Uranium Removal from Ground Water
Using Zero Valent Iron Media
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Abstract

Removal of uranium from contaminated ground water using zero valent iron is currently under evaluation at several U.S.
Department of Energy (DOE) facilities. Uranium removal by zero valent iron may occur via adsorption onto iron corrosion prod-
ucts, and by reduction to less soluble valence states by reactions with elemental iron. This research investigated the effects of water
chemistry and surface precipitate buildup on the removal of soluble uranium by zero valent iron. Batch testing was performed
to assess solution chemistry effects on uranium adsorption to the potential iron corrosion products, magnetite and a mixed valent
amorphous iron oxide. Uranium adsorption to the simulated iron corrosion products was highly dependent on pH, and the con-
centration and speciation of the background electrolyte solution. Uranium removal via reduction by elemental iron closely
approximated pseudo-first-order removal kinetics, despite the buildup of up to 40,000 monolayers of precipitated uranium on the
iron surfaces. This indicates that the rate of uranium removal is not strongly dependent on the thickness of the adsorbed uranium
layer. Short-term rates of uranium reduction were similar for all solutions tested, but long-term rates were highly dependent on
water chemistry. Compared to deionized water, uranium removal rates were increased in sodium chloride containing solutions
and reduced in sodium nitrate solutions. The strong influence of water chemistry on long-term reduction rates indicates that sys-

tem design will require extnded testing with the ground water of interest.

Introduction

Iron mediated reductive precipitation of redox active metal
species has been proposed as a method for removing soluble met-
als and radionuclides from contaminated ground water (Cantrell
et al. 1995). This research investigated the effects of solution
chemistry on iron mediated removal of soluble uranium species
from contaminated ground water. Past site activities and disposal
practices associated with uranium processing operations have
resulted in extensive ground and surface water contamination in
the Bear Creek Valley (BCV) watershed in Oak Ridge, Tennessee.
Presently, there is no practical remediation protocol for ground
water contaminated by soluble uranium. In most instances, the ura-
nium contamination is accompanied by high levels of other regu-
lated metals and nitrate, thus reducing the effectiveness of ion
exchange and adsorption processes for remediation of this water.

Uranium in ground water environments may exist in one of sev-
eral oxidation states, depending on the local redox conditions. In sur-
face and shallow ground water, uranium is most commonly found
in its hexavalent oxidation state as the uranyl ion (UO3*), while
under more reducing conditions, uranium may be reduced to its
tetravalent oxidation state, (UOg). The aqueous solubility of U(VI)
may be significantly increased through formation of solubility
enhancing complexes with ground water ligands (Langmuir 1978).
Carbonate and phosphate are frequently the dominant ligands
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affecting U(VI) speciation in ground water, and may increase the
solubility of U(VI) by several orders of magnitude (Scanlan 1977).
In contrast, U(IV) species are much less prone to complexation, and
thus ground water ligands generally serve to increase the solubil-
ity difference between U(IV) and U(VI) (Shoesmith et al. 1994). The
net result of oxidation state and complexation effects is that the aque-
ous solubilities of U(IV) species range from four to 10 orders of
magnitude lower than those of U(VI) (Miyahara 1992). This dit-
ference in oxidation state solubilities may be exploited as a mech-
anism to remove dissolved uranium from contaminated ground
water.

Cantrell et al. (1995) reported on the use of zero valent iron for
removal of soluble uranyl species from aqueous solution. Removal
of soluble uranium was attributed to reductive precipitation of
U(VI) to less soluble U(IV) species, and adsorption of uranyl to iron
corrosion products. Several studies have confirmed that iron oxides
are effective adsorbents for aqueous uranyl species (Venkataramani
et al. 1978; Ford 1992; Theis et al. 1994; Payne and Waite 1991; Ho
and Miller 1986; Hsi and Langmuir 1985).

