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Abstract 

Geochemical and thermodynamic theory predict that metals that occur dominantly as oxyanionic
species (e.g., arsenic as opposed to zinc) have reduced mobility in an oxidized environment with
iron-rich sediments when the pH is moderately acidic (4.6 to 6.0 s.u.), relative to when the pH is
neutral or moderately alkaline (7.0 to 9.0 s.u.).  A common objective of remediation of acid mine
drainage from abandoned mined lands is increasing the pH through alkaline addition.  One
predictable result of alkaline addition is the flushing of previously adsorbed oxyanionic metals
from the sediments. This release is independent of any additional contribution of the
same metals from the alkaline agent that is used. Data from surface water, ground water,
leaching tests, and "remediated" mining sites in Appalachia and Midwest basins provide
empirical confirmation of the calculations based on theory.

Introduction

Acid mine drainage is endemic to some parts of the country where host rock and ore contain

significant sulfide concentrations. In the central and eastern parts of the United States, acid mine

drainage is most commonly associated with coal mining that predated the passage of the surface

mining laws in the 1970s.  These laws require that mine design and mine practices prevent or

minimize acid (and toxic) drainage.  By some tallies, the new laws and regulations are highly

effective (Kania, in PADEP, undated, Chapter 18).  For mines that predate the new laws by

decades or generations, however, acid drainage has been and remains to be a problem.  These

sites are typically orphans with no party responsible for abating or remediating the acid drainage

problems.

In the last several decades, there has been considerable interest in addressing the acid drainage

coming from abandoned mines.  Part of the interest is financial; there are regulatory and tax

incentives to mine on, and potentially improve conditions at, an impaired and previously

abandoned site.  Part of the incentive is social; people are simply tired of living with and

tolerating environmental conditions that reduce their quality of life.  Part of the interest is

political; it is an easy way to appear “green”.

If the problem to be addressed is acid drainage, an obvious answer is to neutralize the acid.  The
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standard treatment for neutralizing the acid is alkaline addition.  In today’s business and

regulatory environment, the alkaline addition agent is often coal combustion waste (CCW). 

Unfortunately, remediation of acid drainage is less successful than initially preventing it (Kania,

ibid).  Part of the reason is undoubtedly that, like most problems, prevention is simply more

efficient than clean-up.  However, in the case of acid drainage, the answer is also more complex. 

Acid drainage is usually considered from the generation point of view.  If acid drainage occurs,

what is going to happen to the metals that are released?  (Note: Although arsenic and selenium

are not metals in the strict sense of the term and should properly be referred to as “nonmetalic

elements” (Hem, 1985), they are commonly grouped with true metals for regulatory purposes. 

This paper will follow that general usage and refer to these elements as metals.)  The answer is

variations on the theme that increasing the pH lowers the mobility of the toxic metals because

they are adsorbed onto various substrates of hydrated metal oxides, particularly hydrated ferric

oxides (HFOs) (Bethke, 1996, p. 338 et seq., or Langmuir, 1997, p. 369 et seq.).

What happens to toxic trace metals immediately after their generation is only the starting point. 

Ground and surface waters evolve in time and space, as they react with sediments, waters, and

the atmosphere.  The fate of the adsorbed trace metals needs to be considered in the light of this

evolution.  United States Geologic Survey’s Water-Resources Investigations Report 98-4205

(Hinkle and Polette, 1999) investigated the potential causes of high arsenic concentrations in the

ground water of the Willamette Basin in Oregon.  That assessment determined that the water

quality issues were not related explicitly to new or unidentified sources of arsenic.  Rather, the

increases and distribution of arsenic in the basin were almost certainly related to the evolution of

the rocks and soils that had initially adsorbed the arsenic.  Arsenic that had been effectively

sequestered from ground water in the near-surface environment remobilized as the geochemistry

changed.
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Hinkle and Polette discussed the phenomenon that an increase of pH can cause arsenic to

mobilize.  Such a concept is so counter to the generalization of increased mobility if metals at

lower pH, that it begs further evaluation.  This paper investigates the theoretical possibility that

raising the pH of a fluid can cause adsorbed metals to be released into ground water, thereby

increasing their concentration.  This investigation was done using the geochemical modeling

program that was developed in the Hydrogeology Program at the University of Illinois, The

Geochemist’s Workbench(R), under the direction of Craig Bethke.  The investigation was done

using the programs from Release 5.0, as described in Bethke (2005).

The results of the geochemical modeling show, for one environmental setting of interest, raising

the pH, i.e., implementing alkaline addition, would increase the concentration of arsenic in the

ground or surface water.  The modeled environment is one that is oxidized and is where the

adsorbing substrate has equilibrated with the contact fluid.  The environment is likely, if not

common, in areas of historic acid mine drainage.

Since the geochemical modeling calculations predict remobilization of arsenic due to desorption

in response to increasing pH, available laboratory and field data were examined to verify those

predictions in areas where acid mine drainage might produce the conditions represented in the

calculations.  The analytical data in each case supported the theoretical calculations.  Arsenic

concentrations in ground and surface waters, across large areas and under a variety of conditions,

are highest in waters that are neutral to moderately alkaline, rather than in more acidic waters. 

At locations where the conditions of the calculations were likely to exist in the field and time

series data were available, a rise in pH was associated with a subsequent rise in the concentration

of arsenic.  It is clear that the benefits obtained by neutralizing acid drainage with alkaline

addition must be balanced against the potential increased impairment due to the mobilization of

one or more toxic metals.

Arsenic Geochemistry; Solubility, Precipitation, and Redox Calculations
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As - H2O and Fe - H2O Systems

Arsenic exists most commonly in ground and surface water as either trivalent arsenic (As(III)) or

the more oxidized pentavalent arsenic (As(V)).  The solubility of arsenic depends upon the

oxidation state and on other constituents in the solution with the arsenic or in contact with the

solution.  Consider first the simplest systems, arsenic and water.

Arsenic (III) does not exist in appreciable concentrations in an aqueous solution as an individual

cation with a +3 charge.  In natural solutions, it complexes with the hydroxide ion to form the

species As(OH)4
-1.  Species that are formed from the complexation of cations with oxygen or

hydroxide and that have a net negative charge are called oxyanions or oxyhydroxyanions.  The

chemistry of these species is largely dependent upon their negative charge and large ionic radii. 

