Analytical chemistry Chapter One

Analytical Chemistry

Analytical chemistry is concerned with the chemical characterization of matter and the answer
to two important questions: what is it (qualitative analysis) and how much is it (quantitative

analysis)?

Qualitative and Quantitative analysis:
The discipline of analytical chemistry consists of qualitative analysis and quantitative analysis.
e Qualitative analysis deals with the identification of elements, ions, or compounds present
in a sample.
¢ Quantitative analysis deals with the determination of how much of one or more constituents
is present. The sample may be solid, liquid, gas, or a mixture.

Qualitative analysis tells us what chemicals are present.

Quantitative analysis tells us how much.

Qualitative tests may be performed by selective chemical reactions or with the use of
instrumentation.
A clear distinction should be made between the terms selective and specific:
e A selective reaction or test is one that can occur with other substances but exhibits a
degree of preference for the substance of interest.

e A specific reaction or test is one that occurs only with the substance of interest.

Simple qualitative tests are usually more rapid and less expensive than quantitative procedures.

Qualitative analysis has been composed of two fields: inorganic and organic.

The Analytical Process
The general analytical process is shown in Figure 1. The analytical chemist should be involved
in every step. The analyst is really a problem solver, a critical part of the team deciding what,

why, and how.
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Define the Problem

Factors

What is the problem—what needs to be

found? Qualitative and/or quantitative?

What will the information be used for? Who will use
it?

When will it be needed?

How accurate and precise does it have to be?

What is the budget?

The analyst (the problem solver) should consult
with the client to plan a useful and efficient analysis,
including how to obtain a useful sample.
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Select a Method

Factors

Sample type

Size of sample

Sample preparation needed

Concentration and range (sensitivity needed)
Selectivity needed (interferences)
Accuracy/precision needed

Tools/instruments available
Expertise/experience

Cost

Speed

Does it need to be automated?

Are methods available in the chemical literature?
Are standard methods available?

Are there regulations that need to be followed?
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Factors

Obtain a Representative Sample

Sample type/homogeneity/size
Sampling statistics/errors

Figure 1. Steps in an analysis

Obtaining a representative sample
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Prepare the Sample for Analysis

Factors

Solid, liquid, or gas?

Dissolve?

Ash or digest?

Chemical separation or masking of interferences
needed?

Need to concentrate the analyte?

Need to adjust solution conditions (pH, add reagents)?
Need to change (derivatize) the analyte for detection?

Perform any Necessary Separation

Distillation

Precipitation

Solvent extraction

Solid phase extraction

Chromatography (may include the measurement step)
Electrophoresis (may include the measurement step)

A

Perform the Measurement
Factors

e Calibration
e Validation/controls/blanks
s Replicates

Calculate the Results and Report

Statistical analysis (reliability)

Interpret carefully for intended audience.

Critically evaluate results. Are iterations needed?
Report results with limitations/accuracy information

The material to be sampled may be solid, liquid, or gas. It may be homogeneous or

heterogeneous in composition.

The gross sample consists of several portions of the material to be tested.

The laboratory sample is a small portion of this, taken after homogenization.

The analysis sample is the sample that actually analyzed.
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Handling and storing samples

Certain precautions should be taken in handling and storing samples to prevent or minimize

contamination, loss, decomposition, or matrix change. In general, one must prevent

contamination or alteration of the sample by (1) the container, (2) the atmosphere, (3)

heat/temperature, or (4) light.

The stability of the sample must be considered. The preservative must not interfere in the

analysis. Trace constituents may be lost during storage by adsorption onto the container walls.

Problems associated with obtaining gross samples

Some of the problems associated with obtaining gross samples of solids, liquids, and gases are

considered below:

1.

2.

Solids
Sampling of solids is more difficult than other materials due to:

e Inhomogeneity of the material

e Variation in particle size

e Variation within the particle
The grab sample is the easiest but usually most unreliable way to sample a material, which
is one sample taken at random and assumed to be representative. The grab sample will be
satisfactory only if the material from which it is taken is homogeneous.
For most reliable results, it is best to take 1/50 to 1/100 of the total bulk for the gross sample,
unless the sample is fairly homogeneous. The larger the particle size, the larger the gross
sample should be.

Liquids
Liquid samples tend to be homogeneous and representative samples are much easier to
get.
Liquids mix by diffusion only very slowly and must be shaken to obtain a homogeneous
mixture.
If the material is indeed homogeneous, a simple grab (single random) sample will suffice.
If liquid samples are not homogeneous, and if they are small enough, they can be shaken

and sampled immediately.

Example: there may be particles in the liquid that have tended to settle. Large bodies of liquids
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are best sampled after a transfer or, if in a pipe, after passing through a pump when they have

undergone thorough mixing.

3. Gases

The usual method of sampling gases involves sampling into an evacuated container, often
a specially treated stainless-steel canister or an inert polyvinyl fluoride (Tedlar) bag is
commonly used.

The sample may be collected rapidly (a grab sample) or over a long period of time, using
a small orifice to slowly fill the bag.

The volume of gross gas samples collected may or may not need to be known. Often, the
concentration of a certain analyte in the gas sample is measured, rather than the amount.
The temperature and pressure of the sample will be important in determining the volume
and hence the concentration.

Gas sampling techniques mentioned here does not concern gases dissolved in liquids,
such COz or O2 in blood. These are treated as liquid samples and are then handled
accordingly to measure the gas in the liquid or to release it from the liquid prior to
measurement.

Corrosive gas samples will often react with the container. It is best to analyze the gas by

an in-situ analyzer that operates at a temperature in which condensation does not occur.

Preparing the sample for analysis

1.

Measure the amount being analyzed (volume or weight) to the degree of precision and
accuracy required for the analysis (major constituent, trace constituent and replicate).
Solid samples are often analyzed on a dry basis and must be dried in an oven at 110 to 120
C for 1 to 2 h and cooled in a desiccator before weighing, if the sample is stable at the drying
temperatures. Some samples may require higher temperatures and longer heating time
because of their great affinity for moisture.
Analyses may be non-destructive in nature. More often, the sample must be in solution form
for measurement, and solids must be dissolved.
- Inorganic materials may be dissolved in various acids, redox, or complexing media.
- Acid-resistant material may require fusion with an acidic or basic flux in the molten
state to render it soluble in dilute acid or water.

Organic materials are to be analyzed for inorganic constituents by either dry ashing (the
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5.

burning of organic matter) or wet digestion, to destroy the trace metals.
- Indry ashing, the sample is slowly combusted in a furnace at 400 to 700° C, leaving
behind an inorganic residue that is soluble in dilute acid.
- Alternatively, wet digestion (the oxidation of organic matter) destroys the organic
material by heating it with oxidizing acids.
For organic analytes, the analyte may be extracted away from the sample or dialyzed, or the
sample dissolved in an appropriate solvent. It may be possible to measure the analyte non-
destructively.
The solvents and reagents used for dissolution and preparation of the solution should be of
high purity (reagent grade). Even so, they may contain trace impurities of the analyte.
It is important to prepare and analyze replicate blanks, particularly for trace analyses. A
blank theoretically consists of all chemicals in the unknown and used in an analysis in
the same amounts (including water), run through the entire analytical procedure. The
blank result is subtracted from the analytical sample result to arrive at a net analyte

concentration in the sample solution.

Performing necessary chemical separations

In order to eliminate interferences, to provide suitable selectivity in the measurement, or to

preconcentrate the analyte for more sensitive or accurate measurement, the analyst must often

perform one or more separation steps. Separation steps may include precipitation, extraction

into an immiscible solvent, chromatography, dialysis, and distillation.

Performing the measurements

Many available techniques possess varying degrees of selectivity, sensitivity, accuracy and

precision, cost, and rapidity. Analytical chemistry research often deals with the optimization of

one or more of these parameters, as they relate to a particular analysis or analysis technique.

Gravimetric analysis usually involves the selective separation of the analyte by
precipitation, followed by the very nonselective measurement of mass (of the precipitate).
Volumetric, or titrimetric, analysis, the analyte reacts with a measured volume of reagent
of known concentration, in a process called titration. A change in some physical or

chemical property signals the completion of the reaction.

