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In this work, existing models for adsorption of protons
and sulfate on goethite and silica were used in combination
with a one-dimensional mass-transport model to predict
the transport of sulfate at variable pH and ionic strength in
a goethite—silica system. The predicted multicomponent
transport phenomena are discussed, and an evaluation is
made of the sensitivity of the results to different input
parameters. This information was used to select optimal
conditions for independent experimental testing of the model.
Column experiments were carried out in which solutions
of known pH, sulfate concentration, and salt concentration
were infiltrated into a goethite-coated quartz sand
column. The agreement between the experiments and the
predictions is very good, especially considering the fact
that no fitting of model parameters to the actual experimental
system was involved. According to the model calculations,
transport behavior of sulfate in a goethite system is

very sensitive to relatively small amounts of adsorbed
sulfate initially present. This could be an explanation for
the remaining differences between the predicted and the
measured curves. It also implies that, for the application
of such mechanistic models to soils, accurate information
on the initial composition of the soil is essential.

Introduction

Multicomponent transport processes play an importantrole
in the migration of both inorganic pollutants and nutrients
in soil and groundwater and, thus, in the relationship between
the presence of chemicals in the soil and their effects on
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organisms. Therefore, prediction of transport behavior as a
function of soil properties can be important when evaluating
the possible effects of soil contamination. Ideally, it would
be possible to predict the transport rates of chemicals in a
soil purely from the relevant physical and chemical param-
eters, using available mechanistic models for the interactions
of the chemicals involved with the soil constituents. Such
models are available for the adsorption of ions by soil
components such as different clays, iron and aluminum
(hydr)oxides, and organic matter. Although predictions with
these models are unlikely to be perfect because of the
variability in the chemical reactivity of soil components, they
can nevertheless be very useful and provide reasonable
estimations of the behavior of substances, especially of how
this behavior is likely to depend on variations in soil
conditions. In the case of multicomponent systems, it would
be very difficult to determine such a dependence experi-
mentally.

In this work, we investigate to what extent a multicom-
ponent mechanistic interaction model, available from the
literature, in combination with a one-dimensional convective
transport model is able to predict the combined transport
of sulfate and acidity in a chemically and physically well-
defined system. This system consists of a goethite-coated
silica sand column, which is similar to systems used in our
earlier work (1, 2). It is important to note that the goethite
used in this column was not the same material as originally
used in the literature to derive the parameters for the
adsorption models. The goethite used here has a different
PZC (point of zero charge) and specific surface area (3). The
literature value for the PZC of goethite, and not the actual
value for the material present in the column, was used in the
model. The adsorption chemistry of silica and goethite are
thus predicted using only their respective total surface areas
as input.

We first used the chemical interaction model to calculate
hypothetical sulfate adsorption isotherms for the column
material. These isotherms were not experimentally verified.
However, correct prediction of sulfate transport rates is only
possible when the adsorption isotherms, including their
dependency on pH and salt levels, are described accurately
by the model. We subsequently used the model to calculate
a set of breakthrough curves for a hypothetical column, at
different pH and sulfate levels. The results of these calcula-
tions were used to select the most appropriate conditions to
perform experiments that would exhibit multicomponent
effects. We finally carried column experiments under these
conditions and compared the resulting breakthrough curves
with model simulations at the exact experimental conditions.

Model Description

The chemical adsorption models used in the calculations
were taken, without any changes, from ref 4 (charging
behavior of goethite), ref 5 (charging behavior of silica) and
ref 6 (pH-dependent adsorption of sulfate on goethite). The
adsorption models were used in combination with a one-
dimensional convective transport model that was solved
numerically with a mixing-cell method (7). The actual
calculations were carried out with the computer program
Orchestra (8). A more detailed description of the model is
found in the Supporting Information.

Model Calculations

Hypothetical Adsorption Isotherms. The chemical model,
defined by the reactions given in Table 1, was first used to
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TABLE 1. Chemical Reactions Used in the Chemical Equilibrium Model

