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FOREWORD

Apvances N CHEMISTRY SERIES was founded in 1949 by the
American Chemical Society as an outlet for symposia and
collections of data in special areas of topical interest that could
not be accommodated in the Society’s journals. It provides a
medium for symposia that would otherwise be fragmented,
their papers distributed among several journals or not pub-
lished at all. Papers are reviewed critically according to ACS
editorial standards and receive the careful attention and proc-
essing characteristic of ACS publications. Volumes in the
ApvaNcEs IN CHEMISTRY SERIES maintain the integrity of the
symposia on which they are based; however, verbatim repro-
ductions of previously published papers are not accepted.
Papers may include reports of research as well as reviews since
symposia may embrace both types of presentation.
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PREFACE

In the scientific and engineering community, concern for protection of

aquatic environments from chemical pollution is shared by individuals
from diverse disciplines. An area of overlapping interests is the study of
particulates in water, their characterization, their interaction with the
solution phase, and their control. Because many chemical and micro-
biological water contaminants are associated with colloidal or suspended
particulate matter, a symposium on this subject seemed timely to provide
a forum for various specialists to exchange ideas, methods, and models
used to investigate the fate and effects of particulates and their associated
materials in various aqueous environments.

The similarities and analogies observed between the research inves-
tigations of particulate specialists are intriguing. The mechanism of par-
ticulate capture by marine zooplankton mimics particulate removal by
microscreens and granular-media filters used in water treatment. Model-
ing and analytical techniques now being used to investigate the dynamics
of particulate suspensions in rivers, lakes, and estuaries parallel similar
efforts conducted recently by air pollution scientists. These and other
similarities were the major impetus for the organization of this symposium.

This book contains many of the papers presented at the symposium
which addressed a variety of questions on the characterization, removal,
fate, and effects of particulates in water, including:

1. What are the sampling and measurement problems associ-
ated with the physical and chemical characterization of
particulates in water?

2. Are the particulates discharged into receiving waters a sink
or a source of contaminants in aquatic environments?

3. How are adsorbed or incorporated pollutants distributed in
the size classes of the particulate size spectrum?

4. How do particle dynamics in aquatic environments influ-
ence the fate of contaminants associated with the particu-
late phase?

5. Can the characterization of the physical, chemical, and
microbiological properties of the particulates as a function
of size be used to improve the accuracy of management and
design decisions for water quality control?
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Answers to these questions have been developed slowly in compari-
son to rapid advances in our knowledge of air particulates based on
studies completed in the late 1960’s. This is partly a result of superior
sampling devices for size and chemical characterization of air particu-
lates, and partly a result of the more heterogeneous nature of water par-
ticulates. The size spectrum of particulates in water extends from col-
loidal humic substances 1 nm in size, to large aggregates such as fecal
pellets or marine snow with sizes up to 102 m. The distribution of shapes,
densities, surface chemical properties, and chemical composition may
vary widely with size. Some fractions of the size spectrum may be living,
and all particulates are subject to diverse physical-chemical and bio-
logical processes that can alter size distributions, shape, or chemical
composition.

Given this heterogeneity, it is not surprising that characterization of
aqueous particulates is difficult and complex. Sizing of particulates
smaller than 1 um requires electron microscopic techniques. Some col-
loidal particulates have a nonrigid structure that necessitates special
preparatory methods for sizing. Particulates larger than about 50 um are
usually present in low number concentrations, requiring large volume
sampling. Fractionation techniques used to prepare samples for physical
and chemical characterization of different size classes have proved to be
time-consuming and of questionable accuracy. Finally, all sampling and
size measurement techniques are subject to errors due to possible changes
in the size distribution during sample collection, storage, and instrumental
analysis.

The participants in this symposium addressed many of these prob-
lems. Methods for characterizing size and chemical composition by size
were discussed, and several models of metal and virus adsorption were
presented. Modeling particulate dynamics in rivers and the ocean pro-
vided new insights into the fate of contaminants associated with particu-
lates. Papers on applications of size distribution measurements for
selection, process modeling, and control of solid/liquid separation proc-
esses demonstrated the analytical value of particle counting compared
to cumulative measurements of particulate concentration.

It is hoped that these papers will stimulate renewed interest in the
impact of particulates on the fate and effects of materials deleterious to
aquatic environments. Research in this area should provide improved
modeling tools for water quality managers and designers of pollution
control and water treatment facilities.

The organization of this symposium was aided by numerous indi-
viduals who provided suggestions on topics and speakers. We would
particularly like to thank J. J. Morgan, W. Stumm, C. R. O’Melia, and
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R. R. Trussell. We wish to acknowledge the essential financial support of
James M. Montgomery, Consulting Engineers, Inc., and the secretarial
skills of Judi Burle.
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Characterization of Surface Chemical

Properties of Oxides in Natural Waters

The Role of Specific Adsorption in
Determining the Surface Charge

HERBERT HOHL, LAURA SIGG, and WERNER STUMM

Institute for Water Resources and Water Pollution Control (EAWAG),
Swiss Federal Institute of Technology, Ziirich, Switzerland

The specific adsorption of H*, OH", cations, and anions on
hydrous oxides and the concomitant establishment of sur-
face charge can be interpreted in terms of the formation of
surface complexes at the oxide—water interface. The fixed
charge of the solid surface and the pH of its isoelectric
point can be measured experimentally by determining the
proton balance at the surface (from alkalimetric titration
curve) and by the analytical determination of the extent of
adsorbate adsorption. Equilibrium constants established
for the surface coordination reactions can be used to pre-
dict pH gp, to calculate adsorption isotherms, and to esti-
mate concentration-pH regions for which the hydrous
oxide dispersions are stable from a colloid-chemical point
of view.

Oxides, especially those of silicon, aluminum, and iron, are abundant
components of the earth’s crust; they participate in geochemical
reactions and in many chemical processes in natural waters, and often
occur as colloids in water and waste treatment systems. The properties
of the phase boundary between a hydrous oxide surface and an electrolyte
solution depend on the forces operating on ions and water molecules by
the solid surface and on those of the electrolyte upon the solid surface.
The presence of an electric charge on the surface of particles often is
essential for their existence as colloids; the electric double layer on their
surface hinders the attachment of colloidal particles to each other, to
other surfaces, and to filter grains.

0-8412-0499-3/80/33-189-001807.75/0
© 1980 American Chemical Society
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2 PARTICULATES IN WATER

It is the purpose of this chapter:

1. to discuss the effects of specific adsorption on the surface
charge of hydrous oxides; specifically, to interpret the spe-
cific adsorption of H*, OH", cations, and anions, and the
concomitant establishment of surface charge in terms of
the formation of surface complexes at the oxide—water
interface;

2. to document experimentally with the help of simple model
systems how the specific adsorption of solutes (surface
coordination of cations and anions) affects the fixed charge
and the isoelectric point of the surface, and to illustrate
that the fixed charge can be measured experimentally by
determining the proton balance at the surface (alkalimetric
titration curve) and by the analytical determination of
adsorbate adsorption; and

3. to illustrate that equilibrium constants can be used to pre-
dict pHigp, to calculate adsorption isotherms and the sur-
face charge as a function of pH and other solution varia-
bles, and to estimate the pH-solute domains of the colloidal
stability of oxide dispersions.

Specific Chemical Interaction with H', OH , Cations,
and Anions at the Oxide Surface

The surface chemical properties of the oxide surface are sensitive to
the composition of the aqueous phase because adsorption or binding of
solutes to the surface may increase, decrease, or reverse the effective
surface charge on the solid (I-9). One speaks of specific chemical inter-
actions if binding mechanisms other than electrostatic interactions are
significantly involved in the adsorption process.

Specific adsorption of cations and anions on hydrous oxide surfaces
may be interpreted as a surface coordination reaction (10) (Figure 1).

The surfaces of metal or metalloid hydrous oxides are generally
covered with OH groups which exhibit amphoteric properties; the pH-
dependent charge of an oxide results from proton transfers at the surface:

=MeOH," = =MeOH + H*;
K&, — {=MeOH}[H']/{=MeOH,'} (1)

=MeOH = =MeO™ + H*;
K¢, = {(=MeO}[H']/{=MeOH} (2)

where [ ] and { } indicate concentrations of species in the aqueous phase
(mol dm™) and concentrations of surface species (mol kg™), respec-
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1. HOHL ET AL. Surface Chemical Properties of Oxides 3

*Mg-0 =MeOMg”*

K
+ Mg?* /
=MeOH;  2-OH; ‘E* /0
Mg (=Me0), Mg
Ka? N0
=MeOH OH
0
1
Kaj 0-5-0  =MeSO;
S

. ) K 0
=Me0” 20 + 508

s (=Me), SO

Figure 1. Interaction of hydrous oxides with acid and base and with

cations and anions, exemplified here for the specific adsorption of Mg®

and SO%, is interpreted in terms of surface complex formation and
ligand-exchange equilibria.

tively. That portion of the charge attributable to specific interactions
with H* and OH" ions corresponds to the difference in protonated and
deprotonated =MeOH groups.

Operationally, there is a similarity between H* and metal ions (Lewis
acids) and OH" and bases (Lewis bases). The OH group on a hydrous
oxide surface has a complex-forming oxygen-donor group like OH" or
OH groups attached to other elements ( phosphate, silicate, polysilicate ).
Proton and metal ions compete with each other for the available coordi-
nating sites on the surface:

=MeOH + M* = =MeOM&"V + H*;
*K% — {=MeOM® D}[H']/{=MeOH}[M=] (3)

EMG-OH
=Me-OH
*B% = {(=Me0) M= 2}[H']?2/{=MeOH}?[M*] (4)

+ M* = (=Me0),M*? 4 2H*;
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4 PARTICULATES IN WATER

The extent of coordination is related to the exchange (or displace-
ment) of H* by M** jons. Similarly, ligand exchange with coordinating
anions leads to a release of OH" from the surface:

=Me-OH + A* = =Me-A¢"D 4 OH"; K% (5)
Me-0 A —=Me),A"® 4+ 20H 6)
27 (= z- = 8
Voop TATE (SMe)ACD 120 g (

For protonated anions the ligand exchange may be accompanied by a
deprotonation of the ligand at the surface. For example, in the case of
HPO42-:

=MeOH + HPO,* > =MeHPO, 4 OH- =2 =MePO? + H,0 (7)

It is also conceivable that in a high pH condition, adsorption of a metal
ion may be accompanied by hydrolysis (8).

As Figure 1 illustrates qualitatively, the specific adsorption of H*
and cations increases the net charge while the specific adsorption of OH"
and anions decreases the net charge of the particle surface. As we shall
see, the equilibrium constants that characterize the processes described
(1-7) can be used to quantify the extent of adsorption and the resultant
net charge of the oxide particle surface as a function of pH and solute
activity.

Experimental Measurement of Surface Charges. If the fixed charge
of an oxide particle # (C m™) arises from the specific adsorption of H",
OH, cations, and anions by the hydrous oxide surface, it is possible to
determine (in principle) its value by determining experimentally (ana-
lytically) the extent of adsorption of charged species:

1. in the absence of specifically adsorbable cations and anions:

G=F (Ty — Ton); (8)

2. in the presence of a specifically adsorbable cation M**:
=F (Ty — Tom + 2 Tu=); (9)
3. in the presence of a specifically adsorbable anion H,A®"™":
7=F (Tu — Tog — 2 Ta+); (10)

or, generally,
o=F (PH - I‘OII + E 2; FMi'* - ’Z‘ 2j rAi") (11)
ji

where F is Faraday’s constant (C mol™!), z is the magnitude
of the charge of the nonhydrolyzed cation or deprotonated
anion, and T'g, T'og, 'y, and T':- are the adsorption densi-
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1. HOHL ET AL. Surface Chemical Properties of Oxides 5

ties (mol m2) of H* (and its complexes), of OH" (and its
complexes), of cations, and of the deprotonated anion,
respectively. (If a mole of an anion like HoPO," is adsorbed,
the surface gains the equivalent of 2 mol of protons (to be
included in the I'y ) and 1 mol of PO4*".) Before considering
the experimental methods available we should reconsider
some definitions.

Definitions

The electric state of a surface depends on the spatial distribution of
free (electronic or ionic) charges in its neighborhood. This distribution
is usually idealized as an electrochemical double layer; one layer of the
double layer is envisaged as a fixed charge or surface charge attached to
the particle or solid surface, while the other layer is distributed more or
less diffusely in the liquid in contact. (The description of the double
layer given here corresponds essentially to that given by the International
Union of Pure and Applied Chemistry (IUPAC) (11).) This layer con-
tains an excess of counterions, opposite in sign to the fixed charge, and
usually (but not always) a deficit of coions of the same sign as the fixed
charge. Counterions and coions in immediate contact with the surface
are said to be located in the Stern layer; ions further away from the sur-
face form the diffuse or Gouy layer.

Charged or Electrified Interface. This reflects an unequal distribu-
tion of charges (usually ions) at the phase boundary; that is, it results
from a localized disturbance of the electroneutrality. The interfacial
system as a whole (the region from one bulk phase to the other) is elec-
trically neutral; that is, the sum of the charges is zero:

7+ oc=0 (12)

where o is the fixed charge density; it may comprise the surface charge
0o, OF 0y, any charge density in the Stern layer. The location of the divid-
ing plane between ¢, and o¢ will determine how high the surface charge is.

Potential-Determining Ions. These are by definition (1I) those
species of ions which by virtue of their equilibrium distribution between
the two phases (or by their equilibrium with electrons in one of the
phases) determine the interfacial potential difference, that is, the differ-
ence in galvanic potential between these phases.

It is readily seen that the electrode potential (or the potential differ-
ence between the electrode and the solution) of a silver electrode
depends on the Ag' ion activity of the solution (Nernst equation)

o RT ., {Ag’}
E—E,+ " In Ag) (13)
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6 PARTICULATES IN WATER

or, the potential of an Ag/AgCl electrode is related to the activity of Ag’
or CI" ions. Accepting the establishment of potential-determining equi-
libria between two phases, we may also apply the concept of potential-
determining species to dispersed particles. It has been shown that the

Nernst equation holds for silver—silver halogenide colloids, for example,
for AgBr(s)

_ET, (Ag) __ET (I)
T TF M Ay T TR ) -

where y, is called the surface potential (that is, the difference in potential
between the surface and the solution), and {Ag,'} and {I,’} are the
activities of Ag* and I, respectively, at a reference point, that is, at a
point of zero potential. While a standard reference electrode (for ex-
ample, H, electrode) is a standard reference state for electrode poten-
tials, the point of zero potential or the zero point of charge may serve
as a reference state in surface chemistry. Since there are oxide electrodes,
for example, the antimony oxide electrode, which show a potental de-
pendence on {H'} or the interrelated {OH"} in accordance with the
Nernst equation

{H"}
{H,"}

one expects that H* and OH™ are determining the potential of hydrous
oxide surfaces:

E=E.,+R;F711n (15)

_RT ()
T )

23RT
‘po = F (pHo - PH) ==

or

2.3RT
F

(pOH — pOH,) (16)

where {H*} and {OH"} are the H* and OH" activities, respectively, at
the point of zero potential or at the point of zero charge, and pH, or
pHzpc is the pH of zero point of charge. The experimental observations
with most oxides investigated are not in accord with the Nernst equation
(Equation 16) (Figure 2). Presumably, the electrochemical potential
of the solid is not independent of how many H* or OH" ions are adsorbed
(12). As Figure 2 illustrates, H* and OH™ nevertheless have a significant
influence on the surface potential and surface charge of oxides, and even
if the Nernst equation is not fulfilled we may speak of H* and OH" ions
as potential-determining ions. It is also appropriate to speak of a pHzrc.
(The concept of potential-determining ions has been restricted by Lyk-
lema (9) to constituent ions of the sorbent. However, O,™ ions (which are
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8 PARTICULATES IN WATER

components of the hydrous oxides) are in reversible equilibrium with
OH" (O + HO =20H"); hence OH" is in equilibrium with both
phases. For a further discussion on the invalidity of the Nernst equation
see Ref. 15.) The pHypc is different for different metal oxides; it is a
measure of the acidity and basicity of the hydrated surface-oxide groups
(Figure 2). It is constant for a given oxide and is independent of the
concentration of indifferent (nonspecifically adsorbable) solutes in the
solution.

Species that interact with potential-determining ions and alter their
activity must also influence the surface potential; they have been called
potential-determining species of the second kind (14). For example, NH;
alters the activity of {Ag'} and thus affects the surface potential of silver
halogenides. Similarly, metal ions that coordinate with surface OH-
groups

=MeOH + M** = =MeOM©"D*  H* (17)
or ligands that can exchange with surface OH" groups
=MeOH + A* & =MeA® - + OH" (18)

influence the surface potential (see Equations 3-7).

Thus, in general, from a coordination-chemical point of view, the
following type of chemical equilibria between the solid and the solution
or between the surface phase and the solution may be considered poten-
tial-determining equilibria:

Ag(s) =Ag' +e (a)

AgBr(s) + e= Ag(s) + Br- (b)

AgBr(s) 4+ Ag* = Ag,Br*(surface) (e)

CuS(s) 4+ H,S — Cu(SH), (surface) (d)

FePOy4(s) + H,PO,” — Fe (HPO,) 2 (surface) (e)
FeOOH(s) 4+ H* — Fe(OH)." (surface) (f)
FeOOH (s) + OH 4 H:0 = Fe(OH), (surface) (g)
810, (s) 4+ OH = Si0,(OH) (surface) (h)

Si0, (OH) (surface) 4 Pb%* = Si0,(OPb)* (surface) + H" (1)
FeOOH (s) 4+ HPO2 — FeOPO,H (surface) + OH" (‘k)
Sa(s) + HS = S,S (surface) + H" 0))

(19)
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1. HOHL ET AL. Surface Chemical Properties of Oxides 9

In each case, the ion, species, or electron (boldface in Equation 19)
that crosses or reacts at the interphase establishes the chemical equilib-
rium at the interface (equality of the electrochemical potential between
solid or surface phase and solution) and thus determines (or influences)
the interfacial potential difference. (The electron in Equations a and b
may stand for a suitable reductant.) However, without further informa-
tion the validity of the Nernst equation may not be inferred.

Charge. While the surface potential is not accessible by direct
experimentation, the charge of the particle can be measured (at least in
principle). However, the precise identification of charge density depends
on the precise definition adopted for surface charge. (We ignore here
charges caused by isomorphic substitution in the solid oxide as well as
charges caused by adsorbing surface-active ions (soaps, fatty acids, poly-
electrolytes, polymeric hydrolysis products).) The fixed charge attached
to an oxide particle is given primarily by the proton transfer reactions
that (1) render the surface positive and (2) render the surface negative;
it is the charge given by the number of =MeOH;' groups minus the
number of =MeO~ groups per unit surface. It is no more difficult to
evaluate the surface charge in the case of surface-coordinating cations
(Reactions 3 and 4) or anions (Reactions 5 and 6). Colloid chemists
often place these specifically adsorbed cations and anions into the Stern
layer. (Grahame (16) has placed specifically adsorbable ions at the
mercury surface into a plane of closest approach (at a distance corre-
sponding to the radius of a nonhydrated ion).) From a coordination-
chemical point of view it does not appear very meaningful to assign a
surface coordinating ion M# in a =MeOM®% 1* group or A* in a
=MeA* D" group into a different layer than H* or OH" in a =MeOH
group. It is for this reason that we define the fixed charge & of the oxide
particle to include all the charges caused by bound (specifically ad-
sorbed) cations and anions in addition to H* and OH", and consign all
nonspecifically adsorbed counterions into the diffuse layer (Figure 3,
Equation 11); that is, the fixed charge includes the charge caused by the
binding of H* and/or OH" (disturbance of surface proton balance) as
well as that of bound metal ions and bound anions. Thus, in general,
potential-determining species (Equation 19, c-1) are assumed to cross
the interphase and are charge determining. Of course more elaborate
models (for example, the basic and extended Stern or triple-layer models)
can be used to describe the electric double layer. The adsorbed ions
may be relegated to different mean planes of adsorption. Although these
models may be expressed with mass-law and mass-balance equations,
they differ merely in how the adsorption energy is separated (on the
basis of nonthermodynamic assumptions) into electrostatic and chemical
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Figure 3. Juxtaposition of the thermodynamic model of the oxide sur-
face with the simplified electric double-layer model

contributions (27). Westall and Hohl (27) have compared five electro-
static models for the oxide—solution interface, that is, the constant-capaci-
tance model (2, 4), the diffuse-layer model (1, 8), the basic Stern-layer
model (28), the triple-layer model (8), and the Stern model, and con-
clude that all models represent the experimental data equally well,
although the values of corresponding parameters in different models are
not the same. Thus, all the models may be viewed as being of the correct
mathematical form to represent the data but are not necessarily accurate
physical descriptions of the interface.

The definition of the ZPC depends on the definition of the fixed
surface charge. If the latter is defined as, for example, by Lyklema (12)
to be caused by H* and OH" only, ZPC corresponds to the pH where the
proton balance at the surface is zero (T'y — Tog = 0); if we adopt our
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1. HOHL ET AL. Surface Chemical Properties of Oxides 11

definition for the fixed charge (Equation 11), that is, if we assume that
the fixed charge includes ions attached by surface coordination, then
the point of zero fixed surface charge is given by the condition

T'g —Tom + ,‘Eg 2j I‘M,.u — ; 2j rAit- =0 (20)

Since a particle surface that fulfills Equation 20 shows no electroosmosis
(electrophoresis), this condition corresponds to the isoelectric point
(IEP). Thus, pH;gp is the pH where a particle carries no fixed charge.
In addition, we can define that portion of the fixed surface charge caused
by the proton balance of the surface only — F(T'y — Ton) (cf. Equation
8). If this is zero, we can define a pH of zero proton condition
PH(rg-rog=0). This corresponds to the pHzpc defined by Lyklema (9,
12) for oxide surfaces. According to our picture, ZPC might stand for
zero proton condition rather than for zero point of charge. (In the
absence of specifically adsorbing species zero proton condition corre-
sponds to zero point of charge, and also to IEP.)

Electrokinetic Potential (Zeta Potential ¢). ¢ is the potential drop
across the mobile part of the double layer that is responsible for electro-
kinetic phenomena, for example, electrophoresis (= motion of colloidal
particles in an electric field) (11). It is assumed that the liquid adhering
to the solid (particle) surface and the mobile liquid are separated by a
shear plane (slipping plane). Unfortunately, the division between fixed
surface charge of the particle and the diffuse charge of the solution does
not necessarily coincide with the shear plane. The electrokinetic charge
is the charge on the shear plane.

Experimentally Accessible Parameters. Three quantities are readily
determined experimentally:

1. The proton balance at the surface 'y — T'og obtained from
alkalimetric or acidimetric titration permits the determina-
tion of that portion of the charge which is attributable to
H* or OH". With the help of these curves, the acidity and
basicity of the =MeOH groups and the pH of zero proton
condition can be determined (see Figures 9a, b, and c).

The adsorption of charge (potential)-determining ions
other than H* or OH" can also be determined analytically,
for example, by measuring the extent of their adsorption
by analyzing ci'langes in the solution or on the solid. In
principle, the extent of metal ion or anion adsorption can
also be determined quantitatively from the shift in the
alkalimetric-acidimetric titration curve caused by the pres-
ence of the coordinating cation (Equation 3) or anion
(Equation 4) (1,17) (see also Appendix I). Information
gained from measurements (1) and (2) allows one to

1o
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estimate whether in a given pH range free or hydrolyzed
metal ions or protonated or deprotonated ligands are
adsorbed.

3. The electrophoretic mobility permits one to calculate the
¢ potential. Often y¢, the potential drop across the diffuse
part of the double layer, is taken to be identical to ¢
Hence, the electrokinetic charge may also be set approxi-
mately equal to the diffuse charge.

Oelectrokinetic =~ 0G =— — 0 =~ — (‘70 + a's) (21)

Thus, electrokinetics reflects the fixed surface charge (plus
any specifically adsorbed ions in the Stern layer not yet
accounted for in the fixed surface charge). If { — 0, then
pH ~ pHigp.

Experiments with Model Systems

The principles involved in the experimental determination of the
fixed surface charge as a function of pH can be explained with the help
of Figure 4. A model oxide with a large specific surface area (preferably
a few m? g!) is dispersed in a solution of an inert (nonspecifically ad-
sorbable cations and anions) salt solution, for example, NaNO;. Aliquots
of the dispersion are titrated with standard base (NaOH) and with
standard acid (HNO;). The resultant titration curve may be compared
with that obtained in the absence of the oxide, and the quantity of H*
or OH" bound (T'y — I'ox) is calculated (see also Figures 9a, b, and c).
The point of zero proton condition ({=MeOH,'} — {=MeO"}) corre-
sponds to the pH where the surface is uncharged and is identical to IEP.
The dispersion may then be titrated in the presence of an adsorbable
cation. The titration curve is shifted toward higher pH values (Figures
4 and 5) in such a way as to lower the pH of zero proton condition at
the surface. At this point that portion of the charge that is attributable
to H* and OH" or their complexes becomes zero. (If a hydrolyzed metal
ion is adsorbed, its OH" will be included in the proton balance; similarly,
in case of adsorption of protonated anions, their H* will be included in
the proton balance.) Because of the binding of M** to the surface
(Twm=), the fixed surface charge increases or becomes less negative; at
the pH where the fixed surface charge becomes zero, the IEP is shifted
to higher pH values. Correspondingly, specifically adsorbable anions
(Figures 4 and 5) increase the pH of zero proton condition but lower
the pH of IEP.

Surface Coordination of y-AlL,O; with Mg? and SO,*. Figures 5a
and 9a illustrate the titration of y-AIOOH with base and acid. In the
absence of specifically adsorbable ions the point of zero proton condition
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ABSENCE OF SPECIFI- SPECIFICALLY SPECIFIGALLY .
CALLY ADSORBABLE ADSORBABLE M** ADSORBABLE ANION A
SPECIES

Acid

o

QUANTITY OF ACID
OR BASE ADDED
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Th-Tod

CHARGE (eg. Moles m™2)

Figure 4. The net charge at the hydrous oxide surface is established by
the proton balance (adsorption of H or OH™ and their complexes) at the
interface and specifically bound cations or anions.

This charge can be determined from an alkalimetric—acidimetric titration curve

and from a measurement of the extent of adsorption of specifically adsorbed

ions. Specifically adsorbed cations (anions) increase (decrease) the pH of the
IEP but lower (raise) the pH of the zero proton condition.

(= zero fixed charge) is at pH = 8.1; Mg? ions shift the titration curve
in such a way that more base is required, and alternatively, SO,%" ions
shift the titration curve in the opposite direction so as to increase the
amount of acid consumed (Figure 5a). The adsorption of Mg* and
SO,* was determined analytically from aliquots for each point in the
titration curve. From this information and the titration curve, the fixed
charge was computed (Figures 5b and c). That the IEP is shifted to
lower pH values by SO4* and to higher pH values by Mg?* is also seen
from the pH shift observed for optimum sedimentation rate.

Mathematical equations for the titration curves shown in Figure 5a
are given in Appendix I. These equations can be derived from charge-
balance (or proton balance) conditions. Equations 3 and 5 of Appendix
IT illustrate that the shift in the titration curve at any pH is related quanti-
tatively to the extent of specific adsorpion (Equations 17 and 18). The
latter can be calculated independently of adsorption measurements of
the shifts (17).
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Silicic Acid. Figure 6 (from Ref. 18) illustrates the effect of silicic
acid on the titration curve of goethite («-FeOOH). Dissolved silica is
primarily present as H,SiO4 below pH = 9. (The acidity constants of
H,SiO,4 at I = 0.5, 25°C, are pK,, = 9.5, pKs, = 12.6.) The shift in the
titration curve caused by silica reflects a release of protons which can be
explained with the reactions

=FeOH + H,Si04 = =Fe0Si(0H); 4+ H20;
log K% =41 (22)

—FeO0Si(0H); — =FeOSiO (OH) 5" + H*;
log K% (intr.) — —7.4 (23)

where K* is a charge-independent and K¢,; a charge-dependent equi-
librium constant. Because of the deprotonation reactions (Equations 22
and 23) the adsorption of dissolved silica decreases the fixed charge of
the goethite surface (Figure 6b). With the help of calculations using
the equilibrium constants, the extent of adsorption as a function of pH
can be predicted (Figure 6c).

T T T T !
Mea - 0,01 M NaClo —" i
0 [soZ]; 25 o~ .

o [4x103 —
9l altx 10-: .%___:_.—' ]
o l4x10° //',
x[6x 107 /
8t +]1x107? - m
Y 2120:; B
- - { 0 g-am
7 % / 4x 107
« of1x107
6 al4x107t -
e l6x107¢
5k / n|151073 |
41— --——/ —
| ] | ] |
-1 -05 0 05 1
Cg-Ca [mM]

Figure 5. Surface coordination of y-Al,O; with Mg? and SO 2" (a)

(above) titration of y-AlL,O, in the presence of Mg? or SO,?; (b) (facing

ageg surface charge of v-Al,O, in the presence of Mg* (1) = 10°M

aClO,; T = 25°C); (c) (facing page) surface charge of y-Al,O; in the
presence of SO,?" (1 =10"*M NaClO,; T = 25°C)
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Figure 6. Adsorption of aqueous silica on goethite (a-FeOOH) and its

effect on the alkalimetric titration curve and surface charge.

The adsorption of silicic acid on a-FeOOH tends to release protons (a) and
ecrease in surface charge (b). The extent of adsorption as a function
of pH can be predicted by an equilibrium model that considers the equilib-
rium constants given in Equations 22 and 23 and the acidity constant of

H,Si0, and =FeOH,* (18).
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Organic Acids. Adsorption of polar organic substances often gives
results similar to those illustrated for silicate. The adsorption of the
organic acid is accompanied by a deprotonation of the adsorbate. Figure
7 (from Ref. 19) shows the extent of adsorption of phthalic acid (H.X)
on Al;Oj; as a function of pH. This adsorption causes a charge reduction
over most of the pH range. Adsorption and charge reduction can be
explained by considering the reactions

—AIOH + HoX — =AIXH + H;0; logK% —73  (24)

—AIXH — H' 4+ =AIX"; log K%, (intr.) — —4.7 (25)

(mol/kg)
| -Al,03
02 yalone
o+
(OR 0 =
@ L
2 | Pntalic Acid
© 5x10™%mol /dm3
-= —
(&)
0
-0.06- 1 | 1 | ] [\
4 5 6 7 8 9 10 pH
(mol/kg)
= .
o
a
S
[z
o
<

Figure 7. Adsorption of phthalic acid (H,X) on y-Al,O, and its effect on
the surface charge.

The charge vs. pH Curves 1 and 2 were calculated from alkalimetric titration

curves of ALO; in the absence and presence of phthalic acid, respectively. The

adsorption of total phthalic acid (formation of =AIXH and =AlX") was deter-

mined analytically (Curve 3). Curve 4 was calculated from Curves 1 and 3

assuming that uncharged =AIXH only is formed. Curve 5 was calculated with

the equilibrium constants given in Equation 24, the acidity constants of phthalic
acid (—log Ka; = 2.8, —log Koy = 4.9) (19).
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Figure 8. Effect of adsorption of phosphate on goethite on its surface
charge.

The fixed charge is computed from alkalimetric titration curves and from ana-

lytical determination of the quantity of P, adsorbed. For the electrophoretic

mobility measurement (bottom), a ratio of P,/FeOOH equal to that of the

lower charge vs. pH curve (top) was used (equilibrium values of Py in solution

are approximately the same) (18). (top) (O) Pp = 2 X 107*M, 1.2 g FeOOH/

L; (M) Pr = 5 X 10*M, 6.0 g FeOOH/L; (A) Pr = 0, 6.0 g FeOOH/L;
(bottom) P, = 2 X 10-*M, 120 mg FeOOH//L.

The charge reduction observed at the lower pH values where Equation
24 predominates can be explained by considering that some of the proto-
lyzable =AIOH groups have been replaced by =AIXH; that is, the frac-
tion {=AlOH,'}/({=AlO¢}) has decreased as a result of the adsorption.
The examples given in Figures 6 and 7 illustrate that a combined measure-
ment of the proton balance and adsorption can be used to predict

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch001

1. HOHL ET AL. Surface Chemical Properties of Oxides 19

whether in a given pH region protonated or deprotonated ligands, or
free or hydrolyzed metal ions are adsorbed. Supplementary electro-
kinetic measurements are also of predictive value.