Gravimetric and volumetric analyses can provide results accurate and precise to a few parts
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per thousand (tenth of 1 percent) or better. However, they require relatively large

(millimole or milligram) quantities of analyte and are only suited for the measurement of

major constituents, although microtitrations may be performed. Volumetric analysis is

more rapid than gravimetric analysis and is therefore preferred when applicable.

Instrumental techniques: are used for many analyses and constitute the discipline of

instrumental analysis. They are based on the measurement of a physical property of the sample,

for example, an electrical property or the absorption of electromagnetic radiation.

Examples: spectrophotometry (ultraviolet, visible, or infrared), fluorimetry, atomic

spectroscopy (absorption, emission), mass spectrometry, nuclear magnetic resonance

spectrometry (NMR), X-ray spectroscopy (absorption, fluorescence), electroanalytical

chemistry (potentiometric, voltametric, electrolytic), chromatography (gas, liquid), and

radiochemistry.

Instrumental techniques are

generally, more sensitive and selective than the classical techniques but are less precise,
on the order of 1 to 5% or so.

much more expensive, especially in terms of initial capital investment. But depending
on the numbers of analyses, they may be less expensive when one factors in personnel
costs.

usually more rapid, may be automated, and may be capable of measuring more than one
analyte at a time.

Chromatography techniques are particularly powerful for analyzing complex mixtures.
They integrate the separation and measurement steps. Constituents are separated as they
are pushed through (eluted from) a column of appropriate material that interacts with
the analytes to varying degrees, and these are sensed with an appropriate detector as
they emerge from the column, to give a transient peak signal, proportional to the amount

of each.

Table 1 compares various analytical methods to be described in this text with respect to
sensitivity, precision, selectivity, speed, and cost.

Table 1. Comparison of Different Analytical Methods
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Approx. Approx. -
Method Range Precision  Selectivity Speed Cost B‘:Qg'pal
(mol/L) (%)
Gravimetry 107t - 1072 0.1 Poor-moderate  Slow Low Inorg.
Titrimetriy 107t - 107* 01-1 Poor-moderate  Moderate Low Inorg., Org.
Potentiometry 107t -10"° 2 Good Fast Low Inorg.
Electrogravimetry, 107 —107* 0.01 -2 Moderate Slow- Moderate Inorg., Org.
coulometry moderate
Voltammetry 1073 — 1070 2-5 Good Moderate Moderate Inorg., Org.
Good- Fast-
-3 _10-6 _
Spectrophotometry 10 10 2 moderate moderate Low-moderate  Inorg., Org.
Fluorometry 1076 —107° 2—-5 Moderate Moderate Moderate Org.
Atomic 1073 -107° 2—-10 Good Fast Moderate-high Inorg_.,
spectroscopy Multielement
Chromatography— oy _ ;- 2-5 Good Fast- Moderate-high org.,
Mass Spectrometry moderate multicomponent
Kinetics methods 102 —10"1° 2 —10 Good- Fast Moderate Inorg., Org.,
moderate moderate enzymes.
Instrument Standardization

A calibration curve is the instrument response as a function of concentration. Most

instrumental methods of analysis are relative. Instruments register a signal due to some physical

property of the solution. Instrument response may be linearly or nonlinearly related to the

sanalyte concentration.

Calibration is accomplished by preparing a series of standard solutions of the analyte at known

concentrations and measuring the instrument response to each of these (usually after treating

them in the same manner as the samples) to prepare an analytical calibration curve of response

versus concentration. Figure 2 shows examples of calibration curves obtained in a mass

spectrometry experiment. The concentration of an unknown can then be determined from the

response, using the calibration curve. With modern computer-controlled instruments, this is

done electronically or digitally, and direct readout of concentration is obtained.

Signal intensity ratio
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Analyte amount (pmol)



Analytical chemistry Chapter One

Figure 2. Calibration curves for the measurement of proteins using matrix-assisted laser
desorption ionization (MALDI)—mass spectrometry and an ionic liquid matrix (Courtesy of

Prof. Michael Gross, Washington University in St. Louis. Reprinted with permission).
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STOICHIOMETRIC CALCULATIONS

THE BASICS: ATOMIC, MOLECULAR, AND FORMULA WEIGHTS

The atomic weight for any element is the weight of a specified number of atoms of that
element, and that number is the same from one element to another.

A gram-atomic weight of any element contains exactly the same number of atoms of that
element as there are carbon atoms in exactly 12 g of carbon 12. This number is Avogadro’s
number, 6.022 x 10?3, the number of atoms present in 1 g-at wt of any element.

Molecular weight (MW) is the sum of the atomic weights of the atoms that make up a
compound.

Formula weight (FW) is a more accurate description for substances that don’t exist as
molecules but exist as ionic compounds (strong electrolytes—acids, bases, salts). The term

molar mass is sometimes used in place of formula weight.

MOLES

Mole is Avogadro’s number (6.022 x 10%) of atoms, molecules, ions, or other species.
Numerically, it is the atomic, molecular, or formula weight of a substance expressed in grams.
A mole of any substance contains the same number of atoms or molecules as a mole of any

other substance, atoms will react in the same mole ratio as their atom ratio in the reaction.

Examplel: Calculate the weight of one mole of CaSQO4 - 7H-0.
Solution:

One mole is the formula weight expressed in grams. The formula weight is

Ca 40.08

S 32.06

110 176.00

14 H 14.11
262.25 g/mol

grams

Moles = 5
formula weight (m)

Where the formula weight represents the atomic or molecular weight of the substance. Thus,

g 8

Mole Na,S0, = = = —>
01¢ M42584 = 7w T 142.01 g/mol
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g g
Mole Ag* = —>— =
O€88" T Ew T 107.870 g/mol

For very small quantities, the formula of calculating millimoles is

milligrams

Millimoles = mg

mmol)

formula weight (

Example 2: Calculate the number of moles in 500 mg Na,WO4 (sodium tungstate).

Solution

500 mg
293.8 mg/mmol

X 0.001 mol/mmol = 0.00170 mol

Example 3: What is the weight, in milligrams, of 0.250 mmol Fe,Os(ferric oxide)
Solution:

0.250 mmol x 159.7 mg/mmol = 39.9 mg

10
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CONCENTRATIONS OF SOLUTIONS
MOLARITY

A one-molar solution is defined as one that contains one mole of substance in each liter of a
solution. It is prepared by dissolving one mole of the substance in the solvent and diluting to a
final volume of one liter in a volumetric flask; or a fraction or multiple of the mole may be

dissolved and diluted to the corresponding fraction or multiple of a liter.

The molarity of a solution is expressed as moles per liter or as millimoles per millilitre. Molar
Is abbreviated as M.

Moles = (mole/liter) X liters

= molarity X liters

Example 4: A solution is prepared by dissolving 1.26 g AgNO3 in a 250-mL volumetric flask
and diluting to volume. Calculate the molarity of the silver nitrate solution. How many
millimoles AgNO5 were dissolved?
Solution

V= 1.26g/169.9 (g/mol)
B 0.250 L

Millimoles = (0.0297 mmol/mL)(250 mL) = 7.42 mmol

= 0.0297 mol/L (0.0297 mmol/mL)

Example 5: How many grams per millilitre of NaCl are contained in a 0.250 M solution?
Solution:
0.250 mol/L = 0.250 mmol/mL
0.250 mmol/mL X 58.4 mg/mmol X 0.001 g/mg = 0.0146 g/mL

Example 6: How many grams Na, SO, should be weighed out to prepare 500mL of a 0.100 M?
Solution :
500 mL X 0.100 mmol/mL = 50.0 mmol
50.0 mmol X 142 mg/mmol X 0.001 g/mg = 7.10g

Example 7: Calculate the concentration of potassium ion in grams per liter after mixing
100 mL of 0.250 M KCl and 200 mL of 0.100 M K,SO,.
Solution

mmol K* = mmol KCl + 2 X mmol K,S0,

11
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= 100 mL X 0.250 mmol/mL + 2 x 200 mL X 0.100 mmol/mL
= 65.0 mmol in 300 mL

_65.0 mmol x 39.1 mg/mmol x 0.001 g/mg x 1000 mL/L
- 300 mL

=8.47g/L

NORMALITY

A one-normal solution contains one equivalent per liter.

