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a b s t r a c t

This study investigates uranium and technetium sorption onto aluminum and iron hydroxides during
titration of acidic groundwater. The contaminated groundwater exhibits oxic conditions with high con-
centrations of NO3

−, SO4
2−, U, Tc, and various metal cations. More than 90% of U and Tc was removed

from the aqueous phase as Al and Fe precipitated above pH 5.5, but was partially resolublized at higher
pH values. An equilibrium hydrolysis and precipitation reaction model adequately described variations
eywords:
adionuclide
ulfate
luminum

in aqueous concentrations of metal cations. An anion exchange reaction model was incorporated to sim-
ulate sulfate, U and Tc sorption onto variably charged (pH-dependent) Al and Fe hydroxides. Modeling
results indicate that competitive sorption/desorption on mixed mineral phases needs to be considered
to adequately predict U and Tc mobility. The model could be useful for future studies of the speciation of

duri
H
nion exchange
odel

U, Tc and co-existing ions

. Introduction

Remediation of sites containing highly radioactive wastes that
ose risks to human health and the environment is one of the

argest environmental problems facing the U.S. Department of
nergy (DOE) [1]. Uranium (U) and technetium (Tc) are prevalent
adionuclide contaminants throughout the DOE weapons complex.
ranium is the most frequently detected and Tc is the eighth most

requently detected radionuclide in contaminated groundwater
nd sediments [2]. Tc (as pertechnetate, TcO4

− anion) is not par-
icularly reactive with soil minerals, and exhibits greater mobility
han U, which is more reactive with soil and sediment minerals [3].
he remediation of radionuclides U and Tc in groundwater largely
epends on biogeochemical conditions, such as pH, redox potential,
icrobial community, the availability of suitable electron donors,

nd the presence or absence of various metals. High metal and
itrate concentrations and low pH conditions at waste sites pose

ormidable challenges to successful implementation of in situ bio-
mmobilization. Aquifer pH exerts strong effects on precipitation,

edox, complexation and sorption reactions and hence on contam-
nant mobility [4]. The ability to predict acid–base behavior of the
roundwater is critical to predict U and Tc transport under variable
H conditions.

∗ Corresponding author. Tel.: +86 10 62849383; fax: +86 10 62849886.
E-mail address: zhangfan@itpcas.ac.cn (F. Zhang).

304-3894/$ – see front matter © 2010 Elsevier B.V. All rights reserved.
oi:10.1016/j.jhazmat.2010.01.040
ng pre- and post-groundwater treatment practices.
© 2010 Elsevier B.V. All rights reserved.

Uranium exhibits two primary oxidation states in
groundwater—U(VI) and U(IV) [5]. The U(VI) uranyl ion (UO2

2+) is
most stable under acidic or oxygenated conditions [6]. Technetium
exhibits two primary oxidation states in groundwater—Tc(VII) and
Tc(IV) [7]. The Tc(VII) pertechnetate ion (TcO4

−) is most stable
under oxidizing conditions [8]. Therefore, under oxic conditions,
uranium and technetium are anticipated to be present in ground-
water as the uranyl (UO2

2+) and pertechnetate (TcO4
−) ions [9].

However, U(VI) speciation is also complicated by formation of
negatively-charged strong carbonate complexes UO2(CO3)2

2− and
UO2(CO3)3

4− under neutral or alkaline pH conditions [5]. Unlike
UO2

2+, pertechnetate anions do not form carbonate species [10].
Previous studies have shown that Fe and Al minerals sorb/

coprecipitate with dissolved sulfate [11], U [12,13] and Tc [14,15]
species. At pH < 5, sorption of TcO4

− on hematite has been explained
in terms of electrostatic attractions between positively charged
hematite colloids and the pertechetate anions [14]. Sorption of
TcO4