That chemistry can be dramatically different from the chemistry of species that exist as cations

in solution.  Zinc would be an example of the latter.  

As(III) solubility in water varies with the pH of the aqueous solution, but regardless of pH the

solubility is high in a simple solution of arsenic and water.  Exploring the solubility of this form

of arsenic, using the program Act2 of The Geochemist’s Workbench(R) with thermodynamic data

from Bethke’s thermo.dat, shows that the concentration is limited by the precipitation of

Claudetite (As2O3), an arsenic oxide, at high activities of As(OH)4
-1, i.e., high concentrations of

As(III) (Figure 1).  At pH values below 9.23 standard units (s.u.), As(OH)4
-1 in equilibrium with

Claudetite has an activity of 0.166, which corresponds approximately to a concentration of 12.4

grams per kilogram of As(III).  At pH values above 9.23 s.u., the solubility of As(III) is even

higher, rising as the pH rises.  At a pH of 11 s.u., the equilibrium activity of As(OH)4
-1 rises to

10, representing an equilibrium solubility limit about 60 times as great as that at a pH of 9 s.u.  

Like As(III), As(V) does not exist in appreciable concentrations as an individual cation with a +5

charge.  In natural solutions it bonds with oxygen to form the species AsO4
-3.  In a simple
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solution of As(V) and water, equilibrium calculations show that arsenic solubility is controlled

by the precipitation of arsenic as the oxide As2O5, but only at extremely high concentrations

(Figure 2).  Using the thermodynamic data in thermo.dat, As(V) is still soluble in water at

concentrations of above one molal (approximately equivalent to 75 g/L).  The equilibrium

calculations predict that As(V) is least soluble when the pH is below 2.25 s.u., and the solubility

rises by orders of magnitude as pH increases above that value.

Both common oxidation states of arsenic are less soluble in acid water than in alkaline water. 

This is counter-intuitive to the common perception that trace metals are more soluble, and

therefore more mobile, in acid solutions than in neutral or alkaline solutions.  For example, when

one considers the solubility of iron alone in water, solutions with acid pH can contain much

higher concentrations of iron, whether one considers Fe(II) or Fe(III), than neutral solutions, as

shown in Figures 3 and 4, respectively.  It is also noted that in solutions with very high pH, both

iron species again begin to show rising solubilities as hydroxide species.  Another difference

between the pure systems of iron and arsenic is that the more oxidized state for arsenic, As(V), is

significantly more soluble than As(III), whereas the reduced iron, Fe(II), is significantly more

soluble than Fe(III).  Finally, it is worth noting that arsenic is far more soluble in water in all

cases than is iron.  Although iron-laden water is observed far more often than arsenic-laden

water, it is not a function of their inherent solubilities.

As - H2O - O2 and Fe - H2O - O2 Systems

The dominance of either As(III) or As(V) is a function of the oxidation state of the solution

within which arsenic is in equilibrium and the pH of the solution.  At atmospheric concentrations

of oxygen (fugacity of approximately 0.2), As(V) is the dominant state regardless of the pH. 

Streams in West Virginia were measured for dissolved oxygen concentrations as part of the

USGS NAWQA program (USGS, 2004).  Of the 366 analyses that were made, the median

concentration was 9.5 mg/L, or about 3e-4 mol/L of dissolved oxygen.  This concentration
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represents a median value of 97% of the potential saturation at equilibrium.  If the arsenic in the

streams is in equilibrium with the oxygen concentrations of the streams, then it is present as

As(V), the more mobile and less toxic form.  Figure 5 shows the Eh-pH stability diagram for

arsenic species, with the USGS oxygen and pH data plotted for comparison.  

The boundary between the stability fields for As(III) and As(V) slopes over the Eh-pH ranges of

interest in most natural waters.  For example, the conversion between As(V) and As(III) would

occur at an Eh of 0.013 at a pH of 7 s.u. and at an Eh of 0.289 volts at a pH of 4 s.u.  As a result,

As(III) can convert to As(V) at constant Eh if the pH increases (path A on Figure 5), just as it

can convert by increasing the Eh at constant pH (path B on Figure 5).  Depending upon the

position of a solution’s starting point in the As(III) stability field, the arsenic may convert to

As(V), the more mobile phase, even if Eh falls, as long as the pH rises sufficiently (path C on

Figure 5).  This is the type of evolution that might be expected in groundwater that has seen a

“successful” AMD remediation that both restricts the transport of oxygen into the subsurface and

raises the pH.

For comparison, Figure 6 shows the Eh-pH stability diagram for iron.  The conversion between

Fe(III) and Fe(II) would occur at an Eh of -0.161 at a pH of 7 s.u. and at an Eh of 0.373 volts at a

pH of 4 s.u.  This redox boundary also represents a phase boundary when the concentration of

Fe(II) is fixed at 0.3 mg/L, the USEPA secondary MCL for iron.  Above the boundary, Fe(III) is

stable as the mineral hematite.

Figure 7 shows the Eh-pH diagram for iron with the speciation mosaic for arsenic superimposed. 

The slope of the redox boundary for iron is steeper than that for arsenic and the two boundaries

cross at an Eh of 0.20 volts and a pH of 4.97 s.u.  When the pH is above this point, Fe(II) will

oxidize to Fe(III) before As(III) oxidizes to As(V).  When the pH is below this point, As(III) will

oxidize to As(V) before Fe(II) oxidizes to Fe(III).  In the regions above both lines (area I on

Figure 7), As(V) (more soluble) and Fe(III) (less soluble) dominate and below both lines (area II
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on Figure 7), As(III) (less soluble) and Fe(II) (more soluble) dominate.  To the right of the

intersection (area III on Figure 7), As(III) (less soluble) coexists with Fe(III) (less soluble).  To

the left of the intersection (area IV on Figure 6), As(V) (more soluble) coexists with Fe(II) (more

soluble).

Based upon the data collected by the USGS in the NAWQA program in West Virginia, which all

fall in area I on Figure 7, one would expect the dominant oxidation states for iron and arsenic to

be Fe(III) and As(V), respectively.  This expectation is predicated on the assumption that both

iron and arsenic are in equilibrium with the oxygen concentrations that were observed.  For

groundwater, the potential combinations are far less certain.  Areas I, II, III, and IV are all within

the Eh-pH of ranges that are very possible for regions that see active AMD.  Predicting the track

of a groundwater through these fields in response to remediation is uncertain at best.

