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Effect of Solution Chemistry on Clay Colloid Release from an Iron

Oxide-Coated Aquifer Sand
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This research compared the influence of (1) dissolution of
iron oxides and (2) alteration of electrostatic interactions
on the mobilization of colloids in a clay- and iron oxide-
coated sand obtained from an Atlantic Coastal Plain
aquifer in which colloids have been found suspended only
in anoxic groundwater. The sediment was flushed with
solutions of varying ionic strength, pH, and reductant and
surfactant concentrations, and the steady-state rates of
clay colloid release and iron oxyhydroxide dissolution were
measured. The clay release rates were directly related to
the calculated detachment energies and unrelated to rates
of iron(I1I) oxide dissolution, indicating that electrostatic
interactions dominated the binding of colloids to grain
coatings. Mobilization of colloids by iron(III) oxide
dissolution through reductive dissolution was limited by
high ionicstrength. Flushing of the sediment by a natural
groundwater with high dissolved organic carbon concen-
tration released clay without rapidly dissolving iron oxides.

Introduction

Concern over the source of colloids in groundwater has
escalated as cases of colloid-facilitated transport of low
solubility contaminants have been reported (1-4); however,
the source of colioids responsible for enhanced transport
has not always been addressed in these papers. Possible
mechanisms of colloid generation in groundwater include
precipitation (5, 6), erosion in fractures and soils (7, 8),
mobilizations by changes in pH and ionic strength (9-11),
and release by the dissolution of cementing phases (12—
15).

In our past research, we observed that clay mineral
colloids were abundant in anoxic groundwaters and absent
from oxic groundwaters in two Atlantic Coastal Plain
aquifers consisting of iron(I1I) oxide-coated quartz sands
(14). At the New Jersey Coastal Plain site, the anoxic
sediments, located beneath a swamp, contained signifi-
cantly lower levels of iron(III) oxides and clay-sized
particles than in nearby oxic sediments (16). In the oxic
sediments, the quartz grains were coated by colloidal
kaolinite and microcrystalline iron(III) oxide, primarily
goethite (a-FeOOH). We hypothesized that (1) the
goethite cemented together the kaolinite and quartz and
(2) beneath the swamp, the abundant organic matter in
theinfiltrating water caused the dissolution of the geothite;
thus, the kaolinite was mobilized by “decementation”.

Alternatively, the clay colloids may have mobilized as
the infiltrating grounwater caused an increase in the
repulsive colloidal forces described by the DLVO (17, 18)
theory. For example, the introduction of fresh water into
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Figure 1. Total intersurface potential energy, ¢'*, between colloid and
grain surfaces vs separation distance. Total potential energy is
calculated as ¢¥¥ + ¢4, the sum of van der Waalis and electrostatic
energies. A finite primary minimum (¢min1) is deslgnated by choosing
the distance of closest approach, xq,. The detachment energy is the
difference between the primary maximum (¢ max)and minimum energies

(¢“‘ = _[d’max - ¢m|n1])-

briny, oil-bearing formations typically causes clay mobi-
lization leading to formation plugging. Some researchers
(10, 19, 20) have observed that the permeability decrease
occurs at a “critical salt concentration” corresponding to
a primary maximum in DLVO potential energy near zero
(Pmax =~ 0} dmax identified in Figure 1); however, ¢max =~ 0
corresponds to the absence of an energy barrier to
attachment, not detachment (21, 22). To relate colloid
detachment to DLVO potential energy, we must consider
the energy barrier that attached particles must overcome.
This energy barrier is represented by the depth of the
primary minimum (@min1) relative to ¢mex.

A kinetic treatment of colloid detachment requires a
¢min1 of finite depth (Figure 1), which may be estimated
in two ways: (1) by assuming that a separation distance
of closest approach exists (23) or (2) by including short-
range Born potential energy in the total intersurface
potential energy profile (11, 22, 24-26). With a primary
minimum of finite depth, the rate-limiting step in particle
detachment is the escape of particles from ¢min;; thus, the
detachment rate is exponentially related to the size of the
energy barrier (¢9¢* = —[dmax — Gmin1l), analogous to the
dependence of a chemical reaction rate on the Arrhenius
activation energy (21, 22). Studies of detachment of
colloidal oxides from porous media have shown that the
colloid release rate is related to the size of the detachment
energy barrier (23, 26), although the relationship is not
necessarily exponential.

Our goal in this research was to determine whether the
forces that bind the colloids to the grains in the New Jersey
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Table 1. Characteristics of Natural Sediment and Groundwater Samples Collected from McDonalds Branch Watershed,

Lebanon State Forest, NJ=

depth
clay-sized fraction (<2 um)
minerals

heavy mineral fraction (>2.89 g cm-3)
minerals

free Fe

free Al

total Fe

total Ti
organic matter
specific surface

7.3-8.8 m
3.8x04wt%
kaolinite
goethite

quartz
1101wt %
pseudorutile
ilmenite

rutile

39 % 2 umol g1
7.2 % 0.6 umol g-!
77+ 2 umol g1
72 £ 2 ymol gt
0.45 = 0.07 wt %
0.51 £0.10 m? g1

