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Nanoparticles are discrete nanometer-scale assemblies
of atoms and have dimensions between those characteristic
of ions and those of macroscopic materials. These
minerals commonly possess extremely large specific
surface areas and surface adsorption capacities for foreign
ions. Due to the large specific surface area and large
fraction of surface atoms, the natures of nanoparticles are
expected to be modified by the adsorption (surface
complexation) process. In this paper, we discuss theoretically
the stability of nanoparticles that make the surface
complex with foreign ions. The principal theoretical
assumption is that the surface complexation occurs at
the bulk of the nanoparticles, as in a solid solution. The
surface complexation affects two aspects of the intrinsic
stability of the nanoparticles simultaneously: one is the
composition of the nanoparticles; the other is the free energy
of formation of nanoparticles. The solubility of hydrous
ferric oxide (HFO) was estimated by using surface
complexation modeling coupled with published data of
the free energy of formation of the relevant components.
The solubility modeling of surface-charged (H* or OH™ sorbed)
HFO mechanistically and quantitatively explained the
observed nonintegral behavior of the solubility of HFO.
Moreover, solubility modeling of anion (S042~, P043~, and As-
(V)) sorption by HFO showed that the sorption process
strongly influences the stability of the nanoparticles. This
result implies that geochemical modeling leads to the
erroneous prediction of a natural system if the effect of
the sorption process is not taken into account.

Introduction

Nanoparticles are discrete nanometer (10™° m) scale as-
semblies of atoms and have dimensions between those
characteristic of ions (107 m) and those of macroscopic
materials (I). Iron oxides (hydrous ferric oxide, schwert-
mannite, and goethite), aluminum hydroxide (gibbsite,
amorphous aluminum hydroxide), and aluminum silicate
minerals (allophane and imogorite) are commonly encoun-
tered nanoparticles in the surface and subsurface environ-
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ment. These minerals commonly possess extremely large
specific surface areas and surface adsorption capacities for
foreignions (1). The structure of the surface on a nanoparticle
may be essentially indistinguishable from the structure of
the equivalent surface on a macroscopic crystal. However,
asignificant fraction of the atoms are exposed on the surface
rather than contained in the bulk (I). Therefore, the natures
of nanoparticles are expected to be modified by the adsorp-
tion (surface complexation) process (2, 3).

Several studies have indicated that, under acidic to neutral
pH conditions, precipitates of hydrous ferric oxide (HFO)
formed and aged at low temperature, exhibit solubility
products of the form Kso = age*+au~", where m < 3 (e.g., see
Figure 1) (4—6). Biedermann and Chow (4) and Fox (5)
indicated that charge-neutral precipitates were obtained
through incorporation of counterions in the matrix of the
HFO precipitates. The postulated solid phases were Fe-
(OH)3-,(A),,, where A was Cl, NOs, or ClO,4. Because the mass
action law for the dissolution reaction can be described as
Ko = aperan+ ", the m in Kso = are**an*~™ must be less
than 3. Although Biedermann and Chow (4) and Fox (5) took
into account the effects of anion incorporation to explain
the nonintegral behavior of HFO solubility, they did not
consider the mechanisms and behaviors of anion incorpora-
tion. Anion incorporation in HFO may be explained within
the framework of the surface complexation theory (7—9).
Counterions such as CI-, NOs~, or ClO4~ electrostatically
adsorb to the protonated surface hydroxyl (denoted =
FeOH,") (or make outer-sphere surface complexes) as follows:

=FeOH," + A~ — =FeOH," : A~ ¢h)

where “:” denotes water molecules. When the chemical
composition of ideal HFO is assumed to be Fe(OH);, the
number of moles of surface hydroxyl groups per mole of
HFOis calculated to be 0.2 mol/mol (7). If the surface hydroxyl
groups of HFO are wholly protonated under acidic conditions,
the HFO contains 0.2 mol of monovalent counterions such
asCl7,NO;™, or ClO4~ in order to neutralize the surface charge.
Although the anion content varies with solution conditions
such as pH and ionic strength (7—9), under acidic conditions,
the n in Fe(OH)s-, must take a positive value under the
condition of which pH is less than the point of zero charge
of HFO. This example shows that surface complexations lead
to changes in chemical composition, which further lead to
changes in the intrinsic stability of the nanoparticles.

