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then be Abstract—Two models have been used to explain the in-situ control of heavy metals: (1) solubility
n of the controls, where precipitation of a solid phase occurs under varying metal and ligand concentrations,
for this and (2) surface chemical controls, where adsorption or exchange occurs at the solid/solution interface.
Based on experiments presented in this paper, surface chemical controls can account for the removal
of heavy metals, particularly Zn(II), from metal solutions which are undersaturated with respect to,
the hydroxide, oxide, or other controlling solid phases. Adsorption isotherms are presented for varying
ssioned ’ solution pHs, tota} metal ipn copcentrations, ionic strengths, and minera} substrates.‘ The~ minerals
aration ch.os'en for 1111}stratlon are Si0O,, TiO,, .FeOOH., Al,O5, MnO, and HgS which range widely in surface
acidity, electrical double layer properties, specific surface areas, and surface functional groups.
INTRODUCTION then test whether one or more of the phases could
on o(E) THe DISTRIBUTION of heavy metals between natural be controlling the solubility by comparing computed
vaters and mineral and other colloid surfaces has with measured data.
een extensively investigated in recent years because Presently, computer programs such as HALTA-
of the need for information about levels and controls FALL (INGRI et al., 1967), REDEQL (MoOREL and
o well of heavy metal concentrations in water and the as- MORGAN, 1972), MINEQL (WESTALL et al., 1976) and
licated sociation of heavy metals with suspended matter and SOLMENEQ (KHARAKA and BARNES, 1973) can
as sediments. Incentive for these studies has developed simultaneously handle homogeneous and hetero-
for diverse reasons, eg. from investigations of trace geneous equilibria in oceans and other natural waters
metal deficiencies in animal diets and of heavy metal with varying degrees of success, provided sufficient
defini- pollution and accumulation in natural water and and accurate thermodynamic data are available.
€ross marine organisms. Other applications range from the Computer programs are also available which account
f:cttr:: ®e of stream sediments as indicators in geochemical for the importance of adsorption in natural waters.
58) as Prospecting to the effect of corrosion-product oxides The REDEQL heterogeneous equilibrium program of
% the movement of radioisotopes and radiation fields MOREL and MORGAN (1972) has been modified to in- .
i nuclear reactors. clude the James and HeaLy model (1972) for hydro- ;)
locity There are two principal concepts which have been lysable metal adsorption; however, this is generally =
equal Used as reference guides in discussing the control of an area that requires further development. To meet N
s the beavy metals. These are: (1) solubility controls, where  this need, the MINEQL program has been modified -
vrtlléi\h the Precipitation and dissolution of solid phases of to include a rather more comprehensive adsorption !
most .metal ion dominate the variation of metal concen- model developed by YATES et al. (1974). Further study g
RBER tration as a function of solution parameters and time; is still required to develop this model for complex

Q colioid and surface chemical controls, where the
| Presence of insoluble phases, often with high surface
eas, provide sites where adsorption or interfacial
. Mactions can occur.

The interpretation of heavy metal control by both
, iolubility and adsorption models for equilibrium pro-
®sses has already reached a relatively high level of
c”Phistication. For example, once it would have been
neWSSary to investigate the solubility of the whole
Tange of various solid precipitate phases that could
Occur for given metal, ligand, and pH conditions, and

solutes at low concentrations.

As adsorption control mechanisms may be impor-’
tant in many natural waters, we shall discuss some
of the interfacial models that best explain the uptake
of heavy metals onto inorganic surfaces. We will also
show that pH, ligand concentration and metal con-
centrations are important to both solubility and
adsorption mechanisms and that clear distinction
between these models is not always possible.

The observed uptake of hydrolysable metal ions on
oxide and other mineral surfaces may be summarized
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1550 . R. O. JaMes and M. G. MACNAUGHTON

as follows (JAMEs and HEiALy, 1972; MACNAUGHTON
and JAMES, 1974):

Pyrex container. This water had a conductivity of 1.1 megy
ohm cm™! or better at 25°C.
The stock solutions of zinc were generated from Zing

(1) Uptake is strongly dependent-on pH-and usually
occurs over a narrow pH range.