As - Fe - O2 - H2O System

Natural waters do not have compositions that include either arsenic or iron.  Rather, natural

waters frequently have both, along with a host of other constituents.  Figures 8 shows the

solubility of arsenic, as As(V), in a solution that includes iron with a concentration of 0.3 mg/L

(SMCL) and oxygen in equilibrium with the atmosphere.  The minimum solubility is observed

around a pH of 2 s.u., controlled by the precipitation of the mineral scorodite, a hydrated Fe(III)

- As(V) oxide.  Although the minimum solubility is high, approximately equivalent to 164 g/L, it

is reduced by 3 orders of magnitude relative to the arsenic-water system calculated for Figure 2,

where As2O5(c) is the limiting solid phase.  As with the water-only system, the arsenic solubility

increases with increasing pH above 2 s.u., rather than decreasing.  

Figure 9 shows the solubility of arsenic in a system that contains iron  with a concentration of 0.3

mg/L (SMCL) and Eh of 0.20 volts, representing the intersection of the redox boundaries at a pH

of 5 s.u., as shown in Figure 7.  In the area where the arsenic is present as As(III), the solubility
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is limited by the precipitation of Claudetite at the same value calculated for Figure 1.  However,

the solubility begins to increase when As(V) replaces As(III) at pH of 4.97 s.u., rather than

persisting until the pH is 9.23 s.u. as happens in the simple As(III) case shown in Figure 1.  As

with the water-only system, the solubility of arsenic rises with rising pH.  However, when

considering redox relationships, the rise in solubility begins near pH of 5 s.u., not at a pH of

more than 9 s.u.  Under the As(III) and water system, the solubility of arsenic was about 12.4 g/L

at a pH of 9 s.u.  Including the effects of iron and redox coupling for both iron and arsenic, the

calculated solubility of arsenic at a pH of 9 s.u. is more than 7 orders of magnitude higher. 

Above a pH of about 6.9 s.u., the solubility is controlled by equilibrium with scorodite, as was

the case in Figure 8.

The effects of iron and redox coupling on arsenic solubility reduce the As(V) solubility by about

3 orders of magnitude over pHs above 2 s.u. in a fully oxidized system.  The solubility remains

high and it rises, not falls, with rising pH.  Iron and redox coupling on arsenic solubility in more

reducing conditions causes a dramatic increase in arsenic solubility in waters of intermediate pH,

between 5 and 9 s.u., and it rises with rising pH.

The effect of redox coupling on iron solubility is substantial for the reduced case.  Figure 10

shows the iron solubility at the Eh value of 0.2 volts where iron and arsenic redox boundaries

coincide at a pH of about 5 s.u. (Figure 7).  The solubility of Fe(II) is controlled by the

phase/redox boundary with hematite rather than the phase boundary with FeO(c) calculated for

Figure 3.  The result is a substantially lower solubility for Fe(II) at any given pH.  At pH of 6.5

s.u., redox coupling calculates a solubility that is reduced more than 8 orders of magnitude.  At a

pH of 2 s.u. the iron solubility is reduced about 3.5 orders of magnitude.  At pHs above 12 s.u.,

the solubility is increased by as much as one order of magnitude, but remains low.  Adding

arsenic at 0.01 mg/L (MCL) to the solution has no effect because the equilibrium remains

controlled in all areas by hematite.
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There are no effects from redox coupling or adding arsenic at 0.01 mg/L (the arsenic MCL) on

iron solubility for the system in equilibrium with oxygen in the atmosphere.  As with the reduced

case, iron solubility everywhere in the domain in Figure 11 is controlled by equilibrium with the

mineral hematite, so the solubility limits are identical to those seen in Figure 4, which

considered only Fe(III).

As - Fe - O2 - Ca - SO4 - H2O system

The most common anion or oxyanion in areas of AMD is SO4–, the sulfate complex.  It is the

end product of the sulfur that is found in sulfide minerals, produced when sulfide minerals

oxidize to sulfuric acid.  To the extent that there is buffering capacity in the spoil rock of a mine

or the surrounding soils, calcium is a common cation that is released from reaction with sulfuric

acid with limestone, dolomite or/or feldspars and their clay mineral weathering products. 

Adding sulfate and calcium to the hypothetical solution will complete it with respect to the

major constituents.

The USGS NAWQA data show a median sulfate concentration of 22.6 mg/L or 6.4e-4 Mol/L. 

Assuming that there is a 1:1 release of calcium per mole of sulfuric acid neutralized, e.g.,

limestone dissolution, there would also be 6.4e-4 mol/L of calcium.  The NAWQA data show a

median calcium concentration in 335 analyses of 16 mg/L, or 4e-4 Mol/L of calcium, with

enough magnesium (possibly from dolomite) to balance the reaction.  For the purposes of the

following discussion, it will be assumed that calcium is the cation balancing the sulfate

concentration. 

Figure 12 graphs the solubility of arsenic in the system equilibrated to atmospheric oxygen with

iron at its SMCL of 0.3 mg/L, sulfate at 22.6 mg/L and calcium at 23.3 mg/L.  The differences

between this solution and the iron-arsenic considered in Figure 8 are dramatic.  The solubility in

the low pH range remains unchanged, with a maximum solubility being reached as pH climbs
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from 2 s.u. to about 4.2 s.u., a concentration controlled by equilibrium with scorodite.  However,

at pHs above about 5.2 s.u., scorodite is replaced by Ca3(AsO4)2(c), a calcium arsenate, at the

equilibrium mineral phase.  With this equilibrium, solubility of As(V), instead of rising in

equilibrium with scorodite, declines from a log activity of about 3.3 to a log activity of about -

4.7 at a pH of 11.5 s.u., a decline of almost 8 orders of magnitude.  A log activity of -4.7 is

approximately equivalent to a concentration of 1.495 mg/L.