Sorption processes influence the stability as exemplified
above. However, the theoretical aspects of these processes
have not yet been considered. To understand the nature of
nanoparticles, itisimportant to consider the effect of surface
complexation on the stability of nanoparticles. Moreover,
quantitative prediction of the stability of nanoparticles that
make the surface complexation is important in modeling
their fate and the behavior of dissolved elements sorbed to
nanoparticles in surface and subsurface environments. In
this paper, we demonstrate that geochemical parameters
such as the free energy of formation and surface complexation
constants can be used to predict the stability of nanoparticles
and that the nature of nanoparticles strongly depends on
the surface complexation process.

Theoretical Development

The principal theoretical assumption is that the surface
complexation occurs at the bulk of the nanoparticles, as in
a solid solution. With this assumption, the surface exists
throughout the bulk of the nanoparticles. In studies of
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FIGURE 1. Relationship between log[Fe*"] and —log[H"] in 0.7 M NaClOQ, at 25 °C (modified from Byrne and Luo; 6). The solid black line
shows the linear regression of observed data (log[Fe®*"] = 4.28 + 2.86 log[H']). The dotted red line shows the results of theoretical

calculation assuming AG(HF0) = —693 kJ/mol.

arsenate sorption onto schwertmannite, Fukushi et al. (2,
10) demonstrated that the mechanism of As(V) sorption was
identical to surface ligand exchange with the surface sulfate
group of schwertmannite and that the exchange reaction
could quantitatively be expressed as an ideal solid—solution
reaction. Our observations support the validity of this
assumption. Surface complexation affects two aspects of the
intrinsic stability of nanoparticles simultaneously: one is
the composition of the nanoparticles; the other is the free
energy of formation of nanoparticles. For simplicity, we first
construct the theory with protonation and deprotonation of
surface hydroxyl groups of trivalent metal trihydroxide (Me-
(OH)3). Using the simple 2pK one-site model, we write the
surface protonation and deprotonation reactions of Me(OH);
as

=MeOH + H" = =MeOH," K

prot

2

=MeOH ==MeO™ + H" Koot 3)
where =MeOH, =MeOH,", and =MeO~ denote neutral,
positively charged, and negatively charged surface hydroxyl
groups, respectively, and Ko and Kyepror are the total (or
apparent) protonation and deprotonation constants of
surface hydroxyl groups. The free energy change with sorption
of 1 mol of HY (AGgP™) is

AGgP™" = —2.303RT log K, 4)

rot
, and the free energy change with desorption of 1 mol of H*
(AGRdeprot) is

AG P = —2.303RT 108 Kyepror (5)
where R and T'denote the ideal gas constant and the absolute
temperature. The free energy changes (AGgP™t and A GpdeP?)

contain both the free energy change of chemical (intrinsic)
force and the free energy change of Coulombic force (7—

9).The change in bulk composition of Me(OH)3; by proto-
nation and deprotonation can be written as

Me(OH), + xH" = Me(OH),_,* + xH,0 (6)

Me(OH); + yH,0 = Me(OH),,, Y +yH® (D)

where x and y denote the moles of H" sorbed to and desorbed
from Me(OH)s, respectively. Reactions 6 and 7 would occur
simultaneously; thus, the overall reaction should be written
as

Me(OH), + xH" + yH,0 = Me(OH), ¥ + xH,0 +
yH™ (8)

The free energy change with reaction 8 (AGgP"¥) is given as

AG"™ = AG’(Me(OH);_.,,* ™) + (x — YAG(H,0) +
y — DAGPH") — AG (Me(OH),) (9)