(2) The dependence of the fractional adsorption on
pH is similar to the dependence of the fractional for-
mation of soluble and insoluble hydrolysis products
on pH; however, often the measured adsorption
occurs at lower pH values than hydrolysis and usually
the fractional adsorption decreases with increasing
total concentration of metal. This suggests that poly-
merization and/or precipitation are not the control-
ling mechanisms. )

(3) The shape of the fractional adsorption—pH curve
shows that OH ™ is consumed or H" is released as
adsorption increases.

(4) The location of the adsorption region on the
pH scale is characteristic of the metal ion and its
complexes, and relatively insensitive to the adsorbent.

In experiments described in this paper we have
used sorption theories to account for the controls on
hydrolysable metal ion concentrations because the
solutions are undersaturated with respect to even the
most stable hydroxide phases.

The interpretation of the measured adsorption of
heavy metal ions is complicated by the presence of
hydrolysis products. If these are monomeric com-
plexes, they are easily accounted for, provided their
formation constants are known. However, in the more
concentrated systems where polymeric species form
at near saturation with respect to hydroxides or
oxides, there are difficulties in allowing for the forma-
tion of kinetic intermediates to colloidal or micro-
crystalline solid phases.

To demonstrate the adsorption behavior of hydro-
lysable metals in colloidal dispersions, we have used
aqueous zinc in trace amounts. It is conveniently ana-
lyzed as the Zn®® isotope or by atomic absorption
spectrometry. The aqueous chemistry of zinc is fairly
well known, Zn?* being the predominant solution
species in dilute solutions up to pH 8. Above this
pH and for more concentrated solutions, polymeriza-
tion and precipitation of hydroxides may occur. As
examples of the various oxide and sulphide minerals
that exist in contact with water, we have chosen
a-quartz, SiO,; anatase, TiO,; goethite, «-FeOOH;
corundum, a-Al,O5; manganese oxide, and cinnabar,
HgS, as adsorbents for aqueous Zn(II). While these
materials do not represent all, or the most commonly
observed, materials in sediments, they do range
widely in their surface acidities, their electric double
layer properties—e.g. point-of-zero-charge (PZC) and
isoelectric point (IEP)—and their specific surface
areas.

EXPERIMENTAL

Reagents .

All reagents used in this study were of analytical reagent
(AR) grade quality and all water used was deionized,
double distilled from an all-Pyrex still and stored in a

oxide. pH and ionic strength were controlled using HNQ. "
KNOj; and carbonate free KOH.

Preparation of solids

A. a-quartz, SiO,. a-Quartz was prepared by extensiyef
cleaning of min-u-sil 5 (Pennsylvania Glass Sand Corp) -
X-ray diffraction identified the silica as a-quartz. Th,

B.ET. N, adsorption surface area is 5 + 1.0mg? g™ !, ap4
the isoelectric point, as determined by microelectrophm,
esis, is at pH 2.0 4 0.2 )

B. a-alumina, corundum, Al,O5. o-Alumina was prepared
by the repeated washing of 0.3 micron Linde A alumipg
abrasive (Union Carbide) with distilled water. X-ray djp.

fraction”identified the alumina as «-alumina. The BET, -
N, adsorption surface area is 17 + 20m? g~ ! and the isq.

electric point is at pH 9.1 4 0.2.

C. Anatase, TiO,. Titanium dioxide was obtained as the

AR powder from the J. T. Baker Co. and was used afier
repeated washing with distilled water. X-ray diffractiop

identified the titania as anatase. The B.ET. N, adsorptiop
surface area is 7 £ 0.5m? g™ and the isoelectric point j5

at pH 7.2 + 0.2
D. Geothite, a-FeOOH. Goethite was prepared by slowly

adding 25 M KOH to a vigorously stirred ©

Fe(NO;);-9H,O solution, then allowing the solution to

age at 60°C for 24 hr. The resulting freeze-dried solid was .
identified by X-ray diffraction as goethite. The N, adsorp. =

tion B.E.T. surface area was 49 + 1 m? g™ '. The isoelectric
point was at pH 9.1.