Natural Sediment Sample (Core U.11.1)

sedimentation
X-ray diffraction

CHBr; sedimentation
X-ray diffraction

TH(III) extraction (28)
HF/HCI/HNO; digestion

loss on ignition (450 °C, 6 h)
single-point Ny BET

Natural Groundwater in Contact with Sediment (Well QWH-4b)

pH 4.8

I 04+0.1mM
Ey 340 £ 30 mV
dissolved Og 190 £ 10 uM
Fe (<0.015 um) 0.19 uM

Fer 0.55 uM
organic C 0.067 mM
colloidal clay <lmgL-1

combination electrode and meter

Ryan and Gschwend (14)

Pt electrode/4 M Ag—-AgCl reference
(relative to standard H electrode)

O, electrode and meter

GF-AAS

GF-AAS

persulfate oxidation (29)

light scattering; kaolinite standard curve
(Coulter N4 submicrometer particle analyzer)

Natural Groundwater Used for Flushing (Well QWH-1a)

pH 4.2

I 1.0+ 0.1 mM

Eu 250 + 25 mV
dissolved O, 6+ 3uM

Fe(I) 42 +£ 0.6 uM

Fer 42 + 0.6 uM
organic C 1.70 £ 0.13 mM
colloidal clay 0.27 £ 0.05 mg L1

¢ For details on analytical methods, see Ryan and Gschwend (14, 16).

combination electrode and meter
Ryan and Gschwend (14)
Pt electrode/4 M Ag-AgCl reference
(relative to standard H electrode)
colorimetric test kit (Chemetrics, Inc., Calverton, VA)
TPTZ complexation
NH;0H reduction/TPTZ complexation
800 °C oxidation on Pt catalyst (29)
light scattering; kaolinite standard curve
(Hach Ratio X/R turbidity meter)

Coastal Plain aquifer were primarily chemical (requiring
decementation for colloid detachment) or physical (re-
quiring only a change in the intersurface potential energy
for detachment). To do this, we compared trends in
measured colloid release rates with measured Fe release
rates and predicted DLVO detachment energies (21, 22).
We also sought to establish an experimental means for
evaluating the colloid release potential of a sediment
affected by an alteration in groundwater chemistry.

Methods

Field Sampling. The sediment sample was collected
during a previous study (16, 27) from a saturated, oxic
zone of the Late Miocene Cohansey Sand formation near
McDonalds Branch in Lebanon State Forest, NJ. The
sediment consists mainly of unconsolidated quartz sand
coated by thin (<10 um), anisopachous layers of kaolinite
and goethite (Table 1). The coatings contain about 5 mol
of kaolinite for every mole of goethite [assuming that the
clay-sized fraction was composed entirely of kaolinite (Al,-
Si;05[0H],) and that the free Fe fraction was composed
entirely of goethite]. The sample was dried at 60 °C and
sifted through 1.0- and 0.25-mm sieves to improve sub-
sample homogeneity. The 0.25-1.0-mm fraction com-
prised 80 wt % of the total sample. Magnetic minerals,
mainly iron-titanium oxides, were removed by vibrating
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the sample through an acrylic trough with a thin bottom
over a 0.3-T magnet.

Groundwater was collected about 50 m upstream from
the sediment sampling location in November 1991, from
a well screened 2 m below a swampy stream bed (Mc-
Donalds Branch). Three well volumes of water were
pumped with a peristaltic pump through polytetrafluo-
roethylene (PTFE) and silicone tubing at a flow rate of
1L min-!into overflowed, ground glass-stoppered bottles.
The samples were stored at 5 °C prior to experiments.
The groundwater is acidic, anoxic, high in organic matter
and Fe(II) concentrations, and relatively free of colloids
(Table 1).

Reaction Column. A “column” with a short flow path
(a 47-mm filter cartridge) was used to minimize re-
attachment of mobilized colloids. In the column, a 0.22-
um membrane filter removed particles in the incoming
solutions, and a nylon screen (120 mesh) and o-ring (40
mm diameter) retained the sand. A dry, disoriented sand
sample was packed into the column; as such, it did not
accurately represent the original sediment. The sand
formed a disk of 2.5-3.0-mm height and 40-mm diameter.
The pore volume, estimated for each run by assuming a
solids’ density of 2.65 g cm-3, varied from 1.3 to 1.9 cm3,

The flushing solutions were titrated to proper pH with
HNO; or NaOH after being purged with argon. Ascorbic



acid (HzAsc) solutions were prepared in argon-purged high-
purity water and wrapped in foil to curtail photooxidation.
Using an HPLC pump with a pulse dampener, the solutions
were pumped through a flow cell for conductivity mea-
surement and upward through the column to ensure
complete saturation. The column effluent passed through
a flow cell (fashioned from a 3-mL glass pipet) in a turbidity
meter (Hach Ratio X/R) and a flow cell for pH measure-
ment. The column effluent was collected in amber glass
vials flushed withargon. Theentire system was connected
by 1.6-mm i.d. PTFE tubing.

The experiments were performed at a flow rate 0.50 £
0.05 mL min-!, which corresponds to column residence
times of 2.3-4.2 min and Darcy velocities from 1.0 to 1.6
mdayl. These velocities are within the range of Cohansey
sediment groundwater velocities (30).

