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Water Chemistry

I- Chemical constituents of water (Table 1)

(Domenico & Schwartz, 1990)
Water is seldom pure: it is a good solvent, containing many solutes. The constituents of water are generally grouped into several groups, namely:

· Major constituents: 7 constituents comprising > 99% of the TDS. Their concentrations exceed 5 mg/L.

· Minor constituents: 0.01 – 10 mg/L

· Trace constituents: < 0.1 mg/L. 

The quality of water for various purposes is determined based on the concentrations of the above constituents. Quality standards for ground water and drinking water are given in Table 2. 

II- Water Analysis 

(Drever, 1997)

Methods of Water Analysis

A water sample is typically analyzed by one or more of the following methods:
· Inductively coupled plasma – atomic emission spectroscopy (ICP-AES): for the major and minor constituents; ppm level of detection.
· Atomic absorption spectroscopy (AAS): for many trace element constituents (ppb levels), relatively cheap.
· Inductively coupled plasma – mass spectroscopy (ICP-MS): for most trace element constituents, rapid, some speciation when combined with some chromatographic method, expensive.
· Gas chromatography – mass spectroscopy (GC-MS): Most useful for organic compounds. Involves separation prior to analysis.
· Colorimetry/ spectrophotometry: Rapid, relatively inexpensive, useful for anions and many cations. Major constituents.
· Classical wet chemical methods (titrimetry): Major constituents; relatively inexpensive; speciation.
Expressing concentrations of solutes:

· mg/L

· ppm: same as mg/L if the solvent is pure water with density of 1.

· Molarity

· Molality

· gm equivalent weight.

· Normality: Is the number of gm equivalents of compound/ ions/ radicals per liter of solution. Note that the sum of normalities of +ve ions = that of –ve ions.

· Non-ionic dissolved species such as silica cannot be expressed in meq/L.

· Activity vs. concentration

Results of Routine Water Analysis:

The results of a routine water analysis typically include a report of its pH, conductivity, TDS, hardness, and alkalinity (Table 3). The quality of such an analysis is checked by calculating a “charge balance error” for this water (see below), since all waters are electrically neutral. 

TDS:

Fresh: < 1000 ppm; Slightly saline: 1000 – 3000 ppm; Moderately saline: 3000 – 10000 ppm; Very saline: 10,000 – 35,000 ppm; Brine: > 35,000 ppm

Drinking water: < 500 ppm; potable up to 2000 ppm; Sea water: 35,000 ppm; Groundwater: 100 – 300,000 ppm.

Hardness: 

Definition: Hardness is the total # of mg/L of “equivalent CaCO3”. The term “equivalent CaCO3” = 100/40 Ca2+ + 100/24 Mg2+ expressed in mg/L.

In other words, hardness is the mgm equivalents of Ca2+ + Mg2+ per liter of solution “assuming that the solution contains only CaCO3”. To understand how this formula was derived, we can express hardness as:

(# of equivalents of Ca2+ + Mg2+) . gm equivalents of CaCO3
i.e.

 [{(mg/L Ca2+/40) . 2} + {(mg/L Mg2+/24) . 2}] . 100/2

Water types according to hardness: 

· 0-60: soft

· 61-120: moderately hard

· 121 – 180: hard

· >180: very hard.

Charge balance, Cation / anion ratio and charge balance error (Tables 4 & 5)
· Any solution has to be electrically neutral. This means that the concentration of anions has to be balanced by (i.e. equal to) that of the cations.

· Charge balance: be careful when expressing the concentrations of multivalent ions!!!!

· Cation/anion ratio should be very close to 1. 

· Charge balance error should be < 5%.

