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Abstract: Geochemical modeling of precipitation reactions in the complex matrix of acid mine drainage
is fundamental to understanding natural attenuation, lime treatment, and treatment procedures that
separate constituents for potential reuse or recycling. The three main dissolved constituents in acid
mine drainage are iron, aluminum, and sulfate. During the neutralization of acid mine drainage
(AMD) by mixing with clean tributaries or by titration with a base such as sodium hydroxide or slaked
lime, Ca(OH)2, iron precipitates at pH values of 2–3 if oxidized and aluminum precipitates at pH
values of 4–5 and both processes buffer the pH during precipitation. Mixing processes were simulated
using the ion-association model in the PHREEQC code. The results are sensitive to the solubility
product constant (Ksp) used for the precipitating phases. A field example with data on discharge and
water composition of AMD before and after mixing along with massive precipitation of an aluminum
phase is simulated and shows that there is an optimal Ksp to give the best fit to the measured data.
Best fit is defined when the predicted water composition after mixing and precipitation matches most
closely the measured water chemistry. Slight adjustment to the proportion of stream discharges does
not give a better fit.

Keywords: geochemical modeling; acid mine drainage; iron and aluminum precipitation;
schwertmannite; basaluminite

1. Introduction

Geochemical modeling is often limited by lack of sufficient mineralogic and hydrologic data,
lack of sufficient temporal and spatial data, and lack of sufficient understanding of complex processes
that dictate water compositions [1]. Substantial progress has been made over the last century and
sophisticated codes use models to simulate mineral precipitation/dissolution, sorption, gas exchange,
ionic strength effects, thermal effects, and transport [2]. Even with these advances, numerous
assumptions must be made when applying these simulations to field conditions. Continual testing of
models against field data is needed to build confidence that models are reasonable for a variety of
water-rock interactions.

This paper applies a geochemical model to the process of neutralization of acid mine drainage
(AMD) with particular reference to the effects of the precipitation of insoluble Fe and Al phases
during mixing. Certain assumptions are examined such as the specific phase of the precipitate,
its thermodynamic properties, and the sensitivity to mixing parameters. For example, schwertmannite
commonly precipitates from acid mine drainage over the pH range of 2–4 [1], at slightly higher pH
values ferrihydrite dominates precipitation, and at pH values near or below 2.0, jarosite precipitates
(e.g., [3]). Of course, the presence or absence of specific anions play a role in determining which phases
precipitate [4]. Ferrihydrite, akagenéite, lepidocrocite, and goethite may also co-precipitate during
oxidation of dissolved ferrous iron. Indeed, mixtures of these minerals have been found associated with
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AMD and their identification is complicated by their fine-grained particle size and poor crystallinity
(e.g., [3,5,6]). Another complication is that the first phase to precipitate is typically the least stable and
it tends to age to a more stable phase of lower solubility. Schwertmannite converts to microcrystalline
goethite and/or jarosite [7]. The transformation rate is pH dependent [8]. Basaluminite converts to
alunite [9]. Techniques such as differential X-ray diffraction, electron diffraction, transmission and
scanning electron photomicroscopy, synchrotron-based X-ray absorption spectroscopy, and X-ray
diffraction using advanced light sources have all been important in the identification of these phases
and understanding their transformations [10,11].

Similar concerns are found with the precipitation of aluminum hydroxide and hydroxysulfate phases.
Basaluminite, hydrobasaluminite, aluminite, meta-aluminite, zaherite, gibbsite, microcrystalline gibbsite,
boehmite, diaspore, and alunite have all been found to precipitate in lab solutions and as mixtures of
phases (e.g., [12]). A summary review of these aluminous phases is also given in [1].

This paper begins with simulations of acid-base titrations with two examples using actual acid
mine water analyses and using Ca(OH)2 as the titrant. Both NaOH and Ca(OH)2 have been used
to neutralize AMD in treatment plants although Ca(OH)2 is less expensive and easier to handle.
These simulations are important because they demonstrate how geochemical modeling is helpful in
determining the minimum amount of base necessary to run a treatment plant, the inflection points
that reflect buffering mechanisms, and the change in concentration of constituents during the titration.
The final simulation is a field example where a near neutral tributary mixes with AMD to bring the
pH up from 3.25 to 4.90 and precipitates large quantities of an aluminum phase at the mixing point.
Data for discharges as well as full chemistry of the waters above and below mixing are available so
that the simulated chemistry with mass fluxes after mixing can be compared with the actual measured
values to evaluate the assumed thermodynamic properties of the precipitating phases. A close match
between simulated vs. measured properties depends on the solubility product constants for Fe and Al
precipitates as well as the relative proportions of stream discharges in the mixing zone.

