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Abstract

The impact of biogeochemical and physical processes on aquatic chemistry is usually expressed in terms of alkalinity. Here we
show how to directly calculate the effect of single processes on pH. Under the assumptions of equilibrium and electroneutrality, the
rate of change of pH can be calculated as the product of (1) the net charge exchanged during the process and (2) the consequent
buffering of pH variations. As both the chemical buffering and the charge of reactive species changes with pH, so does the effect of
biogeochemical processes depend on pH.

We calculate the effect on pH for a variety of biogeochemical processes, typical for both the water column and sediments, and
for a pH range of 2–12. Four different response patterns emerge. (1) Some processes, e.g. nitrate assimilation, iron and manganese
reduction, and calcite dissolution monotonically tend towards higher pH. (2) Other processes, e.g. calcification and most oxidation
reactions monotonically lower the pH. (3) Most respiration reactions and the anaerobic oxidation of methane (AOM) converge to a
pH between 5.2 (aerobic respiration) and 7.9 (AOM). (4) Ammonium assimilation and the anaerobic ammonium oxidation
(ANAMMOX) either tend to very low or very high pH, depending on initial conditions, i.e. pH diverges away from an unstable
neutral point, at pH 5.2 and 7.1 respectively. Similar response patterns are observed when the effects of combinations of processes
are considered.

We discuss two general applications of our approach. (1) Biogenic calcification (C) coupled to photosynthetic production (P) is
a type 4 process, with pH diverging from an unstable neutral point. (2) On the long-term, the AOM converges pH to values that are
high enough to enable calcification. This contrasts to sulphate reduction, where the equilibrium pH is too low for calcification. This
explains the strong linkage between AOM and carbonate formation, whilst sulphate reduction, unless it is followed by sulphide
precipitation does generally not lead to calcification.

The method is not intended to replace complex transport-reaction modelling where accurate prediction of the pH is desired.
© 2007 Elsevier B.V. All rights reserved.
Keywords: pH; Buffer intensity; Biochemistry; Water column; Sediment; Calcification
1. Introduction

Protons in solution are affected both through
biogeochemical and physical processes that directly
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consume or release protons and through reactions that
buffer their variations. Under natural conditions,
seawater has a large capacity to neutralize protons and
therefore to buffer pH variations (Stumm and Morgan,
1981). This buffering capacity is mainly attributable to
weak bases such as HCO3

−, CO3
2−, borates, and to a

lesser extent to OH−, as well as to species often present
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in small concentrations such as phosphates, ammonia,
silicates (Broecker and Peng, 1982), or organic bases
(Cai et al., 1998). Most of these species are also actively
produced and/or consumed during biogeochemical
processes. The complex interactions between the
biogeochemical and physical processes that produce
acids (including protons) or bases, with chemical
equilibria that buffer pH, obscure the biogeochemical
interpretation of pH variations.

It is partly due to this complexity that the impact of
biogeochemical processes on the chemical environment
is usually expressed in terms of alkalinity. Dickson
(1981) defines alkalinity as the number of moles
of hydrogen ion equivalent to the excess of proton
acceptors (bases formed from weak acids with a
dissociation constant K≤10−4.5 at 25 °C and zero
ionic strength) over proton donors (acids with KN10−4.5)
in one kg of sample. As the quantity is not affected by the
chemical equilibrium reactions (Zeebe and Wolf-Gla-
drow, 2001), alkalinity changes are easily interpreted as
resulting from consumption, production, or transport.
Moreover, as alkalinity records different processes than
for instance dissolved inorganic carbon (DIC), it can be
used as an indicator of specific biogeochemical process-
es. For instance, it is only marginally affected by aerobic,
but strongly affected by anaerobic respiration. Therefore,
in sediment systems, alkalinity can be used as an
integrated measure of anaerobic processes (Cai and
Wang, 1998). Calcification decreases alkalinity twice as
much as it affects DIC, such that in the water column,
concurrent changes in alkalinity and DIC are used as
indicators of calcite production or dissolution and of
community respiration (Smith and Key, 1975; Gattuso
et al., 1999).

Once alkalinity is known, it is relatively straightfor-
ward to calculate pH, given that either total dissolved
inorganic carbon concentration or carbon dioxide
fugacity (∼CO2 partial pressure) is known together
with the relevant acid dissociation constants (Park,
1969), and the total concentrations of acid/base compo-
nents other than carbonates. It is also relatively
straightforward to estimate the effect of processes on
alkalinity: it can be inferred from reaction stoichiometry.
However, it is less straightforward to calculate effects
of biogeochemical processes on pH or on single acids or
bases via their impact on alkalinity. This is because,
although pH and alkalinity are related, they can change
independently from one another. For instance, air–sea
exchange of carbon dioxide does not affect alkalinity, but
has an effect on pH. Nitrification and calcification
have similar effect on alkalinity, but dissimilar effects on
pH.
Moreover, the effect of biogeochemical processes
on pH or on single acids and bases depends on pH itself.
This complicates our writing of chemical reactions,
which are consistent for alkalinity, but only approxi-
mately true for single acid and base species. Consider
for instance two ways to write the calcification reaction:

Ca2þ þ 2HCO−
3→CaCO3 þ CO2 þ H2O

Ca2þ þ CO2−
3 →CaCO3

Both equations are consistent with respect to their
effects on inorganic carbon (1 mole consumed) and
alkalinity (2 moles consumed). However, the former
reaction also suggests that one mole of CO2 is formed,
whilst the second reaction does not. As shown
experimentally (Wollast et al., 1980), and by numerical
(Ware et al., 1991) and analytical calculations (Fran-
kignoulle et al., 1994), none of these equations is uni-
versally correct, as neither takes into account chemical
re-equilibration (Copin Montégut and Copin Montégut,
1999). Indeed, under typical oceanic conditions, CO2

will be exchanged with the atmosphere in a ratio of about
0.6 moles of CO2 per mole of CaCO3 deposited and this
ratio changes with pH, pCO2, and temperature and
salinity of the water (Frankignoulle et al., 1994). Thus, to
estimate the true molar ratio of CO2 produced per
carbonate formed, a complex formula needs to be
applied, that takes into account the pH, temperature
and salinity at which the reaction occurs (Frankignoulle,
1994; Frankignoulle et al., 1994).

Inspired by Frankignoulle's 1994 papers, we present
a general approach to quantify the impact of single and
ensemble biogeochemical processes on pH. We first
discuss the various acid–base reactions that are impor-
tant in the marine environment and that are considered
to operate at equilibrium. We then deal with a large
number of biogeochemical (e.g. primary production,
mineralization) and physical (e.g. air–sea exchange)
processes that occur at much lower rates. We quantify
the impacts of these single processes on pH and for a
wide pH range between 2 and 12. Although under most
conditions, pH is kept into a typical range of (∼7–8.3),
much more extreme pH values have been found in
various environments including animal guts and eutro-
phic freshwater bodies (pHN10; Jeppesen et al., 1998)
and in groundwater and lakes receiving drainage water
from mines (pHb4; Ferris et al., 2004). Moreover, pH
gradients between pH 5 and 9 have been measured in
brine channels in sea ice (Bronshteyn and Chernov,
1991; Gleitz et al., 1995). As we also consider anaerobic
processes, our approach is relevant for sediments, as



Table 1
Concentrations of the acid–base components as used in the model
runs, and their mean charge (X̄⁎) at pH 8.2 (on free scale), temperature
25 °C, salinity 35 and 1 atm pressure

Species lump sum ∑X Concentration [10−6 mol kg−1] X̄⁎

ΣB(OH)4 416 −0.24
ΣF 68 −1.0
ΣSO4 28235 −2.0
ΣCO2

a 2100 −1.12
ΣPO4 2 −2.16
ΣNO3 31 −1.0
ΣNO2 0.1 −1.0
ΣNH3 1.0 +0.94
ΣSiO4 4.0 −0.05
ΣS 0.1 −0.97
Σ[−] 59039
Talk 2466
Density (kg m− 3

) 1023.3
a Total inorganic carbon was estimated such that at pH 8.2,

temperature 25 °C, salinity 35 and 1 atm pressure, the pCO2 was
364 μatm.
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well as for water-column processes, including those in
anoxic basins such as the Black-Sea, Namibia shelf etc.
However, we do not exhaustively deal with solid–liquid
interactions, e.g. sediment buffering via Fe-oxides.
Note that, as the method considers the effect of single
processes, it is not intended to replace complex trans-
port-reaction modelling where accurate prediction of the
pH is desired. It is also inaccurate when there are effects
of differential transport rates between protolytic species,
such as in sediments.
Notes to Table 2:
Species in brackets represent total concentrations, per kg solution; proton co
(mol kg−1 solution), except for KW (mol2 kg− 2). Values of the equilibrium c
pressure of 1 atm. They are based on Millero (1995) with corrections by L
Where:

ΣCO2 ¼ ½CO2� þ ½HCO�
3 � þ ½CO2�

3 �

ΣBðOHÞ4 ¼ ½BðOHÞ3� þ ½BðOHÞ�4 �

ΣPO4 ¼ ½H3PO4� þ ½H2PO
–
4 � þ ½HPO2−

4 � þ ½PO3−
4 �

ΣSiO4 ¼ ½H4SiO4� þ ½H3SiO
�
4 � þ ½H2SiO

2−
4 �

ΣNH3 ¼ ½NHþ
4 � þ ½NH3�

ΣNO3 ¼ ½HNO3� þ ½NO�
3 � ¼ ½NO�

3 �

ΣNO2 ¼ ½HNO2� þ ½NO�
2 �

ΣSO4 ¼ ½H2SO4� þ ½HSO�
4 � þ ½SO2�

4 � ¼ ½HSO�
4 � þ ½SO2�

4 �

ΣF ¼ ½HF� þ ½F��

ΣS ¼ ½H2S� þ ½HS�� þ ½S2�� ¼ ½H2S� þ ½HS��
2. Material and methods

Calculations were performed in the simulation envi-
ronment Femme (Soetaert et al., 2002). The model will
be made downloadable from the femme webpage (http://
www.nioo.knaw.nl/ceme/femme). All analytical solu-
tions were checked against their numerical counterparts,
i.e. by differencing perturbed and reference solutions.

The stoichiometric equilibrium constants were cal-
culated as a function of temperature, salinity, and
pressure as in Millero (1995) with typographical
correction from CO2SYS (Lewis and Wallace, 1998);
they are expressed on the free pH scale. The constant for
the dissociation of HS− was taken as 10−18 mol kg−1

solution (Schoonen and Barnes, 1988), which effectively
annihilates S2− production. It was also assumed that
[H2SO4]=0 (pK much below 2). The dissociation
constant for nitrate was set to 23.44 mol kg−1 solution
(Boudreau, 1996), which also implies that [HNO3]=0
for the pH range considered. For nitrite, a dissociation
constant of 4.5 10−4 mol kg−1 for freshwater and 25 °C
was used; to convert to prevailing environmental
conditions, we used the same salinity and temperature
dependence factors as for fluoride. The dissociation of
water is expressed in terms of the ‘ion product of water,
KW’, which equals the equilibrium constant times the
(constant) concentration of water.

Where required, conversion from volumetric to
weight-specific concentrations was performed using
the density of seawater, calculated as a function of
salinity and temperature. All calculations were
ncentration is expressed in the same units as the dissociation constants
onstants are on the free pH scale and defined at 25 °C, salinity 35, and
ewis and Wallace (1998).

http://www.nioo.knaw.nl/ceme/femme
http://www.nioo.knaw.nl/ceme/femme


Table 2
Main chemical reactions that affect pH, the thermodynamic constants and the equilibrium concentrations

Reaction ct Equilibrium concentration

1a CO2 þ H2O⇔Hþ þ HCO−
3 KC1 0.11×10

−5 ½HCO−
3 � ¼

KC1d ½Hþ�
½Hþ�d ½Hþ� þ KC1d ½Hþ� þ KC1d KC2

dRCO2

1b HCO−
3⇔Hþ þ CO−

3 KC2 0.93×10
−9 ½CO3� ¼

KC1d KC2

½Hþ�d ½Hþ� þ KC1d ½Hþ� þ KC1d KC2
dRCO2

2 H2O⇔Hþ þ OH− KW 0.46×10−13 ½OH−� ¼ KW

½Hþ�

3 BðOHÞ3 þ H2O⇔Hþ þ BðOHÞ−4 KB 0.20×10−8 ½BðOHÞ−4 � ¼
KB

Hþ þ KB
d
X

BðOHÞ4

4a H3PO4⇔Hþ þ H2PO
−
4 KP1 0.19×10

−1 ½H2PO
−
4 � ¼

KP1d ½Hþ�2
½Hþ�3 þ ½Hþ�2KP1 þ ½Hþ�d KP1d KP2 þ KP1d KP2d KP3

d
X

PO4

4b H2PO
−
4⇔Hþ þ HPO2−

4 KP2 0.85×10
−6 ½HPO2−

4 � ¼ KP1d KP2d ½Hþ�
½Hþ�3 þ ½Hþ�2KP1 þ ½Hþ�KP1KP2 þ KP1KP2KP3

d
X

PO4

4c HPO−−
4 ⇔Hþ þ PO3−

4 KP3 0.13×10
−8 ½PO3−

4 � ¼ KP1d KP2d KP3

½Hþ�3 þ ½Hþ�2KP1 þ ½Hþ�d KP1d KP2 þ KP1d KP2d KP3

d
X

PO4

5a H4SiO4⇔Hþ þ H3SiO
−
4 KSi1 0.31×10

−9 ½H3SiO
−
4 � ¼

KSi1d ½Hþ�
½Hþ�d½Hþ� þ ½Hþ�d KSi1 þ KSi1d KSi2

d
X

SiO4

5b H3SiO
−
4⇔Hþ þ H2SiO

2−
4 KSi2 0.12×10

−12 ½H2SiO
2−
4 � ¼ KSi1d KSi2

½Hþ�d ½Hþ� þ ½Hþ�d KSi1 þ KSi1d KSi2
d
X

SiO4

6 NHþ
4 ⇔Hþ þ NH3 KN 0.42×10−9 ½NH3� ¼ KN

½Hþ� þ KN
d
X

NHx

7 HNO3⇒Hþ þ NO−
3 KNO3

0.23×102 ½HNO3� ¼ 0

8a H2SO4⇒Hþ þ HSO−
4 KH2SO4

∞ ½H2SO4� ¼ 0

8b HSO−
4⇔Hþ þ SO2−

4 KSo 0.10 ½SO2−
4 � ¼ KSo

½Hþ� þ KSo
d
X

SO4

9 HF⇔Hþ þ F− KF 0.24×10
−2 ½F−� ¼ KF

½Hþ� þ KF
d
X

F

10a H2S⇔Hþ þ HS− KS1 0.24×10
−6 ½HS−� ¼ KS1d ½Hþ�

½Hþ�d ½Hþ� þ KS1d ½Hþ� þ KS1d KS2
d
X

S

10b HS−⇐Hþ þ S2− KS2 1.0×10
−18 ½S2�� ¼ 0

11 HNO2⇔Hþ þ NO−
2 KNO2 0.12×10

−4 ½NO−
2 � ¼

KNo2

½Hþ� þ KNo2
d
X

NO2

Species in brackets represent total concentrations, per kg solution; proton concentration is expressed in the same units as the dissociation constants
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performed at 25 °C, salinity 35, 1 atm pressure, either
for a pH range of [2–12] or for a pH of 8.2 (on the free
scale). The DIC concentration was tuned such that the
pCO2 was about 360 μatm. The borate, fluoride and
sulphate concentrations were calculated as a function of
salinity as described in Millero (1995), Riley (1965) and
Morris and Riley (1966) respectively. For the concen-
trations of the lesser species we chose values typical for
the Atlantic Ocean. The environmental concentrations
used in the calculations are in Table 1.

3. Acid–base reactions

Acid–base reactions are reversible chemical reac-
tions that involve the uptake or release of a proton. They
can be formalised by the following:

HiX
i−a XHi−lX

i−a−1 þ Hþ i ¼ 1; N a

where i is the number of protons, a is the maximal
charge, HiX

i −a is an acid, and Hi− 1X
i −a− 1 is its

conjugated base. The acid–base reactions that can affect
the pH in a range of [2–12], and which are important in
seawater are given in Table 2. They are the dissociation
and protonation of carbonates (Eq. (1a) (1b)), water
(Eq. (2)), borate (Eq. (3)), phosphates (Eqs. (4a) (4b)
(4c)), silicates (Eqs. (5a) and (5b)), ammonium (Eq. (6)),
nitrate (Eq. (7)), sulphate (Eqs. (8a) and (8b)), fluoride
(Eq. (9)), sulphide (Eq. (10a) (10b)), and nitrite
(Eq. (11)). Sulphide was included as it can reach high
concentrations in anoxic water basins (de Lange et al.,
1990), in certain sediments (Ben-Yaakov, 1973) and in
groundwater (Hunter et al., 1998). Nitrite was added
because of its role in the ANAMMOX reaction.

3.1. Equilibrium assumption

The acid–base reactions generally occur at rates
which, compared to the slow biogeochemical reactions
that consume or produce protons, are sufficiently fast,
such that they can be considered to operate at equilibrium
(e.g. Wolf-Gladrow and Riebesell, 1997). At equilibrium,
the speciation of acids and bases can be written as (Zeebe
and Wolf-Gladrow, 2001):

½Hi−1X
i−a−1� ¼ KHi−1X i−a−1 d

½HiX i−a�
½Hþ� ;

where KHi−1X
i −a −1 is the ‘stoichiometric equilibrium

constant’, expressed in mol (kg solution)−1.
It is common practice to express the stoichiometric
equilibrium speciation in terms of the total concen-
trations of species (RX ¼ P

i½HiX i−a�), rather than
considering the single species. These lump sums of
concentrations (ΣX) are measured with most analytical
techniques and are generally used in biogeochemical
models. The lump sum concentrations are not affected
by the chemical equilibrium reactions from Table 2.

The equilibrium concentrations of the acid–base
species and the values for the stoichiometric equilibrium
constants (25 °C, salinity 35, pressure 1 atm) are in
Table 2. In all calculations the temperature, salinity and
pressure are kept constant.

3.2. Solving for the equilibrium pH

To solve for the pH at equilibrium, the concentrations
of all the ions ([HCO3

−], [CO3
2−], …) and the proton

concentration [H+] have to be calculated simultaneously,
based on the formulations for the equilibrium concen-
tration of all the acid–base species, the lump sums of
concentrations and the values of the equilibrium
constants (Table 2). As there are 17 unknowns, one
more than the number of equations, an extra equation is
required to find a unique solution. The equations are
therefore completed by describing some form of charge
or proton balance. This balance must be independent
from the other equations and should not be affected by
any of the acid–base reactions in Table 2. There exist
many different ways in which to compile such a quantity.

One straightforwardmeasure consists of the total acid–
base reactivity of the solution, hereafter referred to as
‘excess negative charge’ and denoted by Σ[−]. This
quantity expresses the moles of negative charges over
positive charges of the acid–base system given in Table 2.
Thus, fromTable 2, all the concentrations of negative ions
minus the positive ones and multiplied by their charge
are listed:

Σ½−� ¼ ½HCO−
3 � þ 2½CO2−

3 � þ ½OH−� þ ½BðOHÞ−4 �
þ ½H2PO

−
4 � þ 2½HPO2−

4 � þ 3½PO3−
4 � þ ½H3SiO

−
4 �

þ 2½H2SiO
2−
4 � þ ½NO−

3 � þ ½NO−
2 � þ ½F−�

þ ½HS−� þ 2½S2−� þ ½HSO−
4 �

þ 2½SO2−
4 �−½NHþ

4 �−½Hþ�:

The most commonly used measure of proton balance
is total alkalinity (TA). According to the definition of
Dickson (1981), TA is the number of moles of hydrogen
ion equivalent to the excess of proton acceptors (bases
formed from weak acids with a dissociation constant
K≤10−4.5 at 25 °C and zero ionic strength) over proton



35K. Soetaert et al. / Marine Chemistry 105 (2007) 30–51
donors (acids with KN10−4.5) in 1 kg of sample. Based
on the chemical reactions and dissociation constants
from Table 2 we obtain:

TA ¼ ½HCO−
3 � þ 2½CO2−

3 � þ ½OH−� þ ½BðOHÞ−4 �
þ ½HPO2−

4 � þ 2½PO3−
4 � þ ½H3SiO

−
4 � þ 2½H2SiO

2−
4 �

þ ½NH3� þ ½HS−� þ 2½S2−�−½Hþ�−½H3PO4�
−½HSO−

4 �−½HF�−½HNO3�−½HNO2�−2½H2SO4�

and where [HNO3] and [H2SO4] are 0 for the pH range
considered.

This quantity (or part of it), ismost often used inmarine
biogeochemical models, both in the pelagic (e.g. Taylor
et al., 1992; Follows et al., 1996) or in the sediment (e.g.
Boudreau and Canfield, 1993, Van Cappellen and Wang,
1996; Meysman et al., 2003).

We use excess negative charge rather than the total
alkalinity concept for a number of reasons. First of all,
if we assume that uptake of ions is compensated by uptake
or release of protons (electroneutrality, see below), then
Σ[−] is not impacted by changes in the concentrations of
nitrate, nitrite, phosphate, ammonia/ammonium, sulphate
nor fluoride. In contrast, total alkalinity is increased by
production of ammonium, decreased by the production of
nitrate, nitrite, phosphate and fluoride. Moreover, it is
affected doubly by sulphate. Finally, it is straightforward
to convert the excess negative charge to total alkalinity:

TA ¼Σ½−� þ ΣNH3−ΣNO3−ΣNO2

−ΣPO4−2ΣSO4−ΣF

The complete system of equations can be solved
using a non-linear root-finding procedure, such as the
Newton–Raphson technique or Brent's method (Press
et al., 1997) for the concentration of H+ and pH.

3.3. The mean and total charge of acid–base species

The total (X⁎) and mean negative charge (X̄⁎) of
a species (RX ¼ P

i½HiX i−a�) is the sum, respectively
average, of the concentration of the different ions,
weighted for their charge (Ben-Yaakov, 1973):

X⁎ ¼
X
i

ði−aÞHiX
i−a
X̄ ⁎ ¼

X
i

ði−aÞHiX
i−a

X
i

HiX
i−a
For instance, using the equations from Table 2, the
mean charge of dissolved inorganic carbon (ΣCO2)
is given by:

P
CO2

⁎ ¼ −½HCO−
3 �−2½CO2−

3 �P
CO2

¼ −KC1d½Hþ�−2dKC1dKC2

½Hþ�d½Hþ� þ KC1d½Hþ� þ KC1dKC2

The excess negative charge (Σ[−]) can now be
written as the negative of the sum of the total charge
of all the acid–base species:

R½−� ¼ −
X
x

X ⁎

As is clear from the equilibrium concentrations
(Table 2), the speciation of the acid–base components
changes as a function of the proton concentration.
Assuming a constant temperature, salinity and pres-
sure, the mean charge (X̄⁎) thus only depends on pH.
Fig. 1A depicts the speciation and mean charge of
dissolved inorganic carbon, as a function of pH, and
estimated at the reference environmental conditions.
When all DIC is in the form of carbon dioxide (CO2),
its mean charge is 0; when all is carbonate (CO3

2−), its
mean charge is −2. At increasing pH (decreasing H+

concentration), the equilibrium shifts towards more
negatively charged ions. At pH∼7.5, DIC has mean
charge= −1; above that pH it is more negatively
charged (Fig. 1A).

In Fig. 1B the mean charges of all acid–base
components from Table 2, are plotted as a function of
pH. Above pH∼7, phosphates have highest negative
charge; below that pH, sulphates are more dissociated.
Nitrates, sulphates and fluorides are for more than
99% dissociated above pH 0.7, 2.7 and 4.6 respectively.
Borate, ammonium and silicates dissociate (N1%) above
pH 6.7, 7.4, and 7.8 respectively. Nitrite is for 1% and
99% charged at a pH of 2.9 and 6.9 respectively. DIC
and sulphides become charged (N1%) above pH 4.3 and
4.6 respectively.

3.4. The buffering capacity of the solution

In order to significantly buffer pH variations,
species must have both high concentrations and the
capacity to accept or release protons at the current
pH.

The buffering capacity of an acid–base component
(∑X ) can be estimated as the change of its total charge
(X⁎) induced by proton removal (Stumm and Morgan,



Fig. 1. A. Relative contribution of the acid–base components of dissolved inorganic carbon (ΣCO2), and the mean charge ð
P
CO2

⁎Þ as a function of pH
and at 25 °C, salinity 35 and pressure 1 atm. B. Mean charges of all species (see text for its calculation).

36 K. Soetaert et al. / Marine Chemistry 105 (2007) 30–51
1981), i.e. by − AX⁎
A½Hþ� jPX¼ct

� �
. The capacity for DIC

to buffer H+ and pH variations is thus estimated as:

−
ACO⁎2
A½Hþ� jPCO2¼ct

¼ Að½HCO−
3 � þ 2½CO2−

3 �Þ
A½Hþ� jP

CO2¼ct

and

ACO⁎2
ApH

jP
CO2¼ct

¼ −
½Hþ�

log10ðeÞ
d
ACO⁎2
A½Hþ� jPCO2¼ct

:

These quantities can be calculated by substituting
the bicarbonate and carbonate concentration by the
formulae from Table 2. The derivatives with respect
to [H+] are in the Appendix.
The buffering capacity of the solution is the sum
of the buffering capacity of all acid–base compo-
nents:

A
P½−�

A½Hþ� jPX¼ct
¼ −

X
x

AX ⁎

A½Hþ�
A
P½−�
ApH jP

X¼ct
¼ ½Hþ�

log10ðeÞ
d
X
x

AX ⁎

A½Hþ� :

And where ΣX=ct denotes that all lump-summed
concentrations are assumed constant. These quantities
estimate the effect on the total buffer concentration
induced by a certain pH change. They can easily be
derived analytically (Appendix).

The total buffering capacity, obtained by summing
over the various acid–base species, and under the



Fig. 2. The buffer factor ( ApH
AR½−�), i.e. the change in pH resulting from the

addition of a strong base as a function of pH. Dashed line: change in
pH in the absence of buffer. See main text for calculations.
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reference conditions (as in Table 1), amounts to
760 μmol kg−1 [pH unit]−1.

3.5. The chemical buffer factors

The inverse of the buffering capacity is often called
the chemical buffer factor. It quantifies the effect of
adding negative charge (e.g. via a strong base) on
protons or pH.

A½Hþ�
A
P½−� ¼

A
P½−�

A½Hþ�
� �−1

ApH
A
P½−� ¼

A
P½−�
ApH

� �−1

:

In Fig. 2, the effective change in pH, resulting from
adding a strong base is depicted as a function of pH. In
the absence of a proton buffer, addition of one molecule
of a strong base would consume one proton. At pH 8.2,
this would be equivalent with a (fictive) pH shift of
55.4 per μmol kg−1 increase of the concentration of a
strong base. When the marine buffers are present (and at
25 °C, salinity 35 and 1 atm pressure), the change is
almost 5 orders of magnitude less. Thus, pH changes
with only 1.32 10−3 per increase of 1 μmol kg−1 of the
concentration of the strong base.

4. Non-equilibrium processes

Most of the biogeochemical and physical processes
occur at much longer time scales than the acid–base
reactions. As these processes change the concentration
of acid–base species, this causes readjustment of the
chemical equilibria which affects pH. Production of the
uncharged form of an acid–base that is negatively
charged (for example DIC), will release protons to restore
the equilibrium, and pH will decrease. In contrast,
production of the uncharged form of a component that
is positively charged (ammonia at pHb11), will consume
protons and increase pH.

When ion are produced or consumed, it is frequently
assumed that this does not cause charging up of the
solid phase (particulate organic matter or carbonates)
and solutes (e.g. Sikes et al., 1980). In many cases zero
charge (electroneutrality) is conserved by the produc-
tion or consumption of protons or hydroxyl ions
(e.g. Brewer and Goldman, 1976) or other acid–base
species from Table 2. This exchange of one ion by
another ion keeps the concentration of excess negative
charge constant; this is formalised by the subscript
“[−]=ct”.
In some cases, a charged ion that does not play part
in the acid–base reactions of Table 2 is exchanged to
maintain electroneutrality. For instance uptake of Ca2+

balances consumption of a carbonate ion in case of
carbonate production; Fe2+ balances proton exchange
during iron oxidation and reduction. Finally, there also
exist cases where the electroneutrality assumption is
plainly violated, i.e. the total charge of solids and liquids
is altered, e.g. during adsorption of ions to solid sur-
faces. In both of these cases the concentration of excess
negative charge changes.

Because of the electroneutrality and equilibrium
assumption, the effect on pH is the same, regardless of
the exact species of one acid base component whose
concentration is altered by the biogeochemical or
physical process (e.g. Copin Montégut and Copin
Montégut, 1999). This is depicted for the uptake of
dissolved inorganic carbon (∑CO2) in Fig. 3. When
CO2 is taken up, e.g. during photosynthesis, it is
continuously replenished from the bicarbonate pool
(chemical reaction 1a, Table 2), thereby consuming
protons (Fig. 3A). This causes readjustment of the
acid–base reaction pairs (Table 2) and increases pH. In
contrast, some algae take up bicarbonate rather than
CO2. In this case, either a proton will be consumed
(Fig. 3B) or a hydroxyl ion (OH−) released (Fig. 3C) to
keep the algae electroneutral. These changes in proton
or hydroxyl ion concentrations also cause readjustment
of the equilibria and similar increase in pH.



Fig. 3. Schematic representation of DIC uptake whilst conserving the
electroneutrality of the solution. A. Uptake of (uncharged) CO2.
B. Uptake or HCO3

−, negative charge balanced by uptake of H+. C.
Uptake or HCO3

−, negative charge balanced by release of OH−.
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4.1. The impact of acid–base species on pH

The buffer factor ( ApH
AR½−�, paragraph 3.5) calculates the

effect on pH by the addition of a strong base (e.g. NaOH),
which changes the concentration of excess negative charge.

In contrast, when during consumption or production
of an acid–base species, electroneutrality is maintained
by the uptake or release of another acid–base species,
the concentration or excess negative charge remains
constant and the effect on pH is reversed.

We can calculate the effect of any change of an acid–
base species (∑X ) on pH, assuming that excess negative
charge (−) and all other acid–base lump sums (…)
remains constant. It is estimated as the rate of change of
pH per unit of constituent:

ApH
ARX j

½−; N �¼ct
¼ −

ApH
AR½−� d

AR½−�
ARX

:

The term AR½−�
ARX

is simply the negative of the mean

charge (X̄⁎) of the species, e.g.

A
P½−�

ARCO2
j
½−; N �¼ct

¼ A½HCO−
3 �

ARCO2
þ 2

A½CO2−
3 �

ARCO2

¼ ½HCO−
3 � þ 2½CO2−

3 �
RCO2

¼ −
P
CO2

⁎

such that:
(1)
Thus, assuming equilibrium and that electroneutrality
is maintained by uptake or release of another acid–base
species, the effect of production of an acid–base species
(∑X ) on pH is simply the product of the single-charge
effect on pH (the buffer factor ApH

AR½−�) and the mean charge

of the species (X̄⁎). For instance, at the reference
conditions, production of 1 μmol kg−1 DIC will alter
the pH by 1.32×10−3 · (−1.12)=−1.48×10−3 units.

In order to test whether our derivation is correct, we
also estimated numerically, i.e. by perturbation, the
changes on pH induced by each species (symbols), and
compared this to the predictions (solid line) as derived
using the above formula (Fig. 4). The equality (to round
off precision) of both estimates demonstrates the
correctness of our mathematical derivation. The higher
the mean charge of a species, the more its production or
consumption affects the pH. ΣCO2, ΣNO3 and ΣS are
dominated by the univalent anion,whilstΣPO4 andΣSO4

are predominantly in the form of the bivalent anion. Thus,
the release of these latter species will produce about twice
as many protons as compared to the former species; all
will decrease pH. Silicate is virtually uncharged at pH 8.2,
therefore addition or removal of silicate hardly affects pH.
Production of ammonium will be accompanied with
consumption of protons and increase in pH (Fig. 4).
4.2. Calculating process effects on pH

With the formula (1) derived above, the effect of all
single biogeochemical processes on pH can now simply
Fig. 4. Effect of changing the concentrations of reactive speciesΣX on
pH and at pH 8.2, 25 °C, salinity 35, 1 atm, and assuming conservation
of electroneutrality (Σ[−]=ct).
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be estimated as the sum of the effects of all consti-
tuents that are exchanged. The procedure is relatively
straightforward in case electroneutrality is maintained by
uptake or release of another acid–base species (i.e. the
excess negative charge Σ[−] is conserved). However,
special care needs to be taken when this condition is
violated. We give several examples, exemplifying the
calculations.

1. The nitrification is one example where the excess
negative charge is conserved. The process can be
written as follows (using uncharged species):

NH3 þ 2O2⇒HNO3 þ H2O

The change in pH, for one mole of ammonium oxi-
dised takes into account the charges exchanged by
nitrate, and ammonium and the subsequent buffering:

dpHjNH3�nitrif
¼ ApH

ARNO3
dd

X
NO3jnitrif þ

ApH
A
P

NH3

� d
X

NH3jnitrif
dpHjNH3�nitrif

¼ ApH
AR½−� d ð

P
NO3

⁎−
P
NHx

⁎Þ

As ApH
AR½−� is a positive quantity (Fig. 2), the nitrifica-

tion decreases pH both by the consumption of
ammonium (positively charged at pHb11) and by
the production of nitrate (negatively charged). At the
reference conditions, the mean charge of nitrate and
ammonium is −1 and +0.937 respectively (Table 1),
thus the change in pH per mole of N oxidised is
1.32×10−3 · (−1.937)=−2.55×10−3.

2. Electroneutrality is maintained by exchanging spe-
cies other than the acid–base species from Table 2.
Thus, the excess negative charge is altered and the
effect of this change on pH also has to be taken into
account. Examples are calcification, and iron and
manganese reduction, where electroneutrality is
maintained by Ca2+, Fe2+or Mn2+.
• During the production of calcium carbonate, the
electroneutrality in the solution and in the carbon-
ate mineral are maintained by the uptake of Ca2+

rather than via exchanging protons or OH−.

Ca2þ þ CO2−
3 ⇒CaCO3

The effect on pH is then the sum of the effect of
consumption of two moles of excess negative
charge (Σ[−]), via bivalent carbonate, and of one
mole of DIC.

dpHjcalcification ¼ −2d
ApH
AR½−� þ

ApH
AR½−� d ð

P
−CO2

⁎Þ:

Under natural pH, where the mean charge of DIC
is about −1, the effect will be to decrease pH. At
very high pH, where the mean charge of DIC is
about −2, the pH will be virtually unaltered.

• During iron reduction, four moles of Fe2+ are
formed per organic molecule mineralised, and this
is compensated by the uptake of 8 moles of
protons. As protons contribute negatively to total
charge, this is consistent with the production of
8 moles of excess negative charge. The effect of
this is added to the charge produced by one mole of
DIC, and the production of ammonium and
phosphates.
The effect on pH, per mole of carbon mineralised
is

dpHjFe−reduction ¼ 8d
ApH
AR½−� þ

ApH
AR½−�

� ðPCO2
⁎þ gN

P
NHx

⁎þ gP
P
PO4

⁎Þ

and where γN and γP are the N:C and P:C molar
ratio of organic matter respectively.

3. In the third example, electroneutrality is plainly
violated, e.g. the solid phase charges up.
• During adsorption of ammonium (NH4

+), both
the excess negative charge and ammonium
concentration are affected and the pH change
will be:

DpHjadsorption ¼
ApH
AR½−� d1−

ApH
AR½−�

P
NHx

⁎

where the ‘+1’ comes from the fact that
ammonium negatively contributes to excess
negative charge.

4.3. Description of processes considered

Effects of several biogeochemical and physical
processes on excess negative charge (∑[−]), on total
alkalinity (TA), and pH (the latter estimated at reference
conditions, at pH 8.2) are in Table 3.

The decomposition of organic matter (Froelich et al.,
1979) includes aerobic respiration (Eq. (1)), denitrifi-
cation (Eqs. (2) and (3)), iron- (Eq. (4)) and manganese
oxide reduction (Eq. (5)), sulphate reduction (Eq. (6))



Table 3
Biogeochemical and physical processes and the impact on excess negative charge (Δ∑[−]), on total alkalinity (ΔTA) and on pH (dpH)

Primary redox reactions (1–7) ΔΣ[−] ΔTA dpH pH∞

1 ðCH2OÞðNH3ÞγNðPO4ÞγP þ O2⇒CO2 þ γNNH3 þ γPH3PO4 þ H2O 0 γN−γP −1.32×10−3 5.18

2 ðCH2OÞðNH3ÞγNðPO4ÞγP þ 0:8HNO3⇒CO2 þ γNNH3 þ γPH3PO4 þ 0:4N2 þ 1:4H2O 0 0.8+γN−γP −0.26×10−3 7.04

3 ðCH2OÞðNH3ÞγNðPO4ÞγP þ ð0:8 þ 0:6γNÞHNO3⇒CO2 þ γPH3PO4 þ ½0:4 þ 0:8γN�N2 þ ½1:4 þ 1:8γN�H2O 0 0.8+0.6γN−γP −0.33×10−3 6.78

4 ðCH2OÞðNH3ÞγNðPO4ÞγP þ 2Fe2O3 þ 8Hþ⇒CO2 þ γNNH3 þ γPH3PO4 þ 5H2O þ 4Fe2þ 8 γN−γP+8 9.2×10−3 +

5 ðCH2OÞðNH3ÞγNðPO4ÞγP þ 2MnO2 þ 4Hþ⇒CO2 þ γNNH3 þ γPH3PO4 þ 3H2O þ 2Mn2þ 4 γN−γP+4 3.94×10−3 +

6 ðCH2OÞðNH3ÞγNðPO4ÞγP þ 0:5H2SO4⇒CO2 þ γNNH3 þ γPH3PO4 þ H2O þ 0:5H2S 0 γN−γP+1 −0.64×10−3 6.72

7 ðCH2OÞðNH3ÞγNðPO4ÞγP⇒0:5CO2 þ γNNH3 þ γPH3PO4 þ 0:5CH4
0 γN−γP −0.58×10−3 5.56

Reoxidation reactions (8–19) ΔΣ[−] ΔTA dpH pH∞

8 NH3 þ 2O2⇒HNO3 þ H2O 0 −2 −2.55×10−3 −
9 NH3 þ HNO2⇒N2 þ 2H2O 0 0 8.20×10−5 7.09,+,−
10 Mn2þ þ 0:5O2 þ H2O⇒MnO2 þ 2Hþ −2 −2 −2.63×10−3 −

11 Fe2þ þ 0:5O2 þ H2O⇒0:5Fe2O3 þ 2Hþ −2 −2 −2.63×10−3 −

12 Fe2þ þ 0:2HNO3⇒FeðOOHÞ þ N2 þ 2Hþ −2 −2.2 −2.37×10−3 −

13 Fe2þ þ 0:5MnO2 þ 0:5H2O⇒0:5Fe2O3 þ 0:5Mn2þ þ Hþ −1 −1 −1.32×10−3 −

14 H2S þ 2O2⇒H2SO4
0 −2 −1.35×10−3 −

15 CH4 þ 2O2⇒CO2 þ 2H2O 0 0 −1.48×10−3 −
16 CH4 þ H2SO4⇒H2Sþ CO2 þ 2H2O 0 2 −0.13×10−3 7.88

17 FeS þ 2:25O2 þ H2O⇒0:5Fe2O3 þ H2SO4
0 −2 −2.63×10−3 −

18 FeS þ 4MnO2 þ 10Hþ⇒4Mn2þ þ H2SO4 þ Fe2þ þ 4H2O 10 8 10.52×10−3 +

19 FeS þ 2FeðOHÞ3 þ 6Hþ⇒3Fe2þ þ S0 6 6 7.89×10−3 +
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Precipitation, other secondary reactions (20–27) ΔΣ[−] ΔTA dpH pH∞

20 FeOOH þ 1:5H2S⇒FeS þ 2H2O þ 0:5S0 0 0 1.92×10−3 +

21 Fe2þ þ H2S⇒FeS þ 2Hþ −2 −2 −1.35×10−3 −

22 FeS þ H2S⇒FeS2 þ H2
0 0 1.28×10−3 +

23 Mn2þ þ CO2−
3 ⇒MnCO3

−2 −2 −1.15×10−3 −

24 Fe2þ þ CO2−
3 ⇒FeCO3

−2 −2 −1.15 10−3 −

25 Ca2þ þ H2SO4 þ 2H2O⇒CaSO4:2H2O þ 2Hþ −2 0 0.0 −

26 H2Sþ 2FeðOHÞ3 þ 4Hþ⇒2Fe2þ þ S0 þ 6H2O 4 4 6.54×10−3 +

27 H2SþMnO2 þ 2Hþ⇒Mn2þ þ S0þ2H2O 2 2 3.91×10−3 +

Adsorption, air–sea exchange (28–31) ΔΣ[−] ΔTA dpH pH∞

28 Hþ⇒Hþ
≡

1 1 1.32×10−3 +

29 CO2⇒CO2ðairÞ 0 0 1.48×10−3 +

30 NH3⇒NH3ðairÞ 0 −1 −1.23×10−3 −
31 NHþ

4 ⇒NHþ
4 ≡ 1 0 0.08×10−3 +

Primary production, calcification,calcite dissolution (32–35) ΔΣ[−] ΔTA dpH pH∞

32 CO2 þ γNNH3 þ γPH3PO4 þ H2O⇒ðCH2OÞðNH3ÞγNðPO4ÞγP þ O2
0 −γN+γP 1.32×10−3 5.18,+,−

33 CO2 þ γNHNO3 þ γPH3PO4 þ ð1 þ γNÞH2O⇒ðCH2OÞðNH3ÞγNðPO4ÞγP þ ð1 þ 2γNÞO2
0 γN+γP 1.70×10−3 +

34 CO2−
3 þ Ca2þ⇒CaCO3

−2 −2 −1.15×10−3 −

35 CaCO3⇒CO2−
3 þ Ca2þ 2 2 1.15×10−3 +

pH∞: the equilibrium pH value; “+”: very high pH, “−”: very low pH, “+,−”: either very low or very high pH (unstable point of zero pH change). See text for more explanation. The effect on pH was
calculated for a pH 8.2 (free scale), temperature 25 °C, salinity 35 and pressure 1 atm, using Redfield stoichiometry (γN=0.156; γP=0.0094), and environmental concentrations as in Table 1. In bold
are acid–base species.
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and methanogenesis (Eq. (7)). Calculations assume
Redfield stoichiometry of organic matter.