Reaction Column Monitoring. The turbidity of the
column effluent was measured continuously using a chart
recorder, digitized, and converted to “clay” concentrations
using a turbidity vs kaolinite standard curve prepared
using suspensions of “colloidal kaolin powder” (EM
Science, <2-um fraction isolated by sedimentation).
Turbidity (T'ntu) was linearly related to kaolinite suspen-
sion concentration ([K]) in our flow-through glass cell over
the range of 0-10 mg L-! kaolinite by

Tyru - B = 0.623[K] + 0.004 (R*=0.9986) (1)

where B is the baseline turbidity (in NTU) for each run,
determined as the turbidity of 0.22-um filtered high-purity
water (0.05 < B < 0.09 NTU). The actual mass concen-
trations of the mobilized colloids, which were checked
gravimetrically by trapping colloids produced by two
experiments on preweighed 0.1-um membrane filters, were
5.1 and 11% lower than those estimated using eq 1,
suggesting that the mobilized colloids and the kaolinite
standards scattered light similarly within the range of error
of the gravimetric analysis. To calculate the steady-state,
or time-averaged, clay release rate (g min-1), the total mass
of clay released in a given time was divided by the flow
rate. The varying baseline turbidity resultedin clay release
rate detection limits of 8.7 X 10-8 to 6.9 X 10-8 g min-L,

The amount of total Fe released from the column was
measured spectrophotometrically (A = 595 nm) using the
Fe(I)-TPTZ complex (31). Hydroxylamine hydrochlo-
ride (NH;OH-HCl) was added prior to TPTZ to reduce
dissolved iron(IIl) to Fe(Il). The total Fe measurement
had a detection limit of 35 nM and a precision of £1.5%.
The steady-state, time-averaged Fe release rate (mol min-!)
was calculated by dividing the steady Fe effluent con-
centration (mol L-1) by the flow rate. The detection limit
was 1.8 X 107! mol min-!. In the natural groundwater
runs, the precision was poorer because the amount of Fe
released was determined as the difference between the
effluent [Fe] and the natural groundwater initial [Fe].

Electrophoretic mobilities were measured at 25 °C with
a Rank Brothers Mk II equipped with a cylindrical cell
and a 3-mW He~Ne laser. The mobilities (U, m2 V-1s-1)
of 20 particles timed in both directions and at both
stationary levels were converted to ¢ (V) using the
Smoluchowski formula (32), ¢ = (Un)/(ey), where 7 is the
viscosity of water, ¢ is the dielectric constant of water, and
€ is the permittivity of free space. More detailed
approaches to the conversion of electrophoretic mobility
to { were not merited owing to the complications of the

irregular size and shape of the mobilized colloids. Clay
concentrations in the effluent were generally too low to
provide enough colloids for reliable measurement of ¢, so
separate runs were made during which the columns were
lightly tapped to mobilize clay in higher concentrations.
We recognize the possible bias in the mobilized colloid
population produced by this technique; however, this
technique was necessary at low clay release rates.

Residual sand samples were collected after some runs
and examined by scanning electron microscopy (SEM)
and energy-dispersive X-ray spectroscopy (EDX). Sus-
pended particles trapped on 0.1-um membrane filters were
also examined, The column residues and filtered particles
were air-dried, mounted on Alstubs with colloidal graphite,
and Au and Pd coated.

Experimental Procedures. The experimental condi-
tions are summarized in Table 2. Each column was packed
with dry sand and flushed first by a high I (ionic strength)
solution to remove only those particles loosened during
column packing. The high I flushes were followed by low
Iflushes, which provided baseline clay release rates against
which the experimental clay release rates could be
compared. The low I flushes were run until turbidity
reached stable levels comparable to the background
turbidity, which required at least 20 pore volumes in every
run. Most of the solutions contained a dilute acetic acid/
acetate (HAc/Ac™) solution which aided in buffering pH
near the ambient pH of the groundwater in the oxic
sediment.

In the Al and duplicate ApH experiments, successively
lower I and higher pH solutions were sequentially run
through single columns. In the AHsAsc experiments,
ascorbic acid concentration was varied at pH 4.8 and 6.0
in separate columns for each reductant concentration. The
reductant solutions were followed by low I flushes at the
same pH. In the ApH HjAsc experiment, successively
higher pH reductant solutions were separated by inter-
vening low I flushes at the next higher pH. In duplicate
ARCOOH experiments, dodecanoic acid [CH3(CHg)qo-
COOH; or RCOOH] solutions were separated by low [
flushes. Dodecanoic acid solutions were separated by low
I flushes at the next higher pH. Unamended natural
groundwater collected from the field site was also used to
flush the sediment.

Calculating Detachment Energy. We estimated the
detachment energy as ¢9¢t = —[dmax — Pmin1] using the sum
of the van der Waals and double-layer potential energies
as the total potential energy calculated as a function of
separation distance. To define a ¢uin; of finite depth, we
assumed a distance of closest approach. Although the
colloids were clay plates with different surface potentials
on faces and edges, we decided to represent them as
uniformly charged spheres because (1) the plates appeared
to be randomly oriented in the grain coatings and (2) ¢
could be measured only as an overall parameter.

