CHEMICAL
GEOLOGY

INCLUDING

ISOTOPE GEOSCIENCE

ELSEVIER

Chemical Geology 140 (1997) 1-7

Aqueous Si-oxalate complexing, oxalate adsorption onto quartz,
and the effect of oxalate upon quartz dissolution rates

Simon R. Poulson *, James |. Drever, LisaL. Stillings
Department of Geology and Geophysics, University of Wyoming, Laramie, WY 82071-3006, USA
Received 3 September 1996; revised 22 October 1996; accepted 6 December 1996

Abstract

Previous experiments have indicated increased dissolution rates of quartz in the presence of oxaate, athough the
mechanism responsible is unclear. Possible explanations include a decrease in solution saturation state due to the presence of
an agueous Si-oxalate complex, or ligand promoted dissolution due to adsorption of oxalate onto the quartz surface.

Formation of an agueous Si-oxalate complex has been investigated by titrating Si(OH), with K ,C,0,. Formation of
proposed Si-oxalate complexes, such as a silicic acid-oxalate ester, should result in pH shifts of the titration curve compared
to blank titrations. At an initial pH 5-6, titrations of Si(OH), solutions are identical to blank titrations (after correcting for
the buffering effect of silicic acid), indicating that Si-oxalate complexing is negligible.

Oxalate adsorption onto quartz surfaces was studied for short-term (4-5 h, pH 4.3-7.1, oxalate = 5-20 wM) and
long-term (1 week, autoclaved, pH 6.3—7.0, oxaate = 10-40 u M) experiments. Oxalate adsorption under these conditions
is negligible, with a maximum adsorption of 3.0 X 10~° mol /m?,

The lack of aqueous Si-oxalate complexing and oxalate adsorption onto quartz indicate that these mechanisms will have
no effect upon the dissolution rate of quartz in oxalate solutions. Re-evaluation of quartz dissolution rate data suggests that
oxaate per se has little or no effect upon quartz dissolution rates, and the observed increase in dissolution rates with
increasing oxalate concentration may be due to the corresponding increase of Na* concentration in solution. © 1997
Elsevier Science B.V.
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1. Introduction

The interaction between organic acids and feldspar
has been intensively investigated (see Blum and
Stillings, 1995; Stillings et al., 1996). Much attention
has been focused upon the behavior of oxalic acid,
which is present in soil and rhizosphere environ-
ments (e.g., Syers and Iskandar, 1973; Drever and
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Vance, 1994), forms strong complexes with Ca?*
and AI** (Martell and Smith, 1983; Smith and
Martell, 1989), and may enhance silicate weathering
rates (Drever, 1994; Drever and Vance, 1994).
Dissolved organic compounds are known to inter-
act with quartz in a variety of field environments,
although oxalic acid has not been specificaly impli-
cated. The formation of etch pits on quartz grains in
ground waters with high concentrations of organic
compounds has been observed in a peat bog (Bennett
et d., 1991), and in an aquifer contaminated with
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crude oil (Bennett and Siegel, 1987; Hiebert and
Bennett, 1992; Bennett et a., 1993). Hallbauer and
Jahns (1977) observed the ability of the lichen
Parmelia conspersa to corrode quartz, and while
lichens can produce significant quantities of oxalic
acid, they also produce numerous other chemical
compounds which may be responsible for this corro-
sion (Syers and Iskandar, 1973). Biogeochemical
quartz dissolution by the sponge Chondrosia reni-
formis has also been demonstrated (Bavestrello et
al., 1995), with ascorbic acid being suggested as the
responsible etching agent.

A number of experimental studies of the interac-
tion between quartz and oxalate have been con-
ducted. Dissolution rate studies (Bennett et al., 1988;
Bennett, 1991; Bennett and Casey, 1994; Fein and
Hestrin, 1994; Franklin et a., 1994; Welch and
Uliman, 1996) indicate that quartz dissolution rates
increase in the presence of oxaate, although total
quartz solubility is only dlightly increased. Bennett et
al. (1988) have suggested a decrease in solution
saturation state due to agueous Si-oxaate complex-
ing, or the adsorption of oxalate onto the silica
surface, weakening framework Si—O-Si bonds, as
possible explanations for the observed increased dis-
solution rates in the presence of oxalate.

