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SOLID DISSCLUTION AND PRECIPITATION

(resulting from equilibrium of rain with rock minerals) in polluted and
unpolluted regions. Although the questions are obviously related, most
ol them can be answered independently.

a.

H

What is the pH of the rain in an unpolluted region if it can be considered
simply as distilled water in equilibrium with the atmosphere (P, =
107 3-5atm)? What is its buffer capacity?

In this case, what are the pH and alkalinity of the groundwater (P, =
1073 atm) in a calcite region? In a dolomite region? In an albite
region?

. In a polluted region the rain is actually acidic, pH = 3.7, as a result of

equimolar concentrations of nitric and sulfuric acids. What is the
mineral acidity of the polluted rainwater? What is its buffer capacity?

, In the case of acidic precipitation, what are the pH and the alkali-

nity of the groundwater (P, = 107!~ atm) in a calcite region? In a
dolomite region? In an albite region?

CHAPTER 6

COMPLEXATION

In Chapters 4 and 5 we examined chemical processes that control the geochemical
cycles of major elements. The dissolution and dissociation of weakly
acidic gases and the weathering and sedimentation of rocks control the gross
chemical composition of natural waters. Complex formation—defined here
loosely as the reversible reaction of two dissolved species to form a third
one—plays a relatively minor role in these major element cycles. Nonetheless,
as we shall see, the solubility of a solid such as CaCOa(s) is markedly increased
by complexation reactions in scawater compared to freshwater.

For many trace elements, however, the situation is quite different. Their global
geochemical cycles may also be controlled by precipitation and dissolution of
minerals, but their chemistry in the water column is dominated by complexation,
biological uptake, and sorption on suspended solids. All three of these processes,
which are particularly important in surface waters where biological activity is
most intense, are controlled by the same coordinative mechanisms, all obeying
the principles expounded in this chapter. We shail briefly discuss biological
uptake at the end of this chapter and leave a detailed study of sorption reactions
for Chapter 8.

The topic of aquatic complexation is in a paradoxical state. We know a great
deal about coordination chemistry and we can make many chemical models
that predict the existence of complexes in natural waters. Yet it is so difficult to
analyze for individual chemical species under the conditions prevailing in aquatic
systems where the concentrations are very low and the constituents very many,
that we can rarely demonstrate the existence of these complexes unambiguously.
The elucidation of the chemical speciation of trace elements in natural waters
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_is to demonstrate and quantify the existence of fractions of chemical constituents

: their free concentrations rather than their total concentrations and are thus

. Questions relating to the nature of coordination bonds or comparisons among
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is probably the greatest remaining challenge to analytical chemists; the objective

as picomolar concentrations of perhaps ephemeral species. Thus, seemingly
simple questions are yet unanswered: what are the principal dissolved species
of the major and minor components of natural waters? What are the concen-
trations or the activities of free ions in comparison to the total (analytical)
concentrations of chemical constituents? '

Besides irrepressible chemical curiosity, a major motivation for asking these
questions arises from our interest in the aquatic biota. Chemical constitdents
of natural waters affect the biota as essential nutrients and as potential toxicants.
It is now firmly established that these interactions are directly dependent on
the chemical speciation of the constituents. For example, the availability and
toxicity of many trace metals to planktonic microorganisms are determined by

decreased by complexation. Trace metal availability and toxicity are not just
matters of academic exercises or pollution control, they are thought to be
natural controlling environmental factors for aquatic ecosystems. We need to
understand the speciation of elements in water if we want to understand the
interactions of aquatic organisms with their external milieu. Although the role
of complexation in natural waters may be more subtle than geochemists typically
care about or than analysts can presently measure, it is a dominant aspect of
aquatic chemistry for biologists. Thus, much of this chapter will focus on
“biologically interesting” elements such as Fe, Mn, Zn, Co, Ni, Cu, and Cd.

In keeping with the thermodynamic view that we have taken so far, we say little
in this chapter regarding the fundamental theories of coordination chemistry.

the coordinative properties of elements and compounds are addressed only
briefly. For the most part, we describe chemical species by their stoichiometries
and their free cnergies. Electronic interactions in metal-ligand complexes are
discussed primarily to provide some basis for macroscopic observations of the
structure and reactivity of these species.

Chemical complexes in natural waters can be conveniently classified into
three groups: ion pairs of major constituents, inorganic complexes of trace
elements, and organic complexes. These are discussed briefly at the beginning
of the chapter where necessary definitions are provided. From simple mole
balance considerations, the speciation of abundant aquatic constituents such
as Ca?* Na*,Cl™, and HCO; cannot be affected by complexation with those
present in trace amounts. Although the nature of the coordination processes
may not be very different, the topics of inorganic complexation of major and
of trace constituents are thus effectively separate and are presented in consecutive
sections. Owing to our relative ignorance of the nature and properties of the
dissolved organic matter in natural waters, the question of organic complexation
must be addressed largely at a theoretical level. To make the presentation more
tangible the scant available data are thus generalized liberally and perhaps
speculatively. We close the chapter with the subjects of complexation kinetics

AQUEQUS COMPLEXES a1

and biological uptake, the former serving as a conceptual framework for the
latter.

1. AQUEOUS COMPLEXES

Consider a metal ion such as Cu®* in water. Although we commonly talk of
the “free cupric ion” in solution, this is really a misnomer, for the metal ion is
actually associated with its surrounding water molecules. Inorganic chemists
distinguish four solvent regions around a metal ion® (see Figure 6.1):

1. A primary solvation shell in which the water molecules are considered
chemically bound to the ion. In the case of copper (and many other metals)
there are six such water molecules, leading to the more refined chemical
symbolism Cu(H,0);" instead of Cu®* for the hydrated cupric ion.

2. A secondary solvation shell in which the water molecules are ordered by
the electrostatic influence of the ion. The volume of this shell increases
with the charge of the ion and is inversely related to its size.

3. A transition region separating the hydrated metal ion from the bulk

bulk
solution

nggurf 6.1 The various solvent regions around a metal ion. Adapted from Burgess,
1978, ’
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solution. In this region the water molecules are less ordered than in either
the solvation sheil or the bulk solution.
4. The bulk solution where the presence of the metal ion is not feit.

From a thermodynamic point of view, the energy of hydration of an ion is
critical to its very existence. Ionization of a metal or separation of cations and
anions from a crystal lattice are energetically very unfavorable processes. For
example, it takes some 2700k} mol~ ! to ionize Cu to Cu?* in the gas phase.
The presence of the cupric ion in solution is thus made possible only by a
considerable energy of solvation which exceeds the unfavorable ionization
energy. Of course, the energetics of the metal-solvent interactions do not
normally concern us when we study the thermodynamics of complex formation
in aqueous solution and consider only the differences among the free energies
of aquated species. However, the large energy of solvation is important for
the kinetics of complex formation which are often controiled by the rate of
dissociation of the coordinated water molecules, an energetically unfavorable
process. Free metal ions in solutions are really aquo complexes, the water itself
is a ligand that binds metals, and every complexation reaction in water is
effectively a ligand-exchange reaction.

Other ligands that can replace water molecules around the central atom {metal
ion) are chemical species that have a nonbonding pair of electrons to share with
the metal. These include simple anions such as the halides C17, F7, Br—, 17,
more complex inorganic compounds such as NOj, CO0Z", SO;™, NH,, §2-,
PO; ., SOi~, CN7, and a great variety of organic molecules with suitable
functional groups, usually containing oxygen, nitrogen, of sulfur atoms as
purveyors of electron pairs (e.g., R—COO R--OH; R—NH,; R—SH). For
the sake of generality, it is convenient to consider H* as a metal and OH™ as
a ligand, thus including all acid-base reactions as a subset of coordination
reactions. )

The reaction of a metal with a ligand can be of an electrostatic or covalent
nature or both. When it is primarily electrostatic and the reactants retain
some water of hydration between them, the product is called an ior pair or an
outer sphere complex. In natural waters this type of interaction is particularly
important among the major ions in high jonic stength media such as scawater.
When the reaction of a metal with a ligand involves coordination at several

positions, one speaks of chelation (in Greek, chelos = crab-—has two binding .

claws). Such a reaction requires the combination of a metal with a coordination
number greater than 1 (i.., more than one site for coordination), and a multi-
dentate ligand, an organic compound with several reactive functional groups.
These organic compounds are called chelators, chelating agents, or complexing
agents. Among metals, only H* has a coordination number of 1; most metals
of interest in aquatic chemistry have a coordination number of 6 and thus form
octahedral complexes? (see Table 6.1). In natural waters, polynuclear complexes,
those involving more than one metal, are probably rare except for polymeric
hydroxide species. In this chapter, we use the word complex somewhat loosely
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TABLE 6.1 Common Coordination Numbers and Geometries for Some Metals

Metal Species CN# Geometry” Example
Li(I) 4 Tetrahedral i
'L +
g;((g}) 6 Octahedral Clr((l;lizz(g))ﬁ +
S 6 Octahedral Cr(H,0)*
A 4 Tetrahedral CrOZ- °
A 6 Octahedral Mn(H,0)2*
v, 6 Octahedral Mn(oxalatﬁe)3'
A 6 Octahedral MnCIZ~ ’
A 6 Octahedral Fe(H,012+
6 Octahedral Fe(HZO)ng
Codl) ) (Tetrahedral) ‘ FeCl, ¢
g ?ctahl::cilral . Co(H,0)2*
etrahedral 2-
g?((IIII)I) 6 Octahedral gg((l:\ll‘hsf *+
6 Octahedral Ni(HZO)ZﬁJr
4 Square planar Ni(CN) 2
) @ (Tetrahedral) ' NiCl12- :
4 Tetrahedral Cu(C4N) -
i 2) {Linear) CuCl; *
6 Octahedral {distorted) Cu(Hz Q)2
4 (Square planar) Culei!' °

“Less common CN and geometries indi
1972)2 & ries indicated by parentheses. Based on Cotton and Wilkinson

to cover all dissolved species resulti i inati
illustrated. in Figure 6.2,I?ncluding iolr?iafirr(;lgntc?ihr;ztti]sihgand combinations
. Our primary interest is'to use thermodynamic data describing metal-ligand
1nteract10n.s, specifically equilibrium constants, to predict the distributiog nf
?nt':tal species and the reactivity of metals in natural waters. For this pur st
1tflshnot st_rl_ctly necessary to understand the factors determir;ing the mzl:gnﬁziﬁ;
o tt e equilibrium constants for a particular complex or the details of the inter-
action between metals and ligands. Nonetheless, a brief discussion of the fund
mentals o_f Ipetal—ligand interactions may lend some insight into the chemi ai
:;aral.lcteristlcs (par‘ticularly the stability and reactivity) of metal compi::;z
i (:1 thus now examine the relatm_: importance of enthalpic and entropic factors; '
n determining the thermodynamics of metal-ligand interactions and the effects

of electronic interactions and, o i
.overlap of metal and ligand electro i
the structure and reactivity of metal complexes. ; R orbltals on

1.1 Thermodynamics of Complex Formation

Thg, rilhanges in star}dard fr_ef: energy, AG® upon formation of metal complexes
and the corresponding stability constants, K = exp{— AG°/RT), are due, in large
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Figure 6.2 Various types of aqueous complexes.

part, to entropic factors. In some cases, for example the hydrolysi§ of Ca®* or
Fe3*, the enthalpy change is actually unfavorable and the reaction proceeds
solely because of the favorable change in entropy® (Table §.2). As al}'eady
mentioned, formation of a complex between a metal ion in solution and a ligand
requires displacement of one or more coordinated water molecules frorrE the
initial aquo complex. The release of coordinated waters from the rele_ltwcly
constrained metal complex results in a significant increase in entropy. This may
be compared to the entropy gained when ice melts as the water mol'ecules are
freed from the rigid structure of the solid. The increase in entropy asspmated with
complex formation depends on the strength of the initial interaction t?etwcen
the metal and the coordinated water—the stronger the initial association, the
greater the entropy increase as the water is displaced. Decreasing Pntroplc .ef[ects
would be expected with decreasing charge on the central met'al ion or w1thlt'he
stepwise addition of subsequent ligands {cf. Table 6._2). The increased stability
of multidentate ligands over monodentate ligands with the same dogor atoms
(the chelate effect) is also due to entropic factors®. This effect may be 1llu§traﬁed
by comparing the stability of nickel complexes with NH; and ethylenediamine
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TABLE 6.2 Enthalpy and Entropy of Complex Formation?

Ligand =OH"~ AH® AS*
Metal ) (kI'mol™'}  (Fmol 'K™Y logK  lonic Strength
Ca?* 8.4 515 1.2 0

5.0 43.5 14 0
Fed* 5.0 v 209 11.7 0
Ligand = malonate AH® : AS°
complex (kI-mol™")  ('mol™ 'K~ logK  Tonic Strength
FeL/FellL . . 11,3 1814 15 1
FeL,/FeL.L 34 117 554 1
FeL,/FeL,.L —46 53 3.56 1

“Data for 25°C from Christensen and Izatt (1983).%

{en = H,NCH,CH,NH,). In the reaction
Ni(NH3)2* + 3(en) = Ni(en)?* + 6NH,

the chelate complex is favored (AG® = — 67 kJ mol ') predominantly by entropy
(— TAS® = — 55kJ mol 1), The chelate effect has also been rationalized in terms
of the increased probability of binding additional donor atoms of a multidentate
ligand, subsequent to attachment of the first donor atom, as compared to the
stepwise binding of monodentate ligands.

These thermodynamic arguments, however, cannot be used to rationalize
the effects of specific ligands on the characteristics of metal-organic complexes,
particularly the spectroscopic characteristics of the complexes, their coordi-
nation number and geometry, or the stabilization of different oxidation states
of the metal. To understand these aspects of coordination chemistry, we must
consider the electronic structure of metals and the electronic interactions
between metals and ligands.

1.2 Electronic Contigurations of Metals

The chemical and physical properties of the metallic elements depend on their
electron configurations, that is, the occupancy of their electron orbitals. Most
of the elements (roughly three-fourths) are metals, characterized by their luster,
high electrical conductivity (decrcasing with increasing temperature), high
thermal conductivity, and mechanical properties such as strength and ductility.
The metallic elements fail into several groups: main group elements, whose outer
electron (or valence) shells consist solely of s and p electrons; the fransition
elements, which have, either as the neutral atom or as an important ion or
both, an incomplete set of d electrons; and the post-transition elements, Zn, Cd,
and Hg. (Note: The designations s, p, and d refer to electron orbitals of different
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shape and symmetry. Superscripts, e.g., s?, are used to denote the number of
electrons in an orbital or occupancy. The maximum occupancy is 2 for s orbitals,
6 for p orbitals, and 10 for d orbitals; the higher orbitals are not of much
concern for our purposes.) A

Metal chemistry is strongly influenced by the ease with which one or more
clectrons can be removed from the neutral metal atom. For example, the alkali
metals (Li, Na, K, etc) have only a single electron outside a noble-gas core
(corresponding to the very stable electron configuration of the inert or noble
gases, ¢.g. 1s® for He, 1522s2p® for Ne, etc.). Thus, of all the elements, the
alkali metals have the lowest first ionization energies, defined as the energies
required to remove an clectron from the metals as isolated gaseous atoms. These
metals react violently with water, the resulting alkali hydroxides are strong
bases, and the chemistry of the alkali metals is essentially that of their + 1 ions.
Tt is a common feature of the main group and post-transition metals that they
occur as ionic species only in a single oxidation state.

In contrast, most transition metals exhibit variable valence, such as +2 and
+3 for Fe or +2, +3, +4, +6 and +7 for Mn. Transition metal ions with
partially filled d shells are strongly influenced by their surroundings, particularly
by their coordinated ligands, because the d orbitals project well out to the
periphery of the ions. (Note: We do not consider here the lanthanide or actinide
elements, which have partially filled f orbitals, although these elements are
formally included among the transition elements.)

1.3 FElectronic Interactions in Metal Complexes

The specific influence of ligands on transition metals may be treated in two
ways. The first and simpler treatment, ligand field theory (LFT, also called
crystal field theory), considers the perturbation of the atomic orbitals of the
metal, specifically the d orbitals, by the electrostatic effect of the ligands. The
second, molecular orbital theory (MOT), allows for overlap between the metal

"and ligand orbitals.

In LFT the approach of the ligands, considered as point charges, toward
the metal affects the stability of the metal d orbitals because of electrostatic
repulsion. As a result, some ions with partially filled d orbitals are energetically
more (or less) stable than they would be if the d orbitals were unperturbed.
This difference in stability is the ligand field stabilization energy (LFSE).
Specifically, for octahedral complexes, the stability of the d orbitals oriented
along axes (e, d..,2 and d.z) is decreased and the stability of the d orbitals
oriented off the axes (d,,, dxz» d,.) 1 increased due to the approach of the ligands
along the axes (Figure 6.3). An energy diagram (Figure 6.44) then shows the five
degenerate levels of the d orbitals split into two higher-energy levels (with the
symmetry designation e,) and three lower-energy levels (with the symmetry
designation t, ). Since the geometry of the complex, which is most often either
octahedral or tetrahedral, affects the interaction of the coordinating ligands
with the metal d orbitals, the different contributions of LFSE partly determine
which geometries are favored for various metal complexes (cf. Table 6.1).

ilir‘ligurte 6.3 chresc_:ntatiozns of the five d orbitals (xy, xz, yz, 2%, and x* — y*). As shown
Orsi,ta\lw;o( ;)Jf)' t)lz: Z;l:jltals; (z am_:l x2 d— y?) are oriented along the axes and the ;)ther three
, X2, vz) are oriented off the axes. Because of these different ori i
' . I ' t orlentat
Egebl?;i;:gtfgz l?fdthfi d orbItals with the ligands approaching along the axes shf\i'];’
: edral complex, destabilizes the z2 and x — y* orbi tabili
the xy, xz, and yz orbitals. Adapted from Huheey (1983).* " orbitals and stabiizes

The contribution of LFSE t i i
o hydration energies of the +2 ions i
) . 0
transition series, corresponding to the reaction +2 fons i the frs

M?*(g) + oo H,0 = M(H,0)2 *(aq)

can be seen in Figure 6.5. The ions Ca®*(d®), Mn?>*(d”), and Zn**(d'?) have
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Fl_glll"f : ds in an octahedral complex. The encrgies of the z and x*—y- or .
o dS " nation e,) are increased and the energies of the xy, xz, and yz ond :
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o | 1all:xget‘r?ree ?y orbitals, two of the electrons must have opposite spin l(m lc:1rl -
oy the dire o of tﬁ; arrows). In contrast, weak field ligands produce on yha s al
o ﬂ; ?:;C;ﬁzl Sfavor the high spin configuration in which all four electrons have
ener

same Spirn.

l ion
LFSE and their hydration energies lie along 2 sn_'nooth curve. The l;();;lrtz;tthe
energi f the other ions lie above this curve; the difference corrcspfo isto e
o echoscop ally determined LFSE. Although the values of LFSE for div ot
_SPCCtTOS?Oplfha 3;rdcr of 100kImol~! and thus comparable to the en;alr;glzs_n
mar ar; c;:llical changes, they are small (ca. 5-10%) compared_to the tot?x 1é1rt1a [;gt
g:liri;i(;sinvolved in mt;tal complexation.” Thus, the LFSE is mostly imp

i i ivi ious metal complexes,
e t}'le d\tg;?é'ﬁ;l: CS::L;E:;: ig;tgbc;i:lj;fce of ultraviolét or visible 1iglh(§
SPCCtroscopllc;:es deménstrétes the effects of specific li‘gan.ds on the meta )
o r'netal Cq?flpence; in the spectra of metal complexes indicate a consl‘st;?
Ortt){:jrlils-ir? lthi:r extent to which metal orbitals are perturbed by ligands; this
pa
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Figure 6.5 Hydration energies of the divalent cations including the first row of the
transition metals. Solid symbols indicate measured hydration energies. Open symbols
are corrected for the contributions of LFSE (ligand field stabilization energies). With

this correction, hydration energies increase smoothly across the row. From Cotton and
Wilkinson, 1972.2

ranking of ligands is termed the “spectrochemical series.” Strong field ligands
generate a large energy gap (A) between the t,, and e, levels and weak field
ligands a small energy gap. In the case of a d* metal (e.g., Cr?™), there can be
either one electron in the higher-energy e, level or a pair of electrons in the
lower-energy t,,. Then, the electron configuration (see Figure 6.4b) will depend
on how the energy gap (A) between the t,, and e, levels compares with the
spin-pairing energy, which arises from the inherent repulsion between the
electrons within one orbital. Thus thie ligands in a metal complex affect the
distribution of electrons among the d orbitals, which influences both the chemical
reactivity and magnetic and spectroscopic properties of the complexes.

