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ABSTRACT

Interactions of a Soil Humic Acid with
Alkali Metal Cations and Alkaline Earth Cations

Bernadine A. Bonn, Ph.D.

Oregon Graduate Institute of Science & Technology, 1992
Supervising Professor: William Fish

The association between alkali metal cations and humic acid was
investigated by aqueous infrared spectroscopy and discontinuous titration. The
infrared spectra of aqueous humic solutions were acquired by circular internal
reflectance Fourier transform (CIR-FTIR) techniques. An objective, reproducible
method of aqueous solvent subtraction was developed and evaluated.
Derivative spectra and curve fitting methods were used to improve the
resolution of highly overlapping peaks.

Significant quantities of alkali metal cations associated with humic matter.
The absolute amount of humic-associated cation depended on the solution
alkalinity, rather than the cation concentration. The alkali metal cations (Li™,
Na*, and K¥) behaved equivalently and were essentially interchangeable.
Aqueous humic infrared spectra were unaffected by the identity of the alkali
metal cation, except for solvent artifacts. In addition, the humate anion did not
significantly contribute to the charge balance of the aqueous solution. These
results suggest that alkali metal cations neutralize the humate charge by
associating electrostatically with the humate anion in a diffuse layer.

Desorption experiments at pH 1, revealed a small amount of site-specific
binding of Na* and K* by the humic acid. No site-specific binding of Li* was
detected. The number of sites was greater for K* than for Na*, indicating that



more-hydrated cations may be sterically excluded. The hydrated cation size
decreases in order Li* >Na* >K*.

The infrared spectra of solutions containing low concentrations of alkaline
earth cations were essentially identical to those of humic solutions containing
only alkali metal cations. Unlike the alkali metal cations, however, humic matter
showed a preferential association among the alkaline earth cations. The amount
of humic-associated cation decreased in order Ba®* > Ca?* >Mg?*. Increasing
the alkaline earth cation concentration did not substantively affect the aqueous
infrared spectra until a threshold concentration was exceeded. At that
concentration, the spectral intensity abruptly decreased and the solution became
very viscous. The physical aspect of these changes and their precipitous nature

suggest a conformational change facilitated by the alkaline earth cations.
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CHAPTER |

Introduction

BACKGROUND

Humic substances are present in virtually all soils, sediments and natural
waters as a major component of both dissolved and particulate organic matter.
The non-humic fraction of organic matter is typically of low molecular weight
and consists primarily of carbohydrates, proteins, peptide fragments, amino
acids and fats. Most of these compounds are easily degraded by micro-
organisms, and exhibit short lifetimes in the environment. In contrast, the
humic fraction is of much higher molecular weight and resists degradation. The
first known methods to separate soil humic material into distinct fractions were
developed by Sprengel (1826) and Berzelius (1833). The procedure has changed
very little since then. Sequential extractions are used to separate humic material
into three fractions based upon acid-base solubility (Table I.).

The genesis of humic matter is not completely understood. A widely
accepted theory postulates that soil micro-organisms slowly degrade lignin into
fragments which with small amounts of carbohydrates and proteins coalesce
over time to form heterogeneous macromolecules. As these macromolecules
age, condensation and degradation reactions occur simultaneously. The macro-

molecules become progressively larger, more aromatic, less acidic, and more

1



Table 1. Fractions of humic matter.

Fraction Acid Base
Fulvic acid soluble soluble
Humic acid insoluble soluble
Humin insoluble insoluble

hydrophobic. Fulvic acids form first and consequently have lower molecular
weights, more carboxyl groups and a lesser degree of aromaticity than humic
acids (Stevenson, 1972). Humic and fulvic acids are not unique chemical entities,
but rather, operationally defined complex mixtures.

Since the 19th century, researchers from a variety of disciplines, including
soil science, agriculture, marine and fresh water ecology, chemistry and
environmental science, have attacked the problem of humic substance
characterization. Although progress has been made, investigations have been
severely hampered by one common property of all humic matter: heterogeneity.
Humic composition depends upon the environment of origin and the method
of isolation. Therefore, determination of exact molecular properties, such as a
specific molecular weight, a precise chemical formula, or a definitive structure,
is impossible. Typical elemental analyses for fulvic and humic acids are

summarized in Table II. Trace amounts of sulfur or phosphorus also may be

Table II. Reported elemental composition ranges of humic

matter.
per cent by weight
element
fulvic acids humic acids
Carbon 40.7 - 50.6 % 53.6 - 58.7 %
Hydrogen 42-7.0% 3.2- 58%
Oxygen 43.1-48.8 % 32.7-38.3 %

Nitrogen 90- 33% 08-55%




present. Functional group analyses indicate that humic and fulvic acids contain
an aromatic core, aliphatic side chains, carboxylic and phenolic groups, and ester
and ether linkages. Humic acids have a greater proportion of aromatic carbon,
and hence more phenolic groups, than do fulvic acids. The carboxyl content of
fulvic acids is greater than that of humic acids. Carboxylic and phenolic
functional groups are primarily responsible for the binding of metal cations by
humic substances.

Humic substances play a dual role in the environment by influencing both
the availability and the transport of metal cations. In soils and aquatic systems,
humic and fulvic acids sequester dissolved trace metals, thereby increasing the
apparent metal solubility (Crouphry, 1984). Because metal/humate complexes are
more labile than their metal/mineral counterparts, humic substances increase the
availability of nutrient ions to organisms. It is precisely this labile binding, so
vital to plant survival, that is of concern in environments with trace metal
contamination. A cation bound to humic matter is not effectively removed from its
environment. In addition, humic and fulvic acids are mobile and any bound
metal cations or sorbed organic molecules will be transported with the humic
macromolecules.

Cation-humate association may occur via coordinate-covalent binding at
specific sites, or by simple electrostatic attraction. The association equilibrium
is significantly complicated by the heterogeneity of humic matter.
Cation-humate association is commonly described by one of four models: 1) a
set of discrete ligands (Hunston, 1975; Dzomsax, et al., 1986; Fisn, et al., 1986), 2)
a continuous frequency distribution of ligands (Peroug, et al., 1984), 3) simple ion
exchange (Kernpore and Sainmzer, 1980), and 4) ion exchange plus a set of
discrete ligands (Marmsky and Epuranv, 1986). All of these models rely heavily
upon empirical techniques, especially the ability to fit titration curve data.
Conclusions regarding the structure of specific binding sites or the mechanism

of association are speculative and not based on direct evidence.



Infrared spectroscopy has been used to probe humic functional groups,
directly, especially carboxyl and carboxylate groups (MacCarmy and Ricg, 1985).
The infrared spectra of humic substances are surprisingly simple with relatively
few, broad absorbance bands. This somewhat featureless nature is due to the
overlap of many individual peaks and should be expected. Humic substances
are, after all, heterogeneous mixtures, and their spectra must reflect that fact.
Interestingly, all humic spectra are strikingly similar, regardless of the origin of
the humic substance (Stevenson, 1982). Such similarity does not imply structural
equivalence, but rather, identifies a set of functional groups that are common to
all humic substances (MacCartay and Rice, 1985).

PURPOSE AND RELEVANCE OF THIS RESEARCH

The intent of this research was to characterize the electrostatic component
of cation-humate association. In particular, I was interested in describing this
association from the perspective of the humic macromolecule vis-a-vis that of the
aqueous solution.  Unlike empirically-fitted association constants, an
understanding of the humic role in cation-humate association is transferable
from one environment to another. The primary reason for focusing on an
electrostatic association mechanism is its simplicity. Studies of the interactions
between transition metals and humic matter have been almost hopelessly
complicated by the combination of multiple binding sites and electrostatic effects
with humic heterogeneity. I view this study of the electrostatic mechanism of
humic-cation association as a basic foundation, and hope that the results will be
applied to more complex systems to help resolve competing mechanisms.

The association between a soil humic acid and a suite of alkali metal
cations was used to assess the magnitude of electrostatic attraction as a function
of pH. The covalent character of bonds with alkali metal cations is minimal.
Infrared spectroscopy was employed to probe humic functional group changes

that occur due to humic dissociation, and the presence of alkali metal or alkaline



earth metal cations. The humic-interactions with alkaline earth cations and with
alkali metal cations can be compared to identify the effects of cation charge. The
use of a circular internal reflectance (CIR) accessory facilitated the acquisition of
aqueous infrared spectra. Almost all previous infrared spectroscopic studies of
humic substances utilized dry samples (KBr pellets) that do not accurately
represent the natural hydrated state of humic acids.