E. Manganese oxide, MnO,. Manganese oxide was pre.
pared by the room temperature oxidation of manganous
sulphate. B.ET. N, adsorption surface area was 95 +§
M? g~ Analysis by X-ray diffraction showed the resulting
solid to be weakly crystalline and indicative of a mixture
of MnOOH and Mn,0;. The LE.P. was 2.0 + 0.5.

F. Cinnabar, HgS. HgS was prepared from a mercury -

ore obtained from the Harry Tunnel Mine, New Almaden,
California. The HgS was washed carefully in dilute acid
followed by dilute KOH, then distilled water, and
reground in a pebble mill; the —400 mesh fraction was
retained for adsorption experiments. The red HgS powder
gave an X-ray diffraction pattern identical to cinnabar. lts
specific surface area determined by B.E.T. Kr adsorption
was 0.6 m? g~ *. The PZC by titration was approximately
3.5 + 05

Adsorption analysis

The adsorption experiments were carried out in sealed
Pyrex centrifuge tubes with Teflon seals and involved equi-
libration of a quantity of the solid substrate in a HNO;-
KOH electrolyte solution containing Zn(II) at the desired
initial concentration, The tubes were gently rotated end
over end for 24 hr and then centrifuged to achieve solid-
liquid separation prior to analysis.

Analysis for residual Zn(Il) in those experiments con-

cerned with the uptake by oxides was accomplished by

atomic absorption spectroscopy (AAS). For those experi- :

ments involving HgS, labelled Zn®%(II) was utilized as a
tracer and the Zn activity of the centrifuged solutions was

measured using a Baird Atomic 2-inch Nal crystal well -
scintiflation counter. Losses due to adsorption to the cen-

trifuge tubes were not found to be significant.

RESULTS

The solution chemistry and solubility of zinc mater- i
ials in natural water systems has been reviewed by -
Hem (1972). Using his selection of data, listed below.
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Fig. 1. Comparison of zinc concentration in adsorption

experiments with the solubility of Zn (OH),c as a function

of pH in dilute—and 0. M ionic strength —~-—(HEMm,
. 1972).

we have drawn in Fig. 1 the solubility-pH diagram
for zinc hydroxide in dilute solution and 0.1 mol
dm™? jonic strength. Also on this figure are indicated
some of the measured concentrations of zinc in the

experiments presented here to illustrate the relation-
ship of the adsorption region to the precipitation of

zinc hydroxide.

Zn(OH),(c) + 28+ 2 Zn?* + H,0 *K, = 10'**° (1)
In’* + H,0 = ZnOH* + H" *K, = 10729 (2)
Zn** + 3H,0 = Zn(OH); + 3H* *5=1072"% (3)
In** 4+ 4H,0 = Zn(OH); ™ + 4H* *§, = 1074%° (4)

Clearly, those interfacial systems shown are under-
saturated with respect to bulk precipitation of
Zn(OH),. The only conditions which may exceed the
solubility of zinc phases are those in the experiments
for the Zn/SiO, system where, given sufficient time,
§i0, should dissolve sufficiently to form zinc silicates,
willemite, hemimorphite or other phases (TILLER and
PickerING, 1974). The solubility of ZnCO; is too high
o affect the solution zinc concentrations unless there
s excessively high alkalinity (Hem, 1972).

The fractional uptake of zinc on cinnabar (JAMES
and Parks, 1975) at 10°2 M ionic strength (HNO;—
KOH) is shown in Fig. 2 for solutions ranging over
o orders of magnitude on zinc concentration. Also
thown as a dotted line is the fractional hydrolysis
4(OH), /Zn,,,-for 10™* mol dm~2 zinc. Thus, this
%olid is unstable relative to the solid phase used in

1 Heys (1972) calculations. However, the data provide
2 useful comparison between the fractional adsorp-

tion and hydrolysis over periods of a few hours.