Some metal-ligand interactions, however, cannot be explained simply in
terms of electrostatics. In MOT overlap between metal and ligand orbitals is
considered explicitly. For our purposes, the important difference between MOT
and LFT is seen if the ligand has either extra lone pairs of electrons (n donor
ligands) or empty orbitals of energy comparable to the metal d orbital energies
(m acceptor ligands). Then interaction of the ligand p or d orbitals and the metal
d orbitals (see Figure 6.6) results in formation of = bonds. In metal compiexes
with = donor ligands, there is increased electron density at the metal center and
with m acceptor ligands, decreased electron density at the metal center. These
variations in electron density influence the relative stability of metal oxidation
states in the complexes. Figure 6.7 shows that Fe(II) is stabilized by = acceptor
ligands and Fe(IIl) is stabilized by = donor ligands.?

Although necessarily brief, this discussion of the fundamentals of metal—
ligand interactions provides some context for the discussion of (equilibrium)
metal speciation in natural waters. Complexation kinetics have also been
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b)

Figure 6.6 Overlap between metal and ligand orbitals that results in 7 bonds between
the metal and ligand described by molecular orbital theory (MOT). (a) Overlap between
metal d orbital and ligand p orbital. {b) Overlap between metal and ligand d orbitals.

interpreted, to some extent, on. the basis of electronic interactions in metal
complexes, particularly on the basis of the changes in LFSE in the transition
state of the reaction. This is discussed in more detail in Section 5.

1.4 Prediction of Metal Speciation

Metal-ligand interactions are & particularly convenient framework within which
to organize the reactions of intcrest in natural waters, including acid-base
reactions, complexation, and solid formation. Equilibrium constants and the
stoichiometric coefficients for reactions among some 20 metals and 32 ligands
are presented, in a compact way, in Table 6.3. The first 15 ligands represent
practically all reactive inorganic constituents commonly encountered in natural
waters; they are roughly arranged in order of decreasing abundance. The other
17 ligands are chosen as representative compounds containing the types of
functionalities present in aquatic organic matter, all of them being actually
present as individual species at trace concentrations in natural waters. The metals
are also roughly organized in order of decreasing abundance, the list of trace
metals being biased toward the more reactive clements.

The logs of equilibrium constants given in Table 6.3 correspond 1o a general
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complexation or precipitation reaction of the type

mM+IL+hH' =M, LH,
B = [(M,,LH,]
mik = o e meT 1P py + A
[MI"[LT[H*]*
(l;izzoigy;i E:lven (Lomp!ex or solid, several different reactions of formation or
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atl writl the reaction considered

when giving an equilibrium constant. This i eved impli dardi
. . This is achicved implicitly by sta; izi
the :ot_atlon for the constants themselves as shown in Table g 4)., ndardizing
dataI; L::}llp;rttzli]ztt Z?\:I?aélmgs; icicompany'any compilation of thermodynamic
! abie 6.3. Although the choice of const h
with some care, there might stiil be i O
, some glaring errors or omissions. The origi
references have been examined only i i s omplatons
‘ y in a few instances, and previous ilati
particularly those of Smith and Mar , . % Tove boon
: tell, and Martell and Smith,®
relied upon extensively. A major i is 1} o e boen
. jor issue is that of data consistency:
| y: for example, a

complex formation constant reported by one author may have been calcuifated
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Addition of protonated ligands

[ML;J[H*]
[ML;_,,J[HL]

[MLJ[H*Y

*K, =

plex M, L,

(MI[HLY

*ﬁi =

In B, and *B,, the subscripts » and m denote the composition of the com

formed. [If m = 1, the second subscript (= 1) is omitted.]

Polynuclear Complexes

=

=

r

.

=g =

LTLH

1=

S| 2
I}
£
o

[MITHL]"

*ﬁnm

the constants of

indicate

to

is used indifferently

or K,

*Note: The notation given above is the same as that used by Sillén and Martell {1964,1971).}* In

Source: Adapted from Stumm and Morgan (1981).12
the text the notation f,

formation of M,L, complexes. 8 or K’ indicate mixed acidity constants expressed as a function

of the activity of H* and of the concentrations of other reactants and products.
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344  COMPLEXATION

on the basis of a solubility constant that is not the same as that chosen in the
compilation. For precise calculations it is essential to examine the original
literature and crosscheck the methods for estimating the constants from experi-
mental data. Note also that the absence of a reported constant fora metal-ligand
combination in Table 6.3 does not rule out the existence of a complex. It is in
fact the value of such a table to make the missing information particularly visible.
(The price paid for such advantage is that mixed complexes, such as HgClGly,
cannot be accommodated in the format of the table.)

Some simple generalities about coordination chemistry can be deduced by
inspection of Table 6.3. Consider first the sulfate column. The similarities among
stability constants for metals of like charge is striking {e.g., log K =2.2-28 for
divalent metal ions). This is a reflection of the principally electrostatic binding
of the sulfate ion pair complexes (see Section 5.1). Similarly low equilibrium
constants for complex formation, correlated with ionic charge, are also observed
for carbonate {and bicarbonate) and halides (C17, Br™, and F).

A dominant feature of Table 6.31s the high degree of similarity among organic
ligands having the same donor atoms in their relative affinities for various metals.
The absolute values of the stability constants may be different from one ligand
to another but their relative values from metal to metal are highly correlated.
A good example is the complex stability sequence of the transition metals,
Mn2* <Fer* <Co?™ < Ni2* < Cu?* > Zn**, well known as the Irving-
Williams series.** This empirical observation is related to both the increase in
effective nuclear charge with atomic number (which is due to imperfect shielding
by the electrons) and the LFSE effects described previously. On the basis of such
empirical observations, the metals can be organized into various groups exhibiting
similar coordinative properties. Table 6.3 has been organized to highlight
some of these correlations; the grouping of the metals reflects their coordi-
nation properties which can be explained by the configurations of their electron
shells.'®

Most of the organic ligands in Table 6.3 coordinate metals through oxygen
donor atoms. A marked difference in the affinity of ligands for various metals
may be noted when ligands with O, N, and S donor atoms are compared. Both
metals and ligands may be categorized in terms of their polarizability. Tnteractions
between “soft” (easily polarizable)} donors and acceptors or between “hard”
(usually compact) donors and acceptors are more favorable than hard-soft
interactions. The empirically observed order of ligand affinities for “hard” metals
(typically, alkali and alkaline earth metal ions and smaller, highly charged ions
such as Fe?©, Co**, or AI’*) and for «soft” metals (typically, heavier transition

metal ions such as Fig? ") may be summarized as follows:'®

_strongest ————— weakest  complexes with “hard” metals
F- Ci- Br~ I~
R,0 R,S R,S8¢ R,Te

R,N R,P R;As R;Sb

weakest ————— strongest ~ complexes with “soft” metals

ION ASSQCIATION AMONG MAJOR AQUATIC CONSTITUENTS

where R indicates that the heteroatoms
. (O,N,S,P, Te, Se, A
to organi . ¢, 3¢, As,and S
It?s a;p;iz?l?riil::tflgu%h useful, this classification is entirely enfl)p?:ii:f nded
ones, but this is largel m{? ent metals are typically more reactive than dix;alent
oxides and hydroxigesylg set by the greater insolubility of their correspondin
for Fe*, but the very hi Oli example, many ligands have a relatively high afﬁnitg
Fe(OH),, keeps the fry flg : stability of the ferric hydroxides, including the SOlicji(
s Bmite Ae roeals ooy o acylky solow that the extent of Fe complexation
are most apt to fbrm,co 1and 'Hg » the most reactive of the divalent metals
of the major foci of mplexes in natu.ral waters. Copper complexation is one:
systoms and will experimental stpdies of trace metal speciation in .
1l serve as one of our principal examples throughout this ch:;ltl:;tlc

2,
ION ASSOCIATION AMONG MAJOR AQUATIC CONSTITUENTS

Il two consti in wi

oo ornlit;trl‘l:?}tls a;re present in widely differing concentrations, say, by a fact

oy negligibly, thfozzsh a([:)und?nt Fonstituent can affect the acti:fity :)f 3t/hc ofh(;
\ . omplex formation. To stud i

only ne nation. udy the compl

™ dts thzlgztclct;ir;t:fof naEura] walters, it is then sufficient to cons?dz)iﬂz 1;0(:11; o

fonts that ac or 999 or so of the dissolved solids. For most natural ors,

e Iigan%j ; C;aiatsero, Ellese c;rélpoznents are the metals Na*, Ca®*, Mg?* Igft;rii

_ ,80; 7, and CO2~, (H* and OH ™ incl implicit] .

Loyl 8 dCO;5 are included implicitl

quamitaiive]y atto ‘ic})lr;ltp(liex of H" .and COZ".) Our objective Il: to 3c{lci.is?:fizz

egree these seven major aquatic constituents are bound
‘ un

to each other as com
plexes. For the purpose i i
freshwater and a seawater model, botll: atppH =0 g Clomparlson, fot us consider a

Example 1. lon Association in Fresh wafér; pH=8.1"

TOTNa=28 x 10™% M = 10-3-55
TOTCa=37x107*M = 107343
TOTMg=1.6 x 1074 M = 10~3.80

TOTK =60 x 1073 M =10"+22

TOTCl=20x10"*M =10"37°
TOTSO, =10 x 107* M = 10-+0°
TOTCO;=1.0x 1073 M =10739°

Example 2. lon Association in Sea water;. pH=28.1*

TOTNa=4.68 x 107 M =10-0-33
TOTCa=102x10"2M =10"19°
TOTMg=532x 1072 M = 10~ 427

TOTK =102x 1072 M = 107199

TOTCl =545 x 10~' M = 10~°-26
TOTSO, =282 x 1072 M = 10~ 155
TOTCO, =2.38 x 1073 M = 10262

The
thermo;ll;l::;l }21"2 (;:()rtncr of Table 6.3 provides the necessary list of species and
nstants and the equilibrium problems can be formulated with

*Total concentrations from Holland (1978).1¢
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346 COMPLEXATION

TABLE 6.5 Free Single Ton Activity Coefficients Used
in the Ion Association Model for Seawater

Ion ¥ —logy
H* 0.95 0.02
Na* 0.71 0.15
K* 0.63 0.20
All other + 1 ions 0.68 0.17
Ca*™* 0.26 0.59
Mgt 0.29 0.54
OH~™ 0.65 0.19
Cl- 0.63 0.20
All other — 1 ions 0.68 017
SOi* 0.17 0.77
coz” 0.20 0.70
i.13 —005-

Uncharged species

Source; After Whitfield (1974).7

appropriate mole balance and mass law equations. The complexation effects that
we wish to study are reasonably subtle, however, since the formation constants
of the complexes are only on the order of 10°-102, To achieve precision in ‘the
seawater model, it is imperative that proper ionic strength corrections be made.
In this spirit of precision, we choose from the literature activity coefficients that
are considered most appropriate for seawater” (see Table 6.5) rather than apply-
ing a general empirical expression such as the Davies equation. Concentration
equilibrium constants aré then readily calculated and choosing HY,Na™, Ca*",
Mg?+, K*, Cl7, $O2~, and HCO; as components yields Tablcau 6.1 in which
the constants are expressed for the formation of the species rom the components.
Hand calculations corresponding to our two examples are a bit tedious and
require some iterative solution scheme. For example, as shown in Tables 6.6 and
6.7 one can (1) start the calculation by assuming the principal component
concentrations to be equal to the total concentrations, (2} calculate each of the
d (3) compare the sum of species in

species from the corresponding mass law, an
cach mole balance equation to the imposed total concentration and increase or

decrease accordingly the concentration for the next iteration. The calculation
converges in two iterations for the freshwater model, and in four iterations for
the seawater model. The test of convergence is of course the satisfaction of the
mole balance equations. ' . :

In the freshwater example, the complexes are of little importance for the
speciation of the major constituents. Complexation is most significant for sulfate
which is calculated to be 10% bound to calcium and magnesiurm. By contrast, in
the seawater example the effect of association among major ions is quite impor-
tant; major fractions of both sulfate (60%,) and carbonate (34%) are complexed
by the metals, and some 10%, of the calcium and magnesium bound to the ligands.
The results of Example 2 are by and large comparable to those of the historical

TABLEAU 6.1

Freshwater Seawater

i al

50

3

Na* K* 2+
Ca Mg+ HCO

H+

+0.02
—13.81
—9.80
+ 6,13
+ 1.39
—-921
—-0.62
+0.31
—794
+ 0.67
+0.90

+0.16
- 1327

— 140
—10.33
+6.35
+1.99
—9.06
—0.25
+ 1.06
—713
+1.26
+2.3]

+0.96
—12.85

o v e ot

-1
-1
-1

-1
-1
-1

-+

2 -

2_
4
4

H+
OH"
CO
HCO;
H,CO,
SO
HSO
Cl™
Na*t
NaCoO
NaHCO,
NasSQ
K+
KSO
Ca2+
CaOH"*
CaCO,
CaHCO
CaS0O,
Mg2+
MgOH™*
MgCO,

—11.81

—11.44

o v v e

—7.69
+0.62

—6.93

+ 1.00

+ 116
+2.36

+
3

MgHCO
MgSO,

347
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TABLE 6.6 Calculation of Major Ion Interactions in Freshwater

Iteration Metal Ligand
Ist 2nd 4) (54)
H* 8.1 8.1
Na*t 3.55 3.55 100
Kt . 4,22 422 100
Ca??* 343 345 95
Mg?* 3.80 3.82 95 .
HCO; 3.00 3.02 96
802~ 4,00 405 90
Cl™ 3.70 3.70 100
OH™ 59 59
Co?- 523 5.25 1
H,CO, 475 477 2
HSO; 10.11 10.16
NaCO, 7.51 7.53
NaHCO, 6.80 6.82
NaSO; 6.49 6.54
K807 7.26 7.31
CaOH"* 8.18 8.20
CaCO, 5.46 5.50 3 1
CaHCO; 5.17 521
CaS0O, 5.12 5.19 2 6
MgOH"* 7.14 7.16
MgCO, 5.63 5.67 3
MgHCO; 5.64 5.68
MgSO,, 5.44 551 2 3
SNa 10—3.55 10—3.55 .
TK 10—4.22 10~4.22
ECa 10—3.4! 1073.43 .
ZMg 10—3.78 10—3.80
LHCO, 107298 107300
2304 i 10—3.95 10400
ZCl 1037 10737

Garrels and Thompson'” model for seawalter, and of course similar to those of
Whitfield” since most of the same constants and activity coefficients have been
selected. The differences that exist among these various calculations point out
the difficulty in estimating stability constants and activity coefficients in a system
as complex as seawater.

In all these traditional models of ion interactions in seawater, chloride com-
plexes are considered unimportant. However, there is evidence that species such
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TABLE 6.7 Calculation of Major lon Interactions in Seawater

Iteration
Metal Ligand
Ist 2nd 3rd 4th (%0 (%

H* 81 8.1 - 81 © 81 ‘

Na* 0.33 0.35 T 034 034 - 98

K+ 1.99 201 2,00 2.00 98

Ca** 1.99 208 203 2.03 91

Mg2* 1.27 1.38 1.32 1.32 89

HCO, 2.62 2.83 2.80 2.81 64
SOi - 1.55 1.96 1.93 1.95 40
Cl- 0.26 0.26 0.26 0.26 100
OH~ 5N 51N 371

CO; - 432 453 4,50 451 1
H,CO, 4.59 4.80 477 4.78 1
HSO, 8.26 8.67 8.64 8.66

NaCOJ 4.06 429 4.25 4.26 2
NaHCQ, 3.57 3.80 3.76 3.77 7
NaSO, 1.57 2.00 1.96 1.98 2 37
KSO; 3.38 3.81 3.78 380 2 1
CaQH* 7.16 7.25 720 7.20

CaCoO, 445 4.75 4.67 4.68 1
CallCO; 3.94 424 4.16 4.17 i

CaSO, 2.64 314 3.06 3.08 8 3
MgOH* 498 5.09 5.03 5.03

MgCO, 3.48 3.80 371 372 8
MgHCOF © 327 3.59 3.50 sl 1 13
MgSO, 1.82 2.34 225 2.27 10 19
ENa 10—0.31 10—0.34- 10‘0.33 10—0.33

SK 10—1.91’ 10—2.00 10"!.99 10—1.99

TCa 10—1.90 10—2.04 10—1.99 10”1.99

ZMg 10k1.16 10—1.33 10—1.27 10—1.2‘.’

EHCO3 10—2.41 10—2.65 10—2.61 10—1.62

ESO4 10—1.14 1071.58 10—1.53 10—1.55

zc1 10—0.26 10—0.26 1070.26 10—0.26

as NaCl, KCI, MgCl*, and CaCl™ may represent a significant fraction (13, 17,
43, 477, respectively) of the total metal concentrations.!® The recalculation of
the ion-pairing model with the additional chloride constants is straightforward.
However, the extension of these results to trace elements (see Section 3) would
require a reinterpretation of the original experimental coordination data with
equilibrium constants that are consistent with the new ion-pairing model.

As discussed in Chapter 2, interactions among ions in complex systems span
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the whole spectrum from unspecific long-range electrostatic interactions (of the
type accounted for by the Debye—Hiickel theory) to specific complex formation.
In the ion-association model of seawater (Example 2), the mutual interactions
among major ions are divided into these two types, utilizing simultaneously
single ion activity coefficients and formation constants for the ion pair complexes.
Such division between ideal and nonideal interactions among ions is largely
arbitrary, particularly in the case of ion pairs. As is the case for nonideal effects,
the major part of the energy for ion pair formation is electrostatic and may be
considered “long range” since the primary solvation shell is thought to be Intact.
Still, we have chosen to consider that these long-range electrostatic interactions,
but not others, result in the formation of independent chemical entities. To
paraphrase Horne,'? we have chosen to bless some liaisons into marriages and
considered the others to be outside the ideality laws.

A different approach is clearly possible, and all electrostatic interactions
among ions, including what we have taken to be ion pair formation, can be
considered as nonideal interactions. In such a case, a total activity coefficient, yT,
is defined for each ion as the ratio of the free ion activity to the fotal ion
concentration:

T _ {Ci} 1
"Il W

For example, according to Example 2, the total activity coefficients for the
major seawater jons are

+ +
r _Na}_ INaT) 71 %098 =070 @)
Nay Nar
r_ 1KY KT 663098 =062 3
W= S heoy, — 063 < 098=0 3)
2+ 24+
b AGT L I 026 %091 - 024 @
Cay Car
2+ 2+
r Mg} IMET] 099 40.80=026 5)

Mg MgT Tmg Mg]"

o {s0: 7} , [SO27]
A — /804
50 [SO4]T [SO4JT

=0.17 x 0.4 =0.068 (6)

Cl Cl Cl :lT X ( )

ION ASSOCIATION AMONG MAJOR AQUATIC CONSTITUENTS KLY |

For the carbonate system, the coefficients are defined for each acid-base species:

{H,CO%} [H,CO%]
PH3C05 = e = Viac0s e = 1.13 '
Ko = T 0,1, TP [H,C0, ], ®
g _[HCO7} _ ) [HCO; ]
Heos = rireg ] ="VHco; HCO- T "
[HCO, ], [HCO; J+[NaHCO,]+[CaHCO; ]+ [MgHCO: ]
=0.68 x 0.74 =0.50 (9
. _{coty . [coz]
'PCOJ - - yCO:i 92— —-
[CO4]y [C03 1+ [NalCO3 1+ [CaCO;] + [MgCO4]
=020 x 0.10 = 0.020 (10)

Such total activity coefficients are of course dependent on the ionic composition
f)f the system and they must be defined anew for each different system. It is
important to realize that total activity coefficients rather than ion pair formation
constants are the quantities most directly amenable to experimental determination.
Our calculation of total activity coefficients on the basis of the ion pair model is
essentiglly a reversal of the process by which the parameters of the ion pair model
are estimated in the first place.