The suite of cations (Li*, Na*, K+, Mgz“, Ca’*, Ba®*) selected for these
experiments are environmentally relevant, despite the Ifact that they are usually
ignored by most researchers. The macro-cations, Na*, K*, Mg?*, and Ca®*, are
naturally present at concentrations much higher than those of trace metal
cations, such as Cu?* or Pb?*. Although humic binding of trace metals may be
much stronger than humic association with macro-cations, the importance of the
latter is increased by the number of environmental systems that contain
relatively high concentrations of these cations. Understanding the interactions
of the macro-cations with humic matter is important in the areas of agriculture,
plant physiology, soil science, and estuarine and oceanic ecology. Nowhere is
the presence of macro-cations more striking than in estuarine systems. Steep
concentration gradients of macro-cations, especially Ca®*, may cause coagulation
of humic matter in estuaries (Snoikovirz and CoreLanp, 1981). This coagulation
may be associated with the concurrent transport of sorbed trace level cations to
the sediments, or alternatively, the macro-cation may displace trace cations from

humic material.

READER’S GUIDE TO THE THESIS
The next four chapters describe the results of my research with soil humic
acid and my interpretations of that research. Pertinent references to the
literature are included for background, and to present a context for my work.
My research has taken a number of twists and turns over the past four

years; Chapter 2 resulted from one such detour. The acetate method for



determining humic carboxyl content was supposed to be routine, but I could not
obtain values that were independent of the solution composition. Chapter Two
demonstrates that the acetate method cannot yield constant values for the
carboxyl content of humic matter, and explores the effects of humic
heterogeneity on acid-base titrations in general.

In Chapter Three, the extent of alkali-metal-cation association with humic
acid is explored. The magnitude of the electrostatic association was investigated
by performing discontinuous titrations with a soil humic acid and a suite of
alkali metal cations (Li*, Na*, and K*). In addition, the possibility of specific
binding of these cations was assessed by desorption experiments at low pH.
The use of ultrafiltration to sample the humic aqueous phase is also described
in Chapter Three.

Chapters Four and Five discuss the application of CIR-FTIR (circular
internal reflectance Fourier transform infrared spectroscopy) to aqueous
suspensions of soil humic acids. The method is described in detail and
evaluated in Chapter Four. In particular, the mathematical algorithm for
performing optimal aqueous solvent subtraction is developed and tested. In
Chapter Five, the results of the aqueous humic infrared studies are reported and
discussed. The dependence of the humic spectra on pH, alkali metal cations,
and alkaline earth cations is shown. In addition, the application of resolution
enhancement methods (second derivative spectra and curve fitting) to aqueous
humic spectra is described.

In Chapter Six, the overall conclusions this work are summarized and the
implications for other studies of humic materials are discussed. In addition,
some possible directions for future work are outlined.

No part of my research seems to have escaped the influence of the
microprocessor. I have written a variety of programs in the attempt to wring
more information from the data or gain insight into a complex process. The

source codes for these programs are listed in the Appendices. Sample input and



output are included as well. All programs are written in Microsoft Professional
BASIC. Appendix A contains the program listing for the discrete and the
continuous distribution models of humic pK values (from Chapter Two). The
optimization routine used to fit the Langmuir parameters for the desorption
experiments (Chapter Three) is listed in Appendix B. Finally, Appendix C
outlines the manipulation of the humic infrared spectra from the initial
translation to an ASCII file format to the fitting of synthetic peaks, and contains
all of the associated source code listings.

Chapters Two through Five were written as research papers and have
been submitted for publication. Chapter Two appeared in Environmental Science
and Technology in January of 1991. Chapter Three has been submitted to the
Journal of Soil Science. Chapters Four and Five have been submitted to Geochimica

Cosmochimica Acta for publication as a two-paper series.
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CHAPTER 1I

Variability in Measurements of Carboxyl Content
in Humic Substances

ABSTRACT
The acetate reaction method for estimating the operationally defined carboxyl
content of humic matter was evaluated via laboratory experiments with a soil-
derived humic acid and via computer simulations with hypothetical acids. The
behavior of monoprotic acids, mixtures of monoprotic acids and a model humic
acid were simulated. Both the experimental data and the theoretical analyses
demonstrated that the acetate reaction method yields a strong acidity index that
varies inversely with the ratio of equivalents of acidity to equivalents of acetate.
Unless the exact reaction conditions are known, individual carboxyl content
measurements cannot be compared. The equilibrium chemistry of the acetate
reaction was examined with particular attention to the influence of acids that
partially dissociate in acetate solution. For acids with continuous pK
distributions such as humic acids, neither the acetate method, nor any other
titration method can be assumed to quantitate acidic groups described by a

particular pK or pK range.
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INTRODUCTION

Humic substances are heterogeneous polyfunctional macromolecules
present in virtually all soils, sediments, and natural waters as a major
component of both dissolved and particulate organic matter. Because they are
weakly acidic, humic substances help buffer soils and eutrophic waters, and
account for a portion of the cation exchange capacity. Most of the acidity in
humic and fulvic acids is due to carboxylic and phenolic functional groups, both
of which can act as ligands for dissolved metals.

The transport and fate of metal cations in aquatic systems and soils can
be dramatically affected by humic matter. Humate complexation can enhance
the solubility of otherwise insoluble metal cations, such as Fe3* or Pb2*,
allowing them to be advected with the natural flow (Rasum, 1985). Because
some metal humate complexes are labile, the effect of complexation on transport
can be variable. For example, the precipitation of humic matter in estuarine
systems increases the transport of tightly bound metal cations to the sediments,
while the weakly bound cations are liberated into the water column (Shorxovrrz
and Coreranp, 1981). The effect of humate-cation interactions on the
bioavailability of ions is also determined by this labile behavior. In humus-rich
soils, Cs *-humate association is strong enough to resist leaching, but not strong
enough to prevent the uptake of Cs* by plants (Cawse, 1983).

In order to accurately model metal transport, a description of the acidic
behavior of humic matter is necessary. Measures of the total acidity can be used
as an upper limit of the cation exchange capacity of the humic material. The
phenolic groups, however, will not be dissociated in the pH range of most
natural environments. Consequently, an estimate of the average number of
carboxyl groups in the humic macromolecule provides a better indication of the
complexing potential of humic matter than does the total acidity measurement.

In addition, site specific binding will depend heavily on the identity of the
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humic functional group. Knowledge of the distribution of binding sites is
needed to model interactions of metal cations with humate ligands.

Acidity of humic material is most often measured by direct or indirect
titration. These methods have been reviewed by Stevenson (1982), Peroue (1985),
and Fraic ef al. (1975). The direct titration of humic material is associated with
a variety of problems. Direct potentiometric titration of humic matter (in either
aqueous or non-aqueous solvents) typically produces curves that lack
distinguishable inflection points, making the selectidn of the endpoint, and
therefore the determination of acidity, somewhat arbitrary. Usually specific pH
values are chosen to indicate the titration endpoints. For example, Peroue ef al.
(1980) selected pH 7 as the endpoint for the titration of carboxyl groups;
similarly, McKnicHr et al. (1988) estimated that 50% of the phenolic groups were
titrated between pH 8 and 10. In their non-aqueous systems, Epuram et al.
(1986) titrated fulvic acids in a dimethylformamide solvent spiked with
parahydroxybenzoic acid. They used the inflection points corresponding to the
neutralization of the parahydroxybenzoic acid to mark the titration endpoints for
the fulvic acid carboxyl and phenol groups. Direct calorimetric titration has been
successfully employed (Peroue, 1978), however, calorimetric methods are
experimentally more cumbersome than potentiometric methods. In contrast to
direct methods, indirect potentiometric titrations of humic material are simple
to perform and analyze; consequently, they are widely used. Two such
methods are the barium hydroxide method for the determination of total acidity,
and the acetate method for the determination of carboxyl content. Both methods
were originally described for the analysis of coal (Fuais, 1927; Innatowicz, 1952;
Brooks and SternmerL, 1957) and later adapted for use with humic materials
(Scuinmzer and Guera, 1965).