Phosphate. The binding of phosphate to hydrous oxides, especially
Al,O; and FeOOH, is also characterized by a proton release and a shift
of IEP to lower pH values. With goethite («-FeOOH) dispersed in
phosphate solutions, the fixed charge was computed as a function of pH
from titration curves (surface proton balance) and from analytic infor-
mation (phosphate adsorbed) (I18) (Figure 8). Reasonable agreement
with electrokinetic data was obtained.

Computation of Adsorption and Surface Charge
from Equilibrium Constants

The acid-base and adsorption equilibria can be characterized by
equilibrium constants. Appendix II, for example, gives such constants
for the proton transfer equilibria of y-Al;O; and its coordination with
Mg? and SO.*.

The values given are intrinsic constants, that is, constants valid for
a hypothetically uncharged surface (for a given ionic medium at a given
ionic strength). The acidity constants defined in Reactions 1 and 2 are
experimentally accessible from the titration curves; they are microscopic
acidity constants. Each loss of a proton reduces the charge on the surface
polyacid and thus affects the acidity of the neighbor groups. Hence, the
free energy of deprotonation may be interpreted to consist of a chemical
contribution (dissociation) as measured by an intrinsic acidity constant
K3, (intr.), and of an electrostatic contribution (the removal of the proton
from the site of the dissociation into the bulk of the solution) exp (Fy/
RT); thus

Ks, = K&, (intr.) exp (Fy/RT) (26)

where y is the potential difference between the surface site and the bulk
solution. There is no direct way to obtain y. However, it is possible to
determine the microscopic constants experimentally as a function of fixed
charge and to extrapolate these constants to zero surface charge to obtain
intrinsic constants (15). (For a more detailed discussion see Ref. 20. As
Schindler (20) points out, measurements in ionic media reveal no infor-
mation about the interaction between the reacting =MeOH and the inert
medium jons. Davis et al. (8) accounted for such interactions by esti-
mating ion-pair formation constants for species such as =MeOH,'ClO,
and =MeO'Na'.) Equation 26, then, allows one to estimate y. (This
approach has been used to construct the y vs. pH curves of Figure 2.)
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Figure 9. Exemplification of the method used in deriving the fixed charge
of an oxide in absence of specifically adsorbable ions, surface acidity con-
stants, and surface potential from alkalimetric—acidimetric titration curves.

The alkalimetric titration curve (a) permits the calculation of the surface charge
as a function of pH (c) caused by the disturbance of the proton balance and the
microscopic acidity constants as a function of the charge (b); intrinsic constants
are obtained by extrapolation to zero surface charge (b). With the help of
Equation 26, the surface potential either as a function of charge (d) or pH may
be calculated. Experimental data are for v-Al:Os in NaClO; solutions (17).

the absence of specifically sorbed ions — IEP) is given by

The point of zero proton condition (the pH of fixed charge = 0 in

1 . .
szero proton condition = "2— [sza]_ (lntr-) + szaz (lntl‘.)]

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.

(27)



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch001

1. HOHL ET AL. Surface Chemical Properties of Oxides 21

This pH should agree with the common intersection point of the titration
curves obtained with different concentrations of an inert salt (Figure 9a).
Equations similar to 26 can be written for all the constants given in
Appendix II.

Shift in IEP. The intrinsic constants may be used to estimate the
composition of the oxide surface as a function of solution variables (pH,
concentration of specifically adsorbable cations and anions). Without
correcting for coulombic attraction or repulsion such calculations should
give reasonable predictions only for surfaces that have a fixed surface
charge of zero (or nearly zero). Hence, it should be possible to use
intrinsic constants to predict shifts in IEP caused by specific cation and
anion binding. Equation 20 gives the condition for zero fixed charge
(IEP).

In our model system (7y-Al,O3;, Mg, SO,27), the IEP in the presence
of Mg? is characterized by

IEP: {=AlOH,"} + {=AlOMg'} — {=AlO"} (28)
while the condition of zero proton condition is given by

zero proton condition: {=AlOH,'} —
{=Al0"} 4+ {=AlOMg'} 4 2{(=Al0).Mg} (29)

By using the intrinsic equilibrium constants given in Appendix II,
and mass-balance equations for Mgy and the available surface groups
(a, and {=AlOr}), the shift in IEP as a function of Mg? or Mgy can be
predicted. Generally, for the specific binding of a cation M%, the follow-
ing relationship can be derived:

[H'ep 2 ]? = [H'gp(0) ]2 (1 — KIE L. [M2+]> (30)
ag

where [M?'] is the equilibrium concentration of M?*.
In a similar way, the shift caused by SO,* on IEP and zero proton
condition can be derived from:

IEP: {=AIOH,"} — {=AlISO,’} + {=AlO"} (31)

zero proton condition: {=AlOH,'} =
{=AIS04} + 2{ (=Al)280,4} + {=AlO"} (32)

Thus in the presence of a specifically adsorbable anion A%, the IEP of
Al O; is given by

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch001

22 PARTICULATES IN WATER
K - Ksn -
[H'iep (a2 ]? == [H'1ge (0) ]2 [1 /(1 - —% [A? ])] (33)

where K is the ion product of water. As Equations 30 and 33 suggest,
the change in [H*gp] is related to the concentration of the specifically
adsorbable cations and anions and their affinity to the surface groups,
that is, the respective surface complex formation constants. In the pres-
ence of coordinating cations and anions the change in IEP’s can be
estimated by

1 — (*K*/K%,) [M*]

[H'ree u2ea29)]* = [H'ize (o) I° 1 — (B Ko\ 40
K«
(34)
100 77777,
=Al0”
Mol olo
80 =AlOMg*
60 //

40

h\

20
08.1 10 pH
mol /m2 :
2x10° log D
Tug?t 25

|
81 9 10 pH

Figure 10. Composition of the surface phase of y-Al,O; at the IEP as a
function of [Mg?*] in solution

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch001

1. HOHL ET AL. Surface Chemical Properties of Oxides 23

The Surface Composition at the IEP. In Figure 10 the speciation
at the ALO; surface in the presence of Mg?* is calculated (with the
equations of Appendix II) as a function of pHigp. According to the
equilibrium conditions, every pHgp is related to a specific equilibrium
concentration of free Mg?. (The calculation is based on the equations
given in Appendix II and on Equation 28; furthermore {=AlOp}—
{=AIOH,'} + {=AIOH} + {=AlO"} + {=AlOMg'} + 2{(=AlO),-
Mg}.) It is seen that the extent of Mg binding to the oxide surface
(uncharged surface) increases with increasing pH; (=AlO;)Mg and
=AlOMg" substitute for =AIOH groups.

Figure 11 represents the shift in pH;gp caused by Mg? and SO,%.
The agreement between experimentally determined IEP’s and calculated
ones becomes rather poor as soon as ApHge > 1. As Figures 10a and b
indicate, the surface coverage with Mg?* reaches a “saturation” in higher
PH regions (pH > 9, ApH;gp > 1). Under these conditions, the first term
in Equation 28 becomes negligible; hence the equation reduces to
{=AlOMg'} = {=AIlO"} which is equivalent to

*K*, {(=AIOH} [M>']/[H'] — K*,, {(=AIOH}/[H'], or

[M2>] — K,,/*K* (35)
3
2.
>Mg2*
14
CL(3
=
L 0 ' b—
i % 5 10%1074 Mgy or SO5;
-2
o

Figure 11. Shift of the IEP of -y-AIZOg (4 g/L y-AL,O;) caused by Mg**
or SO #.

Curves were calculated using Equations 28 and 31 and the equilibrium con-
stants given in Appendix II. These calculations show that the ALO; surface
can no longer remain uncharged at any pH above [Mgn,] ~ 5 X 10™*M or
[SO#]r =~ 4 X 10-*M, respectively. Experimentally determined values for
pHixr above these concentrations of Mg®* and SO,*~ are relatively insensitive to
the relatively small residual surface charges that may prevail under these condi-
tions. (top) Mg*: (O) from titration; (X) from settling velocity; ( ) calcu-
lated curve; (bottom) SO*: ([J) from titration; (+) from settling velocity.
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For the Al,O;—Mg?* system, Equation 35 gives [Mg?'] — 2.5 X 10“M.
For this concentration of Mg?, pHigp = 9.3. Any attempt to further
increase the surface coverage in Mg by increasing free Mg?" in solution
results in a positively charged surface, that is, with equilibrium concen-
trations of Mg?* larger than 2.5 X 10*M. There is no pH value for which
the Al,O; surface remains uncharged. The increasing coverage of the
surface with Mg?* with increasing pH;gp (Figure 10b) results from the
availability of a larger number of coordination sites at the higher pH
value.

Correcting for Coulombic Interaction. The surface speciation as
a function of solution variables can be computed if we can correct our
equibrium constants for electrostatic attraction or repulsion. Westall
(21, 22, 23) has developed a computer program that permits one to com-
pute iteratively the composition of the surface and its charge from a set
of equilibrium constants. Figures 12 and 13 illustrate the application of
this computation to the interaction of o-phosphate with goethite (ao-
FeOOH). This interaction is rather involved because various mono-
dentate and bidentate surface species have to be assumed to account for
the experimental observations (18, 24):

=FeOPO;H,, =FeOPO,H", =FeOPO,%,

—=Fe-0 OH —=Fe-0 0
N/ /
P, P

/ \0 VRN

=Fe-0 =Fe-0 0

A set of equilibrium constants has been determined (18) which is com-
patible with experimental observations. These constants can now be
used to make generalizations and to predict adsorption isotherms and
the fixed surface charge of FeOOH as a function of pH and other solu-
tion variables. A satisfactory agreement between model calculations
and experimental results (adsorption data and measurements of electro-
phoretic mobility) is obtained.

Predicting Domains of Colloid Stability. With the help of the
equilibrium constants, an isoelectric line in a pH vs. concentration of
specifically adsorbing solute may be computed. An oxide dispersion is
uncharged and will coagulate in the immediate proximity of this line.
Colloid stability is assumed to occur on either side of the line at positive
and negative threshold charges. Figure 13 shows the pH-log Py ranges
in which goethite is colloid-chemically stable as a negatively or posi-
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Figure 12. Interaction of phosphate with goethite (a-FeOOH). Extent

of adsorption is predicted with the help of the equilibrium constants given

in Table I (18). (a): (- ) calculated curve; (O) experimental measure-
ments; pH=7; (b): [FeEOOH], =6 g/L; A=180 m?/L.

Table I. Equilibria on the Interaction of Phosphate
with Goethite (a-FeOOH)

log Kinsr

=FeOH,' = =FeOH + H* Ks,, —6.4
=FeOH = =FeO™ + H* Ks, —9.25
=FeOH + H3PO, = =FeP0O,H, + H,0 K 9.5
EFCPO4H2 = EFCPO4H- + H* Ksa4 —44
=FePO,H" = =FeP02 + H* Kz, —6.6

2 =FeOH + H3P04 = EF€2P04H + 2H20 st 8.5
=Fe,PO,H = =Fe, PO, + H* K=y —4.0
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Figure 13. Plot of log Py vs. pH domain of colloid stability of goethite

dispersions.

These domains were calculated using equilibrium constants (Table 1) and cor-
rections for coulombic attraction or repulsion. Rapid coagulation should occur
in the proximity of the isoelectric line. Colloid stability is assumed to occur at

positive and negative charges corresponding to

a zeta potential of 30 mvolts (18).

tively charged colloid. The computed dia.gram is similar to a diagram for
the «-Fe;Os—phosphate system experimentally determined by Breeuwsma

and Lyklema (25).

The distinction between inert counterions and surface-coordinating
(specifically adsorbable) ions is readily seen in coagulation experiments;
the critical coagulation concentration of the specifically sorbable ion
depends on the surface area concentration of the dispersed colloid

(Figure 14).
James and Healy (26) have shown

with measurements of electro-

phoretic mobility that in systems of a colloid oxide and metal ions two
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Figure 14. Relationship between MnO, colloid surface area concentra-
tion and critical coagulation concentration of Ca?* and Na*.

Because of the specific interaction of the oxide surface with Ca®*, a stoichio-

metric relationship exists between the critical coagulation concentration and

the surface area concentration; however, in the case of Na* this interaction is

weaker, so primarily compaction of the diffuse part of the double layer causes
destabilization (1).

charge reversals at different pH values may be observed. For example,
in a system of SiO,—~M?¥, the silica is negatively charged at low pH.
With increased pH the extent of adsorption increases, and a charge
reversal from negative to positive occurs at the pHigp(a). On further
increase in pH, the charge may revert back to negative at pHigps).
Schindler (20) has shown that the coordination chemistry model can
account fully for these observations. The first charge reversal is pri-
marily caused by the increase in coordinative sites of the surface and
the larger extent of M?*' adsorption with increasing pH. The second
charge reversal results primarily from the lowering of free M2?* ions
(increased consumption of M? by the surface and by hydrolysis with
increased pH).

Appendix 1. Alkalimetric and Acidimetric
Titration of Hydrous Oxide

C,., Cp are concentrations of strong acid and strong base, respec-
tively, ACy is the shift in the titration curve at constant pH caused by
the presence of a specific adsorbable cation or anion; ACg — (Cz — Ca)
— (Cg* — C,*) where concentrations with a * are those in the presence
of specifically adsorbable ions. ag, a1, az — degrees of protolysis of
=MeOH,", =MeOH, and =MeO", respectively. o, — {=MeOH,'}/
{=Mer}, &1 = {=MeOH}/{=Mer}, oz — {=MeO}/{=Mer}; a, =
(1 + Kt0y/[H] + Koy Koo/ [H) % aq — ([H1/Kosy + 1 + Koo/
[H']™; ap = ([H']2/K%, K5, + [H*]/K%, + 1)\ a = quantity of oxide
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used (kg/L); Q = charge in mol kg% It is assumed that, at a given pH,
the proportion of protonated to nonprotonated free surface groups is not
affected by adsorption.
1. Absence of specific adsorption of ions:

(Ce —Ca+[H'] — [OH])/a =

(=MeO} — {=MeOH,"} = — Q@ (1)

2. In presence of specific adsorption of M?':

(Cg* — Cx* 4 [H'] — [OH']) /a =

{=Me0} — {(=MeOH,'} + {(=MeOM*} 4-2{ (=Me0) M}  (2)

ACB/a = — (2&0 + al) ({EMGOM*} + 2{ (EMGO)zM}) (3)
3. In presence of specific adsorption of A%

(Cs* — Ca* 4 [H'] — [OH])/a =
(=MeO} — (=MeOTL*"} — (=MeA") —2{(=Me),A}  (4)
ACs/a = + (ay + 2az) ({MeA} + 2{(=Me),A}) (5)

4. In presence of weak acid HA:
(Cg* — Cx* + [H'] — [OH ]/a = {=MeO*} —
(=MeOH,"*} — {(=MeA} —2{=Me.A"} +
(HAr — [HA](1/a)  (6)

ACE/a —*Q — Q@ — (a1 + 2a2) [{=MeA} +
2{=MeA'}] — (HArx — [HA]) (1/a) (7)
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Chemical Equilibrium Including Adsorption
on Charged Surfaces

JOHN WESTALL

Swiss Federal Institute of Technology, EAWAG,
CH-8600 Duebendorf, Switzerland

A general method for the formulation of chemical equilib-
rium problems allows modeling of the adsorption of ionic
species on charged surfaces. The energy of adsorption is
expressed by a constant chemical energy term and a charge-
dependent electrostatic energy term. Various expressions
can be used to define the electrostatic potential-charge
relationship. The method was developed for adsorption at
hydrolyzable oxide surfaces and is applicable to any number
and type of adsorbed species (surface complexes) and any
number of soluble species. Application of the method to a
constant-capacitance double-layer and triple-layer model is
demonstrated, and other applications are cited.

Interest in the fate of chemical substances in the aquatic environment

has stimulated research in many areas, including the adsorption of
materials on hydrolyzable metal oxide surfaces. Quantitative interpreta-
tion of adsorption on these surfaces is complicated because the electro-
static energy of adsorption is variable, and often a large number of
chemical species are present in solution and adsorbed to the surface.
In this chapter a chemical equilibrium approach is used to interpret
adsorption on charged surfaces.

The basis for the discussion of adsorption on charged surfaces is the
surface complexation model. The precept for this model is the use of
the standard mass-action and mass-balance equations from solution chem-
istry to describe the formation of surface complexes. Use of these
equations results in a Langmuir isotherm for the saturation of the surface
with adsorbed species. There are of course other models that satisfy
these precepts, but which are not generally referred to as surface
complexation models, for example, the Stern model (1).

0-8412-0499-3/80/33-189-033$05.00/0
© 1980 American Chemical Society
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While there are similar mass-balance and mass-action equations in
all surface complexation models, there are a great number of ways to
formulate the electrostatic energy associated with adsorption on charged
surfaces. Customarily the electrostatic energy of an adsorbed ion of
formal charge z at a plane of potential y is taken by Coulomb’s law to be
zFy, but the relationships used to define surface potential y as a function
of surface charge o, or any other experimentally observable variable, are
different. In addition, different descriptions of the surface/solution inter-
face have been used, that is, division of the interface into different layers,
or planes, to which different ions are assigned formally.

Because of the variable electrostatic energy term in the mass-action
laws and the great number of species to be considered in a surface/
solution equilibrium problem, particularly when a multilayer interface is
considered, traditional approaches to chemical equilibrium problems
(ligand number 7t and ionization or neutralization fractions «) become
complicated, and an intuitive feel for the problem is lost. Here the need
for a general, systematic approach to chemical equilibrium, including
species adsorbed at a charged surface, is indicated.

The mathematical formulation of chemical equilibria presented here
is not only a method of solving a problem, but also a way of defining the
problem. Concepts such as potential determining ions, fixed charge, etc.
have absolutely unambiguous meanings. In addition, when different
electrostatic models are formulated on the same mathematical basis,
models that appear different by the authors’ description may turn out to
be mathematically degenerate. Systematic comparison of models also
shows that parameters such as interlayer capacitances and intrinsic
adsorption constants are model specific and not necessarily interchange-
able from one model to another. As more and more adsorption experi-
ments are made and adsorption constants are published, it is important
that these constants be used only in models for which they are valid.

In this chapter we present a general method for solving surface/
solution equilibrium problems described by a surface complexation
model, applicable for arbitrary surface layer charge/potential relation-
ships and arbitrary surface/solution interface structures.

The method is based on the chemical equilibrium program MINEQL
(2), modified to include the coulombic energy of adsorption caused by
the charged surface. First the principles of MINEQL are presented
through a short example from solution chemistry and then the extension
of the method to the constant-capacitance double-layer model of the
surface/solution interface used by Stumm, Schindler, and co-workers
(3, 4) is demonstrated. Finally, the use of the method in the “triple-layer
site-binding” model introduced by Yates, Levine, and Healy (5), and
used by Davis, James, and Leckie (6), is shown. In each case the mathe-
matics are described in sufficient detail to be reproducible.
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Equilibria in Solution

To illustrate our approach to chemical equilibrium problems, we
consider an example from solution chemistry: equilibria among a metal,
hydrolysis species of the metal, a protonated ligand, the metal/ligand
complex, hydrogen, and hydroxide ion. We define species as every
chemical entity to be considered in the equilibrium problem; those for
this example are listed in Table I. Then we define a set of components
in such a way that every species can be written as the product of a
reaction involving only the components, and no component can be
written as the product of a reaction involving only the other components.
This is similar to Gibbs’ (7) definition of components. In algebraic
terms, the components can be described as a linearly independent set
spanning species space. The set of components is certainly not unique,
but once it has been defined, the representation of the species in terms
of this set of components is unique. For the example we have chosen,
the set of components is shown in Table 1.

Table I. Chemical Equilibrium in Solution

Species and Mass-Action Equations

M
MOH* [M2*] [H]?* K, =[MOH']
HL
L [HL] [H']' K, =][L]
ML* [M*] [HL] [H*]* K3 =[ML']
Ho
OH- [H]* K, =[OH]
Components M2, HL, H*
Algebraic Description of Problem®
‘T*=[Tx TaL Tx]
‘X°=[[M*] [HL] [H]]
1 0 0 [M2] 1.0
1 0 —1 [MOH*] K,
0 1 0 [HL] 1.0
A=|0 1 —1 C'=| [L] K'—| K,
1 1 —1 [ML*] K,
0 0 1 [H*] 1.0
0 0 —1 [OH] K,

¢ See Table 1I for equationsin 4, X, T, C, K.

® T is the vector of total concentrations of components.

© X is the vector of free concentrations of components.

4 A is the stoichiometry matrix: a¢; is the stoichiometric coefficient of component
j in species 7. Thus each row pertains to an individual species and each column per-
tains to a component.

¢ C is the vector of concentrations of species.

" K is the vector of stability constants of species.
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As chemical equilibrium problems are normally posed, we are given
the total (analytical) concentrations of all components, the stoichiometry
and stability constants of all species, and are asked to find the free
equilibrium concentration of all components, from which we can easily
compute the free concentrations of all species. This problem is solved
as follows (see Tables I and II for description of symbols): from an
initial guess for the concentration of components, the approximate con-
centration of the species can be computed:

log C; = log K; + Z’: a;jlog X; (1)

From the approximate concentration of species the error in the material-
balance equation for each component can be computed:

Yi=z‘:aijC¢—Tf (2)

By the multidimensional Newton-Raphson method the error in the
material-balance equation and the computed derivative of the errors
with respect to the concentration of components (Jacobian of Y with
respect to X) can be used to compute an improved guess for the
concentration of components:

Z - AX=Y (3)
The elements of the Jacobian Z are given by:

Z2jr = *g%l‘ = Z (aij ax Ci/ X3) (4)
k i

This iteration procedure is carried out until the error in the material-

balance equation is small with respect to the terms in the equation. The

method converges over a wide range of initial guesses.

The mathematical formulation given here does not include any
explicit correction for activity coefficients of ionic species. In principle,
these activity coefficients can be included as corrections to the stability
constants. For ionic species in solution, individual ion activity coeffi-
cients can be estimated from one of the semiempirical expressions based
on the Debye-Hiickel theory. For charged surface species there is no
established approach to activity coefficients. As a first approximation,
we may consider that the primary effect of ionic strength on the activity
of charged surface groups is accounted for in the ionic strength-dependent
part of the double-layer theory, and ignore further activity coefficients
for charged surface groups.
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Table II. Description of Chemical Equilibrium Problem

Matrix
or
Scalar® Description Vector  Description
@ Stoichiometric coefficient of component A Matrix of a;;
j in species 1
C; Free concentration of species 1 C  Vector of C;
C* Vector of log C;
K; Stability constant of species ¢ K* Vector of log K;
T; Total analytical concentration of T  Vector of T;
component, j
X; Free concentration of component j X  Vector of X;
X* Vector of log X;
Y; Residual in material balance equation Y  Vectorof Y;
for component, j
Zji Partial derivative (3Y;/0Xy) Z Jacobian of Y
with respect
to X

Mass-Law Equations

log C;—log K;+ 2 ajlog X;  C*—=K*4 AX*
j

Mass-Balance Equations

Yi=2 a;C.— T Y —=1tAC — T

Iteration Procedure (Newton—Raphson)

Y Z - AX=Y
2jg = Z (aij aw Ci/Xy) = an
* k A X = Xoriglnal - Ximproved

“Indices: 7 is used to denote any species; j and k are used to denote any com-
ponent.

Constant-Capacitance Model

The modification of this method to include surface charge and
coulombic energy is straightforward and is demonstrated with an equi-
librium problem involving surface hydrolysis with the constant-capaci-
tance double-layer model of Stumm, Schindler, and co-workers (3,4).
The species to be considered are the neutral, deprotonated and protonated
surface species as well as the aqueous hydrogen and hydroxide ions, for
which the mass-action equations are given in Table III. From inspection
of these equations it is apparent that the electrostatic potential term
e FV/RT appears in the same form as the chemical concentration, or
chemical potential term, of the hydrogen ion or of the free surface groups.
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Table III. Surface Hydrolysis—Constant-Capacitance Model

Species and Mass-Action Equations

H#

OH- [H']"  K,—[OH]
Sgg [SOH] (g FV/ET) [H'] K, = [SOH."]
SO [SOH]  (eFwrEr)1  [H']! K, —[SO7]

Components SOH, g TW/RT H*

Algebraic Description of Problem
'T — [Tson C-y-s-a/F Tx]
‘X =[[SOH]  (eF¥rT) [H]]

0 0 1 [H*] 1.0

0 0 -1 [OH"] K,
A=|1 1 1 C = |[SOH,'] K=|K,

1 0 0 [SOH] 1.0

1 -1 —1 [SO7] K,
Jacobian

1. For all elements of the Jacobian except 2yu; 2 — 2 (a4 @ Co/ Xx)
]

sa RT
2. Forzyy; 2= Z‘: (aw aw Ci/Xy) + C_FF—XU,

This suggests that it would be appropriate to include electrostatic
potential in the set of components. Then the concentrations of all the
species can be written as functions of the concentrations of the
components.

The next question that arises is, having included the electrostatic
potential in the set of components, how do we write a “total concentration”
for this component? For the other components, hydrogen ion and surface
hydroxyl groups, the total concentration is determined simply by how
much acid or base, or how much surface we have added to the system.
In the case of the electrostatic component, we can use the independent
electrostatic charge-potential relationship to define a total concentration
or charge for the surface—in the case of the constant-capacitance model

e=Cy  [C/m?] (5)

or converted to molar quantities:
To—o - % [mol/L] (6)
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The subscript ¢ or ¢ is used to denote the electrostatic component (for
example, T,, Xy). When the equilibrium problem is solved, the charge
calculated by summing the charged surface species must be equal to the
electrostatically calculated charge To; in this way the electrostatic com-
ponent is analogous to the other components.

We included the electrostatic term in the set of components and
expressed the total concentration of this component; now it is necessary
to modify certain elements of the Jacobian. Since the total concentration
of the electrostatic component is not experimentally determined, but
rather a function of the potential, the derivative of T with respect to Xy
is not zero and therefore must be attached to the normal expression given
previously for a Jacobian element:

aY aT,,
Zyy — X, Z (awaw Ci/Xy) —
(7)
aTa' C
aX.,, F FX.;,

This completes the modifications of the general chemical equilibrium
method for surface adsorption involving a constant-capacitance model.
The equations are summarized in Table III.

One should note that this formulation is completely general. Other
soluble species and adsorbed species (for example, adsorbed anions and
cations, and their soluble hydrolysis products) could be included in the
problem simply by adding the new component and the new stoichiom-
etries and stability constants in the general formulation of the problem.

Also important is the fact that certain mathematical simplifications
(for example, the approximation that on the acidic side of the ZPC no
deprotonated surface groups exist and vice versa) made by other authors
(8) are no longer necessary with the current formulation of the problem.

Triple-Layer Model

Finally, we demonstrate the application of our general formulation
of surface/solution equilibria to a more involved model of the surface/
solution interface, the triple-layer site-binding model of Yates, Levine,
and Healy. Again we discuss the principles of the method using simple
hydrolysis equilibria, but the extension to more complicated equilibria
is straightforward.

A schematic description of the surface/solution interface is given in
Figure 1. Immediately at the surface, in the 0 plane, are specifically
adsorbed hydrogen and hydroxide ions that experience the potential y,
and contribute to the charge oo. At the inner Helmholtz plane, or g
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layer, are electrolyte counterions bound pairwise to oppositely charged
surface groups by both specific chemical energy and electrostatic energy.
These electrolyte counterions experience the potential ys and contribute
to the charge og. The outer Helmholtz plane or d layer is the innermost
plane of the Gouy—Chapman diffuse region. The potential at the d plane
is y4 and the charge contained in the entire diffuse region is given by
the Gouy-Chapman (Poisson-Boltzmann) theory for a monovalent
electrolyte:

oa = —(8¢oRTI) 2 sinh (Fyq/2RT) (8)

The 0 and B planes are separated by a region of capacitance C;, and
the 8 and d planes are separated by a region of capacitance Cs.

This description of the surface/solution interface requires us to
define the species given in Table IV, and to add three electrostatic
components g, Yo, and y4 to the normal set of chemical components
SOH, Na*, CI', and H*.

Now we examine the electrostatic description of the interface in
order to determine total concentrations for the three electrostatic com-
ponents. The charge in the 0 plane is given electrostatically by:

oo = C1 (Yo — yp) (9)

G

C2

Potential vs
Distance
from Surface

Adsorbed H* Na* counter ions
Species OH~ o —_—
Charge O, Og 04

Figure 1. Schematic of surface/solution interface showing placement of
ions, the potential, and the charge in the two inner planes and the diffuse
layer (the positions of the planes are not to scale)
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and in the g8 plane by

os = C1 (y8 — ¢o) + C2 (Y8 — Ya) (10)
and in the d region by

oa = Cs (Ya — y8) (11)

These last three equations are used to define the total concentrations of
the three electrostatic components (see also Table IV). When the
equilibrium problem is solved, the charge calculated by summation of
charged species in the 0 and B planes must be equal to the electro-
statically calculated charge given previously (Equations 9-11).

Yo, = 2 (charged species in 0) — Toy — 0 (12)
Yo, — 3 (charged species in 8) — Top =0 (13)

No species are designated for the diffuse region; it is necessary to
use the Gouy-Chapman theory to calculate the sum of charged species in
the diffuse region, and this value must equal the previous electrostatic
value,

Yoy — —(8ccoRTI)'2 sinh (Fya/2RT) — Toy — 0 (14)

Finally, modifications of the elements of the Jacobian are necessary
because of the dependence of the To's on the Xy’s. The principle is the
same as discussed for the constant-capacitance model; the modified
elements are given in Table IV.

The triple-layer site-binding model now fits within the scheme of
the general equilibrium problem given in Equations 1-3. Other adsorbed
cations and anions can be included in the equilibria simply by adding
the appropriate components and species.

Applications

The method developed here for the description of chemical equilibria
including adsorption on charged surfaces was applied to interpret phos-
phate adsorption on iron oxide (9), and to study electrical double-layer
properties in simple electrolytes (6), and adsorption of metal ions on iron
oxide (10). The mathematical formulation was combined with a proce-
dure for determining constants from experimental data in a comparison
of four different models for the surface/solution interface: a constant-
capacitance double-layer model, a diffuse double-layer model, the triple-
layer model described here, and the Stern model (11). The reader is
referred to the Literature Cited for an elaboration on the applications.

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



PARTICULATES IN WATER

42

[®r oL oL
[ [eN.0ST] K — I—
[-1D .*HOS] 0 I I
[-08] 0 - —
[.*HOS] 0 I I
[HOS] [= 0 0 0 0
[-HO] 0 - 0
[.H 0 I 0
[.ID 0 0 0
| [.BN] 0 0 0
3\. H
[.eN .0S] =% -[VH] 1 (za/O04-2) (zar/%a-
LLID.PHOS] =X [LH] (sa/%na-2) 1- (Caa/Pma-
[-0S] =%y - [.H] 1- (s /Ona-2)
[.2HOS] =%y [.H] (zat/%04-2)
[[(HOl="¥ [.H]

PPOW 134eT-a1d1x 1 —sisAjoapA}] aoeyang

"o
B~

OO0 OO =

waqoig 0 uoydiasa(g 9wiqably

op g
2) [.eN]
2) [-1D]

-—O_.H

O-OOOoOOoOO~O

+uZ»N

—_—OO0OOOOOO—

-0

[HOS]
[HOS]
[HOS]
[HOS]

HOST] =L

BN

N

OO ™ rmirmir— r—

[Garoa?)  LH] (adna?) Gafee?) [1O] [eN] [HOS]I= X

HOS
spusuodutoyy

BN -08
10 FHOS
-08
FHOS
HOS

-HO

-H

-ID

BN

suoONb I UOOY -SSD J PUD $2109dG

Al ?19®L

200U0°'68T0-086T€A/TZOT 0T :10P | 086T ‘T SSQWAAON BfeQ UOIREDIgNd

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



43

Adsorption on Charged Surfaces

WESTALL

2.