A number of possible aqueous Si-oxalate com-
plexes have been proposed. For example, unidentate
and bidentate silicic acid-oxalate esters, and hydro-
gen-bonded species, might form as follows:

Unidentate ester:
Si(OH), + C,0;~ = Si(OH);C,0, + OH™ K,

(1)
Bidentate ester:
Si(OH), + czof— = Si(OH)ZCZOjf +20H" K,
(2)

Hydrogen-bonding:

Si(OH), + C,0;" = Si(OH)4C2027 Ky (3
Spectroscopic studies of agueous Si-oxalate com-

plexing yield conflicting results, with the work of

Marley et al. (1989) indicating the formation of a

silicic acid-oxalate ester, but the work of Tait et al.,

1997 (in prep.) found no evidence for covalent com-

plexation between silicic acid and oxalate. Instead of
a silicic acid-oxalate ester, Ohman et al. (1991)

found evidence for the formation of a weak silicic
acid-oxalate hydrogen-bonded complex (log K, =
0.04). There are no studies available in the literature
investigating the adsorption of oxaate onto quartz
surfaces. Comparing Egs. (1) and (2) with Eq. (3), it
is apparent that silicic acid-oxalate esterification lib-
erates hydroxide, whereas formation of a hydrogen-
bonded complex does not. Hence, if significant ester-
ification takes place, the pH of a solution should
shift to a higher value.

Our study has investigated possible agueous Si-
oxalate complexing by a potentiometric titration
method. We also investigated the adsorption of ox-
date onto quartz, in order to try to identify the
mechanism(s) responsible for increased quartz disso-
Iution rates in the presence of oxalate.

2. Experimental methods

The formation of an aqueous Si-oxalate complex
has been studied by titrating 2 mM Si(OH), with 0.5
M K,C,O, at an initial pH of 5 and 6 at 22°C.
Blank titrations (without Si(OH),) were also con-
ducted, and all titrations were performed in the
presence of 0.1 or 1 M NaNO3 as a background
electrolyte. Si(OH), solutions were prepared using
Na,Si0;.9H,0, and adjusting the pH with HNO,.
Oxalate solutions were prepared using K ,C,0,.H,0,
and adjusting the pH to 5 or 6 with HNO;. Solutions
were purged with N, to exclude CO,, and stirred
with a teflon-covered magnetic stir bar inside a
polyethylene container. pH was measured with an
Orion Ross Sure-Flow combination electrode and a
Beckman $21 pH meter. pH measurements were
taken two minutes after the addition of each titrant
aliquot. Titrations of Si(OH), and background elec-
trolyte with HNO3 were performed in a similar
fashion.

Adsorption experiments were performed at 22°C
using quartz powder (—325 mesh, 45 wm) with a
BET surface area (three point N, method) of 1.33
m?/g. All experiments used a suspension of 250 g
quartz/kg solution, and were performed in poly-
ethylene or polypropylene containers. Oxalate was
added as a K,C,0, solution, and the pH was ad-
justed (if necessary) with HNO,. Short-term experi-
ments (4-5 h) were conducted at pH 4.3-7.1, with
oxalate concentrations of 5-20 wM. Typicaly, dis-
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solution experiments have used oxalate concentra-
tions in the range of 1-20 mM. Lower oxaate
concentrations were used in our experiments, in or-
der to lower the detection limits of oxalate adsorp-
tion. Long-term experiments (1 week) were auto-
claved at 121°C for 30 min, to prevent microbial
degradation of oxalate. Solutions were sampled at 1
h and 1 week after autoclaving. Long-term experi-
ments were conducted at pH 6.3—7.0, with oxaate
concentrations of 10-40 M. All samples were
filtered through an 0.45 pum syringe filter, and ox-
alate concentrations were measured with a Dionex
DX-100 ion chromatograph, with an AS-4A column
and an AG-4A guard column, using a carbonate-bi-
carbonate eluent. Quantity of oxalate adsorbed was
calculated by difference, subtracting measured ox-
aate in solution at 4-5 h vs. initial oxalate (short-
term experiments), or by subtracting measured ox-
aate at 1 week from measured oxalate at 1 h (long-
term experiments).