The van der Waals potential was calculated with the
Hamaker (33) expression for the unretarded interaction
of twospheres. The double-layer potential was calculated
with the Hogg et al. (34) expression for sphere-sphere
interactions and constant potentials. Note that the
accuracy of the Hogg et al. expression, a linearized solution
of the Poisson—Boltzmann (PB) equation, decreases for
Yo > 25 mV and small separation distances (compared to
an exact solution of the full PB equation), so our estimates

Environ. Sci. Technol., Vol. 28, No. 9, 1994 1719



Table 2. Summary of Experimental Conditions Including Composition and Number of Pore Volumes (PV) of Solutions Run

through Columns?

experimental
variable high I flush low I flush

Al 0.5 M NaNOg;
5% 104 M Ac;
pH 4.8; 240 PV

ApH 0.5 M NaNOsg; 0.01 M NaNOQg;
5X 104 M Ac; 5% 104 M Ac;
pH 2.0; 220 PV pH 2.0; 220 PV

AHsAsc 0.5 M NaNOg; 5% 104 MAc;
5X 104 M Ac; pH 4.8, 6.0; =20 PV
pH 4.8, 6.0; 220 PV

ApH HzAsc 0.5 M NaNOg; 5X 104 M Ac
5% 104 M Ac; pH 3.0; 220 PV
pH 3.0; 220 PV

ARCOOH 0.5 M NaNOg; 5X 104 M Ac;
5%X 104 MAc; pH 4.8; 220 PV
pH 4.8; 220 PV

ApH RCOOH 0.5 M NaNOg; 5X 104 M Ac;
5x 104 M Ac; pH 3.0; = 20 PV
pH 3.0; 220 PV

natural groundwater 0.5 M NaNOsg; 5% 104 M Ac;
5% 104 M Ac; pH 4.2; 220 PV
pH 4.2; 220 PV

experiment

0.5-6 %X 10-5 M NaNOs;
sequential; 20 PV each

post-flush

0.01 M NaNOQjg;
5X 104 M Ac; pH 2.0-10.0;
sequential; 20 PV each
1 X 104-0.1 M HyAsc;
5x 104 M Ac; pH 4.8, 6.0;
separate columns; >45 PV each
1 X 10-3 M HjAsc;
5X 104 M Ac; pH 3.0-7.0;
sequential; 20 PV each
12-160 M RCOOH;
5 X 104 M Ac; pH 4.8;
sequential; 20 PV each
80 uM RCOOH;
5% 104 M Ac; pH 3.0-8.0;
sequential; 20 PV each
unamended groundwater;
pH 4.2; 40, 45, 290 PV

5x 104 M Ac; pH 4.8, 6.0;
following reduction;
>45 PV each

5 X 104 M Ac; next pH
intervening; 10 PV each

5X 104 M Ac; pH 4.8;
intervening; 10 PV each

5 X 10+ M Ac; next pH
intervening; 10 PV each

5 X 104 M Ac; pH 4.2;
following groundwater;
>10 PV each

o Acetic acid/acetate buffer shown in parentheses when included in all solutions of a series. Ascorbic acid (HzAsc) and dodecanoic acid
(RCOOH) added as acids. Post-flushes either follow separate column experiments or intervene between sequential, single-column experiments.

of detachment energy are valid only for the evaluation of
trends in detachment energy.

Because flushing removed only small amounts of the
clay in the sediment, we assumed that the interactions
controlling detachment occurred between clay colloids in
the coatings and not between colloids and grains. Based
on SEM examination, we estimated the average diameters
of the clay colloids as 1 um. We used a Hamaker constant
of 4 X 10-20 J and a distance of closest approach of xp,
=17 A. This ¥y is within the range determined as fitting
parameters in experimental systems (4-10 A; refs 24 and
27).

Estimating Surface Potentials from { Potentials.
Athighionicstrength and surface charge, {fails to provide
agood estimate of o (18, 32). Because ¢dlis very sensitive
to ¥, we sought to correct our measured { for the effects
of high ionic strength and surface charge. To avoid
defining a fixed shear plane distance required by Over-
beek’s (35) expression relating ¢ and o, we derived an
empirical relationship between values of { measured for
rutile (Ti0q) and alumina (y-Al;03) by Wiese and Healy
(36) and surface potentials calculated for these simple
oxides with a surface complexation/double-layer (SCDL)
model (Yeeq) following Dzombak and Morel (37).

Values of e for rutile and alumina or the pH and I
range over which { was measured were calculated using
parameters recorded in Ryan (27). The equilibrium
reactions were solved with a version of MINEQL (38)
modified to account for Gouy-Chapman double-layer
interactions (37). For a range of ionic strengths, { (mV)
was fit to Yecq (mV) to arrive at the following empirical
expression:

‘pscdl =+ [e4.7><10‘4xo'28§'_ 1] (2)

where « is the Debye—Hiickel parameter. This expression
is similar in form to Overbeek’s { — ¥ relationship (35)
with the exception that it does not require identification
of a fixed distance to the shear plane. This empirical

1720 Environ. Sci. Technol., Vol. 28, No. 8, 1994

expression is not intended to elucidate any of the causes
for the disparity between { and .

Results

Morphology and Composition of Sediment and
Mobilized Colloids. After the high I/low I flushes, loose
coatings remained on the grain surfaces. Ascorbic acid
reduction removed much of the coatings on smooth faces
of the grains, while surface irregularities and intergrain
contacts remained filled with coatings. The same coating
distribution was observed in the natural sediments found
in the path of the infiltrating organic matter (16).