2. Materials and Methods

Simulations were obtained using the PHREEQCI code v.3.4.0 [13] using the graphical user interface
and the wateq4f.dat database [14]. Of the several available databases in PHREEQC, only the wateq4f.dat
database has the thermodynamic properties for colloidal minerals that typically precipitate from AMD.

In the results that follow, two different acid mine water samples were chosen for titration
simulations and a field site where full chemistry and discharge measurements were obtained for the
confluence of a clean carbonate-buffered stream mixing with AMD. The two AMD sample compositions
were obtained from the Leviathan Mine data set [15] and the Berkeley Pit data set [16], and a spreadsheet
provided by the Montana Bureau of Mines and Geology. Leviathan Mine is a USEPA Superfund site in
eastern California (Figure 1). The Berkeley Pit is a large open pit filled with AMD and is a USEPA
Superfund site near Butte, Montana. The Leviathan sample was identified as 82WA118 collected on
6 June 1982 near the portal of the main tunnel. The Berkeley Pit sample was collected on 4 June 2012
from a depth of 15.2 m. The field samples used for simulation of the mixing of streams were AMD
sample 82WA110 from Leviathan Creek, clean tributary Mountaineer Creek sample 82WA108, and the
confluent water sample 82WA109, all collected on 15 June 1982 [15].

The Leviathan Mine primarily mined sulfur. The native sulfur was used to make sulfuric acid to
leach metals from rock excavated at the Yerington Pit in Nevada. Although it was a sulfur deposit,
there was considerable cryptocrystalline pyrite [17] that produced AMD. Oxidation of the native sulfur
did not contribute much to the AMD because the isotopic composition and trace element content
clearly indicated that the pyrite was the main source of the AMD [18]; marcasite and chalcopyrite were
also present but are thought to be less important than pyrite in the generation of AMD [18].

A white aluminous mineral that was observed to precipitate below the confluence of Leviathan
and Mountaineer Creeks in 1981 and 1982 can be seen in Figure 2. Remediation on site since this time
has eliminated these precipitates. No water with pH < 5 now leaves the mine site.
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Figure 1. Location of Leviathan mine in eastern California (insert) and the main tributaries receiving
acid mine drainage [15]. In the early 1980s aluminum precipitates were found immediately below the
confluence of Mountaineer Creek with Leviathan Creek.

Figure 2. White aluminum-rich precipitate found below the confluence of Leviathan and Mountaineer
Creeks, near Markleeville, California. Photo: D. Kirk Nordstrom, U.S. Geological Survey, June 1982.
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Details of sampling and analytical procedures and site locations can be found in the respective
references cited above and in [19] for Leviathan data. Bottles for cations were acid washed and rinsed in
distilled water. Anion bottles were thoroughly rinsed with distilled water only. The Leviathan samples
were all filtered on site through 0.1 µm pore size Millipore™membranes. Field measurements included
pH, temperature, specific conductance, electromotive force (EMF, for calculation of Eh), and discharge.
Cation samples were acidified with ultrapure concentrated nitric acid (2 mL per 250 mL sample).
A separate bottle for Fe(II/III) and As(III/V) was collected and acidified with ultrapure (redistilled)
concentrated hydrochloric acid (4 mL per 500 mL sample). All cation samples had a pH ≤ 1.5 after
acidification. Anion samples were filtered and kept chilled.

Analytical results were of high quality because three different techniques were used to confirm
the metal and metalloid concentrations: direct-current plasma spectrometry, inductively coupled
plasma spectrometry, and Zeeman-corrected graphite furnace atomic absorption spectrometry in a
comprehensive analytical evaluation [20]. Charge balances were between −5% and +6% and mostly
<±3%. Dissolved iron redox species were determined by FerroZine colorimetry and arsenic redox
species by hydride generation atomic absorption spectrometry. Six U.S. Geological Survey (USGS)
standard reference water samples were analyzed to check the accuracy and precision including two
samples that were typical of acid mine water compositions.