Because the work done with x moles of protonation (eq 2)
and y moles of deprotonation (eq 3) would be equivalent to
the work done with eqs 6 and 7, respectively, AGg"" can be
related to AGgP™t and AGgdeprot:

AGRbulk — xAGRprot + yAGRdeprot (10)

Therefore, the free energy of formation of Me(OH)3—.+,*
(AG"(Me(OH)s 1y ), that is, the stability of the charged
metal trihydroxide, can be estimated by the following
expression:

AGfO(Me(OH)s_x+yx_y) = xAGRPTOt + yAGRdeprot _
(x = AGI(H,0) = (y = 1) AG/(H) + AG{'(Me(OH))
11

As indicated in the above equations, the changes in com-
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TABLE 1. Surface Complexation Constants and Surface
Properties of HF0?

reaction log K source
=FeOH + H* = =FeOH,* -7.23 b
=FeOH = =FeO~ + H" 8.95 b
=FeOH + PO,3~ + 3H* = =FeH,PO, + H,O0  31.29 b
=FeOH + PO,3 + 2H* = =FeHPO,~ + H,0 25.39 b
=FeOH + PO,3~ + H* = =FeP0O,2 + H,0 17.72 b
=FeOH + AsO,3~ + 3H* = =FeH,AsO, + H,0 29.31 b
=FeOH + AsQ,3 + 2H* = =FeHAsO,  + H,0 23.51 b
=FeOH + AsO,3~ = =FeOHAsO, 10.58 b
=FeOH + SO42~ + H = =FeSO, + H,0 7.78 b
=FeOH + S0,2~ = =FeOHSO,*~ 0.79 b
specific surface area: 600 m?/g b
surface hydroxyl density: 0.2 mol/ b
mol (HFO)

aTemperature = 25 °C. P Ref 72.

position is driven by the work with surface complexation,
and the changes in AG°(Me(OH)s-.+,*?) are caused by
changes in the composition of nanoparticles. Therefore, it
isimpossible to divide the overall effect to both contributions
separately.

The stability of nanoparticles can be estimated by using
the free energy of formation of the relevant species and their
surface complexation constants. For a more complicated
multicomponent solution, a similar procedure can be applied
if surface complexation constants are available. On the other
hand, there are some limitations on the application of this
approach to some kinds of nanoparticles. The present
approach assumes that the surface complexation occurs as
in an ideal solid—solution and that the mixing of bulk atoms
to surface-coordinated atoms is homogeneous. This approach
would be valid for the nanoparticles of which ratios of bulk
atoms to surface-coordinated atoms and crystallinities are
very low. Colloidal nanoparticles such as HFO and amorphous
aluminum hydroxide may be smaller and have less crystalline
structure than other types of nanoparticles and may be more
suitable for this approach. In the case of larger and/or
crystalline nanoparticles, the mixing of bulk atoms to surface-
coordinated atoms would be heterogeneous depending on
the solid-phase properties (such as size and elastic property).
To take into account the heterogeneity, this approach should
be extended to explain the heterogeneous solid—solution
reactions.

Modeling the Stability of Nanoparticles

Effect of Surface Charging. We used HFO as a model material
to exemplify the effect of surface complexation on the stability
of nanoparticles. HFO is one of the most impotent nano-
particle in surface and subsurface environment (11), and the
consistent data set for surface complexation modeling is
available by using the diffuse layer model (7). Surface
complexation modeling (SCM) was conducted by using
REACT in The Geochemist’s Workbench (12). The intrinsic
surface complexation constants, surface site density, and
specific surface area were obtained from the FeOH.dat
database incorporated in The Geochemist’s Workbench (based
on the compilation by Dzombak and Morel (7); Table 1). The
free energies of formation of the relevant components are
summarized in Table 2. The association constants of the
relevant species are summarized in Table 3. NaClO, was used
for inert electrolyte. The activity coefficient was calculated
by using extended Debye—Hiickel equation (12, 13). The
Debye—Hiickel b, and a parameter is 0.0640 kg/mol and 5.5
A, respectively for NaClO4 media (13). Although we used the
diffuse layer model for all calculation because of lack of the
consistent data set for other surface complexation models,
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TABLE 2. Free Energies of Formation (AG{") of Relevant
Components®