The released colloids contained roughly equal concen-
trations of Al and Si (as well as <0.5-3.0 mol % of Fe) and
were predominantly <2-um diameter (27), similar to those
found in the natural groundwater (I4). Discrete iron(III)
oxide colloids were not detected under any column
conditions, although such colloids were found suspended
in the natural groundwater.

The isoelectric point (pHiep) of the colloids released from
the column was the same as that of natural groundwater
colloids (14), about 3.0. The values of pHj,, measured for
pure kaolinite by microelectrophoresis range from 3.3 to
5.0 (39); thus, we surmise that adsorption of organic matter
lowered the pHj, of the clay colloids.

Sediment Flushing Experiments. The results of a
high I/low I column preparation flush show that (1) the
high I flush removed a large amount of clay that we assume
was disrupted by column packing and (2) the low I flush
removed a small amount of clay before reaching a steady
level near the detection limit (Figure 2a). The results of
a AH,Asc experiment show that reduction produced spikes
of clay release and that the ensuing low I flush released
a large pulse of clay before approaching the clay release
detection limit (Figure 2b). In contrast, a high I flush
following reduction produced a decline of turbidity to
prereduction levels in only about 5 pore volumes (Figure
2¢). The accompanying release of total Fe increased with
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Figure 2, Raw data collectad for column preflushing (sudden AJ) and
ascorbate reduction (AH,Asc) experiments. Clay concentration was
measured continuously; Fe was measured in integrated samples. (a)
Example of the high I/low I flush at pH 4.8 used as preparation for
further experiments. In initial flush, clay concentrations reached 28
NTU (off-scale peak) as clays loosened by column packing were
removed. (b) Exampie of ascorbic acid/low I fiush for 102 M H,Ascy
and 5 X 10-*M HAc/Ac™ at pH 4.8. Each reduction/low I flush was
preceded by a high I/low I flush similar to that shown in panel a. During
the low I flush, most of the clay was released in the first 5 pore
volumes. {c) Example of ascorbic acid/high I flush for 10-2 M HoAscy
and 5 X 10~ M HAc/Ac™ at pH 4.8. Very little turbidity was removed
by the high I flush following reduction. (d) Example of ascorbic acid/
low I fiush for 10~2 M HzAscr and 5 X 104 M HAc/Ac™ at pH 4.8. Fe
release rate quickly increased to a plateau during reduction and slowly
decreased during the flush.

HjyAsc addition and decreased gradually during the low I
flush (Figure 2d).

In a preliminary test, we measured the long-term release
of clay and Fe from the sediment. HyAsc solution at 10-3
M was pumped through a column at pH 4.8 for 950 pore
volumes. The release of clay and Fe were steady over the
entire run. A total of only 0.5% of the total clay and 2.0%
of the free Fe in the sediment was removed during this
test.

In the “sudden” AJ experiment (the high I/low I column
flushing procedure), no significant difference between the
time-averaged high I and low I clay release rate was
discerned (Figure 3). Inthe “gradual” AT experiment, the
clay release rate nearly doubled as I was decreased;
however, the rate increase is probably not significant given
the large error in measuring these low clay release rates.
The total Fe release rates remained constant. Colloid
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Figure 3. Effect of changing I on clay release rate. (a) A plot of clay
release rates and Fe release rates vs ionic strength ([NaNO,]) at pH
4.8. The effects of sudden AT from 0.5 to 0.0005 M (error bars
represent + 10, n = 22 runs) and gradual AIover 4 orders of magnitude
are shown. (b) Colloid { and surface potentials vs ionic strength (error
bars £1¢, n = 20 for all {-potential determinations).
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Figure 4. Effect of changing pH on clay release rate. (a) A plot of
clay release rates and Fe release rates vs Influent pH at I = 1.0 X
10-2 M NaNOQ,. Data are average clay release rates for two runs. (b)
Colloid { and surface potentials vs pH.

{-potentials became more negative with decreasing I, but
surface potentials obtained with eq 2 did not vary much.

In the ApH experiments (Figure 4), the release rate
tripled as pH increased, but most of increase occurred at
pH > 7. The total Fe release rate decreased to below the
detection limit at pH > 6. Colloid {-potentials reversed
sign at approximately pH 3.0.
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Figure 6. Effect of changing pH on clay release rate in the presence

of 1.0 X 10-2 M H,Ascr. (a) Plot of clay release rates and Fe release
rates vs pH. (b) Colloid { and surface potentials vs pH.

In the AH,Asc experiments, Fe release rates clearly
responded to the increase in [HzAscr], but the clay release
rate increase was small (Figure 5). Colloid {-potentials
reached a minimum at 10-3 M HyAsct at both pH 4.8 and
6.0, but the estimated surface potentials became increas-
ingly more negative with increasing [HpAsct]. The time-
averaged clay release rates during the low I flushes
correlated well with the Fe release rates measured during
reduction. When pH was varied at constant ascorbic acid
concentration (ApH HzAsc), clay release rates increased
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Figure 7. Effect of changing dodecanoic acld concentration on clay
release rate. (a) Plot of clay release rates and Fe release rates vs
dodecanoic acid concentration. (b) Colloid { and surface potentials
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with increasing pH while the Fe release rates decreased
(Figure 6). The colloid {-potentials and surface potentials
became more negative with increasing pH.

