circles), 0.30 m NaCl and 0.001 m Ca** (squares), and
0.30 m NaCl and 0.002 m Ca** (triangles).
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Figure 9. 50 °C without added Ca®* data (closed symbols) and SCM
fit (lines and open symbols). 0.03 m NaCl (red, circles) and 0.30 m
NaCl (black, squares). The blue curves represent the fits with the §
values subtracted.

4. DISCUSSION

Proton uptake by barite is approximately 10-fold less than on
representative metal oxides over the pH range 3—10.5 as
depicted in Figure 11. In fact, barite proton uptake is similar to
that observed for inert surfaces such as Teflon.> Moreover,
there are very few proton uptake data sets available for ionic
solids to compare with and none for barite. The calcite proton
charge curves of Eriksson et al.”” increase from about —0.025
C/m? at pH 10 to 0 C/m? at pH 8.5, which is similar to the
0.02 C/m? increase for our curves over the same pH interval
(Figure 7). At lower pH, however, their calcite proton charge
curves increase rapidly to about 0.2 C/m?* at pH 7.5 (near the
endpoint of their titrations), while our curves plateau at 0.02—
0.03 C/m” near pH 4. It is conceivable that calcite dissolution
and the formation of HCO;™ after the release of lattice CO;*~
is responsible for some of the increase in H' charge they
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Figure 10. 50 °C with added Ca®* net proton adsorption data (closed
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0.10

0.05

Barite
0.00 - - - —-

-0.05 4

-0.10 Quartz

-0.15

H* charge (C/m?)

-0.20 4
-0.25
-0.30 4

3 4 5 6 7 8 9 10
pH

Figure 11. Barite (black), quartz (red), and rutile (green) proton
charge data in 0.03 m (circles) and 0.30 m NaCl (squares).

observed below pH 8.5. The proton charge curves of gaspeite
(NiCO;) determined by Villegas-Jiménez et al.”’ have shapes
analogous to our own, that is, relatively pH-independent below
about pH 8 and then much steeper at higher pH values.
However, there are two major differences between our data
and theirs. First, their proton adsorption densities are roughly
10 times higher than those observed in this study and hence on
par with metal oxide values. Second, their data were greatly
affected by ionic strength with apparent pH,,,. values
decreasing from about 8.8 to 7.8 and 6.2 in 0.001, 0.01, and
0.1 M NaCl, respectively. In contrast, our data are less affected
by ionic strength, with the largest differences exhibited by the
NaCl only data, especially at higher temperatures and for the
unwashed samples (Figure 2).

In contrast, our {-potential curve is similar in magnitude to
those of both metal oxides,*”° carbonates,*”>**® and previous
barite studies.”* This similarity has its origins in the strongly
ordered fluid structure (water + ions) which exists within 15—
20 A of most mineral surfaces.”’ On inert surfaces
(encompassing PTFE, diamond, ice, oil) in the presence of
aqueous electrolyte solutions, it has also been observed that

the interface takes up proton related charge of about one-tenth
of typical oxide values, while {-potentials are similar.>**® SCMs
are able to handle all of these cases with consistent sets of
parameters. Systems with low “fundamental” charge due to
interactions with protons/hydroxide ions invariably exhibit
appreciable electrokinetic potentials, which are in the present
case within the model simulations.

The low extent of proton uptake by barite means that best
practice experimental protocols advocated for metal oxide
potentiometric titrations such as pretreatment procedures and
blank corrections take on added significance.”® Titration curves
for the unwashed samples are displaced to higher gmol H*/m*
values relative to the washed samples (Figure 2). The BET
surface area of the unwashed sample is about 5% greater than
that of the washed sample suggesting some removal of fines or
annealing occurred during the washing procedure. However,
that difference is too small to account for the degree of
displacement. Notably, the unwashed and washed sample
titration curves generally have the same shape and proton
uptake over a comparable pH range. This suggests that an
acidic impurity was released when the unwashed sample was
added to solution, which is responsible for the positive
displacement observed. Therefore, adjusting the unwashed
curves vertically downward (ie., along the pmol/m® axis)
brings them into closer agreement with the washed samples.
Although our pretreatment washing procedure was extensive
(at least 10 washing—decantation cycles at SO °C), it is
conceivable that it was incomplete, and consequently the small
differences observed between individual titration curves with
respect to ionic strength and temperature are due more to
differences in acidic impurity levels than inherent ionic
strength and temperature effects. That the ionic strength
differences were larger at 35 and SO °C than at lower
temperatures supports this possibility. Additionally, solution
blank corrections are 20—30% of the measurements themselves
at the low pH start of the titrations, which contributes to the
uncertainty in precisely locating the initial adsorbed H*
amount. In fact, low pH solution blank corrections are likely
responsible for the decrease in proton adsorption for some
titration curves at low pH (e.g,, Figure 3). The uncertainty in
locating the initial adsorbed H* value led us to include a
parameter within our SCM which allows vertical adjustments
to individual titration curves during the fitting procedure. In
effect, H" charge values are treated as relative rather than
absolute quantities.