An equivalent represents the mass of material providing Avogadro’s number of reacting units.
The number of equivalents is given by the number of moles multiplied by the number of
reacting units per molecule or atom; the equivalent weight is the formula weight divided by
the number of reacting units.

For acids and bases, the number of reacting units is based on the number of protons (i.e.,
hydrogen ions) an acid will furnish, or a base will react with. For oxidation—reduction reactions
it is based on the number of electrons an oxidizing or reducing agent will take on or supply.
Thus, for example, sulfuric acid, H.SOa, has two reacting units of protons; that is, there are two
equivalents of protons in each mole. Therefore,

98.08 g/mol

= 49.04
2 eq/mol g/eq

Equivalent weight =

The mormality of sulfuric acid solution is twice its normality, that is, N = (g/eq wt)/L. The
number of equivalents is given by

wt
Number of equivalents (eq) = _wt@®) = normality (eq/L) X volume (L)

eqwt (g/eq)

MOLALITY

A one-molal solution contains one mole per 1000 g of solvent. The molal concentration is
convenient in physicochemical measurements of the colligative properties of substances, such
as freezing point depression, vapor pressure lowering, and osmotic pressure because colligative
properties depend solely on the number of solute particles present in solution per mole of
solvent. Molal concentrations are not temperature dependent as molar and normal
concentrations since the solution volume in molar and normal concentrations is temperature

dependent.

12
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DENSITY CALCULATIONS
The concentrations of many fairly concentrated commercial acids and bases are usually given
in terms of percent by weight. It is frequently necessary to prepare solutions of a given
approximate molarity from these substances. In order to do so, we must know the density in
order to calculate the molarity. Density is the weight per unit volume at the specified
temperature, usually g/mL or g/cm? at 20°C.
Sometimes substances list specific gravity rather than density. Specific gravity is defined as
the ratio of the mass of a body (e.g., a solution), usually at 20°C, to the mass of an equal volume
of water at 4°C (or sometimes 20°C). That is, specific gravity is the ratio of the densities of the
two substances; it is a dimensionless quantity. Since the density of water at 4°C is 1.00000
g/mL, density and specific gravity are equal when referred to water at 4°C. But normally
specific gravity is referred to water at 20°C; density is equal to specific gravity x 0.99821 (the
density of water is 0.99821 g/mL at 20°C).

Density of solution at 20 °C = Specific gravity of solution * 0.99821 g/mL

Example 8: How many millilitres of concentrated sulfuric acid, 94.0% (g/100 g solution),

density 1.831 g/cm?3, are required to prepare 1 liter of a 0.100 M solution?

Solution:
Consider 1 cm® = 1 mL. The concentrated acid contains 0.940 g H,SO, per gram of solution,
and the solution weighs 1.831 g/mL. The product of these two numbers, then, gives the gram

H,S0, per millilitre of solution:

M= (0.940 g H,S0, /g solution)(1.831 g/mL)
B 98.1 g/mol

x 1000 mL/L

= 17.5 mol H,SO, /L solution
We must dilute this solution to prepare 1L of 0.100 M solution. The same number of
millimoles of H,SO, must be taken as will be contained in the final solution. Since mmol =
M x mL and mmol dilute acid = mmol concentrated acid,
mmol = M X 1000 mL = 17.5M X mL
x = 5.71 mL concentrated acid to be dilluted to 1000 mL

13
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DILUTIONS

Mass is conserved:

M1V1= M2V2

If a solution of molarity M1 and volume V1 is diluted to V2, the molarity M2 will obey this
relationship. The general equation C1V1= C2V2 will hold as long as C1 and C2 are in the same

units, regardless of the specific unit.

Example 9: You wish to prepare 500mL of a 0.100 M K2Cr.O7 solution from a 0.250 M
solution. What volume of the 0.250 M solution must be diluted to 500 mL?
Solution
Mfinai X MLrinar = Moriginat X MLoriginai
0.100 mmol/mL X 500 mL = 0.250 mmol/mL X mLyyigina

mLorigmal = 200 mL

Example 10: What volume of 0.40 M Ba(OH). must be added to 50mL of 0.30 M NaOH to
give a solution 0.50 M in OH™?
Solution
Volumes of dilute aqueous solutions can be assumed to be additive, i.e., if x mL of Ba(OH): is
added to 50mL NaOH, the total volume is going to be 50 + x mL. We can use a modified
form of C1V1 = C2V2 where all the initial solution components are added in this manner, and
these sum up to the final solution components:

2Cin X Vin = Crin X Vpin

Mnaon X VNaon + 2 X Mgaon), X VBaony, = Mon- X Viin

Note that 1 M Ba(OH), is 2 M in OH™
03M X 50mL + 2 X 0.40M X xmL = 0.50M X (50 + x) mL.
x = 33 mL.
Alternatively,
Let x = mL Ba(OH),. The final volume is (50 + x) mL.
mmol OH™ = mmol NaOH + 2 X mmol Ba(OH),
0.50M x (50 + x)mL = 0.30 MNaOH X 50 mL + 2 x 0.40 M Ba(OH), X xmL
x = 33 mL Ba(OH),

14
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SOLID SAMPLES

Calculations for solid samples are based on weight. The most common way of expressing the
results of macro determinations is to give the weight of analyte as a percent of the weight of
sample (weight/weight basis). The weight units of analyte and sample are the same. For

example, a limestone sample weighing 1.267 g and containing 0.3684 g iron would contain
0.3684 g/ 1.267 g x 100% = 29.08% Fe

The general formula for calculating percent on a weight/weight basis, which is the same as
parts per hundred, then is

wt solute (g)

%(wt/wt) = I l x 10? (%/g solute/g sample)

wt sample (g)

Note that the grams of solute do not cancel the grams of sample solution; the fraction represents
grams of solute per gram of sample.

Trace concentrations are usually given in smaller units, such as parts per thousand (ppt, %o),
parts per million (ppm), or parts per billion (ppb). These are calculated in a manner similar
to parts per hundred (%):

t (wt/wt) = wesolute (g) | X 10% (ppt/g solut 1
ppt (wt/wt) = wisample (2)| (ppt/g solute/g sample)

¢t _'wtsolute(g)'><106 lut |
ppm (wt/wt) = wesample (2) (ppm/g solute/g sample)

[ wt solute (g) |

ppb (wt/wt) = x 10° (ppb/g solute/g sample)

l'wt sample (g) |

Trace gas concentrations are also expressed in ppb, ppm, and so forth. In this case the ratio
refers not to mass ratios, but to volume ratios (which for gases is the same as mole ratios).
Thus, present atmospheric CO> concentration of 390 ppm means that each liter of air (this is a

million microliters) contains 390 microliters of CO,.

15
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Common Units for Expressing Trace Concentrations

Unit Abbreviation wit/wt wt/vol vol/vol
Parts per million ppm mg/kg mg/L nlL/L
(1 ppm = 1074%) peje pe/mL nL/mL
Parts per billion ppb pe/ke ne/L nL/L

(1 ppb = 1077% = 1073 ppm) ng/g ng/mL pL/mL#
Milligram percent mg% mg/100 g mg/100 mL

Example 11: A 2.6 g sample of plant tissue was analyzed and found to contain 3.6 pug zinc.

What is the concentration of zinc in the plant in ppm? In ppb?

Solution:
3.6 ug Hg
26g g PP
3.6 X 103ng
—36s " 1.4 x 103 ng/g = 1400 ppb

One ppm is equal to 1000 ppb. One ppb is equal to 10~7 %

Example 12:

(a) Show how 35 ppm CO is 40 mg/m3.

(b) What is 75 ppb SO, at 25°C in ug/m3?

The ideal gas laws (PV = RT, where R is the universal gas constant, 0.0821L —
atm/(mole K)) dictate that the volume of 1 mole of any gas at 1atm pressure and
25°Cis 24.5 L (at 0°C, thisis 22.4 L).

Solution:

Because gas volumes change as a function of temperature and pressure, we must refer to some
temperature and pressure. When this is not specified, we assume a temperature of 25°C and a

pressure of 1 atm.