Solution

(1) H" 4+ OH~ = H,0

(2) H" 4+ S042~ = HSO4~
(3) H 4+ HSO4~ = H,S04
(4) Na* + SO,2~ = NaSO4~

Reactions with Goethite Surface

(5) FEOHY2~ + H* — FeOH, 2+

(6) FE301/27 + Ht < FE3OH1/2Jr

(7) FeOHY2~ + Na' < FeOH,*2~ —Na*

(8) FesOY2~ + Nat < FesOY2~—Na*

(9) 2FeOHY2~ + 50427 4+ 2HT < F82025027 + 2H20
(10) FeOH,Y2* + CI~ < FeOH,2+—CI~

(11) FesOHY2* + CI- < FesOHY2 —CI-

log K°=—14 (12
log K°=1.98 (12)
log K° = 0.0 (12
log K°= 0.7 (12
log KO=9.2 (4
log K°=9.2 (4
log K®=—-1.0 4
log K°=—1.0 4
log K°=19.5 (6)
log K°=—-1.0 (4
log K°=—-1.0 (2)

calculate sulfate adsorption isotherms on goethite-coated
sand at different pH levels and at salt concentrations of 0.1
and 0.01 M. The calculations were done for a solid solution
ratio as given in the column. The properties of the solid
material and the column parameters for the hypothetical
calculations were taken from ref 3. A solid matrix consisting
of silica, with a specific surface area of 0.08 m? g1, and
containing 0.73% (by weight) goethite, with a specific surface
area of 24 m? g~* was used. The overall density of the solid
material was 2.31 g cm~3. Combined with a porosity of 0.5,
this results in 185 m?silica and 408 m? goethite/L. (Note that
the column dimensions and packing density are slightly
different from those of the column used in this work.)

Hypothetical Breakthrough Curves. The multicompo-
nent sulfate adsorption model was used in combination with
the one-dimensional transport model to calculate transport
of sulfate, acidity, and salt ions in a goethite—silica column.
First, breakthrough curves were calculated for a column
equilibrated at pH 3, 4, and 5in a 0.1 M NaCl solution. The
column was infiltrated for 6 pore volumes with a 2 x 1074,
4 x 1074, and 1 x 1072 M sulfate solution at the same pH and
salt concentration. The infiltrating solution was then changed
to a sulfate-free solution to leach sulfate from the column
again. To illustrate the effects of the variable pH, the
simulations were also performed at fixed pH.

The simulations were carried out using a system with 60
cells, resulting in a column Péclet number (Pe = L/a where
L is the column length and a is the dispersivity) of 150,
according to the procedure reported by Herzer and Kinzel-
bach (9). This is lower than the Pe of 500 reported for the
experimental system studied by Scheidegger et al. (1) and
Meeussen et al. (2). This will result in larger effects of
numerical dispersion than an experimental column. How-
ever, thisis notreally a problem, as the position of fronts and
heights of concentration plateaus in the breakthrough curves
are determined by nonlinear chromatographic effects and
not by dispersion (10). This is not the case for concentration
fronts that result from a change in salt concentration of the
input solution. As salt is not significantly adsorbed, salt is
notretarded, and there are no chromatographic effects; thus,
front shapes are completely determined by dispersion (10).

To illustrate the effects of dispersion on the transport of
saltand, indirectly, on accompanying ions, simulations were
carried out for a column that was initially equilibrated with
6 x 107* M sulfate at pH 4.0 in 0.1 M NacCl. This column was
infiltrated with a similar solution but now is in 0.01 M NaCl.
After complete breakthrough, the input solution was replaced
again with the initial solution at 0.1 M NaCl. The simulations
were carried out at discretizations of 60, 120, 240, and 600
cells. According to the aforementioned procedure, this results
in numerical dispersivities for unretarded fronts that are
equivalent to column Pe values of 150, 300, 600, and 1500.
The value of 600 is in the same range as the column Pe of
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500, as reported for the experimental system studied by
Scheidegger et al. (1) and Meeussen et al. (2).

Simulations of the Column Experiments. For the simu-
lations of the column experiments carried out in this work,
exactly the same model was used as for the hypothetical
system. The system conditions, initial pH, salt concentrations,
and column characteristics (length, diameter, porosity,
amount of column material; see Experimental Section) were
adjusted to conform to those in the experiments. A spatial
discretization of 150 cells was used. Combined with a time
step of 1/750 pore volume, this results in a numerical
dispersivity equivalent to a Pe of 375 for an unretarded front
and 300 for a strongly retarded front. This is close to the Pe
of 300 as measured for the experimental column.

To demonstrate the effects of relatively small amounts of
sulfate present in the column before the start of an experi-
ment, we have also included model calculations for acolumn
that initially contained the amount of sulfate that would
remain after leaching with sulfate-free solution for 30 pore
volumes.

Experimental Section

The preparation of the column material was carried out
according to the method reported more extensively by
Scheidegger et al. (3). A detailed description of the experi-
mental methods is found in the Supporting Information.