Ir.1 the same way that concentration equilibrium constants can be defined for
any ionic strength by including activity coefficients into thermodynamic constants,
apparent equilibrium constants can be defined for a particular solution by inéor:
poration of total activity coefficients. For example, for the carbonate system in
seawater, the first and second apparent mixed acidity constants are defined as

(Kaipp)f — {H+} [HCO3]T — K; '}’1-{[‘,_(:03 —

-6.00
[H,CO;]y ! ?’f];cog 10 4y

(Knpp " {H+}[003]T= K YI];CO;g _ 10—8.93
2 [HCO,], 2yl (42

[These‘ apparent constants vary somewhat depending on the chosen ion pair
formation model. For example, Stumm and Morgan?®® report: (pK*PP) = 6.035;

(p{(;""]’ =9.09.] In the same way, we obtain the apparent solubility product of
calcite:

K

T.T
CalCO,

K%®? = [Ca?*],[CO2 ], = = 107609 (13)

Much of th.e interest in quantifying the extent of major ion association in seawater
centers on its effects on the carbonate system and particularly calcium carbonate
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solubility. [Note that CaCO,(s) has not been considered in Example 2, thus
allowing for calcite supersaturation in the seawater.]

In reference to the ion pair model of Example 2, apparent acidity and solubility
constants effectively lump together the various ion pairs for each carbonate
species, much in the way that H,CO3 and CO,(aq) arc lumped together to define
H,CO%. This is a very convenient convention to study carbonate chemistry in
seawater: by simple redefinition of the acidity constants, pKg = 6.0, pKo2 = 8.9,
we can consider seawater as a typical CO;,, Cr, Alk, pH system, ignoring the
complications of major ion interactions. Calculations with apparent constants
for the carbonate system in seawater and complete jon-pairing calculations are
equivalent only because the major cations are little affected by ion pairing.
Otherwise, the free concentrations of the metals and hence their effects on the
carbonate speciation would be affected by the pH through carbonate complexa-
tion and the apparent constants would vary with pH.

The two approaches——total activity coefficients or ion pair complexes—
provide equaily valid thermodynamic representations of ion interactions in water.
Whether or not we wish to consider major ion interactions as actual complex
formation is more a matter of philosophy and terrninology than a matter of fact.
In the end, it is really a matter of practicality. If one is considering systems with
highly variable jonic strength and composition, then it seems mMore convenient
to use a universal description of ion association according to the jon pairing
approach. (For concentrated brines, the ion pairing model is insufficient and
other ion interaction models including first and second order effects among all
major ions must be considered; see Chapter 2.) On the contrary, if one is dealing
exclusively with scawater composition, then the total activity coefficient approach
becomes very efficient. The whole major seawater ion model of Tableau 6.1 can
then be reduced to 12 lines, eliminating all ion pairs and including the proper
total activity coefficients in the last column.

3. INORGANIC COMPLEXATION OF TRACE ELEMENTS

Unlike the question of interactions among major jons, in which everything
depends on everything, the question of the inorganic speciation of minor constit-
uents of natural waters can be treated one element at & time, independently of
the other constituents, This is because the important complexes are formed with
constituents in large excess whose free concentrations (activities) are unaffected
by complexation with a trace element. ,

To focus this discussion, Jet us consider a divalent trace metal M2". The
inorganic ligands that may form important complexes with this metal in natural
waters are relatively few: OH™, cl-, S02~, CO3%™. §2- (HCOj; and HS™ are
included implicitly). Other reactive inorganic ligands (6.2, F~,Br~,NH; PO3-,
CN ) are usually present at concentrations too low to result in any significant
metal binding.

INDRGANIC COMPLEXATION OF TRACE ELEMENTS 353

. C i i
onsider the following complex formation reactions with ligands A™ and B™;

M2++mA—-= (m—2)—.
MA} ; B (14)

M?* +nB” =MB-2-; g (15)
Introducing the mass laws for Reactions 14 and 15 into the mole balance

TOTM = [M**] + [MA®"~ 271+ [MB{'~ 271 4 - (16)

TOTM =[M**]J(1 + B, [A" 1"+ B,[B" 1"+ ) (17

Such separation is i
possible as long as there are no i
: . polynuciear s i
':l;c:;};itimtr(_)zi}lcehhlgher exponents for [M2*]. To resolvl[e the quesl:f::lesgf “r::f }i
on it is then sufficient to evaluate th i "
: : 7 ete i
cxcél}swely on the ligand concentrations Fm i Brackets which depends
in i ic li .
e tﬁz ;hsilréorglilnlc ligands are normally in large excess of the trace metals
independentnf’t ht ¢ problem of evaluating the free ligand concentrations is
independen :) he nature and'concentration of the metals. Only two considera-
e o iEtZ; E::tit(ljlf: calcutlle]iml)n: (1) at high ionic strength the possible effect of
ns on the ligand speciation as di i i
bl 1 it ' Spec as discussed in Section
g ;pg:;l?zl ba;se chemistry .Of weak acid ligands as a function of pH Theztisinoci'
apparent ;Sr;s ant's a.ccoluntlng for all ion-pairing effects allows the rf-:solution of
st iOn‘spe'clatlon 19dependen§ly of the major ion interactions. For example
ization fraction formalism for carbonate in seawater one can wlrjit ,
e

[CO% 1=a,Cr

in which a, is calculated on i
the :
constants. basis of the appropriate apparent acidity

In general, Equation 17 can thus be rewritten:

TOT 2+ m,

/ M =[M*"](1 + Bula J"AD™ + B(ep)"(B)" + ---) (18)
where the coeiﬁcienfs o are uniquel i i 3]

! major e eontation. guely determined fora given Handa giVCI‘l extent

nm 3 y p p y

most typically only one:

if 1> Bo{o)(Ag)", B(ots)'(Be)s...
then M2* is the dominant species;
if Bo)"(Ar)™ > 1, B (o) (By)', ...
tben MA =2~ j5 the dominant species, and so on.



354 COMPLEXATION

Species that are not dominant, but may be significant in the speciation of M2,
are those for which the expression in parentheses is not too small compared to the
largest one (say > 1%). Since Ly is an upper limit on [L], the coefficients « are
always smaller than 1; thus ligands for which §(L+)" is less than 1 can never form
dominant complexes. .

The methodology to calculate the inorganic complexation of a trace metal is
thus remarkably simple:

”

1. List all the species considered.

2. Calculate the freeligand concentrations on the basis of some jon interaction
model and of the acid—base speciation of the weak acids—most simply by
using apparent acidity constants that include the effects of major ion
interactions.

3. Calculate the various terms in brackets and retain only those that are
significant.

4. Obtain the distribution of the trace metal among its major inorganic species
by division.

Example 3. Inorganic Speciation of Copper and Cadmium in Freshwater. Let
us consider the freshwater system of Example 1 and the following data from
Table 6.3:

CuOH™; logf, =63 CuCOs,; logf, =6.7 CuSQ,; logf; =24
Cu(OH),; logp, =113 Cu(CO,)2~; log B, =102 CuCl*; logf, =05

CJOH*: logB; =39  CdASO,); logfy =23 C4Cl*; log B, =20
CA(OH).;log B2 =76 Cd(SO)3 s loghy =32  CdCly; logf, =26
Cd(SO,):™; log f3=2.7 CdCl;; log ;=24

CACIZ"; log s =17

From the calculations of Example 1, we already know the free ligand concentra-
tions:
[OH™]=10"%7
[coz-j=10"%?
[SO: 1= 10-4°
[ClIm]1=10"3"7

A rapid examination of the thermodynamic data shows the predominant com-
plexes to be the following.

For copper:
CuOH*: B,[OH7] = 1079 (19
Cu(OH)y: B,[OHY = 10%° (20)
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CuCO;;: B, [CO2~T =104 1)
Cu(CO;)2™:  B,[CO2 ]2 =100+ , (22j

For cadmium:

CdOH*: §,[OH"]1=10"2°

(23)
CdSO,: B,[SO2"]1=10"17=2x 10~2° (24)
CdCl*: B,[C17] =10"%7=2x 10~20 (25)

TOTCu = [Cu**](1 + 10%¢ + 10°° + 10'* 4 10704

— 2
= [Cu**] X 10" = [Cu®*] x 30 = Cuy (26)
therefore .
[Cv**] 1 .
Coy 30 2%
[CuOH*]  10%4
— = RO
Cuy 30 o
[Cu(OH),] _ 10%°
Ca, 30 "%
[CuCOy] 10
Cuy 30 %
fCuCOs)37] _ 107%
CuT B 30 = 1%

On the other hand, onl y iumisc \
he ¢ , only about 5% of the cad ]
species is, by far, the free cadmium ion, Cd”l:mum 's complexed, and the major

TOTCd={Cd®*](1+10"24+2x 1072 +2 x 1073
=[Cd**] x 1.05=Cd, 27
therefore 7

[Cd2+]_f 1 | w9 0,
Cd, 105 %
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[CdOH™] _ 0.01

=1%
Cdyr 1.05 %
[CdSO,] 002 _,
e =2
Cdp 105
[CdCI*] 002 _ o
cd, 105 ° )

Example 4. Inorganic Speciation of Copper anc{ Cadmium in Sea_lwarer Con-
sider the scawater model of Example 2; the free ligand concentrations are
[OH ]=10"%7
[COi 1= 10743
- ~2.0
[SO3-]=10"7
[Cl1"]=10707¢

Extrapolation of the previous copper and cadmium cg_lnﬁ,tf?n% tscs I =CO.5M
according to the Davies equation yields (loniey tra /3

CuOH™; log B, =57  CuCOy; logBi=55 cus'of; log ﬁlc_= 1.20 ,
Cu(OH),; log .= 109 Cu(CO,)%7; log f=9.0 CuCl*; logf,= —0.

: - CACl*; log By=14
CdOH*; logB, =33  CdSOy; logfy 1.1 ; =
Cd(OH)y; logfs=67 Cd(SO4)27; logfa=20 CdCly; logfo =17
¢ Cd(SO,)~; log fs=27 CdCI3; log fae= 1.5
CdCIZ™; log 84= L1

i lexes are still the most important
For copper, the hydroxide and carbonate comp
and the speciation of copper is changed from that of Example 3, mostly because

of ionic strength effects:

CuOH*: B,[OH"] = 10°° (28)
Cu(OH);;  B.[OH 1*=107%° @)
CuCOy;: ,[CO2~] = 10*° (30)
Cu(CO2™: B,[COL™12=10"° (31)
CuSOy: .80 1= 10708 (32)
CuCl™: B, [C17]= 10703 (33)

Copper is now about 77 in the free ionic forn:
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TOTCu=[Cu?*](1 + 10°° + 10795 + 10*? + 10°% + 10708 + 10709)

=Cuy
24
1
[Cu*™] — 10" 11% =007 34)
Cug 13.8

For cadmium, the chloride complexes are now obviously the most important:

CdCl*:  B[CI7] =10t ' (35)
CdCl;:  B,[C17]2 = 10418 (36)
CACIZ™:  By[CI™] = 10072 37
CACI2™:  B,[C1T* = 10° (38)

Since the constants are not very precisely known, we can consider that cadmium
is present in seawater predominantly as chloro complexes and that the free
cadmium ion is roughly 3% of the total metal:

TOTCd = [Cd**](L + 1011 + 10118 + 10°72 + 10°°6)=Cd,  (39)

therefore

[Cd**]

— 107556 =0.03
Cdy

Considering the results of Examples 3 and 4, we note that the speciation of
metals that form important carbonate or hydroxide complexes (e.g., Cu®™*) varies
strongly with pH. For metals that form important chloride or sulfate complexes
(e.g., Cd?*, Hg?*) in seawater, their speciation in estuaries as freshwater mixes
with seawater provides an interesting, though somewhat tedious, case study of
inorganic complexation, as illustrated in Figure 6.8.

Hydroxide complexes, which may be considered to be produced by the disso-
ciation of the weakly acidic hydrated metal ions, are of course important for
many metals in natural waters, as illustrated in our study of ferric hydroxide
precipitation (see Example 1 in Chapter 5). Many metal hydroxides form poly-
mers [e.g., Fe,(OH)?""] on the way to precipitation as hydrous oxide solids.
These polynuclear complexes are poorly studied and often metastable. Note also
that the presence of stoichiometric coefficients greater than 1 for the metal
complicates the speciation calculations. At the limit there is a continuum between
large metal hydroxide polymers and small suspended colleids of hydrous oxides.

From examination of the thermodynamic data in Table 6.3 it appears that
apart from the hydroxides there are relatively few inorganic complexes of trace
metals that are expected to be dominant in oxic waters. The major exceptions
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Figure 6.8 Inorganic speciation of mercury in an estuary as a function of salinity. This
example has been calculated by considering the mixture of a freshwater ([C17]) =
5 x 107 M; Alk = 1.3 x 107 M; pH = 7.2) with seawater (salinity = 36%o0, pH = 8.20)
and maintaining the total mercury concentration at 1 nM. Note the complicated changes
in the inorganic mercuric species [(#)Hg(OH),, (AHECly, (m)HgClS, {(O)HgCL 7] due
to concomitant variationsin pH (see top scale) and major ion (chiefly Cl™)}concentrations.

are the carbonate complex of copper in sufficiently alkaline systems and the
chloride complexes of cadmium, silver, and mercury in the presence of high
chlorinity. Generalizing to ail species that account for a few percent of the total
metal concentrations, Table 6.8 shows—for the trace metals of Table 6.3—the
inorganic species that are expected to be important in natural waters.

In anoxic waters the formation of bisulfide (HS ™), thiosulfate (8,0%7), and
polysuifide (S2 7) complexes is important in maintaining a fraction of some trace
metals in solution despite the low solubility of metal sulfides.>*2?

4. ORGANIC COMPLEXATION

The concentration of dissolved organic matter in natural waters is typically in
the range 1-100mg CL~ 1 (dissolved organic carbon, DOC). Typical average
values in freshwater are L mg L™ in ground- and rainwater, 2-10mg L ™! inlakes
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TABLE 6.8 Predominant I i i
Systems nt Inorganic Species for Selected Trace Metals in Aquatic
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Ba
Baz +
BaSO,(s), BaCO,(s)

Cr
gtggis )Cr(OH)_.,, Cr(OH);, HCrO, ?roi-
Al
AOH),, AIOH);, AIF**, AIF}
Al(OH}4(s), Al,O4(s), AIZSiZOS(é)HL;(s), Al-silicates
Fe
Fe2*, FeCl*, FeSO,, Fe(OH);, Fe(OH)]
Eif((ﬁbfiséfi ::llcwoaigss) Fe(OH)y(s), Fe,04(s), Fe,0,(s), FePO,(s),
Mn
Mn?*, MnCl*
MnS(s), MnCO(s), Mn{QH},(s), MnO,(s)
Co
Co**, CoCl*, CoSO,
CoS(s), Co(OH),(s), CoCO4(s), Co(OH),(s)
Ni
Ni2*, NiCl*, NiSO,
NiS(s), Ni{OH]),(s)
Cu
Cu?*, CuCO;, CuOH*
suS(s), CuFeS,(s), Cu;CO5{OH),(s), Cu(CO,),(OH),(s), Cu(OH),(s), CuO(s)
n
Zn®*, ZnCl*, Zn +
ZnS(s), choa(s),s%éigt%H - AnC0s 208
sz
Pb?*, PbCl*, PbCl N *
PbS(s), PhCO(s), Plza’((g?-l(;ifs,),?bc())lj + Pe0s
Hg ‘ '
H 2+ + - '
HéS(s’),}IIJgglliq,) ’Iilggc(:g,H ig(s():ls, HgOHC|, Hg(OH),, HgS2~, HgOHS"
Cd

Cd?**, CdCl*, CdCl,, CdCIT, C '
, , X ,CdOH*, C + -
Cdis), CACO4(s), CA(OH),fs) 48, CAHS", CA(HS),, Cd(HS);, Cd(HS);~

Ag

Ag*, AgCl, AgCl;, AgS~ )
2 v N gS ) AgHS’ A H52 A _
Ang(S), Agc[(s), AgBI'(S) ghis; g{HSJZ
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and rivers, 10-50mgL~* in bogs and marshps. In {he ocean, DOC varnzis frt?\rrlé
t mg CL ™! indeep waters to as much as 10 times this Yalue in highly pro ;.l(i v
surface waters. Recent determinations of_ DOC by high tc?mperaﬁufie ;:3 % gese
oxidation have given values two to three times those‘ of earlier metho IS.t' Thest
controversial data exhibit strong vertical DQC.gradlents wl}osg corre 3*; elros LV
oxygen utilization suggests significant resplratlon of' DOC in deep wate d For
The chemical nature of dissolved organic matter 18 po_orly charactcsr(;zz d‘y o
example, in attempts to fractionate organic compounds in seawater, ;d fu;vic
the DOC could not be identified and is thus broafily classified as huml_c gn uuic
material?526 (Table 6.9). The term humic acids is normally used to in l]C.a e-Cids
fraction (ca. 10%) of DOC that precipitates at very lpw pH. The term fulvic a

TABLE 6.9 Composition of Dissolved Organic Matter in Surface and Deep Ocean
Water” : .

Surface Ocean Deep Ocean
DOC-C* DOCC*
Compound Class _ )
(L?nitl')s) Concentration (%) Concentration VA
400-1600

OC (ug/L. 400-2500 )
I'I?FAP(:tﬁM)) 50-500 04-18 25-40 gz gi
THAA (n M) 50-1600 0.4—[5).3 50-200 .6-2.

i nM) 10-30 0.1-0.

ﬁ:: ii“ﬂ‘;)‘es ( 30-1700 0.05-14 <70 0 ; (1]:;7
TEMS (nM) 90-1700 1.0-8.7 51-120 1.5:2.1
THMS (nM) 600-4700 6.5-24 1000- 1400

Combined uronic 260 0513

acids (nM) 75— - .8-1. o

THFA (nM) 19-190 0.5-2.5 37—?30 : 1.1 382
Chlorophyll (ng L™ 10-2000 0.001-0.1 - < .
Indoles (zg L™ 1 g;

Glycollic acid (nM) 260-520 0.2

Phenols (ug L™ 1 1-2 2 s

Nucleic acids (l,ug L™ [1)32—8(;)4 . 62# )

Sterols (ug L7) . .2-0), ! § 008
Hydrocarbons (ug L ™") 0.3-30 ) 034-2.0 (1) 4

Vitamin B12(ngL" ") 0.1-6.0 =03t Hp

Thiamine (ngL™*) 8.0-100

Biotin (ngL™1) 1.6-4.6 o

d —
Unidentified 46-87

@ d f Buffle (1988).2° . o B
"?g;\p;e——t:t)z free amino acids; THAA—total hydrolyzable amino acids; TFMS5—total free

monosaccharides; THMS-—total hydrolyzable monosaccharides; THFA—total hydrolyzable fatty

o i it C estimated based on surface
¢Percentage contribution of carbon in the compound class lo DO

DOC =0.7-1.5mg L™!, mean deep DOC =0.5 mg L" L
4Egtimated by difference based on other values in this table.
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refers to'acid-soluble compounds, usually of lower molecular weight (ca. 40% of
DOC). Both of these fractions are generally defined operationally by a method
of extraction, most often as what is retained on a particular type of chromato-
graphic column. Thus humic and fulvic acids are those compounds that are suffi-
ciently hydrophobic to be retained on acrylic-ester resins (XAD-8). A more
hydrophilic fraction that passes through such columns can be extracted on
others (e.g., XAD-4), This fraction (ca. 30% of DOC) has been less cxtensively
studied than the more hydrophobic one but appears to have generally the same
coordination properties. Here we shall use the general terms humate, humic
acid, or humic compounds to designate all fractions: humic, fulvic, and
hydrophilic acids.