Figure 13 graphs the solubility of arsenic under the same conditions, except that the oxidation

state of the solution has been reduced to an Eh of 0.2 volts, corresponding to the intersection of

the redox boundaries of iron and arsenic at a pH of about 5 s.u.  The sulfate allows the mineral

orpiment, an arsenic sulfide, to control the solubility at high pH.  At a pH of about 1.4 s.u., the

solubility of arsenic, as As(III), is less than one part per trillion.  The solubility of arsenic rises

quickly to a maximum log activity of 2 (approximately equivalent to 100 Mol/L) at a pH of

about 5.8 s.u. as realgar (an arsenic sulfide) and claudetite (an arsenic oxide) sequentially control

solubility.  Above pH 5.8 s.u., the solubility of arsenic, now As(V) declines in equilibrium with

Ca3(AsO4)2(c) to the same log activity of -4.7 (approximately 1.495 mg/L) as the oxidized

scenario shown in Figure 12 at pHs above 11.5 s.u.

Something is Missing

The foregoing types of evaluations of arsenic geochemistry can be continued with ever

increasing specificity and complexity to evaluate an infinite number of specific examples.  This

is unnecessary, however.  The limited explorations that have been outlined demonstrate some

key aspects of arsenic geochemistry, and by extrapolation perhaps that of other oxyanion, with

respect to inorganic equilibrium reactions, e.g., redox, precipitation, and dissolution reactions. 

First, there is nothing in the redox, precipitation, and dissolution computations that support the

perception that arsenic, or a contaminant that behaves analogously to arsenic, is a bigger

problem in low pH waters than at neutral or high pH waters.  To the contrary, except for
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extremely low pH solutions, i.e., below 2 s.u., the solubility of arsenic increases as pH increases,

at least into the neutral range and, under some circumstances, even into the range of caustic pH. 

Based upon these types of reactions, there is no reason to expect an arsenic problem to lessen as

one raises the pH of AMD, and considerable opportunity for an arsenic problem to become more

severe.  Second, arsenic concentrations observed in ground and surface water seldom approach

the solubility limits that equilibrium calculations produce.  This may simply be the result of

limited availability (arsenic is, after all, a trace contaminant).  However, were the low

concentrations simply the result of limited availability, one would observe overall increases in

concentrations with time as arsenic would slowly build toward its solubility limit.  It is far more

likely that some process(es) is(are) involved that goes(go) beyond the thermodynamics of redox,

precipitation, and dissolution.  

Adsorption

There is another class of reactions that needs be considered before attempting to predict the

behavior of arsenic and analogous contaminants in response to pH changes.  These are the

reactions of adsorption and desorption of ions or complexed ions onto the surfaces of, or into the

structures of, adsorbing minerals or substrates.  Many mineral structures have an internal charge

distribution that results in weak electrostatic fields on the surface.  These fields on the surface

provide sites that attract and bind ionic species that are present in solutions that are in contact

with the minerals, removing them, at least temporarily, from the solution.  The degree to which

an ion adsorbs to a mineral surface is a complex function of many different parameters.  Some of

these include the sign and strength of the electrostatic field at an adsorption site, the density and

total number of the sites on the mineral surface, the sign and strength of the ion’s charge, the size

of the ion and the size of the adsorption site, the concentration of the ion in solution, the

concentration of competing ions for the same adsorption sites, and the proportion of the sites

that, through time, have been previously filled.  These factors are each concentration driven, like
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chemical reactions.  Thus, a higher concentration of a particular ion in solution will result in a

higher concentration of that ion onto the adsorbing substrate.

The process of adsorbing is a reversible process; i.e., the adsorbed ion is bonded electrostatically

only so long as the conditions for bonding do not change, and change is an axiom of geology.  If

diagenesis causes mineral recrystallization of the adsorbing substrate into grains with less

surface area, adsorption sites will be lost and previously adsorbed ions will be released.  If the

solution shows a decline in the concentration of an adsorbed ion, the substrate will release that

ion until a new equilibrium is reached.  Virtually any chemical and/or physical change to either

the solution or the substrate can potentially change the conditions for adsorption and, therefore,

the concentrations of both the solution and the substrate.  Adsorption and related processes are

described to varying degrees of complexity in most standard or specialized hydrogeologic texts;

examples include Freeze and Cherry (1979), Bethke (1996), and Langmuir (1997).

Ferric (Fe III) iron oxides, and particularly HFOs, are effective adsorptive substrates for a wide

variety of ionic species.  They are among the more studied sorbents, because of both their

effectiveness and their abundance in surface and near-surface environments.  Adsorption onto

HFO minerals is often modeled as a dual-layer phenomenon, described extensively in the

seminal work by Dzombak and Morel (1990), although there are models that are both simpler

and more complex.  The dual-layer model has been programmed into some geochemical

modeling programs, including USEPA’s MINTEQ2 and Visual Minteq, and the University of

Illinois’ The Geochemist’s Workbench (R).

The effectiveness of HFO substrates is typically investigated by assessing the fraction of a

dissolved sorbate that adsorbs onto the HFO.  For mineral forms with a high surface area, the

adsorption rates can be impressive.  Within the range of naturally occurring arsenic

concentrations, for example, HFO substrates can adsorb, at equilibrium, to concentrations of

grams per kilograms.  Such concentrations make it relatively easy to demonstrate adsorbed
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fractions of 0.999 and greater (see Bethke, 1996; Chapter 23, Acid Drainage, pp 331 et seq.). 

Adsorption of arsenic onto HFO and other substrates is probably the major reason that arsenic

concentrations in surface and near surface environments are consistently below those that would

occur from simple equilibrium redox, precipitation, and dissolution reactions.  

Desorption

The ability of HFO to sequester trace metals by adsorbing them is only half of the equation. 

What adsorbs can desorb, and it is important to understand the changes in an environment that

can mobilize previously sequestered trace metals, including arsenic.  Not all changes that

mobilize adsorbed arsenic are true desorption.  The crystallization of amorphous HFO into

mineral grains or the accretion of colloidal substrate into macroscopic grains will reduce the

surface area available for adsorption.  The surface area that remains still retains the adsorbed

arsenic at comparable concentrations, but the loss of surface area releases that previously

adsorbed arsenic back into solution.  A reduction of the system to the point that either the ferric

iron reduces to ferrous (Fe(II)) iron or As(V) reduces to As(III) will release arsenic into solution. 