Results and Discussion

Hypothetical Sulfate Adsorption Isotherms as a Function
of pH and Salt Concentration. The adsorption isotherms of
sulfate at the combined goethite—silica surface were calcu-
lated at a range of pH values and at two salt concentrations
(Figure S.1 in the Supporting Information). The pH-depend-
ent sulfate adsorption model, as embodied by reaction 9,
Table 1, was originally derived from measurements in 0.1 M
KCI (6). The salt dependency shown here is purely predicted
from the assumed reaction mechanism and the model for
the salt-dependent charging behavior of goethite. The curves
clearly demonstrate the strongly nonlinear adsorption of
sulfate and its dependency on both the pH and the salt
concentration. The calculated decrease in sulfate adsorption
at the higher salt concentration is the overall result of several
processes: first, the formation of sulfate complexes with salt
ions (reaction 4, Table S.1 in the Supporting Information);
second, the competition of salt ions with sulfate for binding
sites, and finally, and most importantly, the effect that the
salt concentration has on the relationship between surface
charge and surface potential.

To describe the pH dependency of sulfate adsorption,
the model calculates the amount of adsorbed protons and
sulfate at each combination of pH and dissolved sulfate
concentration. Upon changes in pH and sulfate, the model
is thus able to calculate the accompanying changes in



adsorbed concentrations of protons and sulfate. As the
transport rates of solutes are determined by changes in their
adsorbed concentration relative to changes in their dissolved
concentration, correct calculation of both concentrations is
essential for transport calculations.

Hypothetical Breakthrough Curves for Sulfate and pH.
Initial pH 3. The calculated curves show that, for all sulfate
concentrations, initial breakthrough of sulfate occurs with
a sharp front during which the concentration increases to
the level of the input solution (Figure S.2a in the Supporting
Information). The higher concentrations appear to travel
faster, which is caused by the nonlinearity of the sulfate
adsorption. The accompanying pH curve (Figure S.2b in the
Supporting Information) shows that the adsorption of sulfate
at the first front results in a temporary increase of the pH,
which is the result of net proton adsorption upon the
adsorption of sulfate. The magnitude of the pH increase
depends on the sulfate concentration but is relatively small
in all cases. As the amount of adsorbing sulfate ions is of the
same order of magnitude as (but not necessarily equal to)
the amount of adsorbing protons, the pH increase depends
on the pH and sulfate concentration of the column and the
infiltrating solution.

Upon switching the infiltrating solution to the one without
sulfate, after 6 pore volumes, sulfate leaches from the column
with a diffuse front. A rapid initial decrease in concentration
is followed by a very gradual further decrease. At the same
time there is a temporary small decrease in the pH of the
effluent, which is the result of the concomitant desorption
of protons (Figure S.2b in the Supporting Information).
Although the sulfate concentration in the column effluent is
apparently close to 0 after 18 pore volumes, this does not
imply that leaching of sulfate is complete here. Because of
the nonlinearity of the sulfate adsorption (Figure S.1), about
50% of the sulfate is still present (in adsorbed form) in the
column at the end of the simulation. Complete removal of
sulfate from a column by simply flushing with sulfate-free
solution will take a very long time as the retardation of sulfate
becomes stronger with decreasing concentrations (1, 10, 13).

The combination of a steep infiltrating and a diffuse
leaching frontare typical for nonlinear adsorbing substances
in a one-component situation (1). Although the pH—sulfate
system studied here is determined by two independent
components, the changes in pH are so minimal that they do
not noticeably affect sulfate transport. As aresult, the system
behaves effectively as a one-component system with only
the sulfate concentration as a variable. This aspect is further
illustrated by the fact that, in the system with fixed pH, the
sulfate breakthrough curves are virtually identical (Figure
S.2b in the Supporting Information).

Initial pH 4. The simulations were repeated at an initial
pH 4 for the column and the infiltrating solution. As in the
previous calculations, the initial breakthrough of sulfate
occurs with a steep front, the velocity of which depends on
the sulfate concentration of the infiltrating solution (Figure
S.3a in the Supporting Information). However, the break-
through curve is now clearly split into two fronts. This agrees
with chromatographic theory, which predicts that the number
of retarded fronts equals to the number of adsorbing
components in the system (13). The first front travels faster
than the one at constant pH, and the second front travels
significantly slower.

