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A. The basics of Volumetric Analysis Volumetric or titrimetric analysis are quantitative analysis techniques that use titration to compare an unknown to a standard. In a titration, a sample containing an unknown concentration of reactant B is gradually added to a volume of a standardized solution containing a known concentration of reactants B. Titration continues until reactant B is
used up (stoichiometric completion). This is called an equivalence point. At this point, the number of equivalents of A added to the unknown is equal to the number of equivalents of B that were originally present in the unknown. The most volume-wide methods have the potential for accuracy of up to 0.1%. For volumetric methods to be useful, the response must reach 99% +
completion in a short time. In almost all cases, a buret is used to outscite the titrant. If a titrant reacts directly with an analyte (or with a reaction the product of the analyte and an intermediate compound), the method is called direct titration. The alternative technique is called back titration. Here, an intermediate reacter is added, which goes beyond the necessary to exhaust the
analyte, then the exact degree of the surplus is determined by subsequent titration of the unreacted intermediate with the titrant. Regardless of the type of titration, an indicator is always used to detect the equivalence point. Most often, the internal indicators, connections added to the responsive solutions, are experienced an abrupt change in a physical property (usually absorption
or color) at or near the equivalence point. Sometimes the analyte or titrant will perform this function (auto display). External indicators, electrochemical devices such as pH meters, can also be used. Ideally, titrations should be stopped at the exact equivalence point. However, the ubiquitous random and systematic error often leads to a titration end point, the point at which a titration
is stopped, which is not quite the same as the equivalence point. Fortunately, the systematic error or distortion can be estimated by performing an empty titration. In many cases, the titrant is not available in a stable form of clearly defined composition. If this is the case, the titrant (usually by volumetric analysis) must be standardized with a compound available in a stable, high
purity form (i.e. a primary standard). The basic requirements or components of a volumetric process are: 1. A standard solution (i.e. known concentration reacts with the analyte with a known and repeatable stoichiometry (i.e. acid/base, precipitation, redox, complexation) 2. A device for measuring the mass or volume of the sample (e.B. pipette, graduated cylinder, volume piston,
analytical balance) 3. A device for measuring Volume of the added titrant (i.e. Buret) 4. If the titrant analyte reaction is not specific enough, a pretreatment to remove interference 5. A means by which the endpoint can be determined. This can be an internal indicator (e.B. phenolphthalein) or an external indicator (e.B. pH-meter). Table 16.1 Volumetric Methods for Environmental
Analysis Analyrant Titrant Indicator Pretreatment Method Acid/Base Alkalinity HCl methylorange No Acid NaOH phenolphthalein No N(-III) H2SO4 methylrot Digest/Distill (N NH4OH) Macro-Kjeldahl &amp; Acidimetric Volatile Acids NaOH phenolphthalein distillation distillation Precipitation Chloride Ag potassium chromate chloride Hg Diphenylcarbazone Mercuric Nitrate
Complexation or Chelation Ca EDTA Eriochrome Blue Black R Hardness ED TA Eriochrome Black T CN Ag p-dimethylamino benzalrhonin Oxidation/Reduction Dissolved O2 Na2S2O3 Strength Mn(+II), I(-I) Winkler Ca MnO4 auto oxalate Permanganate T Chlorine/ClO2 Na2S2O3 Strength I(-I) Iodometric SO3-2 Na2S2O3 Strength I(-I) Iodometric Chlorine/ClO2 FeSO4 DPD DPD
Iron Titre. COD Fe(NH4)2(SO4)2 Ferroin K2Cr2O7 Volumetric methods can be based on acid/base reactions. precipitation reactions, complexation reactions and redox reactions. Table 16.1 summarises the volume-reducing methods used for environmental analysis. The acid-base methods usually use a strong acid or base as a titrant with methylorange/red (acid titration) or
phenolphthalein (base titration) as an indicator. For all but acidity and alkalinity determinations, the analyte must be separated from the main cations and anions before titration. The precipitation volumetric analysis is based on the formation of a solid phase with a very low solubility product constant. In environmental analysis, it can be used to determine chloride. Specific indicators
are used to detect excess silver or mercury. Complex titrations often use ethylenediamine tetraacetic acid or EDTA [HOOCCH2)2NHCH2CH2NH(CH2COOH)2]. This is a hexadente ligand that binds very strongly to many metals. For calcium and total hardness determination, some specific dyes are used to determine the presence of excess cation. Many oxidation/reduction-based
volumetric methods use the iodometric method. This includes the oxidation of iodine to iodine and subsequent titration with sodium thiosulfate using starch as an indicator. Many of them use a number of redox reactions. The permanganate method for calcium is somewhat unique in that calcium is precipitated as oxalate, and it is the solid-phase oxalate group that participates in the
redox reaction, not the calcium. B. Acid/Basentitations 1. ALKALINITY &amp; ACIDITY a. Significance alkalinity is a measure of a water's ability to neutralize strong acids. It reflects buffer capacity or resistance to pH waste when acid is added. Conversely, acid is a measure of a water's ability to neutralize strong bases. Alkalinity is important to assess the need for additional
buffering or pH control with pH-sensitive operations. For example, the alkalinity of a water must be known to calculate lime and soda cans for precipitation softening. Species responsible for alkalinity or acidity can affect corrosion rates, the speciation of metals and organic compounds, rates of certain types of reactions, and numerous biological processes. Alkalinity and acidity can
also correlate with other properties of a water such as hardness and TDS. b. Species responsible for alkalinity and acidity in water can only be interpreted in concentrations of certain constituents if the chemical composition of the water is known. Species that give a water alkalinity are bases. Species that acidify a water are acids. In unpolluted fresh water, hydroxide, carbonate
and bicarbonate are the most important bases. Therefore, total alkalinity is often interpreted as the sum of the number of equivalents of these bases (minus the hydrogen ion concentration). Thus, alkalinity can be expressed in Eq/L or meq/L, but not in moles/L or mmoles/L. alktot = [HCO3-] + 2[CO3-2] + [OH-] - [H+] (16.1) In rare cases, other bases such as silicates, ammonia,
phosphates, borates and organic bases may also be important. For example, extremely soft waters (&lt; 10 mg/l as CaCO3) contain so little bicarbonate that ammonia and silicate concentrations become important. In addition to H and OH, the in- non-metals found in the order of their meaning are the carbotates, sulfate, chloride, silicate, organic anions, nitrate, fluoride, boron,
bromide, ammonia and phosphate. Of these, sulfate, chloride, nitrate, fluoride and bromide are not sufficiently basic to contribute to alkalinity regardless of their concentration. Similarly, most important cations such as calcium, sodium, magnesium, potassium and strontium do not hydrolysis sufficiently within the pH range to accommodate a high alkalinity. The other types of interest
are listed in Table 16.2. On the basis of the average concentrations presented here, the practice of interpreting freshwater alkalinity in the sense of the carbonate system is justified. It is important to point out here that while carbobonates contribute to alkalinity, the addition of carbon dioxide to a water will not change its alkalinity. This is true because carbon dioxide consumes a
hydroxide molecule each bicarbonate molecule.                                               CO2(aq) + OH- = HCO3- (16.2) However, the addition or loss of carbon dioxide can lead to a change in pH.             Unlike freshwater, seawater has such high concentrations of other bases that the following chemical interpretation is commonly used (Alk &amp; Acy are always in units of equivalents/litre):
Alctot = [HCO3-] + 2[CO3-2] + [B(OH)4] + [HPO4-2] + [H3SiO4] + [MgOH-] + [OH-] - [H+] (16.3) Important acids contributing to acidarei, hydrogen ion, bicarbonate and dissolved carbon dioxide.  Organic acids can also contribute acidity in highly coloured waters.                                    Acytot = 2[H2CO3] + [HCO3-] + [H+] - [OH-] (16.4) Table 16.2 Chemical Species Which May
Contribute to the Alkalinity of Fresh Waters Species pKa Average Conc. (M) Equilibria Carbonates 10.3/6.4 1x10-3 CO3-2 + 2H+ = HCO3- + H+ = H2CO3 Silicates 9.8 2x10-4 H3SiO4 + H+ = H4SiO4 Organics 3 to 10 1x10-4 R-COO- + H+ = R-COOH Borates 9.2 1x10-6 B(OH)4- + H+ = B(OH)3 + H2O Ammonia 9.2 2x10-6 NH4OH + H+ = NH4+ + H2O Iron 6.0/4.6 2x10-6
Fe(OH)4- + 3H+ = Fe(OH)2+ + H+  = Fe(OH)+2 Aluminum 8.0/5.7 2x10-6 Al(OH)4- + 2H+ = Al(OH)3 + H+  = Al(OH)2+ 4.3/5.0 Al(OH)2+ + 2H+ = Al(OH)+2 + H+ = Al+3 Phosphates 7.2 7x10-7 HPO4-2 + H+ = H2PO4- Hydroxide 14.0 2x10-7 OH- + H+ = H2O Copper 9.8/7.3 1x10-7 Cu(OH)3- + 3H+ = Cu(OH)++ H+= Cu+ + H2O Nickel 6.9 2x10-8 Ni(OH)2 + H+ =NiOH+ Cadmium
7.6 1x10-8 Cd(OH)+ + H+ = Cd+2 + H2O Lead 6.2 1x10-8 Pb(OH)+ + H+ = Pb+2 + H2O Sulfides 7.0 variable HS- + H+ = H2S Zink 6.1/9.0 Variable Zn(OH)2+ 2H+= Zn(OH)++ H3O+=Zn+2+ 2H2O c. Anmerkungen zur Bestimmung von Alkalität &amp; Säure i. Prinzipien All waters are subject to a certain decrease in pH with the addition of strong acids and some increase in pH
