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H2O Dominated Fluids

 Excluding Magmatic and Metamorphic systems  
leaves hydrothermal H2O fluids as the most 
important fluid-driven petrological system.

 Precipitation in aqueous solutions would include 
hydrothermal systems, precipitation from sea or 
fresh water, groundwater-driven solutions, and 
chemical weathering. Any of these could 
potentially form ore deposits.

 Many of the ore-forming fluids are of significant 
economic importance. 



Le Chatelier’s Principle

 Known as the “Equilibrium Law” – can be used 
to predict chemical behavior.

 Le Chatelier’s principle can predict the change in 
equilibrium due to:
 Change in concentration
 Change in temperature
 Change in pressure
 Effect of adding inert components
 Effect of catalysts



Le Chatelier’s: Concentration

 Changes in concentration of products/reactants 
will cause an adjustment so that the original ratio 
of products to reactants is maintained (i.e. 
Equilibrium Constant K)

 Example: CO + 2 H2 CH3OH
 If the concentration of CO is increased the 

amount of methanol (CH3OH) increases 
because the equilibrium ratio must be 
maintained.



Le Chatelier’s: Temperature

 The effect of increasing temperature will be to 
drive a chemical reaction in a direction that 
would “consume” heat energy therefore 
restoring equilibrium

 Example: 
 N2(g) + 3 H2(g) 2 NH3(g)
 ΔH = -92 kJ mol−1 (Exothermic)

 Increasing temperature will drive reaction to the 
left increasing the concentration of  N2 and H2.



Le Chatelier’s: Pressure

 The effect of pressure will be to drive the 
reaction in a direction that produces more dense 
products or less volume.

 Example: N2 (g) + 3 H2 (g) 2 NH3 (g)
 Increasing pressure would drive the reaction to 

the right because there are more moles of gas on 
the reactant (larger volume) side (4) than the 
product side (2).



Le Chatelier’s: Inert component

 Adding an inert component - one that does not 
participate in the reaction - will not change the 
equilibrium constant.

 If the additional component increases the volume of 
the system that would have the same effect as 
decreasing pressure.

 Example: N2 + 3 H2 2 NH3

 Adding inert He gas to a container with the above 
reactants/products would cause no change to the 
concentration of reactant/products



Le Chatelier’s: Catalyst

 A catalyst simultaneously accelerates the rate of 
the forward and backward reaction but does not 
change the concentrations of the 
reactants/components so it will not change the 
equilibrium constant K.



Chemical Equilibrium

 When a chemical reaction is defined the concept of 
simultaneous forward and reverse reactions must be 
understood:
 CaSO4 = Ca2+ + SO4

2-

 The forward reaction may be dominant but the reverse 
reaction is still active at equilibrium.

 The equilibrium constant is the ratio of the products 
over the reactants:
 K = [Ca2+][SO4

2-]/[CaSO4] = 3.4e-5
 The values in brackets [ ] represent ionic concentrations 

in moles/liter. A pure phase like CaSO4 has a 
concentration = [1.0].



Chemical Equilibrium cont..

 One can use the equilibrium constant K to 
calculate the ionic concentration of [Ca2+] and 
[SO4

2-]:
 K = 3.4e-5 = [Ca2+][SO4

2-] = [Ca2+]2
 since [Ca2+] = [SO4

2-]
 Therefore [Ca2+] = (3.4e-5)0.5 = 5.831e-3M
 Note that the forward and backward reactions 

maintain the ionic concentration so that [Ca2+] * 
[SO4

2-]  =  3.4e-5M



More Complex Solutions

 If CaCl2 dissolves to produce a 0.1M solution of 
[Ca2+] what would the solubility of CaSO4 be if 
it where added to the solution?

 It is important to realize that the equilibrium K 
for a reaction will not change even if another 
reaction is contributing ions in solution

 Let x equal the amount of [Ca2+] contributed by 
CaSO4 therefore:
 K = 3.4e-5 = [Ca2+][SO4

2-] = (0.1+x)(x) = 0.1x+x2



Complex Ionic Solution cont…

 Although x could be solved with the quadratic equation formula 
often a simplifying assumption can be used instead

 If we reason that the [Ca2+] would be lower than when CaSO4
was dissolved into pure water then the [Ca2+] would be less than 
5.8e-3 therefore the x2 term would be small in comparison

 If x2 is neglected: 0.1(x) = 3.4e-5 therefore x = 3.4e-4M
 Back substituting to check the assumption: 0.1(x) + x2 = 3.4e-5 