The determination of total acidity via indirect titration is performed by
reacting humic matter with 0.1 M Ba(OH),, filtering the mixture to remove the

barium humate precipitate, and then titrating the excess base in solution
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(Scanrzer and Kuan, 1972). The titration endpoint is sharp because the barium
humate is removed. Total acidity is calculated from the difference between the
concentration of the reagent base solution and that of the filtrate. Provided that
care is taken to maintain CO,-free solutions, total acidity measured by the
barium hydroxide method is reproducible for a given sample (Brooks and
SternneLL, 1957). Although exceedingly weak acidic groups will not react in this
procedure, the pK of such groups is greater than 13 and they are therefore of
little significance in natural systems. These very weak acidic groups are evident
only in non-aqueous titrations employing solvents that are weaker acids than
water, such as dimethylformamide or ethylenediamine (Eruranv, et al. 1986;
WhricHt and Scunmzer, 1960).

The acetate reaction is an indirect titration method that is routinely
utilized to estimate the portion of acidity attributable to carboxylic functional
groups. This method is based upon proton exchange between humic carboxyl
groups and the acetate anion. Protons, liberated from the dissociation of
carboxyl groups on the humic material, react with acetate to form acetic acid.
In the widely used procedure described by Sainmzer and Kuan (1972), humic
material is mixed with excess aqueous calcium acetate, allowed to equilibrate,
and then filtered to remove the calcium humate precipitate. The acidity in the
filtrate is quantified by titration with strong base to a predetermined endpoint
(pH 9.8). A blank titration of the acetate reagent is also performed to correct for
background acidity. The carboxyl content is calculated as the corrected acidity
of the filtrate divided by the mass of humic material used in the analysis.

Because no convenient independent method exists to measure the phenol
content of humic material, the calcium acetate method is frequently used with
the barium hydroxide method to calculate the fraction of the total acidity that is
due to phenolic functional groups. The phenol content is calculated as the total
acidity less the carboxyl content. Any errors in the carboxyl content

determination therefore, are carried directly into the value for phenol content.
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The relative proportions of carboxylic and phenolic functional groups are used
as one indicator of the degree of humification or evolution of the humic matter.
Typically, fulvic acids have a greater total acidity and a larger proportion of
carboxyl groups than humic acids.

Like all other titration methods, the acetate method distinguishes acidic
functional groups by their relative acidity rather than their actual molecular
structure. For this method to accurately measure the acidity due to carboxyl
groups, the carboxyl acidity of the humic material must be quantitatively
converted to acetate acidity. This will occur only if the following two conditions
are met when the humic acid/acetate mixture reaches equilibrium: (1) all humic
carboxylic functional groups are completely dissociated, and (2) all other acidic
functional groups in the humic material are completely undissociated.

In polyfunctional macromolecules such as humic or fulvic acids, steric
constraints, neighboring constituents, and electrostatic interactions influence the
acidity of each functional group, causing a distribution of acidity constants.
Although the average carboxyl group will be more acidic than the average
phenol group, the two distributions of pK will overlap (Peroug, et al., 1980;
DusacH, et al., 1964). Some carboxylic and phenolic groups will therefore
dissociate simultaneously. In addition, although spectroscopic evidence
indicates that carboxyl and phenol groups are the predominant acidic functional
groups in humic matter, they are not the only source of acidity. Other
functional groups, such as sulfonyl groups and hydroxyquinones, are acidic
enough to dissociate in the acetate reaction and therefore be included in the
measure of carboxyl content (Dusacy, et al., 1964; Hortzciaw and Srosrro, 1979).
Consequently the acetate method does not quantify the number of carboxyl
functional groups. Instead, it divides the acidity into two categories
distinguished by their relative behavior with respect to acetate. Carboxyl content
and phenol content are strictly designations of the operationally defined categories

of strong and weak acidity, respectively. Any acidic moiety on the humic
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macromolecule that dissociates in the acetate reaction will be categorized as
strong acidity and included in the carboxyl content. For consistency and
convenience, this operational definition is retained throughout this discussion.

The calcium acetate method is sensitive to any artifact that alters the
amount of base required in the titration of the filtrate. The calcium acetate
procedure was examined in detail by Peroue and coworkers (1980). They found
that the carboxyl content determined by the calcium acetate method was 43%
higher than that measured by direct calorimetric titration. Two problems with
the Ca-acetate method are primarily responsible for this difference in apparent
acidity: (1) incomplete removal of humic species before titration and (2) the
formation of calcium humate complexes.

To accurately quantify the amount of humic matter that is dissociated,
only acetate acidity must be titrated. At equilibrium with calcium acetate, the
weakly acidic fraction of the humic material is undissociated and remains in
solution. If this humic acid is not removed during filtration, it will be titrated
with the acetic acid, increasing the apparent carboxyl content and obscuring the
inflection point in the titration curve. The effect of filterable humic acidity is
particularly significant when the filtrate is titrated to the recommended endpoint
of pH 9.8, rather than pH 8.9, which is the theoretical endpoint for a 0.2 M
acetate solution. Horrzcaw and Sposrro (1979) eliminated the separation problem
by substituting steam distillation for filtration. Steam distillation, however,
introduces problems of its own. Peroug, et al. (1980) employed ultrafiltration
using a membrane with a nominal 1000 dalton cutoff to minimize filterable
humic acidity. Both groups of researchers titrated to the theoretical acetate
endpoint.

The formation of calcium humate complexes can significantly influence the
amount of acetic acid that is present at equilibrium. When a Ca*?humate
complex forms (whether it precipitates or not), the activity of the dissociated

humate decreases, causing the humic acid equilibrium to shift toward the
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dissociated species. This shift causes an increase in the measured carboxyl
content. When Ca*%humate complexation occurs, the carboxyl content value
reflects the combination of two equilibria: acid dissociation and Ca*?
complexation (Van Dix, 1966). In addition to this effect, the net negative charge
of the humic species is reduced upon complexation with a calcium cation.
Partial charge neutralization of the polyanion increases the relative acidities of
all the remaining undissociated acidic functional groups by decreasing the
energy required for dissociation. This progression toward greater acidity
elevates the apparent carboxyl content further. Because any cation that forms
stable complexes with humic material will augment the apparent carboxyl
content similarly, Perou, et al. (1980) recommended that an alkali-metal acetate
be substituted for calcium acetate. Alkali-metal cations form very weak
complexes with humic material (Perou, et al., 1980; Gamsie, 1973).

Despite its recognized limitations, the acetate method is widely used as
an empirical means of characterizing the approximate distribution of strongly
and weakly acidic functional groups in humic matter. The numerical value of
carboxyl content, while not a quantitative measure of the number of carboxyl
functional groups, has been believed to be a unique and reproducible index that
facilitates the comparison of humic materials from different sources. However,
through éxperimentation and theoretical examination we have found that the
acetate method yields an index of strong acidity that is not unique and cannot
be reproduced unless the exact experimental conditions are known.

In this paper the pertinent acid-base equilibrium chemistry of the acetate
method is examined. The effects of variations in the solution composition (ratio
of humic matter to acetate) as well as the inherent pK distribution of the humic
acid on the measured carboxyl content are explored. To our knowledge such an
analysis has not appeared previously in the literature, even though the acetate
method has been used for more than 60 years. Several examples involving the

acetate reaction with simple monoprotic acids and monoprotic acid mixtures are
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considered as well as a reaction with a model humic acid. The analysis of the
equilibrium between acetate and a model humic acid illustrates a larger problem
common to all titrations of humic matter: titration data alone cannot uniquely

determine a continuous pK distribution.

EQUILIBRIUM CHEMISTRY
Simple Monoprotic Acid System
The chemical equilibrium that applies to the reaction of a monoprotic acid,

HA, with aqueous sodium acetate and the associated proton balance equation
(PBE) are

HA + CH,COO~ 2 A~ + CH,COOH
[H*] + [CH,COOH] = [A7] + [OH] (1)

where the brackets indicate molar concentration. The expression for the

dissociation constant of a monoprotic acid HA is

. HHAy H T+ [A ]y, - )

{HA} [HATva
The braces indicate the chemical activity of the enclosed species and each y
represents the activity coefficient of the species indicated by the subscript. This
expression yields an explicit equation for [A7] in terms of the total HA

concentration ([HA] + [A7]), the acid-dissociation constant, and the pH.
Ky
[A7] = [Total HA] cici 3)
Kyga + {H}v,-

Similar equations can be derived for the concentrations of OH™ and CH;COOH

in terms of their respective total concentrations and equilibrium constants. The
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PK of acetic acid is 4.76 (MarteLL and Smrra, 1977). Substituting expressions (2)
and (3) into the PBE yields

+ {H +}'Y CcoO-
i} + [Total Acetate] — s - =
TH' 107" ven,coon * {H }en,coo- @)
-14 K
_ 107" . [Total HAJ LS
{H }'YOH' K'YHA + {H }'YA'

Given the equilibrium constant for HA and the solution composition, equation
(4) can be solved for the equilibrium {H*} analytically or by using simple
iterative techniques.