Solution speciation calculations were performed
using MINTEQAZ2 (Allison et al., 1991), after addi-
tion of formation constants for K-oxaate and Na
oxalate complexes (Smith and Martell, 1989) to the
MINTEQA2 database.

3. Results
3.1. Aqueous S-oxalate complexing

Titration curves of Si(OH), with oxalate are pre-
sented for initial pH values of 5 and 6 in Figs. 1 and
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Fig. 1. Titration of K ,C,0, vs. 2 mM Si(OH),, initial pH 5. All

titrations have 0.1 M NaNO; as a background electrolyte. Each
point represents an average of five titrations, one o error bars.
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Fig. 2. Titration of K,C,0, vs. 2 mM Si(OH),, initial pH 6. All
titrations have 1 M NaNO; as a background electrolyte. Each
point represents an average of five titrations, one o error bars.

2, respectively. Fig. 1 demonstrates that, within ana-
lytical uncertainty, there is no difference between the
titration curves obtained for Si(OH), and blank solu-
tions at pH 5. Fig. 2 demonstrates an initial diver-
gence in titration curves at pH 6, with convergence
at higher oxalate concentrations. Titration of Si(OH),
with HNO; indicates that dissolved silica acts as a
pH buffer at pH 6, but not at pH 5 (Figs. 3 and 4).

Si-oxalate complexing has been modeled by per-
forming a MINTEQA2 (Allison et a., 1991) calcula
tion of titration of oxalate vs. Si(OH),, at an initia
pH 6, for various possible Si-oxalate complexes: the
results are presented in Fig. 5. Calculations have
been performed using K ,C,0, as atitrant, and with
1 M NaNO; as a background electrolyte for: a blank
titration; 2 mM Si(OH),, with no Si-oxalate com-

5.0

4.9

4.8

pH

4.7

[—o— Blank
--m--2 M Si(OH),

4.6

45 T T T T
0 4010°  8010° 1210° 1610° 2010°

Added HNO3 concn. (M)

Fig. 3. Titration of HNO; vs. 2 mM Si(OH),, initial pH 5. All
titrations have 0.1 M NaNO; as a background electrolyte. Each
point represents an average of two titrations, one o error bars.
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Fig. 4. Titration of HNO; vs. 2 mM Si(OH),, initia pH 6. All
titrations have 1 M NaNO; as a background electrolyte. Each
point represents an average of two titrations, one o error bars.

plexing; 2 mM Si(OH),, with formation of a uniden-
tate Si-oxalate ester (c.f. Eq. (1), log K, = —8.5); 2
mM Si(OH),, with formation of a bidentate Si-
oxalate ester (cf. Eq. (2), log K, = —16.5); and 2
mM Si(OH),, with formation of a Si-oxalate hydro-
gen-bonded complex (cf. Eqg. (3), log K, = 1.5).
The values assigned for K,, K,, and K, are for
illustrative purposes only, and are intended to
demonstrate the effect of Si-oxalate complex forma
tion upon the observed titration curves. Smaller val-
uesof K,, K,, and K, will result in titration curves

6.00 —o— Blank
---m--2mM Si(OH)A:no complex
5.98 —l —o— 2mM Si(OH),: unidentate ester, log K =-8.5
-+ -2mM Si(OH)A:bidemate ester, log K2 =-16.5
5.96 g - -A- -2mM Si(OH)A:H-bonded complex, log KH =15

5.94 14

pH

592 7 ,
5.90 7

5.88 - A

586 T —TT T T

Oxalate concn. (mM)

