equilibrium notes

CE 170:  Environmental Engineering

Notes on Chemical Equilibrium, Buffering, Alkalinity, and Normality 

(Johnston)

Chemical reactions often go in two directions:

A  +  B ( C  +  D   (forward), or

A  +  B ( C  + D  (backward)

We express this on paper as:   A  +  B  (  C  +  D

or in shorthand:     A  +  B  =  C  +  D

For example,

2SO2(g)  +  O2(g) ( 2SO3(g)

But some SO3(g) breaks down, so we have at the same time

2SO2(g)  +  O2(g)  (  2SO3(g)

When the rate of the forward reaction equals the rate of the reverse reaction, the system is in "dynamic equilibrium".  The word "equilibrium" means the relative concentrations of reactants and products do not change with time.  "Dynamic" reminds us that the reactions are still going on (i.e., the concentrations are steady because the reactions are proceeding at the same rate, not because the reactions have stopped).

Equilibrium Constants

Just because the reaction rates are equal, doesn't mean the concentrations are equal.  In the example above, the equilibrium concentrations are:

[SO2] = 1.65 M  (M = molarity = moles/L)

[SO3] = 12.43 M

In general, for the reaction:  

aA  +  bB  =  cC  +  dD

it has been empirically determined that the equilibrium concentrations are related by the following relationship:
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(Remember: "products over reactants")

Note that Keq is usually determined by experiment, and is affected by various environmental factors, most notably, temperature.

LeChatelier's Principle or the Law of Mass Action

If a chemical reaction at equilibrium is subjected to a change in conditions that moves it away from equilibrium, then the reaction rates adjust so that a new equilibrium state is reached.  The system adjusts in a way that offsets, or opposes, the change of condition that disrupted the equilibrium.

For example, suppose a system is described by the following equilibrium equation:

A  +  B  =  C  +  D
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Now, suppose we add more "D" from some outside source (say, from a salt that contains D).  The increased concentration of D increases the opportunities for C and D to react. The additional D will increase the rate of the reverse reaction (C + D ( A + B) and some of the additional D will be converted to A and B.  (This is the action that offsets the condition that disturbed the original equilibrium.  The increased rate of disappearance of D opposes our action of increasing the D concentration in the solution.)  If more C and D react, the concentration of C and D decline and the concentrations of A and B increase.  This process continues until the equilibrium equation is satisfied again.

If you wish, you can consider this from a purely mathematical point of view.  If we artificially increase D, then for the Keq equation to hold true, C must decline and A and B must increase.  This change in concentration is accomplished by the chemical reactions described above.

Buffering

"Buffering" describes that phenomenon in which pH changes only a little when an acid or base is added to a water sample.  Although H+ (from the acid) is added, the concentration of acid in the water (measured by pH) doesn't change proportionately.  It stays relatively constant. (This would be like putting money into your bank account without the balance changing.)  In natural waters, the mechanisms chiefly responsible for this phenomenon  are part of the carbonate chemistry system. 

When CO2 is dissolved into water it forms diprotic carbonic acid, H2CO3.  (Can you write out this reaction?)  Carbonic acid dissociates into hydrogen and bicarbonate ions as follows:

H2CO3  = H+  +  HCO3-  
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H2CO3 = carbonic acid which results from dissolving CO2 in water

HCO3- = bicarbonate ion

Side note:  Many authors, including Davis and Masten, like to write H2CO3 as H2CO3*. Differentiating between true H2CO3 molecules and dissolved CO2 gas is analytically impossible.  Adding the asterisk is just a reminder that the molar concentration represented by the symbol H2CO3* includes both true H2CO3 and dissolved CO2 molecules. This isn't an important practical distinction, however, because dissolved CO2 converts to H2CO3 so quickly that the solution acts as if it was there all the time in the H2CO3 form.
The bicarbonate ion can further dissociate into carbonate ion and H+ as follows:

HCO3-  = H+  +  CO32-
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Because CO2 is everywhere, the carbonate chemical system is at work in virtually all natural waters.  In addition, many rocks, particularly sedimentary rocks which are derived from seashells, contain CaCO3.  When they dissolve (weathering) the carbonate enters the water.  In the pH range of most natural water (6-8), the predominant form of carbonate is bicarbonate ion.