Discharge data were collected using a Pygmy current meter or standard size current meter to
record velocity and cross-sectional area was measured from the width and depth of the streams with
tape measurements at appropriate intervals.

As a test of a titration simulation with PHREEQC, a sulfuric acid solution was titrated with
sodium hydroxide. A typical strong acid–strong base titration of this type is shown in Figure 3 for
5 mL of 0.1 m H2SO4 with 0.1 m NaOH. Using the REACT command in PHREEQC only the proportion
of the two solutions is needed and the graphical titration results should be the same with the same
moles of base per mole of acid. As can be seen by the results in Figure 4, the titration curve is the same
with the same inflection point at a pH = 7 and the same number of milliequivalents.

Figure 3. Typical titration graph of 5 mL 100 millimolal H2SO4 with 100 millimolal NaOH.

Choices must be made about what minerals should be allowed to precipitate during the
simulation of AMD titrations and what solubility product constants should be used. For these
simulations “amorphous” Fe(OH)3 with a log Ksp = 3.0 [21,22], and “amorphous” basaluminite with
log Ksp = 24.0 [23,24] were used. The effect of changing these solubility product constants to other
phases such as goethite and schwertmannite for the iron precipitate and gibbsite for the aluminum
precipitate was tested to determine that effect on the results for the field data. Because of the possibility
of gypsum, calcite, and portlandite precipitating in the base titrations, these phases were forced to
precipitate if they reached saturation.
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Figure 4. Simulation of pH titration of 5 millimolal H2SO4 with 20 millimolal NaOH added in small
increments using REACT command and USER GRAPH to plot results and to check accuracy of
computation. The titration is plotted in terms of total number of moles used in the titration.

The presence or absence of CO2(g) also makes a difference to the titration curve at pH values above
7 so the log PCO2 was set at −3.5 (near atmospheric value). Today’s atmospheric log PCO2 is actually
closer to −3.38 and is increasing over time but this small difference has negligible effect on the results.

3. Results and Discussion

3.1. Titration Results of Leviathan Mine Water with Ca(OH)2

The first titration simulated using actual AMD compositions is the Leviathan Mine water with
initial pH of 1.80, 1570 mg Fe/L, 438 mg Al/L and 7,540 mg SO4/L. Nearly 92% of the Fe was present as
Fe(II) in the immediate portal drainage water, but during an oxygenated titration it would become
Fe(III) so it was assumed to be Fe(III) for the whole simulation. To set this constraint, the solution was
kept in equilibrium with atmospheric oxygen. To begin with the actual redox speciation, oxidation
kinetics would have had to be built into the simulation. To simulate the kinetics would require a large
amount of data and information that would vary from site to site and not easily definable beforehand.
Furthermore, the rate of oxidation will depend on the experimental conditions of the titration for
which several different methods exist. More importantly, dissolved Fe(II) oxidizes rather quickly from
microbial activity so that the assumption of the Fe(III) = FeT is a reasonable approximation if the
sample is not filtered. A graph of the titration is shown in Figure 5.
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Figure 5. Titration simulation of acid mine drainage (AMD) from Leviathan Mine drainage by
portlandite (slaked lime), showing the main buffering mechanisms (similar to the mine tailings
model, [24–26]).

Three pH plateaus are visible at 2.2–2.6, 4, and 7.8. These plateaus indicate buffering. The plateau
below pH 3 is buffering by strong acid and Fe(III) hydrolysis and precipitation. The buffering by the
second hydrolysis of H2SO4 has a pK2 = 1.98, very close to the pK1 = 2.19 for Fe(III) so that their
buffering reactions overlap substantially. The 45 mmoles of base required to neutralize this acidity is
about 66% of the total acidity. The plateau at pH 4 reflects buffering by Al hydrolysis and precipitation
which has been elucidated by [25–27] for mine tailings. Once the acidity from Al has been neutralized,
the pH increases until buffering by calcite predominates at pH 7.8. Note that about 68 mmoles of
portlandite were required to neutralize this AMD to a pH of 7. Next, we compare these results with
those of a Berkeley Pit water titration.