Alkalinity (CB)
Alkalinity is the equivalent sum of bases that are titratable with a strong acid. Although all solutions are electrically neutral, the concentration of the strong bases is not necessarily equal to that of strong acids. This is simply because there are many ionic species in solution, and strong bases can be “balanced” by weak acids. Alkalinity is the difference between the concentration of strong basic and acidic radicals. However, note that ions like Na+, Ca+2, K+, Cl-, ... etc. are considered "conservative" ions as their concentrations are not affected by pH, P, or T. Therefore, another way of defining alkalinity is:

Alkalinity =  conservative cations -  conservative anions

If Na+ and Cl- are the only strong basic and acidic ions in solution, then alkalinity is defined as:

Alkalinity = [Na+] – [Cl-].

Applying charge balance constraints and rearranging:

Alkalinity = [HCO3-] + 2[CO3-2] + [H3SiO4-] + [HS-] + .... +[OH-] – [H+]

In most natural waters, alkalinity = [HCO3-] + 2[CO3-2], since all other species occur in very low concentrations. This is known as "carbonate alkalinity".

Acidity (CA): 

Is the amount of base required to raise the pH of the solution to the bicarbonate end-point. For a carbonate type water, CA is given by the relation:
CA = [2H2CO3] + [HCO3-] + [H+] + [OH-]
In the case of acid mine-drainage,

CA = [H+] + [HSO4-] + 2[Fe2+] + 3[Fe3+] + 2[Fe(OH)2+] + 3[Al3+]

III- Graphical representation of water chemistry

(D&S)

· Bar graphs (Table 5 & Fig. 1a): meq/L

· Stiff diagrams (Fig. 1b): meq/L

· Pie charts (Fig. 1c)

· Piper diagrams (Fig. 1d): meq/L, normalized! Always a good idea to double check results with a CBE calculation (see above).

IV- Aqueous solutions

A- Acids and Bases

(K&B)

· An acid is a substance containing H+ which gives free H+ when dissolved in water.

· A base is a substance containing (OH-) and which gives (OH-) when dissolved in water.

· Alkalis: are soluble strong bases (e.g. NaOH, KOH, ....).

· Amphoteric compounds: Are those compounds which release either H+ or OH- in solution depending on the pH of the water in which they dissolve. These are usually sparingly soluble bases.

Strength of acids and bases

The strength of an acid is a measure of how easily it dissociates in water. A strong acid dissociates easily, whereas a weak one does not. Strength therefore has nothing to do with the concentration of an acid or a base in solution, but with the values of their dissociation constants. 

Dissociation constants for weak acids and bases

These usually fall in the range of 10-4 or less (for some, the cutoff is HIO3 with a Ka=10-8 at SATP). Strong acids and bases on the other hand have K's that are orders of magnitude higher (Fig. 2a & b; Table 6). Note that in solutions containing weak acids or bases, we cannot neglect the concentration of the undissociated species. The concentrations of these species obviously affect the concentration of H+.

Conjugate pairs:

Example: dissociation of acetic acid CH3COOH (HAc) in H2O yields H+ and CH3COO- (Ac-). The acid is therefore acetic acid, and the acetate anion (Ac-) is its conjugate base.

pH of aqueous solutions:

· pH is a measure of the concentration of H+ in a solution. 

· pH = -log [H+]

· pH of a 1N solution of a strong acid = 0

· pH of a 1N solution of a strong base = 14

· In nature, observed pH's lie between 4 and 9.

· pH of streams in warm humid areas = 5 - 6.5

· pH of streams in arid areas = 7 - 8

· pH of soil water = 4

· pH of sea water =  8.1- 8.3

· pH of playas = 9 or higher

· Lowest pH's in nature (negative values) are recorded in areas of oxidation of pyrite and other sulfides.

· Solutions of any soluble carbonate or sulfide will be alkaline, and solutions of the simple salts of the common heavy metals (e.g. ZnCl2, Pb(NO3)2, NiSO4) will be acidic.

Importance of pH values of natural waters

1- Hydrolysis & polymerization; weathering and precipitation.
2- Adsorption

3- Formation of metal-ligand complexes

4- Mobility of metals

5- Oxidation – reduction reactions

6- Mineral stability
Factors/ processes affecting/ controlling pH of natural waters (Table 7)

Types of common acids in natural systems:

1- Carbonic acid

2- Mineral acids

3- Organic acids

(i) Fulvic acids: organic compounds soluble at both high and low pH values
(ii) Humic acids: organic acids soluble in alkali solutions, but not in acidic ones

(iii) Humin: highest mol wt; insoluble in both acids and alkalis.

B- Salts

Solubility and solubility products:

(cf. notes on chemical equilibrium).

Hydrolysis:

Is the reaction between water and the ion of a weak acid or a weak base. Such a reaction leads to an excess of H+ or OH- in solution.

Buffered solutions:

In general, buffered solutions are ones that have the ability to resist chemical change. A pH- buffered solution would therefore undergo a very slow and small change in its pH when an acid or base is added. Such a solution must contain significant amounts of a protonated species, and its unprotonated form. A system containing significant amounts of the pair HCO3- and H2CO3 (or the pair HCO3- and CO3-2) would be a pH-buffered solution, or one that would resist changes to pH. When an acid is added, protons combine with the negatively charged species HCO3- to form the weak acid H2CO3 which does not dissociate readily. When NaOH is added, H2CO3 is converted to H+ and HCO3-, the H+ neutralizing the OH- released by the dissociation of this strong base, hence impeding the rate of increase in the pH of the solution.

Buffer capacity ((): for a weak acid and conjugate base pair, the buffer capacity is defined as the concentration of the salt (conjugate base) divided by that of the acid. In practice, and in a case like that of the weak acid and its conjugate base example, the buffer capacity is defined as the moles/litre of a strong base that need to be added to change the pH of the solution by 1 unit. The buffer capacity of a weak acid and its conjugate base pair is given by:
( = -(dCB/dpH)

where dCB is the increment of strong base added to cause a unit change in pH. 
V- Calculation of the pH of a solution 
and/or the concentration of any ionic species 

The objective of these problems is to determine the pH and concentrations of all ionic species in a solution of a given normality or molality at a particular T.

A- Computational method

Steps:

1.
Identify all species in solution

2.
Law of mass action (you are given the values of the K's at the specified T)

3.
Mass balance

4.
Charge balance

5.
Dissociation constant for water (Kw)

You now have "n" equations in "n" unknowns, and can therefore get an accurate answer. However, the procedure is quite tedious and challenging. In many systems with dilute solutions, it is best to proceed by making some assumptions. After obtaining a solution, you can check the validity of the assumptions you made, by plugging the values obtained into a few of the equations. If the results agree within 5%, the assumptions are "reasonable".

Examples:

(a) Strong acids or bases: 0.01 moles of HCl in 1 litre of H2O at 25°C

(b) Weak acids and bases: 0.01 moles of acetic acid (HAc) in 1 litre of H2O at 25°C

B- Graphical method 

pC - pH plots (Bjerrum plots)

(Drever)

These diagrams are designed to help determine the pH and the concentrations of all species in solution when the proton condition (charge balance) is satisfied by visual inspection of the graphical plot of pCi (-log [i]) vs. pH. These diagrams are not phase diagrams, and are useful only where the proton condition is satisfied.

Steps for constructing these diagrams:

1.
List all equilibria

2.
List all equations with K values

3.
Mass balance

4.
Charge balance (proton condition)

5.
Take the log of the mass balance equation

6.
Plot log CT on the diagram. Note that it is independent of the pH, and hence plots as a horizonal straight line. (CT is the total concentration of the acid, base, … etc.)

7.
Plot one species at a time by manipulating the above listed equations and taking the logs. Each time, your objective is to determine dpC/dpH, and one point on the line defining this relationship. To determine such a point and the slope, solve for pC at conditions where K >> [H+], and where K << [H+]. Do this for every species.

8.
Solve the above used equations for conditions of pH = pK.

9.
Determine the point that satisfies your proton condition, and read off the concentrations of all species at that point.

Examples:

1- Monoprotic acids in solution: e.g. 10-3 moles of HCN in 1 litre of H2O (Fig. 3)

2- Diprotic acids: e.g. H2CO3 in H2O (Fig. 4).