3
Ax/to fpyg = (%°0)K :swajqoad Arstwreyo

uonnjos ul pajndwod JUIWI[e WEIqOdE[ [BNSN 9y} J10J spuels (¥L)K [oquis oy, ,

P Fa
sm% % 0+ A%Wv Us09 g1 (LLY>8) ,Www = PPtz

In
sﬂm A 2 — (shrh)g = ez

0 = 9Pz

P .
&M& el_mu 2y — (Phof) g — Phong

(O = PR)eD) g/ - 8= Pop,

(P — 1)) d/o - s= 2,
(Ch = IR + Ot — TN T) d/p-s =71,

gm
XA A (50 + ) + (hohyg = Sn%nz

O
XL L vy — (ofakyx = %00

0= POy

I

O
K L 50 + bk x = e

, (19POJf 4afinT-a1daL],) uv1qOID L f0 UODIYIPO I

200U0'68T0-086T-€4/TZOT 0T :10P | 086T ‘T SSQWSAON BfeQ UOIEDIgNd

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch002

44 PARTICULATES IN WATER

Acknowledgment

This work was supported in part by the Swiss National Foundation.

Glossary of Symbols (see also Table I1)

a — concentration of suspended solid [g/L]
C = specific capacitance [F/m?]
F = Faraday [C/mol]

I = ionic strength [mol/L]
R = gas constant [J/(°K mol)]

s = specific surface area [m?/g]
T = temperature [°K]

¢ = dielectric constant
€0 = permitivity of free space [C?/(]J m)]
o = specific surface charge [C/m?]

y = electrostatic potential [V]
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Redox Coprecipitation Mechanisms of

Manganese Oxides

JOHN D. HEM
U.S. Geological Survey, Menlo Park, CA 94025

A nonequilibrium thermodynamic model for precipitation
and oxidation of naturally occurring manganese oxyhydrox-
ides in aqueous systems postulates the maintenance of
reaction affinities simultaneously favorable for both the
precipitation of Mn;O, and its disproportionation to MnO,
and Mn?*(aq). Experimental data show changes with pH in
the MnO,-H* stoichiometry that are explainable by the
model. A solid—solution model can be used to predict the
state of oxidation of manganese in mixed-valence oxide,
based on pH and Mn?(aq) activity in associated solutions.
Both lead and cobalt raise the oxidation state of manganese
oxides when coprecipitated at pH 8 and 8.5. Coupling of
lead and cobalt redox processes to Mn;O, disproportiona-
tion provides a model that can be used to predict the range
of activity of these metals likely to occur in systems where
manganese oxides are precipitating.

The aqueous geochemistry of manganese, especially solution and depo-

sition of manganese oxides, was studied extensively during the 1960’s
and 1970’s. Examples are studies by Bricker (1), Morgan (2), Loga-
nathan and Burau (3), and Burns (4). Giovanoli et al. (5,6,7,8) at
Bern, Switzerland, have made important contributions to the knowledge
of the crystal structure of these often poorly organized oxides. Many
others in Europe, Canada, and throughout the world have also done
research on manganese chemistry. However, it is not appropriate here
to attempt to review past work in detail.

The chemical reactions of manganese oxidation and precipitation
may not attain equilibrium because of unfavorable kinetics. The three
possible oxidation states (Mn2*, Mn*, and Mn*') which can occur in the

This chapter not subject to U.S. copyright.
Published 1980 American Chemical Society
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solid oxides further complicate the chemical mechanisms. A particularly
important property of the Mn?* state is its tendency to disproportionate,
so that most oxides in which this form occurs are thermodynamically
unstable.

Because of these properties the manganese redox processes do not
always attain a state that can be predicted simply as a condition where
chemical potentials for the system under study are at or near zero. Under
some conditions, favorable chemical potentials can be maintained for
both the precipitation and disproportionation reactions.

In natural aqueous systems open to the atmosphere certain non-
equilibrium, chemical thermodynamic approaches are applicable.
Chemical potentials or reaction affinities can be computed for the reac-
tions that are possible under a given set of conditions. The relative
magnitudes of these affinities are useful for showing limiting conditions,
understanding catalytic effects, and predicting concentration ranges that
could occur. They also are useful in evaluating the possible coupling of
manganese oxidation and disproportionation to redox reactions of other
metal ions.

Form and Evolution of Manganese Oxides

As noted by other investigators (1) as well as in the laboratory
experiments in this work, when a dilute solution of Mn?* ions is held at
a pH of 8.0 or 8.5 in the presence of CO.-free air or oxygen, a precipitate
having the crystal structure of hausmannite and a composition closely
approximating MnzO, is formed. The initial step may be the formation
of Mn(OH);(c), and some SMnOOH may be present in the final pre-
cipitate. According to Bricker (1) both Mn3O4 and SMnOOH in aque-
ous suspensions can change to yMnOOH, on long-standing (several
months) contact with oxygen. On acidification, hausmannite was shown
to disproportionate, giving a species Bricker (1) identified as $MnO,.
This material generally has poorly defined crystallinity and can come
close to the 1:2 manganese—oxygen ratio, but does not reach it completely.

There appears to be no generally agreed-upon definition of $MnO,.
Some investigators have equated $MnO, with birnessite, which contains
sodium and occurs naturally in various locations on land and in some
deep-sea ferromanganese nodules. Giovanoli et al. (5) described double-
layer structures having the formula Nas;Mn,;,0;; - 9H;0. These investi-
gators also produced sodium-free manganese(III) manganate (Mn;0O,;
5H;0) and manganese(II) manganate (Mn;O;; - 6H,0), both having a
structure similar to that of the sodium form (6). The average oxidation
state of manganese in these compounds only ranges from +3.43 to 43.71.

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch003

3. HEM Redox Coprecipitation of Manganese Oxides 47

Giovanoli et al. (6) believed materials that others called sMnO; are fine-
grained disordered species like these, but with more Mn#* and less Mn®,
and recommended that the designation $MnO; be abandoned.

The oxidation states of manganese in two preparations of $MnO,
reported by Bricker (1) were +3.52 and +3.62. The four manganese
oxide-hydroxide species that are considered in this chapter represent a
simplified sequence of evolution from relatively reduced to relatively
oxidized forms. The thermodynamic stability data for the four species
are taken from Bricker’s (1) determinations and from compatible values
from the NBS compilation (9). A material more highly oxidized
(YMnOy;), for which Bricker reported an oxidation state for manganese
between 3.82 and 3.98, has a standard free energy of formation about
3.3 k] more negative than that of his $MnO,. However, he also reported
that $MnO; could range in oxidation state from 3.48 to 3.98.

Characteristically, the more highly oxidized species prepared in this
study were nearly amorphous to x-rays. They contained essentially no
sodium. Although such material may be a little less stable than Bricker’s
(1) $MnO,, its thermodynamic stability is assumed here to be the same
as he determined. It will become evident later that, in general, this
assumption produces a reasonable model applicable to laboratory systems.
However, natural products may have a considerable range of stability
and composition, and because they are generally impure and disordered,
their thermodynamic properties can only be approximated.

Figure 1 is a pH—potential diagram for the four solids mentioned
previously, showing theoretical manganese solubilities for each between
10 and 10® mol/L of dissolved Mn?. Thermodynamic data used are
given in Table I. The diagram omits from consideration the MnCO;(c)
species rhodochrosite, which can be an important control of manganese
solubility in carbonate-enriched and relatively reducing environments,
and the metastable species SMnOOH and yMn;0;.

The only aqueous species of significance in Figure 1 below pH 10
is the Mn?* ion. Hydroxide complexes are considered at higher pH’s.
Organic complexes of Mn?*" may be significant in some natural systems,
but are not considered in this diagram. Bicarbonate and sulfate complex
stabilities are given elsewhere (14).

Figure 1 indicates that manganese oxides are subject to dissolution
by chemical reduction. Where organic material is abundant and oxygen
is depleted, as in the anoxic sediment in stratified bodies of water, man-
ganese is brought into solution in the pore water and in the oxygen-
depleted water in contact with the bottom. When the dissolved manga-
nese comes in contact with oxygen, precipitation of oxide can occur again.
The separation between conditions favorable for solution and deposition
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Figure 1. Stability fields and dissolved manganese activity for four
oxides or hydroxides in the system Mn + H,O + O,

black encrustations of manganese oxide on the upper surface exposed
to the running water. This crust may terminate abruptly when the rock
comes in contact with the bed sediment surface (15, 16).

Thus manganese oxides can be subject to repeated cycles of precipi-
tation and dissolution, and even where they are relatively stable, processes
of accretion are generally important. In this respect manganese oxide
surfaces in aqueous systems are highly active chemically, yet are physi-
cally unstable. Manganese oxide nodules and crusts should not be
thought of simply as stable substrates where conditions favor only
adsorption or ion-exchange reactions like those occurring at surfaces of
the silicate minerals.

Because of uncertainties in the interpretation of measured redox
potentials in oxygenated heterogeneous systems, such measurements were
not made in the systems studied in this work. However, the general
behavior of the components, and the results of the changes in solid
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Table I. Standard Gibbs Free Energy of Formation
of Species Considered
AG®,
Species kJ/mol® Source of Data
Cobalt
Co* (aq) —56.11 Naumov et al. (10)
CoOH*(aq) —237.07 Calc. from Bolzan
et al. (11)
Co(OH),(aq) —423.13 Naumov et al. (10)
Co(OH)3 (aq) —587.9 Naumov et al. (10)
Co*(aq) —78.20 Naumov et al. (10)
Co(OH)4(c) (pink) —455.2 Naumov et al. (10)
Co304(c) —1774.0 Naumov et al. (10)
Lead
Pb? (aq) —24.39 Wagman et al. (12)
PbOH" (aq) —220.3 Lind (13)
Pb(OH),(aq) —402.2 Lind (13)
Pb(OH)3 (aq) —575.55 Lind (13)
Pb(OH)-(c) —452.3 Wagman et al. (12)
Pb304(c) —601.2 Wagman et al. (12)
PbO,(c) —217.36 Wagman et al. (12)
Manganese
Mn?* (aq) —228.0 Wagman et al. (9)
MnOH*(aq) —405.0 Wagman et al. (9)
HMnO, (aq) —505.8 Wagman et al. (9)
Mn (OH)(c) amorph. —615.0 Wagman et al. (9)
Mn;04(c) (hausmannite) —1283.2 Wagman et al. (9)
MnOOH (c) (y) —557.7 Bricker (1)
MnO;(c) (8) —453.1 Bricker (1)
Other Species
H,0 (1) —237.19 Wagman et al. (12)
OH (aq) —157.29 Wagman et al. (12)
0;(aq) 16.3 Wagman et al. (12)
H*(aq) 0.0 Wagman et al. (12)
H,0,(aq) —134.10 Wagman et al. (12)
HO, (aq) —67.4 Wagman et al. (12)

%1 kecal — 4.184 kJ.

species from metastable initial precipitates to thermodynamically stable
forms, can be predicted from Eh—pH relationships based on theoretical
data.

Because Mn3O,4 and BMnOOH are the first products of the air oxi-

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.

dation of Mn?* at pH near 8.5, the effective Eh reached is probably near
the stability boundary between these two phases. This boundary is not



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch003

50 PARTICULATES IN WATER

shown in Figure 1. The free energy of SMnOOH is not given in Table I,
but studies currently being conducted in our laboratory as well as earlier
work by Bricker (1) show it is less negative than that of yMnOOH. The
Mn;0,~8MnOOH boundary thus would lie within the yYMnOOH stability
field in Figure 1, and the short-term solubility of manganese oxide pre-
cipitated at a pH near 8 should be predicted by the intercept of the pH
with this boundary. During aging of the precipitate, the more stable
YMnOOH will form, and the redox equilibrium will shift toward lower
values along the boundary between yMnOOH and Mn3O, shown in
Figure 1.

Solubility controls of manganese in contact with various oxide
species are summarized in Figure 2. From the equation

Mn;04 + 2H* = 2yMnOOH -+ Mn?*
IO T T T T T

10 L L 1 L
40 50 6.0 H 70 80 90
P

Figure 2. Manganese activity in solution as a function of pH for: (1)

equilibrium between MnyO,(c) and yMnOOH(c); (2) disproportionation

of MngO, where Mn;O, ami 8MnO, are present at unit activity; (3) sur-

face-catalyzed direct oxidation of Mn?* to Mn;O, by aqueous O, in aerated

water; (4) condition of equal affinity for Reactions 2 and 3 to proceed
simultaneously
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and data in Table I, the expression
[Mn2*] — 101-56[ {*]2 1)

may be derived. (Quantities in square brackets are thermodynamic
activities of ionic species.) This equation represents the uppermost
solubility line 1 in Figure 2. A precipitate of MnzO4(c) may also change
directly as follows:

Mn304(c) + 4H* = MnO;(c) 4+ 2Mn* + 2H,0
giving the relationship (based on data in Table I)
[Mn2*] = 1087°[H*]2 (2)

This gives a lower solubility line designated as 2 on Figure 2.

In an open natural system, if the manganese oxide particle or coating
is to grow in size or thickness, a renewal of the Mn3O, surface is required
after Reaction 2 has altered the initial precipitate to MnO,. Where a
flux of oxygenated water containing dissolved Mn?* is available at the
surface, these reactants plus the Mn?* produced in Equation 2 can accom-
plish this by the process

3Mn? + ¥20,(aq) + 3Hs0 = Mn304(c) + 6H*
This leads to the expression
[Mn2+] —_ 106.09[H*]2[02]'1/6

which, for a dissolved oxygen activity of 103 mol/L (near saturation
with the atmosphere at ordinary earth-surface temperature ), becomes

[Mn2'] — 108¢7[H']? 3)

This defines Line 3 in Figure 2.

Reaction 3 represents a lower limiting value for manganese solu-
bility. The commonly observed failure to reach this concentration in
the initial precipitation in the laboratory is probably the result of more
favorable kinetics for Process 1, in systems where Process 2 has not
occurred to a significant extent. The release of Mn?* by Process 2 in
natural open systems permits a local increase in dissolved Mn?* activity
near the oxide surfaces, and the surplus H* released by Process 3 can be
absorbed by buffer systems in the inflowing water. Thus the products
of Reaction 2 become reactants in Reaction 3.

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch003

52 PARTICULATES IN WATER

Processes 2 and 3 constitute a feedback cycle which could be sum-
marized

Mn* + %202(aq) + H:0 = MnOz(c) + 2H"

This relationship represents the final product of the manganese oxidation
cycle, and gives the limiting stoichiometry of the participating species.
However, it cannot be treated meaningfully by a simple mass-law equi-
librium approach to predict the kinetically controlled activities of Mn?*
and H* that would be brought about by operation of the cycle.

Nonequilibrium Thermodynamic Model

Some concepts of nonequilibrium thermodynamics may be useful to
develop further the proposed model. For the manganese oxide deposi-
tion process to continue, the oxidation (Equation 3) and disproportiona-
tion steps (Equation 2) must each have a favorable chemical potential,
or positive reaction affinity, A. The reaction affinity is equivalent to the
chemical potential but opposite in sign, and can be defined (17) as

A= —RT (InQ — In Q)

where In Q is the logarithm of the observed activity quotient, In Q, is
the logarithm of the thermodynamic equilibrium constant, R is the gas
constant, and T the temperature in Kelvins. At 25°C and 1 atm

= —5.757 (log Q@ — log Qo) kJ/mol

Reactions 2 and 3 both cannot have zero reaction affinities in the
same chemical system unless oxygen is essentially absent (~ 1071620
mol/L). The oxides probably would not be stable in such a system. If
Reactions 2 and 3 have similar rates and activation energies, as a first
approximation, about equal values of A would need to be maintained to
assure the continued operation of both processes. One could therefore
equate the expressions for A for these two processes to obtain

2 log [Mn*] — 4 log [H*] — 17.58 — 6 log [H*] —
3 log [Mn?'] — 0.5 log [O2] + 18.27
or

[Mn2+]5 —_ 1035.86[H*] 10[02]-0.5

If a dissolved O activity of 10"*-5° mol/L is maintained, a nonequilibrium
steady-state (A, = Az > 0) condition occurs, where

[an‘] — 107.52[H+]2 (4)
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Because the rates of Reactions 2 and 3 depend on pH, in different
ways, one might expect that the above relationship would not be useful
to predict manganese activity exactly over a wide pH range; obviously
it is affected by other simplifying assumptions, especially with respect to
activities of solids. The line defined by Equation 4 is shown in Figure 2
between Lines 2 and 3.

Evidently a reaction affinity favorable for MnO, accumulation can
be maintained in an open system where the fluxes of O;(aq) and Mn?
are near stoichiometric equivalence. The minimum activity of O:(aq)
could be lower than that in equilibrium with the atmosphere, but com-
peting redox processes might interfere at low O;(aq) levels.

Manganese oxide surfaces in aerated water are sites for related
biochemical effects. For example, such surfaces would be favorable for
the growth of certain types of biota because of the available energy.
Manganese-oxidizing species of bacteria similar to iron-oxidizing forms
are known to exist in some such systems (18). At such surfaces there also
could be mechanisms for diverting energy to drive other inorganic redox
processes. An evaluation of the latter possibilities can be made using
thermodynamic data.

Mixed-Valence Oxide Model

A somewhat different approach to devising a model for the calcula-
tion of the steady-state solubility of manganese can be made by consid-
ering the activities of components of the mixed-valence oxides.

In developing Equation 2, the standard thermodynamic assumption
of unit activity was made for both solids involved in the reaction. Where
appreciable quantities of both are available at the solid surfaces in the
system, such a simplification may be adequate. However, a solid en-
riched in either oxidation state of manganese probably will not have
equal activities of both. The following is a simplified approach developed
to deal with this effect.

When solid species surface activities are considered, Equation 2
would be written

[Mn2?*]2«aMnO5(c)

__ 1017.58
[H"]‘aMn304(c) — 1079 = Qo (5)
5
aMn O
2412 __ +14 &Y2183V4
[Mn*']? = [H'] “Mn0, < Qo

where the o terms represent effective activities of the two forms of oxide
surfaces. If a solid—solution model is applied (19) to evaluate the
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activity of the oxide surface in terms of the manganese oxidation state,
the activities can be expressed as mole fractions of manganese at oxida-
tion levels characteristic of the two solids. For any value of the ratio of
the mole fractions, a conditional value for the mass-law constant can be
calculated.

Nyn2.67+

Qd = Qo Nye (6)

The mole fraction ratio may also be expressed in terms of the average
oxidation state of manganese in the solid, if it is assumed the bulk com-
position is similar to that of the surface. ‘

Figure 3 is a graph developed from Equations 5 and 6 showing an
expected dissolved manganese activity between pH 4.5 and 9.0 when the

|O-I 3257 T

T T T
Avg.Mn oxidation
2.68 number

162}

_l
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108 ! | | |
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Figure 3. Manganese activity and pH for oxidation states of manganese
from +2.68 to +3.99 in systems dominated by disproportionation proc-
esses
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manganese content of solid oxide present ranges in oxidation state from
2.68 (mole ratio 100/1) to 3.99 (mole ratio 1/100).

It is of interest to note that the line for Mn3%"* is not far from the
one in Figure 2 that represents equal reaction affinities for the forward
and reverse reactions in the postulated manganese precipitation and
oxidation cycle.

Laboratory Studies of Manganese Oxidation

Open natural systems of the type to which the proposed models
might apply are difficult to simulate and study in the laboratory because
of their slow kinetics and low solute activities. However, some features
of such systems can be evaluated by extrapolating results of carefully
controlled batch experiments in which reactant activities are higher. In
these experiments all accessible parameters should be measured and as
many as possible held constant. Although the results give some quali-
tative indications of comparative reaction rates, they are not adequate
for determining specific rate constants.

A series of 100-mL aliquots of a 0.01M Mn(ClO,), solution was
prepared. While CO,-free air was stirred and bubbled into the solution,
the manganese was oxidized and precipitated (at pH 8.0 or 8.5 at 25°C
with an automated pH-stat) by adding standard 0.1M NaOH. After
base addition had stopped and the reaction was essentially completed
(usually about 2 hr), the containers were removed from the pH-stat and
allowed to stand for a few hours to a few days in the laboratory with
occasional stirring. The beakers were covered to minimize evaporation
losses, but air was not excluded. At this stage the precipitate was fine
grained and had a cinnamon-brown color.

After the brief aging period the solutions in the beakers were ad-
justed to preselected pH values ranging from 4.0 to 6.0. The pH values
were maintained by adding 0.10M HCIO, from an automated microburet
while bubbling CO,-free air for a period of 2 hr or more. During this
acid titration the precipitates became much darker. Those titrated at
the lower pH’s were black, and the ones titrated at higher pH were dark
brown. The solutions were then removed from the pH-stat and allowed
to stand as before, but for several months.

From time to time throughout the experiments the pH was recorded,
and a sample of precipitate and supernate was withdrawn from the
stirred mixture by means of a syringe, and filtered through a 0.10-pm
pore-diameter membrane filter. The filtrate was analyzed for manganese
by atomic absorption. The filter membrane with the precipitate was
transferred to a small beaker and the oxide was dissolved in a measured
excess of standardized oxalic acid and 0.2 mL of concentrated H,SO..
This solution was diluted to 100 mL; the manganese was determined on
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Table II. Properties of Synthesized Manganese Oxides
After Various

[Mn*] Age Determined Mn
Solution pH (mol/L) (Days) Ozxidation No.
K1 7.64 1075-14 1 2.68
K2 7.03 107470 4 2.71
K3 6.98 107474 6 2.70
K4 7.32 10-3.% 6 2.70
K8 7.69 10-5.60 6 2.69
5B 6.90 107470 175 3.00

one aliquot by atomic absorption, and the unreacted oxalate was deter-
mined on another aliquot by titration with permanganate. These data
were used to calculate the oxidation state of the precipitated manganese.
The experimental uncertainty in this procedure is probably about +0.03
of an oxidation unit.

The crystal structure of the precipitates was studied by means of
x-ray diffraction and electron microscopy. All the initial manganese oxide
precipitates displayed patterns characteristic of hausmannite, while some
of the precipitates also contained SMnOOH or yMnOOH. After intensive
acid treatment the precipitates generally were amorphous.

The experiments were designed to provide data on the composition
of both the solution and solid phases and to permit the calculation of
stoichiometric yields of the reaction products in relation to amounts of
reactants consumed. The results, briefly summarized in Tables II-IV
for several typical solutions, support the following conclusions:

1. Fresh precipitates generally approximate the hausmannite
oxidation state Mn2%*, The oxidation number increases
and pH decreases during aging.

2. Reaction with acid is much more rapid and extensive at
the lower pH’s.

Table III.  Solubility and Oxidation State of Manganese Oxide
Followed by

Deter-
Final mined Mn
Holding  Measured Age Ozida-
Solution pH pH [Mn] (Days) tion No.

1C 4,01 5.65 107264 10 3.44
1C 4,01 5.75 107264 46 3.55
1F 454 5.81 107286 46 2.86
1I 5.11 6.14 10°2.96 170 2.86
1L 5.53 6.30 107317 42 2.79
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3. HEM

and Associated Solutions Precipitated at pH 8.5

Redox Coprecipitation of Manganese Oxides

Aging Periods

Calculated Mn Mineral
Ozidation No. Species

2.67 Hausmannite
2.76 Hausmannite
2.83 Hausmannite
2.70 Hausmannite
2.68 Hausmannite
2.93 Manganite

Reaction Affinities, kJ
AI Ag A3
2.40 —15.4 59.4
6.85 —6.51 46.0
7.65 —4.91 43.6
5.25 —9.70 50.8
445 —11.3 53.2
8.33 —3.54 41.5

3. Oxidation states of precipitated manganese can be approxi-
mated (where aging time is sufficient) by means of the
solution pH and dissolved manganese activity, using Equa-
tions 5 and 6.

4. Stoichiometric data show that the total number of moles
of Mn?* liberated is consistently near half of the total H*
added to maintain a constant pH in all solutions.

5. Stoichiometric data also show that the amount of Mn*
produced in the precipitate varies, but is generally greater
than one fourth of the amount of H* consumed, and that
the amount of Mn* per mole of H* is larger when the
solids are reacted at a pH greater than 4.0.

57

Conclusions 4 and 5 are in accord with the postulated recycling
mechanism operating in these test solutions. At pH 4.0 the dispropor-
tionation process is much faster than the Mn3O, regeneration; therefore
the stoichiometry of the whole process is nearly that of the dispropor-
tionation (Reaction 2). At pH 5.5 the rates of Reactions 2 and 3 are
more nearly equal, and the stoichiometry is influenced by the H* pro-
duced when Mn3O, is formed. This H* is recycled and decreases the
amount required to maintain constant pH. Thus, the excess Mn** pro-

Precipitates After Maintaining Indicated pH for 2 Hr,
Aging at 25°C

Calcu-
lated Mn
Ozida-
tion No.

3.53
3.23
2.92
2,78
2.74

Advances in Chemistry; American Chemical Society: Washington, DC, 1980.

Reaction Affinities (kJ) for Disproportionation

At Time 0 2 Hr Aged
Ag As Ag A,g Az A8
67.8 —65.5 390 —223 1.48 34.0
—0.80 374
52.5 —42.5 29.6 —8.10 0.34 35.7
40.3 —24.2 18.9 782 —6.05 45.3
31.8 —11.5 10.7 20.1 —17.31 472
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Table IV. Stoichiometry of Manganese Oxide Disproportionations

Reac-

Reac- tion mmol
tion Time H* Mn#(c) H*/
Solution pH (hr) Used Formed H'/Mn* AMn*(aq)
IC* 4.0 2 769 188 41 1.9
1C?° .769 208 3.7 2.0
1E 4.5 2 .326 .103 3.2 1.9
K6 5.0 6 461 .160 29 2.0
K1 5.5 9 .386 203 19 2.0
K8 6.0 6 191 .058 3.3 2.1
Theoretical 40 2.0
¢ Without aging.

* Aged 46 days.

duced can be explained readily by the postulated cyclic process. The
increasing oxidation state of manganese in the precipitates cannot be
ascribed to simple dissolution or ion-exchange processes.

In Tables II and III the determined oxidation state of manganese is
compared with the value computed by the relationship used in develop-
ing Figure 3. Although there are some differences, the agreement is
reasonably close for most of the solutions. Values of the reaction affinity
A, for Reactions 1, 2, and 3, are given in Table II for the solutions in
contact with relatively fresh Mn;O,, and for a solution aged for a longer
period in which the solid was identified by x-ray diffraction as mostly
yMnOOH. A positive affinity for Reaction 1 (to form yMnOOH) and
for Reaction 3 (the direct precipitation process) existed in each solu-
tion. However, these solutions did not attain a favorable affinity for
Reaction 2 (disproportionation to form MnQy).

Affinities for Reactions 2 and 3 in the acidified solutions are shown
in Table III for three stages: immediately after acidification, at the end
of 2 hr at the pH indicated, and finally, after aging. It is of interest to
note the high values for A, brought about by acidification and their
decrease as the reaction proceeds at low pH. In the two systems held at
the higher pH levels (pH 5.1 and 5.5), the values of A; and A, are both
positive after 2 hr, indicating that recycling of released Mn?* could have
been taking place. Table IV shows that at these pH’s the H'/Mn*" ratio
is lower than would be predicted from disproportionation alone.

Field Observations

Although specific values for dissolved manganese activity in river
water are not given here, the general range of concentration observed is
from about 10 to 100 pg/L (15). Concentrations in unfiltered samples,
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which sometimes are given in data compilations as “total manganese”,
include unknown proportions of particulate forms of manganese oxide,
and have no value for geochemical studies. High concentrations of man-
ganese in solution in river water ( >100 ug/L) may result from organic
complexing, waste discharges, or locally imposed reducing conditions.
The range just cited lies between Lines 2 and 3 in Figure 2 in the near-
neutral pH range common to river water. Free manganese oxide particles
of colloidal size, which may occur in some waters, may pass through the
0.45-um pore-diameter filters commonly used to separate dissolved from
suspended material in such samples. Data presented by Kennedy et al.
(20) indicate this effect is less important for manganese than for iron or
aluminum, and probably is rarely significant.

Certain streams are affected by inflows that are high in manganese.
A paper by Wentz (21) describes certain small streams in the mountain-
ous regions of Colorado that are affected by drainage from abandoned
metal mines and tailings or debris dumps. Many of these inflows are
high in manganese concentration. Deposition of manganese oxide crusts
in streambeds and on exposed rocks occurs in such streams, and the
concentrations of manganese in the stream lie in the predicted range, or
perhaps below it if there is extensive dilution. Further reference to the
chemical data from these streams will be made later.

Coprecipitation Mechanisms

Manganese oxides deposited in natural aqueous systems contain
many other metal ions as impurities. Indeed, some of these oxide deposits
contain more iron than manganese. The accompanying metal ions may
be retained at the oxide surface by sorption processes, and the surface
of manganese oxide can exhibit a considerable capacity for cation ex-
change (22). However, these surfaces are chemically dynamic in that
they are being renewed, added to, and changed in oxidation state through
the processes discussed here. Such processes seem to be obligatory in a
natural system capable of producing and sustaining manganese oxide
encrustations. Therefore, the mechanisms by which many of the other
metals become incorporated into the manganese oxides are more properly
considered as coprecipitation, where the manganese oxide crust is increas-
ing in thickness, or as coupled oxidation, where the manganese precipi-
tate is undergoing redox changes.

Transition metals and other metal ions that have several oxidation
states that could be stable in water may participate in at least two dif-
ferent ways in the initial precipitation of Mn3Oj in aerated water. Metals
that form hydroxides of low solubility (for example, Pb(OH).) can
provide a substrate or nucleation site for the MnzO, and thus be incorpo-
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rated into the final manganese oxide as an impurity. Metals in the transi-
tion series whose ionic radii are similar to those of Mn?* or Mn® may
substitute for manganese in the hausmannite crystal structure. This may
give a solid solution of widely varying composition, or for certain metals,
a well-defined manganite compound analogous to the ferrites.

The various components of the mixed precipitates that result from
these interactions may subsequently or concurrently participate in the
redox alterations. Often these effects raise the oxidation state of the
manganese in the precipitate above what would be expected in a pure
manganese oxide precipitated in the absence of other metal ions. Chemi-
cal thermodynamic calculations can be used to predict or explain these
processes. Some effects of lead and cobalt on manganese behavior have
been evaluated theoretically and experimentally.

Manganese and Lead

Divalent lead has a very low solubility in the pH range where man-
ganese oxide precipitates might form. Lead hydroxide or basic carbonate
can form rapidly when the pH of a solution of Pb*" is increased.

Pb% + 2H,0 = Pb(OH),(c) 4 2H*
[Pb%*] = 10%-15[H*]? (7)

(The basic carbonate has a similar solubility in aerated water not en-
riched with CO; species, and probably would be expected to be formed
in natural systems rather than the hydroxide.)

Submicron particles of lead hydroxide can act as substrates or nuclei
for manganese precipitation. However, the two solids are capable of
interacting through electron tranfers:

Pb(OH) ; + 2Mn30, + 10H* — MnO,(c) 4 PbO2(c) + 5Mn?* -+ 6H,0
[Mn2'] — 10754[H*]2 (8)

(assuming unit activity for all solids).
A back reaction to reconstitute the Mn;O, could be

PbO; - 3Mn?" -+ 2H,0 — Mn;04 + Pb?* + 4H*
[Mn2+]3 —_ 1011.95[Pb2*] [H+]4 (9)

which also returns the lead to the dissolved form. The maintenance of
the pH at 8.0 by base addition and the supply of O:(aq) also will con-
tinue to promote the direct precipitation of Mn3O4.

Reactions 7-9 form a thermodynamic cycle somewhat like Reactions
2 and 3 for the pure manganese system, and can be viewed in a similar
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way. As long as any of the lead remains in the Pb(OH), form, one may
postulate that [Pb%‘] would be controlled by Reaction 7, and the reaction
affinity for this process, A7, would be zero. At pH 7.00, then, the value
of Ag will be greater than zero when [Mn?‘] < 1046 and Ay will be
greater than zero when [Mn2?*] > 1073, Therefore, there is a range of
conditions within which Reactions 8 and 9 will catalyze manganese
oxidation. At relatively high pH’s, where the direct disproportionation
(Reaction 3) is slow, this mechanism may be important. The reaction
affinity for direct oxidation of Mn?* to Mn;O4 (A;) also will be positive
under these conditions.