− on Mg/Al layered hydroxides was found to be a stepwise
ion exchange process [15]. Sorption of U(VI) onto Fe hydroxides
has been extensively modeled [16,17]. However, reliable thermo-
dynamic data are not available to simulate sorption of U(VI) by Al
hydroxides, or sorption of Tc by Fe or Al hydroxides.
In the present study, we newly develop an ion exchange reac-
tion model for the sorption of uranium and technetium onto Al
and Fe hydroxides in competition with sulfate to predict dis-
solved radionuclide concentrations at pre/post-titration conditions
needed to design successful immobilization and bioremediation

http://www.sciencedirect.com/science/journal/03043894
http://www.elsevier.com/locate/jhazmat
mailto:zhangfan@itpcas.ac.cn
dx.doi.org/10.1016/j.jhazmat.2010.01.040
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the investigated groundwater system, dissolved Fe concentrations
are low relative to Al. However, because other areas of the study
site have high Fe levels which are expected to play an important
role in sorption of uranium [16], Fe is included in the model in this
study.

Table 1
Solid phases considered in the reaction models.

Reactions log K

Al(OH)3(s) (microcrystalline gibbsite) + 3H+ = Al3+ + 3H2O 9.35a

Al4SO4(OH)10·5H2O(s)

(basaluminite) + 10H+ = 4Al3+ + SO4
2− + 15H2O

25.0b

SiO2(s) (amorphous silica) + 2H2O = Si(OH)4
0 −2.71a

Al2Si2O5(OH)4(s) (kaolinite) + 6H+ = 2Al3+ + 2Si(OH)4
0 + H2O 7.435a

Ca(OH)2(s) (portlandite) + 2H+ = Ca2+ + 2H2O 22.8a

CaCO3·H2O(s) (monohydrocalcite) = Ca2+ + CO3
2− + H2O −7.60b

CaSO4·2H2O(s) (gypsum) = Ca2+ + SO4
2− + 2H2O −4.58a

Mg(OH)2(s) (brucite) + 2H+ = Mg2+ + 2H2O 16.84a

MgCO3(s) (magnesite) = Mg2+ + CO3
2− −7.5a

CaMg(CO3)2(s) (disordered dolomite) = Ca2+ + Mg2+ + 2CO3
2− −16.54b

Mn(OH)2(s) (pyrolusite) + 2H+ = Mn2+ + 2H2O 15.2a

MnCO3(s) (synthetic rhodocrosite) = Mn2+ + CO3
2− −10.39b

Ni(OH)2(s) (theophrastite) + 2H+ = Ni2+ + 2H2O 10.8b

NiCO3(s) + H+ = Ni2+ + HCO3
− 3.512b

UO2CO3(s) (rutherfordine) + H+ = UO2
2+ + HCO3

− −4.143b

UO3·2H2O(s) (schoepite) + 2H+ = UO2
2+ + 3H2O 4.812b

(UO2)2SiO4·2H2O(s)

(soddyite) + 4H+ = 2UO2
2+ + Si(OH)4

0 + 2H2O
5.74b

Na2(UO2)2(Si2O5)3·5H2O(s)

(Na-weeksite) + 6H+ + 5H2O = 2Na+ + 2UO2
2+ + 6Si(OH)4

0
1.51b

Co(OH)2(s) + 2H+ = Co2+ + 2H2O 12.1b

CoCO3(s) (sphaerocobaltite) + H+ = Co2+ + HCO3
− −0.233b

SrCO3(s) (strontianite) = Sr2+ + CO3
2− −9.271a

SrSO4(s) (celestite) = Sr2+ + SO4
2− −6.63a

FeCo0.1(OH)3.2(s) + 3.2H+ = Fe3+ + 0.1Co2+ + 3.2H2O 5.7b

UO2SO4·2.5H2O(s) = UO2
2+ + SO4

2− + 2.5H2O −1.589c
F. Zhang et al. / Journal of Haz

trategies. To simulate dynamic pH-dependent anion exchange
apacity, Al and Fe hydroxides were treated as a polyprotic base
ontrolled by mineral precipitation and dissolution reactions to
imulate changes in solid phase surface site density. The com-
lex behavior of multiple competing anions with a wide range of
oncentrations in the contaminated groundwater is investigated
onsidering various aqueous phase and precipitation/dissolution
eactions occurring over a wide range in pH. Electrostatics favor
O4

2−, UO2(CO3)2
2−, and UO2(CO3)3

4− sorption over TcO4
− in ion

xchange reactions. However, this investigation reveals extremely
igh affinity for TcO4

− sorption on Al and Fe hydroxides, which is
erhaps supported by the fact that TcO4

− is a large, poorly hydrated
nion and has a natural tendency to be strongly sorbed by a variety
f adsorbents [8,10,18].