species AGP (kJ/mol) source
Fe3* —4.6 b
HFO (Fe(OH)3) —699 b
H* 0 b
H,0 —237.18 b
PO43~ —1018.8 b
AsQ,3 —636 b
S04 —744.6 b

2 Temperature = 25 °C. ? Ref 74.

H\]BLE 3. Association Constantsa of P0,, As(V), Fe(lll), and
4

reaction log K source
H3AsO4(aq) = 3H' + AsO4~ —20.60 b
H,AsO,~ = 2HT 4+ AsO43~ —18.35 b
HAsO,2~ = H" + AsO43~ -11.60 b
HsPO4laq) = 3HT + PO43~ —21.66 b
H,PO4~ = 2HT 4+ PO43~ —19.51 b
HPO,2~ = HT 4+ PO43~ —12.31 b
HSO47 =Ht+ 30427 -1.99 b
OH~ + H*=H,0 14.00 b
FeOH,* + H* = Fe3* + H,O 2.19 c
Fe(OH),™ + 2HT = Fe3" + 2H,0 5.67 c
Fe(OH)s(aq) + 3H* = Fe3* 4+ 3H,0 12.56 c
Fe(OH),~ + 4H* = Fe3* + 4H,0 21.6 c

2 Temperature = 25 °C. ? Ref 12. ¢Ref 74.

this approach can be applied for other of surface complex-
ation models. The diffuse layer model cannot take into
account the distinctions of both inner- and outer-sphere
complexation. The use of other type of surface complexation
models that can predict the behavior of the outer-sphere
complexes (such as triple layer model) would be appropriate
for the accurate prediction when the system contains some
ions which make both inner- and outer-sphere complexes.

Figure 2a shows the compositional change of HFO as a
function of pH and ionic strength. The composition of HFO
was calculated according to eqs 6 and 7. The composition
of HFO depends on ionic strength, because the ionic strength
strongly influences the protonation/deprotonation behavior
(7). Figure 2b shows the changes in total (apparent) proto-
nation and deprotonation constants of the surface hydroxyl
groups. The constants were directly evaluated by using the
calculated concentrations of the surface species as a function
of pH and ionic strength:

= log[=FeOH, "] — log[=FeOH] + pH (12)

Tot

log K,
log Kieprot = log[=FeO"] — log[=FeOH] — pH (13)

The variability of the constants is due to the effect of the
Coulombic force, which is calculated by the diffuse layer
modelinREACT. Figure 2cshows the changesin AGi(Fe(OH)3-+,* )
calculated according to eq 11 as a function of pH and ionic
strength. The dissolution reaction of HFO is given as

Fe(OH); .,/ + B —x+yH" =
Fe** + 3 — x + )H,0 (14)

The free energy change of the reaction (AGr®) is

AG™ = AGP(Fe™) + (3 — x + Y)AG (H,0)
— B = x+)AGH) — AG(Fe(OH);_,,," ™) (15)
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FIGURE 2. Change in m in Fe(OH),, as a function of pH and ionic strength (a). Changes in total protonation and deprotonation constants
as a function of pH and ionic strength (b). Changes in AG? of charged HFO as a function of pH and ionic strength (c). Changes in total
Fe(ll1) activity (total activity of all free and complexed Fe(lll) in solution) as a function of pH and ionic strength of charged HFO as a function

of ionic strength (d).