+ 1.16e-7  z 3.4e-5  
 This validates the assumption since the addition of the x2 term 

only changes the result by 0.3% 



Geochemistry of Aqueous Solutions

 Chemical Definitions
 Acids: substance that liberates H+ into solution 

(proton donor)
 HCl = H+ +  Cl-

 Bases: substance that liberates OH- into solution
 Ca(OH)2 = Ca2+ + 2OH-

 Any chemical compound that tends to dissolve in 
H2O and liberates H+ can be classified as an “Acid”, 
whereas a compound that dissolves into H2O and 
liberates OH- is a “Base”.



Concept of pH and pOH
 pH is the negative log of the H+ concentration in an 

aqueous solution.
 Pure water (H2O) naturally disassociates into H+ and 

OH- with K = 1E-14
 H2O=(H+) + (OH-) where [H+]=[OH-]=1E-7
 K = [H+][OH-] / [H2O] = [1E-7][1E-7] / [1.0] = 1E-14
 Therefore pure water has a pH = –log[1e-7] = 7
 The sum of pH and pOH is always 14 so as to maintain 

the K = 1E-14
 Therefore if pH = 4.5 then pOH = 14 – 4.5 = 9.5 and 

[OH-] = 1E-9.5



Proof of pH+pOH = 14

 H2O=(H+) + (OH-)    K=1.0E-14
 K = [H+]*[OH-]/[H2O]
 Log K = Log [H+] + Log[OH-] – Log[H2O]
 -14 = Log[H+] + Log[OH-] – Log[1.0]
 14 = pH + pOH {multiply both sides by -1}



Carbon Dioxide and pH

 Natural rain water reacts with CO2 to form weak carbonic acid in 
natural waters:
 CO2 + H2O = H2CO3 (carbonic acid)

 H2CO3 is a weak acid with a equilibrium constant of 1E-6.4:
 H2CO3 = H+ + HCO3-

 1E-6.4 = [H+][HCO3
-]/[H2CO3]

 Measurements of total dissolved carbonate (i.e. [H2CO3] + 
[HCO3

-]) usually yield approximately 0.01M dissolved carbonate 
in natural waters.

 Let x = [H+] and note that [H+] = [HCO3
-] then

 x2 = (0.01M)(1e-6.4) = 3.99e-9  therefore x = 1e-4.2
 This means that natural waters would have a pH of 4.2 if this 

was the only controlling reaction



Electrode Potential (Eh)
 Electrode potentials were first discovered when experiments 

with electricity in aqueous solutions would “electroplate” a 
particular metal at the electrodes, or produce a “battery”.

 In the case of a Zn and Cu metal connected by a wire immersed 
in a copper sulfate solution the reactions:
 Zn = Zn2+ + 2e- (E=-0.76v)
 Cu2+ + 2e- = Cu   (E=-0.16v)
 Combining the above: Zn + Cu2+ + 2e- = Zn2+ + Cu + 2e- (E=-0.92)

 The copper will precipitate on the Cu electrode and generate an 
electrical current along a connecting = 0.92 volts. The negative E 
value means that no external power is needed- the reaction is 
spontaneous. Some Zn will dissolve into solution.

 The current is known as electrode potential and they can be used 
when balancing chemical equations. The potential is relative to 
the reaction:
 H2 = 2H+ + 2e- (E=0.0)



Redox Potential
 http://en.wikipedia.org/wiki/Standard_electrode_potential_(dat

a_page)
 Standard electrode half-reactions are routinely tabulated (see 

above link)
 The electromotive force (i.e. voltage) is measured where the 

oxidized ion and released electrons are on the right side of the 
equation:
 Fe = Fe2+ + 2e- E=(-0.41)
 Mn = Mn2+ + 2e- E=(-1.18)

 When combining equations if the E value is negative the reaction 
will proceed forward without the need for electrical current :
 Mn + Fe2+ = Fe + Mn2+ E=(-1.18 + 0.41) = -0.77



Thermodynamic Basis of Eh
 Electrode potential is related to G (Free Energy):

 E = G/nf = Eº + (0.059/n)* log (K) {Nernst Equation}
 Where n = number of electrons involved in the reaction and 

f = Faraday constant = 96485 deg C/mol
 Using the previous reaction as an example:

 Zn + Cu2+ = Zn2+ + Cu (-0.92)
 At equilibrium Eh = -0.92 + 0.059/n* log [Cu2+]/[Zn2+] 
 Assuming [Zn2+] = 0.01M and [Cu2+] = 0.005M then:

 -0.92 + (0.059/2)(log[0.005] – (0.059/2)*log[0.01])
 -0.92 + 0.0295*(-2.301) – 0.0295*(-2.0) 
 -0.92 – 0.0679  + 0.059
 -0.929

 Reaction would proceed forward



Other Examples of Redox 
Reactions

 The reaction of Fe2+ being oxidized to Fe3+ by an aqueous 
MnO2 solution would be written as:
 MnO2 + 4H+ + 2Fe2+ = Mn2+ + 2H2O + 2Fe3+

 The above reaction is a combination of the 2 half-cell reactions:
 (1) Fe2+ = Fe3+ + 1e- (E=+0.77)
 (2) Mn2+ + 2H2O = MnO2 + 4H+ + 2e- (E=+1.23)

 Because reaction (2) is reversed the electrode potential E = (       
-1.23 + 0.77) = -0.46

 Note that reaction (1) was multiplied by 2 to balance the full 
reaction, but the electrode potential (E=+0.77) was not because 
it does not depend on the number of molecules participating in 
the reaction (unlike quantities such as G, H, and S). 



Eh-pH Diagrams

 Plot hydrogen ion 
concentration (pH) 
versus oxidation 
potential (Eh)

 Natural systems tend 
to range in pH 4-9 

 Upper oxidizing 
boundary:
 H2O = 

1/2O2+2H++2e-
 Lower reducing 

boundary:
 H2 = 2H+ + 2e-

 Note that some 
natural systems may 
plot well outside 
“natural conditions” 

Eh-pH Diagram
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Eh-Ph Example: Fe, H, O

 Demonstrates the 
solubility of Fe 
Hydroxides

 Note that in 
“natural” conditions 
Fe may be dissolved 
as Fe2+ ions at low 
pH or precipitate as 
Fe(OH)3 at higher 
pH.

 More oxidizing 
conditions favor 
hydroxide formation

Eh-pH Diagram (Fe,O,H)
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Eh-pH Fe, H, O Example

 Note that reactions that do 
not involve [H+] or [OH-] 
will be independent of pH 
therefore the reaction
 Fe2+ = Fe3+ + 1e-
 Horizontal on Eh-pH

 Reactions that involve [H+] 
or [OH-] but do not have a 
redox reaction will be vertical 
lines
 Fe2+ + 2OH- = Fe(OH)2
 Vertical on Eh-pH

Eh-pH Diagram (Fe,O,H)
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Eh-pH Fe, H, O Example

 Reactions curves that are not vertical or 
horizontal depend on pH and Eh

 Example:  3H2O + Fe2+ =  Fe(OH)3 + 3H+ + 
e-

 Eh = Eº + 0.059 log ([H+]3/[Fe2+])
 Eh = 0.98 - 0.177pH for [Fe2+] = 1M
 For [Fe2+] = 1E-7M

 Eh = 0.98 + 0.059*(3)*log[H+] – 0.059*log[1E-7]
 Eh = 0.98 – 0.177*pH + 0.413
 Eh = 1.39 – 0.177*pH



Eh-pH for Several Economically 
Important Metals

 Au occurs in natural 
environments as native 
metal

 Pb, Mn and Ni occur as 
cations in natural 
environments

 Cu and Ag may be metals or 
dissolved ions depending on 
slight changes in redox

 Basic (Alkaline) conditions 
form hydroxides of  Mn, 
Cu, Ni, Pb 



Eh-pH Fe, C, S, H, O

 A more complex Fe diagram that 
includes sulfides, oxides, and 
carbonates (Dissolved CO2=1M; 
S=1E-6)

 Hematite is the stable mineral of 
iron in all moderately and strongly 
oxidizing environments

 In reducing environments the 
stable mineral may be magnetite, 
pyrite or siderite

 If the dissolved CO2 and S is very 
low the stability of Fe3O4 extends 
into neutral pH conditions



Exam Summary

 Understand the 
concept of 
Reduction-Oxidation

 Be able to explain 
Acid vs. Base

 Understand the 
common ion effect

 Be able to process 
simple solubility 
calculations

 Be able to explain pH 
and Eh

 Be able to add 2 half-
cell reactions, balance 
the reaction, and 
calculate “E”

 Be able to interpret 
Eh-pH diagrams