Fig. 5. MINTEQAZ2 calculations of titration of K,C,0, vs. 2mM
Si(OH),,, initid pH 6, for various possible Si-oxaate complexes,
in the presence of 1 M NaNO; as a background electrolyte. See
Egs. (1)—(3) for the relevant formation equations for the uniden-
tate ester, bidentate ester, and hydrogen-bonded complexes, re-
spectively. Log K values used in the calculations are for illustra-
tive purposes only, in order to demonstrate the expected shapes of
the titration curves. See text for discussion.

being shifted closer towards the curve calculated for
2mM Si(OH), with no Si-oxalate complexing. While
pH titration curves calculated using MINTEQA?Z2 are
significantly different from those measured experi-
mentally (Fig. 2), the shapes of the titration curves
are very similar. The difference between the calcu-
lated and measured values is attributed to the inabil-
ity of MINTEQAZ to accurately model activity coef-
ficients in these high ionic strength solutions (1 M
NaNO,).

As expected, calculations for the formation of
unidentate and bidentate Si-oxalate esters indicate a
shift in the titration curves to higher values of pH,
due to the liberation of hydroxide during ester forma-
tion (Egs. (1) and (2)). However, the curves show no
sign of convergence with the blank solution at higher
oxalate concentrations, as observed in the titration
experiments (Fig. 2). The calculation for the forma-
tion of a Si-oxalate hydrogen-bonded complex indi-
cates a shift in the titration curve to lower values of
pH. The shift to lower values of pH was unexpected,
as Eqg. (3) does not directly involve the production of
acidity. A possible explanation of this shift is that
oxalate is tied up as the Si-oxalate complex, leaving
a lower oxalate activity in solution (for a given total
oxalate concentration) to buffer the initial drop in
pH. In any case, this curve also shows little sign of
convergence with the blank solution at higher ox-
alate concentrations.

Additional MINTEQAZ2 calculations of the titra-
tion of oxaate vs. 2, 4, or 10 mM Si(OH),, at an

—o— Blank

-2 mM Si(OH),
I —0— 4mM Si(OH),
5.96 % - -4~ - 10 mM Si(OH),

pH

Oxalate concn. (mM)

Fig. 6. MINTEQAZ2 calculations of titration of K,C,0, vs. 2, 4,
or 10 mM Si(OH),, initial pH 6, with no Si-oxalate complexing.
All titrations have 1 M NaNO; as a background electrolyte.
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initial pH 6, without Si-oxaate complex formation,
have been performed to investigate the pH buffering
effect of Si(OH),, and the results are presented in
Fig. 6. Thetitration curvesin the presence of Si(OH),
show an initial divergence from the blank solution,
with convergence at higher oxaate concentrations.
The shapes of these curves are very similar to the
titration curves obtained experimentally (Fig. 2). The
difference in the calculated vs. measured values is
again attributed to the inability of MINTEQAZ2 to
accurately model activity coefficients in these high
ionic strength solutions.

3.2. Oxalate adsorption onto quartz

Adsorption reactions are typically considered to
be relatively rapid, reaching completion in a couple
of hours (Stumm, 1992; Stumm and Morgan, 1996).
Hence, the mgjority of the adsorption experiments
were performed with 4-5 h of contact time with
guartz, over an experimental pH range of pH 4.3-7.1
(Fig. 7). Spectroscopic work by Bennett et al. (1988)
suggested that aqueous Si(OH),—organic acid com-
plexation may take place over longer time periods
(> 5 days). Therefore, some adsorption experiments
were performed with 1 week of contact time with
quartz. As most dissolution experiments have been
performed at pH 7 (Bennett et al., 1988; Bennett,
1991), the experiments were performed at pH 6.3—7.0
(Fig. 8.

Both Figs. 7 and 8 show negligible adsorption of
oxalate. Considering analytical uncertainties, there

25
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Fig. 7. Oxalate adsorption onto quartz, 4-5 h duration.
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Fig. 8. Oxalate adsorption onto quartz, pH 6.3—-7.0, one week
duration. Some error bars are approximately the same size as the
symboals.

could have been a maximum decrease of oxalate
concentration of one wM due to adsorption, which
equates to a maximum oxalate adsorption of 3.0 X
107° mol/m?. Using a vaue of five surface
“‘sites’ /nm? (Schindler, 1981), this corresponds to
a maximum of 3.6 X 10°* oxalate ions
adsorbed /‘*site’”.

4, Discussion

Titration of Si(OH), with oxalate indicates that,
within analytical uncertainty, there is no difference
in the ftitration curves obtained for Si(OH), and
blank solutions at pH 5 (Fig. 1). Similar titrations at
pH 6 (Fig. 2) indicate an initial divergence of titra-
tion curves for Si(OH), and blank titrations, with a
convergence of titration curves at higher oxalate
concentrations. MINTEQA2 modeling (Fig. 5) indi-
cates that significant Si-oxalate complex formation
should result in little or no convergence of the
titration curves at higher oxalate concentrations. The
initial divergence of titration curves a pH 6 is
produced by the small pH buffering effect of Si(OH),
at this pH, as indicated by titrations with HNO; (Fig.
3) and additional MINTEQA2 modeling (Fig. 6).
Hence, the data imply negligible Si-oxalate complex
formation at pH 5 and 6. This would result in a
minimal decrease in the solution saturation state
during the dissolution of quartz, and therefore would
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have a minimal effect upon the dissolution rate of
quartz.

Adsorption experiments indicate negligible ad-
sorption of oxalate onto quartz, with a maximum
oxalate adsorption of 3.0 10~° mol /m?, corre-
sponding to a maximum of 3.6 X 10~* oxalate ions
adsorbed /**site’’. It seems unlikely that these very
low concentrations of adsorbed oxalate will have any
significant effect on framework Si—O-Si bonds, and
hence they should have little effect upon dissolution
rates of quartz.

A possible explanation for the apparent increase
in quartz dissolution rates may be provided by a
re-examination of some of the origina dissolution
rate data. Dove and co-workers (Dove and Crerar,
1990; Dove and Elston, 1992; Dove, 1994) have
clearly demonstrated that quartz dissolution rates
increase in the presence of NaCl (also recognized by
Bennett, 1991). Quartz dissolution rate data in the
presence of NaCl and Na,oxalate is plotted vs. Na*
concentration in Fig. 9, and illustrates that the disso-
[ution rate in the presence of Na,oxalate is essen-
tialy the same as the dissolution rate in the presence
of NaCl with the same Na* concentration. Hence, it
appears that the effect of oxalate per se upon quartz
dissolution rates is small or zero, which would be
consistent with the lack of significant agueous silicic
acid-oxalate complex formation, and the lack of
significant adsorption of oxalate onto quartz surfaces
observed in this study.

-14.5

O NaCl

- W Na oxalate
o )

o 150 1 o,
£ e
o
s o
£ 155 pae
P .

o . “

: 5N
£ -16.0 1 e NaCl rate
3 -

o
3
2
5 165 1
o
= al Na,oxalate rate

oo o
-17.0

1 10 100 1000
Na* conen. (mM)
Fig. 9. Quartz dissolution rate vs. Na* concentration, at 25°C, pH

7. Numbers next to oxalate data represent oxalate concentrations
(mM). Data from Bennett et al. (1988) and Bennett (1991).

5. Conclusions

Potentiometric titrations of Si(OH), with oxalate,
and investigation of the adsorption of oxalate onto
quartz have found:

1. no evidence for the significant formation of an
aqueous silicic acid-oxalate complex; and

2. no evidence for any significant adsorption of
oxaate onto quartz surfaces.

Re-evaluation of quartz dissolution rate data sug-
gests that dissolution rates in the presence of
Na,oxalate are essentially the same as dissolution
rates in the presence of NaCl of equivalent Na*
concentration. Hence, the effect of oxalate per se
upon quartz dissolution rates appears to be small or
zero, consistent with the lack of agueous silicic
acid-oxalate complex formation and the lack of ox-
alate adsorption onto quartz surfaces observed in this

study.
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