The corresponding solubility constant for dissolution of
charged HFO is calculated as

log Ky;, = —AG;"/2.303RT (16)

Figure 2d shows the changes in total Fe(IIl) activity (total
activity of all free and complexed Fe(IIl) in solution) as a
function of pH and ionic strength calculated by using the
hydrolysis constants of Fe(Ill) (hereafter solubility curve).
The solubility curves for charged HFO indicated that surface
charging resulted in a marked decrease in solubility under
acidic conditions. Moreover, solubility decreased with in-
creasing ionic strength under acidic conditions.

To compare with the previous observation (Figure 1), we
calculated the log[Fe3*] as a function of within the —log[H"]
range 3—7 under I = 0.7 as well as 0.01 and 0.1 (Figure 3).
The log[Fe®*'] increases with the increase of ionic strength.
It is due to the increase of activity coefficient with ionic
strength. Although the calculated lines in Figure 3 appear to
be linear, they actually are not. However, linear regression
of the relationship between log[Fe®*] and —log[H"] under I
= 0.7 gives a slope of 2.87 £ 0.05, a value less than 3, as
observed previously. The slope increases with decrease of
ionic strength. In an I = 0.01 system, the slope is nearly 3.
The dependency on ionic strength is due to the enhancement
of surface charging at higher ionic strength that leads to the
significant change in stability of HFO. Although the slope
under I= 0.7 is comparable to Figure 1, the calculated [Fe®*]
at a given —log[H"] is 1 order of magnitude higher than that
in Figure 1. This disagreement would be attributed to the
value of free energy of formation of HFO (AG{(HFO)) used

-5 y | y | y T y

/Slope =2.87+0.05 ]
L Slope = 2.9240.05 ]
r Slope = 2.9620.03 ]
F - 1 0 - _
N I i
E‘ L i
w | :
=~ -15}F ]
L 1=0.01 ]
3 1=0.1 3
20- II =07 | | | ]

3 4 5 6 7

-log [H']

FIGURE 3. Calculated relationships between log[Fe*'] and —log-
[H*] at 25 °C under / = 0.01, 0.1, and 0.7.

in the calculation. We used the value from Stumm and
Morgan (14) without any modification. However, the value
is known to have large variation (14). It should be noted that
the value of AG®(Me(OH);) in eq 9 or eq 11 must be estimated
from the “pure” Me(OH)s, which does not charge or make
surface complexes. We consider that the large variation in
reported values of AGP(HFO) is partly due to the fact that
reported values of free energy of formation of HFO is not
AG(Me(OH);) but AG’(Me(OH)s-.+,* ). The dotted red line
in Figure 1 shows the results of calculation assuming AG’-
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(HFO) = —693 kJ/mol. The line reproduces their experiments
very well. This value of AG°(HFO) represents the free energy
of formation of “pure” HFO in the experiments by Byrne and
Luo (6).

Effect of Anion Sorption.The solubility of ions coordi-
nated to HFO can also be estimated if the surface complex-
ation constants of the ions sorbed by HFO are available.
Figure 4a shows the solubility curves for anion-free (con-
sidering only surface protonation and deprotonation) and
S04, PO4, and As(V) coordinated to HFO as a function of pH.
The total concentrations of each anion were 1 mM. The solid
concentration is 1 mmol (Fe(OH)s) L™!. The ionic strength
in each system was 0.01 M in the calculations. In all cases,
anion sorption led to changes of Fe solubility relative to anion-
free system, especially under neutral to acidic conditions.
This result is due to preferential sorption of anions under
neutral to acidic conditions (2). Figure 4b, which shows the
surface speciation of SO, in the same system, indicates that,
under acidic conditions, the fraction of SO, surface complexes
becomes significant and the Fe solubility decreases markedly.
In the systems containing PO, and As(V), the Fe solubility
decreases at neutral to acidic pH. The magnitude of the
decrease in Fe solubility for PO4- and As(V)-coordinated HFO
is greater than that for SO4-coordinated HFO. The order of
decrease is apparently consistent with the fraction of anion
surface coverage (Figure 4b—d). Fukushi et al. (2) showed
that the iron solubility of schwertmannite that sorbed As(V)
is much lower than pure schwertmannite of which surface
is occupied by SO,. Paige et al. (15) showed that the iron
solubility of HFO become much lower by sorption of As(V).
Moreover, both field studies and laboratory studies have
shown that sorption of PO, and As(V) leads to the inhibition
of the transformation of HFO to more stable phases (11, 16).
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TAB(L1E81)L As(V) Coordiantion Constants Estimated hy Grossi et
a