Our fitting strategy involved fitting all data at each
temperature together. As might be expected, fitting each
ionic strength data set with and without added Ca®* at each
temperature separately resulted in better individual fits but at
the expense of much greater parameter variability and hence
model ambiguity. For example, at 25 °C best fit, Stern layer
capacitance values varied from 0.1 to 0.6 F/m?, and best fit
BaOH,"*** protonation constants ranged from 3.4 to 5.1 after
fitting each data set separately. Moreover, there was no
discernible pattern in fit parameters with respect to either ionic
strength or temperature in the individual curve fits. As a result,
even when allowing 6 values to vary freely during fitting, fits are
noticeably poorer in some pH regions than others. However,
we believe a less ambiguous SCM, in which fit parameters
other than & values are fairly constant (Table 2), is preferable
to better individual curve fit quality.

Assumptions made during the development of the MUSIC
model for use in our SCM are another source of uncertainty.
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Figure 12. 25 °C, 0.03 m NaCl, and 0.001 m Ca’* charge speciation. The rightmost figure enlarges the y-axis of the leftmost figure between 0.025

and —0.025 C/m>.

First, we assumed that the (001) face of barite exclusively
represents the surface of our barite powder. Although that face
is certainly present (Figure 1), other faces, as well as various
defect sites, are undoubtedly contributing to the observed
proton uptake. However, because of the availability of in situ
X-ray synchrotron results, we were at least able to utilize actual
hydrated surface structures in our MUSIC model calculations
rather than relying on the bulk surface structure. Second, the
MUSIC model itself has inherent limitations. It is an
empirically based model that nonetheless results in surface
protonation constant estimates that are often in reasonable
agreement with state-of-the-art molecular simulation methods
such as first-principles molecular dynamics.” However, the
model is extremely sensitive to small changes in surface bond
lengths. For example, assuming an uncertainty of 5 pm in Ba—
O bond lengths on the (001) surface results in an uncertainty
of 4 log units in estimated protonation constant values (Table
1). Additionally, the protonation constants of the O(1), O(2),
and O(3) groups would be about 4 log units greater if the
number of accepting H-bonds by those groups were assumed
to be one instead of two. Assigning one or two accepting H-
bonds to such groups is an arbitrary choice, although one of
these options generally results in a much better result when
simulating proton charge data. Assuming one donating H-bond
would increase the protonation constant of the O(1) group to
4.1, which is in the accessible pH range. However, preliminary
modeling efforts revealed that it was not possible to
differentiate the protonation constant from that of the
BaOH, low group (5.38) in terms of model y* values.
Hence, the number of accepting H-bonds was set as two so
that only the BaOH, low group contributed to proton uptake/
release within the experimental pH range.

Despite these experimental and modeling uncertainties, our
SCM resulted in generally acceptable fits to our proton charge
and {-potential data, and the final set of parameters appear
reasonable. § values are generally positive (except at 1S °C)
and greater at higher temperatures. Given that pretreatment
consisted of at least 10 washing/decantation cycles at 50 °C, it
is conceivable that higher titration temperatures were more
prone to releasing residual impurities than titrations at lower
temperatures. Moreover, § values are small and all resulting H"
charges are well within the 0.1C/m? uncertainty arising from a
S pm difference in surface Ba—O bond lengths. Stern layer
capacitance values are lower than those typically resulting from
fitting metal oxide proton charge data (generally >0.5 F/m?)