When Pb(OH), solid is not present, control over Pb?* activity may
be exerted by redox mechanisms. For example, if the system contains
Mn;0, undergoing disproportionation, there could be a diversion of elec-
tron transfers from the manganese ions to the lead ions, which may be
represented by the equation

2Mn;04(c) + Pb* 4 8H* = MnO;(c) + PbO:(c) + 5Mn? 4 4H,0
From data in Table I this gives
[Pb*] — [Mn? P[H'T® X 1025 (10)

Equation 10 may be applicable to systems where Reactions 2 and 3
both have positive reaction affinities. At a pH of 6.0 in such a system,
the permissible range of manganese activity, for example, is from 107533
to 10321, In this system there will be a positive reaction affinity for pre-
cipitation of lead, and the affinity will be greatest in the lower part of
the manganese activity range. Very low lead concentrations are attain-
able under optimum conditions.

Figure 4 is a graph developed from Equation 10 showing the mini-
mum lead concentrations that could be reached (A;p—0) for various
levels of pH and dissolved Mn?* activity. The lines terminate on the left
at the minimum manganese activity for Reaction 3 and are dashed on
the right in the region where Pb(OH );(c) is stable. It should be empha-
sized that the solubilities indicated are minima which will not be reached
in all systems.

Reaction 10 produces Mn?* and could substitute for Reaction 2 in
a closed cycle where reaction affinities A; and A;, are both positive.
Because some of the electron transfers that would have gone toward
completing the manganese oxide disproportionation are diverted in Reac-
tion 10, lead can probably be expected to slow the manganese dispropor-
tionation process.
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Figure 4. Activity of lead in solutions from which manganese oxides are
being precipitated

Laboratory Tests of the Lead—Manganese Coprecipitation Model

The effect of lead on manganese oxidation and precipitation was
explored by preparing a series of solutions like those described for the
study of the oxidation mechanisms of manganese alone, the only differ-
ence being that lead perchlorate was added to the manganese perchlorate
solution in the beginning to give molar ratios of lead to manganese
ranging from 1:1 to 1:1000. Subsequent treatment of the solutions was

Table V. Properties of Coprecipitated Manganese

[Mn*]

Solution mPb/m(Mn + Pb) pH (mol/L)
1C 0.001 7.30 107517
1B 0.011 7.40 1075-28
1A 0.10 6.90 107499
1P 0.15 7.00 107481
1IN 0.25 7.43 1075-68
1M 0.50 7.28 1075-36

¢ Precipitation at pH 8.0.
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identical to that described previously. The samples of solution and pre-
cipitate that were withdrawn were analyzed for both metals. Results
are given in Tables V-VII.

Previous workers have not agreed on the oxidation state of lead
present in manganese oxide precipitates. Cronan (23) stated that lead
in manganese nodules is in the Pb* state. However, Van der Weijden
and Kruissink (24) have concluded from laboratory work and theoretical
studies that the Pb?* form is more likely.

The experiments described here provide some indirect evidence that
the lead in the precipitates was at least partly in the Pb* state. The
lead-bearing precipitates were amorphous to x-rays. However, there
was a substantial increase in the overall oxidation state of lead-bearing
precipitates compared to those that did not contain lead. This is in
accord with the proposed chemical model that postulates Pb*.

During the titration with base, the mixed oxide precipitate that was
formed was black, and as the data in Table V show, the manganese had
an oxidation state above 3.00 in some of the precipitates. The oxidation
state determinations in Tables V and VI were made by assuming that
all the precipitated lead was present as Pb*. The calculated oxidation
state, based on Equations 5 and 6, agrees well enough with the deter-
mined values where the mole percent of lead did not exceed 25; this
lends support to the assumption that the lead in these precipitates was
in the 44 oxidation state. However, in the precipitates where the mole
percent of lead was higher, the assumption that only Pb* was present
gave manganese oxidation states that did not agree with calculated values.

Lead activity after precipitation (Table V) was generally less than
would be predicted for the solubility of Pb(OH), at the reported pH.

Acid treatment of the precipitates increased the oxidation state of
the manganese. A check between the determined and calculated oxida-
tion numbers was obtained for three of the solutions after aging.

Data in Table VII show that Solutions 1B and 1A (1.1 and 10 mol %
lead, respectively) yielded more Mn* per mole of H* used during dis-

and Lead Oxides and Associated Solutions®

Manganese Oxidation State

[Pb*]
(mol/L) Age Determined Calculated
<1083 4 hr 2.74 2,74
<1065 16 hr 2,75 2.71
<1065 16 hr 3.35 3.30
<1065 2 days 3.16 2.85
<1065 4 hr 2.95 3.12
<1065 16 hr — 3.21
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Table VI. Solubility and Oxidation State of Manganese

Solution Holding pH Final pH [Mn#]
1C 4.01 5.65 107264
1B 4.05 5.81 10727
1A 4.02 5.71 1073.0¢
1P 3.00 3.12 10-3.08
1IN 4.00 4.05 107327

3.50 3.62 1073.28
3.00 3.22 107316
1M 4.00 4,75 107368

proportionation at pH 4.0 than Solution 1C. The latter contained 0.1
mol % lead, an amount too small to have a significant influence on the
manganese behavior. These results indicate that recycling mechanisms
involving H* and Pb can affect the manganese disproportionation even
at pH 4.

Laboratory Tests of Cobalt—Manganese Coprecipitation Models

Cobalt can occur in divalent or trivalent forms in oxide and hydroxide
structures, and the ionic radii of cobalt species are similar to those of
corresponding manganese species. Divalent cobalt hydroxide is much
more soluble than divalent lead hydroxide. From data in Table I

[Co?] — 101819[H']2 (11)
Probably this material is too soluble to play a role in manganese oxide
nucleation.
A cobalt analog of hausmannite could be formed by the reaction
3Co* + 1/202(3(1) + 3H2O = 00304(0) + 6H"*
From data in Table I

[Co?'] = 10> [H']?[O,] /¢ (12)

Table VII. Stoichiometry of Disproportionation

Mn* at Reaction Aging
Start Holding Time Time
Solution (mmol) pH (Hr) (Days)
1C 0.047 4.0 2 10
1B 0.044 4.0 2 49
1A 0.404 4.0 2 49
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and Lead Oxide Precipitates after Acid Treatment

Determined Calculated
[Pb*] Age Oxtidation No. Oxtidation No.
<1065 10 days 3.44 3.53
<1085 49 days 3.36 3.27
<1085 49 days 3.69 3.83
e Ea o S
107562 1 day _ _
107342 30 days — —
107286 107 days — —

Where both cobalt and manganese are present in solution, the copre-
cipitation of hausmannite and Co;O, might be expected. Sinha et al.
(25) found that random substitution of cobalt for Mn?* or Mn*" could
occur in such material; occurrence of Co® in manganese oxide crystal-
lattice positions was noted by Burns (4). Apparently there are no ther-
modynamic data for mixed cobalt + manganese oxides, but the behavior
of the ions can probably be represented over a considerable range of
solid composition by a solid-solution model based on the equilibrium
between the pure end members. Thus

Co304(c) + 3Mn?* — Mn3O4(c) 4 3Co?*

and where equal activities of solids are assumed,
[Co*]? = 107115[Mn?']® (13)

Where activities of solid species are unequal, a conditional equi-
librium constant could be applied, as noted in the derivation of Equa-
tions 5 and 6. Aqueous trivalent cobalt is not thermodynamically stable
in the pH range of interest here.

In oxygenated water at a pH high enough to permit precipitation
of hausmannite, the interaction of cobalt with manganese at the mixed
oxide surface may be represented by the sum of Equations 2, 3, and 12:

Mn? + Oz(aq) + 3Co?* + 4H,0 = MnO;(c) 4 Co304(c) 4 8H"

of Manganese in the Presence of Lead

H Mn#*
Used Formed Total
(mmol) (mmol) H'/Mn* Mn#
0.769 0.188 41 0.235
0.520 0.198 2.6 0.242
0.291 0.095 3.1 0.499
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From data in Table I,

[H']® = 10778 [ Mn*'][O,][Co?]® (14)

Where manganese is present in concentrations greater than that of cobalt
the simultaneous production of hausmannite would be expected, giving
a precipitate containing manganese that is not fully oxidized to the 4
state.

Divalent cobalt ions could also interact with a hausmannite surface
by diverting some of the electron transfers that occur in the dispropor-
tionation of the manganese. This process would be favored at lower pH
and can be represented as

2Mn304 (C) + 3Co? + 4H' = Mn02(0) + 00304 (C) + 5Mn? + 2H.0

For this reaction, data in Table I lead to
[Mn2+]5 — 1018.73[Co2+]3[H+]4 (15)

From the thermodynamic data it also may be shown that a precipi-
tate containing both Mn;O, and Co;0, would be unstable at low pH.
From

Mn;04(c) + Co304(c) + 8H* — 2MnO;(c) + 3Co?" 4 Mn?*

and data in Table I

[Mn2*][Co?*]® — 10%°1[H"]® (16)

This combination of solids can be produced in the laboratory but
is less likely to occur in natural systems where the most stable combina-
tion would be the fully oxidized MnO, and Co30,.

Both Reaction 14 and Reaction 15 are simplified statements of com-
plicated systems where several reaction paths are likely to be available.
However, they have some value as predictors of limiting conditions and
possible ranges of concentrations to be expected. Generally, when man-
ganese is present in excess, limits will be imposed on the cobalt behavior
that are related to the manganese precipitation—disproportionation cycle
described by Equations 2 and 3. As noted earlier, these equations pre-
dict the range of manganese activities expected at any pH.

Figure 5 is based on Equation 15 and shows the range of activity
of cobalt that is compatible with the indicated range of activity of man-
ganese from pH 5.5 to 9.0.
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Figure 5. Activity of cobalt in solutions from which manganese oxides
are being precipitated

Results of Manganese and Cobalt Coprecipitation Experiments

To test the applicability of the theoretical chemical relationships
involving the two metals, a series of solutions containing manganese and
cobalt perchlorate (total metal ion concentration near 102M) was pre-
pared, with Mn:Co molar ratios from about 3:1 to about 50:1. These
were precipitated and oxidized at pH 8.5 and later held at lower pH’s,
just as in the experiments described earlier. Some experiments also were
made in which the cobalt was added after the manganese oxide had
been precipitated. Experimental data from these solutions are given in
Tables VIII-XI.

If Equation 14 applies, the average oxidation state of manganese
should be increased with increasing concentrations of cobalt during the
initial precipitation. Data in Table VIII show this effect. The oxidation
state of manganese computed from the pH and dissolved manganese
activity reached approximate agreement with the chemical analysis
value, after rather long aging. The activity of dissolved cobalt in all the
solutions is much greater than that predicted by Equation 14, but the
cobalt activities predicted by Equation 16 are in approximate agreement
with the measured values for the first four solutions in the table. Evi-
dently this equation is not applicable for the other solutions.
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Table VIII. Properties of Coprecipitated Manganese

Determined
mCo/ [Mn?] [Co?]
Solution  m(Mn 4 Co) pH (mol/L) (mol/L)

3L 0.02 7.69 1075.95 <1063
3K 0.05 6.91 107462 107559
3D 0.10 7.21 107518 107599
3E 0.20 6.75 107442 107491
3F 0.50 7.19 107547 107411
3G 0.70 6.95 107541 107391
3H 0.85 6.70 107487 107322

¢ Precipitation at pH 8.5.

Table IX. Stoichiometry of Disproportionation

mCo/ Mn# at Start Holding Time

Solution m(Mn + Co) (mmol) pH (Hr)

3C 0.02 0 4.03 7.5

3B 0.098 0.104 4.03 3.0

3A 0.25 0.207 4.02 5.6
4B 0 0 4.05 12

Table X. Solubility and Oxidation State of Manganese

[Mn*]

Solution Holding pH Final pH (mol/L)
3C 4.03 5.68 107261
3B 4.03 5.30 1027
3A 4.02 4.60 107286
4B 4.05 5.20 1026

Table XI. Comparison of Observed and Calculated

Solution Age (Days) pH
3C 76 5.68
3B 79 5.30
3A 80 4.60
4B 74 5.20
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and Cobalt Oxides and Associated Solutions®
[Co*] Age Manganese Ozridation State
Calculated® (Days) Determined Calculated
10°7-19 38 2.88 2.74
1075.55 41 3.06 2.84
107616 74 291 2.82
10-5-19 75 3.13 2,95
10-6.01 69 3.48 3.16
10-5-39 68 3.47 3.73
107491 66 3.74 3.69
* Equation 16.
of Manganese in the Presence of Cobalt
H* Used Mn* Formed )
(mmol) (mmol) H*/Mn* Mn* Final
0.808 0.234 3.5 0.234
0.636 0.201 3.2 0.305
0.624 0.177 3.5 0.384
0.921 0.240 3.8 0.240
and Cobalt Oxide Precipitates After Acid Treatment
[Co*] Age Manganese Oxtdation State
(mol/L) (Days) Determined Calculated
10467 76 3.58 3.47
10378 79 3.59 3.98
10313 80 3.81 4.00
107343 74 3.54 3.99
Cobalt Activities in Experimental Solutions
Determined [Co*] Calculated (mol/L)
[Mn*] (mol/L) [Co?] (mol/L) Equation 13 Equation 15
10°2-61 107467 107299 10-8.02
10274 10-378 10-3.12 107274
107268 10-3.18 10-3.24 107488
10261 10343 10299 10-3-66
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Upon acidification to pH 4.0, a relatively rapid disproportionation
reaction took place. The reaction times shown in Table IX represent the
period during which the pH was held at the indicated level. Manganese
in Solution 4B was oxidized and precipitated, and the pH lowered to 4.0,
before the cobalt was added. The amounts of Mn** that were produced
during disproportionation and the subsequent aging period (as indicated
in Table X) are given in the seventh column of Table IX. These quanti-
ties represent different reaction times and can only be interpreted as a
general indication that disproportionation occurs in all samples, even in
Sample 3A where the precipitate initially contained 25 mol % of cobalt.

The ratio H*/Mn* in all samples was less than 4.0, indicating that a
cyclic mechanism involving regeneration of MnzO, and H* probably was
occurring,.

After disproportionation, the solutions gradually increased in pH
during aging. This was accompanied by relatively small changes in
manganese and cobalt activities. For Solution 3C, the calculated oxida-
tion number for the precipitated manganese agrees rather closely with
the measured value (Table X). Agreement for the others, having larger
contents of cobalt, is poorer.

Table XI contains calculated and observed cobalt activities after
acid treatment. In the solution that had the highest original cobalt/man-
ganese ratio, the value observed is very near that predicted by the
Co0304~Mn;0, equilibrium (Equation 13). For Solution 3B the observed
activity is very near that calculated from Equation 15. This is also
approximately true for Solution 4B. During the titration of solutions like
4B, where the initial manganese precipitate did not contain cobalt, and
during the aging of all the acidified solutions, the activity of dissolved
cobalt tended to decrease while manganese increased, as Equation 15
predicts. These observations suggest that the coupled redox mechanism
occurred in all the acidified solutions. However, the stoichiometric com-
position of some of the experimental solutions precluded attaining the
limiting concentration of cobalt, where the reaction affinity is zero. For
example, the total amount of cobalt present in Solution 3C was not great
enough to attain the concentrations predicted by either Equation 13 or
Equation 15.

Systems in which the behavior of cobalt would be expected to follow
Equation 15 most closely would be difficult to reproduce in the labora-
tory, in a form that permitted good control of conditions and sampling
access. However, some field evidence has been obtained that indicates
that Equation 15 is useful as a predictor of cobalt activity where manga-
nese oxides are known to be forming in the system, and where reliable
measurements of dissolved manganese and pH are available. Analyses
for ten small mountain streams in Colorado that were affected by drain-
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age from metal mines gave calculated values for Co?* that agreed well
(for the most part) with determined values (26). A similar agreement
was observed for three samples of ground-water seepage collected from
a gravel deposit in southern Finland, where manganese oxide was being
formed at the top of the zone of saturation (27).

Summary and Conclusions

The precipitation of manganese oxides from aerated aqueous systems
may be viewed as a two-step process involving oxidation of Mn?* to the
Mn* state, and disproportionation of Mn®* to form Mn*. Thermodynamic
data show that the reaction affinities for both processes will be positive
when the fluxes of dissolved oxygen and Mn* toward the reaction site
are at levels commonly attained in river water and some other natural
systems.

Mechanisms for coprecipitation of lead and cobalt with manganese
oxide can be derived based on thermodynamic calculations. They can
explain the increased oxidation state of manganese reached in the mixed
oxide precipitates, and they provide a potential control of the solubility
of the accessory metals. The effectiveness of the control has been evalu-
ated in a preliminary way by laboratory experiments described here,
and by some field observations. Cobalt activity seems to be controlled
by manganese coprecipitation in many natural systems. Although more
testing by both laboratory experiments and field studies is needed, the
proposed mechanisms appear to be applicable to many coupled oxida-
tion—reduction processes.
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Experimental adsorption isotherms of Ni'? on a-quartz and
a-FeOOH (goethite) are described adequately by the sol-
vent-ion model of adsorption. The addition of complexing
ligands (in this study, sulfate, citrate, nitrilotriacetate, gly-
cine, and cyanide) to the nickel-oxide systems alters adsorp-
tion behavior. For sulfate, citrate, and nitrilotriacetate, a
competition model for free Ni'? between surface and ligand
can account for the observed data. Strong evidence is pre-
sented for specific adsorption of glycine— and cyanide-nickel
complexes onto goethite. All adsorption reactions are dis-
cussed through analysis of theoretical nickel speciation in
combination with experimental data, the nature of the
oxides, and the structure of the nickel-ligand complexes.

Reactions of metal ions in aqueous media have been shown to be

strongly influenced by surface sorption reactions. The adequate
description of metal ion behavior in systems where particulates have been
included is an important step in the application of laboratory data to
natural systems of wide environmental interest. In this study, data on
the adsorption of aqueous nickel, Ni*?, onto oxides of silica and iron is
presented. Of special interest are the effects which various ligands have
on the adsorption reactions. Data are analyzed through the use of the
chemical equilibrium computer model REDEQL2 making use of the
solvent-ion model of adsorption.
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Models of Adsorption

There are many models that describe the interaction between solute
ions and surfaces. These have been reviewed by several authors (1, 2, 3)
and include general ion exchange (4,5,6), surface complex formation
(7,8) (the “Swiss” model), and various electrostatic models (Gouy-
Chapman-Stern (9), Grahame (10,11), and James and Healy (12)).
For hydrolyzable species sorbing onto hydrous oxide surfaces, the surface
complex formation model and the solvent—ion interaction model of James
and Healy have been shown to be in good agreement with observations.
In this chapter, data are analyzed via the James and Healy model.

In this model, a distinction is drawn between electrostatic forces
that arise from coulombic considerations, and those that arise from the
energy required to replace (or electrically saturate) the secondary
hydration sphere around the ion with the hydration layer attached to the
sorbing surface. Since most hydrophobic sols have dielectrics consider-
ably less than bulk solution, the latter energy term, known as solvation
energy, is positive and opposes the adsorption reaction. In addition, the
model recognizes the existence of specific interaction forces between ion
and surface resulting from dipole or covalent bonding. Accordingly, the
total energy of adsorption of a species i is given by:

AG®aps,i = AG°couL,i + AG°soLv,i + AG°crEm, i (1)

A mathematical summary of the model is given in the Appendix. The
use of the Nernst equation (VIII) is valid for small pH variations around
the zero point of charge (ZPC). From Equation XI it can be seen that
the magnitude of the solvation energy is proportional to the square of
the charge, thereby decreasing fourfold upon hydrolysis of the metal ion.
This agrees well with the often-observed phenomenon of increased ad-
sorption of many metal-surface combinations at the pH corresponding to
the pK of hydrolysis of the metal ion. Therefore, it is implicit that hy-
drolysis occurs in conjunction with adsorption.

Although it has a chemical meaning in the James and Healy model,
the specific chemical free energy term is in practice an experimental
fitting parameter. It can be determined by measuring the extent of
adsorption at the ZPC of the oxide surface; however, this method assumes
that the magnitude does not change with solution pH. More commonly,
theoretical adsorption isotherms of the amount of metal adsorbed vs. pH
are fitted to actual data by adjusting the AG°caey term.

Aqueous Chemistry of Nickel

The element nickel is a Group VIII metal which is part of the first
transition series. Elemental nickel has the outer sphere electron configu-
ration 3d® 4s? and readily yields the 4s electrons to give the divalent ion
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Ni'?, which is the only oxidation state of importance in natural systems.
Like the other elements in the first transition series (V, Cr, Mn, Fe, Co),
Ni*? is octahedrally coordinated in aqueous systems as Ni(H:0)¢'2 (13).
This free aquo ion dominates the aqueous chemistry of nickel at neutral
pH values; however, complexes of naturally occurring ligands are formed
to a small degree (OH~ > SO, 2 ~ CI" > NHj;).

Among the mononuclear hydrolytic species of nickel, only the
stability of NiOH* is well documented. Baes and Mesmer (14) have
compiled the following values for the hydrolysis reactions:

log Ba
Ni2 4+ H,0 = NiOH" + H* —9.86 (2)
Ni*2 4 2H,0 = Ni(OH)° 4 2H"* —19 (3)
Ni*?2 4 3H,0 = Ni(OH) ;" + 3H* —30 = 0.5 (4)
Ni2 + 4H,0 = Ni(OH) 2 + 4H* <—44 (5)

The literature indicates that the solubility of Ni(OH):() depends
on the degree of aging of the precipitate. The solubility product is
reported to range from 10747 for a fresh precipitate to 102 for an aged
one (15,16). The equilibrium relationship of the free nickel ion and
hydroxide precipitate can be used in combination with Equations 2-5
to construct the log solubility vs. pH diagrams for Ni(II) as given in
Figure 1.

0
2 L
4
5
a
6 ~ Ni(OH)y ()
Kso= |O-I4.7
8 - Ni (OH)2(s) ]
Kso= |O'|7.2
10 l | | L l 1 |
5 6 7 8 9 10 1] 12 13 14

Figure 1. Comparison of solubilities of nickel carbonate (pX,, = 6.87)
and nickel hydroxide for active (pK,,—14.7) and aged (pK,,=17.2)
precipitates (Pgo, = 1073-° atm)
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Carbonate precipitates are important for some metal ions; however,
the solubility of nickel carbonate (log K, — —6.87%) is sufficiently
large so that it is of little consequence in natural waters. The dashed
line in Figure 1 represents nickel carbonate precipitation for a system
in equilibrium with 1035 atm of CO,. Under reducing conditions the
solubility of nickel would be expected to be controlled by the sulfide,
NiS (log Ky — —22.9%5).

As indicated, Ni*? forms generally weak complexes with common
inorganic ligands. However, complexes of sizeable stability are formed
with many organic ligands and a considerable portion of this study has
been devoted to their effects on nickel-sorption reactions. Those ligands
specifically studied were sulfate (SO472), citrate, nitrilotriacetate (NTA),
glycine, and cyanide. Appropriate data are summarized in Table I. These
data were obtained from Baes and Mesmer (14), Sillen and Martell (15,
16), and Smith and Martell (17).

Experimental Procedures

The oxides used in this study were @-SiO, (e-quartz), obtained commer-
cially, and «-FeOOH (goethite), which was prepared in a manner similar to
that of Forbes et al. (18). The silica was washed initially in 0.1N nitric acid.
Both oxides were washed with double distilled water, dried at 100°C for 24 hr,
powdered with a mortar and pestle, and passed through a 200 mesh (75 um)
sieve. Powdered x-ray diffraction verified the existence of a-quartz and goethite.
BET-N, adsorption indicated specific surface areas of 1.7 m?/g for silica and
85 m?/g for goethite. Corresponding ZPC values, determined by electrophoresis
and turbidity measurements, were 1.7 and 5.5. Dielectrics were taken to be
4.3 for silica and 14.2 for goethite (19).

Adsorption studies were carried out in 150-mL borosilicate glass reaction
vessels at room temperatures (22°-25°C). The oxide was weighed to give the
desired surface area per liter and then placed into the vessel. A 0.11M sodium
perchlorate stock solution was added in the proper dilution to give the desired
ionic strength. To this was added the appropriate amount of the nickel-ligand
mixture. The pH was adjusted with strong acid or base to an initial valuc and
then the vessel was sealed. After shaking for 3 hr, the bottle was removed and
the final pH was measured. The contents were filtered through a 0.45-um
membrane filter, and the filtrate was acidified and stored at 4°C prior to analy-
sis. Samples were analyzed for total nickel by flameless atomic absorption.

Data are reported as percent nickel removed vs. pH isotherms. The James
and Healy adsorption model as contained in the equilibrium computer model
REDEQL2 was used to facilitate data analysis (20). In this way, an assessment
of the combined effects of adsorption, complexation, and precipitation could
be attempted.

Results

Evaluation of Hydrolysis Data. The application of thermodynamic
models such as REDEQLZ to the type of work reported on in this chapter
requires a careful assessment of the data base used. Of critical importance
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in this study are the stability constants given in Table I, especially those
defining hydrolysis reactions of nickel. To successfully use REDEQL2
to model laboratory reactions, it was necessary to evaluate the stability
constants for NiOH* and Ni(OH);°, and the solubility product of
Ni(OH);() for the existing conditions. Accordingly, pH values of
10+""M solutions of Ni*? (at various ionic strengths (I)) were adjusted
over a wide range, allowed to react for the 3-hr period, and analyzed for
filterable nickel. Figure 2 shows nickel removal vs. pH for three ionic
strengths tested. The curves shown are the best fit of the data and were
generated using log 8; = —9.9 and log Ki, = —15.2 (I = 0). Since
residual nickel at the higher pH values was consistently below the
detection limit (2.5 ug/L), B2, B3, and B4 were assumed to be insignificant
at the nickel concentrations used throughout the experimentation and
multiple hydroxyl ligand complexes of nickel were ignored. Figure 3
shows the theoretical distribution of nickel(II) species in water with
Nir = 1047M, I = 0.01.

Nickel Adsorption onto Silica and Goethite. Figure 4 contains
adsorption isotherms for nickel onto «-SiO; and «-FeOOH as compared
with precipitation which occurs in the absence of oxide surfaces. The
lines in Figure 4, as with all figures in this chapter showing sorptive
behavior, are predicted using the James and Healy model in conjunction

Table I. Acidity and Nickel Stability Constants
for Complexing Ligands®

Ligand Equilibrium Log K
OH- K; =NiL/Ni - L 41
K.,=Ni- L2 —152
80472 HL/H - L 2.2
NiL/Ni - L 2.3
CN- HL/H - L 9.3
NiL,/ Ni - L* 31.8
GLY™! HL/H - L 9.9
H,L/H - HL 2.3
NiL/Ni- L 6.3
NiL,/Ni - L? 114
CITH* HL/H - L 16.8
H,L/H - HL 6.4
H;L/H - H.L 45
H,L/H - H;L 3.0
NiHL/Ni - HL 6.0
NiH,L/Ni - H,L 3.8
NTA™ HL/H - L 10.5
H.L/H - HL 32
H;L/H - H,L 2.2
NiL/Ni - L 13.1

*T = 25°C, I =0.
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Figure 2. Nickel removal as a function of pH for varying ionic strengths
(lines are predicted by REDEQL?2 using pK,,=15.2, pNip=4.77; (O)
1=103;(O)1=107% (A) 1= 10‘1)
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Figure 3. Theoretical distribution of nickel as a function of pH ({Ni}p =
10477M, 1= 0.01)
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Figure 4. Nickel removal as a tunction of pH in the presence of oxide
surfaces ({Ni}y = 10477M, 1 = 0.01, {FeOOH} = 0.59 g/L (50 m?/L),
{Si0,} = 29.4 g/L (50 m2/L); (O) Fe; () Si; (0) no solid)

with the equilibrium subroutines in REDEQLZ2. The isotherms generated
by the model are for AGcygy values of —6.55 kcal/mol and —5.35 kcal/
mol for silica and goethite, respectively. It is apparent from Figure 4
that goethite adsorbs greater amounts of nickel at lower pH values than
silica in spite of its higher ZPC. This is explained in the James and
Healy model by the greater solvation-energy term for sorption onto
silica attributable to its low dielectric. By comparison with Figure 3,
it can be seen that most adsorption occurs in the pH range where Ni
is the dominant dissolved form for goethite and where NiOH' is the
dominant dissolved species for sorption onto silica. In the latter case, the
reduced charge brings about a reduction in the oppositional solvation-
energy term, shifting the overall free energy of adsorption to more
negative values.

Effects of Complexing Ligands on Adsorption. There are basically
two effects that a complexing ligand can have on the adsorption reactions
being studied. If the resulting complex is not specifically adsorbed (that
is, AGoaem = 0), then the effect of the ligand is to retard overall
adsorption. However, in some instances the ligand has been shown to
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enhance the adsorption reaction either by directly attaching the complex
to the oxide surface or by altering the surface properties and sorption
sites such that adsorption is favored more (21). The version of
REDEQL2 that was used is based on the former conceptual model, that
is, ligands compete with the surface for the metal ion. Substantial
disagreement between the model and experimental data suggests that
specific adsorption of the complex is occurring. Examples of both retarda-
tion and enhancement of nickel adsorption will be given.

SuLFATE. Large amounts of sulfate ion are required to bring about
significant complexation of Ni2. For Nir — 1047M, 10'M sulfate
complexes approximately 50% of the nickel present as the uncharged ion
pair, Niso,‘;(a,,). The resulting adsorption edges for goethite and silica
are shown in Figure 5. Comparison with Figure 4 shows a slight shift
of the curves to the right as would be expected. A portion of this is
attributable to the higher ionic strength of the sulfate medium (~0.1M).
The data can be explained adequately by the competition model used in
REDEQL2. AGcrgy for the complex is taken to be zero.
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Figure 5. Nickel removal as a function o§ pH in the presence of sulfate

and oxide surfaces ({Ni}y = 10"+7"M, {SO,};, = 10'M, I = 0.3, {FeOOH}

= 0.59 g/L (50 m?/L), {SiO,} = 29.41 g/L (50 m?/L); (O) Fe; (A) Si;
(+) no solid)
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CrrraTte.  Citrate can be considered to have the generalized formula
H;L, since a fourth proton, associated with the hydroxyl group, does not
ionize in the pH range of water. With Ni*2 it forms a stable tridentate
chelate (Ni-CIT!) which, at low pH, may be protonated. Figures 6 and
7 show the effects of adding this ligand on adsorption onto silica and
goethite, respectively. For both systems, increasing the amount of citrate
shifts the curves to the right. For silica, once the pH becomes high
enough to produce NiOH", removal takes place. According to the model,
at higher pH values precipitation of Ni(OH ). plays a greater role in
the removal as the ligand concentration increases. However, parallel
experimental systems containing only the nickel—citrate chelate and no
silica showed little precipitation. This anomaly suggests either that the
oxide surface is acting as a nucleation site for Ni(OH );(s) formation, or
that specific adsorption of the complex is occurring.

For the nickel—citrate-goethite system (Figure 7), the oxide becomes
more competitive with increasing pH because of the greater coulombic
attraction predicted by the Nernst equation. Unlike silica, Ni*? is the
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Figure 6. Nickel removal as a function of pH in the presence of silicon
dioxide and citrate ({Ni}p = 1047’M, 1 = 0.01, {SiO,} = 29.41 g/L
(50 m?/L); (O) CIT =107%; (O) CIT =104 (A) CIT =1073)
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Figure 7. Nickel removal as a function of pH in the presence of iron
oxide and citrate ({Ni}p = 1047M, 1 = 0.01, {FeOOH} = 0.59 g/L
(50 m¢/L); (1) CIT = 10°5; () CIT = 104%; (A) CIT = 10°3)

main species in solution. At the highest citrate concentration studied
(10M), the data show slightly greater nickel removal than predicted
by the model. As with silica, it appears possible that there is a small
amount of adsorption of the nickel—citrate complex onto the oxide surface.
In general, however, the competition model used is sufficient to account
for pertinent data trends.

NITRILOTRIACETATE. Nitrilotriacetic acid (NTA) is a triprotic weak
acid which is a well known sequestering agent. It forms a quadradentate
chelate with Ni*? of the form Ni-NTA™ which is very stable (log K =
18.1). If sufficient NTA is added to solution, virtually complete ( ~100%)
chelation of Ni*2 takes place in the neutral and alkaline pH range. Results
of the nicke]l-NTA-oxide systems are shown in Figures 8 and 9 for silica
and goethite, respectively.