35 molCO _ 35x10°molCO _ 35 pumol CO
106 mol Air mol Air "~ mol Air

(a) 35 ppm =
FW CO =28
35 umol CO/ mol air X 28 pg/pmol = 980 ug CO/ mol air

= 980 ug CO in 24.5 L air

980 ugCO 1g  1000mg 1000 L

X X X =40 3
245L 105pg © 1g 1m? mg/m

75 mol SO, _ 75 %1072 molSO, _ 75nmol SO,
109 mol Air mol Air ~ molAir

(b) 75 ppb =

16
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FW of SO, = 64

75 nmol CO 1 pmol o 64 ug 1000L

X X =19 3 % 0.2 3
24.5 L 1000 nmol ~ pmol = 1m3 6 pg/m* = 0.2 mg/m

LIQUID SAMPLES
Results for liquid samples can be reported on a weight/weight basis, as above, or they may be
reported on a weight/volume basis. The latter is more common, at least in the clinical
laboratory. The calculations are similar to those above. Percent on a weight/volume basis is
equal to grams of analyte per 100mL of sample, while mg% is equal to milligrams of analyte
per 100mL of sample.

[ wt solute (g) |

% (wt/vol) = x 102 (%/g solute/mL sample)

| vol sample (mL) |

[ wt solute (g) |

D)= 10° 1 L 1
ppm (wt/vol) Vol sample (mL) x 10° (ppm/g solute/mL sample)

[ wtsolute (g) |
x 10% (ppb/g solute/mL sample)

ppb (wt/vol) =

[vol sample (mL)|

wt solute
&) x 10'? (ppt/g solute/mL sample)

ppt (wt/vol) = Ivol sample (mL)

Example 13: A 25.0 uL serum sample was analyzed for glucose content and found to contain

26.7 pg. Calculate the concentration of glucose in pg/mL and in mg/dL.

Solution:
250 ul x — L _ 550 x 102 mL
. X———= /4. X
M- %1000 uL o
26.7 ug X —2— = 2.67 x 10~

26.7 X 107° g glocose
2.50 X 1072 mL serum

This is numerically the same in ppm units, also

glocuse concentration = x 10% pg/g = 1.07 x 102 pg/mL

, hg 0.001mg 100 mL

Glucose concentration = 1.07 X 10 E X g X Tdl

= 107 mg/dL

Note the relationship: 10 ppm (wt/vol) = 1 mg/dL

17
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Example 14: The concentration of zinc in blood serum is about Img/L. Express this as meq/L.

Solution:
mg mg

meq = eq wt (mg/eq) ~Fw (mg/mmol)/n (meq/mmol)

n = charge on ion
The equivalent weight of Zn?*is 65.4 (mg/mmol)/2 (meq/mmol) = 32.7 mg/meq.
Therefore,

1 mgZn/L

= 3. 1072 LZ
327 mg/meq 3.06 X 107 meq/L Zn

Volumetric Analysis

Volumetric or titrimetric analyses are among the most useful and accurate analytical
techniques, especially for millimole amounts of analyte. They are rapid and can be automated,
and they can be applied to smaller amounts of analyte when combined with a sensitive
instrumental technique for detecting the completion of the titration reaction, for example, pH

measurement.

TITRATION

In a titration, the test substance (analyte) reacts with an added reagent of known concentration,
generally instantaneously. The reagent of known concentration is referred to as a standard
solution. It is typically delivered from a burette; the solution delivered by the burette is called
the titrant.

The volume of titrant required to just completely react with the analyte is measured. Since we
know the reagent concentration as well as the reaction stoichiometry between the analyte and
the reagent, we can calculate the amount of analyte. The requirements of a titration are as

follows:

1. The reaction must be stoichiometric. That is, there must be a well-defined and known
reaction between the analyte and the titrant. In the titration of acetic acid in vinegar
with sodium hydroxide, for example, a well-defined reaction takes place:

CH;COOH + NaOH — CH;COONa + H,0

2. The reaction should be rapid. Most ionic reactions, as above, are very rapid.

18
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3. There should be no side reactions; the reaction should be specific. If there are interfering
substances, these must be removed or independently determined and their influence
subtracted from the overall signal (Canatyte = Ctotat — Cinterference). In the above example, there
should be no other acids present.

4. There should be a marked change in some property of the solution when the reaction is
complete. This may be a change in color of the solution or in some electrical or other
physical property of the solution.

5. The point at which an equivalent or stoichiometric amount of titrant is added is called
the equivalence point. The point at which the reaction is observed to be complete is called
the end point, that is, when a change in some property of the solution is detected. The end
point should coincide with the equivalence point or be at a reproducible interval from it.
6. The reaction should be quantitative. That is, the equilibrium of the reaction should be
far to the right so that a sufficiently sharp change will occur at the end point to obtain the
desired accuracy. If the equilibrium does not lie far to the right, then there will be gradual
change in the property marking the end point (e.g., pH) and this will be difficult to detect
precisely.

CLASSIFICATION OF TITRATION METHODS

There are four general classes of volumetric or titrimetric methods.
1. Acid-Base: many compounds, both inorganic and organic, are either acids or bases
and can be titrated, respectively, with a standard solution of a strong base or a strong
acid. The end points of these titrations are easy to detect, either by means of an indicator
or by following the change in pH with a pH meter.
2. Precipitation: the titrant forms an insoluble product with the analyte. An example is
the titration of chloride ion with silver nitrate solution to form silver chloride precipitate.
Again, indicators can be used to detect the end point, or the potential of the solution can
be monitored electrically.
3. Complexometric: the titrant is a reagent that forms a water-soluble complex with the
analyte, a metal ion. The titrant is often a chelating agent. Ethylenediaminetetraacetic
acid (EDTA) is one of the most useful chelating agents used for titration. It will react
with a large number of metal ions, and the reactions can be controlled by adjustment of
pH. Indicators can be used to form a highly colored complex with the metal ion.
4. Reduction—Oxidation: These “redox” titrations involve the titration of an oxidizing

agent with a reducing agent, or vice versa. An oxidizing agent gains electrons and a
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reducing agent loses electrons in a reaction between them. There must be a sufficiently
large difference between the oxidizing and reducing capabilities of these agents for the
reaction to go to completion and give a sharp end point; that is, one should be a fairly
strong oxidizing agent (strong tendency to gain electrons) and the other a fairly strong
reducing agent (strong tendency to lose electrons). Appropriate indicators for these
titrations are available; various electrometric means to detect the end point may also be

used.

Volumetric Calculations
Assume 25.0 mL of 0.100 M AgNOs is required to titrate a sample containing sodium chloride.
The reaction is
CI” (ag) + Ag™(ag) — AgCI(s)
Since Ag” and CI™ react on a 1:1 molar basis, the number of millimoles of CI™ is equal to the

number of millimoles of Ag*™ needed for titration. We can calculate the milligrams of NaCl as

follows:
mmoly,cr = mlagno, X Magno,

= 25.0mL X 0.100 (mmol/mL) = 2.50 mmol
mgnac1 = mmol X FWy,q

= 2.50 mmol X 58.44 mg/mmol = 146 mg
We can calculate the percentage of analyte A that reacts on a 1:1 mole basis with the titrant

using the following general formula:

mganalyte

%Analyte = fractiongpayre X 100% = X 100%

mgsample

mmol analyte X FW, mg/mol
_ y analyte( g/ ) % 100
mg sample

. Mtitrant(mmOI/mL) X rnLtitrant X FWanalyte(mg/mmOI) % 100
rngsample

Example 15: A 0.4671-g sample containing sodium bicarbonate was dissolved and titrated
with standard 0.1067 M hydrochloric acid solution, requiring 40.72 mL. The reaction is
HCO3 + H" — H20 + CO>

Calculate the percent sodium bicarbonate in the sample.
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Solution:

The millimoles of sodium bicarbonate are equal to the millimoles of acid used to titrate it, since
they react in a 1:1 ratio.

mmolyc = 0.1067 mmol/mL X 40.72 mL = 4.3448 mmolyc = mmol NaHCO;
mgnanco, = 4.3448 mmol x 84.01 mg/mmol = 365.01 mg NaHCO3

365.01 mg NaHCO3

%NaHCO; =
/oNa 3 467.1 mgsample

X 100% = 78.14% NaHCO;

Example 16: A 0.2638-g soda ash sample is analyzed by titrating the sodium carbonate with
the standard 0.1288 M hydrochloride solution, requiring 38.27 mL. The reaction is

CO3? + 2H* — H,0 + CO»
Calculate the percent sodium carbonate in the sample.

Solution:
The millimoles of sodium carbonate is equal to one-half the millimoles of acid used to titrate
it, since they react in a 1:2 ratio (a/t = %)

mmolyc = 0.1288 mmol/mL X 38.27 mL = 4.929 mmol HCI

1 /mmol Na,CO;
mmolyaco, = 4.929 mmol HCI X ~ ( T

2
mg N32CO3
— L = 26121 mg Na,COs

) — 2.4645 mmol Na,CO;

mgnaco, = 2.4645 mmol X 105.99

261.21 mg N32CO3

% Na,CO, =
/0 NazC0s 263.8 MEaample

X 100% = 99.02% Na,CO3

Or, combining all the steps at once,

Myc) X mLyc X % (mmol Na;CO3z/mmol HCI) X FWna,cos

% Naz(:Og = x 100

Mgsample

0.1288 mmol HCI x 38.27 mL HCI x % (mmol Na,CO5;/mmol HCI) %X 105.99 (mg Na,CO3;/mmol)

263.8 mggample
X 100% = 99.02% Na,CO3

Example 17: How many millilitres of 0.25 M Solution HSO4 will react with 10 mL of a 0.25

M solution of NaOH?
Solution:
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H,S0, + 2NaOH — Na,S0, + 2H,0
One half as many millimoles of H,SO, as of NaOH will react, or
1
MH2504 X mLH2504 = MNaOH X mLNaOH X E (mmOl HZSO4/ mmol NaOH)
Therefore,

0.25 mmol NaOH/mL x 10 mLNaOH X %(mmol H,S0,/mmol NaOH)
0.25 mmol H,SO,/mL

mLy,so, =

= 5.0 mL H,SO,

Example 18: A sample of impure salicylic acid, CsHs(OH)COOH (one titratable proton), is
analyzed by titration. What size sample should be taken so that the percent purity is equal to
five times the milliliters of 0.0500 M NaOH used to titrate it?
Solution:
Let x = mL NaOH, % salicylic acid (HA) = 5x:
YHA = Mnaon X MLyaog X (1 mmol HA/mmol NaOH) X FWy, (mg/mmol) « 100%
MEsample
0.0500 M X x mL NaOH x 1 x 138 mg HA/mmol

5x % = X 100%
mgsample

Mgsample = 138 mg

STANDARDIZATION AND TITRATION CALCULATIONS

MEstandard
FWstandard (mg/mmoD

MmMmOltitrant = Mtitrant (mmOI/mL) X MLjtrant

mmolgtandard =

= mmOIStandard X t/a (mmOItitrant/mmOIStandard)

mmOIStandard X t/a (mmOItitrant/mmOlstandard)

rnLtitrant

Mtitrant (mmOI/mL) =

Or, combining all steps at once,
Miitrant (mmol/mL)

_ mgstandard/FWstandard (mg/mm‘)l) X t/a (mmOItitrant/mmOIStandard)

rrlLtitrant

Example 19: An approximate 0.1 M hydrochloric acid solution is prepared by 120-fold
dilution of concentrated hydrochloric acid. It is standardized by titrating 0.1876 g of dried

primary standard sodium carbonate:
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C0%™ + 2H* - H,0 + CO,
The titration required 35.86 mL acid. Calculate the molar concentration of the hydrochloric
acid.
Solution
The millimoles of Hydrochloric acid are equal to twice the millimoles of sodium carbonate
titrated.
mmolya,,co, = 187.6 mg Na,C03/105.99 ( mg Na,CO3/mmol) = 1.770 mmol Na,CO3

mmolyc; = My (mmol/mL) X 35.86 mL HCI = 1.770 mmol Na,CO4
X 2(mmol HCl/mmol Na,C03)

1.770 mmol Na,CO3x2(mmol HCl/mmol Na,CO3)
35.86 mL HCL

Myq = = 0.09872 M
Example 20: The iron (1) in an acidified solution is titrated with 0.0206 M solution of
potassium permanganate:
5Fe?* + MnOj; + 8H* — 5Fe3* + Mn?* + 4H,0
If the titration required 40.2 mL, how many milligrams iron are in the solution?
Solution:
There are five times as many millimoles of iron as there are of permanganate that react with it,
SO

MGre
FWrge

mgge = 0.0206 mmol KMnO,/mL X 40.2 mL KMnO, X 5(mmol Fe/mmol MnOy)

5
mmolg, = = Mkmno, X MLgmno, X 1 (mmol Fe/mmol KMnO,)

% 55.8 mg Fe/mmol
= 231 mg Fe

PRECIPITATION AND COMPLEXOMETRIC TITRATION REACTIONS

Following is a list of typical precipitation and complexometric titration reactions and the factors

for calculating the milligrams of analyte from millimoles of titrant.
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CI™ +Ag™ — AgCl mge— = Mye+ X mLy+ x I (mmol CI™/mmol Ag™) x fwg-

2CI~ + Pb** — PbCl, mge— = Mp2+ x mLp2+ x 2 (mmol CI™ /mmol Pb?*) x fwe-

1
PO, + 3Agt — Ag,PO, Mgpy,3- = Mpg+ X mLy+ X 3 (mmol PO,*~/mmol Ag") x fWpo,3-
2CN™ + Ag™ — Ag(CN),”  mgen-= Mo+ X mLy+ x 2 (mmol CN™/mmol Ag™) x fwey-—
2CN~ +2Ag™ — Ag[Ag(CN),| mg— = MAng X mLAng x 1 (mmol CN™/mmol Ag™) x fwe—
Bat + 8042_ — BaSO, mgp.2+ = Msof— % 1 (mmol Ba”/mmol 5042_) x fwp,2+

Ca®t + H2Y2_ — CaY?™ 4+ 2H* mge2+ = Mgpra x 1 (mmol Ca2_/mmol EDTA) x fwe,2+

Example 21: Aluminium is determined by titrating with EDTA:

AT + H,Y?™ > AlY™ + 2H*
A 1.00 g sample requires 20.5 mL EDTA for titration. The EDTA was standardized by titrating
25.0 mL of a 0.100 M CacCl, Solution, requiring 30.0 mL EDTA. Calculate the percent Al,04
in the sample.
Solution:
Since Ca?* and EDTA react on a 1:1 mole ratio:

_0.100 mmol CaCl,/mL x 25.0 mL CaCl,
EpTA 30.0 mL EDTA

The millimoles of AI®* are equal to th emillimoles EDTA used in the sample titration, but there

are one-half this number of millimoles of Al.O3 (since 1 A3t - %A1203).

Therefore,
MEDTA X mLEDTA X %(mmOI A1203/mm01 EDTA) X FWA]203
% A1203 = mg X 100%
Sample
0.0833 mmol EDTA/mL X 20.5 mL EDTA X % %x 101.96 mg Al,05/mmol
% A1203 -

1000 mg sample
X 100% = 8.71 % Al, 04

Example 22: In acid solution, potassium permanganate reacts with H,O2 to form Mn?*:
5H,0, + 2MnO; + 6H* — 50, + 2Mn?** + 8H,0
In neutral solution, it reacts with MnSO4 to form MnO.:
3Mn?* + 2MnOj; + 40H~ - 5Mn0, + 2H,0
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Calculate the number of millilitres of 0.100 M KMnOy that will react with 50.0 mL of 0.200
M H20> and with 50.0 mL of 0.200 M MnSOQa.

