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Analytical Chemistry

The science seeks ever improved means of measuring the chemical composition of
natural and artificial materials by using techniques to identify the substances which may
be present in a material and to determine the exact amounts of the identified substance.
Analytical chemistry involves the analysis of matter to determine its composition and
the quantity of each kind of matter that is present. Analytical chemists detect traces of
toxic chemicals in water and air. They also develop methods to analyze human body

fluids for drugs, poisons, and levels of medication.

Analytical chemistry consists of:

(A) Qualitative analysis which deals with the identification of elements, ions, or
compounds present in a sample (tells us what chemicals are present in a sample).

(B) Quantitative analysis which is dealing with the determination of how much of one
or more component is present (tells how much amounts of chemicals are present in a
sample). This analysis can be divided into three branches.

(1) Volumetric analysis (Titrimetric analysis): The analyte reacts with a measured

volume of reagent of known concentration, in a process called titration.




(2) Gravimetric analysis: usually involves the selective separation of the analyte by
precipitation, followed by the very non-selective measurement of mass (of the
precipitate).

(3) 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 are spectrophotometry (ultraviolet, visible, or infrared), fluorimetry,
atomic spectroscopy (absorption, emission), mass spectrometry, nuclear magnetic
resonance spectrometry (NMR), X-ray spectroscopy (absorption, fluorescence).

Solutions

Solution: Homogeneous mixture of two or more substance produce from dissolved
(disappeared) solute particle (ions, atoms, molecules) (lesser amount) between solvent
particle (larger amount).
Solute (lesser amount) + Solvent (larger amount) — Solution
NaCl + H,0(y — Salt Solution
Concentrated Solution has a large amount of solute.

Dilute Solution has a small amount of solute.

Solute Solvent
Gas Liquid Solid
Gas Oz(g) in Nz(g), Air COz(g) in HzO(L), Soda Hz(g) in Pd(s), H, catalyst
Liquid Perfume Alcohol in H2Oq, s mfﬁﬁ% o
Solid Dust air, Smoke NaCl)in H20(), salt Zn in Cug, Brass alloy
industry water, saline sol.

Classification of solutions according to amount of solute:

(1) Unsaturated solutions: if the amount of solute dissolved is less than the solubility
limit, or if the amount of solute is less than capacity of solvent.

(2) Saturated solutions: is one in which no more solute can dissolve in a given amount

of solvent at a given temperature, or if the amount of solute equal to capacity of solvent.
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(3) Super saturated solutions: solution that contains a dissolved amount of solute that
exceeds the normal solubility limit (saturated solution). Or a solution contains a larger
amount of solute than capacity of solvent. This it's occurs when the solution is heated to

a high temperature.

Classification of solution based on solute particle size:

(1) True solution: A homogeneous mixture of two or more substance in which
substance (solute) has a particle size less than 1 nm dissolved in solvent. Particles of true
solution cannot be filtered through filter paper and are not visible to naked eye (NaCl in
water).

(2) Suspension solution: heterogeneous mixtures which settles on standing and its
components can be separated by filtrating (Amoxcycilline Antibiotics), particle of solute
visible to naked eye.

(3) Colloidal solution: homogeneous mixture which does not settle on standing, nor are
their components filterable, solute particle visible with electron microscope (milk).

Stoichiometric Calculations

Gram atomic weight:
(gAw some time Awt): Is the weight of a specified number of atoms of that
element (contains exactly the same number of atoms of that element as there are carbon

atoms in exactly 12g of carbon 12 (this number is Avogadro’s number = 6.022x10%

atoms).




Gram molecular weight:
(gMw some times M.wt): Defined as the sum of the atomic weight of the atoms

that make up a molecular compound. Or the weight of Avogadro's number of molecules
of any compound.

Gram formula weight:

(gFw some time F.wt): The sum of the atomic weight of the atoms that make up
an ionic formula. (is the more accurate description for substances that do not exist as
molecules but exist as ionic compounds e.q strong electrolytes-acids, bases, salts).

Sometimes use the term molar mass (Molecular weight, M.wt) in place of gram formula

weight, gFw).

Example (1):- Calculate the number of grams in one mole of CaS0,.7H,0 (calculate
gram molecular or formula weight).

Solution:

One mole is the formula weight expressed in grams. The formula weight is (Ca=40.08,
S=32.06, 0=16.00, H=1.01)

CaS0,.7H,0 = 40.08 + 32.06 + (16.0 x4) + 7[(2 X 1.01) + 16.00]
= 262.25 gm/mol.

Mole Concept: Mole

which is Avogadro’s number (6.022x10%%) of atoms, molecules, ions or other species.
Numerically: it is the atomic, molecular, or formula weight of a substance expressed in
grams.

weight (g)

mole =

formula weight( g )

mole

mmole = —woshtime) y (1 mole = 1000 mmole)

formula weight (

mmole




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

Example (2):-Calculate the number of moles in 500 mg Na,WO,.
Solution (A.wt W= 183,84 g/mole , Na = 23 g/mole, O = 16 g/mol )

wt (m 500 (m
mmole = ( ﬁz = ( fg = 1.706 mmole
M. wt ( ) 293.8¢( )
mole mmole
le = mmole B 1.706 — 0.00170 1
mole =000 1000 mo

Example (3): How many molecules are contained in 25.0 g Ho.
Solution: (A.wt H=1.008 g/mole)

wt(g) 25.0g
Fwt 2 016-%

mole

= 12.40 mole

moles H, =

No. Molecules = No. moles x Avogadro number
= 12.40 x 6.022X10% = 7.74x10% molecule

Example (4):-How many milligrams are in 0.250 mmole Fe,Os3 (ferric oxide).
Solution: (A.wt O= 16 g/mole , Fe =56 g/mole)

wt (mg) = mmole X M. wt ( me )
& ' mmol
mg

= 0.250 mmole X 159.7—— =39.9mg
mmol

Example (5):- Calculate the number of mole of NaCl required to prepare 1Kg of AgCI
according to the equation: ( Na=23, Cl=35.5, N=14 , Ag =107.86, O = 16 g/mole)

Solution: AgNO3z + NaCl —— NaNOsz + AgCl

wt 1Kg 1000g
No of mols(AgCl) = (—) = 7= | = 5~ | = 6.98mol
Mwt 143. 36(ﬁ) 143. 36(ﬁ)

according to the balance equation the mole ratio between NaCl & AgCl equal 1:1
therefore we need 6.98 mol of NaCl .




Example (6 ):Calculate the number of mole of Ca(HCO3), required to prepare 1.5 mol
of CO; according to the equation.

Ca(HCO3), + 2HCl——— CaCl; + 2CO; + 2H:0
solution:
No. of mol of Ca(HCO3)> = No. of mol of CO2x 0.5
=1.5x0.5=0.75 mol of Ca(HCO:3)

Example (7): What mass of KI is needed to produce 69.6 gm of K,SO, by the
reaction :

8KI + 5H2SOs——— > 4K:SO4 + 412 + H2S + 4H20
solution :
No. of mol of K2SOs= wt / M.wi s 69.6 gm / 174 (gm /mol) = 0.4 mol
No. of mol of KI = 2x 0.4= 0.8 mol
wt of Kl =mol x M.wt =0.8 x 166 = 133gm

Problems 1

Q1: Find the number of Na* ions in 2.92 g of NasPO,?
Q2: Find the number of K* ions in 3.41 mol of K,HPO,?

Q3: Find the amount of the indicated element (in moles) in
(@) 8.75 g of B,0s. (b) 167.2 mg of Na,B,O; . 10H,0.

(c) 4.96 g of Mn30,. (d) 333 mg of CaC,0..

Q4: Find the amount in millimoles of the indicated species in.
(a) 850 mg of P,0s. (b) 40.0 g of CO..

(c) 12.92 g of NaHCOQs. (d) 57 mg of MgNH,PO,,

Q5- What is the mass in grams of
a- 7.1 mol of KBr b-20.1 mmol of PbO c¢- 3.76 mol of MgSQO,
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How do we express concentrations of solutions

1-The Molarity Concentration: -

Also called (Molarity, amount of concentration or substances concentration) is a
measure of the concentration of a chemical species in a particular of a solute in a solution,
in terms of amount of substance per unit volume of solution. In chemistry, the most
commonly used unit for molarity is the number of moles per litre, having the unit
symbol (mol./L). A solution with a concentration of 1 mol./L is said to be 1 Molar,
commonly designated as 1M.

