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The Carbonate System and pH Control 
Mineral stability diagrams

The Carbonate System

• pH of most natural waters controlled by reactions 
involving the carbonate system

• Groundwater and seawater chemistries are often 
poised near calcite equilibrium, with pH buffered 
by calcite dissolution and precipitation

• Applications
– Fate of CO2 from fossil fuels and other CO2 sources on 

the atmosphere 
– Effect of acid rain on lakes
– Effect of acid mine drainage on rivers

• CO2 is the most prevalent source of acidity in natural 
waters (unperturbed by man) and causes minerals to 
dissolve in weathering processes, e.g.:

CaCO3(calcite) + CO2(g) + H2O(l) « Ca2+ + 2HCO3
-

NaAlSi3O8(albite) + CO2(g) + 11/2H2O(l) « Na+ + 
HCO3

- + 2H4SiO4
0 + 1/2Al2Si2O5(OH)4(kaolinite)

• Sources of CO2: volcanic emissions, respiration, fossil 
fuel combustion, respiration, decomposition of organic 
matter, precipitation of carbonates.

• Sinks of CO2:photosynthesis, mineral dissolution.

pH of Precipitation
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Activity of Carbonate Species versus pH

H2CO3 HCO3
– CO3

2–

pH

Lo
g 

a
i

Drever (1997)

The Role of Marine Calcium Carbonate in the 
Global Carbon Cycle

Ruddiman (2001)

Weathering feedback probably 
stabilizes atmospheric pCO2 at 
timescales � 106 years

CaCO3 Compensation

River Input R
(Ca2+, HCO3

-)

Production P

Dissolution D

Burial B

Today:
P = 4 × R
D = 3 × R

� B = R

The burial rate of CaCO3 in deep-sea sediments is ultimately 
controlled by the dissolution rate, which adjusts to maintain steady 
state between river input (weathering) and burial.

Broecker and Peng, 1987: The role of CaCO3 compensation in the glacial to interglacial atmospheric 
CO2 change. Global Biogeochemical Cycles, 1, 15-29.

Example: (P = const.)

R � � B initially too high (imbalance) � D � � B � until B = R

• Carbonic acid (H2CO3) is a weak acid:
– First dissociation: H2CO3 = HCO3

– + H+

– Second dissociation: HCO3
– = CO3

2–+ H+

• Carbonic acid forms when CO2 dissolves in 
and reacts with water:

CO2(g) + H2O = H2CO3

– Most dissolved CO2 occurs as “aqueous CO2” 
rather than H2CO3, but we write it as carbonic 
acid for convenience

– The equilibrium constant for the reaction is:

– Note we have a gas in the reaction and use 
partial pressure rather than activity

KCO2 =
[H2CO3 ]

PCO2 [H2O]
=

[H2CO3 ]
PCO2
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KCO 2 =
[H2CO 3 ]

PCO 2

• We can describe the formation and 
dissociation of carbonic acid through the 
following chemical and equilibrium 
equations
– Dissolution of CO2: 

CO2(g) + H2O = H2CO3

– First dissociation: 
H2CO3 = HCO3

– + H+

– Second dissociation:
HCO3

– = CO3
2–+ H+

K1 =
[H+ ][HCO3

– ]
[H2CO3]

K2 =
[H+][CO3

2 – ]
[HCO3

– ]

Variables and Reactions Involved in Understanding 
the Carbonate System

Gas
equilibria

Dissociation of
carbonic acid

Dissociation
of water

Cations Measure-
ments

PCO2 [H 2CO3] [H +] [Ca2+] DIC

[HCO 3
–] [OH –] Alkalinity

[CO3
2–]

K1 =
[H+ ][HCO3

– ]
[H2CO3]

KCO2 =
[H2CO3 ]

PCO2

K2 =
[H+][CO3

2 – ]
[HCO3

– ]

Dissolution of CO2:
CO2(g) + H2O = H2CO3

First dissociation: 
H2CO3 = HCO3

– + H+

Second dissociation:
HCO3

– = CO3
2–+ H+

Ksp,calcite = [Ca2 +][CO3
2 – ]Calcite dissolution:

CaCO3 = Ca2+ + CO3
2–

Mono Lake, California

Green Lake, New York

Alkalinity
• Total alkalinity - sum of the bases in equivalents that are 

titratable with strong acid (the ability of a solution to 
neutralize strong acids)

• Bases which can neutralize acids in natural waters: HCO3
–, 

CO3
2–, B(OH)4–, H3SiO4

–, HS–, organic acids (e.g., acetate 
CH3COO–, formate HCOO–)

• Alkalinity �  (HCO3
–) + 2(CO3

2–) = Carbonate alkalinity
• Alkalinity is routinely measured in natural water samples.  

By measuring only two parameters, such as alkalinity and 
pH, the remaining parameters that define the carbonate 
chemistry of the solution (PCO2, [HCO3

–], [CO3
2–], 

[H2CO3]) can be determined.
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CLOSED SYSTEM
• Treat carbonic acid as a non volatile acid.
• Species involved: CO2(aq), H2CO3

0, HCO3
-, CO3

2-, 
H+, OH-.

• Four equilibrium relations:
– Hydration of CO2(aq): CO2(aq) + H2O(l) « H2CO3

0

– First and second dissociation reactions of H2CO3
0:

• H2CO3
0 « H+ + HCO3

-

• HCO3
- « H+ + CO3

2-

– Ionization of water: H2O(l) « H+ + OH-

• Electroneutrality: [H+] = [OH-] + [HCO3
-] + 2[CO3

2-]

• An appropriate mass balance.

OPEN SYSTEM
• Same species as closed system.
• Same charge-balance expression.
• Same ionization constants.

• No mass balance, instead we have a Henry’s law 

expression: CO2(g) + H2O(l) « H2CO3
*

[H2CO3
*] = KHpCO2

= 10-1.5pCO2

2

0

1
COHT pKC

a
=

Charge balance: [H+] = [HCO3
-] + 2[CO3

2-] + [OH-]

At a given temperature, we can define the entire system 
by specifying pCO2. For a system composed of pure 
water and CO2 with pCO2 = 10-3.5 atm, the pH is given 
by point P in Figure 4.3, because [H+] » [HCO3

-]. This 
point corresponds to a pH = 5.65. Thus, pure rainwater 
in equilibrium with CO2 as the only acid (i.e., natural 
rainwater unaffected by pollution) will have an acidic 
pH!
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