Arecent investigation has confirmed that zero valent iron can
reduce uranium species adsorbed on its surface (Fiedor et al. 1998).
Using X-ray photoelectron spectroscopy (XPS), Fiedor et al. (1998)
found that uranyl reduction occurred only under anaerobic condi-
tions, but not all of the uranium associated with the iron surfaces
was in the U(IV) valence state. Under anaerobic conditions, the ther-
modynamics of U(VI) reduction by zero valent iron can be described
by the redox couples (Pourbaix 1966):

UO2* + 2¢~ =UOY E=0.221 +0.0295 log [UO2*] (1)
2 2 8 2

Fel=TFe>*+2e~  E=0.44 -0.0295 log [Fe?*] )
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Table 1
Properties of the Iron Oxide Adsorbents
Surface

Area
Material Description (m?/g)
Alfa magnetite crystalline Fe;0y 5.6
Alfa hematite crystalline Fe,O; 9.4
Isaac mixed oxide amorphous Fe(1l)/Fe(I1]) 9.6

The equilibrium potential for the overall cell reaction is then given
by
E =0.661 + 0.0295 log [UO3*] - 0.0295 log [Fe**]  (3)

Under conditions of environmental interest, the cell potential in
Equation 3 is positive, and thus reduction of U(VI) by zero valent
iron is thermodynamically favorable.

Knowledge of uranium reduction kinetics and the adsorptive
properties of iron corrosion products are essential in designing a
practical remediation system using iron media. To that end, the goals
of this investigation were to determine the effects of water chem-
istry on uranium reduction kinetics, and on uranium adsorption by
iron corrosion products. Although the adsorption behavior of uranyl
on the iron oxides goethite, hematite, and hydrated ferric oxide has
been studied previously by other investigators (Payne and Waite
1991; Ho and Miller 1986; Hsi and Langmuir 1985), the corrosion
products in an anaerobic iron treatment system are likely to include
magnetite and amorphous ferrous and ferric hydroxides (Grambow
et al. 1996). Since significant differences in adsorption behavior have
been found among different iron oxide materials (Hsi and Langmuir
1985), this research investigates the adsorption behavior of uranyl
on magnetite, and on a mixed valent amorphous iron oxide. Rates
of uranyl reduction by zero valent iron coupons were also deter-
mined to assess the effects of precipitate buildup and iron surface
passivation on long-term uranium removal rates.

Materials and Methods

Adsorption Studies

The potential for adsorption of aqueous uranyl species onto iron
corrosion products was assessed using magnetite and an amor-
phous mixed valent iron oxide as simulated iron corrosion products.
For comparative purposes, uranyl adsorption on hematite was also
measured. Properties of the iron oxide adsorbents are listed in
Table 1. The specific surface areas were measured via nitrogen
adsorption using the method of Brunauer, Emmett, and Teller
(BET) (Brunauer et al. 1938). Crystalline magnetite and hematite
were obtained from Alfa/Aesar (Ward Hill, Massachusetts) and the
amorphous mixed valent iron oxide was obtained from Isaac
Materials (Phoenix, Arizona).

The adsorption studies were performed by placing 50 mg of iron
oxide material into 10 mL of test solution contained in 10 mL
glass screw top vials. The test solutions were prepared from 3.9 mM
uranyl nitrate stock solutions containing the gamma emitting iso-
tope U233 at a level of 0.034 mM. The stock solutions were diluted
with deionized water to achieve final uranium concentrations of 0.39
mM. Solutions with initial pH values between 2 and 10 were pre-
pared by adding concentrated hydrochloric acid or sodium hydrox-
ide before addition of the iron oxides. Addition of the iron oxides

to the test solutions resulted in pH changes of approximately one
pH unit. The pH increased in solutions with initial pH values less
than eight, but decreased in solutions with initial pH values greater
than eight. After equilibration periods of one day, final solution pH
values were measured with an Orion gel-filled pH probe. Sampling
at shorter time intervals indicated that adsorption equilibrium was
reached in less than one hour. Aqueous concentrations were deter-
mined by withdrawing 2 mL samples using disposable plastic
syringes fitted with 0.2 pm Acrodisc polypropylene filters (Nalgene).
At each pH value, filtered and unfiltered control experiments con-
taining no iron oxide adsorbent indicated that uranium losses due
to adsorption on the filters and syringes were negligible. Analyses
of U233 solutions were performed by gamma counting on a Packard
Auto-Gamma, Model 500 instrument.