One couid undoubtediy identify'a myriad of other trace organic compounds
from natural and pollution sources in all natural waters, but the compounds in
Table 6.9 may in fact account for the bulk of the DOC in the samples. A majority
of the organic matter is put into the ili-defined class of humic acids because it
possesses the inherent complexity and structural variability characteristic of this
class, probably not because we ignore the existence of some well-defined substance
that accounts for a sizeable fraction of the dissolved organic pool.

There is a major difference between the geochemical behavior of the humic
organic fraction and the rest. Relatively small and reactive molecules such as
sugars, amino acids, urea, or phenols provide readily available energy or nitrogen
sources to aquatic microorganisms and are rapidly degraded. Their concentra-
tions are maintained in the water column by an equally rapid production rate
from microorganisms. One should visualize this fraction of the total DOC as
turning over very rapidly—on a time scale of minutes to days. The rapid turnover
time of this material makes it analytically ¢lusive; some researchers belicve that
compounds such as carbohydrates may represent a sizeable fraction of the
DOC.2728 The polymeric compounds that compose the humic fraction are
refractory (a good definition for dissolved humic material is the acidic fraction
of the DOC that is resistant to oxidation), and they are eliminated, at least in
part, by eventual incorporation into the sediments rather than by degradation.
Although recent work indicates some turnover of higher molecular weight DOC
by microbial respiration®®2* or by photochemical degradation,2®3? still the
residence time of this DOC fraction in the water column is on a time scale of
weeks to thousands of years.

There is an ongoing scientific debate over the role that natural organic
compounds play in complexing metal ions in aquatic systems.>! ~3* An imposing
body of experimental evidence supports the argument that some metal ions are
largely, if not mostly, bound to organic ligands. Determinations of trace metal
speciation in natural waters are based on the nonreactivity of the metals in
chemical or biological assays; this nonreactivity is generally attributed to metal
complexation by dissolved organic ligands. Thus the analytical method employed
must be responsive only to some definable fraction of the total (dissolved) metal,
ideally the free metal ion alone or with its inorganic complexes. For example,
the dependence of copper toxicity on the free cupric ion concentration (discussed
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SIDEBAR 6.1

Electrochemical Measurements of Metal Complexation

Although bioassays have been used with some success and chromatographic
techniques now show promise, the overwheiming majority of the analytical
data on metal complexation in natural waters has been obtained with
electrochemical methods. These electrochemical methods fall into two
categories: potentiometric and voltammetric. Potentiometric methods
involve the use of ion-sensitive electrodes, which exhibit a logarithmic
response to free metal ion activity. An example of potentiometric data on
copper complexation by humic substances is shown later {Figure 6.13).
Although ion-sensitive electrodes have excellent sensitivity for free metal
ion activities, the measurements require fairly high total metal concentra-
tions (> 1077 M), usually in excess of those present in natural waters. In
addition, for some metals, measurements cannot be made in high-chloride
media, such as seawater,5?

In voltammetric methods, the current generated when metals are oxidized
or reduced at an electrode surface is measured. In direct application, the
measured signal is linearly related to the concentration of labile metal——
which may include weak organic complexes as well as inorganic complexes
of the metal. The sensitivity of such direct measurements is usually insuffi-
cient for environmental applications. Thus voltammetric techniques applied
in natural waters include an electrochemical preconcentration step, which
dramatically increases sensitivity. For example, a widely used preconcen-
tration technique consists of plating the metal by reduction at a hanging
mercury electrode before measuring it in an oxidative “stripping” step
(reverse polarography). Recent applications of such methods in their multi-
farious variations have allowed determination of labile metals at concen-
trations down to 0.2nM.**  WW.ZpM vl fov (o

In some cases this sensitivity is good enough to obtain direct measure-
ment of labile metal concentrations in natural water. In many cases,
however, the reactive metal concentrations are still too low and a titration
of the water sample with added metal is then performed. The shape of
such a titration curve in the presence of a ligand at 5 x 10~° M concentration
is shown in Figure 6.9. This figure assumes that the added metal has
reached equilibrium with the ligand béfore measurement and that the
metal-ligand complex is strictly unreactive at the electrode surface, Neither
assumption is necessarily always correct (see Section 5). As seen in Figure
6.9, the ligand concentration L, can in principle be obtained by extra-
polation of the linear portion of the graph and the ligand’s strength, K,

B (continued)
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deduced from its curvature (various 1ines'1rizat.i0ns of the grt';lp_h c;zu; 11312
used to simplify the data reduction). Thusina simple system 1t( e ;1\,11(‘)3 dg e
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TABLE 6.10 Extent of Organic Complexation of Metals in Surface Waters

Percent

Metal  Complexed — Water Type Method Reference
Cu 100 Oceanic Electrochemi'cal 24;
>99 Coastal Electrocheml'cal >
=95 Electrochemlca! ‘ .
>99.9 Ligand compet}t{on 33
>99.9 Ligand competition o
=99 Bioassay _ 40,
Zn >98 i Oceanic Electrocheml'cal -
=95 Electrochem%cal Y
60-95 Estuarine Electrochemical °
14 Riverine Sorption ) -
Pb 50-70 QOceanic Electrpchemlcal p
Hg 2-89° Freshwaters  Atomic fluorescence . >
Al . =40 Freshwaters Ion-exchang“: chromatography "
Cd 0 Qceanic Electrochemlcal_ ‘
0 Radiotracer addition and .
chromatography 48
70 Electrochemicg}i. ] . 49
i Radiotracer addiilon an
Mn ° Qoeane chromatography 48

ion” i s (¢f. Section 4.5).
aFor Hg, “organic complexation includes organomercury compounds (

lects the possible importance of colloidal species. Usu?llly_, t}ie “dtiksls?;rz?scr;l:;nzl
ioni i ltration or other physical metno -
fraction is operationally defined by fi ( calm a
tion that dc? not exclude colloids. More 1mporta1;tl>', eqml;brufntr-lt ;ﬁ:ﬁi I()cilrs:
i i he analytical time scale of U1 -
solved) metal and ligand species on the al :  exper
i i facts arising from this assump
ents is usually assumed. Possible artifacts 0! i
Eliscussed in Section 5 on complexation kmctlcs.aI_indi.ddltlon, competition among
metals has been considered only in a few cases.” ™
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The greatest difficulty in predicting trace metal speciation from field measure-
ments stems from a lack of information about naturally occurring com-
plexing agents. Modeling requires information on ligand concentrations and
stability constants, yet field measurements of trace metal speciation provide these
parameters only indirectly. Direct information on the distribution and structures
of naturally occurring metal complexes is a crucial link between measuring and
modeling trace metal speciation in natural waters.

In the absence of such information, we may gain some quantitative under-
standing of the effects of organic complexation on trace metals in natural waters
by making equilibrium calculations of model systems. As we shall see, the
identifiable fraction of marine DOC cannot contribute much to metal complexa-
tion. Even the amino acids, which have the most interesting complexing properties,
are not present in sufficient concentrations to affect metal speciation in most

natural waters. We therefore focus on the following three categories of aquatic
organic ligands:

1. Well-defined, strong complexing agents, such as EDTA and NTA, that are
introduced into-the aquatic environment through human activities.

2. Strong ligands produced by the planktonic biota. These may be present at
only trace concentrations but exhibit much higher affinities for metals than
the metabolites listed in Table 6.9. The information concerning these ligands
originates mostly from culture studies in which high concentrations can be

obtained. Extrapolation of these results to natural waters is of course problem-
atic.

3. Humic substances isolated from a variety of aquatic systems and whose

coordination properties have been characterized on concentrated samples by an
assortment of methods. :

Let us then examine cach of these categories and obtain some quantitative
estimates of organic complexation, recognizing that the question must ultimately
be resolved through direct analysis, not model calculations.

4.1 Trace Metal Complexation by Strong (Anthropogenic)
Chelating Agents

Metal complexation by strong artificial chelating agents such as NTA
[N(CH,COO0™);] or EDTA (see Figure 6.7) is probably the best studied
topic in aquatic coordination chemistry, and the effects of these chelating
agents in complex mixtures have been thoroughly analyzed. EDTA has been
and continues to be used for a wide range of industrial, pharmaceutical, and
agricultural applications.>*** Because of its widespread use and limited
biodegradation, EDTA has been found in groundwaters, sewage effluents,
freshwaters, including drinking water, and estuarine waters.>”%¢ Of particular
concern is the mobilization of trace metals in groundwater due to the presence
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of EDTA. The use of EDTA in decontamination of nuclear facilities has been
implicated in radionuclide migration in groundwater.®”%® :

- The effect of EDTA on trace metal speciation is examined in the following
example. According to the data of Table 6.3, copper is one of the metals expected
to be most complexed by EDTA. For comparison purposes let us consider both
copper and cadmium.

Example 5. Complexation of Copper and Cadmium by EDTA in Seawaler
Measured concentrations of EDTA in the Mississippi River are in the range of
1-10nM, attaining the upper limit of the range downstream of major urban
inputs. In the United State municipal sewage contains typically 100-500nM.
(In countries where EDTA is used to replace phosphates in some cleaning
products, the concentration is higher.) Thus, 10-7 M EDTA is a reasonable
upper limit to the possible ligand concentration in a harbor or estuary. To the
recipe of our seawater model (Example 2), let us then add typical surface scawater
concentrations of copper (10~%-* M) and cadmium (10~2 M)and 10”7 M EDTA:

Y,=10""M
CUT= IO_B'SM
CdT= 10_9M
Recall that at pH = 8.1,
[OH™]= 10737

[coi l= 1043
[s0: 1= 10-%0
[ClIm]=1079%%¢
[Ca2+] = 10—2.0
[Mg“] =10~ 1.3
The relevant EDTA constants are obtained from Table 6.3 after appropriate
ionic strength corrections™:
CaY? ;logB, =100  CuY®7;logh,= 18.1
MgY? ;log ;= 8.2 CdY? ;logf, =158

ll

HY3_; 10g ﬁ’l =10.1
H,Y?";log f, = 160

*Tonic strength corrections according to the Davies equation have dubious validity for ions of
charge 3 and 4. However, as seen in the example and as is discussed below, the results of the
calculations are controlled by the ratios KeofKen and Keo/Kew which are unaffected by the ionic

strength corrections.

ORGANIC COMPLEXATION 367

To simplify the problem, let us recall the results of Example 4:

X inorganic Cu species = [Cu’] = 10'*4 [Cu?*]
Zinorganic Cd species = [Cd’] = 1056 [Cd2*]

The mole balance equations for copper and cadmium thus simplify to:

TOTCu=[Cul+[CuY?"]=[Cu?*](10}' 4 10L8-1[ Y+~ 7])
=Cup=10785 (40)
TOTCd =[Cd] + [CdY? "] =[Cd2*](10%-56 4 10'5-3[ Y+~ ])

=Cdp=10"9° @
The free ligand concentrati ; i
equation: ration is obtained from the EDTA mole balance

TOTY =[HY?")+ [H,Y?~] + [CaY? "] + [MgY?~] + [Cu¥?~] + [CdY?]
=Yp=10"7 (42)

The last two terms can obviously be neglected since Cupand Cdy « Yy
T T

TOTY= [Y4~](1010.1[H+] + 1016.0[H+]2 + 1010'0[C32+J + 108.2[M 2+
I g7
TOTY = [Y*"](10%° + 107%2 4 1030 4 105-9) = 07

(43)

(44)

Note that the first two terms are igi

. al i i

it the caloons ot A e et so negligible and that EDTA is predominantly
[Y* ]=10"30x10"7=10"150 45)

Substituting into the copper and cadmium mole balances

TOTCu = [Cu2+](101.14 + 103.1) =.10—8.5 (46)
TOTCd = [Cd**](10*-5¢ + 10%-%) = 109 47)

[Cu?*]1=10""%6;  [Cu]= 10105 [CuY?~]=10"8"
[Cd2+] — 10—10.6; [Cdr] — 10—9.1; [CdYZ—] o 10—9.9
T .
he copper is thus totally bound to EDTA, but only some 12% of the cadmium

is in the organi i
organic complex form. In this example, there is no competition between

5
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tion with the organic ligand since EDTA is
and the pH i . )
pH, the ligand speciation may in fact depend directly on its acid—base

the two trace metals for complexa
present in large eXcess.

* * *

Example 5 illustrates several important points concerning organic com-
First and foremost, weak com-

plexation of trace metals in natural waters.
plexing agents, such as amino acids or other identifiable organic compounds
listed in Table 6.9, cannot, at their ambient concentrations in natural waters,,

affect metal speciation, Even the strong ligand EDTA at the relatively high
concentration of 1077 M can only slightly affect the speciation of cadmium in
seawater. If the affinity and concentration of the ligand were somewhat smaller,
say, a factor of 10 each, even copper, one of the most reactive trace metals,
would be present largely as inorganic species. For organic complexation to be
important in the speciation of a trace metal, it is thus necessary that the ligand
exhibit a very high specificity for the metal (see next example) or that the ligand
concentration and effective binding constant be quite high.

In addition to higher organic Jigand concentrations and lesser competition

from inorganic ligands, a reason to expect organic complexation of trace metals
to be more important in freshwater than in seawater is the dominant role of the
major divalent cations, Ca2* and Mg2*, on the organic ligand speciation 1n
seawater. As seen in Example 5, while copper is effectively 100% bound with
EDTA, EDTA itself is 100%, bound with calcium, which is itself 100% free. This
is possible of course because of the wide differences in total concentrations:

Cur < Y« Car. The result is a large decrease in the apparent binding strength
of EDTA for the metals:

[CuY2™]= K [Cu®"] [Y*] (48)
K
Cu¥? ]= Cu___rCu?*]Y 49
[ ] Kca[ca2+][ } T ( )
therefore
Kere = Ka  _10-%k (50)
& Ke,[Ca?t] o

In other words, the complexation of copper by EDTA is controlled by the

equilibrium of the reaction:

K
CaY?™ +Cu?* =Cu¥?" +Ca*t; K= KC“ (51)
Ca

which is pushed to the left by a Jarge calcium concentration. Although sometimes
the magnesium rather than the calcium complex is dominant, this result is
applicable to many organic ligands in seawater, and it affects the complexation
of all trace metals. In freshwaters, where t
trations are 13 orders of magnitude smaller, the €

he calcium and magnesium concen-
ffective binding constants

and magnesium com .
plexes bec : -
DH g [Cat*] o 10mo ooy T portantinsoft,acidic waters (e, where

The ligand speciation is then domi
Tho ligar ‘ nated by the species H,Y2™ an -
ow ! cgis L(;ln?to;lcg;tr:;mns, however, wh.en the metal—ligand2 conceng';lii)z ré? t
iy cor 1me me_tals, the lllgand speciation is dominated b tlllo
orresponding met};lexe;;l. Figure 6.10 illustrates what happens to EDTg an:i
EDTA ot vors oo Is1 when a.frest_lwater is titrated with EDTA. In this example
S oy Jow ti:et}[trjtlons is present chiefly in the nickel complex Whpen
the commet rated as the EDTA concentration exceeds that of- ick
zinc complexes become prevalent. Finally, when thosnelct\::;
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metals are themselves titrated (Yr>Cur+Zny =50+ 150nM), EDTA
becomes controlled by its calcium complex. Besides Ni, Cu, and Zn, the other
three metals included in this model calculation, Hg, Pb, and Fe, also become
bound to EDTA although they never account for a sizeable fraction of the
ligand. Lead and zinc are titrated simultaneously. Lead, in contrast to zine,
does not affect the ligand speciation because of its low total concentration; zinc
is present in 150-fold excess of lead. Iron, which is controlled by its amorphous
hydroxide precipitate, becomes organically bound only when the free EDTA
increases markedly upon titration of the zinc. Mercury is the last of the trace
metals to be titrated. '

4.2 Trace Metal Complexation by Strong Biogenic Chelating Agents

Practically all aquatic microorganisins release metabolites into their growth
medium, including a variety of compounds whose affinity for metals ranges
from that of simple amino acids up to that of fairly strong chelating agents.
But, as argued before, uniess these compounds have unusual metal binding
strength or specificity, they are unlikely to affect metal speciation in natural
waters. Aquatic microorganisms, however, synthesize two families of strong
metal complexing agents: transport ligands to acquire essential trace metals
and detoxifying (or buffering) ligands to defend themselves against the toxicity
of others.

Transport Ligands. For the most part we do not know the nature of the metal
transport ligands in phytoplankton and bacteria. But we know that they are
normally membrane-bound and exhibit high affinity and specificity for the target
metals. (This is clearly a necessity to acquire trace metals from oligotrophic
waters.) In the case of iron, three types of transport ligands may be important.
The catechol and hydroxamate siderophores of terrestrial bacteria (Figure
6.11) are also produced by heterotrophic marine bacteria, cyanobacteria (blue
green algac), fungi, and marine dinoflagellate phytoplankton.’®™** In the
organisms that have been studied so far, siderophores are produced under
iron-limited growth conditions and then released to the medium. (Such release
may not be typical of organisms living in dilute media such as the high seas.)
The iron-siderophore complexes are then taken up through an active (i.e.,
ATP-requiring) process involving specific membrane proteins.®*%* The detailed
structures and the exact properties of several of these siderophores have been
characterized and one of them, desferriferrioxamine B, is inciuded in Table 6.3.
Siderophores have been isolated from $0ils®® and chemical and biological assays
have indicated their presence in algal mats®’ and in lakewater during a
blue-green algal bloom.®® It has been suggested that siderophore production
by blue-green algae may suppress the growth of competing species, which are
unable to utilize the iron—siderophore complex for growth, thus fostering the
bloom of blue-green algae.®® In the next example, we use the well-characterized
trihydroxamate siderophore desferriferrioxamine B as a model compound to
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Fe(m o)

a) @,/ %, b) N
1 Fe
;N o’

. s c=0

Phytochelatin
[7—gIulomyl-cysfeins]n—glycina {n = 2-11)

Figure 6.11 Complexing functionalities of some biogenic ligands: (a). hydroxar,

siderophores, (b)jcatechol siderophores; (c) phytoche]atins&)nly partial structur
s_hown for the siderophores. The side-chain moieties (indicated by R-) are, i eS
31dcrophore§, quite substantial and often include additional complexing fum:tior‘nzﬁ:ln .
of the types illustrated. For example, desferriferrioxamine B, the siderophore that air;‘:

in Table 6.3, is a hexadentate li i
€ 6.3, is a gand with three of the hydroxamate functi
shown in a. For detailed structures see Neilands, 1981.59y ate functional grc

examine the situation created b i
X . _ y the presence of complexing agents wi
high affinity and specificity for a particular metal. ’ § agents with v

E.v.ramp.'e 6. C.omplexation of Iron(lll) and Copper by a Trihydroxam,
g:derophore in Freshwater Consider the effect of adding desferriferrioxam'

Ec; the freshwater system of Example 1 containing 10~6M Fe(Ill) a
10 2}_\/!Cu. (Recall that at pH=81, [OH™]=10"3°, [COZ"]=10""
[SO; :!= 1'0“’"'3, [C171=10"32 [Ca%*]=10"3"3, and, [Mg23+] =_10‘4
Desft?rrlferrl?xamine B is a hexadentate ligand with three hydroxamates
terminal amm;a_which is protonated somewhere below pH =11. We thuini
th}c: symbol Y to indicate thej ligand with all hydroxamates deprotonat:
The relevant organic complexation constants are given in Table 6.3:

HY ";log 8, = 10.1
H,Y;iogf, =194
H;Y*;logf, =278

CaY?~;log i, = 3.5
MgY?~;logff, =52

FeY™:log 8, =31.9
FeHY?*;log ,, = 32.6
CuY?~;log 8, = 15.0
CuHY *;log 8,, = 24.1
CuH,Y**;log 8,, = 27.
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At

he free cupric ion concentra '
:s 3% (107 1.5} of the total inorganic coppe

The mole balance equation fog 965
low enough not to affect [Fe*™]

+
All terms are negligible compared to the FeY

Fe(OH),(s) (see Example 1 in Chapter 5),
is given by
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ating agents, 1ron is precipitated as

; hel :
a pH of 8.1, in the absence of ¢ O e fros ferric ion concentration

e 53)
[Fes +] — 103.2[H+]3 =10 21.1 (

tion in the absence of a chelator has been calculated
r in Example 3: .