A-Molarity concentration for solutions prepared from dissolving solid

solute in liquid solvent
defined as a number of solute moles dissolved in solution volumes in litre.

Molarity (M) = No.of mole solute _ mole
orarity ~ solution volume (L)  * L
. mole
Molarity (M) = < I ) = mole = MxV(L)
Molarity (M) = No.of mmole solute — mmole
otartty ~ solutionvolume (mL) * mlL
. mmole
Molarity (M) = ( 1 ) = mmole = MxV(mlL)
wt (9)
_ Noof molesolute  mwti .  wt(g) 1000
~ Volume solution (L) Vb pr e (9" V (ml)
1000 (25) mole

Example (8):-A solution is prepared by dissolving 1.26 gm AgNO; in a 250 mL
volumetric flask and diluting to volume. Calculate the molarity of the silver nitrate
solution. How many millimoles AgNO; were dissolved?

Solution:
wt (g) 1000  1.26 (g) 1000

= X = X
Mwt(--)  V(ml) 169.9(=-) 250 (mlL)

= 0.0297 mol/L




mmol mmol
mmole = M ( ) XV (mL) =0.0297 ( ) X 250 mL = 7.42 mmole
L mlL
Prefixes for Units
Prefix A bbreviation Multipl
yotta- N 1024
zetta- Z. 1021
exa- = 1018
peta- P 10>
tera- T 1012
ciga- G 10°
mega- M 10°
kilo- k 103
hecto- h 102
deca- da 10!
deci- d 101
centi- C 102
milli- m 1072
micro- Yo EOQ=2
nano- n 10 °
pico- P 10— 12
femto- & 1O—15
atto- a 10—18
zepto- z 1O—=1
YyOcCto- y fi =2

Example (9):- How many grams per millilitre of NaCl are contained in a 0.250 M

solution.

Solution :
wt (g) 1000

T M.wt (ﬁ) v (mlL)

¢ 1000
wtg) wt(g)=0.0146(%)

0.250 M = )
58.4 (L) 1(ml)
mol

Example (10):-How many grams Na,SO, should be weight out to prepare 500 mL of a

0.100 M solution.

Solution :
wt(g) 1000 (%)
T Mwe (Z) VOmD)




mol\  wt(g) _ 1000 (%%)
L )_ 142 (L) 500 (mlL)

mol

0.10(

mol

0.10 (T) X 142 (ﬁ) x 500 (mL)
1000 (’"TL)

wt (g) = =719

Example (11):- Calculate the concentration of potassium ion in grams per litre after
mixing 100 mL of 0.250 M KCl and 200 mL of 0.100 M K3SO,.

Solution : mmol (K*) = mmol (KCl) + 2 x mmol (K3S0,)

mmol (K*) =V (mL) x M (mmol
B mL

mmol>]

mL
mmol>]

mL

)+2 [V(mL)xM(

mmol
=100 (mL) x 0.250 ( o ) + 2 [200 (mL) x 0.1 (

= 25 mmol + 2 [20 mmol]
= 25 mmol + 40 mmol = 65 mmol in 300 mL

wt (ng)
mmole = G
M.wt (mmol)
wt = 65 (mmol) x 39.1 ( mg ) = 2541.5m
" \mmol ' 9
2541.5 (mg) .
= N 2.541 gmin 300 mL
1000 (=2)
g
. 300 (mL) 2.541 gm gm
Vin L=———= 0.3L, Conc.of Sol= —————=8.47 (—)
1000 (T) 0.3L L
Problems 2

Q1- How many grams of K,SO,are contained in 50 ml of 0.200 M,
Q2- How many millimoles of K;SO, are present?
Q3- Calculate the molar concentration of a brine solution obtained
by mixing equal volumes of two solutions of the same substance,
the first 0.1 M and the second 0.5 M
Q4-Calculate the molar concentrations of 1.00 mg/L solutions of each of the following.

(@) AgNOQOs3, (b) Al2(SO4)3, (c) CO,, (d) (NH4)4Ce(SO4)4. 2H,0, (e) HCI, (f) HCIO..
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B -Molarity concentration for solution prepared from dissolved liquid
solute in liquid solvent.

M= % x density x 1000 % X sp.gr.x 1000
B M. wt B M. wt B

wt solute (g)
% = (wt/wt%h) = wt solution (g) X100

wt solute (g) 100cg

0L — t tO —
o= (wt/wtth) wt solution (g)x W

% = (wt/wt%) = (%)

Density: is the weight per unit volume at the specified temperature, usually (gm/mL)
or (gm/cm?®) or (gm.cm™3) in 20°C (is the ratio of the mass in (gm) and volume (mL).

Specific gravity (Sp. gr.): 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) or
(is the ratio of the densities of the two substances).

Notice -The Specific gravity (sp. gr.) its without unit.
(sp. gr.) =[d(substance)/d(water)] === d(substance) = (sp. gr.) x d(water) (g/mL) =
d(substance) (g/mL)

Example (12):- Calculate the molarity of 28.0% NHj3, density 0.898 = (sp. gr.).

Solution:
M.wtNH; =14+ (3 x 1) =17
% (wt/wt) X (density) (ﬁ) or (sp.gr.) x 1000
- M.wt
=L % 0.898 x 1000 mol mmol
M = T =16.470(—-) = 16.470(———) = 16.470 M
28 (<€) x (=2) x 0.898(-L) x 1000(Z) L
M= () * o — - =16.470 (ﬂ) =16.470 M

17(-L) L

molL
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M = 28 (:i) x (ml(?;g) x 0. 898(%) x 1000(%%)
)

17 (>

molL

mol
=16.470 (T) =16.470 M

Example (13):-How many millilitres of concentrated sulphuric acid, 94.0% (g/100g
solution), density 1.831 g/cm?3, are required to prepare 1 liter of a 0.100 M solution.

Solution:

% x1.831 x 1000 mol mmol
M= 981 =17.5 ( )or

no. of mmol (conc.) = no. mmol (dilu.)
(M1 X Vi)eone. = (M2 X V2)gin,
17.5 x V; = 0.1 x 1000
V; = 5.71mL
Of concentrated H,SO4 must be diluted to 1L (1000mL) to prepare (become) 0.1M.

mL

Another solution: no.of mmol (conc.) = no.mmol (dilu.)
(M1 X Vi)eone, = (M2 X V2)gilu,
<% x sp.gr. or (density) x 1000 y

Mwi V1> = (M3 X V3)giu.
conc.

2% «1.831 x 1000

100 —
551 XV, = 0.1 x 1000

V, = 5.71 mL

Diluting Solutions

We often must prepare dilute solutions from more concentrated stock solutions. For
example, we may prepare a dilute HCI solution from concentrated HCI to be used for
titration .Or, we may have a stock standard solution from which we wish to prepare a
series of more dilute standards. The millimoles of stock solution taken for dilution will
be identical to the millimoles in the final diluted solution

[Mstock X Vstock = Mdiluted X Vdiluted]
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Example (14):-You wish to prepare a calibration curve for the spectrophotometric
determination of permanganate. You have a stock 0.100 M solution of KMnO,4 and a
series of 100 mL volumetric flasks. What volumes of the stock solution will you have to
pipet into the flasks to prepare standards of 1.00, 2.00, 5.00, and 10.0x103 M KMnO,
solutions?

Solution:  1.0x10° M
(M1 X Vi)eone. = (M2 X V3)giu.

) x 100 (mL)

<mmol> V. =10 x 10-3 <mmol
L e mL

V; = 1.0 mL stock solution (conc.),Also to prepare 2.0, 5.0, 10.0 x103 M

Example (15):-You wish to prepare 500 mL of 0.1 M K,Cr,0; solution from a 0.250 M
solution. What volume of the 0.250 M solution must be diluted to 500 mL.
Solution:

(no.of mmol) oy, = (no.of mmol)yy,,

(M3 X Vi)cone. = (M2 X V2)aitu,

mmol
) x Vy(mL) = 0.1(
mL

mmol
0.250 ( ) x500mL, V,=200mL
mL

Example (16):- What is the molarity of a 13.0% solution of H,SO4? and What is the
volume should be diluted to prepare a 1.25 M solution in 100mL volumetric flask?
Solution:
From specific gravity table in the appendix, the specific gravity of the acid is 1.090.
% X SP.gr x 1000 0.13 x 1.090 x 1000
B M. wt B 98 B

(M1 X V)eone. = My X V3)gily, — =—————f 1.45xV;=1.25x 100 mL
V1=86.20mL.