. Experimental and computational methods

.1. Groundwater and characterization

The groundwater samples used for the titration experiment
ere obtained from monitoring well FW-026 at the Oak Ridge Field
esearch Center at the Y-12 National Security Plant site in Oak
idge, Tennessee. The acidic groundwater (pH ∼ 3.8) contains high
oncentrations of radionuclides U (∼0.212 mM) and Tc (∼16.1 nM),
etal ions including Ni (∼0.212 mM) and Co (∼39.7 �M), Al

∼16.8 mM), Ca (∼23.4 mM), Mg (∼6.56 mM), Mn (∼2.35 mM) and
e (∼0.243 mM), and anions such as NO3

− (∼123 mM) and SO4
2−

∼10.2 mM) [4]. The groundwater is also characterized with a high
issolved oxygen (DO) content at 2–4 mg L−1, in which uranium
xists primarily as uranyl or U(VI) species in water [4,19,20]. It was
herefore kept refrigerated under aerobic conditions until used.

.2. Titration experiments

Titration of contaminated groundwater was performed in
atch experiments to evaluate precipitation and/or dissolu-
ion/desorption of contaminant metals and radionuclides under
arying pH conditions. Because of the production of carbonate or
icarbonate species during microbial respiration, both NaOH and
a2CO3 were used for titration to study their effects on precipi-

ation and/or coprecipitation of metal/radionuclide contaminants.
he contaminated groundwater (20 mL) was placed in a series of
olyethylene vials, to which various amounts (0–1.2 mL) of either
M NaOH or Na2CO3 were added to give a pH range between 3.8
nd 9. All samples were prepared under ambient conditions and
he final volume was made up to 21.2 mL. The sample vials were
laced on an end-over-end shaker for 2 days before the final pH
easurement. The suspension was filtered with a 0.2 �m polyte-

rafluoroethylene syringe filter and the clear supernatant solution
as analyzed for dissolved elements (e.g., Al, Fe, Ca, Mg, Mn, Co,
i, K, and Si) by inductively coupled plasma, common anions (e.g.,
O4

2−, NO3
− ,and Cl−) by ion chromatography, U by steady state

hosphorescence, and Tc by liquid scintillation counting. Based
n duplicate analyses of selected samples, analytical errors were
stimated to be about 10%, considering possible interferences and
ilutions necessary for the analysis of groundwater constituents
ver the observed concentration range. Precipitated solids from
elected samples were analyzed for mineralogical characteristics.
t should be pointed out that CO2 was not excluded in the NaOH
xperimental system, although the system might not be equili-
rated with the atmosphere because of a limited headspace.
.3. Modeling tools

The computer code HydroGeoChem v5.0 (HGC5) [21], a
omprehensive model for fluid flow, thermal and reactive trans-
s Materials 178 (2010) 42–48 43

port, was used to analyze experimental results. The program is
designed for generic biogeochemical reaction networks, which
may include both equilibrium and kinetic reactions with user
specified formulations [22]. The biogeochemical reactive transport
module of HGC5 was run in batch mode to calculate equi-
librium distributions of elements between aqueous and solid
phases. Iterative calculations were performed to identify con-
trolling precipitation and dissolution reactions and to solve for
individual species concentrations [4]. The Gaines–Thomas [23]
selectivity coefficient formulation was used for ion exchange
reactions. HGC5 was coupled with the nonlinear inversion code
PEST [24] to enable calibration of specified model coefficients
from measured data. The regression analyses were carried out
using the whole set of reactions to calibrate the measured sul-
fate, U and Tc concentrations. Logarithms of concentrations
were employed to give equal relative weight to all data points
[25].