. When oxide substrates are used, only compara-
lively small changes are observed in the fractional

Wsorption-pH dependence relative to HgS. The dot-
'™d line in Fig. 3 shows the fractional hydrolysis of
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Fig. 2. Adsorption of Zn at the cinnabar/water interface

as a function of pH and total zinc concentration. (4A) .

108 x 1075M, (x) 108 x 107°M, (0) 108 x 107*M
zinc, 24 m? dm~® HgS and 107?M KNO,. Dotted line
shows fractional hydrolysis of 10™*M zinc. The full lines
show calculated adsorption using surface-hydrolysis model.

10~* mol dm™3 zinc solutions in the absence of silica
or manganese oxide. If, however, sufficient SiO, is
dissolved from the silica over the 24-hr adsorption
time, it is possible these points would lie near the
limit of solubility of zinc silicates. Unfortunately, sol-
uble silica was not measured, so this experiment may
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Fig. 3. Adsorption of zinc at the silica and manganese
oxide/water interface as a function of pH and total zinc
concentration. (0) 107*M, (A) 107°M zinc, 100 m? dm™*
Si0,, (®) 107*M zinc, 200 m* dm™* manganese oxide.
Dotted line shows fractional hydrolysis of 10™* mol dm™>
zinc in the absence of SiO, or MnO,. The full lines show
computer calculated adsorption using surface-hydrolysis
model for 107 *M and 10™®M zinc and silica.
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Fig. 4. Adsorption of zinc at the anatase/water interface

as a function of pH and ionic strength. (O) 4 x 107*M,

(@) 1M KOH-HNO;, 110 m?* dm~* TiO,. Dotted line

shows fractional hydrolysis of 10™* mol dm~? zinc in

the absence of SiO, or MnO,. Full line shows calculated
uptake.

be ambiguous. The uptake of zinc onto anatase, TiO,
(Fig. 4) shows a similar pH dependence. Figure 4 also
shows there is little effect resulting from an increase
in the ionic strength from approx 107* to 1 mol
dm™3,

The pH dependence of zinc adsorption onto alu-
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Fig. 5. Adsorption of zinc at the alumina/water interface

as a function of pH and total zinc concentration. (A)

107%M, (0) 10™*M zinc, 100 m? dm™3Al1,0,. Full line

shows calculated uptake while broken line shows hydroly-
sis of 10™*M zinc.

Fig. 6. Adsorption of zinc at the goethite/water interface

as a function of pH. §x 107*M zinc, 98 m? dm=?

FeOOH. Full lines were calculated using the ion exchange

model (DUGGER et al., 1964) with k = 1073 to show
effect of uncertainty in exchange constant.

mina in Fig. 5 is similar. The concentration depen-
dence may be somewhat more important here than
for HgS or SiO,. The shift of the adsorption edge
to a lower pH with decreasing total zinc indirectly
indicates that Zn removal from solution is not due
to precipitation.

Adsorption of zinc from 5 x 10™* mol dm™? solu-
tions by goethite is shown in Fig. 6, where the pH
dependence of adsorption and the uptake are very
similar to the other oxides, TiO,, Al,O;, SiO, and
the sulphide HgS.

Of the oxides used in adsorption studies, manga-
nese oxides have shown at least two general behav-
iors: (1) they are difficult to characterize; and (2) they
sometimes appear to show an exceptionally high
affinity for metal ions (GADDE, 1974; MURRAY, 1975).
Our brief results for zinc adsorption on manganese
oxide in Fig. 3 illustrate this point. The pH depen-
dence is similar; however, the adsorption occurs at
about 2 pH units lower than for the other solid sub-

strates.