Example (17):- How many mL of permanganate KMnQO, (0.100 M) should be used to
prepare 100 mL of 1.0x103 M solution.
Solution:

(M; X Vi)eone. = (Mz X V3)giu.

0.1 mmol XV, =1.0 x 1073 mmol x 100 (mL
'<mL> 1=+ (mL) (mL)

V; = 1.0 mL stock solution (conc.),
13




Example (18):- What volume of the 0.250 M of K,Cr,O7 solution must be diluted to
prepare 500 mL of 0.1 M solution.

(M1 X Vi)eone. = (Mz X V3)gi,

mmol
) x V,(mL) = 0.1(
mL

Example (19):- What volume of 0.40 M Ba(OH), must be added to 50 mL of 0.30 M
NaOH to give a solution 0.50 M in [OH"]

Solution:

mmol
0.250 ( L )XSOO mL ,V; =200 mL

mmol of Solutions = 2xmmol of Solution 1 + mmol of Solution 2

Solution:1 = 0.40 M Ba(OH): , v=(xmL)
Solution, = 0.30 M NaOH , v= (50 mL)
Solutionz = Mix (Ba(OH)2+NaOH) , v = (x+50) mL

(Solution 3) mmole OH™ (M X V) = 2 x mmol Ba(OH), + mmole NaOH
0.5M X (50 +x)mL =2 x (0.40 M X (x) mL) + 0.30 M X 50 mL
x = 33 mL Ba(OH),

\ Problems 3 ‘

Q1: How many milliliters of concentration hydrochloric acid, 38 %( wt/wt), specific
gravity 1.19, are required to prepare 1L of a 0.1 M solution?

Q2: Calculate the molarity of each of the following commercial acid or base solutions:
(@) 70% HCIOg, sp. gr. 1.668, (b) 69% HNOs, sp. gr. 1.409.

Equivalent weight (Eq.wt)

Is the formula weight divided by the number of reacting units (H* or OH" for acid-base
and electron for oxidation-reduction reaction).

Equivalent weight: of a compound is defined as ratio between molecular weight
and total charge on cation or total charge on anion.

formula weight (F.wt)
No.of Hf or OH™

(Eq. wt) (%) for (acid — base) reaction =

14




formula weight (F. wt)

@) e . <
(Eq.wt) (Eq for (oxidation — reduction) reaction = No.of electrons

formula weight (F. wt)

@) =
(Eq. wt) (Eq forsalts = s (cations or anions)x charge of ion

Example (24):- Calculate the equivalent weight of the following substances:

Mwt 1703
No.of Ht orOH- 1

1 — (Bases) NH; + H,0 = NH," + OH™,Eq wt = =17. 03(%)

2- (Acids ) H2C,04 (in reaction with NaOH) H,C,0, + 2NaOH = Na,C,04 + 2H,0

90.049(3—“‘1) gm
Eqwt = mol” _ 45.02 >—
q > (Eq)

€q
mol

3- (Oxidizing agents) KMnO, [Mn’* is reduced to Mn?*]
MnO; + 8H' + 5e = Mn*% + 4H,0

M.wt  158.04

E t= =
aw No. of electron 5

= 31.608 gm
=31.608 ()

4- (Salts) Al2(SOq)s.

Al,(S0,); — 2AI*3 + 3s0,72

M.wt
E =
qwt No.of (cations or anions)xcharge of ion
342.15 342.15 gm
= = =57(>)
|2x3| 6 Eq

5- NaCl - Eqwt = =252
6- CaCl, - Eq wt = 2wt (Catlz)

2

M.wt (AICI3)

7-AlICI; - Eqwt = 3

M.wt (Na,C03)

8- Na:COsz - Eqwt = .

15




M.wt (NaHCO3)
1

9-NaHCOsz - Eq wt =

Normal concentration

Normality (N): Number of equivalent solute in solution volume in litre.

No.of equivalent solute(eq.)

N lity (N) =
ormality (N) Solution Volumn (L)
_wt(gm)
Eq.wt (‘qe—m)
Normality (N) = Wl,)q
1000 (%5
mL
wt(gm) 1000(7) Eq.
Normality (N) = X - ( )
Eq. wt(‘z—: V(mL) L

Eq.
Normality (N) = (Tq) = Eq.=NxV(L)

No.of meq solute(meq)  meq

Normality (N) = )

solution volume (mL) “mlL

me
Normality (N) = (m_lfl) = meq = NxV(mL)

Eq. meq.

N= () =(

)

mL
wt (gm)
Eq.wt (%)

: Eq
Number of equivalent (Eq) = N (T) x V (L)

Number of equivalent (Eq) =

wt (mg)
Eq.wt (mm—i)

ys s meq.
Number of milliequivalent (meq) = N ( —

Number of milliequivalent (meq) =

)xV(mL)

16




Example (25):- Calculate the normality of the solutions containing the following:
(a) 5.300gm/L Na,COs (when the CO3 reacts with two protons),
(b) 5.267 gm/L K,Cr,0- (the Cr®* is reduced to Cr®*).

Solution :(a)
Na.COs; —» 2Na't + COs?

wt 1000 5.3 1000

N = X = X
Eq.wt =~ V(mL) 10599 © 1000
2

= 0.10 Eq/L.

(b)
Cr,0%™ + 14H* + 6e~ — 2Cr3* + 7H,0
5.267 1000

~ 294.19 X 1000
6

= 0.1074 Eq/L

Example (26):- How many millilitres of a 0.25M solution of H,SO, will react with
10mL of a 0.25M solution of NaOH.
Solution: H:SOs —> 2H* + SO4? + 2NaOH =NazSOs + 2H,0

e
N = nM (n = No. of mol equivalent (_q) H*, OH™, or electron)

mol
B eq mol\ Eq meq
NH,s0, = Z(R) x 0.25 M(T) =0.5N (T) or (mL)
_ eq mol Eq meq
NNaon = 1 (m) x 0.25 M(T) =0.25N (T) or ( mL )
(N X V)n,s0, = (N X V)naon
(O 5 X V)sto4 = (025 X IO)NaOH ) VHZSO4_ = 5 0 mL

Example (27):- A solution contains 3.30 gm of Na,CO3.10H,0 in each 15 ml.
1- What is its molarity?

2- What is its normality?

17




3- How many millilitres of 3.1N acetic acid CH3;COOH will react with 25 ml of the
carbonate solution, the reaction doing according to this equation

2CH3COOH —— 2CH3COO + 2H*

Na.COs — 2Na* + COs

2H" + CO,™ — HO + CO»
4- How many millilitres of 3.1N H,SO, will react with 25 ml of the carbonate solution,
the reaction doing according to this equation

H.SOy — > SO4 +2H"

Na:CO3 —— 2Na" + COs™

2H" + CO,™—/— H.0 + CO»

Solution:
wt 1000
1- - (g)g X V(mL)
M.wt (m)
_3.30 o 1000 M = 0.77M
" 286(2)  15(mL) ' -
mol
2- N =a(eg/mol) M(mol/L) =2 x0.77 = 1.53N (eq/L)
3- NiVi=N2Ve , 3.1xVy=153x25
V1 =12.4 ml acetic acid.
4- N1Vi=N2Vz |, 3.1 xV;=153x25

V1 =12.4 ml H,SO..

Example (28):- A solution of sodium carbonate is prepared by dissolving 0.212 gm
Na,COs and diluting to 100mL. Calculate the normality of the solution

(a) if it is used as a monoacidic base.

(b) if it is used as a diacidic base.

Solution:

18




wt 1000 0.212 1000 meq
= 0.020

— N = X = X 020 ——
@) Eq.wt ~ V(mL) 1060 ~ 100 mL
1
0.212 1000
(b) — N =—560 X 100 — 0.040 meq/mL

2
Example (29):- lodine (1) is an oxidizing agent that in reactions with reducing agent is
reduced to iodide (I). How many grams |, would you weigh out to prepare 100mL of a
0.10N I, solution?

Solution: I, +2e™ - 2I™
N = wt o 1000 01_wt o 1000 ‘=127
~ Eq.wt = V(mL) ’ T2 * o0 WHT 4YB

2

Example (30):-Calculate the normality of a solution of 0.25 g/L H,C,0., both as an acid
and as a reducing agent.