For silica, it can be seen that the effect of NTA on the adsorption of
nickel is qualitatively similar to that of citrate, although, as would be
expected, the extent of the adsorption shift to the right is considerably
more pronounced. A limited amount of NiOH* adsorption is deferred
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Figure 8. Nickel removal as a function of pH in the presence of silicon
dioxide and NTA ({Ni}p, = 10477M, I = 0.01, {SiO,} = 29.41 g/L (50
m2/L); (O) NTA=106; ()) NTA=107; (A)NTA=107%)

to high pH values since the nickel concentration available for adsorption
is lower in the presence of the complexing ligand. At the high NTA
concentration (10*M), neither adsorption nor precipitation occurs.

As with silica, the model is able to account well for the observations
made in the goethite system. The adsorption intensity between the oxide
and Ni*? will never increase to a point sufficient to remove the nickel
from the NTA. Even though K,ps increases with pH (as the oxide
surface becomes more negative), the strength of the Ni-NTA™ complex
will increase since the amount of deprotonated NTA (L) will also
become greater. Nickel removal in Figure 9 is slightly greater than
predicted at the higher NTA concentrations, again, as with Ni-CIT,
suggesting the possibility that some adsorption of the complex takes
place. However, the small discrepancies between theory and experiment
in Figures 7 and 9 could just as well be explained through slight adjust-
ments in the thermodynamic data base used.

The interactions that take place in the systems described can be
viewed conveniently in a graphical manner as shown in Figure 10. Here
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Figure 9. Nickel removal as a function of pH in the presence of iron
oxide and NTA ({Ni}; = 1047M, 1 = 0.01, {FeOOH} = 0.59 g/L (50
m?/L); () NTA=105; (O)NTA=107%; (A) NTA=10")

the speciation of nickel in both the NTA-silica and NTA-goethite systems
is given. Qualitatively similar diagrams for citrate and sulfate effects
could also be made.

GryciNe. Glycine, like all the amino acids, displays amphoteric
properties over the pH range of interest. It can be represented as H,L*
having two available protons. The deprotonated ligand forms both
bidentate (Ni~-GLY') and quadradentate (Ni-(GLY)°) chelates of
moderate stability with Ni‘2, although at the glycine-nickel ratios used in
this study Ni-GLY*! is the dominant complex.

The results of the addition of 103 and 10 mol/L of glycine to
10"%+7"M nickel are shown in Figure 11. Both theory (solid lines) and
data confirm that a tenfold increase in total glycine results in an increase
of one pH unit for hydroxide precipitation. At the lower concentration
of glycine, insufficient complexation takes place to defer the precipitation
reaction.

When o-SiO; is added to the system, the results shown in Figure 12
are obtained. Adsorption and precipitation of nickel are affected only
slightly by 10°M glycine. At 10*M both the model and the data suggest
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Figure 10. Theoretical distribution of nickel in the presence of (A) iron
oxide and NTA ({Ni}, =10477M, {NTA}; = 10° M, 1 = 0.01, {FeOOH}
=0.59 g/L (50 m?/L) and (B) silicon dioxide and NTA ({Ni}g = 10%7"M,
{NTA} =10°M,1=0.01, {SiO,} =29.41 g/L (50 m?/L))

that only NiOH" is adsorbed up to a maximum of 15% of the total nickel
at pH 8.5, with precipitation controlling above pH 10. These interactions
are shown more clearly in the speciation diagram of Figure 13. The
model and data are in good agreement, indicating Ni-GLY* does not
adsorb specifically onto silica.

Figure 14, when compared with Figure 4, shows that the model
predicts that 10°M glycine will not affect the removal of nickel by
goethite. This is confirmed by the experimental data; however, for higher
glycine concentrations the model and the data are in poor agreement.
The theory used predicts that as the pH approaches the dissociation pH
of the amino group of the glycine (~9), the extent of complexation is
great enough to complex the nickel effectively and prevent adsorption of
either Ni'?2 or NiOH" by the goethite. The model permits adsorption of
these species only. However, it is likely that there is interaction
between the oxide surface and the Ni-GLY* chelate. Electrostatic attrac-
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Figure 11. Nickel removal as a function of pH in presence of glycine
({Ni}; =1047"M,1=0.01; (O0) GLY = 107%; () GLY = 107%)

tion would occur between the positively charged complex and the
negative surface, but it would not be as great for Ni'? since it has a lower
charge. Using the equations in the Appendix it can be shown that
coulombic forces are insufficient to account for the removals observed,
and that a specific adsorption energy (AGcmem) of approximately —3
kcal/mol for Ni-GLY"* and goethite is required.

Cyanme. Hydrogen cyanide is weakly acidic (pK, = 9.3). Cyanide
ion reacts to form complexes with many transition metals. The quaternary
nickel-cyanide complex, Ni(CN)42, is extraordinarily stable (log B4 =
31.8) and dominates the simple aqueous chemistry of nickel as shown
in Figure 15. At total cyanide concentrations of 10™M and above,
hydrolysis reactions of Ni*? are deferred indefinitely.

When silica is added to the nickel-cyanide system, the results are
quite predictable as shown in Figure 16. At the lower cyanide concen-
tration (10M) there is enough cyanide to complex about 10% of the
nickel present, so adsorption of NiOH'* onto silica and precipitation of
Ni(OH);(, are affected only slightly. As would be expected, at higher
cyanide concentrations the nickel is made completely soluble at all pH
values studied.
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Figure 12. Nickel removal as a function of pH in the presence of silicon
dioxide and glycine ({Ni}; = 10477M, 1 = 0.01, {SiO,} = 29.41 g/L
(50 m2/L); (O) GLY = 10°5; (O) GLY = 104)
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Figure 13. Theoretical distribution of nickel in the presence of silicon
dioxide and glycine ({Ni}, = 1047M, {GLY}y, = 10°M, 1 = 0.01,
{8i0,} = 29.41 g/L (50 m?/L))
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Figure 14. Nickel removal as a Iunction of pH in the presence of iron
oxide and glycine ({Ni}y, = 10477M, 1 = 0.01, {FeOOH} = 0.59 g/L
(50 m?/L); (O) GLY = 1075; (O) GLY =10%;(A) GLY = 1073)

Behavior in the goethite-nickel-cyanide system (Figure 17) is much
less obvious. Agreement between model and theory exists only at the
low cyanide concentration. At higher concentrations the model is able to
predict only the neutral pH range in which the soluble nickel-cyanide
complex does not adsorb. Of considerably greater interest is the enhanced
adsorption of nickel at pH 6 and below, where no adsorption takes place
in the absence of cyanide (Figure 4). The negatively charged complex
will adsorb onto the now positively charged goethite surface. However,
somewhat analogous to the glycine system, the favorable electrostatic
gradient is not sufficient to account for the removals observed. It is
apparent that Ni(CN )42 is capable of adsorbing specifically to goethite.
From the equations in the Appendix, a AGcren term of —7 keal/mol can
be calculated. The slight downturn in the experimental data for the
10*M cyanide case below pH 4 may be real, since it would be expected
that the Ni(CN),2 complex will break down as HCN is formed at low
pH (Figure 15). The small but significant removal that occurs above
PH 9 may also be attributable to specific adsorption of the complex;
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Figure 15. Theoretical distribution of nickel in the presence of (A)
10*M cyanide ({Ni}y; = 10477M, 1 = 0.01) and (B) 103M cyanide
({Ni}; =10%""M,1=0.01)

however, in this case the removal is much less because it is against an
unfavorable electrostatic gradient. In view of this, the fact that no
adsorption occurs in the neutral pH range cannot be readily explained,
in spite of agreement with the model, and therefore points to the possi-
bility that AGcuey may vary with pH. Interactions among cyanide,
nickel, goethite, and pH are summarized in Figure 18.

Discussion

The results of the specific adsorption of nickel onto silica and goethite
are in basic agreement with similar work reported for other metals (2,
18). The James and Healy model is capable of describing the interactions
well. Similarly, when complexing ligands are added to nickel-silica sys-
tems the results can be adequately explained by a competition model in
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Figure 16. Nickel removal as a function of pH in the presence of silicon
dioxide and cyanide ({Ni}y, = 10477M, 1 = 0.01, {SiO,} = 29.41 g/L
(50 m2/L); () CN =10%; (O) CN =10% (A) CN =103)

which the nickel-ligand complex does not adsorb specifically to the
silica surface.

For the case of nickel-ligand—-goethite systems, the results for sulfate,
citrate, and NTA could be accounted for by the model used, although
some small degree of specific adsorption appeared to take place for
citrate and NTA complexes. The evidence for this is not conclusive.
However, for both nickel glycine and nickel cyanide, specific energies
of adsorption of —3 and —7 kcal/mol, respectively, were calculated.

Reasons for the adsorption of a complex in one case, but not in
another, are not always straightforward. In the case of silica it was
shown that energetic considerations favor adsorption when NiOH* is the
dominant species in solution. Any complex that defers or eliminates
the hydrolysis of Ni*2 would be expected to affect adsorption of nickel
accordingly. Specific bonding of a complex to a surface oxygen could
be via a hydrogen or a dipole effect; however, the bond energies evidently
are not large enough to overcome the repulsive solvation and electro-
static forces. Direct bonding of a functional group on the complex to the
silicon atom is unlikely because of the very large Si-O bond energies of
silica which have a large ionic character.
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Figure 17. Nickel removal as a ;unction of pH in the presence of iron
oxide and cyanide ({Ni}; = 10%+77M, 1 = 0.01, {FeOOH} = 0.59 g/L
(50 m?/L); () CN =10°5; (O) CN =10% . (A)CN =1073)
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Figure 18. Three-dimensional depiction of the nickel-cyanide—goethite
system (conditions as given in Figure 17)

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch004

92 PARTICULATES IN WATER

The bonding of complexes to the surface of goethite is far more
likely than to the surface of silica because of the more neutral ZPC and
higher dielectric, which act to moderate electrostatic repulsion when it
exists, and because of the available d orbitals of iron which extend further
from the nucleus and which are capable of accepting electrons from
appropriate donor atoms of the complex. The structures of the citrate,
NTA, glycine, and cyanide complexes of nickel are shown in Figure 19.
Nickelcitrate and nickel-NTA both have a —1 charge, so at pH values
above the ZPC (5.5) electrostatic repulsion takes place. In the case of
Ni-NTA™, the only possible bonding site is via one of the water molecules
attached to the nickel. This would require deprotonation of a water
molecule, bringing about a greater negative charge and more electro-
static repulsion. In contrast, the Ni—-CIT! chelate has an available binding
site at the terminal carboxyl group. The fact that little, if any, specific
adsorption of this complex takes place on goethite implies that electro-
static forces are too great to overcome.

0
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L/ 2 2
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Figure 19. Conformational structures of complexes used in this study.
Data from Ref. 13 (cyanide), Ref. 22 (citrate and NTA), and Ref. 23 (gly-
cine).
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For Ni-GLY* the electrostatic gradient is more favorable, and it
appears that specific bonding to the surface through the amine group is
possible either by replacement of one of the protons and formation of
a covalent bond with iron or by the direct formation of a hydrogen bond
with a surface oxo group. The former mechanism is more favorable for
Ni-NTA"! since bonding can take place without disruption of the chelate
ring. However, the magnitude of AGcaey (—3 kcal/mol) would favor
the latter mechanism.

The structure of the nickel-cyanide complex is square planar—the
four Ni-C bonds being of equal length at 90° to one another. The polar
waters are slightly closer to the central nickel atom (13). The excellent
electron donor properties of the nitrogen atoms that face toward the
solution imply very strongly that covalent surface bonding to the iron
takes place. The relatively high AGeaem (—7 kcal/mol) supports this.
The specific adsorption which was observed at high pH, that is, against
electrostatic forces, would require an even greater value. Cyanide ion
is known to form metalcyanide chains in which both the carbon and
nitrogen atoms bond covalently to neighboring metal ions. It is simplest
to postulate specific adsorption of the complex to two surface sites
according to the reaction

= Fe;(OH) 2" + Ni(CN) 4? = = Fey—(CN)~Ni~(CN); + 2H.0

An alternate mechanism which cannot be discounted based on the evi-
dence at hand involves the replacement of surface oxo with cyano groups,
thereby altering surface properties, followed by adsorption of nickel
according to

= Fe,(CN)2 + Ni(CN)42 4 2H* = = Fey~(CN) »~Ni~(CN), 4+ 2HCN

The effect on nickel sorption is the same in either case. These possibilities
are undergoing further study.

Concluding Remarks

The description of natural systems is made decidedly more difficult
when specific adsorption of metal complexes onto oxide surfaces occurs.
It may often be possible, in a qualitative way, to predict those systems
in which complex adsorption will take place; however, the quantitative
extent of adsorption can be established only through direct experimenta-
tion. The number of combinations of even common metals, ligands, and
surfaces is quite large, making the task a formidable one. It may be
worthwhile to devise methods of estimating complex-adsorption energies
similar to those used now to estimate stability constants.
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Appendix. Equations of the James and Healy Model

. Adsorption Isotherm
MAX .
T, — % Kaps. [Mi] mol/m?
14 2 Kupss [M]

Where KADS,(, = €xXp (—AGOADSJ/R T) L/mol

TMAX —IN (xl) N mol/m?

and AG° spg,s = AG °cour, s + AG°soLv,: + AG °crEn,¢

. Coulombic Energy

AG°copr,s = 2iF Ay, J/mol

WATER

09

(1)

(I11)

Iv)

V)

where Ay, =2 F

and y=2Fy,/2 RT
Yo=23 RT/F (pHzpc — pH) V
x ==0.328 X 10 (I)%5 m™
T="1;+ 27gater M
2; = sign and charge of adsorbing ion

2z =1 (for 1:1 inert electrolyte)

I = ionic strength

C. Solvation Energy

Oy ZONI(1 _ m\(1 1) 1 1/1 1
AG°soLy,i = 16 = & 7 22 (q—(b —}—-5 z\es .
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and dix‘ﬂ — —‘i;ﬂ sinh (f—R?T‘L) V/m (XIII)
B—12X 107

D. Chemical Energy

AG°cpey,+ = fitting term which is constant for the free and hydrolyzed

species of a component. It represents the energy change
resulting from chemical interaction forces such as van
der Waals and H-bonding.
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Poliovirus Adsorption on Oxide Surfaces

Correspondence with the DLVO-Lifshitz
Theory of Colloid Stability

JAMES P. MURRAY! and G. A. PARKS

Departments of Geology, Medical Microbiology, and Applied Earth Sciences,
Stanford University, Stanford, CA 94305

Adsorption of enteric viruses on mineral surfaces in soil and
aquatic environments is well recognized as an important
mechanism controlling virus dissemination in natural sys-
tems. The adsorption of poliovirus type 1, strain LSc2ab,
on oxide surfaces was studied from the standpoint of
equilibrium thermodynamics. Mass-action free energies are
found to agree with potentials evaluated from the DLVO-
Lifshitz theory of colloid stability, the sum of electrodynamic
van der Waals potentials and electrostatic double-layer
interactions. The effects of pH and ionic strength as well as
electrokinetic and dielectric properties of system components
are developed from the model in the context of virus adsorp-
tion in extra-host systems.

The transmission of viral disease in contaminated drinking water is a

well-recognized phenomenon, recently reviewed by Berg et al. (I). Virus
dissemination in soil and aquatic environments is controlled, to a large
extent, by adsorption to mineral surfaces (2). The objective of this
investigation is to determine the principal mechanisms that control
adsorption, and to build predictive models that characterize the relevant
interactions. We find good agreement between mass-action free energies
and potentials evaluated from the DLVO-Lifshitz theory of colloid
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stability (3,4,5) which is built upon reasonable geometric models.
Predictions can now be made regarding the kinds of environments that
are conducive to transport of enteric viruses and those that are not.

Materials and Methods

Virus and Assay. Poliovirus type 1, strain LSc2ab, was obtained
from F. L. Schaffer, Naval Biomedical Laboratories, Oakland, California.
This virus is characteristic of enteroviruses in terms of size (27 nm in
diameter), architecture (6), adsorption, the electrokinetic properties of
many types (discussed later), and in terms of stability in aquatic
environments (7). A diagram of this virus adsorbing to a flat surface is
shown in Figure 1.

27nm+<

Protein
Capsomers
VP 1-4

Figure 1. Cutaway model of poliovirus adsorbing to a flat surface. The
virus is a highly ordered structure containing single stranded RNA pack-
aged into an icosahedral spheroid composed m(;f protein subunits (6).
Double-layer thickness (1/«) at 0.02 1 buffer conditions is shown to scale.

The virus was propagated and assayed in rhinovirus-adapted HeLa
cells obtained from V. V. Hamparian, Medical Microbiology, Ohio State
University, Columbus, Ohio. It was labeled with *H-uridine (RNA) and
14C-amino acid mixture (protein), both from New England Nuclear, in
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the presence of 1 ug mL™! actinomycin D, a gift from Merck, Sharp, and
Dohme Research Laboratories. The virus was purified by differential
ultracentrifugation, extraction with trichlorotrifluoroethane (C,Cl;F3),
rate zonal sedimentation in a sucrose gradient, isopycnic banding in a
CsCl gradient, and exhaustive dialysis against 0.02 ionic strength (I),
pH 7, NaCl plus NaHCOj; buffer. Details of the purification sequences
have been described earlier (8). Cramer (9) also presents an excellent
review of classical methods in virus purification. Clean peaks in prepara-
tory sucrose gradients demonstrate that, initially, purified virus prepara-
tions were relatively free of unincorporated label. In addition, they were
not clumped but were present as discrete virus particles (virions).

Assays were done by the monolayer plaque method of Dulbecco and
Vogt adapted by McClain and Schwerdt (10), which measures virus
infectivity in terms of plaque forming units (PFU). Cells were main-
tained in Eagle’s minimal essential medium with 10% fetal bovine serum,
obtained from Grand Island Biol. Co., and Microbiol. Assoc. Maintenance
medium was augmented with 400 units mL™ potassium penicillin G and
100 pg mL™! streptomycin sulfate to inhibit possible bacterial contamina-
tion. Serial dilutions for assays were prepared in Hanks’ balanced salt
solution obtained from Grand Island Biol. Co. plus 4% cell maintenance
medium. According to virus-container adsorption studies (II) and
expected albumin concentrations present in the mixture (12), adsorption
of virus to the sides of serial dilution tubes should be blocked completely.
Plaques were negatively stained with neutral red and were counted three
days after infection.

To quantitate virus particle concentrations on a molal basis, which is
appropriate for thermodynamic analysis of adsorption data, we measured
virus particle concentrations spectroscopically (13) with concentrated,
highly purified preparations, using an absorbance constant of 1.32 X 10%*
virions per absorbance unit-cm at 260 nm (8). Particle to PFU ratios
varied from 355 to 18621.

Radioactivity was measured by liquid scintillation techniques with
a Tri-Carb model 3003, using Insta-Gel as the cocktail, both of which
were manufactured by Packard Instruments.

Adsorbents. Adsorbents chosen for this study were selected to
cover a wide range of dielectric and electrokinetic properties as well as
chemical reactivities so that they could assist in resolving the major
mechanisms operating in adsorption of virus to the various materials. Be-
cause many of them are also abundant in nature, the information should
be relevant in an environmental context. o-SiO;, «-Fe;03, 8-MnO,, CuO,
a-Al, O3, silicon metal, and aluminum metal were selected. The SiO, was
Min-U-Sil 5 powder (a gift of Pennsylvania Glass Sand Corporation)
which was cleaned by multiple overnight refluxing in aqua regia and

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch005

100 PARTICULATES IN WATER

16M HNO;, with a thorough rinse with double-distilled deionized water
(ddd H;O) between and after refluxing steps. Fe;O3, MnO,, and CuO
powders (<50 pm), containing rare aggregates in the case of Fe,Os,
were ACS reagent-grade materials. They were aged for 14 days at 90°-
95°C in ddd H,O and were washed extensively to remove fine particu-
lates. In addition, the Fe,O; was roasted overnight at 800°C prior to
aging in ddd H,0. Al;O;, Linde A alumina powder (<20 pm), manu-
factured by Union Carbide, was obtained from R. L. Bassett, U.S.
Geological Survey, Menlo Park, California. It was aged overnight in ddd
H,0 at 25°C and rinsed once in ddd H:O prior to use. Silicon metal
semiconductor wafers, 30 ohm cm N, and 0.3 ohm cm P types, 5 cm in
diameter, were manufactured by Monsanto Chemical Co. They were
sterilized by rinsing with 70% aqueous ethanol and exposing them over-
night to a Westinghouse Sterilamp (254 nm, ~10 J m? sec™), and
cleaned by rinsing with sterile 0.2M NaOH and ddd H.O. With the
exception of silicon metal, all solids were sterilized by dry heat, and were
stored dry. Oxide structural forms, as designated by «,8 prefixes, were
confirmed by x-ray diffraction. Quantities of the various materials used
in adsorption experiments fell within the following ranges: SiO, (0.3
3 g); F6203 (01—14 g), MnO, (0.05—02 g), CuO (005—16 g), A1203
(0.02-0.04 g); aluminum powder (0.1-0.2 g); and aluminum metal foil
(0.18-0.29 g). Exact quantities of each adsorbent in every experiment
were determined by weighing in the reaction vessels.

Solution Phase. Adsorption experiments were done in aqueous
solutions containing 1.093 X 102M NaHCO; plus 9.156 X 103M NaCl
(0.02 I buffer) (some buffers were prepared with 1% less NaCl) and
1.516 X 102M NaHCO; plus 2.941 X 10"'M NaCl (0.305 I buffer) (twice
physiological ionic strength) equilibrated with 5% CO, in air at 15° =+
2°C. Buffer compositions were determined by chemical titration and
calculations that included both activity coefficients and complexation.
Buffer solutions were prepared with ddd H,O, sterilized by 0.22 pm Milli-
pore filtration, and stored in borosilicate glass vessels. For transition metal
oxide experiments, buffers were pre-equilibrated with solids for at least
4 hr prior to beginning the experiments.

In addition to the solution components just listed, H,SiO,° (aq), an
uncharged dissolved species, should be present in buffer solutions. Equi-
librium considerations of amorphous silica suggest a solubility of 1027
mol kg! for glass, an order of magnitude greater than «-SiO,, which has
an equilibrium solubility of 1037 mol kg™ (14). Where Al;O; was used
as an adsorbent, the work of Wiese and Healy (15) on y-Al;O3 solubility
suggests that the total dissolved aluminum concentration in the system
would be approximately 8 X 107 mol kg!. Equilibrium solubilities at pH
7 in their system are approached in approximately 1 min. Since aluminum
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metal has a well-defined oxide coating (16), dissolved aluminum species
should be comparable in magnitude in this system as well.

In the case of transition metal oxides, solubility considerations of
Fe,O3; and MnO, suggest that the total dissolved transition metal con-
centrations in these systems should be far too low, less than 107 mol
kgt (17,18,19,20), to be measured by feasible analytical procedures.
Buffers equilibrated with CuO had total dissolved copper concentrations
of 1.25 X 1075 mol kg for 0.02 I buffers and 1.47 X 10 mol kg* for
0.305 I buffers, as determined by atomic absorption spectrophotometry.
This agrees well with values predicted from equilibrium considerations
for CuO of 1.05 X 107 mol kg and 1.65 X 10 mol kg™, respectively.
The calculated values included correction for activity coefficients and
carbonato, chloro, and hydroxo complexes, and have been described in
more detail elsewhere (8).

Controls demonstrated that buffer constituents had no significant
effect on the virus titers for time periods equal to or greater than those
used for adsorption experiments.

Surface Area Determination. Specific surface areas were required
to determine the fraction of adsorbent surface covered by the virus at
equilibrium. This in turn is required for adsorption free-energy evalua-
tions. BET-N, (21) methods were used where applicable and Kozeny
(22) permeametry methods were used for confirmation. Values are
listed in Table I. Although the values measured by the two methods
are not directly comparable, trends shown by the two sets of values
are similar. The BET method measures all surface accessible to adsorb-
ing N, molecules and generally is considered to be the most reliable

Table I. Surface Areas of Adsorbents

Kozeny/m?3g!

Solid BET/m?g! (duplicates)
a-S10, 3.95 = 0.79° 1.43,1.44
a-Fe203 2.33 = 0.47 0.61, 0.79
B-MnO, 0.38 == 0.08 0.11,0.10
CuO 0.29 == 0.06 0.16,0.16
a-Al,05" 146 +29 2.38,2.34
Al metal powder® (0.132) 0.037,0.038
Al metal foil? 0.0012 m?g!
Si metal ® 0.0039 m%g!

®The * values are standard deviation estimates.

?*BET data supplied by R. L. Bassett, U.S. Geological Survey, Menlo Park,
California.

°BET value is estimated from Kozeny determination and average BET/Kozeny
ratio obtained on other materials.

4 Estimated by direct measurement times a roughness factor of 2.
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measurement of surface area for adsorption studies (23); the Kozeny
method measures only the surface adjacent to interconnecting flow paths
in a packed column of material. In our adsorption calculations BET
measurements were used except where noted.

BET measurements were not feasible for aluminum and silicon
metal samples because their surface areas were below detection limits.
The specific surface area of aluminum powder was obtained by correcting
the Kozeny value with the average BET/Kozeny ratio of 3.5 = 1.6.
Surface areas of aluminum metal foil and silicon metal semiconductors
were obtained by direct measurement, multiplied by a roughness factor
of two, which was estimated on the basis of geometric considerations of
etched metallic surfaces.

Theory and Results

The overall free energy of an adsorption process (AG,gs) can be
broken down into various components, for example,

AGags — AGq + AGvaw + AGhya + AGeovion - - . — TAS, (1)

each of which is contributed by a different type of interaction. In this
study, the term “free energy” is used to represent the Gibbs function
rather than the Helmholtz function. In Equation 1, the subscripts dl,
VdW, hyd, and cov-ion refer to double-layer, van der Waals, hydration,
and covalent-ionic interactions, respectively. TAS, refers to configura-
tional and other entropy changes not found in other components, and
will be discussed in greater detail later.

We apply this expression to the problem of virus adsorption by first
determining AG,qs from mass-action arguments, and then by evaluating
various components independently to determine to what degree each
controls adsorption. Where quantitative estimation of the magnitudes of
various terms is not possible, we examine the degree to which they
contribute by critical hypothesis-and-test experiments or analogy with
similar systems.

The free energy of adsorption is obtained with the site-fraction
equation of state

) _ Ceq —AGads
z(1—0)°  Cago 7 ( RT ) @

derived by Dhar, Conway, and Joshi (24) from mass-action arguments.
6, x, Ceq, and Cm,o refer to fractional surface coverage by virions, the
number of interfacial water molecules displaced per virion adsorbed,
the equilibrium concentrations (mol kg?) of virions in the solution
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phase, and the equilibrium concentration of water, respectively. Ceq and
6 are determined from adsorption experiments, plaque assays, particle
to PFU ratios, and specific surface areas (BET where available).

For evaluation of § we have assumed that the virus would be
hexagonally closest-packed in a two-dimensional array on the adsorbent
surface where 6 equals unity. The quantity x was estimated to be 50
from space filling models where approximately 3% of a 27-nm diameter
icosahedral virion face is estimated, on the basis of globular protein
structure (12), to approach the surface of the solid close enough to
displace interfacial water molecules. If our estimate is changed to 10 or
250, instead of a most probable value of about 50, Equation 2 predicts
that the AG,q,s will be shifted by only = 4 k] mol™, which is comparable
to the uncertainty given by experimental data scatter.

Adsorption—Desorption Experiments. Adsorption—desorption iso-
therms were measured at 15° = 2°C in 0.02 I and 0.305 I, pH 7 buffers.
Solids were added to 15-mL borosilicate screw-capped tubes, weighed,
and rinsed twice with pre-equilibrated buffer. Virus (10° to 10 PFU) plus
10 mL of pre-equilibrated buffer were then added and the tubes covered
with flamed aluminum foil to prevent leakage. Adsorption was allowed
to proceed as samples were rotated at 0.5 or 1 rpm for 2 hr and then
centrifuged at 1000 rpm for 10 min in an IEC PR-2 refrigerated centrifuge.
Supernatants were sampled for residual infectivity and radioactivity and
then aspirated. The volumes of buffer remaining about the solids were
determined and then fresh buffer not containing virus was added to the
reaction vessels. The reactions were allowed to proceed in the reverse
direction for 2 hr, and then were centrifuged and sampled again as
detailed above.

With aluminum metal foil, experiments were done in T-25 poly-
styrene tissue-culture flasks obtained from Corning Glass Works; the
reaction times were extended to 10 hr for both the adsorption and
desorption steps. With silicon metal semiconductors, experiments were
done in 60 X 15 mm tissue-culture petri dishes in which the chips were
attached with polystyrene cement. These dishes were placed in a sealed
container to prevent loss of CO,, and the reaction times were changed
to 4 hr for each step. In both the aluminum and silicon metal experi-
ments, the reaction vessels were rocked gently (mechanically) at 1.5 Hz
to insure good contact between solid and virus. In all experiments,
volumes were determined by weighing or pipetting, and density correc-
tions were made where appropriate. Aseptic (sterile) techniques were
used throughout.

The 2-hr time periods selected for most adsorption experiments
were based on the observation that, in general, 1 hr is required to adsorb
isoclonal poliovirus from isotonic solutions to cell monolayers for assay.
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We extended this 1 hr period by a factor of two to guarantee that
equilibrium would be approached closely. On solids where adsorption
took place on sheets of material the times were extended to account for
the increase in mean free path of the adsorbing virus.

Adsorption—desorption experiments such as those just described are
far more appropriate than simply following the progress of an adsorption
reaction to determine whether the reaction has reached equilibrium.
Simply following the virus concentration in solution as a function of time
until the titer of virus free in suspension is no longer changing is insensi-
tive to possible hysteresis. Hysteresis would be expressed by marked
differences in the titer in solution, hence also that adsorbed, depending
on whether adsorption or desorption is followed. This phenomenon
occurs quite frequently in problems concerning gas adsorption (25). We
might have missed the remarkable difference in adsorption and desorp-
tion characteristics of virus on aluminum metal had the time-course
approach been taken.

However, if the same value is obtained when an adsorption and
desorption experiment is performed, then we know that the time period
selected for the experiments is longer than that required for the reactions
to approach equilibrium closely, and that the value obtained is an
accurate representation of the free energy difference between virus
adsorbed and virus in the solution phase.

Residual radioactivity data corresponded to residual plaque assay
data for adsorption-desorption experiments involving SiO, and silicon
metal, the weakest adsorbents. On other solids, virus was adsorbed to
such a large extent that if infectivity data were to correspond exactly to
radioactivity data, the amount of 3H-RNA and “C protein left in solution
would be far below detectable levels. However, a barely detectable but
statistically significant amount of these materials remained in the super-
natants. Because viruses are thermodynamically unstable and spontane-
ously degrade at finite, temperature-dependent rates (25), we suspect
this residual probably represents degradation products of a formerly
infectious virus which adsorb considerably less strongly than the virus
itself. This observation states the importance of using plaque assay data,
as we have used here, to evaluate virus adsorption.

For all experiments, controls demonstrated that the level of agitation
used in adsorption experiments as well as the buffers themselves (con-
taining various dissolution products) had no significant effect on virus
infectivity.

Dissolution products of the various adsorbents could alter the
adsorption characteristics of solids or virus during adsorption reactions.
Effects on the solids are completely accounted for because zeta potentials
of the solids as well as adsorption—-desorption reactions were carried out
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with pre-equilibrated buffers. The principal solids for which free energies
were used in resolving the principal mechanisms of adsorption were SiO,,
Fe;Os;, and MnO,. Dissolution products of SiO, are predominantly
uncharged, and those of Fe,O; and MnO, are so low in concentration,
as suggested earlier, that possible effects on the zeta potential of the
virus, which could influence adsorption, do not appear to be reasonable.
It is possible that trace dissolution products of aluminum, Al,O;, and
CuO could influence virus adsorption to some extent, although no effects
of this sort were seen in regard to enhancing virus adsorption to container
walls by pre-equilibrated buffers. Further developments concerning this
possibility have been left for future investigation or are discussed in
later sections where appropriate.

Isotberms and Adsorption Free Energies

Adsorption and desorption data points are presented in Figures 2—4
and are well matched with linear, least-squares fit isotherms, namely, 6
vs. Ceq plots. Linear isotherms are expected for situations having low
surface coverage such as ours (seen in very low values of 6 exhibited by
the data), where the probability of adsorbate—adsorbate interactions
(aggregation) is small. It is conceivable that actual variation of § with
C., may be more complex than a linear function; however, data
scatter is such that more detailed analysis of adsorption—desorption data
is not justified. In any case, linearity, as characterized by 1:1 slope on
the log-log plots, fits the data quite well. These plots are required for
presentation of data that span six orders of magnitude in each direction.

In these diagrams, log C., values of —17 correspond to titers of
approximately 5 PFU mL™, and values of —11 correspond to titers of
about 5 X 10°® PFU mL™. Correspondence is only approximate here
because of the variation of particle to PFU ratios from preparation to
preparation. To represent the difference in the relative strengths of the
materials used in this study, we normalized the adsorption data by
evaluating expected equilibrium titers at a surface coverage of 10 and
one particle to PFU ratio of 10%. These data are presented in Table II.
We see titer differences of at least five orders of magnitude between
the weakest and strongest adsorbents.

Within the normal range of data scatter, adsorption and desorption
data points are coincident. This suggests that the reactions are reversible
and approach equilibrium in all cases, except with CuO at high ionic
strength and with aluminum metal. Free energies of adsorption (AGaas)
for the oxides are evaluated by applying Equation 2 to plotted isotherms
at infinitesimally low ( <107%) surface coverage (see Table I1I). Standard
deviations are calculated from data scatter about regressions.
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7 16 15 -14 13 -12 -1

log C eq/mOI kg_l

Figure 2. Adsorption (A,O,@)-desorption (O,+,X) isotherms of polio-
virus in pH 7, 0.02 1 NaCl + NaHCOj buffer.

0 re}:)resents the fraction of adsorbent surface covered by virus particles and C.,
is the molal concentration of virus particles in supernatants of adsorption experi-
ments. Log C., of —17 corresponds to approximately 5 PFU mL! and log C.,
of —11 corresponds to approximately 5 X 106 PFU mL-l, Approximate nature
of the correspondence of concentrations to PFU is a result of variation of par-
ticle to PFU ratios of different preparations. S;.x is the standard deviation of
the scatter of log C.q values about regression lines, calculated with n — 2 de-
grees of statistical freedom.

On SiO,, Fe,0;, and Al;O3, kinetic analysis of multiple extraction
data shows no statistically significant effect on the titer of a virus prepara-
tion adsorbed to the solids for 2 hr (26). However, on MnO, and CuO
we see that approximately 85-95% appear to be degraded during adsorp-
tion, but this is not reflected in the reversibility and equilibrium condi-
tions applied to our isotherms (26). Apparently this is attributable to
the fact that degradation reactions appear to progress quite rapidly at
first, and only slowly after 2 hr. Therefore the amount degraded between
adsorption and desorption steps may be small. An extended discussion
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Irreversible

log

=17 -6 =15 -14 -13 -12 =11
log Ceq/ mol kg"l

Figure 3. Adsorption (A,O,@)-desorption ((0,+,X) isotherms of polio-
virus in pH 7, 0.305 1 buffer. Additional information is included in the
caption of Figure 2. (<) indicates points below detection limit.

Table II. Predicted Log Concentrations of Poliovirus Infectivity
in Equilibrium with Various Solids at pH 7.0

Log E quilibrium Virus Titer®

Solid 0.02 1° (PFU mL™) 0.3051 (PFU mL™1)
a-Si0, 7.15 =043 4.07 = 0.55
a-Fe 03 3.56 = 0.71 2.34 =0.21
B-MnO,* 2.50 = 0.29 1.39 = 0.36
CuO-° 1.30 = 0.71 - — ®
a-Al,04 3.66 = 0.26 ND
Al metal® - — ND
Si metal > 5.90 ND

¢ Assuming 6 = 1075, virus particle to PFU ratio — 103, and standard tempera-
ture and pressure conditions. * values are standard deviations.

®This ionic strength is characteristic of that found in many secondary waste-
water effluents,

¢ Degradation that took place during adsorption is included here.
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Figure 4. Adsorption (@)-desorption (X) isotherms on Al,O, and Al

metal in pH 7, 0.02 1 NaCl + NaHCO, buffer. Reaction with the metal

is strong and irreversible. Additional information is included in the cap-
tion of Figure 2. (<) indicates points below detection limit.

of virus degradation by inorganic surfaces is presented elsewhere (26).
Accounting for this degree of degradation on MnO, and CuO, we find
that the adsorption free energies for these materials listed in Table III
may be about 5 k] mol! too negative. Although this is approximately
twice the normal range of data scatter found about isotherms used to
evaluate free energies, it is not materially large enough to affect the
conclusions of this study, as seen by examining the measured free energy
values.
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Table III. Free Energies of Adsorption of Poliovirus on Oxide
Surfaces as Determined by Mass-Action Equilibria

Solid AGqas/kd mol™ (0.021) AGges/kJ mol™ (0.3051)°
a-S10, —324 +24° —50.0 = 3.1
a-Fey03 —52.9 +40 —59.9 +1.2
B8-MnO,’ —589 + 1.7 —653 =21
CuO® —65.8 = 4.0 strong®
a-AlO3 —523*+15 ND*

Al metal very strong’ ND
Si metal > —39.5 ND

¢ * values are standard deviations.

®Virus degradation on these solids (26) indicates that free energy values tabu-
lated here may be ~5 kJ mol~! too negative.

° Reactions are clearly irreversible. Both radioactivity and infectivity data show
adsorption to be quite strong.

¢ Not determined.

For silicon metal we estimated a limiting value for the AG,4s because
the quantity of virus adsorbed in this system was too low to be measured
accurately. On aluminum metal, the amount of infectious virus, *H-RNA,
or C protein was quite small compared to the amount added initially.
Only in one case during desorption experiments was any detectable virus
found, and here the supernatant contained only 4 PFU mL™. This is
clearly indicative of strong adsorption and irreversibility of the reaction.
The significance of these findings is presented in the following sections
of this chapter.

Application of DLVO Theory. Our approach to determine the
contribution of double-layer interaction and van der Waals potentials to
AG,qs involves comparing differences in the magnitudes of AG,qs found
on the same solid but with different solution conditions, to potentials
(U), or theoretical free energy components, evaluated from the DLVO-
Lifshitz theory of colloid stability.

To evaluate DLVO-Lifshitz potentials we approximate the highly
complex interaction of a spherical-icosahedral, deformable virus adsorbing
to a real surface (Figure 1) with sphere-plate models (Figure 5). The
complex real interactions, even if they were well defined, cannot be
quantified by present ab initio quantum mechanical procedures.

To adjust for errors introduced by modeling these highly complex
interactions with simple geometries, we consider the characteristic inter-
action-separation distances in expressions derived for the models to be
adjustable parameters. The DLVO-Lifshitz potentials are evaluated for
characteristic distances found to fit data for SiOs, where AG.e and U
determinations are most accurate. These distances are then used for
all other solids. Since the assumptions used in the double-layer and
van der Waals models (described in following sections) are quite
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Figure 5. Sphere-plate model of virus adsorbing to a gat surface, show-
ing inner (Stern) layer and outer (Gouy) double layers.

The Stern layer consists of bound electrolyte and oriented water molecules at
both surfaces. Gouy layers are localized regions containing an excess of counter-
ions (n.) and a deficit of coions (n-) compared to concentrations in the bulk
solution. Overlap of the double layers at close approach of the virus and solid
is responsible here for a repulsive component of the adsorption free energy
according to the DLVO theory. The functions e..s.s represent complex dielectric
susceptibility functions of the virus, solid phase, amf immersion medium, and
are characteristic of their respective electronic and molecular structures. These
functions, according to the Lifshitz theory, determine the magnitudes of van der
Waals components of the free energy. These components vary substantially
with the nature of the substrate, and appear to play the most significant role in
virus adsorption to materials examined in this study.

different, we have selected different values for the characteristic distance
for each model. This will be discussed in greater detail in later sections.

The test of the models is then twofold: (1) Do the differences in
DLVO potentials account for the observed differences in free energy for
all solids? (2) Are the values selected for characteristic distances realistic,
considering what is understood about the atomic structure of solid-liquid
interfaces, for example, 0.1 to 1 nm? If these conditions are met we have
evidence that the DLVO theory explains virus adsorption to various
inorganic surfaces, provided that equally convincing evidence is not
obtained when considering other types of interaction.

Electrostatic Component of AG,q. A major contribution to AGgg,
in colloidal systems arises from the interaction of electrostatic double
layers that form about charged particles immersed in electrolyte solu-
tions. Oxide and protein surfaces principally develop charges by ionizing
prototropic groups on their surfaces (27).
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Double-layer interaction potentials (Ug) are evaluated with

Gregory’s (28) constant-charge, linear-superposition assumption (LSA)
expression

Udl=Nn

128 (a, + dg) =nksT
2

K

Y1Y2 €Xp (—xdes) (3)

for sphere-plate boundary conditions. N, is Avogadro’s number, a, is the
virion radius (13.5 nm), here augmented by 0.5 nm to account for the
thickness of the Stern layer d; (29), n is the cation or anion number per
unit volume, kg is Boltzmann’s constant, T is the absolute temperature,
and d., is the characteristic electrostatic separation distance, here taken
to be zero at coincidence of the Stern surfaces of the interacting particles.
The functions y;; are equal to tanh (y;./4), where y,» are the reduced
potentials zey, o/ksT, z being the charge number per ion, e the magnitude
of electron charge, and y;,» the Gouy—Chapman surface potentials. Here
we define y, 2 as equal to the Stern plane potentials and assume them to
be approximated closely by zeta potentials (¢) based on Smith’s work
(29) on oxide electrokinetics. « is the well-known Debye screening
inverse length (2e?nz%/e,e,kT )%, where ¢, is the relative (to vacuum)
dielectric constant measured at zero frequency and e, is the dielectric
permitivity of free space.

We selected Gregory’s expression because it predicts potentials inter-
mediate between those predicted by expressions based on exact constant-
charge and exact constant-potential assumptions. This corresponds with
observations of Visser (30), who demonstrated that the experimental
adhesion force variation for polystyrene latex spheres on cellophane as a
function of ionic strength is intermediate between force variation cal-
culated with the DLVO approach and these two limiting assumptions.

A recent development in double-layer interaction theory, known as
the surface-regulation approach (31I), also predicts interaction potentials
that are intermediate in value. Data required for application of the
regulation approach are not available.

Zeta potentials for evaluating double-layer interaction potentials were
determined for conditions paralleling those used in 0.02 I adsorption-
desorption experiments. Readings for the zeta potentials were taken
immediately after rinsing the solids in pre-equilibrated 0.02 I buffer, at
2 hr, and at 5 hr, and were then averaged. Significant, progressive
variation of ¢ with time was not observed. Conventional microelectro-
phoresis techniques and a Zeta-Meter were used for these measurements.
Since zeta potentials were not measurable directly at 0.305 I, we estimated
their magnitudes at this high ionic strength using Hunter and Wright's
correlation (32). This correlation shows that zeta potentials of various
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oxide surfaces vary linearly with the logarithm of the counterion con-
centration, the { = 0 intercept occurring at a concentration of approxi-
mately 1M in the absence of specific adsorption.

In our system, we have some indication that carbonate or bicarbonate
does adsorb specifically to Fe;O3 and CuO (8). However, the activity of
these species is essentially the same in both buffer systems. Because
Hunter and Wright's correlation corrects for the expected decrease in ¢
with increasing electrolyte, we should get reasonable values of ¢ at the
high ionic strength because we are keeping the bicarbonate and carbonate
activities constant and are changing only the concentrations of inert
electrolyte.

The zeta potential of the virus at 0.02 I was measured by zonal
electrophoresis in a sucrose gradient. In its evaluation we corrected the
retarded, relaxed Smoluchowski equation (33) for the sucrose-dependent
viscosity gradient (8). Again, the Hunter and Wright correlation was
used to estimate the value of the zeta potential at 0.305 I.

Zeta potentials of the oxides and virus are presented in Table IV.
Using these values, double-layer interaction potentials were evaluated
and are presented in Table V. They are repulsive in all cases.

We now can determine whether this method evaluates electrostatic
adsorption free energy components by comparing the differences in mass-
action free energies at the two ionic strengths with equivalent differences
in double-layer interaction potentials. We assume here that other com-
ponents do not change significantly as a function of ionic strength. The
comparison is shown in Table VI and gives excellent agreement.

The characteristic model distance d., is taken to be zero at coinci-
dence of the Stern surfaces, implying that the actual virus-to-solid
separation distance would be approximately 1 nm on the basis of Smith’s
work (29). This is quite reasonable, and all solid-virus interaction
potentials and free energy differences are matched with a single model
distance.

Our estimates of the zeta potential at high ionic strength could
contain some degree of inaccuracy. However, the magnitudes of these
potentials, and therefore the magnitudes of the double-layer interaction
potentials calculated at the high ionic strength, are nonetheless quite low.
This suggests that possible errors in the differences of the two potentials
at the two ionic strengths introduced by Hunter and Wright’s correlation
are minimal and can be neglected. These differences are the key variables
used for the fit of the DLVO theory.

Now that the degree to which electrostatic double layers control the
adsorption of virus on our solid surfaces is known, we will investigate the
types of interaction responsible for contributing the principal residual
free energy. Lipatov and Sergeeva (34) present substantial evidence
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Table IV. Zeta Potentials of Oxides and Virus in
pH 7 NaHCO;3;—NaCl Solutions

0.021 (mV) 0.3051" (mV)
a-Si0, —44.5 = 8.5° —13.4 =26
a-Fe 03 —288 = 2.5 —8.7 08
B-MnO, —20.7 5.9 —6.2 =18
CuO —17.6 = 6.1 —53+18
Poliovirus 1 LSc2ab —59=+0.9 —18*+0.3

® The * values are measured standard deviations for oxides, and estimates for the
virus according to the accuracy of determining electrophoretic mlgratlon distances in
duplicate experiments,

® Estimated from Hunter and Wright’s (32) correlation. Here standard deviations
are estimated from variations taken at the lower ionic strength.

Table V. Double Layer Interaction Potentials Between Virus
and Solid Phases According to the LSA Expression

Solid Ua(0.021)/kJ mol™ Uw(0.3056 1)/kJ mol™
a-Si0, 18.9 = 4.8° 1.9+0.5
a-Fey 04 127 =22 12 +02
B-MnO, 92 3.0 09=+03
CuO 7.9 3.0 0.7x03

® The * values are standard deviations.

Table VI. Comparison of Differences in AGygs
and Uy at 0.02 I and 0.305 I

AGg45(0.02 1 — Uau(0.021 —
Solid 0.305 1) /kJ mol™ 0.305 1) /kJ mol™?
a-Si0; 17.6 = 4.0° 17.0 = 4.8
a-Fey0;3 70+ 43 11 5 +22
B-MnO, 6.3 = 2.6 4+30
CuO -t 7 + 3.0

®The * values are standard deviations. .
® Cannot be determined because the isotherm at 0.305 I is irreversible.

that an increase in the molecular weight of polymers is strongly correlated
with an increase in their tendency to adsorb. They attribute this increase
to electrodynamic van der Waals interactions. In the following section,
we will determine the extent to which these interactions govern virus
adsorption,

Electrodynamic Component of AG,q. Since electrostatic compo-
nents of AG,qs are repulsive for all experimental cases presented here,
yet the virus is quite strongly adsorbed, other strong attractive com-
ponents must also be involved in adsorption. Viruses are considered to
be disperse colloidal systems, and in these systems, colloid stability theory
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suggests electrodynamic van der Waals interactions to be of major
importance (30). A combined Lifshitz—Hamaker approach (30) is used
to investigate van der Waals potentials.

Dzyaloshinski, Lifshitz, and Pitaevski (5) have quantified van der
Waals interactions using the methods of quantum field electrodynamics,
characterizing the potentials by summation over dielectric susceptibility
functions over all frequencies. This approach generally is referred to as
the Lifshitz theory. The van der Waals force at small separations (less
than 5 nm), at zero temperature (K), and between two materials
(designated by subscripts 1 and 2) immersed in a third medium (desig-
nated by subscript 3) can be written

+ €3) (e2 + &) 47
Fi3 = 16 7|'2ded f f |:(¢1 e) (e — <) exp x 1] dfdx( |
4

for semi-infinite plate—plate boundary conditions.

In this expression, 4 is Planck’s constant h/2r, d.q is the interaction
separation distance, x is a complex integration variable (5), and ¢, 2.3 are
complex dielectric susceptibility functions ¢ = ¢(») + i€’(») as a func-
tion of the complex frequenties o — wg + .

Evaluating the integral and describing the dielectric susceptibility as
a function of the imaginary frequency component (5), we have

5
Fi32 = SaPd gt D102 (5)
where
e [0) — a(i8)] [e(iE) — «lE)]
s = | s Tal®) F O] [all) T al@] % ©®

Because the integrated form over x has the same form as the older
Hamaker relations, which have been solved for various different geometric
boundaries, the Lifshitz theory can be used to obtain Hamaker coefficients
which can then be used to calculate potential energy differences.

The Hamaker formulation for plate—plate geometries is

A132

F132 = 61rded

(M

and the three-body Hamaker coefficient (A;3;) is related to the Lifshitz
frequency integral by

7
A132=§— g

A w132 (8)
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for short-distance, unretarded interactions. Because nearly all the van
der Waals potentials in our system are developed at very short separation
distances compared to those where retardation becomes significant (5),
this treatment is appropriate for our system.

In principle, all that is required for a direct Lifshitz solution is the
variation of e with « for all materials involved and their precise spatial
arrangements. The variation of ¢ with » can be closely approximated
from spectroscopic and dielectric information.

However, the spectroscopic, dielectric, and geometric information
required for exact ab initio calculation of virus-solid interactions using
Lifshitz theory is not available. Nevertheless, we can estimate their
magnitudes with the sphere-plate Hamaker expression (35)

UVdW = -

Agss [ 20, (ay 4 dea) _ (dea + 2a4)
Na 6 |: ded(ded + 2av) ln ded ] (9)

where Aj3; is the complex Hamaker coefficient and d.q is the characteristic
interaction separation distance (0.1 nm for this model).

The complex Hamaker coefficients are predicted from individual
self-interacting Hamaker coefficients (for example, A;;) evaluated by
Visser (30) from direct Lifshitz solutions or Ninham and Parsegian’s
(36) macroscopic approximations. We used combining rules derived
from thermodynamics and the Lifshitz theory by Bargeman and Van
Voorst Vader (30, 37)

16+2b;

T 1/2

Avny — 3h (A% — Ags) (Ap®: — Ags¥) 1 3h (Ag2A433)

132 77 16x2b; Ags% (A% — Agp*) n 16x%b; 1/2
1 ——— (A11433)
3h
(10)
and
A131 . (All% - A33%)2
31— 2

180 (44, 1)

where b; is a fitting parameter equal to approximately 0.32 X 107 sec™
used to predict these coefficients. Visser’s values of A;; and our coeffi-
cients are shown in Table VII. Virus and polystyrene are assumed to
have similar dielectric properties on the basis of atomic composition and
molecular structure. Unfortunately, available dielectric and spectroscopic
information does not allow discrimination among transition metal oxides.

We can compare potentials determined from these values and the
Hamaker sphere-plate expression to residual free energy components
(AGres) obtained by subtracting double-layer contributions (Uq) from
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Table VII. Individual Self-Interaction Hamaker Coefficients Taken
from Visser (30) and Calculated Mixed Coefficients

Material A, /erg X 10713 Theory
Water 4.38 Lifshitz
Polystyrene (virus) 6.15to 6.60 Lifshitz
Oxides, etc. 10.6 to15.5 Lifshitz
Metals 16.2 to45.5 Lifshitz
Quartz 80 to 88 macroscopic
approximation
Materials Aysa/erg X 10783 Theory
Quartz—H,0—virus 0.33 to 0.49 Bargeman and
Van Voorst Vader
Oxides—H;0—virus 0.53 to 1.06 Bargeman and
Van Voorst Vader
Metals—H,0—virus 0.91 to 2.97 Bargeman and
Van Voorst Vader
Polystyrene—H,0O-virus 0.17 to0 0.26 Bargeman and
Van Voorst Vader

the overall AG,4,, to determine to what extent van der Waals interactions
can account for the remaining potentials controlling adsorption. The
comparison is presented in Table VIII, and again, the agreement is
excellent. This suggests that most of the free energy of adsorption can be
accounted for by addition of van der Waals and double-layer interaction
potentials.

On silicon metal we do not observe significantly stronger adsorption
potentials than on SiO,. The Lifshitz theory predicts that we should
(30). Silicon metal is known to have an amorphous oxide coating (38),
which for material with a history similar to ours was shown by ellip-
sometry to be 3-6 nm thick.

Table VIII. Comparison of Lifshitz—van der Waals Potentials to
Residual Free Energy Components after Correcting
for Double Layer Repulsion

Solid Uvaw(Lifshitz)/kJ mol™ AGyes/kJ mol™
«-Si0; —430to —63.9 —51.9 = 3.2°
a-Fey03 —69.1to —138 —61.0 1.2
B8-MnO, —69.1 to —138 —66.1 =2.1
CuO —69.1 to —138 —73.7x5.0
Al metal —118 to —387 very strong”®
Polystyrene —222to —33.9 weak”’

*The * values are standard deviations.
® Irreversible reaction, AG.4s could not be determined.
¢ No adsorption measurable on polystyrene flasks.
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On the other hand, aluminum metal also has an oxide coating. Smith
(29) found that the layer is approximately 5 nm thick on ethanol-
HCIO;-electropolished metal and about 20 nm thick on acid-dichromate-
etched metal (also determined by ellipsometry). However, adsorption
of virus on aluminum is considerably stronger than on Al,O; and is quite
characteristic of metals as predicted by the Lifshitz theory.

The inconsistency in the adsorptive properties of these materials may
involve local “thin spots” on aluminum metal, allowing significant dipolar
contributions from the metal itself to interact with the virus, or may
involve kinetic limitations in the approach of the virus to silicon metal
surfaces. This question should be clarified in further investigations.

The value obtained for our characteristic model distance, 0.1 nm, is
smaller than the distances used by other investigators, for example, 0.2
nm (39) and 0.4-1 nm (30), and is smaller than the distance of approxi-
mately 1 nm which matches Gregory’s LSA evaluation of our electrostatic
double-layer interactions. Because the assumptions used to derive the
Hamaker-Lifshitz approach and the LSA expressions are substantially
different, we cannot expect the two fitted-model parameters to be the
same. In addition, we have good physical reasons to suspect that our
distance parameters for the Hamaker sphere-plate model will be smaller
than required for the LSA model. Among these is the damping of van
der Waals potentials by ions located between the virus and the solid
phase (40). Furthermore, because the virus is not a perfect sphere (it
is probably deformable) and the surfaces to which it adsorbs are not
planar, we should expect greater contact area than that given by the
sphere-plate model. This should reduce the magnitude of the apparent
fitting distance. Since the van der Waals potentials are probably more
sensitive to distance than double-layer potentials, we can expect the
reduction in fitted-model distance to be greater for van der Waals
interactions.

An increase in ionic strength should reduce the magnitudes of van
der Waals potentials to some extent (40). The amount of reduction
expected cannot be predicted theoretically with much accuracy because
the detailed structure and composition of the region between the virus
and surface in the adsorbed configuration are unknown. Future investiga-
tions may show this phenomenon, especially at exceptionally high ionic
strengths.

Configurational and Other Entropy Changes Not Found
in Other Potentials

The rotational and vibrational entropy of an adsorbed virion is
probably somewhat less than it is in the free state. Because of this, and
because the order of the system will possibly increase when the virus is
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adsorbed, we expect there will be other entropy contributions to AGags
and that the sign of AS, will be negative, although its magnitude cannot
be predicted at this time.

We do not see the effects of this term in matching AG,. to van der
Waals potentials, but experimental error and the uncertainty in dielectric
data and interaction geometry could accommodate significant AS, con-
tributions. It is possible that the temperature dependence of AGaqs
could resolve magnitudes of AS,, but only if its magnitude is large enough
so that it could not be accounted for by the uncertainty in predicting
double-layer, van der Waals, and hydration terms.

Hydration Energy. In our mass-action expression, we estimated
that 50 interfacial water molecules were displaced by adsorption of one
virion. Energy required for this transfer should be considered. LeNeveu
et al. (41) indicate that the chemical potentials of hydration-associated
water molecules adjacent to surfaces of phospholipid bilayers vary from
0.2 k] mol™ at 0.4-nm bilayer separation to 0.01 k] mol™ at 1-nm bilayer
separation relative to the chemical potential of bulk water. If we assume

“that the hydration energies will be similar for our systems, and the

displaced water molecules are located between these distances of separa-
tion, we obtain an additional 0.5-10 k] mol* repulsive energy resulting
from partial dehydration during adsorption. Again, uncertainty in pre-
dicting double-layer and van der Waals contributions could easily
accommodate significant hydration terms.

Possible Contributions from Other Interactions

Even though the DLVO theory explains the viruses on various sur-
faces quite well, it might be argued that the fit is possibly coincidental.
For this reason we examined other possible interaction mechanisms to
determine whether adsorption can be explained in other ways. Other
mechanisms considered include electrostatic-induced image interactions,
covalent—ionic interactions, hydrophobic interactions, and hydrogen
bonding,

Ion-exchange concepts and formulations are inappropriate for virus
adsorption because of the larger size of viruses compared to ions. Electro-
static interactions that are responsible for ion exchange in smaller scaled
systems are manifested in our system in terms of double-layer interactions.

Electrostatic Induction Potentials. Since many of our materials
are semiconductors (Fe;O3, MnO,, CuO, silicon metal), and aluminum
metal is a conductor (42-46), the possibility that potentials arising from
electrostatic induced-image forces could contribute significantly to adsorp-
tion free energies should be considered. These forces have been demon-
strated to be important in Xerox toner particle adhesion to photoreceptor
surfaces (47).
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These potentials are a result of charge carrier (electron and hole)
migration in the solid phase attributable to the electrical fields entering
the solid surface from an adjacent charged body. In our case, the virus
develops electrical charge resulting from the ionization of prototropic
groups in aqueous solutions.

Because the electrical field entering the solid phase is necessarily
damped by an increase in ionic strength, we expect that if electrostatic
induction controls adsorption, we would have weaker adsorption at high
ionic strength than at low ionic strength. Since this is exactly the opposite
of what we obtained experimentally, we have good reason to believe
that this type of interaction does not control virus adsorption to our
oxides.

However, electrostatic induction may contribute significantly in some
cases, particularly where we have conductors as adsorbents. On alu-
minum metal it may be contributing, but the metal’s high effectiveness as
an adsorbent can also be accounted for by strong van der Waals
interaction.

Covalent—Ionic Interaction. Covalent—ionic interactions appear to
be important in the adsorption of small molecules on various materials,
for example, octyl hydroxamate on Fe,O; (48), where the functional
group of the adsorbate is known to form strong aqueous complexes with
metal ions (in this case Fe®') present in surface sites of the respective
substrate.

Virus coat proteins have ionizing amino acid residues expressed on
the exterior that might be able to participate in bonding to metal sites
of an adsorbent. Choppin and Philipson (49) showed that sulfhydryl
groups on the virus exterior react with p-chloromercuribenzoate and
iodoacetamide.

Eyring and Wadsworth (50) and Little (51) present spectroscopic
evidence that thiols bond to ZnO surfaces and xanthates bond to PbS
surfaces by way of hydroxyl-exchange reactions in which metal-sulfide
bonds are formed, and metal-hydroxyl bonds are broken during adsorp-
tion. We expect that trends exhibited in the relative stabilities of amino
acid and hydroxo complexes of various dissolved cations should parallel
trends in the relative reactivities and adsorption free energies, should
this type of bonding control adsorption.

Hydroxyl ions tend to form far more stable complexes or precipi-
tates with metal ions (Fe*, Al*, Mn™, and Si*") considered present in
surface sites of many of our materials than do amino acids or simi-
lar functional-group analogues (17,18). Divalent copper, presumably
present in CuQO surface sites, reacts with sulfhydryl-containing amino
acids (52) to form Cu’ complexes and ligand dimers; therefore dissolved
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Table IX. Extraction of Purified
Sample Titer/PFU mL™

3.97 (+0.98) X 10°
483 (+1.12) X 10°

7.28 (£1.48) X 10°
5.52(%1.22) X 108
Note: The * values are theoretical standard deviations baséd on random event

considerations and measured pipetting variation (8). PFU = plaque forming units;
CPM = counts per minute,.

% } extracted with C,Cl3F5

8 } control, w/o CyCl3F5

complex stability tells us little about the strengths of possible surface
bonds. However, Cu?* does form substantially more insoluble sulfides than
hydroxides (17, 18), suggesting that sulfhydryl-Cu?* surface bonds should
be stronger than hydroxyl-Cu?* surface bonds. Extended discussions of
AG values for these reactions are presented elsewhere (8).

This suggests that if covalent—ionic interactions control adsorption,
we could expect viruses to be strongly adsorbed to CuO, but only weakly
adsorbed, if at all, to our other oxide surfaces. This is clearly inconsistent
with observed trends in virus adsorption, suggesting that here, covalent-
ionic interactions are not involved to any major extent, especially consider-
ing the good correspondence obtained with the DLVO-Lifshitz theory.

Hydrophobic Interactions. Hydrophobic interactions, responsible
for stabilizing the tertiary structure of many proteins and for stabilizing
membranes (53), are shown not to be involved in virus adsorption by
critical hypothesis-and-test experimentation. Prior to discussing the
experiment it should be recognized that occasionally these interactions
have been confused with electrodynamic van der Waals interactions,
even in recent adsorption literature. In this study, we refer to the
aggregation of nonpolar surfaces or molecules resulting from the minimi-
zation of reoriented and thus higher (than bulk) free energy water
structure adjacent to the nonpolar surfaces as hydrophobic bonding.
Tanford (53) presents an extended discussion of this type of interaction
and its importance in micelle formation, etc.

If purified poliovirus is not substantially concentrated at a trichloro-
trifluoroethane (C:Cl3F;)-water interface, since fluorocarbons are among
the most hydrophobic substances known, it is rather improbable that
hydrophobic interactions could be involved in poliovirus adsorption to
any material. This is particularly true with our oxide surfaces, which in
being wet with water, are demonstrated to be hydrophilic in character.
This C,Cl;F3 extraction procedure is commonly used in enterovirus
purification, and is highly effective in removing hydrophobic materials
(for example, lipids) from partially purified preparations.
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Poliovirus with Trichlorotrifluoroethane

SH-RNA/CPM mL™ 4C-protein/CPM mL™*
173.0 = 12.2 489 += 3.6
168.5 = 11.9 48.0 = 3.5
238.7 = 16.7 74.3 = 5.3
194.4 = 13.6 85.1 = 6.1

Dilute, highly purified poliovirus, which would occupy less than 0.03
cm? if hexagonally closest packed in a two dimensional array, was emulsi-
fied with equal volumes (10 mL) of 0.02 I, pH 7 buffer and C;ClsF3 in
borosilicate extraction tubes at 25°C. The emulsion was allowed to
separate spontaneously, which took about 5 min, and the aqueous phase
was sampled for residual virus. In Table IX we see only a small decrease
in infectivity and radioactivity in the C,Cl;F;-extracted samples, com-
pared to controls run in parallel but not containing C,Cl3F;. This experi-
ment was repeated and essentially identical results were obtained.

The surface of the virus is concluded to be hydrophilic in character
because of this. Because the oxide surfaces are all wet with water,
they are therefore also hydrophilic. We have little evidence to support
the conjecture that hydrophobic interactions might be involved to any
large extent.

Hydrogen Bonding. The involvement of hydrogen bonding cannot
be approached conclusively by critical experiment or calculation, though
perhaps investigation of virus adsorption in the presence of a competing
solute that participates in hydrogen bonding (for example, urea or
guanidine) might be useful in this regard.

However, we can predict the importance of hydrogen bonding from
its involvement in analogous systems. Since the prototropic groups on
both the solid phase and the virus are necessarily hydrogen-bonded to
water, one must break these bonds prior to forming hydrogen bonds
between the virus and the solid directly. In a similar system, internal
hydrogen bonding in globular proteins, von Hippel (54) states that the
bond interchange with water has been shown “by recent calculations
and measurement to be small, if not zero.”