DISCUSSION

Models of sorption

As an introduction to the discussion of the results
we will review some of the methods and models thal
can describe the sorption phenomena in colloidal sys-
tems of geochemical interest. There are at least {wo
conceptual approaches to the problem: ’

{1) The estimation of the free energies of adsorption
for each hydrolytic species of a metal and calculation
of adsorption isotherms using the electrical doubk
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* () The postulation of ion exchange reactions and
the &exivation of exchange constants or quotients for
these reactions (JAMES et al, 1975; DUGGER et al,
1964; SCHINDLER and KAMBER, 1968; SCHINDLER and
GANSIAGER, 1972).

These general approaches have been discussed in

; general terms by JaMES et al. (1975) who applied the

concpis to the adsorption of Cd(II) on TiO, and
FeODH.
DrGGER et al. (1964) consider that when a metal

jon B adsorbed, an equivalent number of protons are

released. This formulation has been used to describe
merczry adsorption on quartz (MACNAUGHTON and

- Jamex 1974) and zinc adsorption on cinnabar (JAMES

and PARKS, 1975) with reasonable success, provided
the zoncentration of the uncomplexed metal ion
(M™*y is used in this isotherm.

The sorption of metal ions and the release of pro-
tons can also be written as an adsorption and surface
induzed hydrolysis reaction, e.g.

S + M+ =P gppme ®)
S+ M =25 SMOH™ D" 4 H*, ©)

|

S+ M™ =L SMOH)y % + 2HY, ()

wherz S is the concentration of surface sites.

Here we can define a distribution coefficient, D, as
the ratio of the moles adsorbed and the total moles
of free and hydrolysed metal ions.

D= Msurface/Msolulion
=% SM(OH){"~2* /5" M(OH){™ 9+, 8

Using the reaction constants defined by equations

D — me+ .g:o S*ﬁ?/(H+)i/Mm+ :[:,0 *ﬁi/(H+)i .
= S*f5 YXK/H Y 2 Bi/(H™Y, ©

where the *ff are the overall stability constants for
the formation of surface complex species, the *K& are
the stepwise surface hydrolysis constants, the *§; are
the formation constants of soluble hydrolysis prod-

L Uts and S is the concentration of surface sites. If

the activity or concentration of the free metal species

S available from e.m.f. measurements by, for instance,
. Wi-selective electrodes, we can define a distribution
- Coefficient, D, in terms of the free metal species:

D' = Myqace/M™ = S*B3 Y *K{/H™). (10)

- Thus the values of *i or *K§ may be obtained from

the variation of D or D’ with the reciprocal power
. Of(H*)_

These ion exchange models, as written above,
®sume that adsorption interaction is specific and in-
pendent of the surface charge substrate and ignore

|aycf theory (JAMES and HeaLy, 1972; BowDbEN et al.,

the dissociation of the mineral surface:
SHf @ SH + H* (1)
SHFS™ + H*. (12)

One reason that this is possible may be that usually

SHP sites are dominant and they do not change sig-
nificantly until the solution pH is far from the point
of zero.charge. If we adopt the idea of estimating
the concentration of surface sites SHI, SH® and §~
in terms of moles of sites per dm?, then the surface
dissociation and ion exchange equilibria can be con-
“veniently handled by “solution equilibria” computer
programs such as COMICS (PerriN and SAYCE,
1967), MINICOMICS and SPECON (PERRIN, per-
sonal communication, 1975).

In fact, the values of surface reaction “constants”
usually vary with the surface charge and potential
(ScHmNDLER and GAMSJAGER, 1972) in a similar man-
ner to the dissociation of polyacrylic acids (STumm
et al., 1970) and proteins due to the electrostatic inter-
action of already charged groups with the leaving
protons.

The above models can always be used to describe
metal ion uptake, provided the data used in calculat-
ing the D and D’ vs (H*)"! are of high accuracy
and reproducibility. However, these models are not
predictive since the experiment must be performed
to evaluate the constants which may later be used
for similar systems.