2.4. Reaction path model

The geochemical processes governing changes in solution
composition during titration were simulated using two reaction
models. Both models assumed the titration system to be closed
to the atmosphere, i.e., we did not assume equilibrium with atmo-
spheric CO2 [20]. For the NaOH titration, the titrant was assumed to
contain 0.07 mol of total carbonate per mole NaOH [4,20]. The aque-
ous concentration of Fe(II) was assumed to be negligible because
of a low total Fe concentration in the aquifer material and a rela-
tively high dissolved oxygen concentration in groundwater [20]. In
UO2SO4·3H2O(s) = UO2
2+ + SO4

2− + 3H2O 0.831c

UO2SO4·3.5H2O(s) = UO2
2+ + SO4

2− + 3.5H2O −1.585c

a Ref. [26].
b Ref. [20].
c Ref. [27].
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Table 2
Ion exchange reactions developed in the model.

Reaction Reaction
parameter

Estimate ± Std dev.

f � (Al&Fe precipitates) = Y(OH)2

+ YOH+ + Y2+
fa 0.331 ± 0.038

YOH+ + H2O = Y(OH)2 + H+ b log KY1 −8.78 ± 0.35
Y2+ + H2O = YOH+ + H+ log KY2 −4.91 ± 0.60
A2SO4 + UO2(CO3)2

2−

= A2UO2(CO3)2 + SO4
2−c

log KU1 1.81 ± 0.13

2A2SO4 + UO2(CO3)3
4− = A4UO2(CO3)3

+ 2SO4
2−c

log KU2 −0.574 ± 0.298

2ATcO4 + SO4
2− = A2SO4

+ 2TcO4
−c

log KTc −3.68 ± 0.21

a f is the fraction of Al and Fe precipitates assumed to produce surfaces with
neutral or positive charge.
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more Ca, Mg, Mn, and Ni carbonate minerals were generated in the
b Y(OH)2 is the hypothetical polyprotic base.
c A2SO4, A2UO2(CO3)2, A4UO2(CO3)3 and ATcO4 are ion exchanged species of

queous SO4
2− , UO2(CO3)2

2− , UO2(CO3)3
4− and TcO4

− , respectively.

Model M1 considers aqueous complexation reactions of carbon-
te, sulfate, nitrate, chloride, K, Ca, Mg, Mn, Fe, Al, Si [26] and U [27]
details are provided in Table A.1), and precipitation/dissolution
eactions (Table 1). X-ray diffraction analysis indicated that the
recipitated solids were dominated by amorphous or poorly crys-
alline materials. Therefore, the solid phases shown in Table 1 were
onsidered.

Model M2 considers additional anion exchange reactions
f sulfate, U and Tc onto positively charged surfaces of Al
nd Fe hydroxide precipitates. Studies have shown that the
bility of soils to adsorb SO4

2−, U, and Tc are strongly influ-
nced by pH and the amount of Al and Fe oxyhydroxides
11–15,28,29]. Speciation results for the M1 model indicated
hat the dominant species of aqueous uranium changes from
O2

2+ → UO2CO3
0 → UO2(CO3)2

2− → UO2(CO3)3
4− as pH increases

rom ∼3.8 to above 8 in groundwater titrated with NaOH
r Na2CO3. Therefore, in addition to precipitation, sorption of
egatively-charged SO4

2−, UO2(CO3)2
2−, UO2(CO3)3

4−,and TcO4
−

nto variably charged Al and Fe hydroxide surfaces was also
onsidered as a mechanism exerting control on dissolved con-
entrations of anions in solution, simulated by anion exchange
eactions (Table 2). A fraction (f) of Al and Fe precipitates generated
uring titration were assumed to produce surfaces with neutral
r positive charge (Table 2). pH-dependent anion exchange capac-

ty (AEC) associated with the solids was represented by ionization
f a hypothetical polyprotic base Y(OH)2 (Table 2) computed as
EC = YOH+ + 2Y2+. The reaction parameters of the ion exchange
eactions (Table 2) were calibrated using the nonlinear parameter

Fig. 1. Simulated mineral precipitati
Materials 178 (2010) 42–48

estimation and optimization software PEST by matching the M2
model results to observed aqueous concentrations of SO4

2−, U, and
Tc.