with the addition of strong bases.  The greater the alkalinity or acidity, the smaller the PH shifts, but they never disappear completely.  Therefore, alkalinity and acidity cannot be determined by adding an acid or base until a pH change occurs, as the first drop always leads to a change.  Instead, samples are usually titrated to a predefined pH.  Conventionally, the pH is usually about
4.5 for alkalinity stitration and 8.3 for acidic neradienizers.  However, these are not purely arbitrary decisions.  Titration to pH8.3 corresponds to the point the amount of the added base corresponds to the sum of the strong acid, carbon dioxide and bicarbonate that were originally present. Since this pH represents the approximate time of color change for the phenolphthalein
indicator, the amount of titrant required to reach this pH is often referred to as phenolphthalic acid. Similarly, the titration to pH 4.5 corresponds to the point at which the amount of added acid corresponds to the originally present amount of strong base, carbonate and bicarbonate. Since this pH represents the approximate time of color change for the methyl orange indicator, the
amount of titrant required to reach this pH is often referred to as methyl orange alkalinity. Methyl orange is an azo dye that changes the color from yellow to red, as the pH is lowered below about 4.5. It is also known as p-dimethylaminoazobenzole p'-sulfanilic acid. Phenolphthalein is a polyphenolic compound that loses both a water molecule and a hydrogen ion at high pH. During
deprotonation, the color changes from colorless to bright red. ii. Choosing titration pistons It is a good practice to have as little space between the sample and the drill (and pH electrode) as practical. For conventional electrodes, the 200 ml high Berzelius cup is a good choice. For miniature combination electrodes and for the colorimetric method, an Erlenmeyer flask (125 ml or 250
ml) is recommended. In general, a magnetic stirrer is recommended for proper mixing and electrode response, but the speed should be kept low to minimize the exchange with the atmosphere. A rubber plug with holes for the electrode(s) and Buret can be used to further reduce atmospheric contact. For the colorimetric method, the manual stirring of the Erlenmeyer flask via a
swirling wrist movement can be used. iii. Sampling method 1. Treat carefully to avoid the loss of carbon dioxide 2. Analyze immediately after opening to avoid the loss of volatile substances (carbon dioxide, ammonia, hydrogen sulphide) 3. Collect samples in polyethylene or glass bottles and keep cool to avoid changing gas solubility. iv. Colorimetric vs Potentiometric Methods In
the vast majority of cases, both colorimetric and potentiometric methods are acceptable. However, there are certain circumstances in which one might prefer the other. For example, some high-colored or cloudy samples can mask the color of indicators and make the use of the colorimetric method impossible. If free residual chlorine is present, it must be 0.1M by adding 1 drop of
removed before using the colorimetric method. This is necessary to avoid bleaching the indicators. In some very diluted waters, this type of sample pretreatment may and the potentiometric method is recommended. For highest accuracy, the potentiometric method is recommended. Under ideal conditions, this method allows the graphical determination of the equivalence point of a
sample. Otherwise, one must rely on a predetermined endpoint, which corresponds to the equivalence point in many samples of the same alkalinity. Unfortunately, the potentiometric-graphical method is more time-consuming and requires much more analyst experience. The potentiometric method also suffers from some disadvantages. For example, this may not be a convenient
method for quick on-site analysis. The potentiometric determination is based on the proper operation of a sensitive instrument (i.e. the pH meter). Hard conditions in the field or the lack of electrical energy can exclude its use. Also in the laboratory, the potentiometric method may be exposed to certain types of interference. In some water, surfactants and excretions that coat the pH
electrode, their reaction will hinder. These substances must not be removed as they may contribute to acidity or alkalinity. Instead, the electrode should be cleaned frequently or the colorimetric method should be applied. d. Analytical method 1.Alkalinity a. HCl standardization 1. Add 15 ml of the primary sodium carbonate solution to the titration vessel with approx. 60 ml of CO2-
free water and 5 drops of methyl orange or bromine cresol green-methylred indicator solution. Alternatively, a potentiometric pH determination can be used (pH 4.3). 2. Fill the solution with HCl bearings with a 250 ml cup as a transfer vessel and hint starting point (you should store the solution in the transfer cup covered with a watch glass during titrations). Stir until a pH of about 5
is reached or until the first signs of color change appear. 3. Remove the electrodes, cover the sample with a watch glass and cook slowly for 3-5 minutes. Let the solution return to room temperature and continue titration to the endpoint. 4. Repeat this procedure (steps a-c) until 2 titrations provide results that match within 2%. Rinse the Buret and 250 ml cup thoroughly with distilled
water. 5. Calculate the normality of the titrant Nt from the concentration of the primary sodium carbonate solution, Nps, the volume of the sodium carbonate solution used, Vps, and the volume of the hydrochloric acid titrant Vt used. It should be close to 0.02N. Nt = NpsVps/Vt b. Sample titration (alkalinity) 1. Select a sample volume that should contain less than 50 mg alkalinity
than CaCO3. For most waters, 100 ml is a comfortable volume. 2. Add 2 drops of either methyl or Bromcresol green-methylrot indicator solution or put electrodes and titrate with the HCl titrant at the end point. The first potentiometric endpoint is pH 8.3 and the phenolphthaleinalkalinity (alkph) is calculated. The second endpoint (alctot) depends somewhat on the alkalinity range.
Experience has shown that the following pKs can be used to to determine an endpoint instead of a potentiometric determination of the bending point: alkalinity potentiometric colorimetry (mg/L) (pH) (from greenish blue to) 30 4.9 light blue &amp; lavender 150 4.6 light pink 500 4.3 red Attention: Excessive stirring or prolonged titrations can lead to the loss of volatiles (e..B, carbon
dioxide) or significant intake of atmospheric carbon dioxide. Avoid heating the sample above room temperature by using a magnetic stirrer. 2. Acid a. NaOH Standardization 1. Add 15 ml to the titration vessel of the primary standard KHP solution with approx. 60 ml of CO2-free water and 5 drops of phenolphthalein indicator solution. Alternatively, a potentiometric pH determination
can be used (pH 8.7). 2. Fill Burette with NaOH broth with 250 ml cup and note starting point. As before, you must keep the solution covered with a watch glass during titrations. Stir titrate until the end point is reached. 3. Repeat this procedure (steps a-b) until 2 titrations provide results that match within 2%. Rinse the Buret and 250 ml cup thoroughly with distilled water. 4.
Calculate the normality of the titrant Nt from the concentration of the primary standard KHP solution Nps, the volume of the KHP solution used, Vps, and the volume of the sodium hydroxide titrant vt used. It should be close to 0.02N. Nt = NpsVps/Vt b. Sample titration (acid) 1. Select a sample volume that should contain less than 50 mg of acid than CaCO3. For most waters, 100
ml is a comfortable volume. 2. Add 2 drops of phenolphthalein indicator solution or insert electrodes and titrate with the NaOH titrant to the end point. The potentiometric endpoint is pH 8.3. For some highly acidic waters (e.B. acid mine drainage), the titrant volume required to reach pH 3.7 should also be recorded to determine the mineral acid ity. e. Reagents 1. Alkalinity a.
Primary standard sodium carbonate solution. 1. Dry at least 10 g of anhydrous sodium carbonate at 250 °C for at least 4 hours and allow to cool in a dryer charged with drierite. 2. Wear a piece of weighing paper. 3. Open the drying oven and place approx. 2.5 g of sodium carbonate on the paper, close the drying oven and weigh the paper + + Milligrams. Subtract the combined
weight from the Tare weight and Dem record. 4. Carefully pour the sodium carbonate into a 1-litre volume flask.  Fill with distilled water.  For the last months 5 you can use a distilled water washing bottle. Calculate the normality of the primary standard Nps from the mass in grams of the added primary sodium carbonate, mps and the gram equivalent weight of the sodium
carbonate (GEWps= 52.99).  It should be close to 0.05 N.                                                          Nps = mps/GEWps b. Add hydrochloric acid storage solution (approx. 0.1N) 1. 9 ml reagent HCl (11.6 m) to a 1-litre volume flask and fill with distilled water to the mark.                c. Hydrochloric acid titrant (approx. 0.05N) - dilutes stock according to mixed bromine olsol Green-Methyl
Red Indicator Solution. 1. Dissolve 20 mg of methyl red sodium salt and 100 mg bromine-green sodium salt in 100 ml of distilled water 2. Acid a. Primary standard potassium hydrogen phthalate solution. 1. Dry at least 15 g of potassium hydrogen phthalate (KHP) at 120 °C for at least 2 hours and allow to cool in a dryer charged with Drierite. 2. Wear a piece of weighing paper.