Solution

The number of millimoles of MnO, will be equal to two-fifth of the number of millimoles of
H20O2 reduced:

2
Mmno; X MLmno; = My,0, X MLy,o, X g(mmol MnO; /mmol H,0,)

2

0.200 mmol H,0,/mL X 50.0 mL H,0, X €

0.100 mmol MnO, /mL

mLyvpo; = = 40.0 mL kMnO,

The number of millimoles of MnOj reacting with Mn?* will be equal to two-thirds of the

number of millimoles of Mn?*:

2
Mumno; X MLypo; = Myppe+ X g(mmol MnOjz /mmol Mn?*)
0.200 mmol Mn?*/mL x 50.0 mL Mn?* x %

mLMnOZ = = 66.7 mL anO4

0.100 mmol MnO, /mL

BACK-TITRATION

In this technique, a measured amount of the reagent, which would normally be the titrant, is
added to the sample so that there is a slight excess. After the reaction with the analyte is allowed
to go to completion, the amount of excess (unreacted) reagent is determined by titration with
another standard solution; the kinetics of the analyte reaction may be increased in the presence
of excess reagent. So by knowing the number of millimoles of reagent taken and by measuring
the number of millimoles remaining unreacted, we can calculate the number of millimoles of
sample that reacted with the reagent:

mmol reagent reacted = mmol taken — mmol back — titrated
mg analyte = mmol reagent reacted X factor (mmol analyte/mmol reagent)

X FW analyte (mg/mmol)

Example 23: A 0.200 g sample pf pyrolusite is analyzed for manganese content as follow. Add
50.0 mL of a 0.100 M solution of ferrous ammonium sulfate to reduce the MnO2 to Mn?*. After
reduction is complete, the excess ferrous ion is titrated in acid solution with 0.0200 M KMnOsa,
requiring 15.0 mL. calculate the percentage of manganese in the sample as Mn;0, (the
manganese may or may not exist in this form, but we can make the calculations on the

assumption that it does).
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Solution:
The reaction between Fe?* and MnOj is
5Fe?t + MnO; + 8H* — 5Fe3* + Mn?* + 4H,0
and so there are five times as many millimoles of excess Fe?* as of MnOj that reacted with it.
The rection between Fe?* and MnO, is
MnO, + 2Fe?* + 4H* — Mn?* + 2Fe3* + 2H,0

and there are one-half as many millimoles of MnO,as millimoles of Fe?* that react with it.
There are one-third as many millimoles of Mn;0, as of MnO, (1MnO, — gMng,O4 . Therefore,
mmol Fe?* reacted

= 0.100 mmol Fe?*/mL x 50.0 mL Fe?*

—0.0200 mmol MnOz /mL X 15.0 mL MnO; X 5 mmol Fe?*/mmol MnOj,

= 3.5 mmol Fe?* reacted

1
mmol MnO, = 3.5 mmol X E(mmol MnO,/mmol Fe?*) = 1.75 mmol MnO,

1
mmol Mn;0, = 1.756 mmol MnO, X 3 (mmol Mn3;0, /mmol MnO,)

= 0.583 mmol Mn30,
0.583 mmol Mn;0, X 228.8 (mg Mn;0, /mmol
%Mn;0, = 324 (mg Mn;0, /mmol_ ", 1606
200 mg sample

= 66.7 % Mn;0,

TITER
For routine titrations, it is often convenient to calculate the titer of the titrant. The titer Titer
= milligrams analyte that is the weight of analyte that is chemically equivalent to 1mL of the

titrant, usually react with 1mL of titrant, expressed in milligrams.
Example 24: A standard solution of potassium dichromate contains 5.442 g/L. What is its titer
in terms of milligrams Fe304?

Solution:

The iron titrated as Fe?* and each Cr, 0%~ will react with 6Fe?* (or the iron from 2Fe;0,:

6Fe2* + Cr,02~ + 14H* - 6Fe3* + 2Cr®* + 7H,0

The molarity of the K,Cr,0-, solution is:
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Moo =—2E _ _34429/L 1650 mouy,
€208 = FWey, 0 29419 g/mol mol/
Therefore, the titer is
mol KZCr207) 2( mol Fe;0, ) ( mg Fe;0, )
. —_— | X - X 23154 ———
0.01850 ( mL 1 \mmol K,Cr,0, mmol Fe;0,

= 8.567 mg Fe;0,/mL K,Cr,0,
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ACID-BASE EQUILIBRIA

Acid-Base Equilibria in Water

When an acid or base is dissolved in water, it will dissociate, or ionize, the amount of ionization
being dependent on the strength of the acid or the base. A “strong” electrolyte is completely
dissociated, while a “weak” electrolyte is partially dissociated. Table 3.2 lists some common
electrolytes, some strong and some weak.

Hydrochloric acid is a strong acid, and in water, its ionization is complete:
HCI + H,0 — H;0* + CI™ (1)

An equilibrium constant for Equation 1 would have a value of infinity. The proton H* exists in
water as a hydrated ion, the hydronium ion, H;0". Higher hydrates probably exist, particularly
Ho0Z. The hydronium ion is written as H;0% for convenience and to emphasize Brensted
behavior.
Acetic acid is a weak acid, which ionizes only partially in water (a few percent):

HOAc + H,0 < H;0% + OAc™ (2)

Simplified equations for the above reactions are
HCl - H* + CI~ (3)
HOAc = H* + OAc™ (4)

We can write an equilibrium constant for this reaction:
K - [H*][OAc™]

“ [HOAC]
We will use H* in place of H;0*, Also, molar concentrations will generally be used instead of
activities.

K, = [H*][OH7]

Ka and Ky are the molar equilibrium constants.
Kw is exactly 1.00 x 10714 at 24°C and even at 25°C, to a smaller number of significant figures, it

is still accurately represented as 1.0 x 10724, The product of the hydrogen ion concentration and
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the hydroxide ion concentration in aqueous solution is always equal to 1.0 x 107'* at room

temperature:

[H*][OH"] = 1.0 x 10~*
Table 3.2 Some Strong Electrolytes and Some Weak Electrolytes

Strong Weak

HCI CH3;COOH (Acetic acid)

HCIO, NH,

H,SO, C¢HsOH (phenol)

HNO; HCHO,, (formic acid)

NaOH C¢HsNH, (aniline)
CH,COONa

In pure water, then, the concentrations of these two species are equal since there are no other
sources of H* or OH™ except H, O dissociation:

[H*] = [OH7]

Therefore,

[H*][H*] = 1.0 x 10714

[H*] = 1.0 x 1077 M = [H*][H*] = [0OH"]

If an acid is added to water, we can calculate the hydroxide ion concentration if we know the
hydrogen ion concentration from the acid. But when the hydrogen ion concentration from the acid
is very small, 107® M or less, the contribution to [H*] from the ionization of water cannot be

neglected.

Example 1: A 1.0 x 103 M solution of hydrochloric acid is prepared. What is the hydroxide
ion concentration?

Solution

Since hydrochloric acid is a strong electrolyte and is completely ionized, the H* concentration is
1.0 x 1073 M. Thus,

(1.0 x 1073)[OH"] = 1.0 x 10~*
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[OH"]=1.0 x 1011 M

The pH Scale
The concentration of H* or OH™ in aqueous solution can vary over extremely wide ranges, from
1 M or greater to 10~1* M or less. The pH of a solution was defined by Sgrenson as
pH = —log[H"]

The minus sign is used because most of the concentrations encountered are less than 1 M, and so
this designation gives a positive number.
A similar definition is made for the hydroxide ion concentration:

pOH = —log[OH™]

Example 1: Calculate the pH of 2 2.0 x 1073 M solution of HCI.
Solution

HCl is completely ionized, so

[H*] = 2.0 x 1073 M

pH = —log (2.0 X 1073) = 3 — log2.0 = 3 — 0.30 = 2.70

If the hydrogen ion concentration is known, we can calculate the hydroxyl ion concentration, and
vice versa. The equation in logarithm form for a more direct calculation of pH or pOH is
—logK,, = —log[H*][OH™] = —log[H*] — log[OH ]

pK,, = pH + pOH

at 25°C

14.00 = pH + pOH

Example 2: Calculate the pOH and the pH of a 5.0 X 1072 M solution of NaOH at 25°C

Solution

[OH ] = 5.0 x 1072 M

pOH = —log(5.0 x 107%) = 2 — log5.0 = 2 — 0.70 = 1.30
pH + 1.30 = 14.00

pH = 12.70

or
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[H*] = (1.0 x 107%)/ (5.0 x 1072)
=20 x 1073 M
pH = —log(2.0 x 10713) = 13 — log2.0 = 13 — 0.30 = 12.70