In buffering, most of the H+ added with the acid reacts with HCO3- already in the water to make H2CO3.  (The H+ would also react with any CO32- present to make HCO3- , but in the pH range of most natural wasters the amount of CO32- is very small compared to the concentration of HCO3-.)  The bicarbonate reaction sucks up most of the added H+ and the concentration of H+ in the water doesn't change much, meaning the pH stays relatively constant.  This is the buffering effect.  The buffering demonstration spreadsheet might help you visualize this mechanism.  Try it out.
When a base is added to the water, a similar thing happens.  Without buffering, the OH- combines with H+, the H+ concentration drops, and the pH increases.  When bicarbonate is present, the OH- reacts with the HCO3- rather than the H+ and the pH doesn't change much.  Try writing out the base reactions for yourself.

Alkalinity and Normality

In the system described above, pH stays relatively constant until all of the bicarbonate and carbonate ions are used up (i.e., reacted with H+ or OH-).  When that happens the pH changes fairly quickly with the further addition of acid or base.  

A measure of the amount of carbonate and the potential buffering capability of a water sample is the alkalinity.  Alkalinity is usually defined as the ability of the water to neutralize acid.  This is because it is measured in the lab by adding acid to a water sample.  The alkalinity test is a titration in which acid is added to a water sample until the pH reaches about pH 4.5.  Look at the carbonate distribution diagram at this pH (p. 69 of Davis and Masten).  The predominant chemical specie at pH 4.5 is H2CO3.  Virtually all of the HCO3- and CO32- have been converted to H2CO3 by the addition of H+.  Below this pH, further addition of H+ will cause the H+ concentration to increase proportionately.  In other words, there is no buffering below this pH. 

Mathematically, alkalinity can be calculated from the molar concentrations of the species that react with H+.  At the end of the titration: 

H+ sources  =  H+ sinks

(1)[H+] + (H+ added)  =  (1)[ HCO3-]  +  (2)[ CO32-]  +  (1)[OH-]

(H+ added) = Alkalinity  =  (1)[ HCO3-]  +  (2)[ CO32-]  +  (1)[OH-]  -  (1)[H+]

The [] nomenclature stands for “moles per liter” in the water.  The (1)'s and (2) are the number of H+'s that can be reacted with each ion (1 for each HCO3- and 2 for each CO32-).  

Alkalinity is expressed in units of meq/L (milli-equivalents per liter).  An "equivalent" is a mole of H+ or H+ reaction sites.  It is a unit used to account for the fact that some ions react with one H+ and others react with more than one.  For instance, HCO3- reacts with one H+; CO32- reacts with two; PO43- reacts with three.  1.0 eq/L is a 1.0 "normal" solution (abbreviated as N).  A solution's molarity is a measure of the number of molecules (moles/L); normality is a measure of the number of reactants or reaction sites (eq/L). The relationship between molarity and normality is:

Normality = (z) Molarity

where in acid-base reactions z = the number of H+ ions potentially available or potential H+ reaction sites per molecule.  Thus, it will vary from compound to compound.  Two solutions with equal normalities have equivalent chemical strengths, even though they may not have the same number of molecules (molarities).

If the alkalinity equation is written out in normality units, we get:

Alkalinity (eq/L)  =  (1eq/mole)[ HCO3- mole/L]  +  (2eq/L)[ CO32- mole/L]  

+  (1eq/mole) [OH- mole/L]  -  (1eq/mole) [H+ mole/L]

The 1's and 2 are the z values.

Just to add to the confusion, for historical reasons, alkalinity is most often expressed in units of "mg/L as CaCO3" instead of eq/L.  This unit is just another way of expressing normality.  The conversion between eq/L and mg/L as CaCO3 is:

1 eq  =  (100 g of CaCO3 /mole) ( (2 eq/mole)  =  50 g as CaCO3 = 50,000 mg as CaCO3
Think of this as a simple conversion factor:

50000 mg CaCO3 per eq

Normality is discussed in Davis and Masten on pp. 65-67.  Please read this section.
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