                           3. Open the drywall and place about 10 g of potassium acid phthalate (KHP) on the paper, close the drywall and weigh the paper + primary standard quickly to the nearest milligram. Subtract the combined weight from the Tare weight and Dem record. 4. Carefully pour the KHP into a 1-litre volume piston.  Fill with distilled water.  For the last months 5 you can use
a distilled water washing bottle. Calculate the normality of the primary standard Nps from the mass in grams of the added primary KHP standard, mps, and the equivalent weight of the KHP (GEWps= 204.10).  It should be close to 0.05 N.                                                          Nps = mps/GEWps b. Add sodium hydroxide stock solution (approx. 0.1N) 1. 5.8 ml of a commercial 50%
NaOH solution (19.1 M) to a 1-litre volume flask and fill with distilled water to the mark.                c. Sodium hydroxide titrant (approx. 0.05N) - dilution of the appropritathly bearing 3. Generala a. Carbon dioxide-free water: Use freshly distilled water or distilled water, which has been freshly cooked for 15 min and cooled to room temperature.  The conductivity should be less than
2umhos/cm. f. Data analysis i. Calculation of alkalinity If a water contains only hydroxide, bicarbonate and carbonate as significant bases, (shown here by H+ or a proton) that is required to in order to reach the phenolphthalein endpoint, the originally present amount of hydroxide plus the originally present amount of carbonate corresponds to: H+ + OH- H2O (16.5) H+ + CO3-2 -
HCO3- (16.6) This is true, because at the pH value, where phenolphthalein changes color (8.3), the largest part of alkalinity will be in the form of bicarbonate.  In addition, all remaining underprotonated forms (i.e. hydroxide or carbonate) would be precisely compensated by a corresponding amount of overpronate forms (i.e. carbon dioxide).             In order to achieve the finite
methyl orange or methyl red, endpoint must be added an additional amount of acid corresponding to the amount of bicarbonate present at the phenolphthalein endpoint: H + HCO3- H2CO3 - CO2 + H2O (16.7) This corresponds to the amount of bicarbonate originally present in the sample plus the original amount of carbonate, since carbonate was completely converted into
bicarbonate at the first stage.             Theoretically, AlkOH can be calculated directly from the start pH (pHi) as follows: AlkOH = 50,000 (10pHi-14) (16.8) In practice, however, small errors in the initial pH value lead to large errors in AlkOH.  Therefore, it is best to use the following scheme: When Alkph &gt; 0.5* Alkmo AlkOH = 2*Alkph - Alkmo (16.9a) AlkCO3 = 2(Alkmo - Alkph)
(16.9b) AlkHCO3 = 0 (16.9c) When Alkph _&lt; 0.5* Alkmo AlkOH = (16.10a) AlkCO3 = 2*Alkph (16.10b) AlkHCO3 = Alkmo - 2*Alkph (16.10c) Where: Alkph = 50,000VphNt/Vs (16.11a) Alkmo = 50,000VmoNt/Vs (16.11b) The factor of 50,000 is used because alkalinities are often expressed in milligrams per litre of equivalent calcium carbonate.  Calcium carbonate has a formula
weight of 100g/mole.  Since it has two equivalents per mole, we need to divide this by two to get 50 g/equivalent or 50,000 mg/equivalent.             Assuming that the total alkalinity is due to carbonate types and hydroxide, the values obtained in equations 16.9 or 16.10 can be used to calculate molar carbonate and bicarbonate concentrations.                                         [HCO3-] =
AlkHCO3/50.000 (16.12a) [CO3-2] = AlkCO3/100.000 (16.12b) g. Chemical interpretation of potentiometric titration curves i. General characteristics The meaning of the preceding calculations can best be illustrated with a complete titration curve.  Figure 16.1 shows a titration of an extremely alkaline water in which the pH was continuously measured as a function of the
randomness of titrants.  Curve B corresponds to a water containing 1.5 m/hydroxide plus 1.0 m2 of carbonic acid.  Curve A shows what would be obtained with a similar water containing only the 1.5 mM hydroxide.  The titrant is 0.100M HCl and the sample volume is 1000 ml The carbonate water curve (B) consists of three plateaus and two turning points, and the hydroxide
solution (A) gives two plateaus and a turning point.  A turning point is one where the second derivative of the Zero. In other words, it occurs when the slope is a maximum and the curve goes from concave to convex. We will now describe the meaning of each of these features. First, consider curve A. The upper plateau represents the neutralization of hydroxide by the strong acid
(equation #16.5). At the bend, all the originally existing hydroxide was consumed and H+ begins to accumulate in solution. As a result, the turning point is often referred to as an equivalence point. This means that at this stage of titration a lot of acid has been added corresponding to the initial concentration of the base. Because we draw pH compared to added acid, the curve
beyond the equivalence point is not linear. Figure 16.1 Acid titration curve for a water-containing hydroxide and carbonate alkalinity Near neutrality (pH 7) requires only very small amounts of acidity (10-6 M) to lower the pH by one unit, but at pH 3 you have to add 10,000 times as much to lower a pH unit (i.e. pH 2). Therefore, this half-log plot gives us an oblique curve beyond the
equivalence point, although there is little or no reaction. For curve B, the first plateau corresponds to both the neutralization of hydroxide and the protonation of carbonate (equations #16.5 and #16.6). Here, the turning point or equivalence point occurs at a pH of about 8.4 instead of 7 for the hydroxide solution. At this point in titration, the amount of acidic quantity corresponds to
the molar amount of carbonate and hydroxide that was originally present. With the exhaustion of the original carbonate (most hydroxide would have been neutralized long before this point), H+ begins to accumulate in solution until it reaches a certain level, where it becomes favorable to combine with bicarbonate to give carbonic acid and carbon dioxide. This results in the second
plateau and a second equivalence point. Equations 16.9a-16.9c should be used with sample B, since the volume to reach the first endpoint is greater than half the volume to reach the second. Figure 16.2 Acid titration curve for a water-containing carbonate and bicarbonate alkalinity Figure 16.2 shows a titration curve of a less alkaline water. This contains significant amounts of
carbonate alkalinity, but little or no hydroxide alkalinity. Suppose the initial solution contains Y moles of carbonate and Z moles made of bicarbonate. At the first equivalence point, the entire initial carbonate was protonated to give bicarbonate. Thus, the volume to reach this point (Vph) is equal to Y times the sample volume divided by the titrant normality. This volume is significantly
less than half of the final titrant volume (Vmo), therefore, equations 10a-10c must be used. On the other level, bicarbonate bicarbonate is Carbonic acid and aqueous carbon dioxide.  Since we had Bicarbonate at the beginning of the plateau, this addition stitrant volume (Vmo-Vph) will be Y+Z Mal Vs/Nt.  The original amount of carbonate, Y, is simply obtained from the first titration
(see equation 16.10b) and the original amount of bicarbonate, Z, from the final titrant volume minus twice the volume to reach the first equivalence point (equation 16.10c). Figure 16.3 Acid titration curve for a water containing only bicarbonate alkalinity Figure 16.3 shows titration curves from three waters containing different amounts of bicarbonate alkalinity.  In any case, the upper
plateau and the first equivalence point have completely disappeared.  The lower plateau (bicarbonate to carbonic acid) and the final equivalence point are preserved.  Therefore, these samples should use Vph=0 and equations 16.10a-16.10c.  Note that the final equivalence points decrease when bicarbonate concentrations increase from curve D to curve F.             ii. General
mathematical solution The titration curve of a water dominated by the carbonate system is defined by three equilibrium expressions: (16.13) (16.14) (16.15) In addition, we must take into account a few mass equilibrium equations.  First, it is assumed that the total concentration of carbonate species, CT, remains unchanged during titration.  Rather, they are simply transformed from
one form to another.  Note that, unlike alkalinity, CT must always be expressed under terms of moles/L or mmoles/L, not eq/L or meq/L.                                                                    (16.16) A mass scale must also be written for electric charge.  The initial solution is neutral and must remain electrically neutral during the entire titration.  Equation #16.17 indicates that the sum of the