The solutions used in this investigation included two ground
water samples from the BCV aquifer and three simulated ground
water samples prepared in the laboratory. The two natural ground
water samples varied widely in composition and ionic strength as
aresult of differing contamination sources. Table 2 lists the major
inorganic components of ground water type 1 (GW-1) and 2 (GW-
2). Metal ion concentrations were determined using inductively cou-
pled plasma (ICP) analysis employing EPA method SW848-6010A.
Anion analyses were performed using ion chromatography with EPA
method 300.0. Prior to use, the GW-1 and -2 samples were filtered
with 0.2 um polypropylene filters (Nalgene) to remove any sus-
pended sediments.

Reduction Studies

Experiments investigating reduction of aqueous uranyl species
were conducted under anaerobic conditions in 500 mL polypropy-
lene containers. Under anaerobic conditions, iron corrosion rates are
greatly diminished compared to those under aerobic conditions, and
the predominant iron corrosion product is ferrous iron (Uhlig and
Revie 1985). Since ferrous iron is several orders of magnitude
more soluble than ferric iron, the anaerobic conditions minimized
the formation of iron hydroxide colloids in the batch reactors.
Anaerobic conditions were maintained by purging the solutions with
nitrogen gas at 20 mL/min through 16 mm O.D., type 316 stainless
steel tubing inserted through the bottle caps. The purge gases were
vented through a second piece of 16 mm stainless steel tubing.
Purging the solutions with dry nitrogen resulted in loss of ~15 mL
of water from the test solutions during the month long experi-
ment. Calculations of the uranium mass removed from solution were
adjusted accordingly to account for this loss of water.

The test solutions were prepared by adding 50 mL of 3.9 mM
uranyl nitrate stock solution to 450 mL of either GW-1, GW-2,
deionized water, 0.4 M NaCl, or 0.4 M NaNO; solutions. The
background electrolyte concentration of 0.4 M was selected for the
ground water simulants in order to approximate the highest observed
ionic strength of water from the GW-1 source area. NaCl and
NaNO; were selected for their high aqueous solubilities as sources
of chloride and nitrate. Baxter pH test strips, color calibrated in incre-
ments of 0.1 pH units, were used for pH determination.

Iron coupons punched from mild steel plate measuring 1.43 cm
in diameter by 0.15 cm in thickness were used as the zero valent iron
reactants. The coupons contained trace impurities of aluminum
and silicon, as determined by wave dispersive X-ray fluorescence.
A previous investigation with these coupons determined that the
coupon surfaces were coated with iron oxides and small amounts
of carbon (Fiedor et al. 1998).
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Table 2
Select Characteristics of Filtered BCV Ground Water
Types 1 and 2
(Values represent averages of two analyses)
Ground Ground

Property Water 1 Water 2
pH 5.92 6.84
Carbonate (mg/L) 92 96
Calcium (mg/L) 2035 52
Sodium (mg/L) 497 8
Magnesium (mg/L) 360 59
Manganese (mg/L) 135 0.82
Potassium (mg/L.) 45 [
Barium (mg/L) 17 0.12
Aluminum (mg/L) 4.7 0.08
Nickel (mg/L) 37 <0.025*
Cadmium (mg/L) 0.33 0.004
Zinc (mg/L) 0.10 0.055
Uranium (mg/L) 0.008 0.24
Nitrate (mg/L.) 10,170 <|*
Chloride (mg/L) 241 13
Nitrite (mg/L) 45 <I*
Fluoride (mg/L) 43 <5*
Sulfate (mg/L) 32 23
*Method detection limit.

The advantage of using coupons in lieu of iron filings is that
their reactive surface area can be more accurately determined than
that for irregularly shaped iron filings. As indicated in Table I, iron
oxides have high specific surface areas, and thus even small
amounts of surface associated oxides will interfere with measure-
ment of the zero valent reactive surface area. Thus, for iron coated
with iron oxides, the BET measured surface area may greatly
exceed the reactive surface area. Therefore, the nominal geometric
surface area may provide a more accurate assessment of the reac-
tive surface area than the surface area measured via BET analysis.

In the uranium reduction experiments, a single iron coupon was
placed in 500 mL of test solution after deoxygenating the solutions
via nitrogen purging. This methodology resulted in a large solution
volume per reactive surface area, and was chosen to: (1) minimize
adsorption as a removal mechanism; (2) minimize pH changes
associated with corrosion of the iron; and (3) allow a thick buildup
of precipitated uranium on the iron surfaces.