In the presence of dodecanoic acid (ARCOOH), clay
release rates increased dramatically, but the Fe release
rate was low and constant (Figure 7). Colloid {-potentials
became more negative with increasing dodecanoic acid
concentration. When pH was increased in the presence
of dodecanoic acid (ApH RCOOQOH), clay release rates
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Table 3. Summary of Relationship between Clay Release
Rate and Detachment Energy?

experiment slope ¢4¢t/kT = 0 intercept ~ R?
Al ~1.6£0.5 X 103 -7.1£0.1 0.78
ApH 1.2+ 0.5 X 103 -6.7+0.1 0.42
AHoAscpH4.8 22£0.8X1073 -6.7x0.1 0.91
AH,AscpH 6.0 21£0.8x 103 -6.2+0.1 0.76
ApH HAsc 5.1 £ 0.7 X 108 -6.0+0.3 0.94
ARCOOH 6.2+ 2.7x10°° -5.4 £ 0.4 0.90
ApH RCOOH 4.5 % 0.3 % 108 -52+0.3 0.98

¢ Slopes are calculated for the relationship log (clay release rate)
vs ¢det/kT.

increased and the colloid {-potentials and surface poten-
tials became more negative (Figure 8).

Natural Groundwater. The natural groundwater
produced a relatively high mean clay release rate(2.3 £ 0.4
X 10-% g min~!, n = 3), but the mean Fe release rate was
quite low (8.1 £ 7.1 X 10-1° mol min-1). The mean colloid
{-potential was —30 mV, resulting in a Yy of =32 mV. In
low I flushes following the two shorter natural groundwater
runs, turbidity decreased to levels measured in the
preceding low I flush in less than 5 pore volumes.

Clay Release Rate—Detachment Energy Relation-
ships. We assumed that interactions leading to colloid
release were controlled by colloid—colloid and not colloid—
grain interactions; therefore, we calculated the detachment
energies using the surface potentials estimated from
measured ¢ values via eq 2. We surmise that these surface
potentials, derived from experimentally determined elec-
trophoretic mobilities, provide the best means for inte-
grating the effects of most of the complicated effects that
cannot be easily accounted for in estimating DLVO
interactions in natural systems. The { correction ac-
complished by eq 2 appears to have removed the effect of
highionicstrength and surface charge on { measurements.

For most of the experiments, clay release rates were
positively correlated with ¢d¢t (Table 3), with the notable

exception of the Al experiment. For Al, clay release rates
were negatively correlated with ¢det,

Discussion

Accuracy of Estimated Surface Potentials. The
surface potentials estimated with the empirical {—yp
relationship (eq 2) more accurately described the effects
of solution chemistry on the colloid surfaces than did the
{-potentials. Forexample,adsorption of ascorbate initially
made ¢ more negative; but at higher [HAsc-], { became
less negative because the ionic strength increased as well.
The estimated surface potentials increased with [HAsc"],
consistent with the expected adsorption behavior and the
colloid release behavior.

The estimated surface potentials may still inadequately
represent the true surface potentials of the clay colloids.
First, Smoluchowski’s {~U relationship does not account
for nonspherical colloids. The electrophoretic force is
opposed by a fluid drag force, which, for an oblate ellipsoid
with a major axis ratio of b/a = 10, is about 1.45 times
greater than that of asphere of the same radius (40). Thus,
¢ of a clay particle with the same electrophoretic mobility
as a spherical colloid should be about 50% greater than
the {-potential of the spherical colloid. Second, { of the
effluent colloids may have been substantially different
from those of the colloids still attached. Toachieve colloid
concentrations high enough to measure {, we had toslightly
agitate the column in duplicate experiments. Thus, we
may have been measuring { of colloids whose detachment
was aided by some motion greater than that of diffusion.
Third, clay minerals possess permanent negative charge
on their siloxane faces and amphoteric oxide functional
groups on their edges and gibbsite faces. The clay surfaces
may be partially coated by organic matter and other ions.
The potentials of the faces and edges were measured as
one overall ¢ that would not describe colloid detachment
behavior if, for example, the clay edges alone controlled
the attachment of the colloids to the coatings. Conversely,
this ability to measure overall { may also be considered
an advantage in attempting to characterize the potentials
of these heterogeneous surfaces.

Factors Controlling Colloid Detachment. Clay
release rates were positively correlated with the detach-
ment energy and unrelated to Fe release rates for most of
the experiments (ApH, ApH HyAsc, ARCOOH, and ApH
RCOOH experiments). For these changes in solution
chemistry, the forces controlling colloid detachment are
clearly the electrostatic forces described by the DLVO
theory. The agreement between the trends in the clay
release rate and the detachment energies only indicates
that DLVO forces appear to control clay release; it does
not imply that the release mechanism is the same as that
presented for model systems (21, 22).