Solution: as an acid H2C204 + 2NaOH - N32C204 + Hzo

as areducing agent C204_2 - 2C0, + 2e~

wt 1000 0.25g 1000

eq
N = X = X
Eq.wt = V(mL) 2004 1000
2

= 0.00555 (T) or (24

mL

)

Example (31):- How many milliequivalents are involved in 43.50 mL of 0.1379 N
K,Cr,O;?
Solution: no. of milliequivalents = N x V = 0. 1379% X 43.50 mL = 5.9987 meq.

Example (32):- What is normality of 0.3 M H3PO3; when it undergoes the following
reaction ? HisPO3 + 20HF ——»  HPO3?+ 2H,0
Solution: Normality =a x molarity =2 x 0.3=0.6 N .

Example (33):- calculate the number of mg present in 1 mL of
a) — 0.3 N H,SO4 (Mwt = 98 g/mol) solution.
b) — 0.4 N Ca(OH), ( Mwt = 74 g/mol) solution.
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Solution a-

N lity (V) wt(gm) o 1000 (Eq.)
ormali = =

Y Eq. wt(% V (mL) L
_wt(gm) 1000 49 x 0.3 x 1mL

0.3= = wt(gm) = =0.0147gm

X
98 1mL 1000
(2)

0.0147 gm x 1000 (mg/gm) = 14.7 mg

meq

Solution another way: Normality (N) = (H

) = meq = NxV(mL)

meq = NxV(mL) = 0.3 x1=0.3meq

wt(mng) t(mg) x Eq.wt ( mg ) 0.3 x (98) 14.7
meq = | ———— | > wt(ing) = me wt(——) =o0. —)=14.7m
a Eq.wt(~2) 2 1259 Wi neq 2 g

meq

In the same way, branch b can be resolved.

Example (34): What volume of a 0.232 N solution contains (a) 3.17 meq of solute (b)
6.5 eq of solute?

Solution:

@)

__ No.of milliequivalent

" Solution Volumn (ml)

No.of milliequivalent  3.17

N —0.232=13.7ml

Solution Volumn (ml) =

No.of equivalent 6.5

(b) Solution Volumn (L) = N =0232

=28.0L
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molal concentration

molality(m):-The solution concentration produce from dissolved solute (mole) in
solvent (kg), molality does not change with temperature and used for physicochemical
measurements.

molality(m):- Number moles of solute in mass of solvent by kg.

wt(gm)
gm
No.of moles solute(mol) Mwt( —)

molality(m) = =
y(m) mass of solvent by (kg) 2™

1000 (g)
gm
wt(gm) 1000G7

M.wt (% wt (gm)

molality (m) =

No.of molL solute(mol)

molality (m) = ( ) = moL = mxmass of solvent(Kg)

mass of solvent(Kg)

No.of mmoL solute(mmol)

molality (m) = ( ) = mmoL = mxmass of solvent(g)

mass of solvent(g)

mol mmol

)= (

m = (

Kg(solvent) gm(solvent)

Example (41):- Calculate the molal concentration of solution its prepared by dissolve 4
g of NaOH in 500 g of solvent (distilled water).

wt 1000 4g 1000
X = X
M.wt wt(g) 40g/mol 500

Molality (m) = = 0.2 m (mol/kg)
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The relationship between Molarity concentration, molality concentration

and density :
M md M
= ) m=-————-
1 n Mwt d . Mwt
1000 1000
d=M ( 1 N th>
[d = m 1000 ]

M = Molarity , m = molality , d = density of solution, Mwt = molecular weight of solute

Example (42):- calculate the molality and Molarity concentration of solution consist of 0.5

mole solute in 200 gm of solvent, density of solution is 1.02 ( g/mL) and the Mwt of
solute (67gm/mol.).

Solution:-
gm
. __ wt(gm) 1000(K_g) 1000 m_ol
molality (m) = Mot (5 ¥ et Gam) .5 X o0 = 2 5 (kg)
. md 2.5%x1.02 2.55 mol
(Molarity)M = 1+ 2L ™ 14 (67/1000) — 1.067 2.39 (/)

Example (43):- calculate the density of solution consist of 15 g solute in 400 gm of

solvent, the Molarity of this solution 0.4 M, the Mwt of solute (100 g/moL).
Solution:-

gm
wt(gm) 1000GD 15 1000

-2 —0.375(™%,
M.wt (% wt(gm) 100 400 ' kg

d—M(1+MWt)—O4( 1 +100>—11067 g
B m 1000/  \0.375 1000/ (mL)

molality (m) =
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Example (44):- The molality of a solution of ethanol, C,HsOH, in water is 1.54 m.
How many gm of ethanol is dissolved in 2.50 kg water?

Solution:-

mole
)

Molality = (Wt e

and mass of ethanol = mole x M.wt (- 3 85 x 46.1 = 177 gm

Formal concentration

(Formality) F: - Chemists sometime use the term formality for solutions of ionic
salts that do not exist as molecules in the solid or in solution. The concentration is given
as formal (F). Formality is numerically the same as molarity.

__wt(g) 1000
F.wt(ﬁ) V (mL)

The term use for solutions of ionic salts that do not exist as molecules in the solid or in
solution. Operationally, formality is identical to molarity.

Example (20): Exactly 4.57 g of BaCl..2H-O are dissolved in sufficient water to give
250mL of solution. Calculate the formal concentration of BaCl, and CI- in this solution.

Solution:

F _wt X 1000 —4'57x1000—0 0749 F BaCl,.2H,0
BaCl = Fwt "V (mL) 244 250 iz 4tz

BacCl, - Ba** + 2Cl
0.0749F 0.0749F 0.0749F x 2 = 0.149F Cl™

Example (21):-Prepare 500mL of 0.010 F solution of Na* from Na>COs.
Solution:
Na,C0; - 2Na* + CO%~
(0.05)F === 0.01F
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wt 1000 wt 1000

F = X . = X
NazC0s — F wt " v(mL) ' 0.005 =746 * 500

~0.005 x 106

2xXxwt=0.005x%x106 , wt >

=0.265 g Na2C03

Equilibrium Molarity

Equilibrium Molarity :The equilibrium molarity expresses the molar

concentration of a particular species in a solution at equilibrium. To state the
species molarity, it is necessary to know how the solute behaves when it is
dissolved in a solvent. For example, the species molarity of H2SOs; in a
solution with an analytical concentration of 1.0 M is 0.0 M because the
sulfuric acid is entirely dissociated into a mixture of H*, HSOs, and SO.*
ions; essentially no H,SO, molecules as such are present in this solution. The
equilibrium concentrations and thus the species molarity of these three ions
are 1.01, 0.99, and 0.01 M, respectively.

Example (22):- Calculate the formal concentration of: (a) an aqueous solution that
contains 1.80g of ethanol in 750mL. (b) An agueous solution that contains 365mg of
iodic acid HIOz in 20.0mL (the acid is 71.0% ionized in this solution).

Solution: (a)
wt 1000 1.80 1000

ethanol " Ewt ” (V)mL ~ 46.1° 750
The only solute species present in significant amount in an aqueous solution of ethanol

iIs CoHsOH, therefore; M =F = 0.0521
(b)

= 0.0521 F C;H;0H

365(mg)

_wit(g) 1000 _ 1000(5) (1000 o o
~ Fwt ~ (V)mL 176 20

Here, only 29.0% (100% - 71.0% = 29.0%0) of the solute exists as un dissociated HIOs.

Thus, the molar concentration of this species will be:

29.0 x 0.104F = 0.0302M HIO
100 = - 3
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Example (23):- Calculate the analytical and equilibrium molar concentration of the
solute species in an aqueous solution that contains 285 mg of trichloroacetic acid,
Cl;CCOOH (Fwt=163.4) in 10.0mL (the acid is 73% ionized in water). Employing HA
as the symbol for CIsCCOOH, we substitute into equation (law) to obtain the analytical
or total concentration of the acid.

Solution:
285(mg)

wt(g)x 1000  1000C ><1000
Fwt (V)mL 163.4 10

Because all but 27% of the acid is undissociated into H3O* and A-, the species

(Total conc. of HA) Cy, =

= 0.174 F (HA)

concentration of HA is:

27.0
[HA] = Cya(0.174 F) X —- = 0.047M

The molarity of H;O" as well as that of A" equal to the analytical concentration of the
acid minus the species concentration of dissociated acid.