Results

Uranyl Adsorption

The adsorbed/aqueous phase partitioning coefficient (K) for
uranyl uptake by three iron oxide materials from GW-2 is illustrated
in Figure | as a function of the final pH value. As used here, the
uranyl K is a lumped parameter which incorporates both specific
adsorption via ligand exchange, electrostatic adsorption, and pos-
sibly surface precipitation. Additionally, the K, value is expected
to be concentration dependent, due to saturation of specific adsorp-
tion sites with increasing uranyl concentration. Specific adsorption
of uranyl to iron oxides has been characterized in terms of surface
complexation reactions of uranyl hydroxide and uranyl carbonate
species with the oxide surface species FeO™ and FeOH? (Hsi and
Langmuir 1985; Ho and Miller 1986; Payne and Waite 1991).
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Figure 2. Speciation of dissolved uranium in GW-2 as function of pH
as determined by MINTEQA2 using the components listed in Table
2. Species accounting for less than 5% of the total uranium concen-
tration have been omitted from the graph.

Mechanistic descriptions of this type require knowledge of the
number, charge, and uranyl affinity of the surtface sites as a func-
tion of pH. Unfortunately, a detailed description of this type is not
possible for iron corrosion products given that both the amount and
structure change with time. The initially formed amorphous cor-
rosion products are often metastable with respect to other oxide
phases. For example, hydrous ferrous oxide may be transformed into
magnetite, goethite, lepidocrocite, or maghemite under conditions
relevant to ground water treatment systems (Cornell and
Schwertmann 1996). Determination of which stable oxide forms
depends on the pH, the redox conditions, and the rate at which oxi-
dation takes place.

Although surface complexation modeling is beyond the scope
of this work, it is worthwhile to qualitatively understand the adsorp-
tion behavior exhibited in Figure 1. The effect of pH on uranyl
adsorption is similar on all three oxide materials. This indicates that
uranium adsorption onto potential iron corrosion products can be
understood in terms of the behavior exhibited by the well studied
uranyl-hematite system. All three oxide materials show a maximum
in K, between pH 6 and 7, a trend is similar to that reported by Ho
and Miller (1986) and Hsi and Langmuir (1985) for adsorption of
uranyl carbonate complexes on hematite. The strong dependence of
adsorption on pH can be explained by changes in the iron oxide sur-
face charge and uranyl speciation with pH. For iron oxide materi-
als, the pH at which there is no net charge on the oxide surface is
typically in the range of 6 to 8.5 (Silva and Nitsche 1995). Higher
pH values increase the number of negatively charged sites, whereas
lower pH values increase the number of positively charged sites. Not
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Figure 3. The effect of carbonate concentration on adsorption of
uranyl to a mixed valent iron oxide material as a function of pH in
GW-2.

only is the oxide surface charge a function of pH, but the specia-
tion of the dissolved uranyl also depends on pH.

The effect of pH on the speciation of the aqueous uranyl was
investigated using the thermodynamic equilibrium model,
MINTEQA?2 (U.S. EPA 1991). Prior to use, the equilibrium con-
stants in the model’s database were checked against published
sources (Langmuir 1978). Modeling results for the GW-2 solution
are shown in Figure 2. At pH values below 5, aqueous uranyl
exists primarily as positively charged complexes, while at pH val-
ues greater than 7, negatively charged complexes dominate the
uranyl speciation. The adsorption behavior exhibited in Figure 1 can
be then be explained by the fact that the iron oxides and uranium
complexes carry the same charge at both low and high pH. In the
pH range where the maximum adsorption occurs, the carbonate com-
plexes UO,CO;3 (5 and UO,(CO4)$ are the predominant uranyl
species, and their adsorption likely accounts for most of the uranium
uptake. This finding is similar to that reported by Payne and Waite
(1991) for uranyl adsorption onto hydrous ferric oxide. In the pH
range 6 to 7, uranium adsorption was attributed to formation of
FeOH?% — UO,CO; and FeOH?, — UO, (CO5)3 surface complexes.

Because carbonate complexation dominates the speciation of
dissolved uranium, uranyl adsorption by iron corrosion products
should be highly dependent on the carbonate concentration. The
effect of carbonate concentration on uranyl adsorption was inves-
tigated using GW-2 and the mixed valent amorphous oxide. For this
experiment, the total carbonate concentration of the GW-2 sample
was reduced from its initial value of 1.6 mM to 0.48 mM by purg-
ing the solution with nitrogen gas for seven days. Figure 3 compares
uranyl adsorption onto the mixed valent oxide from the low and
native carbonate GW-2 solutions. In the lower carbonate solution,
the maximum uranyl K, of 2000 mL/g is more than three times the
maximum observed value of 540 mL/g in the native carbonate
sample. MINTEQA?2 solution modeling shows that reducing the
solution carbonate concentration at pH 6 leads to an increase in con-
centration of (UO,), (OH) from 12% to approximately 35% of the
total uranium. Correspondingly, the total concentration of the
uranyl carbonate complexes decreases from 84 to 57% of the total
uranium. This suggests that on the mixed valent oxide, adsorption
of uranyl carbonate complexes is weaker than adsorption of uranyl
hydroxyl complexes, and that adsorption of (UO,); (OH)% is respon-
sible for the increased uptake observed in the low carbonate sam-
ple. This finding is in agreement with a previous investigation
using goethite and hydrous ferric oxide which found that (UO,) OH*

and (UO,); (OH)% adsorb preferentially to UO,CO; and UO,
(CO)3~ complexes (Hsi and Langmuir 1985).

Competitive adsorption by background electrolytes was also
found to affect uranyl uptake by iron oxides. Comparisons of
uranyl uptake from GW-1 and -2 indicated that the Kd values for
adsorption from GW-2 were approximately twice those for adsorp-
tion from the higher ionic strength GW-1. This indicates that uranyl
adsorption to iron corrosion products is subject to competition by
other electrolytes.

Uranyl Reduction

Although ferrous ions can reduce U(VI) in concentrated acid
solutions (Baes 1953; Katz and Rabinowitz 1951; Grambow et al.
1996), iron mediated reduction of U(V]) under environmental con-
ditions requires zero valent iron, and is therefore a surface mediated
reaction. Surface mediated reactions following first order kinetics
can be described in terms of a first order rate constant. The observed
first order rate constant (k) may be defined as

__dnc/Cy) v, @

dt S
where C, is the initial reactant concentration, C is the reactant
concentration as a function of time (t), V is the solution volume (500
mL), and S is the reactive surface area (3.8 cm?). The rate constant
defined in this manner is normalized to a surface area to solution
volume ratio of 1 cm2/mL., and can be compared easily to rate con-
stants determined under other experimental conditions. Since the
observed first order rate constant may be affected by mass transfer
limitations, it must be distinguished from the intrinsic rate constant,
k, which expresses the kinetics of the surface mediated reaction in
the absence of mass transfer limitations.

Figure 4 compares data for uranium removal by iron coupons
in GW-1 and -2, and shows that uranium removal in the two ground
water samples displayed significantly different kinetics. Uranium
removal in the GW-1 solution was associated with formation of a
yellow colored precipitate. Although much of this precipitate set-
tled to the bottom of the solution, comparison of filtered and unfil-
tered samples at one week elapsed indicated that 20% of the initially
added uranium was present as suspended particulates. XPS analy-
sis of the precipitate indicated that it contained uranium in the
U(VI) valence state as well as high concentrations of calcium.
Gamma counting 32 mg of this wet precipitate indicated that it con-
tained 9.6 mg of uranium. MINTEQA?2 modeling indicates that at
pH values greater than 5.5, the GW-1 solution is supersaturated with
respect to barite (BaSQy), fluorite (CaF,), and ruthefordine
(UO,COs4). This suggests that the precipitate may be a mixture of
fluorite and ruthefordine. Although the pH of the GW-1 solution was
5.9 at the start of the experiment, as shown in Figure 5, no precip-
itates were observed prior to addition of the iron coupon. Since addi-
tion of the iron coupon did not affect the solution pH, this suggests
that the surface of the iron coupon served to nucleate precipitation
of the supersaturated species.

As shown in Figure 4, uranium concentrations in the GW-2
solution showed a rapid initial drop in the first four hours of the
experiment, followed by a more gradual decline during the remain-
der of the test. After the first four hours, uranium removal from
GW-2 approximated first-order kinetics. MINTEQA2 solution
modeling suggests that the initial drop in solution concentration
resulted from precipitation of schoepite (UO;*2H,0), which is
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Figure 4. Uranium removal from 500 mL anaerobic solutions of
GW-1 and -2 by zero valent iron coupons.
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Figure 5. pH variations in anaerobic iron coupon experiments.

predicted to occur at pH values above 5.5. The modeling prediction
of precipitate formation was supported by data from unfiltered
samples taken at 7.6 and 11 days elapsed, as shown in Figure 4.
Comparison of filtered and unfiltered samples indicated that 21%
of the total uranium was associated with suspended particulates.
However, after 650 hours elapsed, uraniuvm concentrations in filtered
and unfiltered samples differed by only 1.3%, indicating the
removed uranium was associated with the iron coupon.

Uranium removal kinetics from the three ground water simu-
lants are compared in Figure 6. In each solution, the rate of uranium
removal was fastest during the initial 24 hours of the test, and
closely approximated first-order behavior during this period. First-
order rate constants were calculated using least squares regres-
sion analyses for the GW-2, deionized water, NaCl, and NaNO; solu-
tions. The observed first day rate constants and the average rate con-
stant from days 2 through 30 are presented along with their
regression correlation coefficients in Table 3. The observed first day
rate constants for the deionized water, NaCl, and NaNO; solu-
tions indicated similar rates of uranium removal from all three
solutions. However, the average rate constants during days 2
through 30 indicate a difference of more than a factor of 10 in ura-
nium removal rates between the NaCl and NaNO; solutions. In the
NaCl solution, the observed rate constant decreased by a factor of
~3 between days 1 and 30; whereas for the NaNO; solution, the rate
constant declined by a factor of 35 during this period.

Comparison of filtered and unfiltered samples from the ground
water simulant solutions indicated that all the uranium removal was
associated with the iron coupons. In these solutions, the maxi-
mum difference in uranium concentrations between filtered and
unfiltered samples was less than 1% of the initial uranium con-
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Figure 6. Removal of soluble uranium from 500 mL solutions of 0.4

M NaNQ,, deionized water, and 0.4 M NaCl by iron coupons under
anaerobic conditions.

centration. This result confirms the absence of suspended iron cor-
rosion products as an adsorbent material, and confirms that the
removal mechanism is adsorption/reduction at the iron coupon
surface. XPS analysis of iron coupons from similar experiments in
a previous investigation confirmed reduction of uranyl to U(IV)
(Fiedor et al. 1998).

The effect of mass transfer limitations on the observed rate con-
stants in Table 3 was investigated by determining the mass trans-
fer rate constant for aerobic corrosion of the iron coupons in solu-
tions purged with air at 20 mL/min. Because iron corrosion by
dissolved oxygen is limited by the rate of diffusive mass transfer
(Uhlig and Revie 1985), the rate of iron corrosion in air purged solu-
tions can be used to estimate the mass transfer coefficient for dif-
fusion through the hydrodynamic boundary layer surrounding the
iron coupons. The rate of iron corrosion was determined by mea-
suring the increase in aqueous iron concentrations (Fe,) in three air
purged solutions. Measurements of dissolved iron concentrations
as a function of time (t), along with the aqueous diffusion coeffi-
cient for dissolved oxygen (D(zfq), can be used to determine the thick-
ness of the film boundary layer (6) surrounding the iron coupons,
from Sherwood et al. (1975):

0
g,(,lie?.‘l), — Datz (CO2
b

{)
dt 3 € ) ®)
where C%z is the molar concentration of oxygen in the bulk solution,
and C%is the oxygen concentration at the coupon surface. Assuming
an instantaneous surface reaction where C%is zero, and C% is
equal to the solubility of oxygen in water (9 mg/L), an upper
bound estimate of the boundary layer thickness can be calculated.
Averaging the results from three aerobic corrosion tests yielded a
maximum boundary layer thickness of 67 um. This boundary layer
thickness can then be used to calculate the mass transfer coefficient
(k;) for uranyl in the nitrogen purged experiments, from Sherwood
et al. (1975):
0t