In the former case, the adsorbing substrate is lost.  In the latter case, the adsorbate is converted to

species that do not adsorb as significantly.  In all of these cases, arsenic that had been

sequestered is remobilized, but the release is not desorption.

Desorption of arsenic will occur if the concentration of one or more competing ion causes the

substrate to release arsenic.  Desorption can occur if the pH of the solution changes the

fundamental charge structure of the HFO surface.  This occurs in the dual-layer model for HFO

substrates in the range of neutral pH, and the surface charge and surface potential of the

substrate are negative in the field of higher pH and both are positive at lower pH.  For substances

that exist predominantly as a single ion species, the surface charge alone will largely determine

the degree of adsorption.  For example, S(VI), which dominates over most natural pH ranges as

the divalent oxyanion sulfate, adsorbs strongly at low pH, where the surface charge is positive. 
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But, as the pH nears neutral, the surface charge declines and eventually reverses, and the sulfate

desorbs.  Above the neutral point, sulfate adsorption is virtually nil.  For an element like arsenic,

that not only exists as an oxyanion but also manifests several pH-dependent species, the response

is far more complex and must be evaluated using computer modeling.  

The speciation and adsorption evaluations were done using The Geochemist’s Workbench(R).  In

this case the programs SpecE8 and React were used.

A simple fluid model was used to isolate the behavior of arsenic adsorption with respect to pH

from the effects of competing species for adsorption sites.  Below are listed the components for

the speciation runs.  They represent the median dissolved components from the USGS NAWQA

database from West Virginia.

Fluid:

Ca++ 9.43 mg/L
SO4– 22.6 mg/L
Cl-  4.7 mg/L
O2(g)  0.2 fugacity

Substrate:

Hematite  0.1 free grams

The program SpecE8 was used to identify the concentration of arsenic that adsorbed onto an

HFO substrate at defined pHs for each of a series of aqueous arsenic concentrations.  The

substrate database was FeOH.dat that is provided with GCW.  The redox pairs for Fe(II) and

Fe(III) and for As(II) and As(III) remained linked for this study.  

The objective of one calculation was to answer the question, if a water has a pH of 5 and a

dissolved arsenic concentration of 100 ug/L, what is the concentration of the HFO in contact and
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equilibrium with it?  Inherent in the question is that the system has existed for sufficient time

that the equilibrium has been reached.

Figure 14 compares the substrate arsenic concentrations among the three potential HFO

surrogates for an arsenic concentration of 0.010 mg/L of arsenic in solution.  Hematite has the

highest adsorbed arsenic concentration for each pH evaluated, but there are not major

differences among the three and certainly no difference among the patterns.  In each case, there

is relatively little adsorption at low pH, a peak is observed at a pH of 6 s.u., and a trough is

observed at a pH between 8 and 9 s.u.  Further modeling using SpecE8 uses only the hematite

substrate.

The comparison among the adsorbed concentrations of sulfate, arsenic, and calcium is presented

in Figure 15.  Calcium, which dominantly exists as a simple cation through the range of the

calculations, is adsorbed almost exclusively and most strongly in areas of high pH, where the

substrate has negative surface charge.  Sulfate, the sulfur species which dominates this domain,

adsorbs significantly only at low pH, where the surface charge of the substrate is positive. 

Arsenic, with varying species dominating across various pH ranges shows a complex adsorbing

pattern.  Arsenic adsorption is clearly depressed in the pH ranges where sulfate is most strongly

adsorbed, indicating competition for site.

Figure 16 provides a comparison of the adsorbed arsenic on the substrate expressed as grams of

arsenic per kilogram of HFO substrate for each of three arsenic concentrations in solution; 0.010

mg/L, 0.100 mg/L, and 10.000 mg/L.  For comparison to regulatory standards, the lowest of

these concentrations is the new maximum contaminant level (MCL) that is allowed to be

delivered in a public water supply.  As the concentration of arsenic in solution increases, the

concentration on the substrate increases, reflecting the concentration-dependent mass action

equations that are used to describe the process numerically.  However, the increase in the low pH

range is far more dramatic.  At a concentration of 10 mg/L in solution, arsenic now out-competes
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sulfate for the adsorption sites on the substrate.  The concentration of sulfate at pH 3 s.u. is

reduced 20-fold when the arsenic concentration rises from 0.010 mg/L to 10.0 mg/L.

The curves that are depicted in Figures 14 through 16 can be used qualitatively to predict what

will happen in response to shifts in the pH of a solution that is in equilibrium with its HFO

substrate.  If the pH shift moves into a region of higher equilibrium concentration for the

substrate, arsenic will adsorb onto the substrate to move toward a new equilibrium, and arsenic

concentrations will fall in solution.  If, on the other hand, the pH shifts towards a region of lower

equilibrium concentration, arsenic will desorb from the substrate into solution and the

concentration in the water will increase.

Consider the point at pH 3 on the line representing a solution concentration of 0.100 mg/L in

Figure 16.  This might represent the chemistry of a seep from a spoil bank with pH 3 and an

arsenic concentration of 0.100 mg/L that has equilibrated through the years with HFO

precipitates in the spoil, which contain around 19 g/kg of adsorbed arsenic.  Treating that spoil

bank with enough of an alkalizing agent to raise the pH to 4 s.u. changes the equilibrium point

for the substrate and solution.  At pH 4 s.u., the substrate is in equilibrium with the solution only

when it has adsorbed 29 g/kg arsenic.  As a result, this increase in pH results in arsenic

adsorption.  This is the pH range of the calculations that are typically performed when

considering pH remediation.

Many times, remediation projects are undertaken at sites with more intermediate pH conditions. 

Consider for example another site, where the pH is 5 s.u., the arsenic concentration is 0.100

mg/L and alkaline addition is again used to remediate the acid drainage to neutral.  The 0.100

mg/L line on Figure 16 shows that the substrate in equilibrium at pH 5 s.u. contains 55 g/kg of

adsorbed arsenic.  In this case, raising the pH to 7 s.u. creates the opposite disequilibrium.  The

substrate at pH 7 s.u. can only adsorb 38 g/kg of arsenic when the contact solution contains
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0.100 mg/L of arsenic.  The result of this alkaline addition is that arsenic will desorb from the

HFO substrate as the substrate and water seek a new equilibrium.