[H;07] = [A"] = 0.174 — 0.047 = 0.127 M
Note: the analytical concentration of HA is the sum of the species concentration of HA
and A" Cya = [HA] + [A7] = [HA] + [H307]

Concentration by percent

wt wt solute (g)
A— (_ %) — : x 100
wt wt solution or sample (g)
wt wt solute (g) 100cg cg
(5% (2
wt wt solution or sample (g) & g
wt wt solute (m
(—00) = - (meg) x 100
t wt solution or sample (mg)
wt wt solute (kg)
(_ %) = ; x 100
t wt solution or sample (kg)
o (wt (y) B wt solute (g) AT
V ”°) ~ V solution or sample (mL)
wt _ wt solute (g) 100cg\ | cg
(V %) ~ V solution or sample (mL) % ( . ) B (mL)
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wt wt solute (mg)
(— %) = - X 100
\Y V solution or sample (pL)
- ( (y) _ V solute (mL) e
vV °) ~ V solution or sample (mL)
(VO/) B V solute (L) o <1OOCL> B (CL)
V") ~ V solution or sample (L) L / \L
\% V solute (&), 100cL cL
) - o )-8
\% V solution or sample (L) . L
\' V solute (uL)
(_ %) = : x 100
\Y V solution or sample (uL)

Example(35):-Calculate the weight percentage of solution prepare by mixing 5.0g
AgNOs with 100mL water (density of water 1g/cm?3).

Solution:
wt wt solute
(— 0) = - ®) x 100
wt wt solution (g)
wt wt solute (AgNO
(_00>= (AgNO3)(g) « 100
wt wt solute + wt solvent (H,0) (g)
wt 5g 5g wt cg
(—%) = — x 100 = X 100 = 4.76% (—) = 4.76(—)
wt 58+ (100 mL x 1) 105 g wt g

Example (36):- Calculate number of grams in 500mL silane solution (wt/v%)=

(0.859%).
Solution:
wt wt solute (g)
— %) = x 100
( \' /0> V solution (mL)
wt NaCl (g)
N — —
0.859 % 500mL X 100
tNaCl = 0.859 %500 _ 4.295 g NaCl
wt NaCl = 100 = 4. gNa

Solution another way: The percent concentration = 0.859 (% x V(mL)
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= 0.859 (22)x 500(mL) = 429.5 cg x( 1g

¢ g) 4.295 g NaCl

Example (37):-Calculate the weight of glucose in litter solution (wt /v %) =5 %.
Solution:

wt wt solute (g) wt glucose (g)
(— ) = - 100 = - x 100
Vv V solution (mL) V solution (mL)
505 = wt glucose (g) « 100 ¢ ol ~ 5x1000 -
°~ 71000 (mL) » WEBIUCOSE =00 2T B

Solution another way: The percent concentration =5 (%) x V(mL)

= 5 (2)x 1000(mL) = 5000 cg x (2 Cg) = 50 gm

Example (38):- Calculate the volume percentage of solution preparing by mixing 50mL
methyl alcohol with water to give 250mL of solution.

Solution:

x 100

(VO ) B V solute (mL)
v’} ~ V solution or sample (mL)
50 mL

~ 250mL

X100-20(‘VV>—20 cl
=20(%y) =20 ()

Example (39):-Calculate the volume of ethanol in litter solution cconsists of ethanol
and water 0.9 (% :/—/ ).

Solution:
(v ) V solute (mL) V ethanol(mL) 100
— — = X
v ) ~ V solution (mL) V solution (mL)
0.9% = V ethanol(mL) < 100 . V ethanol — 0.9 x1000 9 mL
27 = 71000 (mL) ST Y

: _ L
Solution another way: The volume percent concentration = 0.9 (CT) x V(L)

10mlL

V ethanol = 0.9 (%)>< 1(L)=09cLx ( 1cL

)=9mL
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Example (40):- A 12.5% (w/w) NiCl, (Mwt = 129.61 g/mol) solution has a density of
1.149 g/mL Calculate (a) the molar concentration of NiCl; in this solution.
(b) The mass in grams of NiCl, contained in each liter of this solution.

Solution (a) —

% (%) x (density) x 1000 22 X 1.149 x 1000

M.wt B 129.61

12.5 (“9)x(-19_)x 1149 :2)x 1000(35)
(g) (10009) L~ _ =1. 1081(m_01)
129.61(-%)

mol

M = =1.1081M

Solution another way: M =

L)
L mol

= 1.1081 (=7

X
125 (‘” 100 X 1.149 (X)X 1000(7
129.61(%)

M =

Solution (b) -
wt (g)in Liteer of solution = M X M.wt =

wt (g) M(m—Ol) x129.61(——) == 143.625(%)

L (mol

Solution another way: C(%) = (%) % X (100) ( ) X (m)
)

Wty = 12.5 (%) x (pe ) x 1.149 (£) x () = 143.625 g /L
wt (g = 12.5@ X (ﬁg\) x 1.149 (’i) X (1000 )= 143.625 g /L
Problems 4

Q1- Change 0.1 M NacCl to wt/v%.
Q2- Change 0.2 N NaCl to, g/mL.
Q3- Change 0.3 M NaCl to mg/Kg, (Mwt Na = 23g/mol , Cl = 35.5 g/mol).

Mole fraction concentration (x)

Mole fraction concentration (x):- The ratio between number of mole for solute or
solvent to solution, the terms used in physical chemistry (phases equilibrium for
example). Note the molar fraction without units.
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no. mole solute (n,)
no. mole solute (n;) + no.mole solvent (n,)

Mole fraction for solute (X,) =

no. mole solvent

Mole fraction for solvent (X,) =
(X2) no. mole solute (n;) + no.mole solvent (n;)

Example (45):- One litter of acetic acid solution contain 80.8 g of acetic acid, the
solution density 1.00978 g/cm® or g/mL. (cm?®= mL) calculate the mole fraction (Xy)
for the solute and mole fraction (X5) for the solvent in this solution

Solution:
no. mole solute (n,)

Mole fraction for solute (X,) =
(X1) no. mole solute (n;) + no.mole solvent (n,)

( wi(g) )
MW CH3COOH

wt(g) + (density of solution (ﬁ) xvolume of solution(mL)—-wt of solute(g))
M.wt(-£-) (Mwt of Solvent (-&-))
mol CH3COOH mol
80.8 80.8 80.8
60 60 — 60

=~ 808 N ((1.009791 ><1000)—80.8) = 8038 N (1009.791 —80.8) =~ 8038 N (929)
60 18 60 18 60 18

1.35 1.35

~135+5L.6 5295 002

no. mole solvent

Mole fraction for solvent (X;) =
(X2) no. mole solute (n;) + no.mole solvent (n;)

1.009791 (iL)x1000mL—80.8 g
mL ((1.009791 x1000)—80.8 )
18 (%) _ 18 =
80.8(g) 1.009791 (ﬁ)xlOOOmL—SO.B g 808 | (1.009791 x1000)-80.8
o0 < 18 (%) o )
1009.791 —80.8 929
B ( 18 ) B (?) B 51.6 _ 51L.6mol _ 0.975
~ 808 1009.791-808 \ 808 , (929 1.354+51.6 52.95 1
60+( 18 ) 60+(18) mo

X, + X, = 1 unit = 0.025 + 0.975 = 1.00 unit

The mole fraction - for a homogeneous solution consisting of three compounds A, B,
and C is (X;) for compound A and (X3) for compound B and (X3) for compound C .
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Example (46):-A solution contains 116 gm acetone ( CH3COCHj3 ) , 138 gm ethyl
alcohol ( C;HsOH ), and 126 gm water . Determine the mole fraction of each ?

Solution -

Mol acetone = Wt / MWt  mmie—- 116 / 58.0 = 2.0 mol
Mol corson= Wt / M.wt e 138 / 46.0 = 3.0mol
Mol water = Wt / M.wt s 126 / 18 = 7.0 mol
Sum of mole =2.0 + 3.0 + 7.0 = 12.0 mole

i .mole sol
Mole fraction for (X) = no.mole solute

sum of mole

_ 2.0 mole
Mole fraction for acetone(X;) = 12 0mole — 0.167
] 3.0 mole
Mole fraction for C;H;OH(X,) = 12 0mole — 0.250
Mole fraction f ter(Xs) = —omole _ ;) cg3
ole fraction for water(X3) =12 omole _

Xi+Xo+X3=1, 0.167+0.250+0.583 =1

The relationship between molarity and normality with percentage
concentration

Example (47):-Calculate the molar and normal concentration for 0.85% (w/v%) sodium
chloride solution.

M — wt(g) 1000 wt(g) 1000 wt 1000

=—% —_—

— X = X
M.wt VmL M. wt 100 V M. wt

M = 283, 1000 _ 4 145M
100 585

N=nxM=1x0.145=0.145N
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- Concentration in parts per thousand or million or billion:-

— (oot (wt) _ wt solute (g) 3 _ wt(mg) wt(g)
part per thousand (ppt) wt/  wtsolution (sample)(g) ~ wt(g)  wt(kg)
. —_— ) (wt) B wt solute (g) 106 = wt (ug)  wt(mg)
part per miion (ppr ) = W solution (sample)(g) - owt(g)  wt(kg)
- wty wt solute (g) o _ wt(ng) wt(ug)
part per billion (ppb) (ﬁ) ~ wtsolution (sample)(g) ~ wt(g)  wt(kg)

Common Units for Expressing Trace Concentrations

Unit Abbreviation witfwt wit/vol vol/vol
Parts per million ppm mg/kg mg/L pL /L
(1 ppm = 107%%) pela g/ mL nL/mL
Parts per billion ppb pe/kg pe/L nl/L

(1 ppb = 1077% = 10~ ppm) nglg ng/mL pL/mL*“
Milligram percent mg% mg/100 g mg/100 mL

“pl. = picoliter = 1012 L.

Divisions of volume unit

| 1L =10dL = 10%cL = 10®mL = 10°uL = 10°nL = 10%2 pL |

Divisions of mass unit

| 1g=10dg = 102 cg = 10mg = 10%ug = 10°ng = 10*? pg |

Example (48):- A 2.6 g sample of plant tissue was analyzed and found to contain 3.6 ug
zinc, what is the concentration of zinc in the plant in ppm? in ppb?

_ wt(ug) 3.6pg _ ng
wt (g) 2.6¢g '

_ wt(ng) 3.6 x10°ng
- owt(g) 2.68

n
=1.4x 103Eg = 1400 ppb

wt solute (g) 103 — wt (mg) wt(g)
V solution (sample)(mL) ~ V(@mL) V(L)

wt
part per thousand (ppt) (7) =
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wt solute (g) 6 Wt(ng) wt(mg)

wt
part per million (ppm) (7) =

V solution (sample)(mL) % ~ V(@mL) V(L)
L wty wt solute (g) o Wt(ng) wt(pg)
part per billion (ppb) (7) ~ Vsolution (sample)(mL) x107= v (mL) V(L)
rre wty wt solute (g) 12 wWt(pg) wt(ng)
part per trillion (ppt) (7) " Vsolution (sample)(mL) x107 =y (mL) V(L)

Example (49-A):- A 25.0 uL serum sample was analyzed for glucose content and found

to contain 26.7 pg. Calculate the concentration of glucose in ppm and in mg/dL.
Solution: Note: 1dL = 100 mL

wt(png) 26.7(ng)  26.7 (ug)

~V(mL) 25000) 0,025 (mL)
1000 (5)

ppm

=1.07 x 103 (%) =1.07 x 103 ppm

-3 mg
wt (mg) _ 20THEXTD =107 mg/dL
VL) 25pLx 10755

1

Example (49-B):- prove the

¢ illion ( )(Wt) B wt solute (g) 106 — wt (ug) _wt (mg)
part per mition \pPM\ ") = ¥ solution (sample)(mL) © V(@mL) V(L)
Solution:
¢ illion ( )<wt) B wt solute (g) " 10% x 10° —
part per mition (ppm V) Vsolution (sample)(mL) a
wt wt solute (g) 10°mg.  103pg.  wt (pg)
(ppm) (3) = 5o )X () =
Y V solution (sample)(mL) g mg V (mL)
wt wt solute g) 103 103ng  wt (ug)
(ppm) (—) = . ( m‘% X ( )=
A V solution (sample) (mL) ng_ V (mL)
wt wt solute (g) 103mg_  10°mL_  wt (mg)
(ppm) (—) = . X X =
\% V solution (sample)(mL) g L V(L)
wt wt solute (g) 103mg 10°mE wt (mg)
(ppm) (—) = . X ( ) X ( =
Y V solution (sample) (L) \& L V (L)
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v solute (mL) 3 V(uL) V(mlL)

\
partper thousand (ppt) (V) "V solution (sample)(mlL) X S V(@mL) V(L)
. 1l v v solute (mL) 106 — V(nL) V(uL)
part per million (ppm) (@) = oo on (sample)(mL) T Vv(@mL) V(L)
e v v solute (mL) o V(L) V(nl)
partper billion (ppb) Q) = 5o ion (sample)(mlL) X S V(@mL) V(L)

The relationship between molarity, normality and part per million

_opem(y) ppm(77) B <mol> _ mmol
CM.wt x1000  M.wi(-L) x10002%) \ L /) mL
mol g
() ppm (D) B (mol)  mmol
C M.wt x1000 M.wi(>E) x10002%) \ L/ * mL
mol 4.
t
_ Ppm(wj) _ ppm(%) B (eq) _ meq
~ Eq.wt x1000 Eq.wt (:;q) X 1000(% ~\L/ (mL)
t
_ ppm(w?) _ ppm(%) B (eq) B meq)
~ Eq.wt x1000 Eq.wt (ei;) x 1000(’”;9) AL/ “mlL

ppm = M X M.wt x 1000

pom () = m (") x e () <1000 (%) = ()
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ppm (?) = M(P"Tﬂﬁ x M.wt (;;‘99‘1‘) x 1000 (";g) = (";9)

ppm = N X Eq.wt X 1000

ppm ($) =N (?) x Eq.wt (Eiq) x 1000 (%) _ (%)

ppm (?) ~ N(‘%‘L} x Eq.wt (%) x 1000 (m?‘\g) = (?)

Example (50):- (a) Calculate the molar conc. of 1.0 ppm solutions each of Li* and
Pb*2.(b) What weight of Pb(NO3), will have to be dissolved in 1 liter of water to prepare
a 100 ppm Pb*2 solution.

Solution:
M = ppm
M.wt X 1000
(@)
1.0 »
M+ = © 94 <1000 1.44 X 10"* mole/L
1.0 e
Mp,+2 = 207 <1000 4.83 X 107° mole/L
(b)
100 )
M:207 ><1000=4'83X10 mole/L
wt 1000
M= Mwt * V(mL)
4.83 x 107* = wt X 1009 wt = 0.137g Pb(NO;),
283.2 1000

Example (51):-The concentration of Zinc ion (Zn*?) in blood serum is about (1ppm).
Express this as meq/L.
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y___ppm ___ ppm _
Eq.wt x 1000 A%t . 4000 &% %1000
2 2

=3.06 x 107> Eq/L

s Eq meq L
=3.06 x 1075(—) x 1000(E—q) =3.06 x 1072 meq/L

Problems

Q1:- Calculate the molar concentration of 1 ppm solutions of each of the following?
a) AgNOs  b) Al2 (SO4)3 c) CO; d) HCIOq4
Q2: Calculate the ppm conc. Of 2.5 x 10 * M solutions of each of the following ?
a) Ca*? b) CaCl; c) HNOs; d) KCN

Q3: You want to prepare 1L of a solution containing 1ppm Fe*? . How many grams
ferrous ammonium sulfate, Fe SO4 (NH4)2 SO4. 6H20 , must be dissolved and diluted in
1L ? What would be the molarity of this solution?

Q4: How many grams NaCl should be weighed out to prepare 1L of a 100 ppm solution
of (a) Na* and (b) CI

Q5- One liter of a 500 ppm solution of KCIO3 contains how many grams of K*?

p- Functions

Scientists frequently express the concentration of a species in terms of its
p-function, or p-value. The p-value is the negative logarithm (to the base 10) of
the molar concentration of that species. Thus, for the species X,

pX = -log [X]

As shown by the following examples, p-values offer the advantage of allowing

concentrations that vary over ten or more orders of magnitude to be expressed in
terms of small positive numbers.
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Example (52):- Calculate the p-value for each ion in a solution that is 2.00 X 102 M in
NaCl and 5.4 X 10* M in HCI.

NaCl ——= Na' +CI, HCI —— H'+CI

Solution pH =-log [H*] = -log (5.4 x 10%) = 3.27
pNa = -log (2.00 x 10%) = -log 2.00 x 107 = 2.699
[CI]1=2.00x%x10°M+5.4x10*M
=2.00x 10°M +0.54 x 103 M =254 x 10° M
pCl = -log 2.54 x 103 M = 2.595
Example (53):- Calculate the molar concentration of Ag* in a solution that has a pAg
of 6.372.

Solution:
pPAg = -log [Ag'] =6.372, log [Ag'] =-6.372
[Ag ‘= =522 = Log " (- 6.372) = 4246 x 107 = 425 x107 M

Acid- Base Equilibria

Acid-base theories:-
1) Arrhenius Theory (H" and OH):-

Acid:-any substance that ionizes (partially or completely) in water to give hydrogen ion
(which associate with the solvent to give hydronium ion H;O%):

HA + Hzo A axd H30+ + A™

Base:-any substance that ionizes in water to give hydroxyl ions. Weak (partially ionized)
to generally ionize as follows:-

B + H,0 & BH* — OH™

While strong bases such as metal hydroxides (e.g. NaOH) dissociate as
M(OH), < M™* + nOH"
This theory is obviously restricted to water as the solvent.

2) Bronsted-Lowry Theory (taking and giving protons, H*):-
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Acid:-any substance that can donate a proton.

Base:-any substance that can accept a proton. Thus, we can write a half reaction:
Acid = H" + Base

3) Lewis Theory (taking and giving electrons):-

Acid:-a substance that can accept an electron pair.

/ /
AlClz +:0 “R » CI3Al:0 “R

Base:-a substance that can donate an electron pair.

H,0: + H* & H,0: H*(H;0™") HO:"+ H* & H:OH

Strong acids: - H,SO,4, HCIO4, HNO3, HI and HCI .
Strong bases: - LiOH, KOH, NaOH and Ca(OH); .

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 base. A strong electrolyte is
completely dissociated, while a weak electrolyte is partially dissociated.

HCl + H,0 - H30" + CI~ (strong acid, completely ionized)
HOAC +H,O «—> H30O*" +OAC" (weak acid, partially ionized)
Thermodynamic acidity constant K°

- aH;0% x aOAc™
~ aH,0 x aHOAc

In dilute solutions, the activity of water remains essentially constant, and is taken as
unity at standard state:
K = aH;0% x aOAc™
a aHOACc

Pure water ionizes slightly, or undergoes auto protolysis (self-ionization of solvent to
give a cation and anion):-
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2H,0 & H3;0" + OH™
The equilibrium constant for this is:

. _aH30" x aOH~
wo aH, 02

Again, the activity of water is constant in dilute solution (its concentration is essentially
constant at ~ 55.3M), so:-

K,, = aH;0" x aOH~
K;, (thermodynamic auto protolysis or self - ionization constant)

We will use H* in place of H3O" for simplification, also, molar concentration will
generally be used instead of activities and represented by square brackets [ ] around the
species).

HCl & H* + C1-

[H*][0ACT]
HOACc

HOAC & H* + 0AC™,K, =

H,0 & H* + OH™,K,, = [H*][OH]
1.0 x 10~1* = [H*][OH "] at 25°C
Therefore [H*] = [OH ] =1.0x 10"’ M

Example (55):-A 1.0x10° M solution of HCI prepared. What is the hydroxyl ion
concentration [OH] & pH?

Solution:
K, =[HT][OH ] =1.0 x 10714
1.0x103x[OH ] =1.0x 10714
[OH]=1.0x10"11M | pOH =11
The pH scale: pH=14-11=3

Buffer solution

38




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. A buffer solutions consist of a weak
base and their salt (conjugate acid ) or a weak acid and its salt (conjugate base ).

| Types of Buffer Solution |

The two primary types into which buffer solutions are broadly classified into are acidic
and alkaline buffers.

Acidic Buffers:

As the name suggests, these solutions are used to maintain acidic environments. Acid
buffer has acidic pH and is prepared by mixing a weak acid and its salt with a strong
acid. An aqueous solution of an equal concentration of acetic acid and sodium acetate
has a pH of 4.74.

« pH of these solutions is below seven
« These solutions consist of a weak acid and a salt of a weak acid.

« An example of an acidic buffer solution is a mixture of sodium acetate and
acetic acid (pH = 4.75).

Alkaline (basic) Buffers:

These buffer solutions are used to maintain basic conditions. Basic buffer has a basic pH
and is prepared by mixing a weak base and its salt with strong base. The aqueous solution
of an equal concentration of ammonium hydroxide and ammonium chloride has a pH of
9.25.

« The pH of these solutions is above seven
. They contain a weak base and a salt of the weak base.

« An example of an alkaline buffer solution is a mixture of ammonium hydroxide
and ammonium chloride (pH = 9.25).

Significance of Handerson —H, Equation:- Handerson-H, Equation can be used to:

1. Calculate the pH of the buffer prepared from a mixture of the salt and weak
acid/base.

2. Calculate the pKa value.

3. Prepare buffer solution of needed pH.

Derivation of Henderson-H, equation for acidic buffer solutions

I __ {A‘}{H3O+}

+ -+ + =
HA+H:0 © A'+HO" ,  Ka'=oby
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Ka = {A"}{H;0"}

{H;07} = {H"}

{HA}
(AYH) = Kax (HA}, (H*}= 2 A
ST TS
L {HA} B oo B {HA}
{H"} = Ka X m —_ log{H"} = —logKa — log A
pH = pKa + log {{:Ai , {A7} = {salt},{HA} = {acid}

{salt}
{acid}

pH = pKa + log (Handerson — H, Equation for acidic Buffer solutions).

In same way we can to derivation of Henderson-H, equation for alkaline (basic) buffer
solutions

; _ {OH"}{BH'}

B+H:0 ¢ BH'+OH | K, =" =
_ {OH"}{BH")
T B}
_ _,_ Ky x{B}
{OH"{BH'} =K, X {B}, {OH7}= BHT]
B B
{OH"} = K}, X {B{'H}+} = —log{OH™} = —logK,, — log {éH}Jr}
BH'}

pOH = pK,, + log{

B {BH"} = {salt},{B} = {base}

{salt}

pOH = pK, + log {base]

(Handerson — H, Equation for basic Buffer solutions)

Example (56):- Calculate the pH of a buffer prepared by adding 10mL of 0.1M acetic
acid to 20mL of 0.1M sodium acetate ?

Henderson-Hasselbalch equation:-
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(0 1><20)
(0 1><10)
30

We can use millimoles of acids and salt in place of molarity.

pH=—1og1.75x 107> + log =4.76 +10g 2.0 = 5.06

Buffer capacity (p) is defined as the moles of an acid or base necessary to change the
pH of a solution by 1, divided by the pH change and the volume of buffer in liters; it is
a unitless number.

Buffer capacity (8) = (_nizl;l))

B is buffer capacity

n is the number of moles of an acid or a base added per liter of buffer solution

dpH is the change in pH: dpH = final pH - initial pH

Example (57):- A buffer solution is 0.2M of acetic acid and sodium acetate. Calculate

the change in pH upon adding 1.0mL of 0.1M hydrochloric acid to 10mL of this solution
and Buffer capacity (B) of this solution.

[salt]—[adding acid]
[acid]+[adding acid]

Solution: pH = pKa +log

[0.2x10]—[0.1x1]

(pH)2 = 4.76+log [0.2x10]+[0.1x1]

= 471

[0 2]

(pH)1 = 4. 76+log =4.76

ApH = (pH) — (pH)z = 4.76-4.71 = 0.05

The change in pH is ( 0.05). This is rather small especially if we consider that had the
HCI been added to unbuffered neutral solution the final concentration would have been
approximately 10-2M, and the pH would be 2.0.

n(mol) MxV(L)(acid)
- _ (Buffer solutio) Vi (Buffer solutio)
Buffer i = =
utte CapaC ty (B) dpH 0.05

0.1x0.001

10 0.0001
_ 1000 _ 001 | _ (0.01)
= = |22 |= =0.2
0.05 0.05 0. 05
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Example (58):- You have acidic solution with pH = 4 it was diluted 100 times.
Calculate the pH value of this solution after dilution.

Solution:

pH =4 (before dilution), pH =-log [H*], 4 =- log [H™],

-4 _ A(_A) = -4
[H*]=1= Log™(-4)=1x10%M
(M1xV1) before dilution=(M2XV2) ater dilution

(1x10%x V) = (M2 x 100V), M= (Z202xY) =1 x 10 M

pH=-Log (H*), pH =-Log (1 x 10 = 6 (after dilution)

Example (59):- You have acidic Buffer solution with pH =4 it was diluted 100 times.
Calculate the pH value of this solution after dilution.

Solution: The equation of acidic Buffer solution

{salt}
{acid}

pH = pKa + log

X
4 = pKa+ log% (before dilution)

X
{salt} = {X}(before dilution), {salt} = {m} = {0. le}(after dilution),

i ) Y
{acid} = {Y}(before dilution), {acid} = {m} = {0. 01Y}(after dilution),

pKa(before dilution) = pKa(after dilution),
{X} {0.01X}

— = log

{Y} {0.01Y}

log

{0.01X}
{0.01Y}

pH = pKa + log (after dilution) = 4

This result means that the pH of this solution did not change due to dilution because
it is a buffer solution.

Volumetric analysis (titration analysis)
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Are 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. In a
titration the test substance (analyte) in a flash react with a reagent added from a buret as
a solution of known concentration. This is referred to as a standard solution and is called
the titrant. The volume of titrant required to just completely react with the analyte is
measured. Since we know the concentration as well as the reaction 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..
CH;COOH + NaOH —» CH3;COONa + H,0

(2) The reaction should be rapid. Most ionic reactions.

(3) There should be no side reaction, and the reaction should be specific.

(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 (by used indicator or pH meter).

(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.

(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. The equivalence point is the theoretical end of the titration where
the number of moles of titrant = number of moles of analyte. The end point is the

observed end of the titration.

Standard solution
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A solution is prepared by dissolving an accurately weighed quantity of a highly pure
material called a primary standard and diluting to an accurately known volume in a

volumetric flask.

A primary standard should fulfil these requirements

(1) It should be 100.00% pure, although 0.01 to 0.02% impurity is tolerable if it is

accurately known.

(2) It should be stable to drying temperature, and it should be stable indefinitely at room
temperature. The primary standard is always dried before weighing.

(3) It should be readily available and fairly inexpensive.

(4) Although not necessary, it should have a high formula weight.

(5) If it is to be used in titration, it should possess the properties required for a titration
listed above. In particular, the equilibrium of the reaction should be far to the right so
that a very sharp end point will be obtained.

A solution standardized by titrating a primary standard is itself a secondary standard. It
will be less accurate than a primary standard solution due to the errors of titrations. A
high formula weight means a larger weight must be taken for a given number of moles.

This reduces the error in weighing.

Classification of volumetric or titration methods

(1) Neutralization (acid-base) titrations: Many compounds, both inorganic and organic,
are either acids or bases can be titrated with a standard solution of a strong base or a
strong acid. The end point of these titrations are easy to detect, either by means of
indicator or by following the change in pH with a pH meter.

(2) Precipitation titrations: In the case of 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.
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(3) Complexometric titrations :In Complexometric titrations ,the titrant is a reagent
that forms a water-soluble complex with the analyte , a metal ion .The titrant is often a
chelating.

(4) Reduction-Oxidation titrations: These (redox) titrations involve the titration of an
oxidizing agent with a reducing agent, or vice versa .An oxidizing agent gains electrons

and a reducing agent loses electrons in a reaction between them.

Acid-Base Titrations

An Acid-Base titration involves a neutralization reaction in which an acid is
reacted with an equivalent amount of base at equivalence point or endpoint. The
titration is always a strong acid or strong base

A) Titration of strong acid versus strong base.
For Example:
HCI + NaOH - NaCl + H,0
H*Cl~ + Na*OH~ - Na*Cl* + H,0

The equivalent point is where the reaction is theoretically complete while the
endpoint where the colour of indicator were changed.

Example (60):- Calculate the pH at (0, 5, 45, 50, 55 mL) titration of 50.0mL of
0.10M HCI with 0.10M NaOH?

Solution:
(1) At O titration: before addition of 0.1M NaOH

pH = —log[H"] = —log0.1 =1.0
(2) At 5 mL titration: before equivalence point

mmol NaOH added =M xV=0.1xXx5=0.5
45




mmol HCl =M XxV =0.1x50=50
mmol HCI remaining = mmol HCI total — mmol NaOH added
=50-0.5=45

M _mmol_ 4.5
HO™ v 7 50+5

pH = —l0og0.0818 = 1.09

= 0.0818M

(3) At 45 mL titration: before equivalence point

mmol. NaOH added =M XV =0.1x45=4.5

mmol. HCl remaining (unreacted) = 5.0 — 4.5 =0.5

M _mmol_ 0.5
HO ™ "y " 50+45

pH = —10g0.00526 = 2.28

= 0.00526M

(4) At 50 mL titration: Equivalence Point
mmol. NaOH added =M xV=0.1x50=5
mmol. NaOH added (5.0) = mmol HCI (5.0)
2H,0 < H;0% + OH™

Kw=1x10"1 = [H*][OH]

J1x10-1“ =[H*]=[OH ] =1x10""M

pH = —log 1077 = 7 (neutrilization step)
(5) At 55 mL titration: after equivalence point
mmol. N\aOH added =M XV =0.1Xx55=5.5
mmol NaOH remaining (excess) =5.5—-5=10.5

mmol B 0.5

M = — = 0.00476M
NaOH V 50 + 55

46




pOH = —10g 0.00476 = 2.32
pH=14-2.32=11.68
Construction (plot) titration curve of strong acid versus strong base:-

The relationship between pH calculated for HCI remaining or unreacted (excess)
or NaOH on Y axis and the volume of titrant (0.1M NaOH) added on X axis, this
curve called titration curve. This curve used for estimation the equivalence point
(theoretically) and selection of the indicator for detecting the endpoint reaction by
the colour change of the indicator.

100 mL 0.1M HCI vs. 0.1M NaOH

14

1=(0.1M)versus(0.1M)

1
12 12—
2=(0.1M)versus (0.1M) 2
3
10 4 10— | 3=(0.1M)versus(0.1M) ?f‘t
k-
Phenolphthalein — i
transition range Phenolphthalein H
8 al—
T —
H a Bromthymol blue H
6 6 |—
4 -
J 4 ’_’,_3”/
, /{/ 2
y———1 2 1
0 ol L 1 1 I I 1 ° L | 1 | 1 1
0 20 40 60 80 100 120 140 o] 20 40 60 80 100 120 140
mL NaOH mL NaOH

Note: The selection of the indicator become more critical as the solution become
more dilute and the sharpness endpoint decrease as the concentration. The point at
which the reaction is observed to be complete at the indicator colour where

changed is called endpoint.
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Indicators (Acid-Base):- are substances which change colour with change pH.

S - &

+ HE + Hg ot

colourless (Acid) pink (Base)

They are usually weak acids or bases, which when dissolved in water dissociate
slightly and form ions. Phenolphthalein is a colourless, weak acid which
dissociates in water forming pink anions. Under acidic conditions, the equilibrium
Is to the left, and the concentration of the anions is too low for the pink colour to
be observed. However, under alkaline conditions, the equilibrium is to the right,
and the concentration of the anion becomes sufficient for the pink colour to be
observed.

Common Acid — Base Indicators

Indicator Approximate pH Range Color Change
for Color Change

Methyl Orange 3.2-4.4 Red to yellow

Bromthymol blue 6.0-7.6 Yellow to blue
Phenolphthalein 8.2-10 Colorless to pink

Litmus 5.5-8.2 Red to blue
Bromcresol green 3.8-5.4 Yellow to blue
Thymol blue 8.0-9.6 Yellow to blue
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pic:{ric aci

thymol blue
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i

methyl orange

|
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rple
1 blue
neutral re
rhenol re
para-c-naptholphthalein
rhenolphthalein
thymolphthalein %
alizarin yellow R l R |
1.3.5-trinitrcbenzene

B) Titration of weak acid versus strong base:-
Acetic acid with sodium hydroxide
HOAC + Na*OH~ < Na*OAC™ + H,0

Example (61):- