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ABSTRACT

A model is proposed to explain the relative pH stability in pore water of recent anoxic
marine sediments. Oceanic data are not inconsistent with a model which assumes that the
pH of the pore waters is controlled by the byproducts of organic decomposition, sulfate
reduction, and precipitation of sulfide and carbonate. The model predicts that the pH of
pore waters should remain in the range 6.9 to 8.3, which is in agreement with measured

values.

Anoxic marine sediments generally con-
tain active sulfate-reducing bacteria (ZoBell
and Rittenberg 1948) which oxidize organic
matter through the reduction of sulfate to
sulfide. This process consumes sulfate
from the pore water and produces a variety
of protolytic species, such as HyS and NH,,
whose amount is large in comparison to
their amount in the original seawater. For
example, Presley (1969) has found that the
concentration of dissolved CO. in pore
water of recent sediments (e.g. Saanich
Inlet, B.C.) may reach the value of 60
mmole kg, about 30 times the total CO;
concentration in the overlying waters.

Despite the vast amount of protolytic
species added to the pore waters during de-
composition of organic matter, the pH of
pore water of recent marine sediments is
fairly constant and rarely exceeds the limits
pH 7.0 to 8.2. This stability can better be
exemplified, perhaps, if one considers the
buffer capacity of seawater with respect to
dissolved CQOs. This parameter (8COz)
is defined here as the incremental change in
total dissolved inorganic CO, required to
shift the pH of a solution by one pH unit.
The buffer capacity of average seawater
was calculated using the method of Ben-
Yaakov (1970a) for seawater with total
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alkalinity of 2.2 mmole kg™ (Fig. 1). Maxi-
mum buffer capacity is reached at low pH
values below the first apparent dissociation
constant of carbonic acid (pK;) which is
about 6.0 (Lyman 1957), but the buffer
capacity around the pH of ocean and pore
waters is very low and does not exceed 0.5
mmole kg pH™. That is, an addition of
0.5 mmole kg of CO, will reduce the pH
of seawater by more than a pH unit. It is
therefore surprising that the concentration
of CO; in pore water of marine sediments
may reach values of 60 mmole kg™, and
yet show pH shifts less than one unit. It
is evident that the increase in CO, must be
counter balanced by other processes that
tend to increase the pH of seawater (such
as the production of ammonia and increase
in total alkalinity) so that the net balance
results in a fairly constant pH.

The purpose of this study is to examine
the chemistry of pore water of anoxic
marine sediments and to propose a model
that many explain mechanisms controlling
its pH. The derived relationships will then
be compared to field data. The pH buffer-
ing model presented here differs from the
model of Thorstenson (1970) in that it
considers the roles of diffusion and chemical
equilibria with solid phases and does not
assume thermodynamic equilibria between
all the species.

A METHOD FOR PDH CALCULATION

It is convenient to divide the ions in a
complex system, such as seawater, into pro-
tolytic and nonprotolytic species. Protolytic
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Fig. 1. Buffer capacity of seawater with re-
spect to total dissolved CO-. (broken line). Solid
line represents the concentration of total dissolved
CO: at any given pH. Curves are for TA =2.2
meq kg™ (based on data in Ben-Yaakov 1970b).

ions are defined as ions of weak acids or
weak bases; a “weak acid” (“weak base”)
is defined here as one whose total anionic
(cationic) charge changes appreciably over
the pH range of interest. The principle of
charge neutrality requires that the net total
charge (i.e. the difference between the total
charge of the cation and the total charge of
the anions) held by the protolytic ions
(Qpr) be balanced against the net total
charge held by the nonprotolytic ions
(Qyr). Namely:

Qp+ Qyr=0 (1)
The value Qp (or Qyp) is closely related
to the parameter “alkalinity” or “titration
alkalinity” (Anderson and Robinson 1946)
which is often used in chemical oceanog-
raphy. However, this equivalency breaks
down when the sample water contains weak
bases such as ammonia. Total alkalinity
(TA) of a given solution is equal to the
charge held by ions of weak acids (HCOj",
CO;2-, etc.) plus the concentration of the
undissociated bases such as NH,OH, but
does not include the concentration of NH,*.
These differences may result in some con-
fusion and the term alkalinity will not be
used here in conjunction with pore waters.
In open ocean waters:

TA = |Qye| = |Qxl. (2)

The total charge held by each part of
the solution (Qp and Qyp) is invariant with

respect to addition (or removal) of weak
acids, weak bases, or gases to the solution.
This is so because the addition of a weak
acid, for example, does not add any net
charge to Qp since the charges of the added
anions are balanced against the charge of
the added hydronium ions.

The total charge held by a weak mono-
basic acid (Q4;) can be calculated from:

!

K
Qu= —T(acid)m,
where T(acid) is the total concentration
(dissociated plus undissociated species) of
the acid in the solution, K’; is the apparent
dissociation constant of the acid and aH*
is the activity of the hydronium ion. Ap-
parent dissociation constants rather than
thermodynamic constants are used to per-
mit analysis in terms of concentration rather
than activities. The error in applying the
apparent constant (which can be defined
only for solutions of constant composition)
to pore water is probably insignificantly
small, because the ionic strength of inter-
stitial water of unlithified sediment is

similar to that of the overlying seawater.
The total charge held by the ions of a

dibasic acid can be calculated from:

K’] aH* + 2K’1 K’z (4)
[aH*]2+ KyaH* 4+ K1 K’y
where K’y and K’s are the first and second
apparent dissociation constants of the acid.
Similarly, the total charge held by the

cation of a monoacidic base can be calcu-
lated from the expression:

(3)

QAZ = —T(acid)

KI

Qn1 = T(base) (aH20-KW/aH*)’(5)
where Ky is the thermodynamic dissocia-
tion constant of water and aH,O is the
activity of water at the given ionic strength.

The apparent dissociation constant of a
weak acid is related to the thermodynamic
constant by:

— K . 'YBOH
yB+ °

K (6)
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where yBor and yB* are the activity co-
efficients of the base and its cation, re-
spectively.

The pH of a solution containing both
weak acids and weak bases can now be
calculated from the expression:

Qr=305+30Q,+[H']-[OH], (7)

where Qp is the total charge held by the
protolytic ions, 3 Qp and 3 Q4 are the total
charges held by the weak acids and weak
bases, and [OH-] and [H*] are the con-
centrations of the hydroxyl and hydronium
ions in solution. The right side of equation
7 is a function of the total concentrations of
the weak acids and weak bases, their ap-
parent dissociation constant and aH*. If the
concentrations, the apparent dissociation
constants, and Qp are known, one can solve
the last equation for pH defined by:

pH = -log (aH"). (8)

The concentrations of [H*] and [OH-],
over the pH range of natural waters, are
extremely small when compared to the total
charge, Qp. These species can, therefore,
be eliminated from equation 7 without in-
troducing an appreciable error in the
results.

Equation 7 is a high order equation in
aH* as Q4 and Q3 can be calculated from
equations similar to equations 3, 4, and 5.
It can be solved by an iteration procedure
similar to the one proposed by Ben-Yaakov
(1970b), in which pH is incremented until
the magnitudes of the two sides of the
equation approach each other to within the
required precision.

Examination of equation 7 reveals that
a given reaction can change the pH of a
solution either by changing Qp (which
must be accompanied by a corresponding
change in Qyp) or by adding (or removing)
a weak acid or base. An example of the
first condition is pH buffering due to sili-
cate reaction, as proposed by Garrels

(1965):

ZNaAlSigog
+ Hzo +2H*«= 2Nat+ + AlelQOa(OH) 4

+4Si0,. (9)

In this reaction, H* is replaced by Na* in
solution, which has the net effect of trans-
ferring charge from Qp to Qyp.

DEVELOPMENT OF A MODEL

The equilibrium pH of a parcel of pore
water depends on the chemical reaction
within it as well as on diffusive gain or loss
of various components. To simplify the dis-
cussion, a closed system model will first be
developed, and the effects of diffusion will
be considered at a later stage.

Using the concept of average composition
of marine organic matter (Fleming 1940),
one can write a generalized reaction for de-
composition of organic matter in marine
sediments through bacterial sulfate reduc-
tion (Richards 1965) as:

Y53 (CH20) 106 (NH3) 16H3PO4
+ SO42_ b d CO2 + HCOg_ + HS-+ Hzo
+ 1% NH; + %s HsPO,. (10)

When writing this general reaction, one
assumes that the ratio of C:N:P in average
organic matter is 106:16:1 as proposed by
Redfield et al. (1963). It should be
emphasized, however, that slight variations
in this ratio will not affect the results pre-
sented here. Equation 10 demonstrates that
bacterial sulfate reduction should shift the
pH of pore waters, as it involves the two
reactions mentioned above. There is a net
transfer of charge from Qy» to Q» (SO,
is replaced by HS- and HCO;") and both
weak acids (CO,, H;PO,) and a weak base
(NH,OH) are added to the waters. If the
original alkalinity of the seawater (TA,) is
given, one can calculate the pH of the pore
waters by solving equation 7 for these con-
ditions. Namely,

2480,2 - TAy = TC-F(CO,) + TS F(H.S)
+ TP-F(H,PO,)
+ TN -F(NH,OH)
+ TB-F(H;BOs)
-[OH-]+[H*]; (11)

AS04% (negative value) is the amount of
sulfate removed; TC, TS, and TP are the con-
centrations of total dissolved COs, total dis-
solved H,S, and total dissolved H3;PO,; TB
is the total dissolved borate and TN the
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total dissolved ammonium, respectively.
The functions (F) are the expressions in
equations 3, 4, and 5 which incorporate aH*
and the apparent dissociation constants of
the weak acids and bases.

Two additional reactions may shift the
pH of the pore water : carbonate and silicate
reaction. Solution or precipitation of cal-
cium carbonate both changes the con-
centration of TC, and also removes (or

adds) charges to Qp.

CaCO,g =2 Ca? + C032_. ( 12)

If such a reaction has taken place, one can
calculate the equilibrium pH by correcting
TC by the value ACa? and adding the
charge — 2 ACa?* to the left side of equation
11. Similarly, one can take into account a
silicate reaction by correcting for the
charge added or removed (the net change
in charge can be traced by examining the
concentration of the cations).

An additional reaction that should be
considered here is the precipitation of
sulfides from the water, mainly in the form
of iron sulfides (Berner et al. 1970). The
net result of this reaction is to remove the
weak acid HyS from the system, which will
therefore shift the pH of the waters (equa-
tion 11). Note that this reaction does not
change Qp if the iron enters the system as a
weak base (an oxide) and the reaction,
therefore, does not involve a charge trans-
fer between the protolytic and nonproto-
Iytic species.

Consider now a parcel of pore water (as-
sumed to be a closed system) in which
organic matter is decomposed through sul-
fate reduction. Using the ratios from equa-
tion 10, one can rewrite equation 12 as a
function of the amount of sulfate reduced
(AS0,2-) and the initial composition of the
water:

9450, — TAo = (TCo— 245042 - F(CO»)
- ASO42—'F(H25)
1953 ASO42- - F (NH,OH)
+ (TP() - %3ASO42_) .
~[OHT+[H].  (13)

This equation can now be solved for any
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Fig. 2. Predicted pH of pore water of anoxic
marine sediments as a function of the amount
of sulfate reduced, for different sulfide concentra-
tions: TS = -ASO:* (curve a), TS = 0.2 ASO.*
(curve b), TS =0 (curve c).

stage in the process. The expected pH
variation as a function of sulfate reduced
was calculated (Fig. 2, curve a) for normal
seawater of 35%. salinity at 25°C, TA,=
2.2 meq kg, TCy = 2 mmole kg, TP, =0
(the original concentration of phosphate in
seawater is negligibly small in comparison
to that due to the decomposition of organic
matter), and TB = 0.414 mmole kg'. The
apparent dissociation constants of carbonic
acid are Lyman’s (1957), the apparent dis-
sociation constants of phosphoric acid were
taken from Kester (1966), and the apparent
constant of H,S and NH,OH are after
Presley (1969). It should be emphasized
that the accurate value of the various con-
stants is unimprotant if only a rough esti-
mation of pH is desired. A variation of 25%
in the constants will change the equilibrium
pH by no more than 0.1 pH unit.

It is evident from Fig. 2 that the pH
of the pore water under anoxic conditions
is essentially buffered around a pH value
of about 6.9, if a closed system is con-
sidered. The buffering effect results from
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the fact that the various components enter
the system in a constant proportion, when
the injtial concentration of weak acids and
bases is small in comparison to the by-
products of decomposition. In this calcula-
tion (curve a) it was assumed that all the
sulfide produced remains in solution. In
reality, however, sulfide will precipitate,
and the amount of sulfide to be removed
will depend on the pH, pE, the concentra-
tion of the precipitating metal, and the
solubility of the precipitate.

To examine this case, the calculation has
been repeated for different concentrations
of TS. Curve b in Fig. 2 summarizes the
results for the model TS = -0.2AS0,2,
whereas curve c represents the case in
which all the sulfide disappeared from
solution. The removal of sulfide from solu-
tion has the effect of increasing the pH of
the pore waters, and the maximum pH to
be expected is about 8.3. Curve b, which
resembles the conditions found in anoxic
marine sediments, predicts that the pH of
these sediments should be around 7.9. It
should be noted that although the con-
centrations of the various species are
changed drastically during the sulfate re-
duction process, the maximum calculated
shift is smaller than 1.5 pH units, and if
precipitation of sulfide occurs, a pH change
< 0.5 unit takes place. This range should be
even narrower if one considers that CaCO;
might precipitate at the higher pH range
due to the increase of CO;s2 in the solution.
Shifts in pH may also result from silicate
reactions similar to the reaction of equation
9. The equilibrium pH can be calculated
in this case by correcting the left side of
equation 12 by the total charge transfer,
which will be equivalent to the net change
in concentration of the nonprotolytic
cations.

The closed-system model, presented
above, predicts that the maximum pH shift
in pore water of anoxic sediment should be
in the range pH 6.9-8.3. However, the real
equilibrium condition depends not only on
in situ chemical reactions (both in solution
and between solution and solid phases), but
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Fig. 3. Actual (Qr) and predicted (Q’»)
charge held by the protolytic species in pore water
of anoxic sediments. Qp was calculated by equation
8 and Q’» was calculated from: 2 ASO2 — TAo—
2 ACa*. (Raw data are from Nissenbaum et al.
1972).

also on ionic diffusion to and from the inter-
stitial waters.

The diffusion process has, in general, the
reverse effect of the sulfate reduction
process and would tend, therefore, to re-
store the pH of the pore water to its original
value. However, ionic migration in marine
sediment is a complex function of many
variables such as ionic mobility in seawater,
chemical reaction between jons and sedi-
ment (Kemper and Van Schaik 1966), and
ionic interaction (Ben-Yaakov 1972). Since
virtually no experimental data of ionic dif-
fusion in marine sediment are yet available,
it is not possible to estimate the pH shift
due to diffusion. Nonetheless, equation 7
can be used to calculate the pH of pore
waters irrespective of the diffusion process
because it expresses the charge condition
that must be maintained at all times.

TEST OF THE MODEL

The data to be studied here were ob-
tained by Nissenbaum et al. (1972) during
a comprehensive study of pore water of
sediments from Saanich Inlet (Buritish
Columbia), a fjord characterized by a high
rate of deposition (4 m 1,000 yr?) and high
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Table 1. Major ion concentration in pore water of Saanich Inlet cores
(from Nissenbaum et al. 1972)
Depth  ¢1” wa* k' et me?T 5Pt oy En co, 5P sahT wey PO
(em) moles/liter mM/ 1iter {(mv) mM/1i ter
Core |
0- 15 0.49 0,38 0.0117 0.0077 O0.04hk 0.064 7.6 +330 02.7 0.0 22.9 0.15 0.042
Lo- 50 0.49 0.39 0.0122 0.0057 0.044 o0.042 8.0 ~-120 13.6 3.8 11.5 0.53 0.035
85-100 0.50 O0.40 0.0)117 0.0032 0.042 0.056 7.9 -i4%0 23.7 5.0 00.3 2,05 0.155
135-150 0.50 0.40 0.0143 0.0022 0.047 0.032 8.0 ~130 29.7 0.6 00.7 3.50 0.073
175-185 0.50 0.42 0.0125 0.0019 0.051 0.052 8.0 -120 36.2 1.2 00.3 L4.26 0,122
Core 2
0- 15 0.50 O0.41 0.0125 0.0077 0.043 0,078 7.8 =-060 40.6 0.0 01.3 4.05 0,120
75- 85 0.50 0.41 0.0125 0.0077 0.050 0.081 7.8 4260 49.2 0.0 00.2 8.58 0.115
150-165 0.50 0.41 0.0130 0.0077 0.051 0.082 7.7 +250 50.0 0.0 00.6 10.0 0.091
225-235 0.50 0.41 0.0130 0.0074 0.052 0.080 7.7 +260 51.2 0.0 00.0 4.0 0.136
Core 3
0- 10 0.52 0.4%1 0.0115 0,0077 0.050 0.079 8.0 -100 30.2 5.3 Ol.% 3.71 0.195
50- 60 0,52 0.41 0.0115 0.0072 0.050 0.078 7.6 -140 40.6 4.4 00.3 L.00 0.280
100-110 0.52 0.41 0.0715 0.0077 0.050 0.078 7.6 -130 38.0 3.1 00.3 5.24 0,325
150-160 0.52 0.41 0.0115 0.007%4 0.050 0.078 7.8 -110 36.2 3.1 00.0 6.41 0.420
190-200 0.51 0.40 0.0117 0.0077 0.050 0.075 7.7 =-100 39.1 2.8 00.0 6.71 0.375
Core &4
0- 15 0.50 0.41 0.0115 0.0084% 0.050 0.082 7.7 ~-120 32,4 4,1 o02.2 L.26 0.383
50- 65 0.51 0.41 0.0122 0.0084 ©.050 0.082 7.7 -110 3k.,6 4.1 01.9 7.92 0.358
100-110 ©0.51 0.42 0,0122 0.0077 0.050 0.079 7.8 =-120 36.8 3.8 01.2 10.4 0.333
150-160 0.51 0.41 0.0122 0.0084 0.051 0.079 7.7 -i35 39,7 3.8 00,0 10.6 0.320
200-210 0.51 0.41 0.0120 0,0077 0.050 0.080 7.9 ~-110 42.4 3.4 00.2 9.8 0.363
240~250 0.51 0,40 0.0117 0.,0074 0.050 0.078 7.7 ~-110 40.1 3,1 00.2 9.1 0.29]

concentrations of organic matter in the
sediment (1-5% organic C). The sediment
is anoxic, and sulfate is reduced by bacterial
activity.

Table 1 shows some of the data of Nis-
senbaum et al. (1972). The concentrations
of total dissolved carbon dioxide, phosphate,
ammonia, and sulfide are extremely high in
the interstitial water compared to those in
seawater. Sulfate is depleted in all cores
and completely disappears in some cases.
The negative Eh value measured in three
cores clearly indicates that the environment
is highly reducing. Concentrations of major
ions are fairly constant except for calcium
and strontium, which are depleted in two
cores (1 and 2), probably because CaCO;
precipitated from the interstitial water and
strontium coprecipitated with it (Kinsman

and Holland 1969).

Equation 11 will be used as an idealized
model for pH control in the sediment. The
pH value, obtained by direct measurement,
can be used to calculate the total net charge
held by the protolytic ions (see equation 7)
and compared to the expected Qp:

Qr = 2480,% - TA, - 24Ca%. (14)

Figure 3 compares the calculated and
predicted values for the data given by Nis-
senbaum et al. (1972). The scatter of the
calculated points around the theoretical
line is probably due to the uncertainties in
the concentration of the protolytic species.
The partial pressures of the gases CO,
and H,S are fairly high in the solution,
and some of the gases may have escaped
during handling. Nevertheless, the plot of
Fig. 3 demonstrates, at least in a statistical
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Table 2. Comparison of pH, CO, and IP:K'sp (calcite) before and after CaCOs precipitated from
the pore water of core 1 of Saanich Inlet (raw data from Presley 1969)

%

* col- co
I()ig;:h pH pH (mmolelkq) (mmoleZkg) IP:K'sp IP:K'SP*
0- 15 7.6 7.82 0.083 0.12 1.18 2.1
40- 50 8.0 8.46 1.16 2.68 12.27 47,15
85-100 7.9 8.60 1.70 6.27 10.20 110.3
135-150 8.0 8.71 2,623 9.43 10.68 165. 90
175-185 8.0 8.67 3.129 10.60 11.01 186.48

*Calculated condition before precipitation took place.

sense, that the data are not inconsistent
with the model presented here.

The data of Table 1 also indicate that
the concentration of sulfide is lower than
expected by the model of equation 10. This
may be explained by the fact that the con-
centration of sulfide is controlled by the
solubility product of the precipitated metal
sulfide. Such precipitation is responsible
for the pH observed in the Saanich Inlet
cores since, in its absence, the pH should
have been around pH 6.9 (Fig. 2). How-
ever, pH 6.9 would be reached if the sedi-
ment is depleted in iron; data on interstitial
water of carbonate sediment (Berner 1966)
show that such pore water may reach this
value.

It should be emphasized that the pH
calculations presented here are for 25°C,
as all the pH measurements were made at
room temperature. The actual in situ pH
values can be calculated from equation 11
by using the values of the constants at in
situ temperatures. However, the tempera-
ture dependence should be small (Ben-
Yaakov 19706 ) and the maximum shift will
probably be 0.2 pH units.

Berner et al. (1970) suggested that
CaCO; precipitation from pore water of
anoxic sediments is probably taking place
in the laboratory after the waters have been
squeezed from the sediments. Using equa-
tion 11, one can calculate the pH of the
waters before precipitation by correcting
Qp and TC by -2ACa?" and ACa?*, and one

can estimate the ionic product (IP = [Ca?*]
[CO;2]) before and after precipitation.
These calculations are summarized in Table
2 in which the ratio IP: K’sp for calcite is
also given. The value of the apparent
solubility product, K'sp, is after McIntyre
(1965). It is evident from Table 2 that
the IP of calcium and carbonate would have
been extremely high before precipitation
took place. Although seawater may sustain
supersaturation with respect to calcite
(Ben-Yaakov 1970a; Suess 1970) it is likely
that the carbonate will precipitate at such
high IP values. The in situ values for the
ratio IP: K’sp are somewhat lower than the
value given in Table 2 owing to increase
of solubility at low temperatures. One
should also correct the ratio for pH at in
situ temperatures. Accurate correction can-
not be made, because the temperature co-
efficients of the various dissociation con-
stants are not accurately known. However,
even when temperature and pH effects are
included, the calcite saturation ratio would
be at least 20-30 times that of surface sea-
water. One may therefore expect that cal-
cium carbonate will precipitate in situ under
these conditions.

Apart from consideration of protolytic
ions, sulfate, and calcium, a change in the
concentration of one of the major dissolved
ions will result in the proportional change
in Qup and will therefore affect Qpr (equa-
tion 1). This, in turn, will result in a pH
shift. Changes in the concentrations of
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major ions can be a result of chemical reac-
tion and selective diffusion. In selective dif-
fusion, one should distinguish between Qyp—
Qyp diffusion and Qxp—Qr or Qp-Qr
diffusion. The {irst type will not cause a
pH shift, whereas the others might (equa-
tion 7).

The results of the charge calculation
presented above (Fig. 3) suggest that
silicate reaction (such as the one of equa-
tion 9) and Qup-Qp diffusion are probably
limited in this environment. Maximum
scatter is 10 meq kg™' which sets the limit
to the magnitude of silicate reaction and
protolytic-nonprotolytic diffusion that might
have taken place. The contribution of dis-
solved Si0O; to pH buffering is also very
small, as the miximum concentration of
dissolved silica was about 2.7 mmoles liter-
(Presley 1969).

CONCLUSIONS

From the model, we can derive that the
pH of interstitial water of recent anoxic ma-
rine sediments is controlled by four pro-
cesses: 1) the presence of high concentra-
tions of weak acids and bases which are
byproducts of organic decomposition; 2)
transfer of charge from the nonprotolytic
species to the protolytic ions (SO+—HS);
3) precipitation of metal sulfides; 4) precip-
itation of calcium carbonate. The first two
(which are dependent on bacterial sulfate
reduction) will tend to shift the pH of pore
waters toward 6.9. Precipitation of sulfide
will increase the pH toward 8.3. Additional
changes may result from selective diffusion
of various ions as the diffusion of the ions
is electrically coupled. However, the upper
limit of pH is controlled by precipitation
of calcium carbonate, as the concentration
of CO;? increases manyfold at the higher
pH range. Hence, the lower limit of pH
in pore water, under these conditions, is
controlled by sulfide precipitation, and the
upper limit is probably controlled by CaCOy
precipitation. This model predicts that the
pH value of interstitial water of anoxic
sediment will generally lie between 7.0 and
8.0. Silicate reaction may cause a further

shift in pH, but the data given by Nissen-
baum et al. (1972) do not support the as-
sumption that this reaction is important in
this area. The presence of organic acids in
the pore water of anoxic sediments also
probably has only a minor effect on the pH
of the waters, since the measured pH values
can be accounted for by the model without
taking these compounds into consideration.
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