During organic matter mineralization reduced sub-
stances are formed that can subsequently be reoxidised,
absorbed or precipitated (e.g. Boudreau, 1996; Van
Cappellen and Wang, 1996; Soetaert et al., 1996).
Ammonium is reoxidised either by oxygen (nitrifica-
tion, Eq. (8)) or by nitrite (Eq. (9), the ANAMMOX
reaction). Manganese is reoxidised only with oxygen
(Eq. (10)), whilst reduced iron may be reoxidised by
oxygen (Eq. (11)), nitrate (Eq. (12)) or manganese
(hydr)oxides (Eq. (13)). The oxic sulphide and methane
reoxidation (Eqs. (14) and (15)), the anoxic oxidation
of methane with sulphate (AOM, Eq. 16) and finally
the dissolution of the authigenic iron sulphide mineral
using oxygen (Eq. 17), or manganese (Eq. 18) or iron
oxides (Eq. 19) are also considered.

Precipitation reactions involving acid–base compo-
nents and that are important mainly in sediments are
the precipitation of iron sulphide, using either iron
hydroxide (Eq. (20)) or reduced iron (Eq. (21)) as a
source and up to pyrite formation (Eq. (22)). Other
precipitation reactions are the formation of authigenic
carbonate (Eqs. (23) and (24)) and gypsum (hydrated
calcium sulphate, Eq. (25)). Dissolved sulphide re-
acts with iron and manganese oxides resulting in
their dissolution and formation of zerovalent sulphur
(Eqs. (26) and (27)).

The physical processes described are: proton adsorp-
tion on solid surfaces (Eq. (28)), evasion of carbon
dioxide and ammonia to the atmosphere (Eqs. (29) and
(30)), and adsorption of ammonium to solid surfaces
(Eq. (31)).

Finally, we distinguish primary production based on
ammonium ((Eq. (32)) or nitrate (Eq. (33)) as a nitrogen
source and also include calcium carbonate production
(Eq. (34)) and dissolution (Eq. (35)).

5. General response pattern

The effects on pH as a function of pH [2–12] and
for all single biogeochemical and physical processes in
Table 3 are depicted in Figs. 5–9. They are estimated
as the change in pH, per unit of substance x altered by
the process, and denoted by dpH. The unit of substance
x that we refer to can be deduced from Table 3, e.g. for
mineralization rates, x is 1 mmol m−3 organic matter.
These calculations are highly idealised. As they as-
sume that the biogeochemical or physical proces-
ses occur in isolation, they are not really intended to
reflect natural conditions, in which several processes
occur simultaneously and where the effect of one
process may trigger the onset of another that
annihilates or even reverses the original effect. Note
also that, although we calculate the effect of these
processes over the pH range of [2–12], this does not
mean that all the process actually can take place under
these conditions. It is not unlikely that, at extreme pH
values, changes in membrane permeability and con-
ductance of organisms, or reductions in the activity of
an enzyme involved in some critical pathway, or
changes in the solubility of certain elements render the
occurrence of the process impossible.

The effect of processes on pH changes with the pH.
This is because both the chemical buffer factor (Fig. 2)
and the charges of the acid–base components (Fig. 1B)
change with pH. In several cases, the process effect on
pH is consistently positive or negative over the entire
pH range. In other cases, the pH change crosses the 0
axis, and at this pH the rate of change of pH is zero. As
is clear from formula (1) this occurs when the net total
charge exchanged is 0. The pH at which the rate of
change of pH becomes 0 is denoted the ‘point of zero
pH change’ of that process. Depending on the process,
pH will either converge to or diverge from such point of
zero change. In total, four different response modes can
be distinguished (Fig. 5).

(1) Many processes, such as metal oxide reduction,
carbonate dissolution, CO2 evasion to the atmo-
sphere, ammonium and proton adsorption, and
nitrate assimilation consistently increase pH
across the entire pH range [2–12]. When run
infinitely, these processes would converge to very
high pH values (Fig. 5A).

(2) Other processes decrease pH across the entire pH
range. These include most re-oxidation reactions,
calcification, CO2 invasion from and ammonium
release to the air. When run infinitely, these
processes would converge to very low pH values
(Fig. 5B).

(3) In case the pH change crosses the 0 axis and if it is
positive (i.e. pH increases) at pH lower than the
point of zero change, and negative at higher pH,
then this point of zero pH change is a point of
attraction. This means that, all other things
remaining equal, the pH will evolve until this
point of zero pH change is attained. Once the
point of zero change is reached, it will stay there,
even if the process continues afterwards. Thus
this point is stable. This is the case for most
mineralization processes (except metal reduc-
tion), and for the anaerobic oxidation of methane
(AOM). (Fig. 5C).



Fig. 5. Patterns of process effects on pH as a function of pH. A. Type 1: monotonic increase of pH. B. Type 2: monotonic reduction
of pH. C. Type 3: converging to a stable point of zero pH change. D Type 4: diverging from point of zero pH change. Open circles: pH
to which the system evolves (stable point of zero pH change). Closed circle: pH from which system diverges (unstable point of zero
change).
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(4) In contrast, if the rate of change of pH is positive
above and negative below the point of zero pH
change, then pH will drift away from that point,
and in directions that are determined by the initial
pH. If the initial pH is higher than the point of
zero pH change, the process will converge to very
high pH, if initial pH is smaller than the point of
zero pH change, it will converge to very low pH.
Thus this point is unstable, as small perturbations
will cause divergence. This is the case for
ammonium assimilation and for the ANAMMOX
reaction (Fig. 5D).

5.1. Effect of mineralization processes

At normal pH values (∼8), oxic organic matter
respiration liberates carbon dioxide, whose dissociation
(Table 2, Eq. (1)) produces protons and lowers the pH.
At pHN5.2, this acidification by far overrules the
counterbalancing effect due to the production of am-
monium. Below pH 5.2, the small negative charge
produced by inorganic carbon is surpassed by the
positive charge (ammonium) formed and the effect of
oxic mineralization on pH is reversed (Fig. 6A). The
behaviour is quite similar in methanogenesis although
the impact on pH is not as large (Fig. 6D), as only half
the amount of dissolved inorganic carbon is produced.
Also, the point of zero pH change of methanogenesis
(5.6) is slightly above the one from the oxic min-
eralization (5.2; Table 3.7).

During denitrification (Fig. 6B) and sulphate reduc-
tion (Fig. 6D), negatively charged substances are not
only produced (ΣCO2), but also consumed (ΣNO3,
ΣSO4). Because of that and at pH∼8, these processes



Fig. 6. Effect of mineralization processes on pH (dpH), expressed per unit of carbon mineralised. Stable points of zero pH change denoted with open
circles. Numbers refer to equations in Table 3.
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have less effect than oxic mineralisation. However, at
low pH values, where the (ΣCO2), has lost its charge,
the consumption of negatively charged substances
(nitrate, sulphate) reinforces the production of the
positively charged ammonium, hence the large pH
increasing effect under these conditions (Fig. 6B, D).
Another consequence of this is that the point of zero pH
change is reached at higher levels (6.8–7.0 for
denitrification and 6.7 for sulphate reduction; Table 3)
compared to oxic mineralization.