The carboxyl content is determined by titrating the solution to the acetate
endpoint after A~ and HA are removed. This solution will contain only acetate

acidity, defined as

acetate acidity = [H"] + [CH;COOH] - [OH ] ©)

The carboxyl content, when expressed as acetate acidity per mole of HA, is
mathematically equivalent to the fraction of HA that is dissociated, «;. This can

be demonstrated by a simple rearrangement of the PBE

Carboxyl _ [CH3COOH] +[H*]-[OH 7] ) [A7] . ©6)
Content - [Total HA] " Total HA] !

Once the equilibrium {H¥} is known, the carboxyl content can be easily

calculated using equation (6) and the appropriate equilibrium constants.

Monoprotic Acid Mixtures
When a mixture of monoprotic acids reacts with aqueous acetate the

appropriate proton balance equation is
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n

[H*] + [CH,COOH] = [OH] + Y [A/7] 7)

i=1
where each A] is the conjugate base of the monoprotic acid HA;, and n is the

number of monoprotic acids in the mixture. An equation analogous to equation

(4) can be obtained by substituting the appropriate equilibrium expressions into
the PBE.

- {H"}y -
tH 3 + [TotalAcetate] s S0 =

. -4.76 +
TH 107 ver,coon * tH Hen,coo- (8a)
g s XiKiTHa,
1+° + [Total HA]Y :
{H }'YQH‘ i=1 K:"YHAi + {H }'}’Ai*
where
£ HA] + [A,
[Total HA] = ¥ ([HA] +[A]) and = A = AT (gn)
= : i i "[Total HA]

Equation (8) is implicit in {H*} and can be solved using simple iterative

methods.

Continuous pK Distributions

When the dissociation properties of an acid are described by a continuous
distribution of pK the PBE becomes

% {H}y -
{H} + [TotalAcetate] 00 =

) .76 n
TH 107 v cry,coon *+ 1H }'YCH3coo- ©)
-14 = K)107PK
1+°_ + [Total HA] | _f E(p ) TIfA dpK
{H }'YQH' B 40T Yua + {H }'yA-
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f(pK) is a probability distribution function where the fraction of functional
groups with 2 < pK < b is given by

b
| foK) apK

a

If the functionality of f(pK) is known, the integral in equation (9) can be
approximated using Gaussian quadrature; equation (9) is then solved iteratively.

The probability distribution used in this paper is a bimodal distribution
formed by taking the weighted average of two normal distributions with means
#, and u,, and standard deviations o; and o¢,. The fraction of the total
distribution, f(pK), due to the distribution defined by p; and oy is X;. The total
distribution is truncated so that the domain of pK values reflects the leveling
effect of water, i.e. -1.74 < pK < 15.74. This results in a probability distribution

function of the form

pK-pq 2
- X1 3 —1/2( 5 ) 2 = X2 h' -VZ( o
e * e

; b
(pK) = - : : (10)
fle 1574 .l Py
J. X, B (1-X,) =
—] e + e dpK
9 7
-174 © 7 : ’

Peroug, et al. (1984) used this distribution function to model humic acids.

EXPERIMENTAL METHODS
Humic Matter
Humic acid was isolated from soil by a procedure adapted from the one
used by the International Humic Substances Society (MacCarmy, pers. comm.).
The soil was obtained from the A horizon of a Labish mucky clay (a fine,

montmorillonitic mesic Cumulic Humaquept) in an uncultivated area adjoining
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an onion field in Sherwood, Oregon. The soil was equilibrated with 0.1 M HCl
for 24 hours, after which the supernatant was discarded. The residue was
extracted with 1 M NaOH under N, for 24 hours and then acidified to pH 1 with
6 M HCl. The humic acid precipitate was separated by centrifugation, re-
extracted using a solution of 0.1 M KOH/0.2 M KCI under N,, and precipitated
with HCl. Repeated treatment of the sample with 0.1 M HCl/0.3 M HF was
used to reduce the ash content to below 1%. After lyophilization, the humic
acid was washed with 0.1 M HCI until the sodium and potassium content were
0.3% and less than 0.01%, respectively, as determined by atomic absorption
spectroscopy. The excess mineral acidity was removed by washing the humic
acid with ultrapure water (Nanopure System, Barnstead) until no chloride was
detected when the supernatant was tested with 1 M AgNO;. The humic acid

was lyophilized and stored in a dessicator.

Reagents

All solutions were prepared using CO,-free ultrapure water (Nanopure
System, Barnstead) and reagent grade chemicals unless otherwise noted. Stock
1 M sodium hydroxide was prepared from Dilut-It ampoules (J.T. Baker) and
stored in a dessicator containing Ascarite II (Thomas Scientific). Fresh base
titrant was prepared daily from the stock solution and standardized against
primary standard potassium hydrogen phthalate. Acid titrant was standardized

using a standardized sodium hydroxide solution.

Carboxyl Content

To measure the carboxyl content, 25 or 50 mL of 0.2 M or 0.4 M sodium
acetate was added to a 10-500 mg sample of humic acid in a N, purged tube.
The tube was tightly capped, placed on a rotary shaker, and mixed at a
moderate speed for 48 hours. A blank containing only sodium acetate solution

was prepared similarly. After this equilibration period the reaction mixture was
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decanted into a N, purged Amicon ultrafiltration cell fitted with a prewashed
UM-2 membrane filter and filtered at 65 psi with constant stirring. The filtrate
was collected under N,. Aliquots of the filtrate were analyzed by titration under
N, with standardized NaOH to the appropriate endpoint determined by the
acetate concentration. An Orion pH meter (EA 920) with a Corning general
purpose combination electrode (#4765531) was used to measure the pH. The
carboxyl acidity was calculated using

(mL NaOH

i - mLNaOH,, ) - molarity NaOH - mL acetate
Carboxyl Content = humic sample blank y

g humic acid - mL aliquot

The barium hydroxide method (Scunrmrzer and Kuan, 1972) was used to estimate
a total acidity of 7.3 + 0.4 meq/g HA.

RESULTS AND DISCUSSION

Laboratory experiments

Experiments were performed to test the dependence of the measured
carboxyl content (acetate reaction method) on the mass of humic material and
the concentration of acetate. The standard acetate reaction procedure for
carboxyl content determination as described by Scunmrzer and Kuan (1972) calls
for 50-100 mg of humic material and 10 meq of acetate in a total volume of 50
mL. Since the total acidity of humic material (barium hydroxide method)
typically ranges from 5 meq/g to 15 meq/g for soil humic acids and aquatic fulvic
acids, respectively, the ratio of equivalents of acid to acetate could vary between
about 0.025 and 0.15 in a standard acetate reaction. The acid to acetate ratio also
varies considerably among researchers. The following ratios have been reported:
0.5 - 1.0 (Innatowicz, 1952), 0.006 - 0.043 (Brooks and SternueLr, 1957), 0.05 - 0.30
(Brom, et al., 1957). Various acetate concentrations, ranging from 0.2 M to 3 M,
have also been employed. A relationship between the carboxyl content

measurement and the humic acid/acetate ratio has been noted by Perour (1985).



The measured carboxyl content of our humic acid decreased significantly
(rank correlation coefficient, r’ = -0.90; « = 0.005) as the ratio of equivalents of
humic acidity to equivalents of acetate increased from 0.02 to 0.19 (Figure 1).
This inverse relationship between the carboxyl content and the humic
acid/acetate ratio was slightly more pronounced for the determinations
employing the less concentrated acetate solution (0.2 M rather than 0.4 M). The
difference, however, was not statistically significant. Although the acetate
method yielded reproducible results (+ 5%) for a single set of solution
parameters, a substantial variation in the apparent carboxyl content occurred
over the range of humic acid/acetate ratios possible for the standard procedure
of Scunmrzer and Kuan (1972). The carboxyl content at a ratio of 0.025 was about
20% higher than that measured at a ratio of 0.15, indicating that a greater
fraction of the humic acid was dissociated at the lower ratio.