and much lower than many earlier studies involving ionic
solids such as calcite.””° However, Hiemstra and Van
Riemsdijk®" have argued that the low overall Stern layer
capacitance values observed for ionic solids such as Agl (~0.2
F/m?) result from the near dielectric saturation of water at the
interface. Given that the Stern layer capacitance can be
expressed as

Cs = &,¢5/d (11)
where €, = vacuum permittivity (8.854E-12 CV™' m™"), &g =
Stern layer dielectric constant, and d = distance of charge
separation that allows the calculation of the Stern layer
dielectric constant from our SCM. Given our fit Stern layer
capacitance value (~0.25 F/m?), along with IS adsorption
height for Ba>" above the (001) surface of 2.6 A as estimated
from metadynamics simulations,'' results in a Stern layer
dielectric constant of 7.3, which is near the dielectric saturation
value (~6) and suggests that water in the Stern layer is highly
structured which is consistent with the barite (001) surface
hydration structure observed via X-ray reflectivity.'

Fit protonation constants for the BaOH high and BaOH,
low groups are lower than the MUSIC model estimates, but
the <1.7 logK unit difference is well within uncertainty
resulting from small differences in surface bond lengths.
Ultimately, surface protonation constants should also be
determined via molecular simulation. Barium and sulfate
binding constants are dependent on the adsorption config-
urations assumed. Ba** (and Ca?*) binding is based on a
predominant observed bidentate structure,'’ while SO,*™ is
assumed to adsorb with the same binding constant to
positively charged high and low Ba—OH groups (eqs 7—9).
Distributing adsorbed Ba®* and Ca’* charge between the
surface and Stern planes (the CD approach) did not improve
fit quality. Increasing Ba** and SO,>~ concentrations to barite
saturation values did not change fit parameters significantly.
However, the fit to the 25 °C {-potential data was much more
dependent on the Ba>* and SO,*” adsorption constants than
were the proton charge data, indicating the importance of our
25 °C {-potential data set in constraining our SCM.
Additionally, simulated solution concentrations of Ba®*
decrease with increasing pH consistent with the trend depicted
in Figure S. Conversely, solution SO,>” concentrations are
predicted to decrease with decreasing pH due to adsorption,
although we have no measurements to confirm that trend. The
Ca’ binding constant was manually adjusted to obtain
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adsorbed concentrations similar to those measured. It is
conceivable that Ca®* for Ba®* exchange also contributes to
Ca’ uptake. However, since we have no information on the
extent of that exchange, to reduce model ambiguity, only Ca**
adsorption is included in our SCM.

Adsorbed Ba** concentrations are approximately 10 times
less than those of adsorbed Ca®* because its greater adsorption
constant (Table 2) is outweighed by its ~100-fold lower bulk
concentration. Our fit Ba?* adsorption constant (log K ~ 4) is
similar to that obtained in the metadynamics calculations of
Bracco et al,'' which ranged from 3.7 to 6 depending on the
IS adsorbed complex considered. Their Sr** adsorption
constant (log K = 1.8—3.8) is also similar to ours for Ca**
(3.0). The maximum adsorbed plus incorporated Sr**
concentration found by Bracco et al.'' at near-neutral pH
was ~0.64 Sr** atoms/nm’ although sample to sample
variability was considerable. Our corresponding model results
for Ca®" are roughly S times less (~0.12 Ca®* atoms/nm?),
possibly reflecting the more dissimilar size and hydration
properties of Ba>* and Ca®* or alternatively inherent differences
between the barite powder used in this study and the barite
single crystals employed by Bracco et al.''

The predicted distribution of charged species for the 0.001
m Ca’** in 0.03 m NaCl data is depicted in Figure 12. The fit
(sum) H" charge curve is dominated by the balance between
positively charged Ba high and low sites and negatively charged
O(1) and O(2) sites, with the Ba high and O(1) sites being
especially significant because of their higher net charges. The
magnified right hand portion of Figure 12 shows that the
negatively charged Ba high group dominates the net negative
charge increase above pH 8, whereas the high Ba—OH; group
accounts for the increasing proton charge below pH S. The
bidentate Ba and Ca adsorption species contribute to the net
negative charge because the sum of the O(1) and O(3) group
charges is negative (—0.26), whereas the adsorbed SO,*~
species contribute to the net positive charge because the
anchoring Ba—OH surface groups are positively charged.