reaction log K
=FeOH + AsO,%~ + 3H* = =FeH,As0, + H,0 30.6
=FeOH + AsO,3~ + 2H* = =FeHAsO,~ + H,0O 25.7
=FeOH + AsO4% + H* = =FeAs04%2 + H,0 21.2
2 =FeOH + AsO4% + 3HT = =Fe,HAsO, + 2H,0 37.6
2 =FeOH + AsO43 + 2HT = =Fe,As0,~ + 2H,0 32.0

The stabilization of HFO by sorption of As(V) and PO,
demonstrated in our modeling would explain the results of
the field and laboratory studies.

All surface reactions in the FeOH.dat database are
monodentate surface complexations (Table 1). However,
numerous spectroscopic studies on anion sorption by HFO
have indicated that several anions sorb to HFO via not only
monodentate surface complexes but also bidentate surface
complexes (e.g., ref 17). To exemplify the effect of bidentate
surface complexation on the stability of HFO, we calculated
solubility curves for As(V)-coordinated HFO by using surface
reactions estimated by Grossl et al. (18). Grossl et al. (18)
used the iron oxide goethite as a sorbent and As(V) as a
sorbate for their sorption experiments and employed a
constant capacitance model to estimate a series of constants
for bidentate surface complexation (Table 4). To test the
applicability of their constants to our system (sorbent: HFO,
electrostatic model: diffuse layer model), we compare the
sorption behavior. The blue and red lines in Figure 5a
represents the amount of As(V) sorption as a function of pH
calculated by using the surface complexation constants of
Grossl et al. (18) and FeOH.dat, respectively. The total
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concentration of each anion was 1 mM in the calculations.
The solid concentration is 1 mmol L~%. The ionic strength in
each system was 0.01 M. As shown in Figure 5a, the amount
of As(V) sorption calculated by using Grossl et al. (18) is
comparable to that by using FeOH.dat under the condition
of pH 3—7. Therefore, the usage of the estimated constants
by Glossl et al. (18) would be justified under the condition
for the purpose of the exemplification of effect of bidentate
coordination. Figure 5b shows the distribution of surface
species as a function of pH. The bidentate surface complexes

(=Fe,HAsO,) become dominant at the condition of pH > 5.
Concurrently, the solubility in this pH region significantly
decreases (Figure 5c). The degree of decreasing solubility is
greater than in the case only considering monodentate
coordination (FeOH.dat) (see Figure 4d and compare the
lines marked by arrows in Figure 5¢). The bidentate complex
isknown to be a stronger bonding form than the monodentate
complex, which would make the HFO more stable. The results
of our modeling strongly indicate that the mechanistic
understanding of the surface complexation is needed for the
accurate prediction of the stability of nanoparticles.

The sorption process strongly influences the nature of
nanoparticles. Nanoparticles are thought to be a labile phase,
and the existence of this phase cannot influence the
thermodynamically stable mineralogy and resultant solution
chemistry. However, the change in stability resulting from
the sorption process presumably changes the vector of the
chemical evolution for both mineralogy and solution chem-
istry and may alter the equilibrium state that is predicted
without considering the sorption process. This study also
showed that geochemical modeling leads to the erroneous
prediction of a natural system if the effect of the sorption
process is not taken into account.
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