Protons are consumed, and pH rises, while Mn and
Fe (hydr)oxides are reduced (Fig. 6C). The iron
reduction has twice the impact of the manganese
reduction. At pH∼8, their effect is 3 to 7 times more
pronounced and reversed compared to the oxic miner-
alisation. As the proton consumption by far exceeds the
effect of production of DIC and the lesser species, these
processes have a consistent impact on pH over the entire
pH range [2–12].
5.2. Effect of reoxidation processes

Except for the anaerobic ammonium oxidation
(ANAMMOX) and the anaerobic oxidation of methane
(AOM) and FeS, all reoxidation reactions monotoni-
cally decrease pH. Reoxidation of Mn2+, Fe2+ and FeS
by oxygen shares the production of equal amounts of
protons (the latter by dissociation of sulphate) and
therefore exhibits the same response (Fig. 7A).
Nitrification reduces the pH, in a similar extent as the
reoxidation of these metals, except for pHN8, where
ammonium looses its charge (Fig. 7A). The aerobic
reoxidation of sulphide and methane has lower effect on
pH (Fig. 7B). In case of iron reoxidation, the impact on
pH is largest when oxygen is used as an oxidant,
followed by the oxidation based on nitrate and finally
manganese oxides (Table 3). In the ANAMMOX
reaction, both ammonium and nitrite are consumed in
a ratio of 1:1. At low pH (b4) where ammonium is fully



Fig. 7. Effect of reoxidation processes on pH, expressed per unit of substance reoxidised. Stable points of zero pH change denoted with open circles.
Unstable points of zero pH change denoted with closed circle. Numbers refer to equations in Table 3.
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protonated and nitrite is mainly uncharged, the uptake
of ammonium releases protons and decreases pH. At
high pH, ammonia has lost its charge, but the removal
of fully charged nitrite provokes proton consumption
and increases pH. At pH of ∼7.1, both nitrite and
ammonium have equal charge, and the reaction does
not affect pH (Fig. 7C; Table 3.9). However, small
perturbations will lead to divergence from this pH (the
point of zero pH change is unstable). During
anaerobic methane oxidation (AOM), the consump-
tion of sulphate, increasing pH, competes with the
production of sulphide and dissolved inorganic
carbon, which both tend to decrease pH. As the
mean charges of DIC and sulphide increase with
higher pH, whilst sulphate remains fully dissociated,
the effects of the former become more important as
pH increases. At pH 7.9, the mean charge consumed
by sulphate (−2) is exactly balanced by the charges of
the DIC (−1.053) and sulphide (−0.947) produced
(Fig. 7D; Table 3.16). The reoxidation of iron
sulphide by manganese oxides and iron hydroxides
is accompanied by large quantities of protons released



Fig. 8. Effect of adsorption, secondary redox processes, proton addition and CO2 input from atmosphere, on pH. Numbers refer to equations in
Table 3.
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and thus monotonically increase pH (Fig. 7E). Note
the comparatively large impact of these processes
on pH, of similar magnitude as the iron reduction
(Table 3).

5.3. Precipitation, dissimilatory reduction, physical
processes

FeS can be formed either via dissolution of ferric hy-
droxide with sulphide (Eq. (20)) or using Fe2+ (Eq. (21))
(Fig. 8A). In the former case pH will increase, whilst
consumption of Fe2+ will decrease pH. The consecutive
reduction, with sulphide, of FeS to pyrite (Eq. (22)) increa-
ses pH. Thus the effect on pH will be most pronounced
when iron hydroxides are the source of iron to produce FeS
and its further reaction to pyrite (e.g. Boudreau and
Canfield, 1993).

Dissolved metals (Fe2+, Mn2+), produced by metal
oxide reduction can also precipitate as a reduced
authigenic carbonate mineral (Eqs. (23) and (24)). The
effect of these reactions is to monotonically decrease pH
(Fig. 8B). The formation of gypsum (Eq. (25)) has no
effect on pH, except at very low pH values (Fig. 8B).
This is because the positive charge of Ca2+ is exactly



Fig. 9. Effect of primary production and calcification, and cal-
cite dissolution processes on pH. Unstable points of zero pH change
denoted with closed circle. Numbers refer to equations in Table 3.
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matched by the bivalence of sulphate, which is fully
dissociated above pH 3.0. This is an example of a process
that affects total alkalinity without impacting pH.

Iron and manganese (hydr)oxide reduction with
sulphide (Eqs. (26) and (27); Fig. 8C), and producing
S0 increases pH, similar as the assimilatory reduction
(Eq. (4), (5)) but the effect is slightly lower.

Surface-active species (NH4
+, H+) can be adsorbed to

solid surfaces (Fig. 8D). The effect is smaller for
ammonium than for protons, as the loss of charge
induced by ammonium removal is partly counter-
balanced by the protonation of ammonia.

At pHN7.5, pH increase induced by CO2 evasion is
somewhat higher than the one induced by H+ removal
(Fig. 8D), as the mean charge of DIC is slightly more
negative than −1. The effect of CO2 addition or removal
is reduced with decreasing pH, as more and more of the
DIC is in the form of the uncharged CO2 (Fig. 8E).
Ammonium release to the air decreases pH. Overall, the
effect of this process on pH mirrors proton adsorption,
except at pHN7.3, where ammonium starts loosing its
charge.

5.4. Primary production, calcification

By taking up DIC, negatively charged at pHN4,
photosynthesis generally increases the pH. In case the
algae grow on nitrate, the uptake of (negatively charged)
nitrate will enhance this effect, whilst when growing on
ammonium (positively charged at pHb11), the effect is
reduced (Fig. 9A). Below pH 5.2, the effects of
ammonium uptake surpass the effects induced by
uptake of DIC. Note that the response pattern of nitrate
and ammonium assimilation (Fig. 9A) mirrors those of
the oxic mineralization with or without nitrification
(Fig. 6A). However, whereas the point of zero pH
change is stable in case of aerobic respiration, it is
unstable in the case of ammonium assimilation.

Calcification is the process whereby Ca2+ and car-
bonate or bicarbonate ions precipitate to form crystals of
the calcium carbonate minerals calcite or aragonite. The
calcite or aragonite saturation state determines whether
calcium carbonate will be formed (N1) or will dissolve
(b1). Under the prevailing environmental conditions,
the pH at which the calcite or aragonite saturation state
is 1 is attained at 7.2 and 7.4 respectively. As
calcification consumes excess negative charge as well
as DIC, its effect is to lower pH (at pHN7.2, 7.4). The
reverse is true for calcite and aragonite dissolution
(Fig. 9B).

6. Discussion

Process effects on the pH–pCO2 system have
traditionally been expressed by simple numbers. For
instance, the chemical buffer factor describes pH varia-
tion related to input of an inorganic carbon species
(Riley and Skirrow, 1975), the homogeneous buffer
factor or Revelle factor depicts relative variations of
partial CO2 pressure with total inorganic carbon
(Sundquist and Plummer, 1979). Frankignoulle (1994)
and Frankignoulle et al. (1994) quantified the effect of
carbonate production on pH and pCO2. In this paper we
have re-derived, generalised and extended this ap-
proach. We show that process effects on pH can be
calculated as the product of (1) the net exchange of
charge by consumption and or production of acid–base
components and (2) the subsequent buffering of pH
variations. It is common knowledge (Stumm and
Morgan, 1981; Zeebe and Wolf-Gladrow, 2001) that
the acid–base composition of many biogeochemically-
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active substances depends on the physicochemical
properties of the water, and thus also on pH. Similarly,
the buffering capacity of the solution (the ability to
absorb or release protons) is highly affected by the free
proton concentration. Because of this, the impact of
biogeochemical and physical processes on pH or pCO2

changes with pH (e.g. Frankignoulle et al., 1994). To
demonstrate this, we have calculated the effects of
single biogeochemical processes along an extensive pH
gradient [2–12]. These calculations provide a reference
frame against which temporal or spatial changes in pH
can be understood qualitatively. In what follows we
first discuss what typically shapes pH in water and
sediments. As our results emphasize the long-term
effects of single processes on pH, they can be used to
put into perspective certain findings reported in the
literature. We then give two examples that relate to
the calcification process, i.e. why it co-occurs with
the anaerobic oxidation of methane and what are the
environmental consequences of its co-occurrence with
photosynthesis.

The water column is usually an oxic environment
where changes in pH mainly result from carbon and
nitrogen processes (e.g. Zhang, 2000). Organic matter
and carbonates are produced in the euphotic zone and,
after sinking, remineralise and dissolve at greater depth.
As these processes have different effects on pH, typical
gradients ensue. Water-column pH is kept into a typical
range of (7.3–8.2), mainly by the carbonate cycle: at
depth, the dissolution of carbonates (at low pH),
increases pH (Table 3 Eq. (35); Fig. 9B) and thus
buffers the acidity released by the mineralisation
reactions (Table 3 Eq. (1); Fig. 6A). Near the surface
carbonate precipitation (Table 3 Eq. (34); Fig. 9B) may
reduce the pH increase induced by photosynthesis
(Table 3 Eqs. (35) and (36); Fig. 9A). As calcite
dissolution occurs at larger depth than organic matter
mineralization, a typical pH dip is observed in the zone
where most of the mineralization takes place (Millero
et al., 1998; Zhang, 2000). This pH minimum is rein-
forced by the depth separation of nitrate consumption
near the surface (increasing pH) and production at depth
(decreasing pH, Table 3 Eq. (8); Fig. 7A).