positive charges must equal the sum of the negative loads.  First, the water contains carbonate and a corresponding concentration of counterions such as calcium or sodium.  The charge (i.e. the equivalent concentration) of these counterions, CB, remains constant throughout the titration because only HCl is added.  Similarly, hydrochloric acid has negative counterions (chloride),
the concentration of which, CA, increases when more acid is added.  These fees must also be included in the                                                  (16.17) if CA is approximately equal to the ratio of acid titrant to added acid titrant, Vt, to sample volume, Vs, mal the titrant concentration: (16.18) Equation 16.16 can be rewritten: (16 This can then be combined with the carbonic-bicarbonate
equilibrium expression (equation 16.13), to obtain: (16.20) The bicarbonate carbonate equilibrium expression (equation 16.14) can be rearranged to obtain: (16.21) and then inserted into equation 16.20 : (16.22) This can be rearranged to obtain an expression for bicarbonate concentration exclusively in relation to hydrogen ions and base cation concentration: (16.23) And now, if we
combine equations 16.23 and 16.21, we get an analogous expression of the carbonate concentration exclusively in relation to hydrogen ions and base cation concentration: (16.24) Note that the right side of equations 16.23 and 16.24 is often used as 1CT or 2CT (e.B , see Stumm &amp; Morgan , 1981).  The hydroxide concentration can also be expressed in the form of the



hydrogen ion concentration, by re-arranging equation 16.15: (16.25) Finally, these last three equations can be combined with the charge balance (equation 16.17) to obtain the complete equation describing the carbonattitration curve: (16.26) This is a very cumbersome equation that must be solved by trial and error or by any numerical technique.  However, there are some
simplistic assumptions can be done to facilitate its solution.             iii. Titration Midpoint Definition, at the center of the first plateau: (@MP) (16.27) and according to equation 16.14, this must be done at the following pH value.                                         [H+] = K2 = 4.7x10-11 (@MP) (16.28) or pH = pK2 = 10.33 (@MP) (16.29) At this point, the carbonic acid concentration (or carbon
dioxide) is insignificant.  Therefore, half of the total carbonate, CT, bicarbonate and half is carbonate.  This means that the last two terms in the final modified charge balance (equation 16.26) will be CT/2 and CT.                                      @MP) (16.30) This can be rearranged to obtain the amount of acidity required to reach this center: (@MP) (16.31) Combination of equations 16.28
and 16.13 so we calculate: (@MP) (16.32) iv. Equivalence point Perhaps the most important feature on the alkalinity stitration curve is equivalence point.  This is defined as the point at which the number of added equivalents of acid corresponds only to the number of originally existing alcausal equivalents, or: CA = CB (@EP) (16.33) For the greatest accuracy in determining total
alkalinity, this should be the end point of titration.  Under ideal conditions, the equivalence point can be on a titration curve as a turning point.  In practice, it is difficult to place the turning point with an accuracy.  As a result, most alkalinity stitrations are performed to a predefined PH endpoint, which depends on the initial alkalinity.  At the equivalence point, the charge balance
(equation 16.17) and equation 16.33 shows the following: (@EP) (16.34) Because we know that the significantly below neutrality, carbonate and hydroxide concentrations should be negligible compared to bicarbonate and hydrogen ion concentrations.  Thus, Equation 16.34 reduces to: (@EP) (16.35) And as a substitute for Equation 16.23 we get an expression only with respect to
CB and the equilibrium constants.                                                                 ( @EP)                        (16.36) Once again, we can simplify based on the expected low pH.  Since we assume that the equivalence point will be well below the pK1, the first term ,H ]/K1 should be much larger than the other two terms in this set of brackets.  In this way, we can eliminate and rearrange the
others.                                                [H+] = CTK1/[H+] (@EP) (16.37) and solution for hydrogen ion concentration: [H+] = (CTK1)0.5 (@EP) (16.38) If we assume that natural water is dominated by bicarbonate, the number of moles of the total carbonate (i.e. CT) will be approximately equal to the number of the equivalents of alkalinity.  So if we express diealkalinity in mg/l as
CaCO3, this becomes: CT = alctot/50.000 (16.39) Finally combined with equation 16.38 and taking into account the negative logarithm of both sides we get the following expression for the pH at the last equivalence point in an alkalinity stitration: (@EP) (16.40) Note, note, that equation 16.40 predicts equivalence points very close to the pKs where they were observed
experimentally (i.e. compare with the table in the section on analytical methods). H. Calculation of acidity The mineral acid content, also known as methylorange acid, corresponds to the amount of the base (i.e. the titrant) required to lower the pH to 4.5 (methyl orange endpoint).  It is so named because mineral acids such as HCl, when present in significant concentrations, are
almost completely neutralized before the pH reaches 4.5.  The carbon dioxide acid content is the additional basis required to reduce the pH of 4.5 or the to pH 8.3 (phenolphthalein endpoint).  Similarly, carbon dioxide only begins to be neutralized when pH is exceeded 4.5 and its neutralization at pH 8.3 reaches completion (equivalence point).  Finally, the total acidity, or
phenolphthalic acid, is the sum of mineral acid and carbon dioxide acid.                                                                                      (16.41) (16.42) (16.43) As before, the factor 50,000 is used because acids and alkalinities are usually expressed in milligrams per litre of equivalent calcium carbonate. i. Correlations with other water quality parameters i. Total Dissolved Solids Since
alkalinity is dominated by the main anion, bicarbonate, it is possible to relate alkalinity to the total concentration of dissolved solids.  Assuming that freshwater consists exclusively of calcium and bicarbonate, we have two equivalents of alkalinity for each mole of calcium bicarbonate (Ca(HCO3)2).  Since a mole calcium bicarbonate should weigh 162 grams and an equivalent of
alkalinity equals 50 g as CaCO3, the mass ratio should be 100/162 or 0.62.                                     Alctot = 0.62(TDS) (16.44) Such relationships are inherently site-specific and must be checked with each new water.             ii. Conductivity Alternatively, alkalinity can be expected to correlate with conductivity.  Since the equivalent ionic conductives are 59.5 mho-cm2/equivalent for
calcium and 44.5 mho-cm2/equivalent for bicarbonate at infinite dilution, the total solution equivalent conductivity at infinite dilution is 104 mho-cm2/equivalent (at 25oC).  While this value will decrease some with increasing concentration, it can be considered constant for solutions up to 200 mg/l alkalinity (as CaCO3) without too much error.  The equivalent conductivity, , refers to
conductivity according to: conductivity = C(1000) (16.45) if the conductivity is in umho/cm.  Here C represents the corresponding concentration of salt.  For a pure solution of calcium and bicarbonate alkalinity (in mg/L as CaCO3) divided by 50,000.  Also as already mentioned, we assume that the equivalent conductivity, G, is equal to the limiting equivalent conductivity with infinite
dilution.  Thus, equation 16.45 can be rearranged to obtain: alctot = 0.50 (conductivity) (16.46) In practice, this relationship is not useful under 50 mg/l alkalinity, since the presence of other non-alkalineity anions contributes significantly to the overall conductivity.  Equation 16.46 overestimates alkalinity in soft water. j. Special considerations for samples of low ion strength It is
important to avoid streaming potentials in diluted solutions.  Therefore, such samples should be allowed to stand still for a few minutes before the measurement (McQuaker et al., 1983). RESEARCH THEMA 2. DETERMINATION OF ORGANIC FUNCTIONAL GROUPS The determination of organic functional groups is useful for the study of natural organic matter (NOM), their
behaviour in technical systems (e.B. drinking water treatment) and their behaviour in natural systems.  Unfortunately, all titrimetric methods for the entire functional group content and for the speciation of these groups in NOM (especially humin materials) are inherently operational (Perdue, 1985). a. Direct method for total carboxyl and phenol content carboxyl and phenolic groups