One of the programs in The Geochemist’s Workbench(R) allows one to calculate just such a

reaction sequence.  The program React was used with the water described above to track the

change in arsenic concentration in the water that would be solely the result of alkaline addition. 

The original solution was assigned an arsenic concentration of 0.100 mg/L at an initial pH of 5

s.u.  The reaction path that was simulated was a simple sliding pH from the initial value to a pH

of 11 s.u.  Figure 17 shows the result.  The concentration rises from its initial value of 0.100

mg/L to a peak of 2.113 mg/L, as pH rises from 5 s.u. to 8.3 s.u.

React is also used to track the evolution of a second solution with a concentration of 0.050 mg/L. 

In this case, the starting condition for the equilibrium system was at a pH of 7.5 s.u. and an Eh of

-0.1 volts.  This corresponds to a chemical position where initially the stable redox pairs are

As(III) and Fe(III).  The reaction path was a sliding increase in the Eh from the initial point to an

oxidation state equivalent to atmospheric concentrations.  Figure 18 depicts the decline in

arsenic concentrations that occurred as As(III) oxidized to As(V).  Even though As(V) is the

more soluble species, it is much more strongly adsorbed onto HFO, resulting in a net reduction

in arsenic concentration.  Allowing oxygen into an initially relatively reducing environment

caused the initial fluid concentration of 0.050 mg/L to drop to 0.013 mg/L.

Even though the only specified reactant for the above model was a sliding increase of Eh, the

oxidation of As(III) to As(V) resulted in a drop in pH from the initial value of 7.5 s.u. to a new

value of 6.18 s.u.  The path of this reaction on the Eh-pH diagram in Figure 7 is shown on Figure

19, moving from the As(III)/Fe(III) field into the As(V)/Fe(III) field.

A further reaction path is then calculated for this fluid substrate system.  The lightly acid fluid is

remediated by raising the pH of the system that is now in equilibrium with atmospheric oxygen. 
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Figure 20 shows the increase in arsenic in the fluid in response to the pH increase and Figure 21

shows the reaction path on an Eh-pH diagram.  The arsenic concentrations in the fluid rise to

peak levels higher than the original fluid; 0.157 mg/L at a pH of 7.9 s.u., as opposed to the

original arsenic concentration of 0.050 mg/L.  For this fluid to drop below the new USEPA MCL

for arsenic, the pH would have to be maintained above 8.9 s.u.

Even though the peak concentration in the final fluid is three times the initial concentration, the

final fluid is significantly less dangerous than the initial fluid.  Based upon ASTDR (2000)

information, the non-carcinogenic toxicity of trivalent is as much as three times that of As(V),

making the fluids equivalent.  However, when carcinogenic effects are included, the combined

toxicity for As(III) is 40-fold or more that of As(V) (Huggins, 2003).  The original fluid was

97% trivalent arsenic, whereas the final fluid contains virtually no trivalent arsenic; based upon

the 40-fold higher combined toxicity, the lower concentration As(III)-bearing fluid is more than

12 times as dangerous.  Regulations based upon the USEPA MCL for public drinking water

supplies do not draw a toxicity distinction.

Empirical Support

The somewhat counter-intuitive premise that some metals are more mobile in near-neutral fluids

than in moderately acid fluids is supported by an evaluation of redox, precipitation, and

dissolution calculations and by the calculation of adsorptive behavior using generally accepted

theory and established software packages.  Theory and calculation can only go so far, however,

unless there is empirical evidence that supports them.  In this case, there are a number of data

sets that can be examined to determine whether such support exists.

Index Leaching Tests
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Traditionally, the TCLP (toxicity characteristic leaching procedure) test was the designated

index test for classifying waste streams.  This test is a buffered, pH-controlled test using a weak

organic acid as the leaching medium, a high liquid to solid ratio, and a short duration leach

period during which the test is agitated.  Recently, regulatory agencies have been using

alternative index leaching tests for classifying solid waste streams.  The tests are designed

largely the same except for the leaching medium.  The alternative tests use water as the leaching

medium and allow the waste to equilibrate to the leaching medium and control the pH of the

fluid during the test.  Depending upon the regulatory regime and time frame, these tests use tap

water, deionized water, water that simulates local rainwater (SPLP), and water formulated to

approximate ground water composition.  The premise behind using these tests is that the

leaching environment of the index test is more analogous to an open natural environment

whereas the TCLP test is more analogous to a municipal waste landfill with organic acids in the

leachate.

Five sets of index leaching test data were examined.  The first set has 32 analyses for SPLP tests

of various coal combustion wastes (CCWs) being disposed  at the Springdale Pit in Tamaqua

PA.  The CCWs tested  include wastes from both conventional and fluidized bed combustion

units.  The second has 33 analyses of mixed wastes that were disposed at the Bark Camp

demonstration project.  The wastes tested include both wastes as delivered in the rail cars and

mixed wastes coming from the pug mill and ready for disposal.  The third set has only eight

analyses that are a single analysis each of eight different rock and waste types.  The fourth set

has 119 analyses of CCWs disposed under the Indiana mine program.  Indiana requires two

index tests using a fresh water leaching medium, one with a duration of 24 hours and one with a

test duration of 30 days.  The 30-day leaching tests were included in this study since they are

likelier to approach equilibrium than the 24-hour tests that were also done.  Set five consists of

the 10 analyses of SPLP or ASTM leachate tests of CCWs performed as part of the PA mine-

disposal program, as compiled by the United States Department of Energy (Cardone and Kim,
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2000) and provided to Geo-Hydro, Inc.  This is a subset of 132 analyses in that data set; the

others are EP-TOX or TCLP analyses, which are buffered tests.

Set six consists of nine miscellaneous SPLP index tests conducted as part of the PA mine-

disposal program. 

Sets one, five, and six are combined into a single data set since they were all done for Module 25

purposes under the PA mining disposal program.  The arsenic versus pH plot for the combined

population of 51 analyses is shown in Figure 22.  Except for one high arsenic analysis that was

measured at pH between a little above 10 s.u., the data show a pattern consistent with the

modeling predictions, i.e., arsenic may be more mobile at neutral pH.

Sets three and four are combined into a single set since they were all done using the index testing

protocol recognized and accepted by Indiana as part of its mine disposal program.  A plot of

arsenic as a function of pH for these 127 analyses is presented in Figure 23.  The data show a

pattern consistent with the modeling predictions, i.e., arsenic may be more mobile at neutral pH. 