Because all humic matter is inherently heterogeneous, some random error
was expected in the carboxyl content determinations. Artifacts associated with
the ultrafiltration process probably also contribute to the error as discussed
below. Despite the data scatter evident in Figure 1, the dependence of the
measured carboxyl content on the humic acid to acetate ratio was clear.

The ultrafiltration of the reaction mixture required approximately 5 hours,
during which the ratio of humic acid to acetate in the pressure cell steadily
increased. Any such change in the humic acid/acetate ratio potentially alters the
measured carboxyl content. The significance of this source of artifacts was
assessed by collecting successive aliquots of the ultrafiltrate and titrating each
separately. Unexpectedly, the measured carboxyl content did not decrease over
the course of the ultrafiltration. Rather, each successive fraction required more
base to reach the acetate endpoint than the previous fraction. The titration
endpoint also became less distinct with each successive fraction, indicating that
some weakly acidic humic matter was being titrated. These observations can be

explained by humic matter passing through the filter. That such leakage had



4.0
_ i ® (0.4 M acetate
Z T 7 + ® 0.2 M acetate [
= 3 L 3
Z g 05" . 2
OE | Py
U.E _353_
=3 A 3
=3 t 14 [ 3
0§ : 8
DE . N
<9 * -3.0
O g 0.4- .

-'| 5 -1 0 -0 5
LOG (meq total humic acidity/meq acetate)

Figure 1. Measured carboxyl content of a soil humic acid as a function of the
humic acid to acetate ratio. The left-hand scale is expressed in units of
milli-equivalents of apparent carboxyl content per milli-equivalent of total humic
acidity in solution; the right hand scale in units of milli-equivalents of carboxyl
content per gram (dry weight) of humic acid in solution.
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occurred was supported by an increase in both the apparent color (yellowish-
brown) and in the light absorbance at 420 nm of successive fractions.

To minimize the effects of humic material leakage through the UM-2 filter,
titrations should be performed using an aliquot from the first 10% of the filtrate.
Measurements of the carboxyl content of our humic acid were repeated in which
only the first 5 mL of filtrate were titrated. The results, shown in Figure 2,
indicate that the variability of the acetate method was reduced by minimizing
the breakthrough of humic matter. More importantly, Figure 2 reiterates the
pronounced relationship between the measured carboxyl content and the humic
acid to acetate ratio (r' = -1.0; a = 0.005). Because of this relationship,
comparisons between different humic acid samples or between different
laboratories are possible only if the precise reaction conditions are reported.
Unfortunately, only the range of conditions is typically provided. The acetate
method does not yield an index of acidity that is unique over a range of humic

acid sample sizes or acetate concentrations.

Simulations with hypothetical acids

The equilibrium chemistry of the acetate reaction was simulated to show
how the relative HA concentration and the pK distribution influence the value
obtained for the carboxyl content. These simulations clarify the chemistry
underlying the experimental results. Three different types of pK distributions
were simulated: (1) a single pK value, representing a simple monoprotic acid,
(2) two discrete pKs, representing a mixture of two monoprotic acids, and (3) a
continuous distribution of pK, representing a model humic acid. The sodium
acetate concentration was 0.2 M in every simulation. The ratio of total
equivalents of acid per equivalent of acetate was varied from 0.001 to 1. The
standard range (0.025-0.15) used by Scunmrzer and Kuan (1972) is delineated in
each subsequent figure with dotted lines. The equilibrium {H*} for each

simulated acid-acetate mixture was calculated using the appropriate PBE
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Figure 2. Measured carboxyl content (using 0.4 M total acetate) of humic acid
as a function of the humic acid to acetate ratio. Only the first 10% of the filtrate
was titrated.
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equation (equation (4), (8), or (9)). A dimensionless carboxyl content was then
calculated as the acetate acidity divided by the total HA concentration. Activity
corrections were performed using the Davies equation (Stumm and Moraan,
1981).

Monoprotic acids. Four hypothetical monoprotic acids, characterized by pK
values of 2.76, 4.76, 6.76, and 8.76, were chosen to model a range of acidities.
If the carboxyl content is a measure of the fraction of functional groups more
acidic than acetic acid, then the carboxyl content of a monoprotic acid should
equal either zero or one. The results of these simulations indicate, however,
that only the strongest acid of the four exhibits an invariant carboxyl content
equal to 1.0 under the standard conditions of the acetate reaction (Figure 3). For
the other three acids, the acetate method divides the acidity into a strongly
acidic, or ‘carboxyl’ fraction, and a weakly acidic, or ‘phenol’ fraction. Such a
division is clearly erroneous because these acids are monoprotic. Furthermore,
the division is variable and depends upon the relative concentration of HA with
respect to acetate.

To understand why the acetate exchange method produces such
paradoxical results, the underlying acid-base equilibria must be examined. The
equilibrium speciation diagrams for solutions consisting of 0.2 M total acetate
and 0.01 M or 0.001 M total HA (using pK = 6.76 as an example) are depicted
in Figures 4a and 4b, respectively. For these conditions, the concentrations of
H™ and OH are negligible compared to those of CH;COOH and A™. Therefore,
the PBE for the acetate exchange reaction can be simplified to
[CH,COOH] = [A7]. If activity corrections are ignored, this equation can be
solved graphically by inspection of Figures 4a and 4b. The dotted vertical lines
indicate the equilibrium pH which determines the speciation. For the two
HA/acetate systems depicted in Figures 4a and 4b, the equilibrium pH is near
the pK of the acid, and therefore, appreciable quantities of both HA and A~ are

present. The operational definition of the carboxyl content as the fraction of the
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CARBOXYL CONTENT
meq/meq HA

-2 -1
LOG( [Total HA] / [Total Acetate] )

Figure 3. The calculated carboxyl content (using 0.2 M total acetate) of
monoprotic acids as a function of the HA/acetate ratio. The dotted lines indicate
the standared range of HA/acetate ratios as described in the text.
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acid that is dissociated, coupled with the partial dissociation of HA, causes the
acidity of this monoprotic acid to be artificially divided. A non-integral value of
carboxyl content suggests that this acid contains a strongly acidic group that has
dissociated completely and a weakly acidic group that has not dissociated at all.
Clearly this conclusion is wrong.

A comparison of Figures 4a and 4b illustrates the dependence of the
carboxyl content on the relative concentrations of HA and acetate. As the total
HA concentration decreases from 0.01 M (Figure 4a) tb 0.001 M (Figure 4b), the
curve corresponding to [A7] is translated downward and the point where the
[A7] curve and the [CH;COOH] curve intersect occurs at a higher pH. A greater
proportion of the total HA is dissociated at this higher pH, resulting in an
increase in the carboxyl content.

The degree of dissociation, a,, is a continuous function of the pH and is
never identically equal to zero or unity. The carboxyl content, therefore, varies
continuously with the HA/acetate ratio. The variation, however, will be
imperceptible for very weak or very strong acids. The hypothetical monoprotic
acid with pK = 2.76 exemplifies this behavior. Over the standard range of
HA/acetate ratios (0.025 - 0.15), the equilibrium pH varies from 5.4 to 6.2,
corresponding to fractional acid dissociations of 0.9982 and 0.9997, respectively.
Because this acid is essentially completely dissociated, the apparent
dimensionless carboxyl content remains constant and equal to 1.0. Similarly, the
carboxyl content of a very weak acid remains close to zero because the fraction
of the acid that dissociates in the acetate reaction is very small. Figure 5
summarizes the dependence of the carboxyl content on the HA/acetate ratio for
any monoprotic acid. Clearly, the carboxyl content estimate cannot be
associated with a unique pK unless the solution composition is known, and
therefore it is not a reliable index of the strength of a monoprotic acid relative