can be determined by direct potentiometric titration.  For best results, the samples should be free of acid inorganic species and hydrogen saturated.  The sample is titrated with NaOH to a carboxyl end point of pH 8.  Titration can be continued to pH 10, where about half of the phenol iced groups are deprotoned.  You can then estimate the phenol content by doubling the amount of
base required to change the pH from 8 to 10.  Thurman (1985) points out that since ortho-substituted carboxyl groups make the phenol-OH groups very weakly acidic (pKa of about 13), these can be overlooked by such titration.             Problems inherent in direct titrations of natural organic matter can limit their usefulness.  A slow pH drift (down in alkaline titrations) and hysteresis
often accompany these measurements.  The reasons for this are not clear, but alkaline hydrolysis (of organic matter, me-org complexes and metals), conformation changes, alkaline oxidation, biodegradation may be responsible (Perdue, 1985).  In order to minimize oxidation and biodegradation, these titrations should be performed under nitrogen.   Another problem arises from the
difficulty of accurately measuring high pH values.  This is partly due to the high concentration of alkali metals. the potentiometric pH measurements. Barium hydroxide method for total acidity.             A popular method for determining the total acid intake in terrestrial humin materials uses barium hydroxide.  The addition of an excess of Ba(OH)2 to a sample containing organic
matter increases the pH to about 13, where almost all acidic protons are removed.  The high barium concentration in combination with the high complexing constants of barium-bio-salts leads to an almost complete binding of the loaded function groups by barium.  The complex organic substance is made less soluble and must be physically removed by filtration.  Then the protons
originally released by the organic substance after the addition of the hydroxide can be determined by back titration of the residual hydroxide in the filtrate.  Unfortunately, this method has some serious weaknesses in the analysis of aquatic organic matter.  First, it is crucial for efficient separation that the barium-complex organic substance fails quickly.  However, the greater
hydrophilic nature and the lower molecular weight of aquatic organic matter compared to terrestrial matter make the precipitation of this material less complete.  Secondly, functional groups that are not protonated at the beginning (i.e. anionic or complexed by metals) are probably not measured with this technique.  Lowering the start pH would minimize the problems of incomplete
titration, but this would create additional uncertainties due to the difficulty of accurately measuring high concentrations of hydrogen ions. C. Complexation titrations Complexity or complexometric titrations are based on the formation of a complex.  Usually, a metal is the analyte to which some liganden is added.  This league nand must be chosen in such a way that the complexing is
fast, has a well-defined stoichiometry and is almost to completion.  The most commonly used ligenium is ethylenediamine tetraacetic acid or EDTA [HOOCCH2)2NHCH2CH2NH(CH2COOH)2].  This is a hexadente ligand that binds very strongly to many metals and results in a 1:1 stoichiometry.  It has been applied to the determination of many metals (see e.g..B.: Ashka, 1959;
Schwarzenbach &amp; Flaschka, 1969).  Table 16.3 shows some stability constants for EDTA complexes based on formation only in the fully deprotont type Y-4.                                      M+n + Y-4 = MYn-4 (16.47) and: K = [MYn-4]/[M+n][Y-4]                                                Table 16.3 EDTA Stability Constants (by Martell &amp; Smith, 1974) Metal log K Metallog K K (+I) 0.8 Pb (+II)
18.04 Na (+I) 1.66 Sn (+II) 18.3 Li (+I) 2.79 Ni (+II) 18.62 Ba (+II) 7.86 Cu (+II) 18.80 Mg (+II) 8 .79 Hg (+II) 21.7 Ca (+II) 10.69 Al (+III) 16.3 Cr (+II) 13.6 Cr (+III) 23.4 M. (+II) 13.87 million (+III) 25.3 Fe (+II) 14.32 Fe (+III) 25.1 Note, that these constants are quite large, which indicates that the refurbishment is very close to completion.  The strong binding of metals by EDTA is
partly due to their ability to completely surround the metal, which often forms a six-coordinate type.  In general, the more coordinating sites a ligand has, the stronger the metal binding.  The higher the load on the metal, the stronger the bond with EDTA.             Since it is only the Y-4 type of EDTA, which is considered to be strong complexes, one has to take into account the
articulation of this ligand.  EDTA has the following dissociation constants: Carboxylic groups pK1 = 0.0 pK2 = 1.5 pK3 = 2.0 pK4 = 2.66 amine groups pK5 = 6.16 pK6 = 10.24 Therefore, at neutral pH, all four carboxyl groups are deprotoned, and one of the amine groups is partially deprotonized (HY-3 form).  The proportion of the total EDTA, which is in the Y-4 form at any pH
value, is indicated by the 6 (loss of 6 protons from the fully protonated H6Y+2 form).      6 = 1/H ]6/K1K2K3K4K5K6 + [H+]5/K2K3K4K5K6 + [H+]4/K3K4K5K6 + [H+]3/K4K5K6 + [H+]2/K5K6 + [H+]/K6 + 1 . (16.49) The substitution of the appropriate acid constants in equation 16.49 gives an estimate of the EDTA content, which is in the appropriate form for complexation (Table 16.4)
The end point of complexometric titrations can be detected either by an ion-selective electrode that reacts sensitively to the analyzed metal or by a metal ion indicator.  This method uses a chelating ligand that changes color when it changes from the complex to the uncomplex shape.  For a metal ion indicator to be effective, it must bind the metal less strongly than EDTA at the
specified pH value.  In addition, it must not be affected by other metal ions in the sample. Table 16.4 6 Values for EDTA depending on pH pH 6 pH 6 1 1.9x10-18 2 3.3x10-14 3 2.6x10-11 4 3.9x10-9 5 3.7x10---7 6 2.3x10-5 7 5.0x10-4 8 5.6x10-3 9 0.054 10 0.36 11 0.85 12 0.98 For calcium and total hardness determination, a few specific dyes, Eriochrome black T (Figure 16.4) and
Eriochrome blue black R, are used as metal ion indicators.  These dyes do not bind magnesium and calcium as much as EDTA.  However, Eriochrome black T binds Cu(+II), Ni(+II), Co(+II), Cr(+III), Fe(+III) and Al(+III) more Edta.  It is said that it is blocked by these metals, and cannot be used for their direct determination with EDTA as a titrant. Figure 16.4.  Eriochrome black T 1.
TOTAL HARDNESS A. Definition and environmental importance hardness is a term used for the total concentration of divalent cations used in water.  This may include Ca(+II), Mg(+II), Sr(+II), Ba(+II), Fe(+II) and Mn(+II), although the last four are usually negligible.  It is a parameter of concern in drinking water, and sometimes industrial process waters and agricultural waters. 
Hardness is considered annoying, since divalent cations are binding with the carboxyl groups in soap (complex) and cause their precipitation.  In this way inhibits its effect (sudsing), and is often said to consume soap.  In addition, hardness types can cause severe hydraulic problems in pipes by failing as metal carbonates.  This is especially true when the water is heated, e.B. in
in-house water heaters and boilers.  On the other hand, hardness has been associated with lower incidences of cardiovascular disease.  However, this last point is controversial.             The hardness is obtained from limestone and related minerals.  The highest concentrations in U.S. surface waters are found in the Midwest and Southwest.  Hardness has historically been
expressed as a mass concentration of equivalent calcium carbonate.  This happens because calcium is the predominant type of hardness and carbonate bicarbonate is the most common counter-ion.  Therefore, the conversion factor is only the molecular weight of CaCO3.                      1 mol/L hardness = 100 g/L hardness as CaCO3 (16.50) 1 equivalent/L hardness = 50 g/L
hardness as CaCO3 (16.51) hardness can be categorized according to the constituents anions (i.e. calcium hardness, magnesium hardness) or by the counterions (i.e. carbonate and non-carbonate hardness).  Carbonate hardness is the maximum amount of hardness that could possibly be cut as carbonates.  Such precipitation may occur when the sample is heated, evaporated
or the pH value is raised.  The carbonate hardness corresponds to alkalinity (in mg/L as CaCO3) if the alkalinity is less than the total hardness.  The remaining hardness is called non-carbonate.  If the opposite is the case (i.e. hardness &lt; alkalinity), the carbonate hardness is equal to the total hardness, and the hardness without carbonate is zero.                      Total hardness =
Ca hardness + Mg hardness (16.52) Total hardness = carbonate hardness + non-carbonate hardness (16.53) Hardness is often removed by alkaline precipitation hardening in drinking water treatment plants. In order to calculate the chemical demand for precipitation curing, it is necessary to know both the total hardness and the calcium hardness (i.e. the calcium concentration).