Figure 24 displays the combined data from figures 22 and 23, again showing a pattern of

concentrations that are consistent with theoretical predictions that arsenic can be most mobile in

neutral fluids. 

Water Survey Data

There are a number of relatively large-scale data sets that are available in areas where acid

drainage is a problem.  They offer the opportunity to compare arsenic concentrations and pH of

streams and/or ground water to identify patterns that support or refute the implications of the

calculations.  Two sets of data are examined here.
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West Virginia DEP Trend Station Data

The first data set is comprised of data that were collected by the West Virginia Department of

Environmental Protection as part of their trend station analyses of state-wide water quality.  The

data are not representative of problematic areas; rather, the sites were selected as being

representative of moderately sized drainage basins and not site-specific local water quality

problems.  The data were collected during the 2002-2003 water year.  For trace analyses, the

data were collected quarterly and for most sites there are 3 analyses.  For arsenic, there were 233

sites with data and there are 757 individual arsenic analyses.  

Figure 25 shows the arsenic concentrations for the trend station study plotted as a function of the

pH as measured in the field.  The pattern that is seen is one where the highest concentrations of

arsenic are observed at a pH between 7 and 8 s.u.  Above and below this range, the

concentrations are distinctly lower.  There is a hint that arsenic concentrations may begin to

increase again below a pH of 4.5 s.u., but there are only three data points to consider and there

are no trend stations with arsenic analyses at pHs below 4 s.u.  These data are consistent with the

thermodynamic calculations made with GCW that suggest one might expect higher arsenic

concentrations between 7 and 8 s.u. than either immediately above or below.

Pennsylvania DEP Module 25 Monitoring Data

Pennsylvania permits the disposal of coal ash through its surface mining program.  When coal

ash is to be disposed as part of a permit, Module 25 must be included as part of the permit

application and permit.  One of the requirements of Module 25 is that extra monitoring,

particularly for trace constituents, must be conducted.  Depending primarily upon the vintage of

the permit, trace contaminants must be monitored between monthly and annually.  For permits

issued in the last five to ten years, annual analyses are the requirement.
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The United States Department of Energy collected a significant set of PA DEP Module 25

monitoring data as part of their evaluation and research efforts.  The data are reported to span a

total range from April, 1969 through December1995, although the earlier of these dates is

unlikely and possibly a typographic error.  Some of the results of their analysis of the data were

presented by Cardone and Kim (2000).

The database PA DEP Module 25 monitoring data that was released by DOE to Geo-Hydro

contains 6317 water analyses.  The data come from 36 different disposal sites operated by 29

different companies.  The sites collectively receive wastes from 65 different waste sources. 

Individual disposal operations receive between one and 18 different sources of CCW.  The

number of analyses provided for individual permits ranges greatly and for reasons not yet

known, Knox permits have substantially more water data than the other districts.  For example,

the median number of records available from DOE per permit from Knox is 246 and the median

from Pottsville is 54 records.  The data compiled and released by DOE have monitoring results

from 21 permits regulated by the DEP office at Pottsville and 10 permits regulated by the DEP

office at Knox.  The remaining three DEP offices regulate the final 6 permits that have data in

the DOE release.

Among the 6317 water analyses that were reviewed, there were results listed for arsenic and pH

with 526 of the analyses.  Where both field and laboratory pH measurements were taken, the

field pH was used.  In 181 cases, only the laboratory pH data were reported.  The DOE release of

the PA DEP data does not distinguish between detections and detection limits.  Of the samples

with arsenic reports, 361 reported “0” mg/L; it is inferred that these represent analyses that were

below detection limits.

Figure 26 presents the arsenic data as a function of pH for all samples other than those

designated from wells.  This figure includes the concentrations from 142 analyses with non-zero

data as well as the reports of zero.  The data show the highest concentrations of arsenic lie
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between pH values of 6 and 8 s.u.  Figure 26a includes the same data as in Figure 26 with the

addition of 21 non-zero concentrations that are reported as being from wells.  These add, in part,

some low-pH, high-arsenic points to the graph.  These points likely represent arsenic-laden

reduced water prior to its surfacing and oxidizing.  These points likely represent the delivery

system of arsenic into the HFO adsorption system rather than the response of the HFO sorbent to

pH changes.

Bark Camp Demonstration Project Data

The third set of data that have been reviewed are the data from the ground and surface water

monitoring at the PA DEP Bark Camp demonstration project for the disposal of coal ash, kiln

dusts and dredge materials.  As part of that project ground and surface waters have been

analyzed over a period of several years.

Figure 27 presents the arsenic data from 812 analyses, of which there were 144 analyses above

the detection limit.  The high arsenic concentrations are concentrated between pH 7 and 8 s.u.,

and the arsenic concentrations between 8 and 11 s.u. are almost always above the detection limit

and the analyses below 6 s.u. are generally below the detection limits.  These data also support

the other evidence that arsenic is likeliest to be a problem with neutral fluids in the environment,

rather than with fluids of  low pH.

Figure 27a presents the zinc data from the Bark Camp monitoring.  The pattern for zinc is

distinctly different from that for arsenic.  There are few detections of zinc above a pH of 8.0 s.u.

and there is almost universal zinc at detectable and generally increasing concentrations below a

pH of 5.5 s.u.  

Site Specific Examples
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One of the difficulties with relying exclusively on regional data sets of water surveys is that it is

not possible to isolate individual sites or projects to identify the response of any given point or

water resource to remediation efforts that rely in part on alkaline addition.  For that reason, a

sampling of individual sites for which there are adequate data are provided below.

Prides Creek Mine, IN

Prides Creek Mine in Indiana is a mine that has had CCW disposed in both monofill and backfill

settings.  The impacts of the disposal on the ground water within the mine are discussed in

Norris, 2005 and Norris, 2004.  Figure 28 shows the arsenic versus pH display for a spoil well

that saw a pH front move by the well in 1999.  The highest concentration of arsenic, 0.036 mg/L,

coincides with a pH of 7.12 s.u. and peak concentrations decline as pH rises above that point. 