3.2. Titration Results of Berkeley Pit Water with Ca(OH)2

Figure 6 shows the Berkeley Pit titrated with portlandite and a few important differences with
the Leviathan AMD titration are worth noting. The Berkeley Pit water had a pH of 2.56, 277 mg Al/L,
246 mg Fe/L, and 8005 mg SO4/L. The SO4 concentrations were nearly the same but the Fe and Al
concentrations were notably lower than those for the Leviathan Mine water, and the pH was higher.
The dissolved Fe concentration is only 16% of the Fe concentration in the Leviathan Mine water.
The first important result is that the amount of portlandite needed to neutralize this water to a pH near
7 is about 21 mmoles, which is substantially less than the 68 mmoles of base needed to neutralize the
Leviathan Mine water. The reason is the amount of strong acid in the Leviathan water was greater
and the amount of hydrolyzable Fe and Al was greater for the Leviathan water. The amount of base
to neutralize Al at pH 4 took only about 10 mmoles of base for the Berkeley Pit water whereas the
Leviathan water took about 20 mmoles, which is consistent with the Berkeley Pit having 50% of the Al
concentration of the Leviathan sample.
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Figure 6. Titration of slaked lime or portlandite with AMD from Berkeley Pit water, showing the main
buffering mechanisms with lower overall acidity than the Leviathan Mine water.

The Ca concentrations (or any other solute concentration) can be followed with the USER GRAPH
routine in PHREEQC as shown in Figure 7 for the Berkeley Pit titration. The water is at saturation
with respect to gypsum initially so that as portlandite is added, more gypsum precipitates and the Ca
concentration decreases until all the SO4 that can react with the portlandite is used up. After that the
Ca concentration increases until it reaches calcite solubility equilibrium at about pH 8.

Figure 7. Change in Ca concentration during titration of Berkeley Pit water with portlandite.

3.3. Mixing of Leviathan AMD with a Clean Tributary

The AMD from the Leviathan mine flowed into Leviathan Creek which was diluted by some clean
tributaries before it reached its confluence with Mountaineer Creek. Just before the confluence, the pH
was 3.25 on 15 June 1982 and the water composition is shown in Table 1 along with the composition of
Mountaineer Creek just upstream of the confluence.
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Table 1. Analyses of Leviathan and Mountaineer Creeks collected on 15 June 1982.

Parameters Leviathan Creek Mountaineer Creek

Temperature, ◦C 19.5 12.5

Discharge, m3/s 0.071 (44%) 0.091 (56%)

pH 3.25 8.85

Specific conductance, µS/cm 1100 150

Constituents (mg/L)

Alkalinity, as HCO3 0.0 94.3

Al 19.8 0.045

Ba 0.048 0.039

Ca 82.2 13.7

Cd 0.0079 0.0002

Cl 1.1 1

Cu 0.231 0.001

F 0.52 0.04

Fe (II) 9.01 0.0086

Fe (total dissolved) 18.4 0.0099

Mg 23.6 5.78

Mn 3.04 0.022

K 4.57 2.29

SiO2 46.4 42.6

Na 11.8 6.83

Sr 0.708 0.237

SO4 483 1.89

A sequence of simulations or scenarios was chosen, beginning with simple mixing with no
reaction—the conservative mixing scenario. With increasing complexity and sophistication of each
reaction modeling scenario, the results from each model simulation were compared to the actual
field data. The conservative model is scenario A; scenario B is mixing with crystalline goethite and
crystalline gibbsite as precipitates for Fe and Al; scenario C is mixing with precipitation of amorphous
Fe(OH)3 and amorphous Al(OH)3 as precipitates; scenario D is mixing with log Ksp = 3.0 for amorphous
Fe(OH)3 [21,22] and amorphous basaluminite with log Ksp = 24.0 [23,28]; scenario E is the same as
scenario D but substituting a schwertmannite log Ksp = 18.5 which agrees generally with the results
of [1,24,29,30] and the formula would be Fe8O8(OH)5.48(SO4)1.26 (See Supplementary Materials for
an example of PHREEQCI input for this calculation). Results for these simulations are shown in
Table 2, where “Measured” indicates the composition of Leviathan Creek below the confluence with
Mountaineer Creek.