Point-of-use treatment systems typically use cation exchange to remove hardness. B. The principle Eriochrome black T is added to the sample at a high pH value (approx. 10). The high pH value causes the metal ion indicator to be partially deprotonated, resulting in a form that is effective as a chelating entity (pKs are 6.3 and 11.6). A deep red complex then forms with calcium
and magnesium in the sample. Even with this pH value, the color change of the indicator is most easily recognizable (e.B. at a lower pH value, the uncomplex, protoned eriochrome black T is also somewhat reddish). In addition, the EDTA is most effective at high pH (call Table 16.4). On the other hand, calcium and magnesium as well as many other metals, will hydrolyzand and
break out at high pH. This is undesirable, as it would take them out of the solution and prevent their determination. To avoid this problem, a helper complexing agent is added. These are ligands that bind strongly enough to the analyte to exceed the hydroxide bond and thereby prevent its precipitation, but not so much that the binding is disturbed by the EDTA or the metal ion
indicator. Triethanolamine and ammonia are used in total hardness, but other types of titrations can also be used citrate or tartite. Whether the auxiliary complexing agent reacts with metal ions other than the analyte is irrelevant. In all but the softest water, calcium and magnesium will be abundant compared to the metal ion indicator. When EDTA is titrated, it binds this excess
magnesium and calcium. Once the excess hardness is exhausted, the EDTA begins to remove the Eriochrome black T of its calcium and magnesium. The indicator then loses its intense red color (too blue color) and the titration is at the end point. The presence of magnesium improves the sharpness of the endpoint. To ensure that some magnesium is present, a small amount of
Mg-EDTA is added along with the buffer. Since both analyte and titrant are added in a ratio of 1:1, this does not affect the final determination. The EDTA moles skinned as titrant correspond to the originally existing moles of calcium and magnesium. This type of method is called direct complexometric titration. In a rear complextometric titration, EDTA is and a metal other than the
analyte metal is used as a titrant. For this type of titration, it is that the titrant metal binds less to EDTA than the analyte. Back titration is useful under conditions where the metal cannot be kept in solution in the absence of EDTA, where the analyte blocks the indicator or where the complexation kinetics with EDTA is slow. If high concentrations of annoying metal are present,
certain inhibitors must be added before titration. These are ligands that strongly bind the disturbing metal, such as cyanide, sulphide and hydroxylamine. A large interlaborative study showed a relative standard deviation of 2.9% and a relative bias of 0.8% for a synthetic sample with a total hardness of 610 mg/L such as CaCO3. C. Procedure 1. Place exactly 50 ml of the sample in
a 125 ml Erlenmeyer flask. 2. Add 1-2 ml to the buffer solution 3. Add 5-6 drops of the EBT indicator. 4. Titer with the EDTA solution until all reddish stains disappear. Maintain constant stirring during this operation. For best results, the titration should be completed within 5 minutes. D. Reagents 1st buffer solution - dissolve 16.9 g of ammonium chloride in 143 ml of conc
ammonium hydroxide. &lt;caution: avoid= inhalation= of= fumes!&gt;1.25 g Mg-EDTA and dilute with distilled water to 250 ml. 2. Dissolve hardness indicator solution (approx. 0.011M) - 0.5 g eriochrome-black-T (1-(1-hydroxy-2-naphthylazo)-5-nitro-2-naphthol-4-sulfonic acid) in 100 g of triethanolamine (2,2',2''-nitrilotriethanol). 3. Dissolve EDTA titrant solution (approx. 0.01M) -
3.723 g Na-EDTA (sodium ethylenediamine tetraacetate dihydrate) in 1000 ml of distilled water. Determine titer by standardizing the standard calcium solution (follow steps 1-4). 4. Standard Calcium Solution (5.00 mM) - Weigh 0.5005 g of anhydrous calcium carbonate (primary standard quality) and place it in a 500 ml Erlenmeyer flask. Carefully add small amounts of 6 M HCl
(approx. 50% of the conc.) until caCO3 simply dissolves. Add 200 ml of distilled water and cook for a few minutes to dispel dissolved CO2. Cool, add a few drops of methyl red indicator and adjust to the intermediate orange color by adding 3N NH4OH or 6M HCl as needed. Quantitatively, place on a 1-litre volume flask and dilute with distilled water to the mark. 2. CALCIUM A. The
calcium principle can be determined by atomic absorption spectrophotometry, by a redoxtitrimetric method and by a complexometric method. The complexometric procedure described here is very similar to the method of total hardness. However, several changes need to be made to make the analysis specific to this one type of hardness. First, a metal ion indicator containing
calcium but not magnesium (eriochrome blue black R) is &lt;/caution:&gt; &lt;/caution:&gt; Second magnesium is partially removed by using a higher pH (approx. 12), which results in precipitation as Mg(OH)2. Note that no auxiliary complexing agents are used in this procedure. Calcium hydroxide does not excrete at this increased pH. In addition, due to its larger stability constant,
EDTA prefers to bind to Ca. A comprehensive interlaborative study showed a standard deviation of 9.2% and a relative distortion of 1.9% for a synthetic water containing 108 mg/L calcium and 82 mg/L magnesium. B. Procedure 1. Put exactly 50 ml of the sample in a 125 ml Erlenmeyer flask. 2. Add 3 ml of NaOH solution. If the pH is still less than 12, add more base. 3. Add 1
scoop eriochrome Blue Black R indicator (0.1-0.2 g) 4. Titer with the EDTA solution until the color changes completely from red to royal blue. Keep stirring continuously. C. Reagents 1. EDTA titrant solution (approx. 0.01M) - (as with hardness determination) dissolve 3,723 g Na-EDTA (sodium ethylenediamine tetraacetate dihydrate) in 1000 ml of distilled water. Determine titer by
standardizing against the standard calcium solution (follow steps 1-4). 2. Dilute sodium hydroxide solution (1N) - 40 g NaOH with distilled water to 1 litre. 3. Eriochrome Blue Black R Indicator - Grinding Together in a mortar 200 mg powder dye [sodium-1-(2-hydroxyl-1-naphthylazo)-2-naphthol-4-sulfonic acid] and 100 g solid NaCl to about 40-50 mesh. Store in a tightly stuffed
bottle. 4. Standard Calcium Solution (5.00 mM) - Weigh 0.5005 g of anhydrous calcium carbonate (primary standard quality) and place it in a 500 ml Erlenmeyer flask. Carefully add small amounts of 6 M HCl (approx. 50% of the conc.) until caCO3 simply dissolves. Add 200 ml of distilled water and cook for a few minutes to dispel dissolved CO2. Cool, add a few drops of methyl red
indicator and adjust to the intermediate orange color by adding 3N NH4OH or 6M HCl as needed. Quantitatively, place on a 1-litre volume flask and dilute with distilled water to the mark. D. Redox titrations Redox titrations are based on oxidation reduction reactions between the analyte and the titrant or an intermediate redox carrier. Common oxidants used in redox titrations are
dichromate (Cr2O7-2), iodine (IO3-), iodine (I2) and permanganate (MnO4-). Common reducing agents are arsenite (AsO3-3), ferrocyanide (Fe(CN)6-4), iron (Fe+2), sulphite (SO3-2) and thiosulfate (S2O3-2). Although many of the oxidants are relatively stable, the reducing agents are often susceptible to oxidation by atmospheric oxygen, and therefore their titre must be checked
regularly against a standard. Many redox titrations use iodine. I2 a reducing analyte is added to form I- the process process Iodimetry.  Instead, when an ozidizing analyte converts I- to I2, it is Iodometry.  In the presence of iodine (I-) iodine (I2) will form a triiodid complex (I3-), which significantly increases its solubility in the water.  Sodium thiosulfate is almost always used as a
titrant to determine triiodide.  Although triiodide can be self-displaying, strength is generally used as an endpoint indicator.  It forms an intense blue color with triiodide, which can increase the sensitivity of endpoint detection by a factor of ten.  It is important to add strength just before the endpoint.  This allows to see a more gradual color change in the early part of titration, and it
avoids problems with excessive triiodide binding due to strength and over shooting.             Thiosulfate reacts quickly with triiodide under neutral or acidic conditions to give iodine and titrathionate.  Commercial thiosulfate is not of sufficient purity to be a primary standard.  Instead, it must be titrated against a standard triiodide solution produced by reacting iodine with a primary
standard oxidant (e.B. KIO3).  Thiosulfate is also easily oxidized by atmospheric oxygen under neutral to acidic conditions.  It must be stored in a slightly alkaline buffered solution; carbonate is often used for this purpose.                                                                             1. RESIDUAL CHLORINE (DPD Titrimetric Method) A. Principle Either chlorine or triiodide react with N,N-diethyl-