There are no concentrations above 0.010 mg/L at pH values below 7 s.u., reflecting again the

tendency for relatively higher arsenic mobility at neutral and higher pH.  Figure 29 shows time

series plots of pH and arsenic.  The data show arsenic reaching a minimum that corresponds to

the lowest pH and a rise or flushing event that occurred subsequent to the rise in fluid pH.  It is a

pattern consistent with the predictions of the geochemical modeling.  The data from this well for

molybdenum and selenium, which would also exist as oxyanions in this ground water, also show

a rise in concentrations subsequent to the rise in pH (Norris, 2004).

Universal Ash Disposal Site, IN

The Universal Ash Disposal Site in Indiana is one of the first CCW disposal sites under the

Indiana mine disposal program.  The impacts of the disposal on the ground water within the

mine are discussed in Norris, 2005 and Norris, 2004.  Figure 30 presents the arsenic versus pH

plot of the monitoring data from the “pit water”.  The impacts of the disposal on the ground

water within the mine are discussed in Norris, 2005 and Norris, 2004.  The CCW was disposed

directly into the existing end cut pit of the mine, which already contained water.  The first data
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from the pit had water that was already between pH 8 and 9 s.u., so it is unlikely that there are

any pre-disposal data.  The data that are available show that the peak arsenic concentrations in

the pit well correspond to pH values between 8 and 9 s.u.  There are few data above that range,

so it cannot be determine whether concentrations would fall if pH rose.  Below that range,

however, peak arsenic concentrations decline and the frequency of non-detects increases to the

lowest pH data at about 6.2 s.u.  The pattern is consistent with the predictions of the geochemical

modeling.

Albright Mine, West Virginia

The Albright Mine in West Virginia was a combination of mining new coal and remining refuse

coal with the supplemental objective of remediating acid mine drainage from the site.  As part of

the remediation plan, an alkaline addition agent (in this incidence, CCW) was used to raise the

pH.  The overall impacts of the CCW disposal on the ground water within the mine are discussed

in Norris, 2005 and Norris, 2004.  Figure 31 shows the plot of arsenic as a function of pH for

monitoring well G4.  Permit materials list G4 as being downgradient of the mining and disposal

area.  Subsequent to disposal, there was an increase in arsenic observed at the monitoring well. 

As is shown in Figure 31, the peak levels of arsenic rise as pH rises for pH values above 5.5 s.u.

and the overall peak for the data from the well occurs between pH 7 and 7.5 s.u.  The pattern is

consistent with the predictions of the geochemical modeling.

Summary

It is a conventional perception, if not wisdom, that metals are more soluble in acid waters and,

therefore, that treating acid waters in the environment to bring them into the neutral range will

alleviate metals toxicities in those waters.  The geochemistry of rock/soil and water systems,

based upon geochemical modeling that is based upon the simultaneous solutions of dozens or

hundreds of mass-balance and mass-action equations, indicates there are conditions when raising
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the pH of natural waters will have the opposite effect.  Under those conditions, the levels of

some metals, particularly metals that complex to form oxyanions, can increase when the pH of

the water is increased.

Arsenic is a metal that is highly soluble, yet is usually found only at trace concentrations in

waters in the environment.  It forms oxyanions in environmental waters in either of its two most

common oxidation states, As(III) and As(V).  It has been both demonstrated and calculated that

arsenic is very highly adsorbed onto hydrated oxides of common soil metals, and particularly the

hydrated oxides of ferric iron, HFOs.  Adsorption of arsenic onto HFOs, and perhaps other

hydrated metal oxides, is almost certainly a major part of why arsenic does not typically build in

concentrations to levels that might be expected simply from its solubility limits.

The control that HFOs exert on arsenic concentrations creates a second side to the adsorption

sword; desorption.  When an HFO substrate has, through the months or years, approached its

equilibrium limit with respect to arsenic that is supplied by the contact fluid, that substrate

becomes sensitive to hydrochemical changes that can create a disequilibrium that causes arsenic

to desorb.  There are a wide variety of such changes that can cause the substrate to release

arsenic that it has previously sequestered.  Depending upon the balance of a system, increases or

decreases in pH, increases or decreases in Eh, and/or changes in the concentration of other

constituents in the ground water or surface water can cause desorption of arsenic, or any other

adsorbed material.

This paper has looked primarily at only one change, that of pH increase in an oxidized

environment that is moderately acidic.  This change was selected for evaluation because it is a

scenario that is likely to occur in areas where there is historic acid mine drainage and there is the

will or motivation to do something about it.  
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Acid drainage is common from mines in many coal regions in the central and eastern United

States due to mining practices and refuse disposal practices that were used before the passage of

the surface mining laws in the latter part of the twentieth century.  These sites are largely

orphans and some were created well over 100 years ago.  The historical persistence exists for an

effective substrate of HFO to have developed and for equilibrium to have been reached between

the adsorbing substrate and arsenic that passes through the system.

This paper reviews the theoretical predictions of the response to simply raising pH of the system

described above.  It examines arsenic concentrations in one of the more popular class of alkaline

agents, CCW, as reflected in the currently accepted regulatory testing protocols.  It reviews the

arsenic distributions in environmental waters as observed in large databases collected over

numerous sites and various time frames.  And this paper looks at site specific cases where

alkaline addition has been used to raise the pH of environmental waters with arsenic.  

It seems intuitive that, to improve water quality, one neutralizes acid drainage.  However, in all

data sets, the arsenic concentrations are highest in neutral or moderately alkaline water and

lower in moderately acid water.  In the cases where the data show the pH variation is time-

dependent, the arsenic concentration is also time-dependent.  The field and laboratory data

provide empirical support for the modeling prediction that raising the pH of systems at or near

their adsorptive limit with arsenic can be expected to cause arsenic that had previously been

sequestered to mobilize.  The result is an increase in the arsenic concentration in the water,

offsetting to some degree the water quality gains of the higher pH.

The rise in arsenic concentration is not dependent upon arsenic being introduced into the

alkaline agent; it is the expected result of nothing more than raising the pH into the neutral

range.  To the extent that arsenic may be released from the alkaline agent itself, the desorption

increase may be compounded.  But, neutralization itself, without mass contribution from the
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agent, can do it.  It is not the only way to cause desorption, but it is a likely way in areas of

moderately acid drainage of well oxidized materials.
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