[Cu2+] — 10—1.5 [Cllr] = 10—8.5

ferriferrioxamine at low liganq concentration,
or [Cu**], can then be simplified:

4 +12 1027.8 H+]3
TOTY =[Y*"1(1 + 1010 [HY ] + 1094 H ] + [

+ 103.5[Ca2+] + 105‘2[Mg2+] + 1031.9[Fea +]
2+
n 1032.6[H+][Fe3 1+ 10M5[Cu ]+ 10241 [H*][Cu ]

(54)
4102 [H PICu ) = Yy

concentration:

TOTY =[FeY*]= 1% P[Fe3 T I[Y? 1= 1019-8[Y2 " }=Yr (55)

y ic li ic i as lon

G'ven the enormous a[ﬁnit Of the orgamc hgand‘ for th-ﬁ fer:itc ;011, tg

as Yl < Fe the speciation problem is Si’mple‘. the hgand 1§ entirely b()lllld 0
T T

\ ipitati f Fe(OH)s(s); and
iron; .. i.n is controlled by precipitation O an
ltz?’cot;;erfr:nfzir:lcs ::?:ileﬂy in the copper carbonate complex (Kco,[CO3 ]
— 101'4).

A d 15 (o] T s et

i omes
dissolves the irom, and the high afﬁnity_of the ligand folr C(;}apz lgics.s o
.1sS°rtant for copper speciation. Cons1_der, for exa;nil) e, . Tcléaﬂy oy
lImpoddition to FeY*t, the major species at pH=8.1 a _
n a s

and HyY ™" | .
-5.8
TOTY=[H2Y]+[H3Y+]+[FCY+]=YT-—-1O (

i is that all
At this point a reasonable assumption to be verified subsequently is

the iron is bound to the organic ligand:

- 57
[FeY+j=FeT-=1O 6 (57)

therefore _ 10-6:23 (58)

[H,Y]+ [H Y 1=Y,—Fer=
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and (Y2 ](10'24[H*]? + 1027-8[H*]%) = 10~6-23
[YZ"}(103.2 + 103.5) =1()—6-23 (59)
[Yz—] — 10-—9.9

We can verify that the iron is indeed dissolved:;
[FeY*] = 1031'9[Y2‘][Fe3+]= Fer=10"6 (60)
therefore [Fed*] — 107280 < 10211

The mole balance for copper is now written:

TOTCu=[Cul+[CuY]+[CuHY*]=Cu, =107 (61)

TOTCu =[Cu?*][10"* + 1045002~ + 102* [H*][Y?" ] = 10”7

TOTCu = [CuHY *] = 1051[Cu?*] = 10" (62)
therefore [Cu?¥]=10"13!

The copper becomes immediately complexed by the hydroxamate, and its free
concentration is lowered by a factor of' approximately one million. Thus,
iderophores can alleviate copper toxicity to algae. Note, however, that this is
ISFSSiEhWW'lgandﬁin excess of the iron, a situation that may
not be commonly encountered in natural waters. In seawater, as illustrated in
Example 5, the major cations would affect (slightly) the complexing ability of
the organic ligand toward copper since MgY is one of the major ligand species
in seawater (once the iron is entirely complexed). In the most probable situation
where iron siderophores are present at very low concentrations, lower than that

of trace metals, their expected effect on metal speciation is a simple stoichiometric 1
binding of Fe(IIl). o

Detoxifying Ligands. The other major family of strong biogenic chelating
agents, the metal detoxifying molecules, are synthesized by bacteria, plants, and
animals in response to metal toxicity. They consist of cysteine-rich polypeptides
and include two major types, the phytochelatins of plants and the metallothio-
neins of animals. Phytochelatins are small polypeptides (Figure 6.11) produced
enzymatically by all plants.®® In microscopic algae they seem to play a metal
buffering role even when the algae are not under metal stress.”® Metallothio-
neins are small proteins (mw =~ 6000-7000) with high cysteine content and no
aromatic amino acids.”! They bind several metal ions per molecule and are
ubiquitous throughout the animal kingdom. Both phytochelatins and metai-
lothioneins are highly soluble and may thus represent a sizeable source of
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been kept simple by considering only one organic ligand at a time. The problem
100

appears much more complicated when one has to consider several metals and
several ligands together. Determining the extent of competition among metals
for the same ligand and among ligands for the same metal in a complex mixture
seems formidable, and computer programs have been used extensively for this
purpose. .

In fact, examination of the results of such computer calculations shows that
the problems are often not as difficult as they may appear at first and that

competition among metals for the same ligand seldom occurs. A few rules of
thumb can be given:

7 of Total Metal Bound

80

1. Like the hydrogen ion (H +j, major cations (Ca®*, Mg2™) do not really
o “compete” with trace metals for strong ligands, they merely decrease the

ligand’s apparent affinities for the metals (recall the K¢,/K¢,[Ca®"] factor
in Example 5).

% ot Tolal Ligand Bound

. Trace metals do not compete with each other for the same ligand as long as

the ligand is in large excess of the metals (L.r > M’s). This is the situation
most often considered.

167" 1a® 167 10
Totol Ligand Concentration (M Cysteine) N
Figure 6.12 Calculated titration of a model frf:s_hwater w'ith cy;ttlzz]ne. f:c:.:) ?I:;c:?t(lzﬁl%f
thg metzlls. (b) Cysteine speciation. Same _condttlons as Figure 6.10 excep

which is reduced by cysteine, has been omitted.

Table 6.11 presents the results of a computer calculation for a model
freshwater system containing citrate, glycine, cysteine, and NTA, all in excess
of all the trace metals but iron. Except for mercury, which has a very high
affinity for cysteine, and iron, which is partly present as the hydroxide solid,
the reactive trace metals are found chiefly as NTA complexes. Most of the NTA
itself is present as the calcium complex. A series of hand calculations such as

those presented in Examples 5. and 6 would have yielded the same result
" ponderously but easily.

trong, unspecific metal complexing agents i_n water upon c':ell 13t;sfi:s[; (t.“,ﬁ'sct?:;; ;Z
; rcgugzzd in Table 6.3 to exemplify lower Jimits on the binding streng
in . 7
: i heir
Corgpggssisdetoxifying ligands, like EDTA, are strong unspegﬁg chglc:;:o;sl, tT‘ie
fi c(: on metal speciation is very similar to tljlat discussed in cgf o “.Sc.)fter”
fn:jor difference stems {rom the diiferent relauveﬁm:ttla_ﬂ afi};;ﬁ:;mpared one
i tallothionel
i i i the phytochelatins and me : ; ©
‘S‘hlar; ‘;::’ tc})ﬂiorlstlﬁa carbtl))xylate of EDTA. For examp}e, F1g6u1r§ 6111%‘;;1 ;lﬁe Erl?)s';;\
of complexation calculations identical to thc_)se of F]gureo. 0, 1t0 e ik
been replaced by cysteine as a model thiol chelator. 'wmljgl e e
h?ifnify for ttljle thiol group Hg?™ is readily titrated by cytf:teme.t ' I?:rspec,i becaust
in ’ i trols the cystel
i i l¢!) the mote abundant zinc con ; ' “
o ﬂll'lsai}:iaggr’l:e)ntrations (compared to the less abunflant mckel_ 1? ct)l;e gs& o
I]EL)F)TIIE) the other trace metals pever influence the ligand wec:::j i D\iote tha;
whose ;ﬁ‘mity for thiols is relatively poor, 18 the last metgl tltirsamt. e
Cu(I1) which is reduced to Cu(l) in the presence of cysteine

the calculations.]

4,3 Complexation by Humic Compounds

As mentioned previously, a major fraction of the dissolved organic matter in
natural waters is composed of refractory humic compounds, polymers of variable
composition. Although their overall structure, particularly their three-dimen-
sional conformation, may be complicated and ill-defined, humic compounds
appear to contain reasonably simple and consistent functional groups for
coordination: carboxyl, alcohol, and phenol.’7® Humic substances have
substantially different chemistry in the open ocean and in fresh or coastal waters.
In the open ocean where organic matter is almost entirely autochthonous
(formed in situ), humic compounds are formed by condensation, polymerization,
and partial oxidation of smaller molecules such as triglycerides, sugars, or amino

acids, and they exhibit little aromatic character.” This is illustrated in Figure

6.13, which shows a hypothetical pathway of formation of marine humates from

polyunsaturated triglycerides, leading to crosslinked aliphatic acids.”? Near
land, by contrast, the DOC is largely allochthonous {imported from foreign
sources) and derived from the decaying material of higher plants, particularly

*® ® *

tion has
In the preceding discussion, the problem of trace metal complexa
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5. Some prominent structural features

|, The three primary monomeric precursors of lignin.
of conifer lignin

ClHZOH (lJHZOH CH z()H
CH CH  Conifery! (:iH Sinapyl g
& iy Aiconol ¥y Alcanol

a ¢
:9 o [cH,0H] kEHZOH
OCH3 e g 0CH, ﬁH CH50© L-o—r
OH

OH or o——CH  GHOH
p-Cuumnryl CHO . CHZUH qH
Alcohol Incorporaticn info the Lo S Ly CHO HGOH
structural tissues of plants via Héou H
polymerization reactions 10 HOCH, OCH,
form fignins. H‘}f z
HEH  poon

o—o=CH

3. Two of thirty lignin decay fragments
relsased from spruce wood.

CH.OT S OCH
HG —— O 3

O -
o C— OH HocH2/© HOHch
=0 ﬁg OCH, HG —0-R
HE—0

|
HCOH

H,GoH
o0 gron "G
g —— i He—0
ocH, €————  HeoH ¢=0
OH Decay of lignified tigsues
" yia tungal and bacteridl @ @ ooh
degradation processes. om0 T od?

4. Four possible carbon skeletons for the
planar fulvic acid malecule

O

Soil-mediated

racondensation of
fragments into humic
and fulvic molecutes.

o O ©©

Figure 614 A possible schematic pathway for the formation of terrigenous humic acids
from lignins. Based on Aiken ct al. (1985)7* and Crawiord (1981).7°

studying the coordinative properties of humic substances. Reduction of data
from typical acid—base titrations of metal-coordination experiments with
humates usually do not yield a simple set of discrete constants; the titration
curves are “smeared” and the resulting constants vary continuously with the
experimental conditions. There are three principal causes for this confusing

state of affairs:

1. As a result of chemical and steric differences in their neighboring groups,
coordination sites on humates may well have a continuous range of affinitics
for metals including H*.

0
)
b) -

ii
0 B-CH, CH,~C-OH
Hind
o
HO i I I
—C—CH,—C—CH,—C—OH

Q
PN
¢—0—
¢t 8 i

C\=O‘° ]
CH,—CH,—C—0OH

Figure 6.15 Three proposed
st . .
Figure 612, p ructures for terrigenous humic acids. After Leenheer in

2.C i i
e Varic:)?lfso;'ll;nattl_onall changes resul?mg from electrostatic interactions amon
nctional groups on a single molecule may make the coorclinatiorgl

propertics of the molecule highl I
f 1 y dependent i indi
and on the ionic strength of the so]ugon. on the extent of cadon binding

3. Flectrostatic attraction and repulsion from neighboring ionized groups
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Aromatics with phenolic 8 carboxylic groups

COOH COOH
& o
OH

Salicylate 2.3 DHB (dihydroxybenzoic acid)

Dicarboxylic acids

COOH (EOOH CIIOOH
@ GH, $He
COOH COOH CH,
Aromatic: Aliphati: HN-GH
phthalate malonate CQOH
Amino acid: Glutamate
Quincnes oH OH
" O
@OH OH
OH

catechol pyrogaliol
Anthraquinone

Figure 6.16 Model compounds with appropriate functionalities for humic acids.

may affect markedly the metal affinity of a given group, thus making the free
energy of complexation, and hence the complexation constant, dependent on
the extent of cation complexation of the ligand, particularly its protonation

(and on ionic strength).

Three different approaches have been taken to model the complicated co-
ordination chemistry of such complex mixtures of complex molecules. The
easiest and most common is to fit titrimetric data with an ad hoc set of
well-defined discrete ligands. Though simple, this approach has the fundamental
weakness of being strictly an empirical data fitting procedure without power
of prediction or extrapolation. This weakness 15 not ameliorated'by the se'cond
approach in which humates are modeled as a mixture of ligands with a
continuous (Gaussian) distribution of acidity or metal binding constants. Here
we take a third approach and assume that the coordination properties of
humates can be described by a superposition of the individual affinities of a
few well-defined ligands and the coulombic attraction of neighboring groups.
The idea is to capture in such a model enough of the fundamental
physical—chemical processes controlling humate chemistry to obtain true
predictive capability.
oulombic forces are effective

Polyelectrolyte effects. As noted in Chapter 2, € : ' effec
over relatively large distances and affect the free energies of ions even 10 dilute

CRGANIC COMPLEXATION ki3]

sqlutlons._When a cation reacts with an acidic functional group of a molecule
with mulpple functional groups (a “polyanion” such as a humic acid or a protein)
the che-rmcal frec energy of interaction is augmented by the long-range cou]ombic’:
attraction emanating from all the neighboring, nonreacting, negative sites. This
§o-called polyelectrolyte effect which can strengthen greatly the binding of ;netal
ions by p_olyanions has been well studied in physical-biochemistry. Its role in
the ch-em}stry of humic compounds ‘is beginning to be understood. A simple
quantitative treatment of coulombic effects in polyion binding is ol‘ataincd%
the same blending of thermodynamics ‘and electrostatics and the very samz
starting equation involved in the Debye—Hiickel theory.”®

Lm’fhe free energy of reaction between a metal M"* and the functional group

Mn+ + Lm— —-»LM(n—m)+
is the sum of the chemical free energy due to the reaction with the functional
group itself and the coulombic free energy due to electrostatic interactions

between M"* and all the charges on the polyanion.

AG =AGS,,, +AG® (63)

coul

" In the Debye—Hiickel theory, the coulombic term was calculated as the work

necessary to charge the molecule from zero to — Ze {=ZF per mole) in an
lonic at'mosp'here. IE the case of a polyelectrolyte, the coulombic work involved
in reacting with M"* can be taken as the product of the charge increase because

AGS,, =nF'¥, (64)

(Recall that F is the Faraday constant, 96,500 C).
In terms of equilibrium constants,

o p—AGORT _ .
K € - Kchcm Kcoul (65)
where
_ ,—AGY
Kchem =e eneml &Y (66)
— 5~ AGY, -
Kcmﬂ =¢ Goou/RT — e nFP¥o/RT _ Pt (67)

The convenient parameter P is the inverse of the exponential of the nondimen-
sional average surface potential, ¥,,. ‘
The issue then is to calculate what the average clectrical potential, ¥y, at

“the binding site might be. For this purpose, the polyion is represented as an

impenetrable sphere of uniform surface charge density. The distribution of
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log P
(¥}

o 20 40 60 80 . 100
[+]
Radius (A)
Figure 6.17 Coulombic factor (log P = — 2.3 F¥,/RT) for an impenetrable sphere as 8
function of its radius and the ionic strength. The total charge is assumed to be
proportional 10 R? so that the surface charge density increases proportionally to R.A
charge density of 9.2 uCoem™? was chosen for R = 7.7 A. After Bartschat et al., 1992.7%

co- and counterions from the surrounding electrolyte is represented as a conti-
nuously varying charge in a medium of uniform dielectric constant.

As discussed in Chapter 2 for the Debye—Hiickel theory, the Poisson—
Boltzmann equation then describes the relationship between the variations in
potential and the concentration of co- and counterions in the medium. With the
appropriate boundary conditions (see Sidebar 6.2), we can solve this equation to
obtain the potential ¥ as a function of distance from the spherical polyelectro-
lyte. More importantly, we also obtain the value of the surface potential ¢ as
a function of the surface charge density, the radius (R) of the polyelectrolyte,
and the concentration of co- and counterions in solution (Figure 6.17). As may
be expected, these surface potentials approach the Debye—Hiickel values at
small radii and the values for infinite flat plates (sce Gouy--Chapman theory
in Chapter 8) at large radii.

To calculate the extent of binding of cations by polyanions requires an
iterative procedure since the equilibrium constant, K=K pom Keour depends
on the surface charge of the polyanion, which itself depends on the extent of
binding of cations, including protons. A general approach to such calculations
will be presented in Chapter 8 dealing with binding at the surface of solids. In
the following section we describe a simple model of humates, discuss the general
features of their acid-base and complexometric titrations (from experimental
data and corresponding model calculations), and study how to calculate by
hand the extent of metal complexation by humates in the simple and typical

case of low metal to ligand ratios.
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SIDEBAR 6.2

usc?(l)u“ons to the Poisson—Boltzmann Equation
. ULOMBIC EFFECTS ON OLIGOELECTROLYTES

Our humic aci .
t humic acid model is the same as the Debye—Hiickel model for smail

ions introduced in Chapter 2 and i
' is ba i i
form of the Poisson-Boltzmann equatizlc'lron the spherically symmetricat

ey 24%_ -1
dr* rdr —:ggz Z,F(S;)ge” “FYRT 0

There are two important differences, however

First, if th : :

a larger chal‘eg;n 1?3121;: to be applicable to oligoelectrolytes (which have
ions), we cannot a r and a larger surface charge density than small
the linearization st:;“:;:dﬂilstt;hergtentials arc small enough to justify

L ¢ Debye—Hiickel theory i
to sol . ye—Hiickel theory. We
distan‘; ;il)l:st:ﬁ: (51) ilum?n}(l:ally. The result is W as ayfunct;g;tejifl rh(izz

cnter of the sphere) for a gi Lo

- . given bulk o
moézt;léllall; radius 112(, and charge on the molecule (@) ot composition,
. , we make an approximation whi )

. . ich spares ;

integrate our numerical solution of ¥ over the cﬁar ut} from having to
we did in Chapter 1. ge of the molecule as

AT+ M?T 5 A-MZ2
The a iti ilibri
pparent (conditionai) equilibrium constant for this reaction is

— —_ Q K 4‘,
[ ][ ] : {ll }{II }JZ—Q ot J'Z—
4 [2]

(1)

)i . t “ ‘ oc ICIEntS — i
c

int l ; I:r:SS]':I1 : ne can dEfule S

i le
Iny=In—2 =ny,~Iny,_,

Yz-o

{continued)
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—1 (2-De
=HJ_QQ Wolqdg (ii1)

If Q is much larger than Z, \¥,(g) remains approximately constant over
the range of the integral, so that

—Ze .
Iny= W Wol(Q) . (iv)

The “local” activity of a small ion at the surface of the oligoelectrolyte
is then given by the “bulk” activity multiplied by a Boltzmann factor,

R:exp(—-f,l—e_"llo)

given in Figure 6.17. A physical interpretation of the Boltzmann factor is
that it represents the work required to bring the small ion from an infinite
distance to the surface of the oligoelectrolyte. This interpretation is often
used to derive the expression for yz, but it is only strictly correct when
the oligoelectrolyte does not come close to being neutralized by the
reaction with the small ion. In reality, it is not a “local” activity coefficient
which we use to correct the equilibrium constants, but a AG_,,, and if
the charge on the oligoelectrolyte changes enough so that the ionic
atmosphere also rearranges itself significantly, the former is not a good
approximation of the latter.