It is interesting to note that colloid mobilization is most
often attributed to a decrease in ionic strength (9-11).
The results of the Al experiment demonstrated that, in
the presence of colloid phases of opposite charge (kaolinite
and goethite at pH 4.8), the decrease in ionic strength did
not cause a significant increase in the clay release rate. We
surmise that the strong interaction between oppositely
charged kaolinite and goethite mitigated the effect of ionic
strength on the double-layer force between the colloids.
Our understanding of the interactions between goethite
and kaolinite is confirmed by the results of the ApH
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experiment—the clay release rate does not significantly
increase until the pH is raised to 7.0, just below the pHiep
of pure goethite (8.1~9.7; ref 41). The presence of adsorbed
natural organic matter in the original sediment, 0.45 wt
% , has perhaps shifted the isoelectric point of the goethite
to a slightly lower pH, resulting in kaolinite mobilization
at pH less than the pHie,.

In the Al experiment, the clay release rate increased
slightly as ionic strength decreased (although the increase
in clay release rate was not significant), yet the calculated
increase in detachment energy with decreasing ionic
strength resulting in the only negative correlation between
release rate and detachment energy. This result led us to
explore the effects of ionic strength on colloid detachment
in a system of hematite colloids and quartz grains (26).
We found that an increase in xny, produced potential
energy profiles without energy barriers in agreement with
the experimental results. However, a similar approach
did not yield agreement between the calculated detach-
ment energies and the observed clay release rates here.

Effect of Reductive Dissolution on Clay Mobiliza-
tion. The dissolution of iron(IIl) oxides have some
influence on the clay release rate, as a comparison of the
ApH and ApH HjAsc experiments (Figures 4 and 6)
shows—reduction accelerated the clay release rate, par-
ticularly at higher values of pH. This trend is reflected
in the higher slope and intercept values of the clay release
rate—¢d¢t relationship for the ApH HzAsc data (Table 3).
We surmise that the dissolution of iron(IIl) oxides
enhanced the clay release rate by changing the colloid-
colloid interaction from kaolinite—goethite—kaolinite to the
more repulsive kaolinite—kaolinite. We were not able to
observe this change directly because we measured ¢ of
only the released colloids.

The experiments in which [HoAscr] was varied and
followed by a low I flush further illustrated the effect of
dissolution of the goethite cement (Figure 5). The lowest
concentration of HyAsct (10-¢ M) had little effect on the
clay release rate relative to the rate measured at the same
pH without HsAsc present. At 10-3 M HoAscr, iron(IIT)
oxides were dissolved more rapidly, and the clay release
rate tripled at pH 6 and increased slightly at pH 4.8. At
the two higher HyAser concentrations, the rate of iron-
(ITI) oxide dissolution kept increasing, but the clay release
rates began to level off. We surmise that the clay release
rate reached a plateau as the Fe release rate continued to
rise because of the counteracting effect of increasing I.
The increase in I decreased the repulsive force between
the clay colloids even though the dissolution of iron(III)
oxides may have changed the colloid—colloid interactions
from kaolinite-goethite-kaolinite to kaolinite—kaolinite.

When the high 7 HyAsc solution was replaced by the low
I flush solution, the colloids that had been “loosened” by
goethite dissolution, but not released, were rapidly flushed.
In the low I flushes, the rates and total amounts of clay
and Fe release were directly related. The same effect was
not observed for the natural groundwater, suggesting that
the natural organic matter did not cause substantial
reductive dissolution of the goethite.

Surfactant Adsorption and Clay Release. Dode-
canoic acid was added at concentrations of 0.06-0.8 ug of
C L, far less than the ~1.0 mg of C L-! found in the oxic
groundwater nearby (14). However, in terms of ionizable
carboxylate groups, the addition of dodecanoic acid
represented much higher concentrations of organic matter
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than the groundwater NOM. At pH 4.8, the dodecanoate
concentration ranged from about 10 to 140 yequiv L. In
Pine Barrens groundwater, NOM consists mainly of humic
substances (42). Terrestrial humic substances typically
contain about 5 mequiv g1 carboxyl groups (pK, =~ 4.0)
(43), resulting in about 4.3 mequiv g-! of ionized functional
groups at pH 4.8. Thus, the 1.0 mg of C L1 of NOM in
the natural groundwater with which the natural ground-
water had been equilibrated contains only about 4.3 uequiv
L-? of ionized carboxyl groups.

The adsorption of dodecanoate in the range of [RCOOH]
used in these experiments is capable of reversing the
surface charge of hematite at pH 5.2 (44). Although we
were not able to directly observe the effect of dodecanoate
adsorption onto positively charged oxides, we surmise that
dodecanoate adsorption reversed the surface charge of
goethite and the positively charged oxide sites on the clay
edges, resulting in strongly repulsive interactions and rapid
colloid release. The dramatic effect of dodecanoic acid
addition suggests that, even in the presence of the 0.45 wt
% of organic matter measured in the sediment, positively
charged sites remained to adsorb dodecanoate.

Dodecanoate adsorption, which is primarily physical
(ion exchange, hydrophobic interactions) but may include
some specific ligand exchange, particularly with iron(I1I)
oxides (45, 46), probably resulted in hemimicelle formation.
Hemimicelle formation usually occurs at about 10-3-10-2
of the critical micelle concentration (CMC) of a surfactant
(47,48). The CMC of sodium dodecanoate is 24 mM (49);
thus, we expect hemimicelle formation at about 24-240
uMdodecanoate. This corresponds well with the [RCOO-]
concentration at which the clay release rate began to
increase rapidly, about 16-48 uM RCOO-.