to acetic acid.
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Figure 5. Calculated dimensionless carboxyl content isopleths (using 0.2 M total
acetate) for monoprotic acids. For an acid of any specifiex pK (ordinate axis) the
isopleths indicate the carboxyl content observed at any specified HA /acetate raio
(abscissa axis). The dotted lines indicate the standard range of HA/acetate
ratios.
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Mixtures of monoprotic acids. To assess the ability of the acetate reaction
to accurately quantitate the strong acidity in an acid mixture, the HA/acetate
equilibrium was simulated using two hypothetical monoprotic acids. Four
different monoprotic acid mixtures were chosen in which the relative difference
in strength between the two hypothetical acids was progressively smaller. The
pK values that characterized the acid pairs were 3 and 11, 4 and 10, 5 and 9, and
6 and 8. The mixtures contained equal amounts of each acid. Figure 6 shows
the calculated carboxyl content of each mixture plotted as a function of the ratio
of total equivalents of HA to equivalents of acetate. Only for the mixture
containing the acids with pKs 3 and 11 is the carboxyl content an accurate and
consistent measure of the proportion of acids in the mixture that are stronger
than acetic acid. Because one of these acids is very weak and the other is very
strong, the dissociation of one is essentially complete while the dissociation of
the other remains insignificant. Any mixture containing one strong acid that
dissociates completely and one weak acid that remains undissociated will be
correctly analyzed by the acetate method. For any other mixture of acids, the
pH ranges over which the two acids dissociate will not be sufficiently isolated.
If a significant fraction of the weaker acid is dissociated in the acetate reaction,
it will contribute to the measured carboxyl content. Similarly, if some of the
stronger acid remains undissociated, a lower carboxyl content will be measured.
Because the degree of dissociation depends upon the HA/acetate ratio, the
measured carboxyl content will not be constant, but will vary as a function of
the solution composition.

Examination of Figure 6 might lead one to conclude that a unique
HA/acetate ratio exists such that the acetate method can distinguish the two
acids and correctly determine that the proportion of each acid in the mixture
equals 0.5. This is not the case. The point of intersection in Figure 6 is an
artifact due to the symmetrical nature of the simulated pK distributions. No

general point of intersection exists for all sets of pK values or acid proportions.
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Figure 6. Calculated carboxyl content (using 0.2 M acetate) of binary mixtures

(50%-50%) of monoprotic acids. The dotted lines indicate the

HA/acetate ratios.
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Furthermore, for two of the mixtures (pKs 5 and 9; pKs 6 and 8) a carboxyl
content equal to 0.5 was produced through a cancellation of errors rather than
an accurate chemical analysis. The acetate method yields the correct ‘answer’
for this HA/acetate ratio because the increase in the carboxyl content caused by
the fraction of the weaker acid that is dissociated exactly cancels the decrease
due to the fraction of the stronger acid that remains undissociated. To illustrate,
Figure 7 depicts the dissociated fraction of each acid (pKs 6 and 8). The sum of
these fractions equals the carboxyl content. For this mixture of acids, no
HA/acetate ratio exists at which essentially all of the weaker acid is dissociated
and essentially all of the stronger acid is undissociated. In general, if the pK
difference between two acids is less than 3, the acids cannot be distinguished by
their relative abilities to dissociate. Such mixtures cannot be accurately analyzed
by the acetate method.

Model humic acids. The equilibrium between a model humic acid and
sodium acetate was simulated to investigate the ability of the acetate method to
estimate the strong acidity of an acid with a complex pK distribution. The pK
distribution of the hypothetical humic acid was modeled as a weighted average
of two normal distributions as described previously. The strongly acidic
functional groups were represented by a distribution with mean pK of 4.5 and
accounted for 60% of the total acidity. The mean pK of the distribution
representing the weakly acidic groups was 10. These values were chosen
because they are the approximate means of the pK distributions of common
carboxylic acids and phenols (Peroug, et al., 1984). A standard deviation of 2 was
chosen for each distribution. Of course, this particular distribution does not
apply to all humic material (and in fact may not be the actual pK distribution for
any particular humus sample), but it is consistent with the general chemical
realities of humic matter acidity: a continuum of acidities with a bimodal
distribution reflecting the dominant presence of carboxylic and phenolic

functional groups. The dependence of the calculated carboxyl content on the
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Figure 7. Individual dissociated acid fractions and carboxyl content (0.2 M
acetate) of a 50%-50% mixture of two monoprotic acids. Dotted lines indicate
the portion of the 0.5 carboxyl content attributable to each acid.
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ratio of humic acid to acetate is shown in Figure 8 for this model humic acid.
The carboxyl content is not constant over any range of HA/acetate and follows
the same general trend observed in the laboratory. The inset pK distributions
in Figure 8 depict the dissociation of the humic acid and the predicted pH at
various HA/acetate ratios. Examination of these distributions indicates that, for
every HA/acetate ratio, a range of pKs exists such that acidic groups with pKs
within that range will be partially dissociated. This range of pKs shifts
according to the HA/acetate ratio. Therefore, because the acetate method
categorizes acidic groups by their ability to dissociate, acidic groups in a
continuous pK distribution cannot be clearly distinguished using this method.

The carboxyl content is equal to the fraction of humic acid dissociated in
a solution of acetate. Essentially, the acetate in this solution is being used to
titrate humic material and, as a result, an individual carboxyl content
measurement is only a single point in a continuous titration curve. If the pH is
known, the carboxyl content can be used to calculate an average acidity
constant, K. The carboxyl content, «;, and K are related by
K={H *}oq/(1 - a7). Note that K is not a thermodynamic constant, but an
operationally defined value that describes the humic acid equilibrium at one
specific HA/acetate ratio. K varies with the HA/acetate ratio and is equivalent
to the continuous stability function used by Gameie and others (Gamecg,1970;
Gamsie and Lancrorp, 1988).

This dependence of the carboxyl content, and K, on the HA/acetate ratio
illustrates the general problems associated with attempting to use humic acid
titration data to infer the pK distribution of the acidic functional groups. For
any titration, a unique H™ activity is associated with each point in the titration
curve. The H™ activity, in turn, determines the speciation of the humic acid.
Functional groups with similar acidities are not titrated one at a time in order of
pK (Dzomsak, et al., 1986). Rather, many groups, over a range of pK units, are

partially titrated, simultaneously. A comparison of the inset pK distributions in
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Figure 8. Calculated carboxyl content (using 0.2 M total acetate) of a hypothetical humic acid (bimodal
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Figure 8 illustrates this behavior. Between pH = 4.88 and pH = 5.94, functional
groups with pKs between about 3 and 8 were partially titrated. The contribution
of each pK to the total fraction of dissociated acid will depend upon the shape
of the humic acid pK distribution. Consequently a specific pK or pK range
cannot be assigned to the humic acid functional groups that dissociate at a
specific pH or over a pH range in a titration. To use titration data to determine

the pK distribution the following integral equation must be solved for f(pK)

. 10CPR
al({H ..}) = j f(pK) Yaa

11
% - dpK (11)
“ 10 VETAS® {H }'YA‘

where o;({H"}) is the fraction of humic acid that is dissociated as a function of
the H* activity. Equation (11) is a Fredholm integral of the first kind; the
numerical inversion of this equation is subject to spurious oscillations (Dzomsax,
et al., 1986). Essentially, the fraction of the total acid that dissociates is a datum
that is not detailed enough to uniquely characterize a pK distribution. Solving
this integral equation is complicated further because the pH range of every
titration is limited. Acidic groups whose pKs are more than 2 units outside of
the pH range of the titration will be indistinguishable from one another, making
the pK distribution in these two regions entirely indeterminate. In the acetate
method, typically the pH of the reaction mixture will fall between 4 and 9. The
effective pH range is wider for direct aqueous titrations and wider still for non-
aqueous titrations employing solvents with larger autoprotolysis constants than
water. Regardless of the solvent, however, the inherent limitations of titrations

remain.

SUMMARY AND CONCLUSIONS
The ability of the acetate reaction method to quantify the amount of
acidity in a solution that is due to acidic groups stronger than acetic acid was

tested both experimentally and theoretically. In general, the acetate method
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cannot be expected to provide a strong acidity index that is constant over the
range of reaction conditions that are typically employed. If, when reacted with
acetate, the strongly acidic functional groups dissociate completely and the
weakly acidic groups remain undissociated, then the measured carboxyl content
will be an accurate index of strong acidity. Otherwise, the carboxyl content will
vary with the HA/acetate ratio, reflecting the partial dissociation of the various
acids.