Example 3: Calculate the pH of a solution prepared by mixing 2.0 mL of a strong acid solution
of pH 3.00 and 3.0 mL of a strong base of pH 10.00.
Solution
[H*] of acid solution = 1.0 x 1073 M
mmol H" = 1.0 x 1073 M x 2.0mL = 2.0 x 1073 mmol

pOH of base solution = 14.00 — 10.00 = 4.00

[OH"] = 1.0 x 10™*M
mmol OH™ = 1.0 x 107*M X 3.0mL = 3.0 X 10~* mmol

There is an excess of acid.

mmol H* = 0.0020 — 0.0003 = 0.0017 mmol

Total Volume = (2.0 + 3.0) mL = 5.0 mL
[H*] = 0.0017 mmol/5.0 mL = 3.4 x 107*M
pH = —log3.4 x 107* = 4 — 0.53 = 3.47

Example 4: The pH of a solution is 9.67. Calculate the hydrogen ion concentration in the solution.
Solution

—log[H*] = 9.67

[H*] = 107967 = 10710 x 10°33

[Ht] =21 x 1071 M

Remember, this answer is reported to two significant figures (2.1 x 1071 M ) because the

mantissa of the pH value (9.67) has two significant figures.
e When [H*] = [OHT], then a solution is said to be neutral. If [H*] > [OH], then the solution

is acidic.

e When [H"] < [OHT], the solution is alkaline.
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The hydrogen ion and hydroxide ion concentrations in pure water at 25°C are each 10" M, and the
pH of water is 7. A pH of 7 is therefore neutral. Values of pH that are greater than this are alkaline,

and pH values less than this are acidic.

Example 5: Calculate the pH and pOH of a 1.0 x 10" M solution of HCI.
Solution
Equilibria:

HCl - H* + CI™

H,0 < H* + OH™

[H*][OH"] = 1.0 x 10~1*

[H+]H20 diss = [OH_]HZO diss = X

Since the hydrogen ions contributed from the ionization of water are not negligible compared to
the HCI added,

[H*] = Cyar + [H" 1,0 giss

Then,

([H*]gag + x)(x) = 1.0 x 10714

(1.0 x 1077 + x)(x) = 1.0 x 10714

x*+1.00 Xx1077x — 1.0 x107* =0

Using the quadratic equation to solve

—1.00 x 1077 F /1.0 x 1074 + 4(1.0 x 10~14)
x = > =62%10"8M

Therefore, the total H* concentration = (1.00 x 1077 + 6.2 x 1078) = 1.62 x 107" M:
pH = —log1.62 x 1077 = 7 — 0.21 = 6.79
pOH = 14.00 — 6.79 = 7.21
or,since [OH™] = x,
pOH = —log(6.2 x 1078) = 8 — 0.79 = 7.21
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Weak Acids and Bases

weak acids (or bases) are only partially ionized. While mineral (inorganic) acids and bases such as
HCI, HCIO4, HNO3, and NaOH are strong electrolytes that are totally ionized in water; most
organic acids and bases, as found in clinical applications, are weak. The ionization constant can
be used to calculate the amount ionized and, from this, the pH. The acidity constant for acetic acid
at25°Cis 1.75 x 107>;

[H[J;-}E)—OAACE] =175 x107°

When acetic acid ionizes, it dissociates to equal portions of H* and OAc~ by such an amount that
the computation on the left side of the Equation will always be equal to 1.75 x 107>,

If the original concentration of acetic acid is C and the concentration of ionized acetic acid species

(H* and OAc™) is x, then the final concentration for each species at equilibrium is given by

HOAc s H* + OAc™
(C—x) x X

Example 6: Calculate the pH and pOH of a 1.00 x 10~ M solution of acetic acid.
Solution

HOAc = H* + OAc™

The concentrations of the various species in the form of an ICE table are as follows:

[HOACc] [H*] [OAc™]
Initial 1.00 x 1073 0 0
Change (x = mmol/mL HOAC ionized) —X +x +x
Equilibrium 1.00 X 1073 — x x x
() () _ s
100x 103 —x /> *10
al =175 x 107
1.00X 103 —x

x =132 x 107*M = [H*]
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Therefore,
pH = —log(1.32 X 10™*) = 4 — log1.32 = 4 — 0.12 = 3.88
pOH = 14.00 — 3.88 = 10.12

Example 7: The basicity constant K, forammoniais 1.75 x 107> at 25°C. (Itis only coincidental

that this is equal to K, for acetic acid.) Calculate the pH and pOH for a 1.00 x 10~3M solution

of ammonia.
Solution

NH, + H,0 5 NHf + OH-
(1.00 X 1073 —x) x x

[NH7][OH™] s
—[NH3] =1.75x 10

The same rule applies for the approximation applied for a weak acid. Thus,

()

W =1.75 X 10_5

x =132 x 107* M = [OH"]
pOH = —log1.32 x 10™* = 3.88
pH = 14.00 — 3.88 = 10.12

Salts of Weak Acids and Bases
The salt of a weak acid, for example, NaOAc, is a strong electrolyte, like (almost) all salts, and
completely ionizes. In addition, the anion of the salt of a weak acid is a Brgnsted base, which will
accept protons. It partially hydrolyzes in water to form hydroxide ion and the corresponding
undissociated acid. For example,

OAc™ + H,0 = HOAc + OH™
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The HOACc here is undissociated and therefore does not contribute to the pH. This ionization is also
known as hydrolysis of the salt ion. Because it hydrolyzes, sodium acetate is a weak base (the
conjugate base of acetic acid). The ionization constant is equal to the basicity constant of the salt
anion. The weaker the conjugate acid, the stronger the conjugate base, that is, the more strongly
the salt will combine with a proton, as from the water, to shift the ionization in the Equation above
to the right. Equilibria for these Brgnsted bases are treated identically to the weak bases we have
just considered.

For any salt of a weak acid HA that hydrolyzes in water,

A™ + H,0 5 HA + OH-

[HAJ[OHT] K, _
S

We will use K;, to emphasize that these salts are treated the same as for any other weak base.

,K
[OH™] = K—W Cy- = /K, Cy-
, . b

Example 8: Calculate the pH of a 0.10 M solution of sodium acetate.
Solution
Write the equilibria
NaOAc — Na+ + OAc™ (ionization)
OAc™ + H,0 = HOAc + OH™ (hydrolysis)

Write the equilibrium constant

[HOAc][OH™] =~ K,  1.00x107'* _ 5.7 x 10710
[0Ac] = 7" T K, 175x1075 T 7

Let x represent the concentration of HOAc and OH™ at equilibrium. Then, at equilibrium,
[HOAc] = [OHT] = «x
[OAc™] = Coae- — x = 0.10- x

Since Coac- > K, neglect x compared to Coac-- Then,
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() (x)

=5.7x 10710
0.10

x=V57x10"10 x0.10=7.6 x10"° M

Compare this last step with Equation

/Kw —
[OH_] == K_ .CA— == KbCA_
a

Also, compare the entire setup and solution with those in Example 7. The HOAc formed is

undissociated and does not contribute to the pH:

[OH]=7.6x10°M

1.0 x 10714
[HY] = ————
7.6 X106

pH=—-1log1.3x107°=9—-0.11 = 8.89

=13x107°M
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Buffers

A buffer is defined as a solution that resists change in pH when a small amount of an acid or base
is added or when the solution is diluted. While carrying out a reaction, this is very useful for
maintaining the pH within an optimum range. A buffer solution consists of a mixture of a weak
acid and its conjugate base, or a weak base, and its conjugate acid at predetermined concentrations
or ratios. That is, we have a mixture of a weak acioiand its salt or a weak base and its salt. Consider
an acetic acid—acetate buffer. The equilibrium that governs this system is
HOAc = H;0" + OAc™
But now, since we have added a supply of acetate ions to the system, the hydrogen ion
concentration is no longer equal to the acetate ion concentration. The hydrogen ion concentration
IS /,
HOACc
[H7] = K {OAC_}

This form of the ionization constant equation is useful for calculating the pH of a weak acid
solution containing its salt. A general form can be written for a weak acid HA that ionizes to its
salt, A=, and [H*]:

HA < HY + A-
pH = pK, + log A ]
¢ [HA]
[conjugate base]
H = pK, +1
PH = Pla T 08 ]
roton aceptor
pH = pK, + log P ptor |

[proton donor]

The buffering mechanism for a mixture of a weak acid and its salt can be explained as follows:

The pH is governed by the logarithm of the ratio of the salt and acid:

[A7]
[HA]

pH = constant + log
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Example: Calculate the pH of a buffer prepared by adding 10 mL of 0.10 M acetic acid to 20 mL
of 0.10 M sodium acetate.
Solution

We need to calculate the concentration of the acid and salt in the solution. The final volume is 30

mL:
M1 X mL1 = M2 X mL2
For HOAc,
0.10 mmol/mL X 10 mL = Mggac X 30 mL
Muoac = 0.033 mmol/mL
For OAc™,

0.10 mmol/mL X 20 mL = Mga.~ X 30 mL
Mopac- = 0.067 mmol/mL

The ionization of the acid is suppressed by the salt and can be neglected.