Natural Groundwater and Clay Release. The
relatively high clay release rate caused by the natural
groundwater accompanied by low Fe release rate suggests
that the natural groundwater affected clay release in the
same manner as dodecanoic acid. The mechanisms of
natural organic matter (NOM) adsorption to mineral
surfaces may include both ligand exchange (50-52), ion
exchange, and hydrophobicinteractions (53,54). Recently,
the adsorption of surfactants has been modeled accounting
for both mechanisms (44, 55).

If ion exchange and hemimicelle formation are the
dominant mechanisms of both NOM and dodecanoate
adsorption, then we would expect that comparable amounts
NOM and dodecanoate (in terms of ionized functional
groups) would cause similar clay release rates. At pH 4.2,
the 20 mg of C L-! of NOM in the natural groundwater
may contain about 62 uequiv L-! of carboxylate groups.
The natural groundwater released clay at about the same
rate as 80 uM dodecanoic acid (33 uM RCOQO-) solution
at pH 4.8, suggesting that their adsorption mechanisms
may be similar.

Implications for Colloid Mobilization. Based onthe
clay release rate of 1.5 X 10-7 g min-! measured at pH 4.8
and low ionic strength, hydraulic gradients as high as 0.17
(56), hydraulic conductivity as high as 10 m s1, and
porosity of 0.44 (30), flushing the clay from the 6-m deep
column of sand that has been decemented below the swamp
(16) would require about 75 000 yr without an effective
colloid-mobilizing agent. This time is considerably longer
than the ca. 10 000 yr that the existing swamp terrain is
presumed to have been present at this site following
glaciation. However, at the clay release rate of 2.3 X 10



g min-! measured in the presence of NOM in the natural
groundwater, the clay from the decemented column of
sand could be removed in only 4900 yr.

Dissolution of the free Fe in that sediment would require
13 500 yr at the Fe release rate of 8.1 X 101 mol min-!
measured in the presence of the natural groundwater. If
all the clay released is kaolinite, the clay release rate could
be expressed as 8.9 X 10-° mol min-1. About 11 mol of
kaolinite is released for every mole of goethite dissolved,
while the molar ratio of kaolinite/goethite ~ 5 in the
coatings. The accelerated release of kaolinite suggests
that goethite colloids must be mobilized prior to dissolu-
tion. These release rates may explain our observation of
both kaolinite and goethite colloids in the natural ground-
water (14); however, we did not observe ferric oxyhydroxide
colloids in the column effluent.

Contaminant plumes emanating from waste sites are
typically near neutral pH, anoxic, high in ionic strength,
and capable of dissolving reducible oxides from the
sediments (57, 58). While iron(III) oxide dissolution may
occur, high ionic strength may inhibit the release of colloids.
Contaminant plumes also contain surfactant-like com-
pounds (59) that may cause colloid mobilization. Sur-
factants containing phosphate and sulfonate functional
groups, which form strong specific surface complexes with
most oxides, may be even more effective than carboxylic
acids at reversing the surface charge of cementing phases
and mobilizing colloids.

Conclusions

Colloids can be mobilized from a natural sediment
primarily by increasing the electrostatic repulsion between
the colloid surfaces. Iron(III) oxide reductive dissolution
was not necessary to mobilize clay colloids, although
decementation did accelerate clay release rates under some
conditions, possibly by changing colloid-grain interactions
from kaolinite—goethite—kaolinite to the more repulsive
kaolinite-kaolinite. A decrease in ionic strength caused
an insignificant increase in the clay release rate, indicating
that changing ionic strength did not promote clay release
in the presence of oppositely charged kaolinite and goethite
colloids. The results of these experiments suggest that,
in typical landfill leachates, surfactants may present the
most effective means of generating colloids capable of
facilitating contaminant transport.
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Abbreviations and Symbols

€ dielectric constant of water
€ permittivity of free space

¢ zeta potential

1 viscosity of water

K Debye-Huckel parameter

¢pdet intersurface potential energy barrier associated
with detachment

il double-layer intersurface potential energy

Prmax primary maximum in intersurface potential energy

Ominl primary minimum in intersurface potential energy

gtot total intersurface potential energy

Yo surface potential

Yacdl surface potential calculated by surface complex-
ation/double-layer model

Pvav van der Waals intersurface potential energy

B baseline turbidity measurement

BET Brunauer-Emmett-Teller
DLVO Derjaguin-Landau—Verway-Overbeek
EDX energy-dispersive X-ray spectroscopy

GF-AAS graphite furnace-atomic absorption spectropho-
tometer

H;Asc, ascorbic acid, ascorbate ion
Hasc-

HAc,Ac acetic acid, acetate ion

HPLC  high-performance liquid chromatography
1 ionic strength
k Boltzmann constant
pHisp isoelectric point
PTFE  polytetrafluoroethylene
RCOOH, dodecanoic acid, dodecanoate
RCOO-
SEM scanning electron microscopy
T absolute temperature

Tntu turbidity

TPTZ  2,4,6-tri(2-pyridyl)-1,3,5-triazine

U electrophoretic mobility

Lmin distance of closest approach of colloid to grain
[K] kaolinite suspension concentration
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