For humic acids, the acetate method will not yield a unique or constant
index of strong acidity. Therefore, if the acetate method is used to analyze
humic matter, then the exact conditions of the reaction must be reported.
Values of carboxyl content can only be compared if the molarity of the acetate
solution and the mass and total acidity of the humic matter are known. In
addition, to avoid artifacts due to filterable humic acidity, only the first portion
of the ultrafiltered reaction mixture should be analyzed for carboxyl content.
The carboxyl content is strictly an operationally defined value equal to the
average degree of humic acid dissociation in a particular acetate solution. When
the acetate method is performed at several different HA/acetate ratios, the
relationship between the carboxyl content and the HA/acetate ratio define a
titration curve of the humic matter. The general dependence of the carboxyl
content on the ratio of humic acid to acetate as measured in the laboratory was
correctly predicted by hypothetical continuous bimodal pK distribution.

Because humic matter has a continuous distribution of pKs, some of the
acidic groups will always be partially dissociated over the course of any titration.
Therefore, no boundary pK exists, above which all groups are dissociated and
below which all groups are undissociated. The assignment of a pK or pK range
to the functional groups that dissociate at a particular pH or over a pH range is
erroneous. Furthermore, a unique pK distribution cannot be characterized using

titration data alone because such data reflects the behavior of functional groups
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within a limited pK range and because the mathematical nature of the governing

equation is subject to spurious errors.
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CHAPTER III

Measurement of Electrostatic and Site-specific
Associations of Alkali Metal Cations
with Humic Acid

ABSTRACT

A discontinuous acidimetric titration method incorporating ultrafiltration
was developed to measure the association of a soil humic acid with Li*, Na™,
and K* (pH 3 - 8). In addition, possible site-specific binding of these alkali
metal cations was investigated using desorption experiments at pH 1. Lithium,
sodium, and potassium cations behaved equivalently in the titrations and the
amounts of these cations associated with the humic acid was measureable at all
pH values between 3 and 8. Up to 90% of the total alkali metal cation was
humate-associated at pH 8. The absolute amount of humic-associated cation did
not depend on the alkali metal cation concentration, but rather on the solution
alkalinity. In addition, the net charge of the humate polyanion made a
negligible contribution to the electroneutrality of the bulk solution under all
conditions. These results are consistent with a diffuse layer model of hydrated
humic acid in which the alkali metal cations neutralize the humic charge. The
association of Na™ and K+ with humic acid at pH 1 was successfully described

by a Langmuir adsorption model. The number of sites per gram of humic acid
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was very small, and greater for K* than for Na*. Lithium cations exhibited no
detectable humic association at pH 1. These differences suggest that humic
acids may have a small number of specific binding sites for which the size of the

hydrated cation is important.

INTRODUCTION

Most studies of the association between metal cations and natural organic
matter focus on the complexation of a few select trace metals. Interactions
between humic substances and the major cations such as Na* and K* have
often been either ignored or assumed to be negligible. The need to characterize
such interactions is evidenced by the sheer number of systems, both
environmental and experimental, which contain appreciable quantities of these
cations. In highly organic soils, association with humic matter may decrease the
K™ availability, increasing the need for amendment with K-fertilizers (Kononova,
1966). In estuaries, aquatic humic substances are subjected to strong salinity
gradients that can influence humic binding of trace metals. In the laboratory,
experiments with aqueous humic material often utilize a background electrolyte
containing Na* or K* to control the ionic strength. The extent to which Na™*
or K™ affect the humate conformation, the electrostatic charge or the binding of
other cations is unknown.

Aqueous alkalimetric titration has been used to investigate the association
of fulvic and humic acids with Na* or K* (Gawmsie, 1973; Frizapo 1979). GawmsLe
(1973) showed that the amount of fulvic-associated Na™ and K* increased as the
titration progressed. However, alkalimetric titrations present an ambiguous
picture of cation-humate association. Because NaOH and KOH were used as
titrants the increase in cation association with rising pH may have been due to

the greater charge of the dissociating fulvate, the increasing alkali metal cation
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concentration, or both. Interestingly, between pH 5 and 10, Na* exhibited
slightly greater association with fulvic acid than did K*.

In this chapter, I describe an investigation of alkali-metal/humate
interactions that resolves the ambiguity of pH and cation-concentration effects.
Two experimental designs were developed: 1) cation desorption experiments at
pH 1, and 2) discontinuous acidimetric titrations with constant alkali metal
concentration. At pH 1, humic acid is minimally dissociated, so its electrostatic
attraction for aqueous cations should be very small. Association with alkali
metal cations at low pH, then, reflects an intrinsic ability of the humate to bind
such cations directly, possibly via structures similar to crown ethers or cryptands
(Lenn, 1978). In the acidimetric titrations, the humic polyion is negatively
charged, and association with alkali metal cations is expected to be primarily by
electrostatic attraction. Because a constant alkali metal cation concentration is
maintained, the dependence of cation-humate association on the humate charge
can be decoupled from the alkali metal cation concentration.

In any study of humate-cation association, some method is needed to
determine the amount of cation bound. Fluorescence quenching has sometimes
been used to measure the humate-bound cation directly (Saar and Weser, 1980;
Casaniss and Suuman, 1986; Fish, ef al., 1986). More often, however, the "free"
aqueous cation concentration is measured and the bound cation determined by
difference. Several methods have been used in the past to measure the aqueous
cation concentration, including ion selective electrodes (ISEs) and anodic
stripping voltammetry (Turner, et al., 1986; Snuman and Cromer, 1979). These
methods limit the suite of cations amenable to investigation and are subject to
interference from humic materials. Recently, ultrafiltration has been described
as a technique to sample the aqueous phase of humic solutions (Eparam and
Marmsky, 1990; Eparav and Xu, 1989). Ultrafiltration facilitates the investigation
of a wide range of metal cations due to the analytical freedom provided by a

simple aqueous (humic-free) solution. Atomic absorption spectroscopy (AAS),



for example, is a particularly attractive and sensitive method for the quantitative
analysis of many metals. Ultrafiltration and AAS were used to determine

aqueous alkali metal concentrations in this study.

EXPERIMENTAL
Materials and analytical methods

All experiments were performed using samples of the same soil humic
acid. The origin and isolation of this material has been described by Bonn and
Fisu (1991). The total acidity of the material as measured by the barium acetate
method was 7.3 + 0.4 meq/g. Ash content was 1% (by weight) and the
elemental composition (Huffman Laboratories, Golden, CO) was 58% C, 4% H,
35% O, 3% N. The freeze-dried humic acid was stored in a desiccator.

Nitrogen-purged ultrapure water (Nanopure System, Barnstead) and ACS
Reagent Grade chemicals were used for all solutions. Base solutions (LiOH,
NaOH, and KOH) were prepared daily from 1 M stock solutions that were
standardized against potassium hydrogen phthalate. All humic solutions were
prepared and equilibrated in polyethylene labware.

Solution pH was measured using a micro-combination electrode (MI-410,
Microelectrodes, Inc., Londonderry, NH) and a pH meter (EA 920, Orion,
Boston, MA). Alkali metal concentrations (Li, Na, and K) were determined by
flame atomic absorption spectrometry (Model 620, Perkin Elmer, Norwalk, CT).
Samples for AAS analysis were diluted with 1% La(NOj3); in 1 M HCI to control

ionization.

Desorption experiments

Two-gram humic acid samples were dissolved in 35 mL of 0.28 M base
(LiOH, NaOH, or KOH), equilibrated for 4 hours, and then acidified (to pH=1)
with 0.5 M HCL. The final volume was approximately 60 mL. The resulting
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humic precipitate was mixed overnight and centrifuged at 5000 rpm for 20
minutes (~2500 x g). To effect the desorption of cations, about 30 mL of
supernatant was removed, and a comparable volume of 0.1 M HCl dilutant was
added. The humic precipitate was then resuspended and allowed to equilibrate
overnight. All additions and withdrawals were measured gravimetrically. This
process was repeated until the alkali metal cation concentration in the
supernatant was undetectable by flame AAS. Humic-free control solutions were
treated identically to reveal any artifacts caused by sorption to the polyethlyene
bottles.