The variety and concentrations of protolytic species
such as sulphide, ammonium, phosphates, but also DIC
is often much higher in anoxic seawater and sediments
than in oxic seawater. Consequently, anoxic seawater
and sediments are better buffered against pH variations
(not shown). The sequential utilization of electron
acceptors by micro-organisms that mineralise the
organic matter provokes a characteristic depth zonation
of redox conditions in these environments. Due to this
biogeochemical complexity, sediment and anoxic basin
pH is not only impacted by the carbon and nitrogen
cycle, but also by the sulphur, manganese and iron cycle.
In sediments, oxic mineralization (Table 3 Eq. (1)) and
the oxic reoxidation of reduced substances (ammonium,
Fe2+,Mn2+, sulphide and methane, Table 3 Eqs. (8),(10),
(11),(14),(15)) all reduce pH (Fig. 7A,B), causing sharp
drops in pore water pH below the sediment–water
interface. The pH generally reaches its minimum at the
oxic–anoxic transition zone (e.g. Revsbech et al., 1983;
Archer et al., 1989; Luff et al., 2001; Wenzhofer et al.,
2001). Below this, pH often increases due to the
combined effects of dissimilatory Fe- and Mn-oxide
reduction (e.g. Reimers et al., 1996; Wenzhofer et al.,
2001). Indeed, although the importance of Mn and Fe
oxides in organic matter mineralization is generally
limited (but see Aller, 1990), the relative impact on pH
by this process is much higher than any other process
(Table 3 Eqs. (4) and (5); Fig. 6C) and the importance of
these processes can therefore be deduced from pore-
water pH profiles (Reimers et al., 1996). Finally, the
sulphur cycle may well have the strongest effect on pH,
keeping it in the range of (6.9–8.3) (Ben-Yaakov,
1973); whilst carbonate dissolution and precipitation
generally have a lower impact on the pH in sediments
(Boudreau and Canfield, 1993).

The interactive effects of production and consump-
tion of multiple species during biogeochemical pro-
cesses on pH sometimes produce unusual results.
Although many processes either consistently increase
or lower pH, this is not always the case. For instance,
except for Fe and Mn oxide reduction, the minerali-
zation of organic matter may either increase, or
decrease pH depending on the pH at which the process
takes place. This has been shown before for sulphate
reduction under closed and open-system conditions
(Boudreau and Canfield, 1993). Here we show that this
phenomenon is more general and also applies to the
oxic mineralisation (Fig. 6A), denitrification (Fig. 6B),
and methanogenesis (Fig. 6D). Ben-Yaakov (1973)
demonstrated that, when considering sulphate reduc-
tion and ignoring transport, the pH in sediments
will converge to a range of (6.9–8.3), the lower pH
attained when sulphide accumulates in the sediment,
the latter pH when sulphide is removed by precipi-
tation to iron sulphide. This finding is confirmed here
(Fig. 6D, 8A), but we show that convergence to one
pH value is a general phenomenon for most miner-
alisation reactions (Fig. 6A,B,D), except for metal
reduction. This point of zero pH change is attained
when the net charges produced and consumed exactly
balance; at 25 °C, salinity 35 and 1 atm pressure
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this is in between 5.2 (oxic mineralization) and 7.0
(denitrification).

The anaerobic oxidation of methane (AOM) shows
similar behaviour (Table 3 Eq. (16); Fig. 6D). This
process occurs in coastal and continental margin sedi-
ments, in seeps and in hydrothermal vent sediments,
which have an unusual mix of high methane and sulphate
concentrations and it is often strongly linked with
carbonate production (e.g. Wallmann et al., 1997;
Valentine, 2002).

In general, the co-occurrence of AOM and carbonate
precipitation is attributed to the fact that the AOM
process increases alkalinity (or bicarbonate), which is
then consumed by carbonate precipitation (Ritger et al.,
1987; Middelburg et al., 1990). The typical way in
which the anoxic methane oxidation is written indeed
suggests bicarbonate formation:

CH4 þ SO2−
4 →HCO−

3 þ HS− þ H2O:

However, this does not explain why the sulphate
reduction (Table 3 Eq. (6)) linked to organic matter
respiration does not lead to calcification. Typical writing
of this process also produces bicarbonate and thus also
suggests coupling with calcification:

CH2O þ 0:5SO2−
4 →HCO−

3 þ 0:5HS−:

However, in order to link both processes, the long-
term effects of sulphate reduction on pH need to be
taken into account. When initiated at pH∼8, both
sulphate reduction and AOM will reduce the pH.
However, AOM converges to a pH of 7.9, well above
the critical pH above which carbonate precipitation is
possible (7.2–7.4). Thus, as calcification lowers pH
below 7.8, the AOM will counteract this and tend to
increase pH. In contrast, the sulphate mineralization
pathway converges to a much lower point of zero pH
change (pH 6.7), well below the critical pH for
carbonate precipitation. Therefore, unless the process
is accompanied by precipitation of sulphides with iron
oxides (e.g. Ben-Yaakov, 1973; Coleman and Raiswell,
1995), sulphate reduction will not lead to carbonate
production on a scale sufficient to form concretions, as
is the case for AOM (Raiswell and Fisher, 2004;
Middelburg et al., 1990).

Ammonium assimilation and anaerobic ammonium
oxidation (ANAMMOX) either tend to very low or very
high pH, depending on initial conditions. The critical
pH from which the former process diverges is quite low
(∼5.2). Although the ANAMMOX process diverges
from more realistic pH values (∼7.1), at a typical pH of
8, the process has very little effect on pH (around 2
orders of magnitude less than nitrification, Table 3.9).
Therefore, this behaviour of these two processes may
not have important environmental consequences. How-
ever, similar behaviour has been documented in
literature for a combination of processes.

In many calcifying organisms, calcification (C) is
at least loosely coupled to photosynthesis (P). Both
processes consume DIC, but calcification decreases,
whilst photosynthesis increases pH. Because of the
shift in the chemical equilibria concomitant with the
drop in pH, CO2 is generated rather than consumed
during calcification (Wollast et al., 1980), whilst it is
consumed by photosynthesis. Due to these antagonis-
tic effects, the net impact of calcifying organisms on
the pH–pCO2 of the environment depends on the
calcification:production (C:P) ratio (Crawford and
Purdie, 1997). It has been shown both for coccolitho-
phorids (Buitenhuis et al., 2001) and corals (e.g.
Gattuso et al., 1999) that, for typical pH values, pCO2

will be conserved at C:P ratios of about 1.2 or 1.7
when growing on ammonium or nitrate respectively,
whilst pCO2 decreases at lower and increases at
higher ratios, and this observation has raised issues as
to the impact of these organisms on the CO2 storage
capacity in the ocean. Indeed, the combination of both
processes leads to a complex pH response pattern (type
4) that is characterised by the presence of an unstable
point of zero pH change, from which the pH will
diverge. In case the organisms grow on nitrate, the point
of zero pH change is attained at pH 6.8 (C:P 1.0) and 8.1
(C:P 1.5), in case of growth on ammonium, it is attained
at 7.8 (C:P 1.0) and 8.4 (C:P 1.5).
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Appendix A. Derivatives of charges

The derivative of the charge of a univalent species (a=1) with respect to [H+]:

dX⁎

d½Hþ� ¼ −
KX

ð½Hþ� þ KX Þ2

The derivative of the charge of a bivalent species (a=2) with respect to [H+] (Park, 1969):

dX⁎

d½Hþ� ¼
−K2

1 d K2−K1d ½Hþ�2−4K1d K2d ½Hþ�
ð½Hþ�d ½Hþ� þ K1d ½Hþ� þ K1d K2Þ2

:

The derivative of the charge of a trivalent species (a=3) with respect to [H+]:

dX⁎

d½Hþ� ¼
−4K2

1K2K3d ½Hþ�−K2
1K2d ½Hþ�2−4K1K2d ½Hþ�3−K1d ½Hþ�4−K2

1K
2
2K3−9K1K2K3d ½Hþ�2

ð½Hþ�3 þ ½Hþ�2K1 þ ½Hþ�d K1d K2 þ K1d K2d K3Þ2
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