Ul
K, = Dy2 6)

)

Using a D, for uranyl of 6.52 X 10-6 cm?/s (Gmelin Handbook of
Inorganic Chemistry 1984) and a boundary layer thickness of 67 um
yields a mass transfer coefficient for uranyl of 5.9 X 10-2 cm/min.
Since this value is only 2.4 times the maximum observed rate con-
stant of 2.5 X 102 cm/min in Table 3, the observed removal rates



Table 3
First-Order Removal Rate Constants and their Associated
Correlation Coefficients for the Data Depicted
in Figures 4 and 6

Day 1 Days 2 to 30
Rate Constant Rate Constant
Water (cm/min) R2 (cm/min) R2
GW-2 44 % 102 0.615 23 x 1073 0.859
D.I water 2.5 X 102 0.985 3.5 x 103 0.987
0.4 M NaCl 25 % 102 0,960 7.9 X 103 0.987
0.4 M NaNO; 25 % 102 0.984 7.2 X 104 0.920

during the first day of reaction may be influenced by mass trans-
fer limitations. However, for the data obtained from days 2 through
30, the mass transfer coefficient for UO% ranges from 7.5 to more
than 80 times the observed rate constants. Thus, the measured rate
constants during this period are indicative of surface reaction rates
rather than mass transfer limitations.

Differences in performance among the test solutions cannot be
attributed to differences in U(I'V) solubility, since the solubility of
UO; (4 is only weakly affected by the solution chemistry
(Shoesmith et al. 1994). Also, pH effects cannot explain the dif-
ferences in removal rates among the three simulant solutions, since
similar pH behavior was observed, as indicated in Figure 5.
Therefore, the performance differences shown in Figure 6 are due
to a specific effect of the electrolytes in each solution. If deionized
water is taken as the baseline case, the data in Figure 6 indicate that
chloride ions enhance the rate of uranium removal while nitrate ions
reduce uranium removal rates. However, the similar rates observed
during the first day of reaction indicate that the effect of these
anions manifests itself only over an extended period of time.

The effect of chloride and nitrate on the reactivity of iron in
anaerobic solutions was investigated by measuring the open circuit
potential of an iron wire electrode placed in anaerobic solutions of
varying chloride and nitrate concentrations. A platinum wire was
used as the counter electrode, and the iron potentials were measured
versus a silver/silver chloride reference electrode. Figure 7 shows
the open circuit potential of the iron wire referenced to the standard
hydrogen electrode. In the nitrate solutions, the open circuit poten-
tial increased with increasing nitrate concentration, indicating that
nitrate is acting as an oxidant. Thus, the decreased uranium removal
rate in the nitrate solution may be attributed to the oxidizing activ-
ity of nitrate, which may inhibit or compete with the reduction of
U(VI), and may enhance passivation of the iron surfaces by increas-
ing the formation of iron oxides. As shown in Figure 7, chloride had
the opposite effect of nitrate on the open circuit potential of the iron.
The decreasing potential with increasing chloride concentration indi-
cates that the iron is more actively corroding at higher chloride con-
centrations. Investigations of iron corrosion behavior indicate that
chloride ions promote enhanced corrosion by increasing the poros-
ity of surface associated oxide layers (Trethewey and Chamberlain
1988). Therefore, the increased rate of uranium removal in the
chloride containing solutions may be attributed to greater access of
the uranyl ions to the reactive surface. The data in Figure 7 also show
that the corrosion enhancing effect of chloride ions is most pro-
nounced at chloride concentrations below 50 mM.

As indicated by the correlation coefficients listed in Table 3,
rates of uranium removal during days 2 through 30 closely approx-
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Figure 7. Open circuit potential versus the standard electrode (SHE)
of an iron wire placed in anaerobic solutions of sodium nitrate and
sodium chloride.

imated first-order behavior. This is a surprising result given the
increasing thickness of the surface adsorbed precipitate layer over
the course of the experiments. After 30 days elapsed, the thickness
of the uranium layer on the iron coupon in the NaCl solution is cal-
culated to be 15 um thick, or 40,000 monolayers, based on a den-
sity of 9.35 g/mL for UO, as the surface precipitate (Gmelin
Handbook of Inorganic Chemistry 1984). This suggests that the rate
of uranium removal is not strongly dependent on the thickness of
the surface associated precipitation layer.