Acidimetric-titration experiments

Approximately 0.1 g humic acid was dissolved in 100 mL of 0.004 M base
(LiOH, NaOH, KOH, or a mixture thereof) and equilibrated for 4 hours.
Aliquots (10 or 20 mL) were acidified with 0.5 M HCI to yield final net base
concentrations between 0 and 4 meq/g humic acid. After mixing overnight, 2
mL samples of each solution were pipeted into previously conditioned
ultrafiltration units (see next section). Ultrafiltered, humate-free solution
samples were separated from the humic solution. At least 3 replicates were
prepared for each humic solution. To minimize contamination with CO,, all
solution transfers were performed under flowing N, and into N,-purged vessels.

The mass of alkali metal that was associated with humic matter was

determined by difference using

total cation - (free aqueous cation concentration * aqueous mass)
mass of humic acid

associated cation =

The aqueous mass was taken as the total mass of the humic solution minus the
mass of dry humic acid; no provision was made for a separate humic phase.

The free aqueous cation concentration in the humic suspension was calculated
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from the alkali metal cation in the ultrafiltrate as described in the following
section.
Ultrafiltration

To avoid artifacts, some care must be exercised when using ultrafiltration
to sample humic solutions. Only a small fraction of the sample should be
filtered to minimize humic conformational changes and shifts in the acid-base
and complexation equilibria due to increasing the concentration of humic
material (EparaM and Marmsky, 1990; Bonn and Fisu, 1991). The humic matter
should not interact with the membrane filter, nor should it be transmitted
through the filter. The ultrafiltration procedure should also be tested with
humic-free cation solutions to determine if the cation of interest is quantitatively
transmitted through the filter; if not, a calibration curve must be prepared. The
quantitative transfer of cations can sometimes be improved by first
"conditioning" the ultrafilter membrane before use.

Centrisart I ultrafiltration units (SM13229, Sartorius, Gottingen, Germany)
were used to separate a small amount of the aqueous phase from the humic
suspensions. Each unit consisted of an outer tube and an inner, floating tube
fitted with a membrane filter (nominal cutoff: 5000 daltons). The humic sample
was placed in the outer tube. Separation was accomplished by centrifugation
for 30 minutes at 3500 rpm and ambient temperature (~1200 x g). Typically, 200
to 300 ul of ultrafiltrate were produced.

Even after flushing with ultrapure water, new Centrisart units exchanged
H* for alkali metal cations, significantly altering both the pH and the cation
concentration of the ultrafiltrate. Consequently, a procedure was devised that
involved "washing" the Centrisart units to remove easily exchangeable cations.
Before use, the units were washed twice with phosphate buffer (0.1 M
KNaHPO,, pH=9), rinsed thoroughly with ultrapure water, and then washed
three times with ultrapure water. Each wash consisted of centrifuging a unit

with 2 mL of solvent (phosphate buffer or ultrapure water) for 15 minutes and
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then discarding both the filtrate and concentrate. The outer tubes and caps were
air dried. The inner (filter) tubes were soaked in ultrapure water for 24 hours,
removed immediately before use, and dried with Kimwipes (Kimberly-Clark),
taking care not to touch the filter membrane. A similar procedure was used to
clean the Centrisart units after humic acid experiments. The units were rinsed
to remove most of the humic material and then subjected to the wash regimen
described for new units. The performance of the ultrafilter membrane in these
experiments did not seem to deteriorate with repeated use. The incidence of
membrane rupture, however, did increase with age. Generally, a Centrisart unit
was used three times and then discarded.

To check for cation sorption by the ultrafiltration system, humic-free LiCl,
NaCl, and KCl solutions, spanning a concentration range of 0.5 to 5 M and a pH
range of 3 to 9, were prepared and ultrafiltered in conditioned Centrisart units.
Cation concentrations were determined in the unfiltered solutions, ultrafiltrates,
and concentrates. Despite the conditioning pre-treatment, some ion-exchange
occurred during filtration, reducing the cation concentration in the ultrafiltrate
by about 5%. An empirical relationship between the concentrations of the
unfiltered solutions and their corresponding ultrafiltrates was determined for
each alkali metal cation using multiple regression methods. The alkali metal
concentration and the product of the alkali metal and H* concentrations were
determined to be the best predictor variables. These empirical relationships
were applied to ultrafiltrate concentration data to obtain the free aqueous alkali

metal concentrations.

RESULTS AND DISCUSSION
Desorption experiments
At pH 1, small amounts of alkali metal cations were bound to the humic

acid, with the strength and extent depending on the cation type. The results to
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these experiments are most easily understood in the context of model
representations. Cations in the desorption experiments might be expected to
follow one of several models: linear sorption, Langmuirian sorption, or no

sorption. The linear and Langmuir models are given by

M. bM
M, = K-M and M= 2 9
i A bMaq

respectively, where M; is the mass of sorbed cation per mass of sorbent, M,, is
the aqueous cation concentration, K is the linear association consant, M7 is the
maximum sorbed cation concentration, and b is the adsorption coefficient. The
general characteristics of each of the three sorption models are illustrated in
Figure 9. Notice that the dilution curves for both the linear and no sorption
models appear to be linear when plotted on a log-log scale. The slope of the no
sorption case will always be unity. The dilution curve of the linear model will
deviate from constant slope if the volumes of supernatant removed and dilutant
added vary during the desorption experiment. Provided these two volumes are
fixed, the dilution curves using the linear sorption model will be linear on a
log-log scale and have a slope less than 1. The initial supernatant cation
concentration is also significantly reduced for the linear model, due to the mass
sorbed to the solid phase. This is not the case, however, for the initial
supernatant cation concentration predicted by the Langmuiran model. When
the maximum number of sorption sites is much less than the initial total
equivalents of cation, the beginning of a Langmuirian dilution curve will be
indistinguishable from that of the no sorption model. As the supernatant cation
concentration is reduced by repeated dilution, cations begin to desorb from the
humate, causing the supernatant concentration to be greater than that expected
from dilution alone (no sorption case). As the cation concentration becomes
increasingly dilute, sorption is no longér limited by the number of sites and the

slope of the Langmuirian dilution curve approaches that of the linear model.
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Figure 9. Characteristic dilution curves for desorption experiments assuming
three sorption models: no sorption (——), linear sorption (---), and Langmuir

sorption (----). Aqueous cation concentrations are expressed in arbitrary,
normalized units.
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The desorption of Na* and K* from pH 1 humic acid exhibit dilution
curves indicative of Langmuir-type adsorption (Figure 10a). The dilution curve
of Li* was indistinguishable from control data (Figure 10b), indicating little or
no sorption of Li* by the humic acid. The data were fitted to a Langmuir model
using a non-linear, weighted least squares optimization routine. The downhill
simplex method (Press, et al., 1989) was used as the optimization technique. The
optimized values are given in Table III. Significantly more sites were available
for K* than for Na* perhaps because of steric hindrance of the more highly
hydrated Na™ ion. The adsorption constant for K*, however, was less than that
for Na™*, indicating that Na™ is more tightly bound. This ordering of cation
binding strength (Na® >K™) is typical of coordination complexes with carboxylic
acids. Li-carboxylate complexes, however, are generally more stable than either
Na* or K* complexes. The absence of detectable Li* binding to the humate
polyelectrolyte may be due to steric exclusion of the comparatively large
hydrated Li* ion.

TABLE III. Optimized Langmuir Model Parameters

cation b x 10, kg/mol M? x 10°, mmol/gHA
Na* 3.7 [3.3 - 4.2)° 1.2 [1.1-1.3]2
K" 0.51  [0.45- 0.60]° 15 [13 - 16)?

2estimated 95% confidence interval

Discontinuous acidimetric titrations.

The pH values of the humic solutions before ultrafiltration define an
acidimetric titration curve for this soil humic acid that exhibited the lack of
equivalence points characteristic of humic acid titrations (Figure 11). The

moderate amount of scatter in the data is probably due to the discrete nature of
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Figure 10. Aqueous cation concentrations as a function of the dilution ratio for a) desorption experiments
with humic acid, and b) control experiments (without humic acid). The dashed lines represent the dilution
curve calculated using the optlrruzed Langmuir parameters for Na (----) and K (==-). The solid line is the
best fit of the control data assuming a no sorption model (r?=0.999; slope=0.996 + .008, a=0.95).
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Figure 11. The relationship between the pH values of humic solutions before
ultrafiltration and the net amount of base added. The cation concentrations
given are the total concentrations and not the free aqueous concentrations. The
mixed cation solution is 35% (mol/mol) Li, 31% Na, and 35% K.
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these measurements; each data point represents a different sample solution.
Notic