As far as we are aware, the only other ionic solid study that
utilizes an extensive set of potentiometric and electrophoretic
mobility data to formulate a SCM is that of Villegas-Jiménez et
al*” for gaspeite (NiCO;). They applied a variety of surface
complexation reactions and EDL constructs to simulate their
results and concluded that a one-site, 3-pK,, constant
capacitance SCM best reproduced their proton charge and (-
potential data, provided that the data at each ionic strength
(0.001, 0.01, and 0.1 M NaCl) was modeled separately. That
their SCM differs substantially from ours is not surprising.
However, that their proton adsorption densities were 10 times
greater than ours deserves additional investigation.

5. CONCLUSIONS

The most consequential finding of this study is the low extent
of proton binding by the barite surface over the accessible pH
range. Consequently, experimental uncertainties including
pretreatment methods and blank corrections assume greater
importance compared to metal oxides where proton binding is
typically an order of magnitude greater. The low extent of
proton binding led us to include a & parameter within our
SCM that allows slight vertical adjustments to the titration
curves to account for uncertainty. An unforeseen consequence
was that the fit § values essentially collapsed all proton charge
titration data to a narrow range of values (e.g., Figure 9),

resulting in a relatively constant final set of model parameters
irrespective of temperature and ionic strength (Table 2).

The final set of parameters were nonetheless constrained by
ancillary experimental information, including barite (001)
surface hydration structure and Ba®" adsorption configurations.
These constraints informed our MUSIC model surface
protonation calculations as well as Ba**, Ca’*, and SO,*~
adsorption stoichiometries. The final set of model parameters
are supported by other results. The low Stern Layer
capacitance value suggests that water is close to dielectric
saturation near the barite surface, which is consistent with
previous X-ray reflectivity and MD simulations. Additionally,
the Ba** and Ca’" binding constants result in Ba** solution
concentrations and adsorbed Ca®* amounts similar to those
determined experimentally in this study. Finally, the fit slip
plane distance agrees with the established relationship between
that parameter and ionic strength.

Developing SCMs which faithfully integrate macroscopic
and molecular-level information for proton and ionic binding
at the surfaces of ionic solids is, in many ways, more
challenging than for metal oxides. Proton charge titrations,
which are a mainstay of the macroscopic data available for
metal oxide SCM development, are more difficult to acquire
for geologically relevant ionic solids such as calcite and most
other carbonates because of their high reactivity. Hence,
proton charge titration data are scarce, and if our results for
barite are the rule rather than the exception, the challenge will
extend to accurately quantifying proton binding while
accounting for high reactivity. In addition, recent studies
have highlighted the roles adsorption and exchange play in the
nucleation, growth, and foreign ion sequestration properties of
barite.”"*>®* The coupled processes of foreign ion adsorption
and exchange, as well as synergetic uptake, and competition
phenomena will be a challenge for SCMs to realistically
incorporate.

The following recommendations, some of which have been
previously noted by others”*° should help guide future
investigation. Detailed attention needs to be given to solid and
solution properties since differences in solid pretreatment
procedures, equilibration times, and solution compositions, as
well as titration methodology, may result in large differences in
pH response and consequently proton uptake. This should
include adequate characterization and knowledge of the
specific crystal faces investigated and the possible influence
of defect sites especially given the low degree of H charge
development observed. Additionally, both proton charge and
{-potential titrations should be conducted on the same mineral
surfaces and in the presence of a wide variety of possible
adsorbates including the potential determining lattice ions.
Given the low buffering capacity of barite suspensions, batch-
type experiments with separate samples kept at initial differing
pH values would complement the continuous proton charge
titration protocol employed here. Moreover, potential
adsorbate concentrations should be closely monitored during
the entire titration procedure.

A broader variety of complementary molecular scale
information from X-ray surface diffraction and other
spectroscopic techniques, as well as molecular modeling efforts
should be obtained on barite and other ionic minerals. For
barite, available information primarily pertains to the (001)
surface and for a limited set of experimental and simulation
conditions. Moreover, except for calcite, such information for
other ionic minerals is even more limited. Especially important



consideration should be given to interfacial hydration structure
at pristine surfaces and those containing defects, which should
help better constrain SCM surface protonation and ion binding
constants.
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