The independence of the uranium removal rate on the thickness
of the adsorbed uranium layer may result from the fact that the ura-
nium on the coupon surfaces is hyperstoichiometric UO,, which is
an electrically conductive oxide (Shoesmith et al. 1994). In previ-
ously reported results, XPS indicated that the stoichiometry of
uranium on the coupons corresponds to UO, ,5, which is hyper-
stoichiometric in oxygen with respect to UO, (Fiedor et al. 1998).
Hyperstoichiometric UO, has the same cubic fluorite structure as
UO,, but contains interstitial O2- ions that contribute to its high elec-
trical conductivity (Shoesmith et al. 1994). The presence of an
electrically conductive surface coating may allow efficient transfer
of electrons from the iron to adsorbed U(VI).

Discussion

Under anaerobic conditions, zero valent iron is capable of
reducing U(VI]) to a less soluble oxidation state. However, the
data in Figures 4 and 6 indicate that slow reaction kinetics may
require a treatment system with a long hydraulic residence time.
Removal half-lives in a flow-through system can be estimated
from the observed rate constants listed in Table 3. Extrapolation of
the batch data to packed bed conditions can be made by adjusting
the observed rates of uranium removal for differences in reactive
surface area per volume of solution. As measured in our laboratory,
a column packed with 40 mesh iron filings contains 5 g of iron per
milliliter of solution volume. Assuming spherical granules, the
geometric surface area of these filings is 0.80 cm?/g. This yields a
geometric surface area to solution volume ratio of 4.0 cm?/mL for
a packed bed of 40 mesh filings. Thus, the half-life (t,,) in a
packed bed of 40 mesh iron filings can be estimated from the
observed rate constant as

In (2)

ty, = ——— 7
V27 K X 4cm/mL @
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Table 4
Estimated Solution Half-Lives and 90% Removal Times
for Uranium in a Packed Bed of 40 Mesh Iron Filings Based
on Extrapolation of Batch Test Rate Constants
Measured Between Days 2 and 30 Elapsed

Removal Half-Life Time for 90% Removal
Solution (min) (min)
0.4 M NaNO, 98 324
GW-2 77 254
Deionized 21 71
0.4 M NaCl 9.6 32

Table 4 lists the estimated removal half-lives in a packed bed
of 40 mesh iron filings for each solution composition. Also listed
in Table 4 are the hydraulic residence times required to achieve an
order of magnitude reduction in aqueous uranium concentrations,
based on the estimated half-lives. Because of capital cost consid-
erations, unit operations such as carbon adsorption or ion exchange
typically operate with hydraulic residence times ranging from 10
to 20 minutes (Reynolds and Richards 1996). Thus, the required res-
idence times listed in Table 4 indicate that uranium reduction by zero
valent iron may be too slow for use in aboveground canister sys-
tems, but may be feasible for in situ applications where treatment
zone residence times may be much greater.

Although the halt-life estimates in Table 4 appear to make zero
valent iron a potentially practical remediation technology for
removing soluble uranium, the adsorption studies suggest that sev-
eral factors may complicate its application to field sites. The strong
influence of water chemistry on adsorption of uranium to iron cor-
rosion products may be a serious problem if a change in ionic
strength, pH, or carbonate concentration leads to release of adsorbed
uranium from the treatment zone. Additionally, the sloughing of iron
corrosion products from the treatment zone may contribute to col-
loidal transport of adsorbed uranium.

The strong influence of water chemistry on rates of uranium
reduction indicates that system design will require laboratory test-
ing with the ground water of interest. This testing, however, will
be complicated by the slow manifestation of solution chemistry
effects on uranium removal rates. Thus, long-term testing will be
required to predict long-term system performance. The batch test-
ing presented here also suggests that column test results will be dif-
ficult to interpret due to the confounding influences of the three con-
current removal mechanisms of reduction, adsorption, and
coprecipitation.
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