A Simple Mode!l Humate. A simple model of a humic acid is presented in
Table 6.12. It consists of a mixtureé of three ligands, acetate, malonate, and
catechol, distributed among two size groups, 75% in molecules of molecular
weight 700 daltons (R = 7.7 A) and 25% in molecules of molecular weight 5000
daltons (R = 15A). Such relatively low molecular weight compounds may be
termed “oligoelectrolytes” to distinguish them from true polyelectrolytes such
as proteins. The types and concentrations of the ligands have been chosen to
be consistent with available structural data and to approximate titrimetric data
with H* and Cu?*. The total concentration of carboxylic acid groups
[6meqg™ '~ 12meq(gC)~'] is in the middle range of reported values. As
discussed above, the molecules are considered as impenetrable spheres with
their ionizable functional groups producing 2 uniform charge distribution on
the surface-—the maximum charge is 4.3eqmol ™" for the small size range and
32eqmol~? for the large size range.”®

Acid—Base Properties of Humates. In Chapter 4 we showed a typical acid-base
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TABLE 6.12 A Model Humate

Two size groups

* R=77A(Z=43eqmol % mw ~ 700)
75% of all functional groups

R=154 (Z=32eqmol*; mw ~ 5000)
25%, of all functional groups . }

Three ligands
“Acetate” - 4 x 10" *molg™" HL, pK, = 338
“Malonate” 10~ 3molg™! H,L, pK, = 45
HL; pk, = 45
Cul, pKg = 51

. “Catechol” Fx 1074 mc!lg“‘1 H,L, pK, = 94
HI.; pK,,=126
CuL, pKe, =147

titration of a humic acid sample (Figure 4.13) and the influence of ionic strength.
The oligoelectrolyte model described above accounts for the observed jonic strength
effects (though it has not been designed to fit the data of Chapter 4 and may, in
particular, lack sufficiently strong acid groups). Both the distribution of ;he
PK,'s and the coulombic polyelectrolyte effect contribute to the smeared aspect
of th'e titration curve in which no clear inflection point can be distinguished.
The importance of the polyelectrolyte effect which is due to a gradual decrease
in the coulombic attraction of protons can be quantified by expressing the mass
law for the deprotonation of an acid site.

HL=H*+L"
[H*IL"] - :
W=K‘,'P L (68)

where K, is the intrinsic (chemical} acidity constant of the site and P-!
(= ¢™0/RT) is the coulombic term. The increase in the value of P with increasing
pH—he.nce the increase in the apparent pK of the acid site: pK®P = pK,+
log P—is given in Table 6.13 for each of the two sizes of the model humaate
molecules. Because the smaller humates account for 75% of the acid groups,
they dominate the acid-base titrations. The magnitude of the ionic strength

effects is thus chiefly a reflection of the dependence of P on I as given in
Table 6.13. :

Metal Binding by Humates. Much of the experimental data on metal binding
by humates concerns copper. The effects of pH and ionic strength on copper
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TA‘BLE 613 Calculated Values of the Electrostatic Factor P TABLE 6.13 (Continued)

as 2 Function of pH and Ionic Strength® I=001M Ii=01M
[=001M _ I=0aM pH log Pg log P, logPs  logP,

pH Jog Py log Py logPs  logP 6.9 1.287 2.331 0.893 1.692
2.7 0.061 0.158 . 0,045 0.105 7.0 1.293 1 2372 0.894 1.704

' 0.074 0.185 0.054 0.124 7.2 1302 2.446 0.897 1.722
> 0.089 0.215 0.065 0.147 ) 74 1.307 2.508 0.898 1.734
29 0.105 0.248 0.078 0.172 7.6 1311 2,557 0.899 1.741
30 0.124 0.284 0.093 0.199 78 1.313 2593 0.900 1.746
. 0.146 0.323 0.110 0.230 8.0 1.314 2.619 0.900 1.749
>2 0.169 0.364 0.128 0262 8.2 1315 . 2.637 0.901 1.751
- 0.195 0.408 0.149 - 0297 8.4 1316 2.648 0.901 1.752

3'4 0.223 0454 0171 0.335 8.6 1.317 2,655 0.902 1753
2 0.252 0.502 0.195 0374 8.8 1317 : 2.660 0.903 1.754

g? 0.284 0.551 0.221 0415 9.0 1.318 2.663 0.904 1.754

3.8 0.317 0.603 0.248 gigg *The fulvic acid parameter of Bartschat et al. (1992)7® were used to obtain

3.9 0.352 0.656 0.276 Ol 547 values of P for the small (Py) and large (P,) size classes.

40 0.387 0.710 g.ggg 0594

41 0424 gggg 0:365 0.641 titration of humic acids are shown in Figure 6.18. The oligoelectrolyte model
4 Oégi 0.880 0.397 0.689 described in Table 6.12 accounts reasonably well for these effects, particularly
43 8'540 0'_939 0.428 0737 at low total copper concentrations, in the range of Cuy/L, representative of
i: 0'.580 0.998 0.460 0.785 some natural waters. As one expects, pH has a dramatic effect on the extent of
4‘6 0.620 1.057 0.492 Ogg‘; binding as is the case for any weak acid ligand whose apparent affinity for a
a7 0.661 117 0.523 3.931

48 0.701 1.178 0.555 0.980

4.9 0.742 1.238 0.587 '028 .

50 0.782 1.298 0.67 1. . , —

5.1 0823 1359 0648 1078 e

52 0.863 1.419 0.677 - gt &

53 0.902 1.479 0.705 1.168 — —6 . g g2 aasnt i

54 0941 1539 o73t 121 & T LRNWE .

55 0.979 1.508 0755 1259 = g o pan® PR

56 1.016 1,656 0778 1302 O, -8f Lpun L _

5.7 L1051 1714 0.798 1.345 o N s ‘.;.v‘vvv ; "

58 1.084 1772 0815 1386 3 et® e su14

59 1115 1.828 0.831 :ig S10E e 700

6.0 1.144 1.884 0.844 ’ 1499 Le T A pH 8.44 -~

6.1 1171 1.939 0.854 gt Y I | |

6.2 1.194 1.993 0.863 1. - > _5

63 1215 2045 0.871 1.564 -4

6l4 1.233 2.097 0.877 1.593 iog [Cu ]

65 1.248 2147 0.881 1.618 .

6.6 1.261 2.196 0.885 1.641 Figure 6.18 Copper-sensitive electrode titrations of humic acids at various pH’s and
67 LTt 2243 0.888 iggé ionic strengths. Note the characteristic shapes of such potentiometric titration curves
6.8 1.280 2288 0.891 .

(contrast these log-log graphs to those in Figure 6.9). Data from Cabaniss as reported

(continued) in Bartschat et al., 1992.7
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metal increases with pEL. This effect is exacerbated by the increase in coulombic
attraction of the metal ion to the binding sites as the humates become
deprotonated as can be scen by writing the mass Jaw equation for copper

binding:
Cu?t +L*" =Cul

[Cul]
T . ®

where K¢, is the intrinsic (chemical) copper-binding constant of the site. As pH
increases, the coulombic term P increases and so does the apparent binding
constant.

Both the high apparent affinity of the humates for copper and its large {and
pH-dependent) sensitivity to ionic strength are due to polyelectrolyte effects.
At low Cug/Ly ratios, the larger humates, whose copper affinities are most
enhanced by coulombic attraction, account for the bulk of copper binding.
Because the coulombic term P for these molecules (at high pH) is inversely
proportional to I (see Figure 6.17), the effective affinity for copper binding
increases dramatically at low {onic strepgth. The actual dependency of the free
cupric ion concentration, [Cu?*], on I (at a given pH, Ly, and Cug) depends
on the stoichiometry of H*+ exchange at a specific binding site. If HL"™
is the dominant protonated form of the site, the reaction with copper is

written:

Cu** + HJL"™ == Cult+e~ 2" +aH”

K, =P*""cl*™" (70)

coul

Thus the effect of I on Ky may lead to a dependency of the apparent
copper affinity on I that is anywhere between null (o =2) or up to a square
function (¢ = 0). Though it is complicated by the multiplicity of binding sites,
Figure 6.18 illustrates that the maximum ionic effect (2=0)1s observed at

pH=7.

Exampie 7. Cu Complexation by Humates in Freshwater To get a better
quantitative understanding of these questions, let us reconsider the issue of
copper speciation in a freshwater at pHL= 8.1 that we now assume to contain
10mgL~"! of humic acids. We have already calculated the ratio of free to
inorganic copper in Example 3 and found [Cu?*J/[Cu]= 10~ 1-5. Following
the usual methodology, we can write the mole balance for copper as

TOTCu = [Cw'] + [CuLos) + [Culor + [CuLys] + [Culyr]
+[CuL,s] + [CuLy ] =Cur (71)
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In our i aci

the othl::r ?\f{?e;:cllngéc zfcnd., the acetate-type ligand (L) is much weaker than
sizable effect ’on oo spite ltS‘ SQmewhat higher concentration it ean have no
example. We thus hepfei Sﬁaematlpn at the low metal to ligand ratio of this
to the other two ligaic?: t e]specws CuL,g and CuL,; and limit our calculation
examples, we first need’trgacgia:ltl:.g 1t)h:nsd Ca.t ef’hOI (L) Asin all the previous
;2: tI;]OSSlb]e complexation by Ca?* and _I\gﬂa;,(;nc:i 21"1:;2 111%:1:115.] I%noring

e malonate-type ligands in the small humates, L5, as ole balance

TOTL,s=[L2;]+ [HL]
OTLys=[Lig ]+ [HL 5]+ [HLys] + [CuLys] = [Lislr
=075x 10" molg™! x 1072 gL' = 10712 M (72)
Because copper is assumed t i
: o be in trace quantities, it has a negligi
. , egligib
on the ligands. We can thus ignore [CuL,¢] in the mole ba]ance.gwgelz :znegf:(:

cal i iori
culate the coulombic factor P a priori for a given pH and ionic strength

According to Table 6.13,ata pH =
According o T2 ,atapH = 8.1 and I = 0.01 M the relevant value of P for

logPg=1.32

The mass laws for the aci i
acid—base reactions i i
the small humates can then be written of the malonate-type ligands in

[Lfs_] . K, 10-45
[HL ] [H*]-P 10~%1.10%!3 »1
(HLy) _ Ka 1045

= »1

[H2L1s] - [H+]P - 10—3.1,10+1.3
Thus, the completely deprotonated ligand is the dominant species:
TOTL s~ [Lig]=[Lisly =107%12 (73)
Similar calculations show that L3, i
: at L2, is also the domi i
, : L ominant species f -
ype ligands in the larger humates [despite the larger ,shli)ft in a;;;nrleﬁn;;

= K —
(=pK, + logP = pK, + 2.63) due to coulombic effects] and that H,L,s and

H,L,, are the domina i
nt spe : .
e pecies for the catechol-type ligands, in both size

[Li 1= [L,.]7=025%1075%= 1056 (74)
[HZLZS] = [Hszs]T = 0‘75 X 10_5-3 — 10—5.42 (75)

[H,L,;]=[H,L,]7=025x 10753 =107 (76)
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The mole balance equation for copper can then be written:

Z+ 1.5 1 5.1 % P2 X 10—5.12_|_ 105.1 X Pi X 10—5.60
TOTCu = Cuy = [Cu?*]| 1045 410 2

10794 107126 ~5.42
147p2 o~ % x 10
+10°%7Pg % P H"]  PH"]

- —12.6 .
10794 y M_x 10_5.90] (77)
P,[H*] P,JH"]

- 1014.7 ¥ Pi X

Introducing Pg= 10%%%, P; = 10>4* (Table 6.13), and [H¥]=10"%%
TOTCu = [Cu2+][101.5 + 10262 4 104.76 + 103.43 + 1Q3.00] ' (78)

Thus the copper is 99.9% bound to humates, the free cupric ?on is d@cre:::d
more than three orders of magnitude compared to the purely inorganic c

[Cu?*]
Cur

— 10—4.79

and the malonate-type ligand in the large humic compounds, L, , accounts for
939 of the copper in solution.

* * *

Example 7 provides an extreme case of metal complexati%n l_Jy I}:l:l;;ensgsxxci:
nic aci tem is relatively large, the 1om
the humic acid content of the sys : . e o g s
is hi t complexation constan
low, and the pH is high. The apparen . O st (ooe
: . itude per pH unit at this 10
by more than one order-of magm : ?omie SO e
i it is clear that humic compounds may ;
Figure 6.18). Nonetheless, it 15 c : o e to
iati tals in waters of high humic co . (
speciation of some trace me . e O e L, i
f magnitude decrease 11 proc y
Example o ot Awmate be unimportant. If the model ligands
for the metal-humate complex to be unmp : ig
nm?fiiﬁﬁ and catechol are truly representative of é]l;az id?ffl‘i rrf:azl ;ﬁn;zzz ﬁ{
i i h as , Ni¢™,
lexing sites on humates, metals suc ' ¢
igviotiilate iﬂinities roughly 10 times less than that otl‘ CO}:_P‘?;‘ EZii%diﬁgt:]s
i the water, the complexatio
the pH and the humic content of S e
by h!:rmic material may thus vary from 0% (pH <7, DOC <1mgL™") %
in situations such as that of Example 7. . .
" itrlll?rrllportant difference between the oligoelectrolyte theory and the Debye
Hiickel theory is the role tha-t :
determining the charge-potential relations
the Debye—Hiickel theory, e i
clectrolyte are accounted for by one parameter, the lonic s

divalent background electrolyte iops p?ay in

hip. In the linear approximation o(i‘
ts of ail the ions in the backgm}m

e o trength of the solution.
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In the oligoelectrolyte theory, the nonlinearity of the equations results in a
proportionally much greater effect of di- and trivalent ions on the surface
potential. The relative role of each counterion in neutralizing the surface

potential can be calculated by comparing the relative surface concentrations of
metal jons of charge number z*:

[MZ+]surface = Pz'[Mz+]bu1k (79)

For example, in a medium ‘of 0.1 M ionic strength, a concentration of 1 mM
Ca®* will dominate the coulémbic interactions of moderate size polyacids.”®
Thus, the divalent cations Ca?* and Mg?*, which are abundant in natural
waters, can diminish the tendency of humates to complex trace metals both by
competing for specific functional groups and by decreasing (shielding) the

coulombic attraction of neighboring jonized groups (the oligoelectrolyte
effect).

4.4 Conditional Stability Constants

In earlier sections of this chapter, we have introduced various apparent or
effective stability constants for complexation reactions. Often researchers who
deal with metal complexation in natural waters find it convenient to describe
the thermodynamics of the reactions with conditional stability constants that
are applied to some analytical fraction of the reactants and products. Thus
these constants are only valid under a specified set of conditions. To avoid
confusion, let us briefly review the different types of conditional constants and
provide a systematic terminology for them.
Consider the complexation reaction

M2+ L L-=ML*
The thermodynamic constant for this reaction is written

M +
- {7&27]}"{5__} {thermodynamic constant) (80)

In Chapter 2 we defined the cdrrespondi'ng concentration constant that we
are using throughout the text:

e - _[ML*]

= mﬁ (concentration constant) (81)

This is a conditional constant valid fora particular ionic strength, and it includes

implicitly all unspecific long-range (mostly electrostatic) interactions among
ions, namely, activity coefficients.



392 COMPLEXATION

3 1 ng

specific and unspecific interactions amon

b

_ [ZML*]
T ML

. i jor~metals
i formed with the major-metals,
indicates that all complexes ; _ e

The* Slirilbggzz" ;\/Ig“ are included in the formulation. The dc?gialir:n ci>1fa :in ajo{-
Nfa u,ch a;)paren,t constants is of course restricted to solutlonsc ;{vL Iz imi

f1)018; composition. For dilute solu-tions :;uch ta:l Sfr?ts‘r?:aég:;s;enie;t . coduce

organic complexation oI me . e

tT;)nS':E:ry typi of conditional constant, an effective cc:_ns;xlmj] ﬂj\. R

)t’l?e acid-base speciation of the ligand ((THL] = (L]

(HL] + )

KePP (apparent constant) (82)

[ML] _
[MZ*I[THL]

i i simply by
Such a constant is of course highly pH dep_endent and 115; obtalﬁggion- I;tycan
i ducing the ligand ionization fractions in the mass law f:pr It can
?tfi.nl;giigzed slightly by considering also all 2tl:e varmlg 13(1:31; as)c sp
tlfegcomplcx (g, ML) =[ML*]+ [MHL?**1+[M

eff __ I:EML] (84)
K= e

Kot = {effective constant) (83)

be made explicit:

Keff = K;H[H +]x (85)

L4 (

Section 3). .
We can combine the notion of apparent const i e ractions oo
to obtain an overall conditional constant that includes

2+,
ligand with all major cations, H*,Ca**, Mg~ ™:

Kcond —

[M*"]x Ly

i i lexe
In cases where the calcium or magnesium comp

ant with that of effective constant

[YML] )

s of the ligand are

ORGANIC COMPLEXATION 393

dominant, K" = K*"; in cases where the acid—base species dominate the
ligand speciation, K" = K*ff,

In general, the inorganic metal speciation is not included in the expressions
of conditional constants and the free metal ion concentration [M2*] appears
in all the foregoing mass law expressions. In situations where the complex is a

sizeable fraction of the ligand, -only the unbound ligand should appear in the
denominator of the mass law expression:

Kcon:= [Z ML]
T IMPF[L,_YML]

(87)

Conditional constants arc the most directly attainable quantities in com-

plexation experiments where the measured concentrations are simply the
fractions of bound and free metal:

Keond _ {M-bound]
[(M-free][L; — M-bound]

(88)

Although such constants may have little thermodynamic meaning and only a
limited range of applicability, they are very convenient to use, In addition, for
humates whose thermodynamic constants are difficult to define, they provide
a direct link between experimental data and calculations, without an intervening
and often misunderstood extrapolation procedure. When using conditional
constants one should always remember the particular conditions of applicability
and be wary that different authors may include implicitly different factors in
their constants (e.g., acid-base chemistry or major ion complexation), As noted
earlier, internal consistency in thermodynamic data is as important as the
absolute values of the individual constants. Often, to increase the range of

applicability of conditional constants, particularly for humates, a pH depen-
dency is given explicitly:

[H*]* x [} ML]
Kcond = Kcond H+ x_
- [M**][Ly — ¥ ML]

(89)

In this case, the exponent x reflects not only the acid—base chemistry of the
ligand and the complex over a certain pH range, but also the pH dependency
of the electrostatic effects on the metal affinity for the ligand; that is, the value
of x can be interpreted as the average number of protons relcased per bound
metal ion, or it can be a more generalized fitting parameter,

4.5 Organomeilallic Compounds

There is one class of coordination compounds that cannot be addressed satis-
factorily within the framework of complexation equilibria. These are the
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in which the ligand bonds to the metal throul%.h
carbon atoms (excluding the inorganic ligand CNI’). ﬁltho;g\il ;zgtiﬁor;f::b;;
1 t any metal, only a ,

nds may be formed with alrgos : o

fnoggi‘; and tin, form organometallic compounds that 3re tsl:a?lz 1:: ?}?:;icau;
i g i form compounas tha

lloids arsenic and selenium also : /

I;Iilzﬁa: to organometallic compounds and are stable in water. Other organo

metallic compounds are hydrolyzed by reactions such as

organometallic compounds,

RM+H20——>RH+M+ +OH"~

. . - < an
i i i is a carbanion R~, that 1s, &
The “ligand” in an organometallic compound

i i cies
organic anion with a carbon atom bearing the negative charge. These spe

g

character, Dissociation of an organometallic compound, as1
equilibrium

RM=R™+M"*

i i i rotons).
would result in immediate reaction of the carbanion with water (oa;n;z1 organ)o_
Concern over environmental contamination by organomercury

i ic ome
tin compounds arises because of their toxicity and because they tend to bec

i introduced into the
i i se compounds are directly introduce
concentrated in the biota. The p s e ewtallic specics ac e

ironment through their usc as biocides._ _ ‘ ‘ so
;r::),gtour:led by enzyrr%atic methylation of cationic metals or by their reaction wit

. . '83 .
biogenic methylating agents, such as methyl iodide.B28® Organometallic

TABLE 6.4 Occurrence of Organometallic Compounds in the Environment

; Y f_
Element Compound Concentration (M) Sampling Site Re
X . 2
2.8 x 10713 Equatorial Pacific 3
Hg Monomethylmercury < 0.5-2.8 x e ermoding
<002-32 x 107! Freshwaters 85
80x 1071 Coastal seawater 85
Dimethylmercury 03-67 % 1074 Equatorial Pacific 22
Sn Monobutyltin up to 1.4 x 10:‘: Freshwaters b
Dibutyltin up to '{i % ig . oo
ibutyltin up to L4 % ' .
Inb];n);)tin”“ (2.8-6.7)x 107'°  Rivers g’;
o {0.25-4.7) % 10~ - Harbors &
(1.3-7.6) x 10°° . o
A Methylarsonate 4%107" \ Baltic Sea s
i (<0.1-8.6) x 107 Lakf'bs o
i 0.77-6.15) x 107%  Baltic Sea
Dimethylarsenate &0-4—33) e patie o

encludes tri- and dibutylated species.
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compounds are widely distributed in the aquatic environment, both freshwater
and marine {see Table 6.14).