3. Results and discussion

3.1. Reaction path model M1

The geochemical processes governing changes in solution com-
position during titration were first simulated by an equilibrium
reaction model that considered aqueous complexation and precip-
itation/dissolution reactions.

Precipitation of specific mineral phases computed by model M1
over the duration of the titration is shown in Fig. 1. Model M1
adequately described aqueous concentrations of Al, Fe (Fig. 2), and
other metals, such as Ca, Mg, Mn, Ni and Co (not shown), but failed
to accurately predict sulfate, U and Tc during titration (Fig. 2).

As pH increased during titration, decreasing aqueous concen-
trations were generally observed for Al, Fe (Fig. 2) and Co (not
shown). Model M1 predicted that increasing pH first resulted in
precipitation of Al, Fe, and Co hydroxide minerals, Al4SO4(OH)10,
Al2Si2O5(OH)4, and FeCo0.1(OH)3.2, because of their relatively low
solubility (Fig. 1). The model predicted that most Al precipitated
as Al4SO4(OH)10 by pH ∼ 5.0 and a majority of the Fe coprecipi-
tated with Co forming FeCo0.1(OH)3.2 by pH ∼ 5.5 (Fig. 1). When pH
exceeded ∼5, Al precipitated as Al(OH)3 instead of Al4SO4(OH)10
(Fig. 1). Therefore, in the early stages of the titration, solution pH
should be largely buffered by the hydrolysis of Al and Fe result-
ing in the formation of aqueous hydrolysis species as well as solid
phase hydroxides. Co precipitated as Co(OH)2 when pH reached
8.5 in the NaOH titrated system. In the Na2CO3 titrated system,
larger amounts of precipitate as CoCO3 occurred above pH 6.5 due
to higher dissolved carbonate concentrations in the latter system
(Fig. 1).

Concentrations of Ca, Mg, Mn, and Ni remained relatively con-
stant in the early stages of the titration but decreased with further
increases in pH (not shown). Model M1 predicted that Mn precip-
itated as MnCO3 when pH exceeded ∼5.5; Ca coprecipitated with
Mg forming CaMg(CO3)2 when pH exceeded ∼6.0 and Ni precip-
itated as Ni(OH)2 at pH above ∼7.5 (Fig. 1). Therefore, in the late
stage of the titration, solution pH should also be buffered by Ca,
Mg, Mn, and Ni precipitates. Since more carbonate was introduced,
carbonate titrated system than in the hydroxide titrated system
(Fig. 1).

When pH increased to ∼4.5, a noticeable decrease in SO4
2−

concentration was observed (Fig. 2), suggesting coprecipitation or

on as a function of titrated pH.
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Fig. 2. Observed and M1 simulated aqueous concentra

orption of SO4
2− to mixed solid phases. In the M1 model, loss of

olution SO4
2− was simulated by coprecipitation as a solid phase

ith a SO4:Al:OH ratio of 1:4:10 and log Kso of 25 (Table 1). With
urther addition of NaOH, sulfate concentrations were predicted to
ncrease as Al4(OH)10SO4 altered to Al(OH)3 (Fig. 1). Observed con-
entrations of SO4

2− increased, but not to the extent seen in the M1
odel prediction (Fig. 2).
Both U and Tc were rapidly removed from the solution above

pH 5.5, which coincided with the precipitation of Al and Fe
ydroxides. Concentrations of U and Tc increased with further

ncreases in pH. Experimental results indicated that solution U and
c decreased by more than 90% at pH ∼ 5.5, while 70% of sorbed U
nd 40% of sorbed Tc returned to the aqueous phase as pH increased
o ∼9. In the M1 model, loss of solution phase U was simulated by
recipitation as UO2CO3 at pH < 5.5 for both titrants and precipita-
ion as UO3 at pH > 7.5 for NaOH addition. At pH < 5.5, more UO2CO3
recipitated in the carbonate titrated system than in the hydrox-

de titrated system (Fig. 1), resulting in slightly quicker U removal
rom solution (Fig. 2). At pH > 7.5, no UO3 precipitated in the car-
onate titrated system (Fig. 1), resulting in higher U concentrations

n solution (Fig. 2). The observed decrease of solution U was greater
han predicted by the M1 model. Tc concentrations remained con-
tant in the M1 model prediction as no precipitate of Tc was
onsidered.

.2. Reaction path model M2

The M2 model did a much better job describing sulfate, U and
c concentrations than the M1 model (Fig. 3). As mentioned previ-

usly, a noticeable decrease in SO4

2− concentration was observed
n the early stages of the titration. In the M2 model, consump-
ion of aqueous SO4

2− was modeled by both coprecipitation of
l4(OH)10SO4 (Table 1) and an ion exchange reaction represent-

ng sorption onto positively charged Al and Fe hydroxide surfaces
of Al, sulfate, Fe, U and Tc as a function of titrated pH.

(Table 2). With further addition of NaOH, the M2 model pre-
dicted increased sulfate concentrations as the positive surface
charge of Al and Fe hydroxides diminished with increasing pH.
As shown in Fig. 3, the simulated total concentrations of SO4

2−

using the M2 model are in good agreement with the observations.
In the M1 model, loss of solution SO4

2− was simulated by sul-
fate precipitation only. In the M2 model, loss of solution SO4

2−

occurred due to both sulfate precipitation and sorption. Consider-
ation of sulfate sorption greatly improved the simulation accuracy
(Figs. 2 and 3).

Previous studies have shown that all Fe and Al-oxyhydroxides
strongly sorb dissolved U(VI) species [12,13]. It is therefore not sur-
prising to observe rapid sorption or coprecipitation of U(VI) during
titration at high dissolved Al concentrations due to precipitation
of microcrystalline Al hydroxides. In the M2 model, consump-
tion of aqueous uranium was modeled by both precipitation (e.g.
UO2CO3(s) in Table 1) and sorption onto positively charged Al and
Fe hydroxide surfaces (Table 2).

As discussed above, speciation results of the M1 model led
us to include anion exchange reactions for the UO2(CO3)2

2− and
UO2(CO3)3

4− anions in the M2 model (Table 2). The M2 model
predicted decreased AEC as the positive surface charge of Al
and Fe hydroxides decreased with increasing pH. Observations
of increased aqueous U(VI) with further pH increases may be
attributed to the reduced sorption of uranyl-carbonate complexes
by Al or Fe hydroxides due to reduced AEC at higher pH. Inclu-
sion of uranium sorption significantly improved model predictions
in the pH range of 5.5–8 for the NaOH titrated system and at
pH > 5 for the Na2CO3 titrated system. In the M1 model, loss of

solution U was simulated by uranium precipitation only. In the
M2 model, loss of solution U was simulated by both uranium
precipitation and sorption. Consideration of uranium sorption
greatly improved simulation accuracy, especially for pH > 5.5
(Figs. 2 and 3).
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Fig. 3. Observed and M2 simulated aqueous concentra

As shown in Fig. 3, removal of Tc coincided with precipitation
f Al and Fe hydroxides. Unlike UO2

2+, the anion TcO4
− does not

orm carbonate species. Under the oxic conditions investigated,
c hydroxide solids in reduced forms such as TcO2·1.6H2O are
nlikely to occur in the system. Therefore, Tc removal is most

ikely attributable to electrostatic interactions between negatively-
harged TcO4

− and positively charged Fe and Al hydroxides, which
xhibit zero points of charge (ZPC) in the range of 7.5–9.1 [30].
owever, the fact that less desorption of Tc occurred at pH about 9

Fig. 2) and the estimated parameters of sorption reactions (Table 2)
uggest that Tc is more strongly sorbed than other anions such as
ulfate, which was present in solution at 6 orders of magnitude
igher concentration than Tc. These observations can be explained
y the fact that TcO4

− is a large, poorly hydrated anion and has
natural tendency to be strongly sorbed by a variety of adsor-

ents [8,10,18]. In the M1 model, no precipitation or sorption was
onsidered for Tc, resulting in predictions of constant solution Tc
oncentration. In the M2 model, loss of solution U was simulated
y sorption. Consideration of Tc sorption significantly improved
imulation accuracy (Figs. 2 and 3).

The M2 model tracked gross features of U and Tc concentra-
ions during titration, with deviations that we conjecture to be due
o inaccurate representation of Al and Fe hydroxide precipitation.
arbonates may modify Al and Fe hydroxide surfaces in a manner
hat restricts U and TcO4

− sorption [17,31]. Such effects were not
onsidered in the model. Errors in predictions may also result from
naccurate estimates of solution phase carbonate because sam-
les were neither purged nor equilibrated with atmospheric CO2
PCO2 = 10−3.5).
. Conclusion

This study demonstrates the importance of sorption/desorption
o mixed mineral phases on the acid–base behavior of radioactive

and Tc in groundwater containing multiple cationic and anionic
of Al, sulfate, Fe, U and Tc as a function of titrated pH.

species with a wide range of concentrations. Treating the complex
mixture of Al and Fe minerals as an insoluble polyprotic base allows
dynamic modeling of pH-dependent anion exchange capacity.
Combining the ion exchange reactions with a geochemical reac-
tion network describing hydrolysis and precipitation/dissolution
has proven a practical and accurate means to simulate distribu-
tions of U and Tc between aqueous and solid phases during base
addition. The proposed modeling approach could potentially pro-
vide an effective means to predict U and Tc mobility in response
to pH manipulations performed in conjunction with groundwater
remediation actions.

Dissolved carbonate was not measured during this study and
the models assumed the titration system to be closed to the atmo-
sphere [20]. For the NaOH titration, the titrant was assumed to
contain 0.07 mol of total carbonate per mole NaOH [4,20]. In reality,
CO2 levels may vary over time and for each sample at various pH
values. Since carbonate affects anionic uranyl-carbonate sorption,
uncertainty in the amount of carbonate introduces some uncer-
tainty in the estimation of U sorption parameters and indirectly
induces uncertainty in the estimation of competing Tc sorption
parameters. It is therefore suggested that future experiments
include measurements of carbonates or be performed under con-
trolled CO2 conditions.
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Table A.1
Aqueous complexation reactions considered in the model.

Aqueous complexation reaction log K References

H2O = H+ + OH− −14.0 [26]
H2CO3

0 = H+ + HCO3
− −6.352 [26]

HCO3
− = H+ + CO3

2− −10.329 [26]
H+ + SO4

2− = HSO4
− 1.988 [26]

Na+ + H2O = NaOH0 + H+ −14.18 [26]
Na+ + HCO3

− = NaHCO3
0 −0.25 [26]

Na+ + CO3
2− = NaCO3

− 1.27 [26]
Na+ + SO4

2− = NaSO4
− 0.70 [26]

K+ + H2O = KOH0 + H+ −14.46 [26]
K+ + SO4

2− = KSO4
− 0.85 [26]

Ca2+ + H2O = CaOH+ + H+ −12.78 [26]
Ca2+ + HCO3

− = CaHCO3
+ 1.106 [26]

Ca2+ + CO3
2− = CaCO3

0 3.224 [26]
Ca2+ + SO4

2− = CaSO4
0 2.30 [26]

Mg2+ + H2O = MgOH+ + H+ −11.44 [26]
Mg2+ + HCO3

− = MgHCO3
+ 1.07 [26]

Mg2+ + CO3
2− = MgCO3

0 2.98 [26]
Mg2+ + SO4

2− = MgSO4
0 2.37 [26]

Sr2+ + H2O = SrOH+ + H+ −13.29 [26]
Sr2+ + HCO3

− = SrHCO3
+ 1.18 [26]

Sr2+ + CO3
2− = SrCO3

0 2.81 [26]
Sr2+ + SO4

2− = SrSO4
0 2.29 [26]

Mn2+ + H2O = MnOH+ + H+ −10.59 [26]
Mn2+ + HCO3

− = MnHCO3
+ 1.95 [26]

Mn2+ + CO3
2− = MnCO3

0 4.90 [26]
Mn2+ + SO4

2− = MnSO4
0 2.25 [26]

Mn2+ + Cl− = MnCl+ 0.61 [26]
Mn2+ + 2Cl− = MnCl20 0.25 [26]
Mn2+ + 3Cl− = MnCl3− −0.31 [26]
Fe3+ + H2O = FeOH2+ + H+ −2.19 [26]
Fe3+ + 2H2O = Fe(OH)2

+ + 2H+ −5.67 [26]
Fe3+ + 3H2O = Fe(OH)3

0 + 3H+ −12.56 [26]
Fe3+ + 4H2O = Fe(OH)4

− + 4H+ −21.6 [26]
2Fe3+ + 2H2O = Fe2(OH)2

4+ + 2H+ −2.95 [26]
3Fe3+ + 4H2O = Fe3(OH)4

5+ + 4H+ −6.3 [26]
Fe3+ + Cl− = FeCl2+ 1.48 [26]
Fe3+ + 2Cl− = FeCl2+ 2.13 [26]
Fe3+ + 3Cl− = FeCl30 1.13 [26]
Fe3+ + SO4

2− = FeSO4
+ 4.04 [26]

Fe3+ + 2SO4
2− = Fe(SO4)2

− 5.38 [26]
Fe3+ + HSO4

− = FeHSO4
2+ 2.48 [26]

Al3+ + H2O = AlOH2+ + H+ −5.00 [26]
Al3+ + 2H2O = Al(OH)2

+ + 2H+ −10.1 [26]
Al3+ + 3H2O = Al(OH)3

0 + 3H+ −16.9 [26]
Al3+ + 4H2O = Al(OH)4

− + 4H+ −22.7 [26]
Al3+ + SO4

2− = AlSO4
+ 3.02 [26]

Al3+ + 2SO4
2− = Al(SO4)2

− 4.92 [26]
Al3+ + HSO4

− = AlHSO4
2+ 0.46 [26]

Si(OH)4
0 = SiO(OH)3

− + H+ −9.83 [26]
Si(OH)4

0 = SiO2(OH)2
2− + 2H+ −23.0 [26]

UO2
2+ + H2O = UO2OH+ + H+ −5.25 [27]

UO2
2+ + 2H2O = UO2(OH)2

0 + 2H+ −12.15 [27]
UO2

2+ + 3H2O = UO2(OH)3
− + 3H+ −20.25 [27]

UO2
2+ + 4H2O = UO2(OH)4

2− + 4H+ −32.4 [27]
2UO2

2+ + H2O = (UO2)2OH3+ + H+ −2.7 [27]
2UO2

2+ + 2H2O = (UO2)2(OH)2
2+ + 2H+ −5.62 [27]

3UO2
2+ + 4H2O = (UO2)3(OH)4

+ + 4H+ −11.9 [27]
3UO2

2+ + 5H2O = (UO2)3(OH)5
+ + 5H+ −15.55 [27]

3UO2
2+ + 7H2O = (UO2)3(OH)7

− + 7H+ −32.2 [27]
4UO2

2+ + 7H2O = (UO2)4(OH)7
+ + 7H+ −21.9 [27]

UO2
2+ + CO3

2− = UO2CO3
0 9.94 [27]

UO2
2+ + 2CO3

2− = UO2(CO3)2
2− 16.61 [27]

UO2
2+ + 3CO3

2− = UO2(CO3)3
4− 21.84 [27]

UO2
2+ + 6CO3

2− = UO2(CO3)6
6− 54.0 [27]

2UO2
2+ + CO3

2− + 3H2O = (UO2)2CO3(OH)3
− + 3H+ −0.861 [27]

3UO2
2+ + CO3

2− + 3H2O = (UO2)3O
(OH)2HCO3

+ + 3H+
0.649 [27]

11UO2
2+ + 6CO3

2− + 12H2O = (UO2)11(CO3)6

(OH)12
2− + 12H+

36.394 [27]

UO2
2+ + NO3

− = UO2NO3
+ 0.300 [27]

UO2
2+ + SO4

2− = UO2SO4
0 3.15 [27]

UO2
2+ + 2SO4

2− = UO2(SO4)2
2− 4.14 [27]

UO2
2+ + Cl− = UO2Cl+ 0.17 [27]

UO2
2+ + 2Cl− = UO2Cl20 −1.1 [27]
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