p-phenylenediamine (DPD) to a relatively stable free radical species with an intense red color.  This is then titrated back to the original colorless shape with iron.  The detection limit is approx. 18 ug/L.  Oxidized manganese species will interfere.  The DPD methods are the most widely used chlorine residues (Gordon et al., 1988).             Free residual chlorine is first measured by
direct reaction with DPD.  Monochloramine reacts slowly with DPD through a direct path way at a rate of about 5% per minute depending on the concentration.  For this reason, mercury chloride is added (HgCl2).  It appears to inhibit the reaction between monochloramine and DPD.  Although the reaction mechanisms are not known, it is thought to work by forming a non-reactive
complex with monochloramine.             Combined residuals are measured after the addition of iodine.  Monochloramine reacts quickly with traces of iodine to triiodide, which then reacts with the DPD.  In the case of dichloramine, the reaction is much slower, and relatively large amounts of iodine are required for the reaction to be completed.  Oxidize both hydrogen peroxide and
persulfate and may therefore affect the combined determination of residual chlorine.             The DPD reagent is also subject to a base catalyzed oxidation by atmospheric oxygen.  For this reason, it is kept in an acidic state and replaced every month.  Since the reaction with chlorine and triiodide can best be deferring at neutral pH, a neutral buffer is used and the DPD must be
stored separately from the buffer and added at the last minute. Figure 16.5 DPD Titrimetric determination of chlorine B. Method 1. Place 5 ml of the buffer reagent and the DPD indicator solution in the titration flask and mix it.                      2. Add 100 ml sample and mix. 3. Free residual chlorine (FRC): Quickly titter with standard iron ammonium sulfate (FAS) until the red color
disappears (read A). 4. Monochloramine (MCA): Add a very small crystal of potassium iodide (KI) to the solution from step 3 and mix.  Continue titration until the red color disappears (read B). 5. Dichloramine (DCA): Add multiple crystals of KiA (approx. 1 g) to the solution titrated in step 4 and mix them to dissolve them.  Leave to stand for 2 minutes, then continue the titration until
the red color is unloaded (read C).  For very high dichloramine concentrations, allow an additional 2 minutes standing time if color driftback indicates an incomplete reaction.  If the dichloramine concentrations should not be high, use half of the specified amount of potassium iodide.                      6. THE different forms of chlorine residues are best calculated according to the
following scheme.  Note that in a 100 ml sample, 4.00 ml of standard FAS titrant = 1.00 mg/l residual chlorine. Type Formula HOCl + OCl A/4 NH2Cl (B-A)/4 NHCl2 (C-B)/4 C.  REAGENZIA 1.  Phospate buffer solution: Dissolve 24 g of anhydrous Na2HPO4 and 46 g of anhydrous KH2PO4 in distilled water.  Combine this solution with 100 ml of distilled water in which 800 mg of
Na2EDTA has been dissolved.  Dilute to 1 liter with distilled water and add 20 mg of HgC12 to inhibit biological growth and control iodine disturbances in FRC titration. 2. DPD solution: 1 g N,N-diethyl-p-phenylenediaminoxalate in distilled water with approx. 2 ml con. H2SO4 and 200 mg Na2EDTA dihydrate.  Fill up to 1 litre, store in a brown bottle with glass topper. 3. Dissolve
standard iron ammonium sulfate (FAS) titrant: 1,106 g Fe(NH4)2(SO4)2. 6H20 in distilled water with 1/4 ml Conc. H2SO4 and make up to 4 litres with distilled water.                      4. Potassium iodine crystals 2. OZONE (iodometric method) Gas phase concentrations of ozone are measured most easily iodometrically.  Part of the gas flow gas bubble filled with 2% AI solution for an
exact period of time. Ozone reacts stoichiometrically to form a corresponding amount of iodine. O3 + 2KI + H2O ---------&gt; I2 + O2 + 2OH+ 2K+ (16.55) The iodine formed is then titrated with sodium thiosulfate with starch as an indicator for accentuating the endpoint (APHA et al., 1985). 3. DISSOLVED OXYGEN A. Significance for Environmental Technology Dissolved Oxygen
(D.O.) is an important water quality parameter for natural aquatic systems. A minimum concentration is required for the survival of a higher water life. In particular, the larval stages of certain cold water fish are very sensitive. Significant discharges of organic waste can affect D.O. concentrations in the receiving waters. This is due to the rapid microbial oxidation of this waste during
discharge. For this reason, each state has set environmental oxygen standards that must not be violated. These standards effectively limit the loading of organic waste and the spatial distribution of these loads to natural waters. Another use of D.O. is the evaluation of the oxidation status in groundwater and sediments. Since samples are collected deeper into the subsurface or into
aquatic sediments, the D.O. often falls off. Finally, the level is low enough, so anaerobic process prevail. Dissolved oxygen is also a very important parameter in biological treatment processes. In the broad sense is that D.O. concentrations show when aerobic and anaerobic organisms predominate. More often, however, dissolved oxygen provisions are used to assess the
adequacy of oxygen transfer systems for aerobic hovering operations such as activated sludge. It can also be used to indicate the suitability for the growth of such sensitive organisms as the nitrifying bacteria. Finally, dissolved oxygen is used in the assessment of the strength of a wastewater either by biochemical oxygen demand (BOD) or respirometric studies. In short, the BSB
test uses a bacterial seed to catalyze the oxidation of 300 ml of fully solid or diluted wastewater. The strength of the non-diluted waste water is then determined by the dilution factor and the difference between the original D.O. and the final D.O. Oxygen is a fairly insoluble gas, and as a result it is often the limiting component in the purification of waste and natural waters. Its
solubility ranges from 14.6 mg/l at 0oC to about 7 mg/l at 35oC. In addition to temperature, its solubility varies with barometric pressure and salinity. The saturation concentration of oxygen in distilled water can be empirical expression: (16.56) where: Pvw = water vapour partial pressure (atm) = 11.8571 - (3840.70/tk) + (216,961/Tk2) P = total atmospheric (baro symmetric)
pressure (atm) that can be read directly or read from a longrange at the same time: = Po - (0.02667)H/760 H = height difference from the position of interest (at P) to the reference position (at Po) in feet.                 Po = Simultaneous airometric pressure at a nearby reference location = pressure/temperature interactive term = 0.000975 - (1.426x10-5T) + (6.436x10-8T2) T =
temperature in degrees Celsius Cs1 = saturation concentration of oxygen in distilled water at 1 atmosphere total pressure.            ln(Cs1) = -139.34411 + (1.575701x105/Tk) - (6.642308x107/Tk2) + (1.243800x1010/Tk3) - (8.621949x1011/Tk4).                                                         (16.57) Tk = temperature in degrees Kelvin (Tk = T + 273.15) Under most circumstances (height less
than 1000 ft, average weather) the pressure can be assumed as 1 atm, and Cs can only be approximated by Cs1 using the above equation.  One could also turn to one of a series of tables of Cs1 (depending on temperature) as found on Pg 413 of the 16th edition of standard methods for testing water and wastewater.             Dissolved oxygen can be measured using two common
methods, the Winkler titrimetric method and the membrane electrode method.  The Winkler method, like all classical methods of analysis, measures the concentration of dissolved oxygen.  The electrode method measures the activity of dissolved oxygen.  The two are related by the activity coefficient O2: (16.58), where the square brackets ([....]) indicate the concentration
(moles/liter) and the curved brackets (....) indicate the activity.  For most unpolluted or moderately polluted waters, the activity coefficient is very close to 1.0, and the concentration corresponds to the activity.  However, in some waters with high salinity concentrations, oxygen activities are greater than concentrations.  better describes the availability of oxygen and is therefore more
important in determining oxygen kinetics.  Concentration is better for buffering capacity against anoxic conditions, and it is more important in stoichiometric calculations.  Nevertheless, for most technical applications, the two are essentially equivalent.  Other concerns and relative advantages of the two methods are: Winkler 1. Does not require expensive or sophisticated equipment.