Any difference in concentration between the mixed water in scenario A and the “Measured” data
set is an indication of the amount of reaction that must have occurred from precipitation or sorption.
Several constituents are close enough in concentration (within analytical error) between scenario A and
“Measured” that they can be considered “conservative,” in that they are not entering into detectable
reaction: Ba, Ca, Cd, F, Mg, and Sr. Those constituents that are clearly “non-conservative” are pH, Al,
HCO3 (not alkalinity), and Fe. Then there are a few constituents that are borderline: Cu, K, Mn, Na,
SiO2, and SO4; these shall be addressed later. The other important aspect to note about scenario A is
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that there is much more acidity stored in reacting constituents than results from simple mixing and
this acidity comes from Fe and Al hydrolysis as seen by the titration plots shown previously.

Table 2. Results of simulations resulting from mixing and reaction (see text for explanation).

Constituent
(mg/L, Except pH) A B C D E Measured

pH 6.13 4.41 5.36 4.55 4.57 (4.64) 4.90
Al 8.75 4.80 5.90 4.16 3.67 (2.61) 5.06
Ba 0.043 0.043 0.043 0.043 0.042 (0.043) 0.042

HCO3 37.5 0.87 0.87 0.88 0.88 (0.88) 0.0
Ca 43.8 43.8 43.8 43.8 43.8 (42.4) 44.7
Cd 0.0036 0.0036 0.0036 0.0036 0.0036 (0.0034) 0.0040
Cu 0.102 0.102 0.102 0.102 0.102 (0.098) 0.093
F 0.25 0.25 0.25 0.25 0.25 (0.24) 0.30

Fe (total) 8.13 0.00000054 0.0181 0.00167 0.0254 (0.0223) 4.72
K 3.30 3.29 3.30 3.29 3.29 (3.25) 3.21

Mg 13.6 13.6 13.6 13.6 13.6 (13.3) 13.5
Mn 1.35 1.35 1.35 1.35 1.35 (1.29) 1.26
Na 9.03 9.02 9.03 9.02 9.02 (8.89) 8.60

SiO2 44.3 44.2 44.3 44.2 44.2 (44.1) 42.6
Sr 0.44 0.44 0.44 0.44 0.44 (0.44) 0.44

SO4 214 214 214 209 207 (197) 206

Scenario B computes a pH that is too low because crystalline goethite and gibbsite were chosen to
precipitate, requiring more base to neutralize these phases because they are less soluble than the phases
normally found precipitating in AMD. With more Fe and Al hydrolysis, more acidity is produced,
and the resultant pH is lower than the actual measured value. The calculated Fe concentration is also
much too low compared to the measured value.

Scenario C is the other extremum where the chosen precipitating phases are the more soluble
amorphous Fe(OH)3 and amorphous Al(OH)3 phases. Now the pH is too high because a much smaller
quantity of Al precipitated and the dissolved Al is too high, although the Fe is still too low.

Scenario D uses an adjusted log Ksp for amorphous Fe(OH)3 which is consistent with the field
data reported by [21,22] as previously mentioned. It also uses amorphous basaluminite instead of a
gibbsite-type phase. Now the pH is more reasonable and the SO4 concentration does decrease slightly
because of basaluminite precipitation.

In scenario E, conditions were kept the same as in scenario D except that schwertmannite was
substituted for amorphous Fe(OH)3. Schwertmannite has a somewhat variable stoichiometry which
makes it difficult to designate a Ksp [31], so a commonly found value was used as mentioned above
primarily to see what effect it had on the results. Indeed, the results were the same as scenario D
except that the Fe concentration was a bit higher, the Al concentration was a bit lower, and the SO4

concentration a bit lower. The change in SO4 concentration, although small, is consistent with the
precipitation of Fe and Al hydroxysulfate minerals. To show the effect of a small change in the mixing
proportions, the discharge of Leviathan Creek was changed from 44% of the total to 42% of the total so
that the pH might make a better match. These values are shown in parentheses in scenario E of Table 2.
Changing the relative discharges does not really improve the overall mass balances. The important
constituent to note is the SO4 concentration which is worse and would argue against any changes in
relative discharges.