An adsorption model that reduces to a form similar
to the above model was proposed by James and
Heary (1972). In this model the adsorption of metal
species from the entire suite of soluble hydrolysis
products is estimated by a priori calculation of the
free energy of adsorption of each species. This can

then be inserted into an adsorption isotherm and an
appropriate model of the electrical double layer at
the mineral/water interface.

The model is developed thus:

Hydrolysis M™ + H,0 =20 MOH)"~"* 4+ nH*

(13)
Adsorption S + M(OH)" "+ Kﬁ SM(OH)m—m+
' (14)
I M"Y K * n+
Isotherm = -0 2 Kaasn* B/t (15)

a 1 + M"+ ZKads.n*Bn/Hn+

where K q4,, for each adsorption step was estimated
from

Kads,n = exp(“AGads.n/RT)
and
AGads,n = AGc:oul.n + AGsolv.n + RTAGchcm,n;

ie.

Z%? 1 1
AGads.n = Z,,Clp +f(( ° >< - >>
r €interface €solution

+ A(;chcm . (16)
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Where z, is the charge of the adsorbing species, ey
is the energy required to move an ion across the inter-
species. The terms AG., and AG,,., are the
changes in electrostatic free energy and secondary
solution energy as the adsorbing ion moves from bulk
solution with a dielectric constant (€,oiuion) t0 its equi-
librium position in the interface (€;,e1ace)- The estima-
tion of these contributions depends on the model
assumed for the charge and potential distribution
in the interface region (LEVINE, 1971; YATESs
et al., 1974). James and Healy assumed that in dilute
concentrations the adsorption of metal species would
not greatly perturb the potential distribution due to
excess background electrolyte, and hence they used
the simple Gouy-Chapman potential decay. A model
using the same isotherm for the uptake of metal ions
but using the more complete Gouy-Chapman-Stern
model has recently been proposed by BOWDEN et al.
(1973), to describe the calculation of adsorption of
zinc on goethite. In the James and Healy model,
AG .. is used to improve the fit of the data and
to allow for errors in AG,,, and AG,,,. The AG.m,
term has the same value for each of the species in
a suite of hydrolysis products.

In the future, progress will hopefully be made in
predictive models by a combination of the above de-
scriptions. For example, the a priori approach of
James and Healy should be applied to the latest de-
velopments in the Gouy—Chapman-Stern models for
oxide/electrolyte interfaces (YATES et al, 1974); PEr-

. RAM et al., 1974; BOWDEN et al,, 1973).

Because the data for zinc adsorption on cinnabar
have been measured over quite a wide concentration
range, we have used these results for application of
the surface hydrolysis-ion exchange model.

Previously, JAMES et al. (1975) calculated the distri-
bution coefficient D as the ratio of the moles of
adsorbed ions per kilogram of solid to the moles per
dm? of solution. In our case, where we have adsorp-
tion onto solids of different specific surface area, it
is more rational to define a distribution coefficient
in terms of the moles adsorbed per metre?, the surface
area per litre and the equilibrium concentration in

moles per dm?.

D = (molm~%)(m? dm~3)/mol dm~?

— zl: SM(OH),("'_i)+/ZM(OH)§m+i)+, (17)
i=0

n

D= SZ*ﬁ?/(H+)i/ Y *B/HT), (18)

i=0

Z*ﬁ;/H,- = l;ie oz = 1, (19)

since, for our systems, the free ion Zn?% is at least
95% of the zinc in solution (Hem, 1972).

The term § is the equilibrium surface not covered
-by metal ions. It is again convenient to express 'S as

moles of surface sites per litre for mass balance pur-

poses. This can be done by assuming that hydrateg

metal ions occupy about 50 A? per site; then for 4
m? dm~3 of HgS we have 24 x 10°%/50/6 x 10%
moles of ‘sites: ie Sg ="8"x 10™* moles of sites/dry?
The equilibrium number of sites uncovered is givey
by
S = Sg ~ Cgz,,, moldm™2, (20
Graphs of D/S vs 1/H and DH/S vs 1/H for the
Zn/HgS data were plotted to give the constants *p
and *f5 as the coefficients of the equation

D/S =5 x 1074/H* +2 x 107 /HY . (1)

This expression may be used to calculate the frac. |
tional adsorption, F, from solution at various addeq
concentrations Cy and surface areas, or surface site

concentration, S,.
D=F/1—-F)and S =S, — FCy. @)

This gives a quadratic equation for F in terms of
D/S, So and Cy. These calculations were performeq
for the oxides as well as cinnabar using the above
values of *f; and *f5.

Results of the calculations are shown as full lineg
on Fig. 2-5. It becomes obvious that, whatever the
solid, there must be similar interactions between the
adsorbed ion and its environment, because the par.
ameters for the “surface hydrolysis” and “ion
exchange” hypotheses give reasonably good agree.
ment among all the different experiments.

James and Parks (1975) applied the adsorption
model for hydrolysed metal ions developed by James
and HEALY (1972) and the simple ion exchange mode}
of DUGGER et al. (1964) to the Zn/HgS results with
similar agreement to the above method. They found
that for the James—Healy model, AG e, = —6.5 kcal
mol™! gave satisfactory results. The Dugger model
for the two equilibria considered involved the
exchange of either one or two protons for each metal

ion adsorbed, thus:
HeSH + Zn?* —2 HgSZn* + H* ()

and
K, ’
2HgSH + Zn?* =—=(HgS),Zn + 2H* (M4

where the exchange constants are K, = 1073 and
K, = 107195, respectively. The present analysis is an
improvement on the simple ion exchange of Dugger
et al. because it allows for a two-step reaction. Al
low pH, approximately one proton is released per
adsorbed zinc, and at the higher pH of the adsorption
range about two protons are released. It should b¢
noted that the H* exchanged per Zn(II) adsorbed
usually varied with pH (JAMES et al., 1975), and that
one-step reactions that exchange equivalent amounts
of H* and Zn2* charge, like the reactions assumed
by DUGGER er al. (1964), should only apply to i
high pH region of adsorption isotherms.

For the adsorption of zinc onto goethite in Fig
6, we have used the simple DUGGER et al. (1964) for
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mulation “of the ion exchange model to  obtain
exchange constants and to calculate the fractional
adsorption from solutions. This has been done for
two values of the constant for the reaction where the
surface concentration is expressed as moles of sites
per liter.

' 2FeOOH + Zn?* == (FeOO0),Zn + 2H*, (25)

K = 10"% and 107%, to demonstrate the effect of
experimental uncertainty in evaluation of ion
exchange constants. :

CONCLUSIONS

We have shown that various models can be applied
to the uptake of aqueous metal ions onto colloidal
mineral surfaces. In the form that these models were
conceived, they fall naturally into two groups: (1)
electrical double layer models; and (2) ion exchange
models without real consideration of the physico-
chemical structuring of the interface. In the experi-
mental system studied here it is apparent that for
certain oxides and other minerals the chemical inter-
action between the adsorbed ion and its host surface
are similar, the principal exception being manganese.

It should be possible in the future to combine these
approaches by rigorous account of the charge and
potential behavior as well as specific interactions.
Some work has already been published in this area
for simple systems. This is based on the derivation
of a relationship between the surface charge, o, and
surface potential Y, via the acid-base self dissociation
of the mineral surface (YATES et al., 1973; LEVINE and
SwitH, 1971; CHAN et al,, 1975). Very recently studies
by ScumvpLER et al (1976) and Houi and STUMM
{1976) have formulated the adsorption of hydrolysable
metals as a surface complex with electrostatic interac-
tions. However, in their analysis of results, the electro-
static perturbation of the adsorption conmstants is
largely ignored due to computational difficulties. The
Tecent modifications of such programs as MINEQL
to handle surface reactions with charge and surface
Potential relationships may allow differentiation of
Some of the various ways adsorption may occur by
Comparison of experiment and theory.
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