[proton aceptor |

pH = —logK, + log [proton donor]

0.067 mmol/mL
0.033 mmol/mL

pH = —log (1.75 X 107°) + log

=476 +log 2.0

= 5.06
We could have shortened the calculation by recognizing that in the log term the volumes cancel.
So, we can take the ratio of millimoles only:

mmolygae = 0.10 mmol/mL X 10 mL = 1.0 mmol

2.0 mmol

mmolga.— = 0.10 mmol/mL X 20 mL

2.0 mmol __ 5.06

1.0 mmol

pH = 4.76 +log

HomeWorks:
e Calculate the pH of a solution prepared by adding 25mL of 0.10 M sodium hydroxide to
30mL of 0.20 M acetic acid (this would actually be a step in a typical titration). Ans. 4.61
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e Suppose you have 100mL of a buffer containing 0.100M acetic acid and 0.0500M sodium
acetate. Calculate the pH of the buffer when 3.00mL of 1.00M HCI is added to it. Ans. 4.22

e Calculate the volume of concentrated ammonia and the weight of ammonium chloride you
would have to take to prepare 100mL of a buffer at pH 10.00 if the final concentration of
salt is to be 0.200 M. Ans. 7.8 mL

e How many grams ammonium chloride and how many milliliters 3.0 M sodium hydroxide
should be added to 200 mL water and diluted to 500mL to prepare a buffer of pH 9.50 with
a salt concentration of 0.10 M? Ans. 30mL

e Calculate the pH of a 0.100 M H3sPOg4 solution. Ans. 1.55

ACID-BASE TITRATIONS

An acid-base titration involves a neutralization reaction in which an acid is reacted with an
equivalent amount of base. By constructing a titration curve, we can easily explain how the end
points of these titrations can be detected. The end point signals the completion of the reaction. A
titration curve is constructed by plotting the pH of the solution as a function of the volume of titrant
added. The titrant is always a strong acid or a strong base. The analyte may be either a strong

base or acid or a weak base or acid.

100 mL 0.1M HC vs. 0.1M NMaOH

14
12 = —=
10
Phanolphthalein
g transition range
&

&

4

2 —

Y T e
AR
] 20 40 &0 80 100 120 140
mlL MaOH

Fig 1. Titration curve for 100 mL of 0.1 M HCI versus 0.1 M NaOH
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Example: Calculate the pH at0,10,90,100,and 110% titration (% of the equivalence point
volume) for the titration of 50.0 mL of 0.100 M HCI with 0.100 M NaOH.

Solution

At 0%,pH = —log 0.100 = 1.00

At 10%, 5.0 mL NaOH is added. We start with 0.100 M x 50.0 mL = 5.00 mmol H™.

Calculate the concentration of H* after adding the NaOH:

mmol H* at start = 5.00 mmol H*
mmol OH™ added = 0.100 X 5.0 mL = 0.500 mmolOH™
mmol H* left = 450 mmol H* in 55.0 mL

[H*] = 4.50 mmol/55.0 mL = 0.0818 M
pH = —1log0.0818 = 1.09

At 90%,
mmol H* at start = 5.00 mmol H*
mmol OH™ added = 0.100 x 45.0 mL = 4.50 mmol OH™
mmol HF left - 0.50 mmol H* in 95.0 mL

[H*] = 0.00526 M
pH = —1og0.00526 = 2.28

At 100%: All the H*has been reacted with OH~, and we have a 0.0500 M solution of NaCl.
Therefore, the pH is 7.00.
At 110%: We now have a solution consisting of NaCl and excess added NaOH.
mmol OH™ = 0.100 M X 5.00 mL = 0.50 mmol OH™ in 105 mL
[OH™] = 0.00476 M
pOH = —log 0.00476 = 2.32; pH = 11.68

Note that prior to the equivalence point, when there is excess acid, the relationship is

[H*] = (Mgcia X Vacia — Mpase X Viase)/Viotar » Where V is the volume.
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You can simply apply this to calculate [H*] once you understand the solution to Example 1.

Likewise, beyond the equivalence point when there is excess base, [OH™] = (Mpgge- X

Vbase - Macid X Vacid)/Vtotal-
where Vioear 1S always Vieia + Viase

The magnitude of the break will depend on both the concentration of the acid and the concentration
of the base. Titration curves at different concentrations are shown in Figure 2. The reverse titration
gives the mirror image of these curves. The titration of 0.1 M NaOH with 0.1 M HC is shown in

Figure 2.
" " ]

T @z: T

— Phenolphthalein H — Phenolphthalein H
ar— 8
e Bromthymol D'UEH e Bromthymol blue
6 6
b '
_.___ 2_____d_ // B \
2 4 o 2
_-—'—‘——-‘é‘__ —
o) S I I Y I S ) )
0 20 40 80 80 100 120 140 0 20 40 60 80 100 120 140
mL NaOH mL 0.1 M HCL

Fig. 2. Dependence of the magnitude of end-point break on  Fig. 3. Titration curve for 100mL 0.1 M NaOH versus
concentration. Curve 1: 100mL of 0.1 M HCI versus 0.1 M 0.1 M HCI. The equivalence point pH is 7.00.

NaOH. Curve 2: 100mL of 0.01 M HC | versus 0.01 M NaOH.

Curve 3: 100mL of 0.001 M HCI versus 0.0001 M NaOH. The

equivalence point pH is 7.00 in all cases.

Weak Acid versus Strong Base

Example: Calculate the pH at 0, 10.0, 25.0,50.0, and 60.0 mL titrant in the titration of 50.0 mL
of 0.100 M acetic acid with 0.100 M NaOH.
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Solution

At 0 mL, we have a solution of only 0.100 M HOAc:
(x) (%) s

——— =175 X

0.100 — x 17510

[Ht]=x=132x10"3M
A 10.0 mL, we started with 0.100M x 50.0 mL = 5.00 mmol HOAc; part has reacted with OH™
and has been converted to OAc™:
mmol HOAc at start= 5.00 mmol HOAc
mmol OH™ added = 0.100M X 10.0 mL = 1.00 mmol OH™
= mmol OAc™ formed in 60.0 mL
mmol OH™ left = 4.00 mmol HOAc in 60.0 mL

We have a buffer. Since volumes cancel, use millimoles:

[OAc™]
[HOAC]

pH = pK, + log

H=476+1 1'00—416
pH = %400 ™

At 25.0 mL, one-half the HOAc has been converted to OAc™, so pH = pK,:
mmol HOAc at start = 5.00 mmol HOAc
mmol OH™ = 0.100M X 25.0 mL = 2.50 mmol OAc™ formed
mmol HOAc left = 2.5 mmol HOAc

H=4.76+1 2'50—476
pR=2/b T8 50 = ™
At 50.0 mL, all the HOAc has been converted to OAc™ (5.00 mmol in 100 mL, or 0.0500 M):

K,,
[OH] = |2~ [OAc™]

a

1.0 x 1014 .
= W X 0.0500 =5.35 x 107 °M

pOH = 527, pH = 8.73
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At 60.0 mL, we have a solution of NaOAc and excess added NaOH. The hydrolysis of the acetate
is negligible in the presence of added OH ™. So, the pH is determined by the concentration of excess
OH™:
mmol OH™ = 0.100M X 10.0 mL = 1.00 mmol in 110 mL
[OH™] = 0.00909 M
pOH = —2.04; pH = 11.96
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