Recalling the “borderline” constituents Cu, K, Mn, Na, SiO2, and SO4 the following can be
suggested. Copper may be exhibiting a real decrease through sorption and has been modeled for the
overall drainage by [19]. The change in K concentration is considered to be within analytical error.
The small change in Mn concentration is likely real and reflecting a precipitate or co-precipitate of
some oxide or hydroxide of Mn. The small decrease in Na concentration could be real or could be
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analytical error. The small decrease in silica concentration is considered real because there is some
association of silica with secondary Fe and Al precipitates [32]. Indeed, silica is required to precipitate
from mass balance considerations [33] during the oxidation of pyrite and often reaches silica solubility
limits. Caraballo et al. [34] have identified a silica coating on hydrobasaluminite precipitating from the
Paradise Portal in Colorado. The form of the silica is not usually known. The match for the decrease in
SO4 concentration is considered as corroboratory evidence that the proposed reaction model (E) is a
reasonable interpretation of the reactive processes during mixing.

With regard to the higher concentrations of Al and Fe than simulated after precipitation, the
mismatch is likely to be an artifact of field collection limitations rather than the simulation. First, fresh
precipitation of Fe(III) forms colloids in the nanometer to tens of nanometer size range that can easily
escape filtration (e.g., [31]). This problem is pronounced at pH values at or above 4 [33]. Second, of the
measured dissolved total Fe 4.44 mg/L was Fe(II) leaving 0.28 mg/L measured Fe(III). If the Eh value
of 0.692 volts is used to calculate the Fe(III) it would be about 2 orders of magnitude oversaturated
with respect to amorphous Fe(OH)3. If the calculation is redone (because the EMF measurement was
very weak and drifting) assuming equilibrium with amorphous Fe(OH)3 rather than trusting the EMF
value, the dissolved Fe(III) would be about 0.006 mg/L. It is safe to say that the difference between
0.28 mg/L and 0.006 mg/L can be attributed to colloidal iron particles getting through the filter [33].
Similar nanometer size ranges have been documented for hydrobasaluminite [34].

4. Conclusions

Geochemical modeling of water-rock interactions has a substantial number of applications.
However, the modeler has several assumptions to make for any given environmental setting.
These assumptions include whether minerals reach equilibrium or not, which minerals should
be considered, what redox conditions to choose and how to set them, and which database or
thermodynamic properties should be used. Often, constraints from field studies are insufficient to
avoid some of these assumptions and further work is needed to confirm or discredit the dominant
reactions and processes.

Titration simulation of AMD with a commonly used base, portlandite or Ca(OH)2, is a useful
application when planning a neutralization plant to treat acid waters. Simulations for two different
acid mine waters show clearly that sulfuric acid, Fe(III), and Al not only play the main role in buffering,
but quantify the amount needed to neutralize AMD. One example from Leviathan mine water data
required more than twice the amount of base than the other mine water from the Berkeley Pit because
of the substantial difference in acid, Fe, and Al concentrations. Strong acid and Fe(III) buffering occurs
in the pH range of 2.2–2.8 and Al buffering occurs at a pH close to 4.

In this study, a well-constrained mixing phenomenon of two streams, one with AMD at a pH of
3.25 with a clean tributary increased the pH to 4.90 by dilution and carbonate buffering. This example
is a field titration in a single mix. Immediate Al precipitation and some Fe precipitation occurred with
mixing. Full chemistry and discharges measured above and below the mixing point provided the
opportunity to simulate the results of mixing with a geochemical model and compare them to the
field measurements. The effect of no reaction (conservative mixing), reaction with the least soluble
and the most soluble Fe and Al hydroxide precipitates, and with colloidal Fe and Al hydroxysulfates,
schwertmannite and basaluminite, were all tested and amorphous Fe(OH)3 (with logKsp = 3) and
amorphous basaluminite (logKsp = 24) gave the best comparison to the water composition below the
mixing point.

More testing of geochemical models like this field example will help to decrease the uncertainties
and number of assumptions one has to make when applying models to environmental conditions.

Supplementary Materials: The following are available online at http://www.mdpi.com/2075-163X/10/6/547/s1.
A supplement is available with an example of PHREEQC input data for the mixing calculation.
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