The occurrence and reactions of organometallic compounds can be quite
significant in the biogeochemical cycles and mass balances of some metals in
natural waters. An important feature of many organometallic compounds in
this regard. is their volatility. Aquatic systems may be a source of Hg, Sn,
As, and Se to the atmosphere through the volatilization of methylated
species.®>?1:22 Reactions involving organometallic compounds, however, may

be better addressed in the context of reactions of organic rather than inorganic
iag 93 :
species.

5. COMPLEXATION KINETICS

The preceding discussion of complexation reactions is based on equilibrium
arguments. All reactions that are considered to take place in the system are
also considered to have reached equilibrium. In many cases, complexation of
metals by ligands is indeed rapid relative to other processes of interest, and
equilibrium models then provide a good representation of complexation
phenomena in natural waters. Here, however, we wish to consider the general
question of whether complexation kinetics, that is, the rates of formation or
dissociation of metal-organic complexes, may affect the overall rates of
biogeochemical processes or the analytical determination of metal speciation
in natura} waters.%*

The ambient trace metal speciation in a natural water is, as we have seen,
determined by the mixture of metals and complexing agents present and also
by the pH, ionic strength, and major ion composition. Changes in one or more
of these parameters may result from the physical mixing that occurs at stream
confluences, upwelling of deep ocean water, or input of scwage cffluents to
surface waters. Such changes may also be effected by biogeochemical processes,
such as uptake of metals or reiease of complexing agents by microorganisms,
changes in pH of surface waters due to photosynthesis, or photochemical
reactions. Clearly one question concerning complexation kinetics is how quickly
the metal and ligand species distributions change in response to such:
perturbations.

This question may be particularly important in analytical determinations of
trace metal speciation where the initial composition of the water sample is often
significantly perturbed by the additions of either metals or ligands or both (see
Table 6.10 for references) and the equilibration time between the perturbation
and the analytical measurement tends to be short. In metal titrations, the
equilibration time between metal additions and the analytical measurement
can affect the measured concentration of inorganic (labile) metal**®5 (see
Figure 6.19). As discussed below, the stronger ligands may, in some cases, react
more slowly with added metals than weaker ligands; this effect depends on
the initial ligand speciation. When the sample is titrated with a metal, the final
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Pbinorg, /Pb bound

1

0 1 2 3
Pb inorg. (nM)

Figure 6.19 Ratios of inorganic-to-bound lead as a function of inorganic lead -o.bser\_'ed
in a titration experiment after 10 min (open circles) or 24 h (closed mrcle's) equ]lllbranon
time. Because equilibration of added lead is incomplete a-fter 10 min, increasing lead
complexation (decreasing ratio of inorganic-to-bound lead) is observed over time. From

Capodaglio et al. (1990).*4

composition of the sample (e.g., the total met?tl concentratioq at each step of
the titration) uniquely determines the equilibrium meta_l and ligand speciation
but not the path to equilibrium. Since the fastest reactions do not nfecessanly
result in formation of the thermodynamically favored c‘omplexes, attainment of
equilibrium speciation may be slow on an analytifzal. time scale. ‘o
When perturbation of metal and ligand speciation occurs as a n}alsu t o1
biogeochemical processes, such as biological metal uptake, sorption, or t:: T@Lca:j
or photochemical transformation, the rates of these processes may be lin t}:l
to the rates of complexation reactions. For example, as we shall see m the
next section, if a metal occurs predominantly as an organic copplex and tlhe
intact complex is not transported into the ccj,lls, then the kn}etlcs of complex
dissociation may, under some conditions, limit the rate at which the metal can
by microorganisms.
. ;gc:\t:r&:::(ihe};mportanie of complexation kinetics in natural or laboratgry
systems, it is necessary to consider the pathv»_rays both for the complexatl.on
reactions and for any co-occurting biogeochemical processes. From the reaction
pathways, the intermediate species whose lpw or transient gonceptrah_ons
determine the rates of reactions may be identified. In the following d1$0155519n,
we examine the effects of initial speciation and gﬁl&ion pathways on the kinetics
mplexation by humic acid and E .
O'f (;—CI)LI:II::E :::idg exhibit aynatural fluorescence which is decreas.ed (guenchgd)
when the humic acid is associated with Cu(II) ions.%¢ As shown in Figure 6.20,
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Figure 6.20 Reaction of copper with a mixture of EDTA and humic acid. Percent
fluorescence of the humic acid is shown over time after addition of copper at t=0 to
the ligand mixture in the absence of calcium (V) or with 0.01 M calcium ([, <). For
reference, the percent fluorescence over time of the ligand mixture in the absence of
copper (O) and of humic acid and copper in the absence of EDTA (A} with 0.01 M Ca
are shown. ( } calculated values obtained by assuming pseudoequilibrium between

inorganic copper and humate binding sites and reaction of inorganic copper with
CaEDTA as described in Section 5.3. From Hering and Morel (1989).%

the quenching of humate fluorescence (i.c., formation of humate—Cu complexes)
when Cu(ll} is added to a mixture of humic acid and EDTA is strongly dependent
on the calcium concentration.”® In the absence of calcium, no decrease in
fluorescence is observed, indicating rapid formation of the thermodynamicaily
favored CuEDTA species. With 10~2 M calcium, however, the initial decrease
in fluorescence indicates formation of Cu-humate complexes; the slow recovery
of the fluorescence over time corresponds to exchange of copper between the
humic acid and EDTA.

We have already seen in Example 5 that calcium can have little effect on the
equilibrium copper speciation in these systems, Why then does it have such a
dramatic effect on the rate at which the equilibrium speciation is attained?

The presence or absence of calcium determines the initial EDTA speciation.
Without calcium, complex formation between the protonated EDTA species and
the added copper is rapid. At high calcium concentrations, however, reaction
of the added copper with the dominant CaEDTA complex involves a slower
metal-exchange reaction and formation of Cu-humate complexes is kinetically

favored. Subsequent reequilibration requires a double-exchange reaction, that

is, both a ligand exchange in which EDTA replaces the humate in the ‘copper
complex and a metal exchange in which copper replaces calcium in the EDTA
complex. Then to understand these experimental observations, we must
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understand the mechanisms and rates of the reactions, complex formation and
dissociation, as well as metal, ligand, and double exchange.

5.1 Kinetics of Complex Formation and Dissociation

Observed rates of complex formation are generally consistent with a mechanism
in which formation of an outer-sphere complex between the metal and ligand,
with the stability constant K, is followed by a rate-limiting loss of water from

the inner coordination sphere of the metal, with the water loss rate constantk .. !
M(H,012" + L~ === M(H,0)e, L2 ™"
M(H,0)s, L2 ™+ —£22 M(H,0)sL? ™" + H,0

Then the rate constant for complex formation, k,, can be written {omitting
coordinated waters) as:

‘i—@“—‘%—)—] — kM2 (L] 0

where
kp =Kok (91)

The stability constant for the outer-sphere complex, K. is primarily
dependent on the charges of the reacting species and the ionic strength of the
medium. This term can be calculated as shown in Sidebar 6.3. Experimentally
determined values of K,, (which may be obtained for relatively slow-reacting
species) are in agreement with calculated values. For 3+ ions, observed values
of K, range from approximately 10M ~1 for complexes with 1— ions 1o
approximately 3 x 10° for complexes with 3— ions.”®

The rate constant for water-10ss, k_, 18 characteristic of the reacting metal

(Table 6.15). For many metals, the magnitude of k_,, can be explained by the
electrostatic interaction between the metal cation and the coordinated water
molecules, which is related to the charge and, inversely, to the size of the metal
cation as shown in Figure 6.21. The particular inertness of some metals, such
as Cr3*,Rh3%,Co*", and Ni2*, relative to other metals has been attribuied to
unfavorable changes in ligand field stabilization energy (LFSE) during complex
formation (cf. Section 1.2). A ligand field activation energy (LFAE) can be
derived by comparing the LFSE of the initial 6-coordinate octahedral complex
with the LFSE of the 5-coordinate square pyramidal complex that results from

dissociation of a coordinated water molecule.* This change in LFSE is most 3

unfavorable for d%(Cr3+), d%(Ni**), and (strong field) d® (Rh®*) configurations.
The rate of water loss can be significantly accelerated by metal hydrolysis;
this effect is especially important for slow-reacting metalst®! such as Cr(IIN),
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SIDEBAR 6.3

Stability Constants for Quter-Sphere Complexes (K,,)
. 0s

A theoreti i i

Al includ?ﬁfg ?(ifstigr;lfoir K, derived from statistical considerations
d in ectrostatic interaction of the i

of ionic strength on those interactions,?®99 is givenhg;ons and the effee

K = 4000 4"a> —Zyz e’ Zp4Zp €2
os 3 eXpf exp[_LE_ .
neoek Ta 470ek T(1 + Ka) B

wh i iickel i
vhere « is the Debye—Hiickel ion atmosphere parameter!2?

o 200
EoSkT (ii)

;Flil;:;;ecilsa(t:lolr{ls Erﬁ written for SI units with the constants e (elementary
charee) 1 E, {Boltzmann cqns:tz}nt) in J'K™!, 4" (Avogadro constant)
o ;e n;, (vacuum permittivity) 8854 x 10712 J " 'C?*m~1 and T
(absalt wate;;zrtazt;lfg in K. The relative permittivity of the medi,um g, is
o 8o ot o S .xTilg P&r?nr;le;er Erhis the distance of closest appr,oa,ch
caIculated.for‘ different values of .th: prgdiiﬁlifbfdgzh o Kos' s
(2mzy) for ionic strengths {I) of both 0 and 0.1 wries on the fons

log K, log K,
ZnZL I=0 I=01 ZuZL I=0 I=01
(1) -0.50 —-0.50

- g;i —0.93 +1 —1.12 —-0.91
-2 1‘36 3;2 +2 —1.74 —1.32
- 1'93 1. 2 +3 —2.36 —L73
o 3.22 13 +4 —2.98 —2.13
¢ 4'45 -1.95- +6 —4.22 —295
-t 5.08 2.76 +8 —5.46 —3.76
i 6.94 3.17 +9 —~6.08 —4.17
. 4.39 +12 —7.94 —540
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TABLE 6.15 Rate Constants for Water Exchange”

Range of
ot (I;:‘f) Reporteﬁ Values Ref.
Ton
pPb2* 7 % 10°
Hg** 2% 10° . .

2 1 x10° (0.2-5) x .

Cu“ 6 % 10® {(>05-9) % 1;) 7
Ca“ 3% 108 (>1-5) % 1()B .
Cd“ 1 % 10® (0.8-2) » 101
La” 7% 107 (3-50) x 10 )
o Ch 3% 107 {0.4-5) x 160 ot
M2+ 4 % 108 (1-4) x 10 . ‘
o 2t 2 % 108 (02-2) x 150
o 2+ 3% 103 (1-5) = 104
M'g“ 3% 104 (1-4) x 10 \
Nl“ 2 % 10 (2-200) x 1(2) ol
1;6 3+ 8 % 102 (8-20) x 10
g 07 o
et 5%1077 (4
R skl
Fe** 2x 107 101
FeOH?" 1 x10° ot
Fe(OH); 107 (est) 102
o o 78).9% Values for k.,
ayJpless otherwise noted, reference is to Margerum et al. (1978}

assigned pased on most current reference,
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for narrow ranges of reported values.

log k_,

most reliable method, or as average
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AI(II), and Fe(IIl) (see Table 6.15). Complexation by other inorganic ligands
{e.g, C1",NH,;,COZ%7) does not generally influence the rate of water loss from
the metal as strongly as complexation by hydroxide. In practice, it may often
be convenient to define an apparent rate constant for complex formation (k)
that includes the contribution of various inorganic metal species, thus

KM =k o[M2] + ki [MOH] + k,[MCI*] + ks [MCOJ] +

{92)
where [M"] is the concentration of all inorganic metal species. This apparent
rate constant must, of course, vary with pH and ionic strength.

The above mechanism for complex formation also holds for the reaction of
metals with multidentate ligands if the rate-limiting step for complexation is
the formation of the first metal-ligand bond. The effects of ligand structure,
other than charge, are unfortunately difficult to generalize. Ligand protonation

decreases the rate of complex formation often more than can be accounted
for based on the change in ligand charge (see Margerum et al.%® for further
discussion), ‘

Rate constants for complex dissociation can be related to formation rate
constants through detailed balancing;

M+L%ML
b
ky =k /K

(93)
“If the formation rate constants for a reaction of a single metal with a series of
ligands show little variation (being, as discussed above, mostly dependent on
k_.), then the dissociation rate constants should show an inverse correlation

with the stability constant K. We have already seen an example of this
correlation in Chapter 3 (Figure 3.16).

5.2 Kinetics of Metal- and Ligand-Exchange Reactions
Both metal- and ligand-exchange reactions involve three reacting species. For

reaction of an initial complex ML with an incoming metal or ligand X, the
rate of the overall reaction '

XL + M (metal exchange)

ML+X — or
MX + L (ligand exchange)
can be described by the rate expression
it i f the ratio of
tal catibns as a function O o
Figure 6.21 Water-loss r'c‘f CO?S:ﬁZt:ng::ﬂr?;n Rate constants from Margerum et al. ﬁ% — o
to the ionic radius O ion. on:
Elf;?%?%gg:d;ipted from Crumbliss and Garrison (1983).
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ways: a

This overall exchange reaction can procejed tl_quugh ;‘:’1-?3 %ﬁﬁ?ﬁtgﬁg}exfand

isjuncti hway, involving complete dissociation o : P e

dlS}untftlve 'pm th\:fay involving direct attack of the incoming ip S

?nit?:{izcmn;fez%‘"o"’ For the metal-exchange reaction ML +M M ,
in .

these may be written:
Adjunctive mechanism

M* + ML == M*LM
M*LM — M*L+M

Disjunctive mechanism

ML=M+L
M* +L-—M*L

| i i implicity. Ana-
i s are omitted for simplici
and protonated ligand specie : ey, A
;Vheresc;:‘:l%\ifsays caI;l be written for ligand-exchange reactions. T
ogou

When pseudoeq ¢ disjunctive
ilibrinm d for the first step in the dis
wilibrinm can be assume : igunetive
athways (whiSh will usually be valid when the outgoing metal, M is in larg
p

excess), the overall rate of metal exchange 18
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be distinguished by the dependence of the observed rate constant k., on the
concentration of the outgoing metal M;

kg
kcx = [h‘:{] + kadj (96)

The variation in k,, as a function of [M] is shown in Figure 6.22 for the reaction
of Cu(IT) with CaEDTA. The kinetic inhibition of formation of the CuEDTA
complex at high calcium concentration is part of the explanation for the data
shown in Figure 6.20. C :

The rate constants kg, and k.q; are dependent on the ligand structure and,
for kq;,, on pH. The disjunctive rate constant is determined by the rate constant
for reaction of the incoming metal with the steady-state concentration of the
free or protonated ligand intermediate. It is thus inversely proportional to the
conditional equilibrium constant for the initial metal compiex. The adjunctive
rate constant is more dependent on ligand structure since either formation or
dissociation of the intermediate dinuclear complex M*LM can be rate limiting,

When the incoming metal M* is a transition metal and the outgoing metal M
an alkaline earth metal, the formation of the dinuclear complex is more likely
to be limiting. The adjunctive rate. constant can be rationalized on the
basis of the rate stability of the (outgoing) metal complex with a ligand fragment
(corresponding to a partially dissociated complex), and the tate of reaction of

_dgML]  —d[M¥ ALl DMUIEMTL L i)
dt = dt o dt Ml
5 95)
— k [MLI[M*]

wh k he ra onstant 1o he di jun iv athwa and k_4; is the rate
ere is the rate ¢ st t for the dis) cnept y adi
dis

4 | : ’
Pb...,.-
6.0 E
~ ) |
— T 5 | . -
P ' 7] Zn
T 5.0 i o
[ ]
! s, |
= 40 X
X
-;é =} * Fe(ll) |
X o 0|
o
i ® Ni
29 - -2.0 0.0 . | | | |
-8.0 4.0 : 5 7 : . |
S EDTA at ( 1)
. 1) with Ca a oo ~
tal-exchange reaction of Cul(l . o .
Figure 6.22 Rate constants for th.:l 1:;2 ;1 R e OV ket o] CeREDTAY

pH=82asa function of (excess) ¢
). Data
where kex = (kdis/[ca] + kad;)' - A
of the adjunctive pathway () and fixsjunctlve palt N
constant ( ). Adapted from Hering and Morel ( .

Figure 6.23 Correlation between adjunctive rate constants (k.q;) for reactions of

CaEDTA with various metals in seawater and the water-loss rate constants of the metals
(k_.). From Hudson (1989).104

i iricaily derived contributions
e Wlﬂﬁ:::f (——-) to the observed rate




404 COMPLEXATION

L 98,103 Op this basis
. b th ially dissociated complex. .

. o metal with this partially . specific
e mc;i:goi between the adjunctive rate constant for reactlon_s gi aect% Tios
i ith various metals and their water loss rate cons.tant§ 15 223 :
complex wi action of CaEDTA is shown in Figure 6.23.

Such a correlation for the re
5.3 Kinetics of Double-Exchange Reactions

The overall double-exchange reaction )
ML + M*L* -—ML* + M*L

es in simultancous metal- and ligand-exchange

i ing spect -
involves four reacting sp e iated”

reactions, The overall reaction may be either
ML==M-L
L+ M*L* — M*L 4 L*

or “metal-initiated”
| ML==M+L
M + M*L* —— ML* + M*
with respect to the complez& ML and
e with respect to the reaction of the

L*, The complete dissociation of
less both are weak, as may be

Both of these pathways are disju.nctiv.e
may be either adjunctive or disjunctiv h
intermediate free M or L with ﬂ"le complex M
both initial complexes is an unhkelly pathfvaysun
alkaline earth metal complexes. = : O et
J:?znz;isgn&gletals often involve coordination chain mechanisms (€.g.
| i “ligand-
reaction of L¥*, produced by 2
ML) and the overall rates may be strongly depen

: 98
i inati i anisms.
f reactants that promote or terminate coordination chain mech
o

* * *

hy calcium has
Now we can understand W :
overall rate of formation of CuEDTA speczlgs N
humic acid) is present as shown in Figure 6. b.
reaction of CaEDTA with added copper by a
ineti tion
kinetically favored and reac
to the formation of Cu-humate complexes.
seawater is dominate Ca, :
ligand than, in this case, hum}c acid. Once the Cu
equilibrium can only be attained

that this corresponds to the conditions chosen arbitrarily in

Double-exchange reactions of

initiated” pathway, with initial complex
dent on trace concentrations

such a dramatic effgct on jthe
when a competing ligand (i€,
high calcium concentrations,
disjunctive pathway 18 noctl
i i is slow compare
an adjunctive pathway 18 § mpare
i J Thus because EDTA speciation 1n

i i —reacting §E
flectively a much slower-reac 4
4y D e the humate complexes are formed, ‘I

i Note B
w double-exchange reactions. ;
e o the illustration of
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pseudoequilibrium in Chapter 3 where the stronger ligand was assigned a slower
rate constant for complex formation than the weaker ligand. The experimental
data in Figure 6.20 can be modeled by assuming a “metal-initiated” double-
exchange in which inorganic copper (in pseudoequilibrium with humate binding
sites) reacts with CaEDTA. In this model, the formation of CuEDTA is taken
to proceed via the same pathways, in which CaEDTA reacts with inorganic
copper, whether or not humates and Cu-humate complexes are present. Then,
since copper complexation by humates markedly decreases the inorganic copper
concentration [Cu'], the rate of formation of CUuEDTA

—d[CuEDTA kg

L ” J = {[C;{:i] + kadj][Cu’][CaEDTA} 97
is slow in the presence of humates. .