In the accompanying pH breakthrough curve, we can see
for all sulfate concentrations that at the first front the pH
increases from 4 to about 5.7 (Figure S.3b). The different
shape of the pH curve in the case of solution with the lowest
sulfate concentration is caused by the fact that the front is
composed of a diffuse and a sharp part. Just as in a one-
component situation, the diffuse part only becomes visible
when it moves faster than a directly trailing sharp one. At the

second front, the pH returns to the value of the infiltrating
solution. This temporary pH increase in the column effluent
relative to the input solution provides the protons necessary
for the adsorption of the amount of sulfate that is in
equilibrium with the input solution at pH 4.

After 6 pore volumes, the input solution was changed to
one without sulfate. The sulfate leaching curves are diffuse,
aswas the case at pH 3. Again the curves splitinto two fronts,
which are easy to identify in the pH curves. Here the pH
decreases clearly at the first front and slowly returns to its
original value at the second front.

In comparison with the pH 3 system, there are now clear
multicomponent characteristics. This is caused by the fact
that both the dissolved proton and the sulfate concentrations
are now of comparable magnitude. Apart from splitting the
curves into two fronts, another effect of this multicomponent
behavior is that, at variable pH, complete breakthrough of
sulfate takes significantly longer than at constant pH.
Complete breakthrough at calculated pH also takes longer
at pH 4 than at pH 3, although sulfate adsorption is stronger
at the lower pH.

Initial pH 5. At an initial pH 5 of the column and of the
infiltrating solution (Figure S.4a), the infiltration curves for
sulfate and pH are again split into two fronts, although this
isbarely visible in the sulfate curves. The first front is retarded
very little, and initial breakthrough occurs with a steep front
shortly after 1 pore volume. However, complete breakthrough
now takes about 25—30 pore volumes. At the first front, the
pH increases with a steep front from 5 to around 6, depending
on the sulfate concentration (Figure S.4b in the Supporting
Information). At the second front, the pH returns, again with
a steep front, to its original value.

Upon leaching of sulfate, which in this case starts when
the input solution is changed to a sulfate-free one after 32
pore volumes, the sulfate concentrations return to zero in
the form of a diffuse front. The accompanying pH curve shows
that both curves are split up in two fronts. At the first front,
the pH decreases by 0.5—1 unitand returnstoits initial value
with a diffuse second front. Although sulfate adsorbs much
less strongly at pH 5 than at pH 4 (Figure S.1 in the Supporting
Information) and as a result can be expected to travel faster,
at variable pH complete breakthrough of a sulfate solution
takes much longer than at pH 4 or pH 3.

Although the system is theoretically a multicomponent
system, the expected separation into different fronts is not
obvious in the sulfate breakthrough curves. This is caused
by the fact that at pH 5 the dissolved sulfate concentrations
are much higher than the proton concentrations. As a result,
the sulfate behavior affects the proton behavior (Figure S.4a
in the Supporting Information), but there is little feedback
of the pH on the dissolved sulfate concentrations (Figure
S.4b in the Supporting Information). However, although not
visible in the breakthrough curves, there still is a large effect
of the pH on the adsorbed sulfate concentration, which
increases nearly 2-fold at the second front where the pH
returns from around 6 to 5. Complete saturation of the
column with sulfate at constant pH takes only several pore
volumes, while at variable pH this will take 25—35 pore
volumes.

Changing Salt Concentration. Because the salt concentra-
tion can affect the adsorption of other ions, such as protons
or sulfate, transport of salt concentrations can cause (un-
retarded) transport of accompanying reactive ions. As the
salt concentration is an extra variable, the system now has
become a three-component system. In the pH and sulfate
breakthrough curves, three fronts can be identified (Figure
S.5A,B in the Supporting Information). In the sulfate curve,
the concentration decreases to a fraction of its initial value
at the first front. This coincides with the breakthrough of the
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unretarded salt concentration. The magnitude of this de-
crease depends on the dispersion level, and at low dispersion
levels the concentrations approach zero. After this unretarded
front, the concentration immediately returns to almost its
initial value at the second front. This return is fully completed
during the third front after nearly 3 pore volumes. As aresult
of the decreased salt concentration, the amount of sulfate
adsorbed by the column increases (Figure S.1 in the Sup-
porting Information). This extra sulfate is used from the input
solution and results in the temporary decrease of the sulfate
concentration in the output solution.

When the input solution is changed to a lower salt level,
after 6 pore volumes, an almost mirror image pattern evolves.
In this case, the sulfate concentration sharply increases at
the first front and returns immediately to almost its original
value at the second front. This return is completed during
the third front.

In the pH curve we can also identify the three separate
fronts. During the first front, after almost exactly 1 pore
volume, the pH decreases sharply. The pH immediately
increases to more than its initial value at the second front
and returns to its original value with a third front, which is
complete within 3 pore volumes.

From these hypothetical breakthrough curves, it follows
that in order to show the mutual interaction between pH
and sulfate most clearly, with visible multicomponent effects
in the sulfate as well as the pH curve, the dissolved sulfate
concentration has to be of the same order of magnitude as
the proton concentration. The calculations at pH 5 show
that, even though there are no multicomponent effects visible
in the sulfate curves, multicomponent phenomena do occur
and are responsible for the fact that it takes around 30 pore
volumes before the pH is in equilibrium with the input
solution again.

The hypothetical breakthrough curves for systems with
changing salt concentrations show that unretarded transport
of salt can cause unretarded breakthrough of accompanying
ions of which the adsorption is salt dependent. Dispersion
can have large effects on the form of unretarded fronts.
Accurate prediction of these curves depends critically on
correct description of the salt dependency in the adsorption
models and on the correct dispersion level.

To illustrate the effects of different sulfate—proton
concentration ratios and of changing salt concentrations,
we decided to conduct the following experiments.

Column Experiments. Initial pH 4.74. The first experiment
was carried out with a column equilibrated at pH 4.74in 0.1
M NaCl, which was infiltrated with a 1085 M sulfate solution
until complete breakthrough (Figure 1A). After 20 pore
volumes, the infiltrating solution was changed to one without
sulfate. The predicted sulfate and pH breakthrough curves
were calculated using the initial chemical composition of
the column and of the input solutions as input parameters.
The conditions in this experiment are comparable to those
applied for the hypothetical breakthrough curves at pH 5.
According to the predictions, there will be little visible effect
of the varying pH on the sulfate breakthrough buta significant
effect on adsorbed sulfate and feedback of sulfate transport
on the pH.

The breakthrough curve for sulfate shows rapid initial
breakthrough. At first sight, breakthrough appears to be
complete within about 2 pore volumes. Upon changing the
input solution to one without sulfate, a rapid initial decrease
of the sulfate concentration is followed by a diffuse front
during which the sulfate concentration decreases to virtually
zero. This asymmetric behavior, with a steep front upon
infiltration and a diffuse front upon leaching, is typical for
strongly nonlinearly adsorbing substances such as sulfate.

The measured sulfate curve agrees very well with the
predicted curve. However, the separation of the curve into
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FIGURE 1. Measured and simulated breakthrough curves for a
column equilibrated without sulfate at pH 4.74 and infiltrated with
21085 M sulfate solution at pH 4.74. After 20 pore volumes, indicated
by the arrow, the input solution was replaced with a sulfate free
solution of the same pH. (A) Total dissolved sulfate. (B) pH.

two fronts, which is calculated and is in line with multi-
component chromatographic theory (10, 13), is too small to
be visible in the measurements.

In the accompanying pH curve, the two separate fronts
are much easier to recognize (Figure 1B). At the first front,
the pH increases from 4.74 to about 5.5 and remains at this
level until it returns to the pH of the input solution at the
second front. After this front, the column is in equilibrium
with the input solution. Although the predictions also show
this temporary rise in the pH, the measured pH increase is
smaller, and the plateau is significantly shorter than predicted.

When the infiltrating solution is changed to the sulfate-
free solution, after 20 pore volumes, the pH decreases sharply
at the first front, which coincides with the first sulfate front.
Without a clearly recognizable plateau of constant pH value,
the pH gradually increases again to its initial value during
the second diffuse subfront.

Here the model appears to predict the pH curve very well,
although during the last part of the diffuse curves especially
there are differences between measured and predicted curves.
In this part of the desorption curve, the model calculates
sulfate adsorption at concentrations that are very low relative
to the concentrations that were originally used to derive the
sulfate adsorption model (6).

The breakthrough curves for the experiment at the lower
sulfate concentration of 384 uM are very similar, although
the resulting pH changes are now somewhat smaller due to
the smaller amounts of adsorbing and desorbing sulfate. The
sulfate breakthrough curve is predicted accurately (Figure
2A), and again the largest discrepancy appears to be in the
predicted height and length of the pH plateau between the
first and second fronts (Figure 2B). However, the general
features of the pH curve are described well.

Initial pH 3.71. According to the hypothetical model
predictions, the separation of the breakthrough curves in
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FIGURE 2. Measured and simulated breakthrough curves for a
column equilibrated without sulfate at pH 4.74, infiltrated with a
384 uM sulfate solution at pH 4.74. After 20 pore volumes, indicated
by the arrow, the input solution was replaced with a sulfate free
solution of the same pH. (A) Total dissolved sulfate. (B) pH.

two fronts will be easier to recognize in the pH as well as the
sulfate curves at a lower pH. We therefore conducted another
experiment at pH 3.71. The proton concentrations are now
higher and roughly of the same order of magnitude as the
dissolved sulfate concentrations. The column was first
equilibrated with at pH 3.71 without sulfate and subsequently
infiltrated with a 1085 uM sulfate solution. After 6 pore
volumes and complete breakthrough, the infiltrating solution
was replaced with a solution without sulfate.

The general characteristics of the breakthrough curves
(Figure 3) are similar to those of the experiments at pH 4.74.
However, the separation of the sulfate infiltration and
leaching curves into two separate fronts is now clearly visible
(Figure 3A). The plateau between first and second fronts is
much shorter than in the previous experiment, and complete
breakthrough of sulfate is achieved within 4 pore volumes.
After the infiltrating solution is changed to the one without
sulfate, at 6 pore volumes, the sulfate concentration in the
effluent drops sharply at the first front. This is immediately
followed by a diffuse front during which the concentration
slowly returns to zero.

In the pH breakthrough curves (Figure 3B), a significant
increase of the pH occurs at the first infiltration front after
1.5 pore volumes. The pH remains at this value until the
second front at 2.5 pore volumes, where it returns to the
value of the input solution. After changing the input solution
to the one without sulfate, at 6 pore volumes, the pH first
drops rapidly by about half a unit at the first front, which is
then immediately followed by a diffuse front where the pH
slowly returns to the value of the input solution.

Again the simulations agree well with the experimental
results. The sulfate concentrations are especially predicted
accurately, but also the general features and positions of the
pH breakthrough curves are predicted well. The main
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FIGURE 3. Measured and simulated breakthrough curves for a
column equilibrated without sulfate at pH 3.71, infiltrated with a
1110 #M sulfate solution at pH 3.71. After 6 pore volumes, as indicated
by the arrow, the input solution was replaced with a sulfate free
solution of the same pH. (A) Total dissolved sulfate. (B) pH.

remaining discrepancy, as was the case with the experiments
at pH 4.74, lies in the initial pH increase (between 1.5 and
4 pore volumes), which is overestimated by the model.

The same experiment was also carried out using a lower
sulfate concentration of 384 uM in the input solution. The
curves are very similar to those at the higher sulfate
concentration The measured sulfate breakthrough curves
again agrees very well with the predictions (Figure 4A). The
pH curve shows the similar discrepancy in the height and
length of the first plateau as was found in the previous
experiments. The second, leaching, part of the pH curve
however is predicted accurately (Figure 4B).

Changing Salt Concentration. The third experiment shows
the effects of a change in salt level of the infiltrating solution
on the leaching of protons and sulfate from the column. For
this experiment, the column was initially equilibrated with
a solution of 384 uM sulfate at pH 3.75 in 0.1 M NaCl. This
column was then infiltrated with a similar solution but with
a lower salt concentration of 0.01 M NaCl. After 6 pore
volumes and complete breakthrough, the initial 0.01 M NaCl
solution was applied again.

The system is now defined by three independent com-
ponents. According to chromatographic theory, we can thus
expect three separate fronts upon a step change in input
concentration (13). In the sulfate breakthrough curve, we
can see the first subfront after 1 pore volume as a decrease
in the concentration (Figure 5A). This coincides with the
unretarded front of the salt concentration. At the same time,
the pH decreases to about 3.45 (Figure 5B). At the second
subfront, which follows immediately, the sulfate concentra-
tion increases again to about 320 uM. At the same time, the
pH increases sharply to about 4.2. At the third and final
subfront, which occurs shortly before 2 pore volumes, both
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FIGURE 4. Measured and simulated breakthrough curves for a
column equilibrated without sulfate at pH 3.71, infiltrated with a
384 uM sulfate solution at pH 3.71. After 6 pore volumes, as indicated
by the arrow, the infiltrating solution was replaced with a sulfate
free solution of the same pH. (A) Total dissolved sulfate. (B) pH.

the sulfate concentration and the pH return to their initial
values.

After 6 pore volumes, the input solution is changed, and
again three subfronts evolve. At the unretarded first subfront,
the sulfate concentration now increases to almost double
the initial value, and the pH increases slightly. In the second
subfront, which follows immediately, the sulfate concentra-
tion decreases to about 500 uM, and the pH decreases to
about 3.5. The third subfront is diffuse, and both the sulfate
concentration and the pH return to their initial values.

The total amount of sulfate adsorbed and released by the
column as a result of the changing salt concentrations is
indicated by the surface area of the sulfate peaks. The good
agreement between the predicted and the measured total
surface areas indicates that the total amount of sulfate
released and adsorbed by the column upon a change in salt
concentration is predicted accurately. In this experiment,
the breakthrough curves exhibit rapid changes in concentra-
tions, which makes the results relatively sensitive for disper-
sion. It is interesting to note that the interaction between
salt and sulfate concentrations is predicted indirectly by the
adsorption model from the sulfate—proton and proton—salt
interactions, and again the model appears to describe the
general features of the curves very well.

Simultaneous Change in Salt and Sulfate Concentrations.
The final experiment shows the effects of a simultaneous
change in the salt and sulfate concentrations. In this case,
the column was initially equilibrated with a solution at pH
3.75in 0.1 M NaCl and subsequently infiltrated with 383 uM
sulfate at pH 3.75 in 0.01 M NaCl. After complete break-
through of this solution, at 6 pore volumes, the initial solution
at 0.1 M NacCl without sulfate was applied again.

As this is again a three-component system, we can expect
three fronts in the breakthrough curves (Figure 6). After 1
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FIGURE 5. Measured and simulated breakthrough curves for a
column equilibrated with 384 M sulfate at pH 3.75 in 0.1 M NaCl.
The column was infiltrated with a similar solution at 0.01 M NacCl.
After 6 pore volumes, indicated by the arrow, the initial solution
at 0.1 M NaCl was applied again. (A) Total dissolved sulfate. (B)
pH.

pore volume, at the unretarded front, the pH decreases to
about 3.85, but no sulfate front is visible. This is because
sulfate is retarded by adsorption and has not yet arrived at
the end of the column after 1 pore volume. The first front
is therefore effectively a salt—pH front. The second and third
fronts are effectively proton—sulfate fronts, as the salt
concentration does not change there. The second subfront
starts shortly before 2 pore volumes and here the sulfate
concentration increases to about 300 uM, while the pH
increases to about 6. After 4 pore volumes, the pH and the
sulfate concentrations return to the values of the input
solution, thus forming the third subfront.

Upon changing the input solution after 8 pore volumes
to the one at the higher salt level, the sulfate concentration
sharply increases after 9 pore volumes to almost 1.5 times
its initial value (Figure 7A). It then gradually decreases to
zero with a diffuse front, which is not fully completed after
15 pore volumes. At the end of the experiment, about 30%
of the sulfate is still present in the column. This diffuse front
is actually composed of the second and third subfronts, and
again the individual subfronts are easier to identify in the pH
curve (Figure 7B). Here, we can see an unretarded front after
9 pore volumes, where the pH increases slightly, immediately
followed by the second subfront where the pH decreases
about 3.45 and the third, diffuse front where the pH slowly
returns to its initial value. In the pH breakthrough curve, a
decrease in pH after 1 pore volume is visible, which coincides
with breakthrough of the unretarded salt front. At this front,
there is no change in composition of the solid phase, so no
ad- or desorption of protons or sulfate takes place (which
would result in retardation). The pH and sulfate concentra-
tions are therefore forced to change to a composition in
equilibrium with the amounts of adsorbed sulfate and protons
at the lower salt concentration of 0.01 M NaCl.



800

A
600 |
el
< 400
[*]
0
200 |
0 1 L Selessea—n o
0 2 4 6 8 10 12 14

Pore Volumes

0 2 4 6 8 10 12 14
Pore Volumes

FIGURE 6. Measured and simulated breakthrough curves for a
column equilibrated with a sulfate-free solution at pH 3.75 in 0.1
M NacCl, infiltrated with a solution containing 384 M sulfate at pH
3.75in 0.01 M NacCl. After 6 pore volumes, indicated by the arrow,
the initial solution at 0.1 M NaCl without sulfate is applied again.
(A) Total dissolved sulfate. (B) pH.

The predicted pH and sulfate breakthrough curves agree
very well with the measurements. The sulfate breakthrough
curve is described extremely well. The largest remaining
discrepancy exists again in the height and length of the pH
plateau between 2 and 4 pore volumes, which is under-
estimated by the model.

Possible Causes for Remaining Differences between
Measured and Predicted Breakthrough Curves. Comparison
of all the experimental results with the simulations shows
that the predictions are relatively accurate. Nevertheless,
there still are some remaining discrepancies for which there
are several possible causes.

Sorption Properties of the Goethite. The goethite used in
the column here was not the same material as was used to
derive the parameters for the proton and sulfate adsorption
model. The goethite used here has a reported PZC of 7.2 and
aspecific surface area of 24 m?/g (3), whereas for the goethite
used to derive the adsorption model, these values are 9.2
and 94 m?/g respectively (5). Differences between these
materials in adsorption behavior per unitsurface areais likely
to result in differences between the predicted and measured
breakthrough curves.

Sulfate Concentrations during Transport. During the
transport calculations, the adsorption model is used at sulfate
concentrations that are significantly lower than those orig-
inally used to determine the sulfate adsorption parameters.
These extrapolations introduce an element of uncertainty to
the transport calculations and may also result in incorrect
transport predictions. However, the used adsorption model
appears to extrapolate these conditions well.

Initial Sulfate Contents of Column. A further cause for
differences between model and experiment is the amount of
sulfate initially present in a column before an experiment is
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FIGURE 7. Measured and simulate breakthrough for a system
identical to that of Figure 6, but now taking into account in the
simulations a small amount of sulfate initially present in the column
and extra dispersion caused by the pH measurement cell. The thin
lines indicate the original calculations of Figure 6. (A) Total dissolved
sulfate. (B) pH.

started. In the calculations for experiments 1, 2, and 4, this
amount was assumed to be zero, but, in reality, sulfate was
removed from the columns by flushing with a clean solution
at the required pH. However, as demonstrated by the long
diffuse sulfate “tails” in the breakthrough curves of experi-
ments 1, 2, and 4, complete removal will be virtually
impossible due to the strongly nonlinear adsorption behavior
of sulfate.

Dead Volume of pH Measurement Cell. Dispersion can
affect the breakthrough curves, especially the sharp peaks in
experiments 3 and 4. It is therefore important to use the
correct dispersivity in the simulations. The dispersivity of
the experimental column is determined by measuring the
dispersion of a chloride pulse. However, this procedure does
not take into account the additional dispersion in the pH
measurement cell, which is replaced by the chloride detector.
The overall dispersion observed in the pH measurements
thus is the sum of the dispersion taking place in the reactive
part of the column and the dispersion in the pH cell and
tubing after the column. Other possible sources for additional
dispersion for reactive solutes could be adsorption kinetics
or spatial heterogeneity in chemical properties of the
adsorbent.

The exact effect of the first two factors is difficult to assess
without conducting additional experiments. The effects of
the latter two however can be estimated by taking them into
account in the simulations. Therefore, we repeated the
simulations with the following changes. Instead of starting
a simulation with a completely clean column, we assumed
that the column was flushed for 30 pore volumes with a
clean solution of the correct pH. This agreed with the actual
procedure followed in the experiments. Furthermore, the
effect of dead volume in the pH cell and tubing was simulated
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with a completely mixed volume (6.7% reactive column
volume) at the end of the column. The results of these
simulations are shown Figure 7.

Itis clear that these changes affect the results significantly.
A small amount of sulfate initially present in the column
reduces the extra amount of sulfate that adsorbs upon
infiltration with the sulfate solution during the experiment,
resulting in slightly faster initial breakthrough of sulfate. Also,
the amount of adsorbing protons is reduced, which results
in asmaller increase in pH and a lower plateau between the
first and the second fronts. Only the infiltration part of the
curves is affected because, after complete breakthrough of
thefirstsolution, the situation in the column is similar to the
previous simulation. The extra dispersion in the pH meas-
urement cell causes the asymmetric rounding of the edges
of the first pH fronts, which are now very similar in shape
to the experimental curves.

Although the overall effect of these modifications is that
the simulations agree much better with the experiments, the
aim of this exercise is not to obtain perfect simulations. It
is much more useful to demonstrate the sensitivity of the
system for small uncertainties in the initial chemical condi-
tions. This is the case for the synthetic system studied here
butwill be even more important when studying real systems.
In soils, many different substances are present, and surfaces
are exposed to many different adsorbates. Strongly adsorbing
substances, such as phosphate, can significantly affect
adsorption and transport behavior of other ions already at
low dissolved concentrations. Thus, even if the used adsorp-
tion/transport models are in principle relatively accurate and
able to describe behavior in pure systems, simulating
transport in soil systems requires accurate data on the initial
chemical conditions.
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