Where hydrogen bonding is known to be important in aqueous
systems, for example, the bonding between base pairs in complementary
DNA, we have a highly ordered arrangement which maximizes the
occurrence of close bonding contacts. It is unlikely that the geometric
array of surface hydroxyls on oxides would correspond to the array of
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prototropic groups on poliovirus. This suggests that hydrogen bonding
is probably unimportant in virus adsorption to our materials, but further
investigation is required to prove this with materials in general.

Environmental Implications

We have presented considerable evidence that poliovirus type 1,
strain LSc2ab, adsorbs on inorganic surfaces according to the electro-
dynamic and electrostatic potentials defined by the DLVO-Lifshitz theory
of colloid stability. We shall now present a general discussion concerning
the predicted implications these findings have in regard to the overall
problem of virus transport in the environment.

Our adsorption system at 0.02 I was designed to be comparable in
ionic strength to many contaminated water conditions (55), and yet
defined enough so that the mechanisms governing adsorption to various
surfaces could be well defined. Temperatures for our adsorption experi-
ments were 15° = 2°C, which is characteristic of average natural water
temperatures in temperate climates.

Experimental isotherms are linear with respect to virus concentration
over several orders of magnitude. In addition, the fraction of the surfaces
covered in these experiments is exceptionally small as seen directly in
Figures 24. These data suggest that we have no significant level of
particle-particle interactions during adsorption, which would produce
nonlinear concave-upward isotherms (27). And this suggests that our
adsorption experiments are characteristic of isolated virus particles. Since
an isolated particle-surface interaction should be completely independent
of the virus concentration, our observed adsorption characteristics should
be appropriate for describing the adsorption of viruses at the exceptionally
low concentrations, generally less than 10 PFU mL™ (56), found in
contaminated waters.

Our analysis describes virus adsorption from the standpoint of
chemical equilibrium. Since adsorption equilibrium appears to be
approached closely in our systems in less than or equal to 2 hr, and since
the residence time of viruses in natural water systems is greater than
2 hr for many cases (for example, lakes, groundwaters, rivers, etc.),
equilibrium considerations are entirely appropriate. In other situations,
where residence times of the virus in the system are small compared to
expected times required for adsorption to approach equilibrium (for
example, sand filters in water treatment, water distribution systems, etc.),
the DLVO-Lifshitz theory may still be applied directly. The work of
Fitzpatrick and Spielman (57) concerning filtration and that of Zeichner
and Schowalter (58) concerning colloid stability in flow fields demon-
strate this clearly. Their developments of hydrodynamic trajectory
analysis coupled to DLVO-Lifshitz considerations can be extended
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readily to problems concerning the transport of viruses in saturated or
unsaturated flow in soils, as well as to those concerning the optimization
of virus removal in filtration systems. Nonequilibrium aspects should be
the subject of future investigations.

Effects of Virus Characteristics on Adsorption. We noted previ-
ously that enteroviruses are quite consistent in regard to general shape
and size, about 27 nm in diameter (6), and that they (1) are thought
to represent the most significant category of viruses in regard to water-
borne virus transmission. However, in some cases viruses that could be
possible environmental hazards, for example, adenoviruses—70 to 80 nm
in diameter (6) and rotaviruses—60 to 70 nm in diameter (59,60), are
obviously larger in size.

The combined potentials given by Equations 3 and 9 predict that at
close separation, we expect an approximately linear increase in adsorp-
tion potential with particle radius, that is, larger viruses according to
the DLVO-Lifshitz theory should adsorb more strongly, given that all
other significant parameters of the system are the same. Physically this
corresponds to an increase in adsorption potential with an increase in the
shared area of close contact between the virus and surface.

However, great care must be used in applying this prediction. The
architecture of a relatively large virus could well be more complex than
the architecture of a given small virus. There is a chance that the
complex virus, because of surface irregularities, has a smaller area of
close contact with a given solid surface than a small virus, leading to
weaker adsorption potentials for the large virus. In addition, the electro-
kinetic properties of the two viruses may well be markedly different,
which could cause changes in the electrostatic potentials large enough
to mask the effects of increased shared contact area. The studies of
Wallis and Melnick (61) concerning the variation in effectiveness of
aluminum hydroxide and phosphate precipitates as adsorbents of different
virus types give a general trend of larger virus—more virus adsorbed,
but there is a large degree of scatter in this correlation. This is quite
consistent with our predictions and their limitations.

The increase in the strength of adsorption with an increase in shared
close contact area suggests that if virus particles are aggregated or
clumped, they should adsorb more strongly than discrete particles. Be-
cause the status of the degree of aggregation in natural water systems
with low virion concentrations has yet to be defined, environmental effects
of this prediction are difficult to ascertain. However, some implications
should be obvious such as the predicted greater retention of aggregated
particles in transport through porous media.

Electrokinetic properties of the virus, which we showed to be
involved directly in the electrostatic double-layer contribution to virus
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adsorption, should play a significant role in virus adsorption in many
instances. Enteroviruses studied in regard to electrokinetic properties
appear to have two isoelectric points (IEP), each of which represents
interconvertible conformational states A and B. This was shown initially
by the classic work of Mandel (62). His values of the isoelectric points
of poliovirus type 1, strain Brunhilde, are presented in Table X along
with subsequent findings of other investigators for other virus types.
Estimated values presented for poliovirus type 1, strain LSc2ab, were
calculated from our zeta potentials of an infectious virus and non-
infectious material by applying Hunter and Wright’s correlation to esti-
mate the surface potential (y,) of the virus as detailed in the section
concerning predicted effects of pH and ionic strength. The Nernst
equation (27) was then used to estimate the isoelectric points. This pro-
cedure has been described in greater detail elsewhere (8). Values
obtained are quite similar to values reported for other enteroviruses,
except for echovirus type 1, strain Farouk.

Table X. Comparison of Isoelectric Points of Various Enteroviruses

Virus State IEP Reference

Poliovirus 1 A ~ 6.6 (8)

LSc2ab noninfectious*® <5.7

material

Poliovirus 1° A 7.0

Brunhilde B 45 (62)
Poliovirus 1 A 74

Brunenders B 3.8 (63)
Poliovirus 1 A 7.5

CHAT B 45 (64)
Poliovirus 2 A 6.5

Sabin T2 B 45 (65)
Poliovirus 1 A 8.5+ 0.1

Mahoney B ? (66)
Coxsackievirus A 6.1

A21 B 48 (65)
Echovirus 1 A? 5.6

Farouk B 5.1 (67)

¢ All values reported here were obtained by isoelectric focusing except for those
of strain LSc2ab, which were estimated from zeta potentials as detailed in the text.

® Mandel found essentially identical results as these when he determined IEPs
by looking at zonal electrophoresis polarities as a function of pH in different buffers.
This suggests that ampholytes used in isoelectric focusing (polyamino—polycarboxylic
acids), and his buffers, had little effect on the expression of conformations,
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Mandel's conformational bimodality is predicted to be of critical
importance in regard to virus adsorption to inorganic surfaces in the
environment. Gerba et al. (68) recently observed that echovirus type 1
adsorbed on sandy soil to a much lesser extent than poliovirus type 1,
strain LSc. This corresponds to the low value of the A state conformation
of echovirus type 1 presented in Table X compared to that of poliovirus.
Since this bimodality of virus IEP’s is intrinsically coupled to solution
pH, we will expand the discussion of its importance in the section
concerned with the effects of pH on adsorption.

An unanswered question does remain regarding the extension of our
findings to predict the adsorption characteristics of human hepatitis type
A. This virus is the etiologic agent of infectious hepatitis, which is
considered to be the most serious problem in the transmission of water-
borne virus disease (1). It is similar to other enteroviruses in terms of
size (27 nm in diameter), density in CsCl gradients (1.34 g cm™),
stability in the presence of chemical and physical agents, and probable
nucleic acid type (69). However, electrokinetic properties of this virus
have yet to be characterized. This information is required before accu-
rate predictions of electrostatic components of adsorption can be made
for this virus.

Effects of Substrate Properties on Adsorption. Preliminary predic-
tions can be made to some extent on the basis of isoelectric points of
various solid surfaces regarding electrostatic components of adsorption.
In Table XI we present isoelectric points of solids commonly found in
soils and sediments. For mineral surfaces, the IEP is defined to be that
pH at which a given solid particle has no net electrical potential relative

Table XI. Isoelectric Points of Various Solids Present in
Soils and Aquatic Systems

Solid Phase IEP Reference

Quartz «-SiO, 2-3.5 (70)
Corundum «-Al,O3 5-9.2 (70)
Albite NaAlSizOq 2.0 (71)
Microcline KAISi3Og 24 (71)
Kaolinite Al4(S1,040) (OH)4 < 246 27)

~ 5 edges (71)
Montmorillonite (Na,K),,,(Aly_.Mg,) .- <25 (71)

[ (Sll - ”Aly) 8020] (OH) 4" nH20

Hematite «-Fe,O3 4.2-9.3 27)
Goethite o-FeOOH 5.9-8.3 (27)
Pyrolusite «-MnO, 73 +02 (72)
Birnessite §-MnO., 1.5 = 0.5 (72)
Tenorite CuO 9.5+04 (70)
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to bulk solution in essentially pure water, and is usually determined by
microelectrophoresis or electroendosmosis experiments. The electroki-
netic properties of inorganic surfaces and proteins (important here be-
cause they are found on the exterior of enteroviruses) are extremely com-
plicated and beyond the scope of this discussion. Scatchard and Black
(78), Parks (27,70,71), Hunter and Wright (32), and Yates and Healy
(74) present extended discussions on the origins of electrical charge, the
relationship between charge, potential, and solution composition, and
what is represented by isoelectric points and zeta potentials.

When the electrostatic components of adsorption are considered by
themselves, solids that have high values of IEP could well be better
adsorbents than those with low values. For example, Al,O; could be
considered a better adsorbent than SiO; on this basis alone, which
corresponds to the experimental findings reported earlier. High values
for IEP may correspond with a greater probability of the solids having
a net positive zeta potential at the pH of a natural water system. If the
virus has a negative ¢ potential under these conditions, electrostatic as
well as electrodynamic components of AGgg,s could be attractive, leading
to greater adsorption compared to a solid that would have a negative
zeta potential under these same conditions.

Again, great care must be taken concerning predictions based on
isoelectric point considerations alone. For example, in the case of virus
adsorption on kaolinite, which is known to have different charge charac-
teristics associated with crystalline edges than with plates normal to them
(27), an isoelectric point that represents contributions from both edges
and plates may not at all characterize electrostatic components of virus
adsorption free energies. In addition, on kaolinite and other clay minerals,
differences in the origin of the charge compared to oxides (27), and the
inaccessibility of interlayer surface to molecules as large as viruses (75)
may lead to additional complications.

Differences in the abilities of various materials to generate large van
der Waals potentials are probably the most important factors, in many
cases, controlling the relative effectiveness of these materials as virus
adsorbents. The Lifshitz theory, which has been shown earlier in this
chapter to predict adsorption characteristics of poliovirus on a wide range
of materials quite well, (Table VIII), predicts the following general
series of adsorbent effectiveness (30)

Metals (strong) > Sulfides > Transition Metal Oxides >
SiO; > Organics (weak)

on the basis of the dielectric properties of the materials. Since the
magnitudes of the van der Waals potentials are larger than double-layer
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interactions (Tables V and VIII) at 0.02 I, the Lifshitz predictions may
well be more important than electrokinetic considerations in adsorption
of viruses to different materials for most natural water conditions.

Predictions concerning the low effectiveness of organics as adsorbents
are well supported by experimental evidence in addition to their dielectric
properties. Under conditions detailed earlier for our adsorption experi-
ments, we saw no significant adsorption to polystyrene (8) or poly-
ethylene reaction vessels (26). (See also Table IX and discussions
concerning weak virus adsorption at the water—C,Cl;F; interface and
hydrophobic interactions.)

In addition to the dielectric properties and experimental evidence
described previously, most organic substances found in natural waters
are negatively charged under natural water conditions (27). This also
predicts that most organics should be weak adsorbents under these
conditions. However, under special solution conditions (for example, at
physiological ionic strength, especially at reduced pH), even materials
such as polystyrene and cellulose acetate (Millipore filters) can remove
substantial fractions of virus from aqueous suspension. Materials such
as aluminum metal should be far more effective as adsorbents than these
materials, even under conditions that assist adsorption to the organic
polymers. It should be mentioned here that these discussions concerning
the predicted weak effectiveness of organics are appropriate for charac-
terizing general, nonspecific interactions, and should not be applied to
specialized cases of materials designed for chemical coupling.

Effects of Ionic Strength, pH, and Solution Composition. The tend-
ency of virus to adsorb strongly to various materials at high ionic
strength is well known. Carlson et al. (76) showed that silicate minerals
strongly adsorbed T2 phage and poliovirus type 1, Sabin strain, at NaCl
concentrations of greater than 0.02M and at CaCl concentrations of
greater than 0.002M at pH 7. The results we presented earlier also
demonstrate this with poliovirus and other inorganic surfaces. Both
results correspond well with the DLVO-Lifshitz theory. Information
presented in Tables V and VII shows that the electrostatic double-layer
contribution to the free energy in brackish water conditions (I = 0.305,
seawater I = 0.7 (14)) becomes unimportant compared to van der
Waals contributions. However, at exceptionally high ionic strength
increased amounts of electrolyte between the adsorbed virion and the
surface may dampen dipole-dipole (van der Waals) interactions to such
an extent that adsorption is decreased (40).

The effects of pH changes are also predicted by the DLVO theory.
In general, high pH favors free virus and low pH favors adsorbed virus
(2). However, there have been several reports in the literature that this
is not a general phenomenon. For example, Berg (77) reported a
maximum in adsorption at about pH 7 with poliovirus on Millipore filters,
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with less adsorption occurring at higher or lower pH levels. Buras (78)
found maxima near pH 7 and pH 4.5 with magnetite, and a decreasing
tendency for virus to adsorb at intermediate pH’s.

The DLVO theory explains these results quite readily. To demon-
strate this, we will discuss predictions of the adsorption characteristics
of poliovirus on SiO; as a function of pH. To make these predictions
we have adopted free energy values and electrodynamic and electrostatic
adsorption potential equations found in the earlier sections of this study
to characterize virus adsorption. These equations are then used to
predict the effect of altering pH on the basis of electrochemical theory.
We selected the measured van der Waals potential of —52 k] mol™
and added the double-layer potential as evaluated by Gregory’s LSA
expression to calculate an estimate of the fraction of virus adsorbed
(Faas) with Equation 2. We selected a system containing 1 m? of SiO,
and 1 L of 0.02M NaCl for the demonstration.

To evaluate the double-layer potential as a function of pH, zeta
potential estimates of solid and virus are required. The zeta potentials
of SiO, were obtained by direct microelectrophoresis as a function of pH
(8). For the virus, this information is not available directly from experi-
mental measurements. Here we applied the Nernst equation (27) to
Mandel’'s (62) isoelectric points (A state = pH 7.0, B state — pH 4.5)
to estimate surface potentials (y,):

4o =23 2L (1EP — pH) (12)
where F is Faraday’s constant. We can then obtain preliminary estimates
of ¢ from y, by applying Hunter and Wright’s correlation. For some
oxide surfaces, if we extrapolate a linear function to a counterion
concentration of 106M the value obtained is quite close to a surface poten-
tial obtained by a best-fit Stern—-Graham approach (382). First-order
estimates of Uy, as a function of pH can then be made by first estimating
Yo with the Nernst equation, then applying the correlation just mentioned,
and by finally applying Gregory’s LSA expression.

Predicted results for this system are shown in Figure 6. The effects
of Mandel's two conformational states dominate the picture. At high
pH, the virus is predominantly freely suspended. Near pH 7, the A state
isoelectric point virus is strongly adsorbed. As the pH is decreased to
about 6, we observe an A — B state transition, drawn here where Mandel
found it in his experiments, that predicts decreased levels of adsorption
compared to that seen for pH 7. At pH 5 and below, strong adsorption
is again predicted, this with the B state virus as well as the A state. virus.
This bimodality in conformational state explains the results of both Berg
and Buras. However, at this stage of development the calculated values
plotted for F,4, should be regarded as approximate and tentative.
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Figure 6. Predicted adsorption of poliovirus on SiO, surfaces as a func-
tion of pH according to the DLV O theory.

Faa, represents the fraction of the total virus present that is adsorbed to 1 m? of

SiO; surface from 1 L on 0.02M NaCl. Dotted areas represent regions where

adsorption is predicted to be weak. At pH 5 to 6 and 8 to 9, virus and SiO; are

similar (negative) in regard to Gouy layer charge. The transition in the central

region of the diagram represents conformational change from A to B state,
originally described by Mandel (62).

Solution components may alter the surface properties of various
solids or viruses in a given system so that predictions based on dielectric
properties, isoelectric points, pH, and ionic strength considerations may
be inaccurate.

For example, dissolved carbonate species present in our 0.02 I buffer
system, predominantly CO., H,CO3°, HCO;3?, CO;%, and various car-
bonato complexes, had a marked effect concerning adsorption to transition
metal oxides. The zeta potential of CuO in 0.02 I buffer was —17.6 =
6.1 mV, while in 0.02M NaCl that contained only traces of total dissolved
carbonate (approximately 105M), it was 432.0 = 5.8 mV. This shows
marked alteration of the electrical structure of double layers by some
carbonate species. The same effects were seen to lesser extents on Fe,O3
and MnO, (8). Double-layer interaction potentials calculated with zeta
potentials measured in 0.02 I reaction buffers matched adsorption free
energy differences well, and these potentials included the effects of
carbonate species. Where effects of dissolved constituents have not been
accounted for intrinsically, predictions made on the basis of the DLVO-
Lifshitz considerations alone must be made with care.

Dissolved and suspended organic material may also affect the
double-layer or the van der Waals contributions to adsorption, should
they form coatings sufficiently thick that close contact of the virus with
the adsorbent is blocked. From considerations of the low dielectric
nature of organics and the predominantly negative charge of humic
substances (79) common in soils and aquatic environments, we can .
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the general prediction that natural organics may well reduce the amount
of virus adsorbed to a given substrate compared to an identical system
that does not contain the organics. However, in special cases such as
addition of anthropogenic cationic polymers such as polyethylenimines
(80) to a given system, virus adsorption could well be enhanced. This
of course depends on other system variables being conducive to this
enhancement.

In any case, we did not attempt to predict adsorption characteristics
of all viruses on all solids in any aqueous system in this study. In this
discussion of environmental implications, we merely attempted to extract
salient features of the importance of the DLVO-Lifshitz theory in regard
to problems concerning virus adsorption. Additional implications and
specialized cases will be the subjects of future investigations.

Conclusions

Poliovirus adsorption to many oxide surfaces is controlled principally
by the combination of electrodynamic van der Waals interactions and
electrostatic double-layer interactions, as demonstrated by the excellent
correspondence of the DLVO-Lifshitz theory with experimentally deter-
mined adsorption free energies.

The Lifshitz theory, which characterizes van der Waals interactions,
quantitatively predicts the wide differences in adsorption characteristics
of various materials that are results of these interactions. Double-layer
interactions appear to be well predicted by Gregory’s LSA, constant-
charge expression and measured zeta potentials of viruses and oxides.
Other contributions to the adsorption free energies such as valence
bonding, induced-image forces, hydrophobic interaction, and configura-
tional entropy appear to be of secondary importance in our system.

The DLVO-Lifshitz theory should be regarded as a principal mecha-
nism governing the adsorption of viruses on various inorganic surfaces.
This finding has direct application to problems concerning transport of
viruses in aquatic systems and soils. It is possible that it could lead to
the design and optimization of adsorption—filtration processes for remov-
ing viruses and other particulates from contaminated water.
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Metal Transport Phases in the Upper
Mississippi River

S. J. EISENREICH! M. R. HOFFMANN, D. RASTETTER,
E. YOST, and W. J. MAIER

Environmental Engineering Program, Department of Civil and Mineral
Engineering, University of Minnesota, Minneapolis, MN 55455

Six metals of geochemical and water quality interest in the
upper Mississippi River were partitioned into soluble,
adsorbed, solid organic, oxide coating, and crystalline
phases, applying a chemical fractionation scheme to par-
ticulates and ultrafiltration to the dissolved (< 0.4 pm)
phase. Crystalline and oxide fractions were dominant trans-
port phases for aluminum and iron, while solution and solid
organic fractions were dominant for manganese, copper,
cadmium, and lead. The fraction of metal transported in
available phases (noncrystalline) ranged from 10 to 25%
for aluminum and from 30 to 70% for iron, while the
amount of manganese, copper, cadmium, and lead gen-
erally exceeded 90%. Ultrafiltration studies showed that
the highest concentrations of copper, cadmium, and lead
occurred in the 1-10K mol wt fraction and correlated with
organic carbon. The magnitude of residual copper com-
plexation capacities (~ 1.0 M) and conditional stability
constants (~ 10%°) suggests that natural organic ligands are
likely multidentate, containing nitrogen and sulfur func-
tional groups.

The partitioning of major and trace metals between dissolved and
particulate phases in aquatic systems is an important factor con-
trolling metal availability and toxicity to biota. Metal concentrations and
speciation in natural waters, whether derived from indigenous or anthro-
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pogenic sources, are regulated by aqueous-phase (complexation, ion-pair
formation, redox) and solid-phase (precipitation, adsorption/absorption,
ion exchange) reactions. The relative importance of each process will
depend on the aqueous chemistry of the metal, the chemical milieu of
the natural water, the amount and type of surface available, and hydro-
logic factors. For example, the solid phase has been implicated as con-
trolling the concentrations of trace metals in freshwater (1-6) and sea
water (7). Jenne (1) has proposed that adsorption on or inclusion in
the hydrous oxides of manganese and iron is the major controlling mech-
anism determining trace metal concentrations in freshwater. Gibbs (2)
and Shuman et al. (3) concluded similarly that trace metals were con-
centrated in the crystalline and hydrous oxide phases with solid organic-
associated metal contributing to a lesser degree. Recent data (8, 9, 10, 11)
suggest that naturally occurring organic matter in freshwater such as
fulvic acids can complex or adsorb trace metals, increasing their concen-
traction, transport, and potential availability. Natural organic trace-metal
stability constants have been found to be greater than corresponding
inorganic complexes, and these associations can be significant even in
the presence of excess concentrations of competing major cations (12).
Biological availability/toxicity may be affected by adsorption, complexa-
tion, or incorporation of trace metals by/into dissolved or colloidal
organic matter. Complexation of micronutrients by soluble organic
ligands may increase the physiological availability of trace metals to
aquatic organisms when the ratio of organic matter to metal is reasonably
high (13,14, 15), while inverse relationships have been found between
complexation capacity and relative toxicity of copper and cadmium to
planktonic algae (16,17, 18).

This chapter presents information on: (1) the partitioning of iron,
aluminum, manganese, copper, cadmium, and lead between dissolved
and particulate phases; (2) molecular size characteristics and stability
relationships of metals and organic matter; and (3) the speciation of
metals in the particulate phase. The importance of organic-metal and
particulate-metal interactions in river water is discussed also.

Experimental

Sampling. The area under study is an 885 km stretch of the upper Mis-
sissippi River extending from near the source of the river (river km 2197) to
just below the Twin Cities metropolitan area (river km 1312). Sampling sites
were chosen to represent terrestrial influences of varying types on the concen-
trations and speciation of metals in the river (Figure 1). Site 1 is located at
river km 2197, 12.9 km southwest of Bemidji, Minnesota, near the source of
the river. The site was chosen as being representative of a pristine area with
natural background inputs affecting the total organic carbon (TOC) and metal
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Figure 1. Sampling sites in the upper Mississippi River

content of the river derived from relatively undisturbed wetland areas. The
watershed consists primarily of coniferous forests (72% by area) with minor
cropland (15.6% ), pasture (3.5%), and other land uses (6.5% ). Site 2 is
located at river km 1496 and was chosen to characterize the effect of agri-
cultural land use on river quality; minimally treated sewage discharges occur
upstream. The watershed surrounding this segment of the river is devoted
primarily to farming (47.6% ), with smaller amounts devoted to forest (22.4% ),
pasture (17.5% ), and other land uses (13.1% ). Site 3 lies within the urban
Twin Cities area but upstream of major industrial and municipal discharges.
Site 4 is located downstream of the Twin Cities metropolitan area and 8 km
downstream of a major metropolitan sewage treatment plant discharging 0.8
0.9 X 10 m3 of treated effluent per day. Diffusion models and aerial photo-
graphs (19) show that treated sewage was mixed 70-100% with Mississippi
River water at Site 4. Site 5 on the Minnesota River was added to the sam-
pling network in the spring of 1978 to evaluate the effects of Minnesota River
inputs to the Mississippi River at Site 4. Overall, the sampling network
encompasses 885 km and 13 dams, which effectively separate the chemical/
physical processes occurring at each site, except for Sites 3 and 4. Flows
increase by a factor of 100 from Site 1 to Site 4 based on annual flow data.

Water samples were obtained from low-lying bridges near midstream at all
sites at a depth of 0.5 m with a cleaned and hand-operated plastic pump fitted
with Tygon tubing, or with a linear polyethylene (LPE) bucket. Contamina-
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tion from the pump or bucket was negligible. An aliquot of the water sample
was filtered through preweighed 0.4-um pore size membrane filters (Nucle-
pore) either in situ or in the laboratory within 2 hr. Nuclepore membrane
filters were used because they exhibit low and constant metal blanks within
a batch, and have a relatively uniform pore-size distribution. The dissolved
fraction, operationally defined as the quantity passing a 0.4-pm filter, was
collected directly into acid-leached LPE bottles in polycarbonate filtration
assemblies, and acidified to 1% acid with redistilled HNO;. Unfiltered water
samples for TOC analysis were collected in 125-mL carbon-free glass bottles
with aluminum foil-lined caps. Samples for general parameter analysis were
stored in 500-mL acid-leached LPE bottles. Bulk water samples of 100-240L
were stored, acid-cleaned LPE carboys. Metal, carbon, and general parame-
ter samples were collected in duplicate and stored at 4°C until analyzed.

Analysis. The membrane filters plus nonfilterable residue, operationally
defined as particulate matter, were dried to constant weight in a desiccator and
digested by sequential treatment with ‘HCIl, -HNO,, -HF (750 pL, 250 pL,
and 100 pL, respectively) using a Teflon bomb and a dry-air oven (20). The
dissolved and digested metals were determined by atomic absorption spectro-
photometry (AAS) with a PE Model 360 equipped with a Model 2100 heated
graphite furnace and D, background correction, or in the flame mode with
a Varian Model AA 175. Dissolved calcium, magnesium, sodium, and potas-
sium analyses were performed by inductively coupled plasma emission (Ap-
plied Research Labs QA—137) in a 2N HCI matrix. Digested metal concen-
trations were adjusted for filter blanks. Metal standards were prepared daily
to correspond to the treatment of field samples. General parameters were
determined according to Standard Methods (21) and TOC measured with a
Beckman Model 915A TOC analyzer.

Suspended solids were isolated from 100-240 L of water for particulate
metal characterization by continuous-flow centrifugation using a Sorvall SS-3
Centrifuge equipped witha KSB-3 continuous-flow assembly. Centrifuge speed
and sample flow rate were adjusted such that particles with a density greater
than or equal to 1.5 g/cc and with a Stokes’ diameter greater than or equal to
0.4 um were collected. Centrifuged water, when filtered through 0.4-um
Nuclepore membranes, showed no change in metal content. To prevent metal
contamination from the rotor assembly and latex tubing, machined polycar-
bonate liners were used in the rotor chambers, and Teflon or glass liners were
used elsewhere. Solids were transferred to polycarbonate tubes and dried
under vacuum prior to chemical fractionation and analysis.

Ultrafiltration. Millipore 90-mm high-flux ultrafiltration cells and mem-
branes listed in Table I were used for all ultrafiltration experiments. A Prince-

Table I. Characteristics of

Pore Size  Nominal Molecular Weight

Membrane (nm) Cutoff (AMU) pH Range
UMO5 1.0 500 (0.5K) 2-12
PSAC 1.4 1,000 (1K) 2-10
PTGC 2.8 10,000 (10K) 1-14
PSED 3.4 25,000 (25K) 2-10
PTHK 6.2 100,000 (100K) 1-14
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ton Applied Research Polarographic Analyzer Model 174A equipped with a
Metrohm E410 HMD electrode and a Scientific Products Magnestir were used
for anodic stripping voltammetry (ASV). An HP-7040A X-Y recorder was
used to record scans.

All water samples were stored at 4.0°C before analysis. The centrifugate
was filtered through a 0.40-um membrane immediately before ultrafiltration.
After pretreatment, a sample of known volume (0.4< v < 1.4 L) was intro-
duced into a well-cleaned ultrafiltration cell, and the system was pressurized
with nitrogen to 25 or 40 psig, depending on the membrane to be used. The
ultrafiltrate was collected in an acid-washed polyethylene bottle. When the
retentate volume was reduced to approximately 50% of the initial volume, the
system was depressurized and the retentate was transferred to three different
acid-washed bottles and stored for AAS, ASV, and TOC analysis. The AAS
portion was acidified immediately. Volumes were determined with graduated
cylinders. The ultrafiltrate from this step was fractionated sequentially using
membranes with the next lower pore size until the smallest pore size was used.
Volumes of both the retentate and ultrafiltrate were recorded at each stage.
Membranes were soaked at pH 2.4 for 24 hr before use. Both membranes and
cells were rinsed with 2 L of Milli-Q water (4 cell volumes). The final 60 mL
was collected for blank determinations.

Free and labile copper, cadmium, and lead were determined by ASV in
the differential pulse mode using a HMDE, a plating potential of —1.3 V vs.
SCE, a plating time of 90 sec with stirring, and a 30-sec quiescent period
before stripping. Other operating parameters were: scan rate, 5 mV/sec; modu-
lation amplitude, 25 mV; current range, 0.1-0.5 amp; and drop time, 0.5 sec.
Sample mixing was achieved by bubbling deoxygenated nitrogen gas and by
magnetic stirring with a 10-mm Teflon bar.

Complexation capacity measurements for copper were made in the direct
current mode with a plating potential of 0.8 V vs. SCE, a plating time of
150 sec, a 30-sec quiescent period, a scan rate of 20 mV/sec, a modulation
amplitude of 25 mV, a current range of 0.2 1 amps, and a drop time of 0.3 sec.
For complexation capacity measurements a carbon dioxide buffer/nitrogen
buffer was used. Carbon dioxide and nitrogen (Matheson) were mixed using
Matheson rotometers #610 (for carbon dioxide) and #602 (for nitrogen).
After mixing, the mixture was deoxygenated with a vandadate solution con-
taining 2.3 g V,05, amalgamated zinc, and 12M HCI in 250 mL of ultrapure
water obtained from a Millipore Milli-RO/Milli-Q water purification system.
Standard copper solutions (104-10"M) were made from AR copper wire
dissolved in a small amount of concentrated HNO,. NaClO, (G. F. Smith)
was recrystallized and used as the inert electrolyte at a concentration of 30mM.

Ultrafiltration Membranes

Operating Pressure

Membrane Composition Manufacturer (psig)
polyelectrolyte Amicon 40
polyelectrolyte Millipore 40
aromatic polymer Millipore 25
polyelectrolyte Millipore 25
aromatic polymer Millipore 25
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Fractionation of Particulate Matter. Duplicate samples of river particu-
lates collected by continuous-flow centrifugation were leached sequentially
according to the following schema:

Treatment Fraction Ref.

0.5N MgCl,, 7 hr Adsorbed/ion exchangeable (2)

0.4N Na,P,0,, 10 hr Particulate organic (22)
pH7

0.3N HC], 30 min, 90°C Metal oxide (23)

Conc. HNO;,-HC1,-HF  Crystalline (20)

Approximately 0.5-1.0 g of solid matter was added to acid-leached poly-
carbonate centrifuge tubes followed by 25 mL of leaching reagent. The mix-
ture was then equilibrated under the conditions specified. Solid residues were
separated from the leachate by centrifugation, the supernatant removed with a
pipette, and the residues resuspended and washed twice more with extracting
reagent. The supernatant and wash were combined, acidified to pH 1.0, and
analyzed. In some instances, particulate samples consisted of composites from
several sampling dates, and therefore were weighted to the amount of solid
residue obtained on each sampling date.

Results and Discussion

Metal Partitioning Between Dissolved and Particulate Phases.
General water quality and chemical characteristics of the upper Missis-
sippi River and Minnesota River are shown in Figure 2 with statistical
summaries for all data given in Table II. Sites 14 are typified by high
TOC (x = 10.8 to 13.3 mg/L as C), low suspended solids (SS) (x = 5.5
to 49 mg/L), high total inorganic carbon (TIC) (¥ = 31 to 49 mg/L as
C), and moderate chloride (¥ = 2.3 to 19 mg/L) and sulfate (¥ = 2.8 to
42 mg/L) concentrations. The concentrations of TOC and TIC exhibit
little fluctuation on a mean basis from Sites 1—4, whereas sulfate, chlo-
ride, specific conductance, and SS generally increase with distance down-
stream from the headwaters. Calcium (¥ — 34 to 54 mg/L) and mag-
nesium (¥ = 11 to 19 mg/L) mean concentrations were moderately high,
corresponding to the predominance of glacial calcitic and dolomitic rock
in most of the watershed, and fluctuate little from site to site, whereas
sodium (X = 5 to 15 mg/L) and potassium (1.4 to 4 mg/L) varied by a
factor of three from Sites 1-4. The variability in the mean sodium and
potassium concentrations represents changes in clay composition of soil
types and the influence of the metropolitan area on river composition.
Metal concentrations and speciation should be controlled by these fac-
tors. Thus Sites 1—4 have high alkalinities, high TOC and major cation
concentrations, and a relatively low SS load. In contrast, Site 5 on the
Minnesota River, draining the intensively cultivated agricultural area of
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Figure 2. Mean concentrations of major cations and general water qual-
ity parameters in the upper Mississippi River

central Minnesota, exhibited high concentrations of most parameters.
Site 5 was added to the sampling network in spring 1978, and high SS
and sulfate concentrations may partially be attributable to spring runoff.
These values agree with data obtained quarterly over the past ten years
(24). Site 5 was included to evaluate its influence on metal transport at
Site 4, which is attributable to a combination of factors resulting from
upstream transport, sewage effluent, and input from the Minnesota River.

The dissolved and particulate concentrations of iron, aluminum,
manganese, copper, cadmium and lead obtained for Sites 1-5 for 1977-
1978 are shown in Figure 3 with statistical summaries given in Table III.
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Table II. Major Elements and General Parameters
Site 1 Site 2
X SD N X SD N
Ca 49 10.6 4 34 5.5 4
Mg 18 5.4 4 10.7 2.1 4
Na 5.5 1.7 4 4.7 .8 4
K 1.4 2 4 1.6 3 4
TOC 10.8 4.4 4 13.3 4.3 4
TIC 49 11.1 4 31 7.0 4
Cl 2.3 1.0 4 2.3 1.6 4
SO, 2.8 1.6 4 8.2 b 4
SS 5.5 2.3 4 6.9 3.8 4
SC (pmho/cm) 290 100 4 250 40 4
TEMP (°C) 9.6 7.8 4 9.7 7.6 4
pH 7.5 3 4 8.0 b 4
FLOW (cms) — — — 95 — 1
Table III. Dissolved and Particulate Metal in
Site 1 Site 2
X SD N X SD N
Filterable
Al 34 2.1 4 20 9.3 4
Mn 140 190 4 37 14.8 4
Fe 170 64 4 170 28 4
Cu 8 .6 4 2.1 7 4
Cd 13 .08 4 .26 16 4
Pb 7 4 4 1.0 6 4
Nonfilterable
Al 490 510 4 620 602 4
Mn 13.4 11.4 4 49 25 4
Fe 320 88 4 350 230 4
Cu 4 5 4 3 4 4
Cd .07 .04 4 .16 12 4
Pb 1.7 2.3 4 2.5 4.2 4
Total Metal
Al 490 520 4 640 608 4
Mn 150 190 4 86 14.2 4
Fe 490 99 4 520 250 4
Cu 1.2 Vi 4 2.4 1.1 4
Cd .20 .08 4 42 .18 4
Pb 2.3 2.0 4 3.5 47 4
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in the Upper Mississippi River—1977-1978 (mg/L)
Site 3 Site 4 Site &
X SD N X SO N X SD N
42 5.6 17 54 8.7 10 79 20 3
14.8 25 17 19 3.5 10 28 9.8 3
74 18 17 15.3 50 10 12.9 41 3
2.1 717 4,0 8 10 6.7 0 3
12.1 2.6 17 11.5 2.2 10 8.9 2.1 3
36 54 17 40 58 10 44 8.6 3
7.6 1.5 17 19 48 10 16 3.1 3
144 30 17 42 18 100 260 180 3
22 28 17 49 56 10 230 150 3
320 40 17 450 70 10 620 150 3
7.1 70 17 88 64 10 10.6 2.2 3
7.8 2 17 78 2 10 8.1 5 3
320 240 17 440 340 10 350 24 3
the Upper Mississippi River—1977-1978 (ug/L)
Site 3 Site 4 Site &
X SsS» N X SO N X SD N
6.8 42 17 7.8 3.1 10 3.1 2.8 3
20 15 17 39 27 10 13.8 19 3
86 61 17 101 45 10 159 5.3 3
32 9 17 3.8 1.0 10 2.5 2 3
.33 B34 17 48 22 10 22 18 3
9 8 17 9 6 10 2 1 3
880 1500 17 2700 3300 10 9900 8800 3
160 130 17 170 106 16 340 260 3
720 990 17 1700 1900 10 6200 6000 3
15 1.8 17 3.0 37 10 9.0 7.2 3
.23 31 17 A48 .50 10 27 29 3
1.5 26 17 48 6.5 10 59 2.3 3
880 1500 17 2700 3300 10 9900 8800 3
180 120 17 210 92 10 360 280 3
810 1000 17 1800 1900 10 6200 6000 3
4.7 21 17 6.8 3.7 10 11.5 7.0 3
.55 b4 17 .96 52 10 49 46 3
24 2.5 17 5.7 6.4 10 6.0 24 3
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Figure 3. Mean dissolved and particulate metal concentrations in the
upper Mississippi River, 1977-1978

Colloidal and microparticulate matter can pass through 0.4-um mem-
brane filters and therefore bias metal distribution. A more detailed dis-
cussion of this is presented later.

The mean concentrations of total iron, aluminum, manganese, cop-
per, cadmium, and lead increase with increasing distance downstream
from Site 1-4. Total mean iron concentrations varied from 410 to 1800
pg/L. The relatively high concentrations of iron most likely were at-
tributable to association with dissolved and colloidal organic matter
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which maintains it in solution or prevents precipitation as an amorphous
ferric hydroxide (4, 12, 25,26). Iron transported in the dissolved phase
varies from 35% at Site 1, where the SS load is lowest, to 6% at Site 4,
where the SS load is highest. Aluminum is transported more than 99%
in the particulate phase, probably in an aluminum-silicate matrix.

Total manganese concentrations at Sites 1—4 ranged from 86 to 210
pg/L, with the value at Site 4 (150 ug/L) higher than at Site 2 (86
pg/L). The higher manganese concentration at Site 2 is attributable to
increases in the dissolved fraction accounting for 93% of the total; man-
ganese transported in the dissolved phase ranged from 11 to 43% for
Sites 2-4. Dissolved manganese probably consists of organic and HCOj3~
complexes (26) with some contribution from microparticulate manganese
(that is, MnO,).

Total copper and cadmium concentrations increased from Sites 14,
ranging from 1.2 to 6.8 ug/L for copper, and 0.2 to 1.0 ug/L for cadmium.
Copper transported in the dissolved phase ranged from 56% at Site 4 to
68% at Sites 1 and 3, and 80% at Site 2. Dissolved cadmium accounted
for more than 50% of the total concentrations at all sites. Thus, copper
and cadmium transport in the Mississippi River was dominated by appar-
ent solution-phase transport. Total mean lead concentrations ranged
from 2.3 to 5.7 ug/L at Sites 14, with dissolved metal accounting for
16 to 38% of the total. The unexpectedly large contribution of dissolved
lead indicates the potential role played by organic matter in maintaining
lead in solution.

Wilson (4) has compiled available data on dissolved particulate
metal distributions in rivers and in general, agrees with our observations
on aluminum, iron, and manganese, but differs to varying degrees on
copper, cadmium, and lead. Others have emphasized the importance of
organic matter in mediating dissolved metal concentrations (12, 26, 27).
However, Gibbs (2, 27) and Shuman et al. (3) have demonstrated the
importance of particulate metal transport in major rivers. In contrast,
Beck et al. (25) have found that dissolved metal is important in rivers
of the southeastern U.S. where TOC is high, SS is low, and the pH is less
than 7. Although conditions in the Mississippi River differ from those
just described, the high TOC and low SS levels appear to emphasize the
importance of dissolved metal.

Total metal concentrations in the Mississippi River are elevated
somewhat over average river waters (Table IV), except for polluted
areas. The elevated concentrations of copper, cadmium, and lead at Site
4 compared to Site 3 are in part attributable to the discharge of treated
sewage effluent and urban runoff. The Minnesota River may be impor-
tant for all metals studied with the exception of cadmium. Under low
flow conditions, 10 to 50% of the trace metal load to the Mississippi
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Table IV. Concentrations of Metals in Average River Waters®’

Ocean Rivers
Riley & Upper
Element Chester® Bowen* Turekian® Mississippt!

Li 180 1.1 3 —
Al 5 240 400 400-800
Sc 0.00015 —_ 0.004 —
Ti 1 8.6 3 —
vV 1.5 1 0.9 —
Cr 0.6 0.18 1 5
Mn 2 12 7 80-360
Fe 3 670 — 400-1000
Co 0.08 0.9 0.2 1
Ni 2 10 0.3 10
Cu 3 10 7 1-7
Zn 5 10 20 15
Mo 10 0.35 1 —
Ag 0.1 0.13 0.3 —
Cd 0.05 0.08 — 0.2-1
Ba 30 54 10 —
Hg 0.05 0.08 0.07 0.1
Pb 0.03 5 3 2-6

® Modified from Ref. 4.

® All concentrations given in ug + L1
¢ Data from Ref, 77.

¢ Data from Ref. 78.

° Data from Ref. 79.

! Data from this study.

River downstream of the sewage discharge has been estimated to be
attributable to the treatment plant (19). More recent data (28) suggest
that 20 to 40% of the trace metal content at Site 4 results from sewage
inputs under normal flow conditions, with the remaining amount con-
tributed from upstream transport or from the Minnesota River.

The effects of seasonal and discharge variations in metal concentra-
tions observed in rivers have been reviewed (4, 29, 30, 31). In general, no
consistent relationship has been found between metal concentration and
discharge, season, location, or geological environment. Intuitively, trace
metal concentrations within a single river system must reflect the up-
stream geological environment, water chemistry, and the presence or
absence of pollution discharges. Data from this study for Sites 3 and 4
reported elsewhere (32) showed little seasonal variation in the concen-
trations of TOC, TIC, and chloride, whereas the SS concentration reached
a minimum during low flow periods (winter) and a maximum just before
peak flow was achieved in spring. The SS load was responding to an
increased flow velocity of the river, which moves sediment downstream,
and to soil erosion.
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Figures 4 and 5 show the seasonal variation in dissolved, particulate,
and total iron, manganese, copper, and cadmium concentrations for Sites
3 and 4 in the upper Mississippi River. Maximum concentrations of iron
and aluminum at Site 4 during maximum flows were three to five times
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Figure 5. Seasonal variations in dissolved and particulate copper and
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the values observed at low flow. The increase in peak flow concentrations
of all metals was accounted for largely by increases in the particulate
phase. However, the increase in peak flow concentrations was signifi-
cantly greater for aluminum, iron, and lead, which are dominated by
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particulate-phase transport, but lesser for manganese, copper, and cad-
mium, which exhibit a high percentage of dissolved-phase transport.

The smaller increases of cadmium and copper concentrations during
spring flow periods may mimic the lesser abundance of these metals in
sediments. In general, total iron, aluminum, and manganese concentra-
tions increased with increasing flow, suggesting particle transport, while
copper, cadmium, and lead concentrations were inversely proportional
to flow in summer, fall, and winter, but increased during spring flows.
Wilson (4) has suggested that increasing flows should cause a decrease
in the dissolved metal fraction by dilution, and an increase in the par-
ticulate phase, with discharge as a result of reentrainment of sediments.
Dissolved metal did not decrease with increasing flow, but particulate
and total metal concentrations did. It is apparent that the particulate
and dissolved phases are not in equilibrium and that organic matter may
influence trace metal associations in river water.

Ultrafiltration of Dissolved Metal. Specific analytical procedures
for ultrafiltration were established expressly to maintain the integrity of
the in situ metal-organic interactions. According to Buffle et al. (33),
use of sequential ultrafiltration procedures minimizes the problems of
inconsistent organic fractionations (34, 35), sorption (36), and leakage
of organic material when the retentate concentration factor is large (37,
38). To avoid a large concentration gradient, either partial separation
or repetitive washing of the retentate with distilled water of fixed ionic
strength has been used. However, the latter procedure may result in
irreversible alteration of the original metal-organic associations.

To maintain a maximum concentration factor less than or equal to
2 and to resolve the distribution of organic matter and organometallic
complexes according to molecular size, a mass balance formalism was
developed.

In sequential ultrafiltration successive volume reductions occur
(Figure 6). Since volume is reduced by 50% at each stage, both the
filtrates and retentates contain components of other molecular size frac-
tions; consequently, the components contributing to each measured frac-
tion must be taken into account in a mass balance.

The mass balance problem can be solved readily for organic carbon.
The filtrates of each fraction filtered sequentially are missing organic
matter of a size larger than the membrane cutoff. By measuring either
the retentate or filtrate TOC in mg/L, the mass of TOC in each successive
filtrate fraction can be determined if it is assumed that: (1) the TOC of
molecular size less than the membrane cutoff passes in proportion to the
volume; (2) the membrane behaves ideally as a molecular sieve at each
cutoff; and (3) the volume is known. Given these conditions, a system
of equations (Table V) for either retentate or filtrate fractions can be
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MISSISSIPPI RIVER WATER
Centrifugate <0.3u
Filtrate <0.4u

Ultrafiltration Fractions
>100 K = DOC; or DOC; - Mj

le——

DOC 1 25-100K = DOC» or DOC*Mj
10-25K = DOC3 or DOC3 M
1-10K = DOC4 or DOC4*Mj
+ Vi <1K = DOCs or DOCs -Mj+Mj’
l 100 K l
membrane
DOC II poc I’ Vg =V
VZI V2= “‘al)V|
I_"_l Vo
25K
y membrane
V3 =a,V.
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Vs Va'=(1-az) Vo
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Dggé:. D\Z ’CUV Vs'= (1-ag)Vy

Figure 6. Mass balance approach to Lractionation of dissolved organic
matter and organometallic complexes by ultrafiltration (K = 1000 mol
wt; v = volume (L); a = volume reduction factor)

written that accounts for the total mass of organic carbon in the original
(< 0.40 1) sample. The system of five simultaneous equations has five
unknowns for which an exact solution can be obtained. For TOC in
mass units, the solution to the mass balance problem is given in Equations
1-5, where «y, a3, a3, and a4 are successive volume reduction factors.

TOCs = TOC V/a1azasas (1)
TOC4 = TOC IV /ajasas — TOCs (2)
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TOC; = TOC III/a1e2 — TOC, — TOC5
TOCy, = TOCII/a; — TOC3; — TOC, — TOC;3

TOC, =TOCI — TOC, — TOC3 — TOC, — TOC;

151
3)
(4)
(5)

Values for TOC I-TOC V in mass units were determined analytically by
measurement of TOC (mg/L) in retentate or filtrate fractions and by
knowing the total volume in each fraction. Alternatively, the measured
retentate masses may be used directly to solve the same problem. The
solution presented in Equations 1-5 can be expressed conveniently in

the following series of equations for the filtrate fractions:
TOC, =TOCI —~ TOCII/ey
TOC; = TOC II/ay — TOC II1/ase;
TOC; = TOC I11/ajaz — TOC IV/ajases
TOC4 = TOC IV/ajazas — TOC V/erasa3eq
TOC; = TOC V/a1azasas

(6)
(7)
(8)
(9)

(10)

where TOC; is the > 100K fraction, TOC, the 25-100K fraction, TOC;
the 10-25K fraction, TOC, the 1-10K fraction, and TOC; the < 1K frac-

Table V. Two Systems of Simultaneous Equations Used to Solve

Sequential Ultrafiltration Mass Balance for Dissolved
Organic Carbon in Mass Units

TOC = TOC, + TOC, + TOC3 + TOC, + TOC;

TOC II’ (retentate). —
TOC; + (1 — 1) [TOC; + TOC;s + TOC;4 + TOCs]

TOC II (ﬁltrate) = a1[TOCz + TOCs + TOC4 + TOC5]

TOC IIT (retentate) =
a1 TOC; + (1 — ag) ;[ TOC;3 + TOC,+ TOCs]

TOC III (filtrate) = a1a2[ TOC;3 + TOC, + TOCs]

TOC IV’ (retentate) —
a102TOC3 4 (1 — a3) a1a2[ TOC4 + TOCs]

TOC IV (filtrate) = a1asa3[ TOC4 4 TOCs]
TOCV’ (retentate) = a1a2a3TOC4 + (1 - a4) ajogog TOCs
TOCYV (ﬁltrate) = ajo2030t4 TOC5
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Table VI. A System of Simultaneous Equations Used to Solve
Sequential Ultrafiltration Mass Balance for Total Metal

(< 0.4 pm)

MI =3 TOC; - M; + My
i=1

5
MII =Y & (TOC; - M; + My)

=2

5
MIII = Z alag(TOC{ * Mj + Mj’)

=3

5
MIV — ;1‘ ayazas (TOC; - M; + M)
MV = a1a2a3a4(TOC5 ‘ Mj + Mj’)

tion. A similar set of simultaneous equations (Table VI) can be written
for metal ions bound with the five different molecular weight fractions,
although in each case the free aquated metal, My must be taken into
account. Unfortunately, this results in five equations and six unknowns.
However, if ASV can be used to determine free and labile metal (cad-
mium, copper, lead), then an exact solution can be obtained for these
metals. For example, solution to the metal retentate distribution is given
in the following equations:

TOC; - M; — MI — MII/ay (11)
TOC; - M; = MIL/a;— MIII/asas (12)
TOC; - M; — MIII/aja; — MIV/azazas (13)
TOCs - M; — MIV/ayazas — MV/arazasa (14)
TOCs - M; — MV/ayazazas — My (15)

where TOC;  M; is the mass of organometallic complexes for metal M;
in the ith molecular size fraction and M/ is the free unassociated metal.

The sequential ultrafiltration procedure was tested using known
initial concentrations of the appropriate metal nitrate salt in Milli-Q
water. Volume reduction factors were noted and metal concentrations
for each retentate fraction were measured. From these values the mass

In Particulates in Water; Kavanaugh, M., e a.;
Advances in Chemistry; American Chemical Society: Washington, DC, 1980.



Publication Date: November 1, 1980 | doi: 10.1021/ba-1980-0189.ch006

6. EISENREICH ET AL. Metal Transport Phases 153

of metal remaining in each discrete size range was determined. It follows
from equations presented in Table VI that each retentate fraction will
contain [(1 — an+1) anan-1an-2 . . .JM/ of free metal My where 4 < n
< 0, if each membrane acts as a molecular sieve. Ideally, as the total
volume is reduced the mass of metal found in successive fractions will be
reduced proportionately. The reduction in mass of each metal in suc-
cessive retentate fractions can be predicted by knowing the volume re-
duction factors assuming a negligible adsorptive or desorptive interaction
with the membrane or support surface. Results presented in Figure 7a
for duplicate experiments agree with calculated values within 5%, which
is well within the standard limit of precision using AAS. These results
indicate that undesirable adsorptive or desorptive interactions with the
clean membrane surfaces are inconsequential in the absence of complexa-
tion by high molecular weight organic matter and that free aquated metal
ions are distributed proportionately according to volume.

Results of sequential ultrafiltration data for Site 3, summer and
winter, and Site 4, summer, are presented in Figure 7(b—d). Although
flow and temperature conditions were typical of late summer, the terres-
trial ecosystem conditions were autumnal. Immediate conclusions that
can be drawn are: (1) at the upstream site the organic carbon is found
to be predominately in the < 10K fraction; (2) at the downstream site,
which is approximately 8 km below the metropolitan wastewater treat-
ment discharge, the metals appear to be distributed more evenly in ap-
proximate proportion to the distribution of organic carbon; and (3) the
predominate fraction for the trace metals appear to be the < 10K frac-
tion, which is consistent with the general concept of fulvic acid—metal
associations. Sharp (39) has defined colloidal material to be in the size
range 2.8-12.0 nm and microparticulate material to be in the size range
12.0-400 nm. Within the limits of these definitions, dissolved organic
matter at Site 4 had a greater fraction present as colloidal and micro-
particulate material than Site 3. Copper, lead, and cadmium appeared
to follow the mass distribution of organic carbon, while manganese and
iron did not. Iron appeared most often in the larger molecular size frac-
tions, which according to the aforementioned definition would be col-
loidal or microparticulate in nature. This observation is consistent with
the aqueous-phase chemistry of iron(III) for which hydroxide or oxy-
hydroxide species are predicted to dominate at ambient pH and pE in
the Mississippi River (26).

Results for Site 3 in winter are presented in Figure 7d. During this
experiment calcium and magnesium were measured in each fraction, and
both metals were found predominantly in the < 1K fraction. This result
was somewhat surprising in view of the relatively high concentrations of
these metals. Because of their high concentrations, calcium and mag-
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nesium have been predicted to dominate (26) organometallic interactions
in natural waters by simple mass action considerations assuming moderate
formation constants for natural ligands. Trace metal-organic interactions,
as a consequence, were thought to be relatively small in comparison to the
major cationic metals. Current results do not support that notion. ASV
measurements on the < 0.4-um filtrate and on the < 1K filtrate for the
sequential ultrafiltrations indicate no detectable free copper, cadmium,
or lead at pH 8.

Results of a spring 1978 sampling during a period of peak flow are
presented in Figure 8 for Sites 1, 2, 4, and 5. Analytical procedures for
trace metals were complicated by the fact that concentrations of copper,
lead, and cadmium were extremely low. However, metal levels were
consistent with an overall lower TOC level during spring runoff. Trends
in metal distribution followed closely the distribution of organic carbon
at each site with the exception of iron and manganese.

The general trend for spring is that the majority of metals are found
in the lower molecular weight fractions and therefore can be considered
to be soluble. Calcium was found for the most part in the lowest molecu-
lar weight fraction, whereas the major trace metals were found predomi-
nately in the 1-10K fraction. ASV measurements for copper, cadmium,
and lead showed no detectable free or labile metal. These results, com-
bined with the molecular size distribution of metals in proportion to
organics, indicate that metal speciation in the upper Mississippi and
Minnesota Rivers is dominated by organometallic interactions.

Further evidence for organometallic interactions was provided by
complexation capacity measurements and pseudo stability constant deter-
minations. Complexation capacity or the residual complexing ability of a
natural water sample was determined by complexometric titration of the
< 0.4-pm filtrate with soluble copper (II) (18,40, 44) followed by ASV
measurement of free and labile copper. Plots of ASV peak current vs.
the cumulative copper concentration as shown in Figure 9 were made,
and the intersection of lines drawn from the intitial and final linear
response regions was defined as the residual complexation capacity (43,
44, 45). Complexation capacity measurements for fall 1978 are listed in
Table VII. The average values for Sites 1-4 were 0.88, 0.99, 0.90, and
1.08 uM, respectively.

Stability constant determinations were based on the methods of
Shuman and Woodward (43,44) using ASV complexometric titration.
The conditional formation constant for the formulation of a metal-ligand
complex with an assumed stoichiometry of 1:1 can be determined from
Equation 16

, (Cxt — (layw))
o = 0 (€ = Cu ) (e
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where Cy is the total analytical metal concentration, Cy, the total ligand
concentration, i, the anodic stripping current, and k an empirical pro-
portionality constant. The numerator in Equation 16 corresponds to the
total complex concentration, and the denominator is the product of the
ASV free metal concentration i,,, and the equilibrium ligand concentra-
tion (Cr, — Cy + iy/x). During the initial stages of titration when Cy, is
greater than Cy;, Equation 16 can be reduced to the following expression:

r__ CM
M (tag) (Co — C)

Rearranging Equation 17 and plotting i, vs. (Cx/(Cr — Cuy)) results in
a linear relationship for which the slope is equal to k/Ky.. From the
latter portion of the complexometric titration curve where Cy is greater
than Cy, a value of k can be obtained. In this region of the titration
curve, i, is a linear function of Cy, that is, i, equals kCy.

Since samples were buffered by a continuous flow of carbon dioxide
gas during titrations and because the samples had a high alkalinity, a
slight correction for competitive complexation of Cu*? by carbonate and
hydroxide was made according to the method proposed by Allen (46).
This correction is based on the ASV current response when Cy is greater
than Cy, or, in the case of copper complexation, when [Cu]r is greater
than [L]. In the absence of competitive ligands, [Cu]r ~ [Cu*?] in this
region. However, because of the constant level of [CO,] aq and high
initial alkalinity, the ASV response will be reduced by a constant factor.
If o, = [Cu'?]/[Cu]r then

ta =k [Cu'®]/ao (18)

K (17)

during the latter phases of titration where

@ = (1 + B [OH] + B [CO57] + 85 [CO52]%) 7 (19)

and B, Bs, B3 are the formation constants for the monohydroxy, mono-
carbonato, and dicarbonato complexes, respectively. As reported by
Smith and Martell (47) these values are 1083, 10575, and 10%%, respec-
tively. From the pH, alkalinity, and pK, values for H,CO3*, a value for
a, can be readily obtained. Substitution of Equation 18 for [Cu®*] in
Equation 17 followed by rearrangement will give the following

. k Cu
— 20
R (CL - CM) (20)

A linear regression fit of Equation 20 was used to determine Ky’ for
copper where Cy, was given by the complexation capacity measurement
assuming the formation of a 1:1 complex. Average pseudo stability con-
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Figure 9. Measurement of copper complexation capacity in upper Mis-
sissippi River water—Site 4, 1978: current (n amps) vs. copper added
(rM)

stants for copper are given in Table VII. Log Ky’ ranged from 9.7 to 10.7
for Sites 1—4. To test this procedure, the formation constant for the com-
plexation of Cu'? by HEDTA?" at pH 8.1 was determined to be 10%%,
which is the same as the value reported by Smith and Martell (47).
Results of this study as illustrated in Figures 7 and 8 show that
(1) the sequential ultrafiltration-mass balance approach is valid for known
solutions; (2) cadmium, copper, and lead are found in the soluble phase

Table VII. Copper Complexation Capacity and Stability
Constant Data—Fall 1978°

DOC cc
Site (mg/L) pH pCr® (uM) log Ky1/
1 184 8.05 0.88 104
2 13.2 8.23 0.99 9.9
3 24.3 8.29 0.90 10.7
4 17.6 8.16 1.08 10.0
EDTA"* — 8.10 5.0 — 88

*See Ref. §4.

® Cr = total carbonate concentration.

°[EDTA] =5 X 10°6M.

?Cu*2 4+ EDTA4 = Cu (EDTA)"2 pK —188
HEDTA3 = EDTA4 4+ H* pK.=100
Cu*2 4+ HEDTA3 = Cu (EDTA)2 + H* pK’' — 88
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associated primarily with organic matter in the 1-10K mol wt range
whereas calcium and magnesium are found predominately in the < 1K
fraction; (8) iron and manganese are found primarily in the colloidal
phase associated with organic matter in the 25-100K mol wt fraction;
and (4) the distribution of trace metals correlates well with the distribu-
tion of dissolved organic carbon. ASV measurements summarized in Table
VII show that (1) there is no detectable free or labile copper, cadmium,
or lead; (2) the residual complexation capacity for copper is high; and
(3) the pseudo stability constant for copper complexation is moderately
high (that is, 10°). Stability constants in the range 10°~10° are indicative
of metal complexes with multidentate ligands (47-50) containing a mix-
ture of amino, sulfhydryl, carboxylate, or hydroxy functional groups.

A high level of residual complexation capacity, large pseudo stability
constants, and metal molecular size distributions that closely parallel
trends in organic carbon suggest that metal speciation is dominated by
organometallic complexes with either soluble, colloidal, or microparticu-
late organic matter in the upper Mississippi River. This conclusion is
consistent with the observations that trace metals are associated with an
operationally defined organic fraction in water-borne particulates
(> 0.4 1) in the upper Mississippi River.

Ultrafiltration procedures and methods for data reduction by mass
balance techniques developed as a part of this study have been shown
to be useful for characterization of metal complexes by size fractionation.
Ultrafiltration, coupled with ASV measurements for copper, cadmium,
and lead allows the degree of metal association in discrete molecular size
fractions to be determined. Common ultrafiltration problems such as
membrane clogging, leakage, concentration polarization, ionic strength
changes, and excessive concentration, which may lead to an alteration of
the actual distribution of complexes, are avoided with these procedures.
Flushing procedures with artificial waters of similar composition and ionic
strength may effect changes in the degree of metal complexation by dilu-
tion or introduction of trace metal contaminants. However, it should be
pointed out that size fractionation by ultrafiltration with these procedures
is not problem free. Nominal molecular weight cutoffs are imprecise since
the shape and degree of ionization of the molecule is an important factor
in retention by or passage through a particular membrane. Ogura (37)
has shown that cytochrome C (12.6K mol wt) was 95% retained by a 100K
membrane and that cobalamin (1.357K mol wt) was 75% retained by a
0.5K membrane, although urea (0.06K mol wt) was not retained by
either membrane. Macko et al. (35) have shown that the degree of ioni-
zation of low molecular weight organic acids is critical to the degree of
retention by membranes with higher molecular weight cutoffs. They
have shown also that retention is partially a function of flow rate and
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ionic strength when Ca'?, Mg®, and SO, are primary solution com-
ponents. Charged sulfonated membranes, which were developed to avoid
fouling problems, are known to retain relatively high concentrations of
of Ca'? and Mg'? (51). Flow rate problems can be overcome by passing
sufficient water through new membranes until a constant flux has been
obtained or, alternatively, by using scrupulously cleaned and washed
used membranes that tend to have relatively constant fluxes (35). When
metal distributions are of primary concern, results of the present study
show that new, well-washed membranes with constant fluxes are prefer-
able to clean, but used membranes.

Storage procedures are also important in ultrafiltration experiments.
Unacidified field samples should be filtered as soon as possible to avoid
sorptive losses to LPE bottle walls (52), especially when low levels of
cadmium, lead, and copper are present initially.

Results of this study agree in general with the observations of other
investigators. Benes et al. (36) concluded that transition metals were
associated strongly with aquatic humus from results of ultrafiltration
experiments and neutron activation analyses. Benes and Steinnes (53)
found the majority of calcium, magnesium, and manganese to lie in the
10K mol wt fraction in the Glomma River. Schindler and Alberts (54)
and Guy and Chakrabarti (56) reported that iron was found as micro-
particulate ion in the > 100K fraction in the oxic waters of a Georgia
reservoir and the Rideau River, respectively.

The observed copper complexation capacity of approximately 1.0 uM
for the four Mississippi River sites is similar in magnitude to those re-
ported by Chau and co-workers (18,40, 41,42) for Hamilton Harbor,
the Niagara River, Lake Erie, and Lake Ontario. Allen (46) also reported
comparable copper complexation capacities for the Mississippi River,
Hidden Pond, and Saganashkee Slough. Higher copper complexation
capacities have been reported by Shuman and Woodward (44) {20-
126 uM} for some North Carolina rivers, and Guy and Chakrabarti (10)
{23—49 uM} for Canadian freshwaters.

Moderately large pseudo stability constants for copper complexa-
tion in natural waters have been reported by other investigators. Allen
(46) determined —pg values of 9.0 for Lake Michigan and Maple Lake
by ASV. Buffle et al. (33) used a copper ion specific electrode to deter-
mine —pg values of 10.8 to 11.6 for Zaire riverwater, and van den Berg
and Kramer (56) used a MnO, adsorption technique to determine —pg
values of some Canadian rivers and lakes that ranged from 7.2 to 9.5.
Sunda and Hanson (57) reported a —pg value for copper in Neuse River
of 1