This exampie illustrates the somewhat counterintuitive point that the avail-
ability of multipie reaction pathways can, in some instances, decreases the rate
at which the equilibrium distribution of ligand and metal species is attained.
The most facile complexation reactions may not be the ones that lead most
directly to the ultimate equilibrium distribution. Although the equilibrium
speciation is determined by the lowest free energy of the system, the predominant
path to this lowest energy state may not be the most direct one. As we have
seen, slow complexation kinetics are most likely to be observed in systems
containing mixtures of strong and weak ligands and high concentrations of
alkaline earth metals or mixtures of competing transition metals.

The extrapolation of rates and mechanisms of complexation reactions to
natural waters is hampered because of limited knowledge of the structure and
reactivity of naturally occurring ligands. Certain principles, however, should still

~ hold. The initial speciation of both metals and ligands in a system subject to

some perturbation can profoundly influence the reaction pathways through
which equilibrium is reestablished. In this way, species that have only little effect
on the final equilibrium speciation can have a dramatic effect on the rate at
which that equilibrium is attained. In estimating the rates of complexation
reactions in natural waters and their effects on the overall rates of biogeo-
chemical processes, the relative and absolute concentrations of all reacting

species and the most probable reaction pathways under the natural conditions
of interest must be considered. ’

6. TRACE METALS AND MICROORGANISMS

As mentioned carly in this chapter, the complexation of trace metals in natural
waters modulates their effects on the aquatic biota. The growth of all organisms
is dependent on the acquisition of the proper quantities of many trace elements.
Some trace metals such as iron, zinc, manganese, and copper are required for
growth, but too high a concentration of these metals or others produce toxic
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effects. Whereas higher organisms maintain a finely poised internal milieu for
the proper operation of the various physiological tasks of the individual cells,
aquatic microorganisms, particularly unicellular organisms such as phytoplank-
ton and bacteria, must function in an external milieu whose chemistry is governed
both by abiotic geochemical processes and by the action of the organisms
themselves. Biological uptake of essential trace elements from the photic zone
of lakes and oceans can be clearly seen in characteristic surface depletion. 105106
As seen in Figure 6.24 both major nutrients N, P, and Si, and the trace nutrients
Fe, Zn, Ni, Cu, and Cd are scavenged from oceanic surface waters. In addition
to depleting surface concentrations through uptake, microorganisms can also
influence trace metal chemistry by releasing complexing agents (see Section 4.2)
and by inducing redox transformation (see Chapter 7). In this section we examine
the kinetics of trace metal uptake by microorganisms, a process that is chiefly

one of coordination chemistry and which controls both essential trace element
availability and trace element toxicity.

of
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Trace FElement Uptake. Some compounds, including some trace metal
complexes, are sufficiently lipid soluble that they can diffuse at significant rates
through the lipid-bilayer membrane that is the major barrier between the inside
of a unicellular organism and its external milieu. Passive diffusion governs the
uptake of the dichloro-mercuric complex, HgCl,, which is very toxic to aquatic
microorganisms. In most cases, however, trace metal ions and their complexes
have very low solubility in lipids and consequently very slow diffusion rates
through cell membrances. Uptake of such trace metals is then catalyzed by a
two-step process consisting first of chemical binding to a membrane uptake
site, followed by transfer through the cell membrane and delivery to the inside
of the cell. The steady-state kinetic description of such an uptake process is
known as the Michaelis—Menten equation, as discussed in Chapter 3:
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The maximum uptake rate pp,, (molL™! cell"1s~1) and the half saturation
constant K(mol L™ 1) are related to the concentration of uptake sites and the
reaction rate constants as shown in Table 6.16. At low concentrations of the
metal, [M] < K, the uptake rate is linearly related to [M]. At high concentra-
tions, [M] > K, when most of the uptake ligands are bound to M, the uptake
rate becomes saturated (0 = ppa} and independent of {M]. Under normal
circumstances, trace metal uptake ligands are far from saturated in natural
waters: most of the ligands are free and available to react with thg rare metals
in the water. This is the case we shall focus on in the following discussion. The
uptake tate is then a linear function of the metal concentration:

_Ml
p= KM Pmax (99)

Importance of Trace Metal ‘Speciation. Coordination with transport sites on
the surface of microorganisms is only one of the possible reactions for a trace
metal in a natural water. The diagram of Figure 6.25 exemplifies a situation in
which a coordination reaction with an organic chelating agent. Y in excess
dominates the speciation of a trace metal M which is taken up by cells via a
cellular ligand L.1°7 Although we shall consider only two dissolved species, M
and MY, the following discussion applies to any set of species, dissolved or
precipitated. In particular, M may represent the sum of all inorganic dissolved
species of a given metal (denoted M") and MY may be a solid phase, such
as an oxide or a hydroxide rather than an organic chelate.

The concentration of M, which depends on the relative rates of formation
and dissociation of the competing complexes MY in solution and ML on the
cells’ surfaces, will reach a steady state after some characteristic time as discussed
in Chapter 3 (see Figure 3.8).

Three possible limiting cases are shown on Figure 6.25: (A) The reactions with
the ligands L and Y may be fast enough that the trace metal is in a condition
of pseudoequilibrium in the medium; (B) the rate of binding to the surface ligand
L may limit the metal uptake rate; (C) the rate of dissociation of the complex
MY may limit the metal uptake rate.

A. Consider first a surface binding reaction that is reversible and reaches a
pseudoequilibrium with M (k;, « k-, thus k /k_p = Ky, the half saturation
constant). This may be the case for a necessary metal that is relatively abundant
or for a toxic metal transported adventitiously by the cells. At low cell concentra-
tions the concentration of cellular ligands L is also low and the total concentra-
tion of M is determined by its equilibrium with Y. As depicted in Figure 6.25,
both coordination reactions are then at pseudoequilibrium and the uptake rate,
which is determined by the free metal concentration [M]1, is slow compared to
all complexation and dissociation reactions.

B. The second limiting case is obtained for metal uptake systems that are
largely irreversible (k;, > k_y) as is observed for the tramsport of essential
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A)
L
Kin kg ky
ML = M == MY
L kp  ky
Ky [w] k
[M].s=k_:w?: p=k|n‘k_l_-:-"'r (M s
B) .
L .
kil"l l<—-L kY '
ML == M %= MY
L kg key
ok )
M1, = k: Y iop o= k- Ly Ml
C)
L -
Kin koL Ky

ML === M = MY
Lk key

k_y k_L'y MY .
M, = TL—(1 +—k;)TT—— iop o=k M)

Figure 6.25 Limiting cases for the kinetics of biological uptake of i
the presence of a chelator Y. (a) Pseudo-equilibrium ietweeﬁm M a?mda;rsggl I:::;Lx Il\:I1
and the sgr'face up‘take ligand L. (b) Pseudo-equilibrium between M and Y (fast kinetics)
and quasi-irreversible uptake of M (slow). (¢) Steady state between dissociation of the
f:omplex MY and quasi-irreversible uptake of M. The magnitudes of the fluxes are
indicated by the widths of the arrows.

eIcrr.xents present as low concentrations in the medium. At low cell concen-
trgtlons, the fr‘?e metal concentration is again determined by pseudoequilibrium
with the domu}ant ligand Y (compare A and B). However, the cell surface
Fomple)f ML is then controlled by a steady state between binding and
mtemahzatlon_, not pseudoequilibrium, and the uptake rate is simplg the
rate of formation of the surface complex. This case is characteristic of lirr):itin
trace elements in aquatic systems, ‘ ’
C. Thz? third limiting case is characteristic of systems with high cell (and total
cellu_lar ligands) concentrations or with slow-dissociating ligands, Y, in the
medium. The rate of uptake then becomes limited by the rate of c,liss:ociation
of the complex_ MY. The irec metal concentration decreases along with the
u.ptake rate of individual cells as the concentrations of cells and total cellular
hgand§ increase (the concentration of L per cell being constant). If the rate of
dissociation from the surface ligand is much faster than the rate of internalization,
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the cellular ligand and the metal remain at pseudoequilibrium as in the first
case discussed above,

The Importance of Free Metal Concentrations. The conditions illustrated by
cases A and B are those most relevant to natural waters where the ambient cell
concentrations are usually modest and to laboratory cultures where the trace
metals are extensively buffered by chelation. In both of those cases, the free
concentration of the metal [M] determines its rate of uptake.

In case A this is true regardless of reaction mechanisms since psetidoequili-
brium is achicved among all parties. The uptake rate is proportional to the
concentration of the surface complex [ML], which depends on the free metal
ion concentration [M]; [M] itself can be calculated from its equilibrium with
the ligand Y (“thermodynamic control”). Thus the dependence of the biological
response—the uptake rate or, as a result of limitation or toxicity, the growth
rate—on the frec metal ion concentration [M] does not signify that the free
metal ion is the only species available (or toxic) to the organism. In an equili-
brium system, the extent of all complexation reactions, including those that
control the uptake rate, are determined by the free metal ion concentration
regardless of reaction mechanisms, The free metal ion concentration merely
provides a thermodynamic measure of the reactivity of the metal. The same
result would obtain even if the chelated metal MY were “available”; that is, if
‘a fast (adjunctive) metal exchange reaction occurred between MY and L.108

In contrast, in case B the importance of the free metal concentration results
from the reasonable assumption that the exchange of the metal between the
chelator Y and the uptake ligand L proceeds via dissociation of the complex
MY (disjunctive process). Then it is the steady state concentration of the fast
reacting metal species that determines the reaction rate with the transport
ligands and, hence the uptake rate (“kinetic control”). Typically all the inorganic
metal species may be considered to react rapidly and the relevant concentration
is then their sum, denoted [M’]. As seen in Section 5.8, an effective reac-
tion rate constant, k;, can be determined for M’ at given pH and major ion
concentrations.

Because in most experiments the total metal and the total ligand concen-
trations are varied but the pH and major ion concentrations are kept constant,
[M"]is proportional to [M]. Thus one cannot easily distinguish between “thermo-
dynamic control” and “kinetic control” of the uptake. Figure 6.26a illustrates
how in the presence of various complexing agents, the uptake of iron by micro-
scopic algae is indeed dependent on the free iron concentration. In this case,
we know from short-term studies of the reaction kinetics that the uptake is
kinetically controlled as shown in Figure 6.26b, which depicts the individual
reaction rates of iron in a typical experiment.

Metal Competition and Toxicity. No ligand, not even an uptake ligand, can be
totally specific for a trace metal. Thus one expects that the binding of another
metal to the uptake ligand for an essential metal may competitively inhibit its
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a)

b)

log Uptake Rate (moles cell™!. hr=1)
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-8 -7.5 =7 =21 -20 -19 -18
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Figure 6.2? Kinctics of iron uptake in laboratory cultures of the marine diatom
Thalcis;soszm wer‘s_sﬂogt'i. {u) Uptake rates at varying iron concentrations in the presence
of 10. M of various chelating agents (1.4 x 107 cells L.~ 1). The uptake rate is a unique
function o'F the free ferric ion concentration, Symbols indicate the organic ligand u(;cd
to control iron speciation: (W) NTA, (@) EDTA, (A) DTPA, (M) CDTA. After Anderson
:cmd I\_/Io_rc], 1982,1%% (p) Measured and estimated rates of individual processes in an
iron-limited culture containing 108 M iron and 10~% M EDTA in the presence of 107
cells L™! .and with white-light illumination (ca. 100 gmol quanta m~25~1). Both the
thermal dissociation of FeEDTA and its photoreduction and reoxidation contribute to

the formation of the dissolved inorganic Fe(IT1} pool which i i
Afer Hodson and o o 0 {I1I} pool which is responsible for the uptake.
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uptake. The extent of such inhibition can be simp}y calculated*by consglc:{r}lréi
tlllje frac;tion of uptake ligand bound to the competing metal M* assumne

at (pseudo)equilibrium with the ligand:

(M*L] (100)

T

percent of inhibition =

If only a small fraction of the transport ligands is bound to the target metal
M, this ratio can be written

y et K* [M*] 101
percent of inhibition = LR IMA (101)
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Figure 627 The relation between growth rate, free manganese ion concentration,
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concentration of the limiting nutrient manganese (B).
of the intercellular manganese concentration (Q),
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an.
copper is the result of its inhibition of manganese uptake. After Sunda and Huntsm
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Thus the uptake inhibition—and hence the inhibition of growth rate if M is
limiting—is a function of the free concentration of the competing metal [M*]
and of its affinity for the transport site. ‘
An example of such competitive inhibition of manganese uptake by copper
in a marine phytoplankton is illustrated in Figure 6.27. Under manganese-limited
conditions, increasing copper decreases the growth rate. This is because the
growth rate depends solely on the manganecse content of the cells and as the
copper concentration is increased, the cellular manganese is decreased. Addi-
tional manganese in the medium reverses the toxicity of copper.!®® Such
antagonism between copper and manganese is thought to cause the low produc-
tivity of newly upwelled waters which contain low dissolved manganese and,
presumably, low concentrations of chelating agents to reduce the inorganic
concentration and hence the toxicity of copper.!1®

In the example of Figure 6.27, at a given manganese concentration, the growth
rate is only a function of [Cu?"]. This situation is a rather general one and
may result from competitive inhibition of uptake of an essential metal (Mn) or
from competitive inhibition of its assimilation or utilization. Thus, through
proper calibration, the growth rate (or other appropriate measure of toxicity)
of a microorganism can be used as a measure of the free concentration of toxic
metals. This is the basis of the bioassay techniques that have been utilized to
quantify metal chelation in natural waters.

Kinetic Control of Growth Rate. At steady state, the cellular concentration of

a limiting element M is determined by a balance between the uptake rate and
the rate of cell division:

p=nQ (102)

where y is the specific growth rate (in inverse time) and Q the cellular concentra-
tion of M (the “quota” expressed in mol cell ™ 2).

As illustrated above for iron, the acquisition of limiting trace metals is usually
determined by a kinetically controlled uptake process involving uptake ligands

in large excess (Case B in Figure 6.25). The uptake rate is then simply the rate
of reaction of the metal with the uptake ligands:

p =k [MTLy (103)
Thus from Equations 102 and 103 we obtain the growth rate as a simple expres-
sion of chemical kinetics: )

= éki [(M']Ly (104)

As discussed in Section 5.1, the effective complexation rate constant k; (applicable
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P '? ppttainablé for a given inorganic concentration [_M] of the imi mogf
%E:;:t;;?; 2‘lﬁquation 104 also shows how low the inorganic concentration

i ing at a given
a trace element may getas a result of uptake by an organism growing g

rate.‘“’“z - 1

e

ostulate that for all essential trace eletn ns on-

h.Ifg;\I:reen the maximum number of uptake hgand§ and .the mmlmuxEl 1\;?] -
S0 jon 104 predicts an inverse relationship between

g

: . .

very few and still questionable, they scem indeed to ?ollow Su‘:ﬂ;t“:\:’;;id
Goponde n complexation rates (Figure 6.28). If this is correc th
dcpenden;e cc;ntention that many elements are, On average, lmiting the grolzv :
S()l}pri?;:oto:ganisms in the sea. Complexation kinetics may be one of the key

to marine ecology.

ments there is a constant relation-
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PROBLEMS

6.1 a. Using the same major ion composition as in Example 1, calculate the
inorganic speciation of nickel and mercury in freshwater at pH =3.1.
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b. Maintaining C;, con '
: 3 Cy stant, calculate the effect of pH
the inorganic speciation of nickel and mercury PH (from 3 t0 12) on
¢. At what pH’s would the carb ide sol ipi
gt b A onate or hydroxide solids precipitate given

62 . . e
Consider the usual approximate stoichiometric reaction of photosynthesis:

g:()iz :HHXC;S:;i;IﬁJr Ciz. Notcbthat this reaction changes both C,
H. . e system .to be closed to the atmosph i
quantitatively the effect of an al ion of o0 -

: gal bloom on the formation of
and bicarbonate trace metal complexes [e.g., CuCO,(aq) and C(L)ll-;:?jrge’r:llate
. 3 :

6.3 i jor i i
What is the effect of major ion associations in seawater on {(a) pH (at

equilibrium with the atmosphere .
metal complexes. phere), and (b) carbonate and bicarbonate trace

6.4 a. Redo Example 6 of Chapter 5 adding Ca; =103 M and [NTA], =
r=

_4 .
) I1_;) M to the recipe of the system and letting CaCO,(s) supersaturate.
- How .muF:h NTA would have to be added at any pH to id
prectpitation of the iron [Y, = Y {pH)]? e
¢. Redo parts a and b for CaCQ,(s) precipitation.

6.5 Consider a seawater culture medium containing [EDTA], =5%x 1073 M

Fe(Il); = 10"* M and Cdp= 10~10 '
pH=8T_2,) dr=10"""M. (I=05M, Ca;=10"2M, and

a. Calculate th iati i
o e speciation and the free concentrations of EDTA, Fe, and

-—5 .

b. :I:Zl 10 At/{ CdcCl, is addeFl to the system. Calculate the new speciation
2 18?‘:, rec concentrations. What would the result have been if
: l>1< 1 M CdEDTA had been added to the system? '

¢. The algae in the cultures (10° cells L~!) hav i

¢ on th i
;Eansportamolecule characterized by X = 10716 mole clzfal?l‘u;f'afi’c aE llr(? 1151’-'
ca = 10°. How much Fe and Cd is bound to the cel]s’ bgfeore and’

after CdCl, addition? What is th iti
P amo e 18 the net effect of the Cd addition on the

6.6 A lake with the simple composition

NaT = CaT= MgT = KT= Cl;-= [SO4]T= [CO3]T = 10—3 M

contains an organic complexing agent Y, characterized by

HY=H*+Y"  pK,=60
CuY* =Cu?* +Y" pK =70
CaY*=Ca?* +Y"~ pK =2.0

MgY*"=Mg?* +Y" pK =20
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ider no solid phase but all the relevant complexe_s. Calculate the

‘ (c:;;;:ri speciation al: pH=7.0(Cur= 1077 M; Y ;= 1078 M). Calculate
the copper speciation as a function of pH.

b. Consider now that Cu;=10"%M and thz?t copper carponate§ and/c_)r
hydroxide may precipitate (same inorganic _ar}d organic spec1i§das in
part a). Calculate the critical pH(s) of _prempltatlon of the solid(s) in
the absence of organic ligand. What solid(s) should form as pH varies
from 6 to 12? Sketch a major Cu species diagram on a log Y, versus

pH graph.

CHAPTER 7

OXIDATION-REDUCGCTION

The geochemical cycles of elements are driven in part by oxidation-reduction
reactions. Some mineral phases such as metal sulfides are dissolved through
oxidation by oxygen, others such as iron oxides through reduction in anoxic
environments; conversely, some solutes are uitimately precipitated as reduced
sulfides or as oxides. Although significant, this auxiliary role of redox chemistry
in the exogenic cycle of elements is not our major focus in this chapter. As
unstable chemical entities fueled by a continual diet of decomposing compounds,
sustained by a constant energy flux from oxidation reactions, we are motivated
by more than pure academic curiosity to study redox chemistry; it is a simple,
or not so simple, matter of life and death. Life is by nature a redox process
and a majority of redox processes on the earth are life dependent. From our
point of view the subject of the redox cycles of clements thus takes on an
importance disproportionate to the relatively small elemental fluxes that are
involved. _
Fueling all the redox cycles on the earth’s surface is one fundamental,
thermodynamically unfavorable process, photosynthesis. Using solar energy
through specialized pigments and organelles, plants reduce inorganic carbon

to organic matter and produce oxygen, thus increasing the Gibbs free energy
of the earth: ' ' :

CO,(g) + H,0 —“CH,0” + O,(g);,  AG°= +478kImol™! (1)

With very few exceptions, this energy capturing process drives all other redox
reactions: organic matter is the ultimate reductant; oxygen, the ultimate oxidant.
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