            2. It is slightly impeded by surfactants and surface coating types 3. The mixing intensity is of minor importance Figure 16.6 Chemical scheme for the Winkler D.O. Analytical electrode 1. Final investigations can be easily made in field 2. In situ D.O. measurements are easy to perform, since the electrodes are usually immersible 3. It can be used for continuous monitoring 4. It
is non-destructive.  This allows the sample to be returned or used for additional analysis.             5. It can be used with high colored waters B. Principles manganese is quickly oxidized by dissolved oxygen at high pH.  It then oxidizes iodine to iodine at low pH, and the resulting iodine is titrated with sodium thiosulfate.  Strength is used to get a sharper endpoint.             Final
acidification is used to achieve a pH below 5, where the correct stoichiometry for the iodine-thiosulfate reaction is achieved, but the pH must not fall too low, so the decomposition of thiosulfate becomes important.  Under acidic conditions, the iodine reacts with any residual iodide to form triodidanion (I3).  It is actually this species that reacts with thiosulfate, which gives tetrathionate
and three iodine anions.             The alkali-acid iodide reagent also contains sodium azide, NaN3.  This is a recent emitting change designed to eliminate interference by nitrite.  The acid reacts with nitrite to give nitrogen gas and nitrous oxide, of which no interference causes.            NaN3 + H+ -------------&gt; HN3 + Na+ (16.59) HN3 + NO2- + H+ ---------&gt; N2 + N2O + H2O
(16.60) Otherwise, nitrite iodine would oxidize to iodine, thereby increasing the seemingly dissolved oxygen concentration.            2NO2- + 2I- + 4H+ -------------&gt; I2 + N2O2 + 2H2O (16.61) Note that the product, a Species, can then introduce any oxygen during titration and reform nitrite to start the cycle anew.         N2O2 + 1/2O2 + H2O -----------------&gt; 2NO2- + 2H+ (16.62)
Other substances that may interfere are reducing agents such as sulphite, thiosulfate, iron and aldehydes.             Since thiosulfate often contains an undefined number of hydration waters, it is difficult to prepare an accurate concentration by weight alone.  Therefore, it is necessary to standardize this solution against a primary standard such as potassium dichromate or potassium
biniodate.  Biniodate is preferred because the reaction with dichromatic is slow and the color of trivalent chromium can interfere with the endpoint.  In both cases, a known set of the primary standard is added to a surplus of iodine.              2IO3- + 10I- + 12H+ --------&gt; 6I2 + 6H2O (16.63) Cr2O7-2 + 6I- + 14H+ --------&gt; 2Cr+3 + 3I2 + 7H2O (16.64) The resulting equivalent iodine
concentration is titrated with the thiosulfate solution.  Thiosulfate solutions should be preserved with a small amount of sodium hydroxide.  This serves to discourage the growth of sulfur bacteria that oxidize thiosulfate to sulfate.  The high pH will also delay the pH drift downwards (from the absorption of atmospheric carbon dioxide) and thus minimize the disproportion of thiosulfate
to sulfate and elemental sulfur.             Double analyses using the Winkler method (with azide modification) should match within a standard deviation of 20 ug/l for distilled water and 60 ug/l for wastewater.  Samples containing high concentrations of disruptive substances may have greater variability.  Negative systematic errors can occur due to the loss of iodine before (or during)
titration due to evaporation or reaction with organic matter.  Positive systematic error can also be caused by a small amount of air oxidation of iodine during titration.             C. Sampling It is important to limit the contact of the sample with air.  If possible, use a Sampler of type Kemerer or Van Dorn.  There are also specialised D.O. samplers available who passively rinse the sample
bottle with 1 or 2 volume sample before taking the final sample.  A typical field sampling procedure with a Van Dorn Sampler would be: 1. Prepare Van Dorn Sampler by retracting the pistons and placing their lines in the trigger mechanism.                      2. Lower the sampler to the desired and free Messenger. 3. Lift the sampler, insert the rubber tube deep into a BOD bottle,
release the clamp and vent.  Let the BOD bottle overflow by two full volumes. 4. Remove the rubber tube, close the BOD bottle and close the pipe clamp. 5. Repeat until the desired number of samples have been taken. It is common to fix (add all three reagents) in the field for later titration.   However, this may tend to give negative bias due to the loss of iodine.  An alternative is to
add 0.7 ml of sulphuric acid, 0.02g sodium azide to each sample, keeping cold and away from light for a full analysis up to 6 hours later.  In this case, it would be necessary to add an additional 2 ml of the manganous sulfate reagent, 3 ml of the alkali iodide acid reagent and 2 ml of the sulfuric acid.             D. Procedure 1. Add to a 300 ml BOD bottle filled with sample, 1 ml
manganese sulphate solution and 1 ml alkali iodide acid reagent, cap and shake.  Be careful not to capture air bubbles.  If this is the case, remove the cap, add a small amount of distilled water, and cap again. 2. Set off about half the height of the bottle and add 1 ml of sulphuric acid. Re-stopper and mix. 3. Titer 200 ml of this sample with the 0.025M sodium thiosulfate solution
until a very pale yellow color is obtained.  Add a few drops of the starch solution and until the blue color disappears.             E. Winkler Reagents 1. Manganous Surfate Solution - Dissolve 400 g MnSO4.2H2O in distilled water and dilute to 1 liter. 2. Dissolve alkali iodide acid reagent - 500 g NaOH and 150 g KI in distilled water and dilute to 1 liter.  Dissolve 10 g NaN3 in 40 ml of
distilled water.                      3. Sulphuric acid concentrated 4. Dissolve sodium thiosulfate titrant - (0.025M) 6.205 g Na2S2O3.5H2O in distilled water.  Add 0.4 g Of NaOH and dilute to 1 litre.  Standardize with the primary potassium biniodate or potassium dichromat solution with strength to define the endpoint. 5. Dissolve starch solution - 2g soluble starch and 0.2g salicylic acid
(preservative) in 100ml hot distilled water. 4. CHEMICAL OXYGEN DEMAND The chemical oxygen demand (COD) of a waste is measured in the form of the amount of potassium dichromate (K2Cr2O7) which is reduced by the sample during 2 hours of reflux in a medium of boiling, 50% H2SO4 and in the presence of an Ag2SO4 catalyst.             The stoiiometry of the reaction
between dichromate and organic matter is: (16.65) where:                                                        (16.66) Oxidation is coined with the reduction of dichromate: 6e- + 14H+ + Cr2O7-2 -----------&gt; 2Cr+2 + 7H2O (16.67) Eo = 1.33 volts of chloride ions, agCl is precipitated and exposed to unpredictable oxidation conditions when Ag2SO4 is used as a catalyst, or is oxidized as oxidation
when Ag2SO4 is not used: 6Cl- + 14H+ + Cr2O7-2 -----------&gt; 3Cl2 + 2Cr+2 + 7H2O (16.68) Free chloride is largely removed by complexation with mercury such as Hg2(aq).  The autooxidation of Cr2O7-2 and organic contaminants in the reaction system can be taken into account by operating a blank with distilled water.             After completion of the reaction with organic
matter, it is necessary to determine the residual dichromate in the reaction flask.  A reducing agent, in this case Fe+2, can be used to titlate the dichromate.                     Fe+2 ------------&gt; Fe+3 + e- (16.69) Eo = -0.77 VoltS However, the oxidation potential for iron in 1M sulphuric acid due to the various ionic interactions that occur in the electrolyte solution is -0.66 volts (formal
potential).  The end point of iron titration of dichromate can be determined colorimetrically with the ferroine indicator.  Ferroin contains 1,10-phenanthroline, which forms a colored complex with the iron ions.  At the end point after the reduction of the dichromatic, the color changes from blue-green to reddish brown (Fe-Phenanthroline complex).             The COD test is faster than B
analysis, so it is often used as a rapid assessment of wastewater strength and treatment performance.  Like the SHAD, it does not measure the oxide demand due to nitrogenous species.  However, it cannot distinguish between biodegradable and non-biodegradable organic substances.  As a result, Cod's are always higher than the BSBs. REFERENCES APHA, AWWA, and
WPCF, Standard Methods for the Examination of Water and Wastewater, APHA, Washington (14 ed) pp. 273-282, or (15 ed) pp. 249-257, or (16 ed) pp. 265-273. Flaschka, H.A. (1959) EDTA Titrations, Pergamon Press, New York. Kramer, J.R. Alkalinity and Acidity, Chapter 3 in Water Analysis: Volume 1, Anorganic Species, R.A. Minear &amp; L.H. Keith editors, Academic
Press, pp.85-135. McQuaker et al. (1983) Environ. Sci. &amp; Technol., 17:431-435. Perdue, E.M. (1985) Acidic Functional Groups of Humic Substances, in Humic Substances in Soil, Sediment and Water: Geochemistry, Isolation, and Characterization, Aiken et al., eds., Wiley, Publ., York, S. 493-526. Sawyer, C.N. and P.L. McCarty (1978) Chemistry for Environmental
Engineering, 3rd Edition, McGraw-Hill Publ., p. 24-29, 168-188, 343-376. Schwarzenbach, G &amp; H.A. Flaschka (1969) Complexmetrico Titrations, Methuen, London. Snoeyink, V.L. and D. Jenkins (1980) Water Chemistry, Wiley, pp. 86-145, 156-196. PROBLEMS 16.1 An EdTA solution is added to a water sample containing a low concentration of calcium (20oC).  If the total
EDTA concentration (all forms) in the water is 0.1 million and all types of metal that could form complexes are several orders of magnitude lower, this is the reason.  What percentage of calcium is complexed with EDTA at: a) pH 4?             b) pH 10? 16.2 A sample of the water of the Wisconsin River in Muscoda (May 1952) revealed the following analysis (Hem, 1959).  Calculate
the total hardness, calcium hardness, magnesium hardness, carbonate hardness and non-carbonate hardness in mg/L as CaCO3. Constituent Concentration (mg/L) Silica (SiO2)o 4.2 Aluminum (Al)+3 Track Iron (Fe) Total Track Calcium (Ca)+2 18 Magnesium (Mg)+2 8.5 Sodium (Na +2.5 Potassium (K)+ 2.4 Bicarbonate (HCO3)- 90 Sulfate (SO4)-2 9.5 Chloride (Cl)- 1.5 Fluoride
(F)- Trace Nitrate (NO3)) - 0.8 Total Body (measured) 106 Specific conductivity (umhos/cm) 165 pH 7.0 Color (Co-Pt units) 35 Conductivity = Alctot To calculate changes in ionic behavior with varying concentrations, the onsager equation can be used: A = Ao - (60.2 + 0.229Ao)C0.5 (4) Here C represents the equivalent concentration of salt.  With a pure solution of calcium and
bicarbonate, this would be only equal to alkalinity (in mg/l as CaCO3) divided by 50,000.  Equivalent conductivity A also refers to conductivity according to: conductivity = CA(1000) (5), if is in umho/cm.  We can combine equations 4 and 5 to get an expression of conductivity only in terms of alkalinity.            Conductivity = 2.08 (alctot)-1.68 (alctot)1.5 (6) Over the concentration
range of 0-200 mg/l alkalinity, this relationship is almost linear, so that : alctot = (conductivity)/2 (7) With pure solution of carbonate (e.B. Na2CO3) the counter-ion concentration is twice as high as the molucrate concentration.  CB will be known in a pure carbonate solution known concentration.                              CB = 2CT (19) (19)
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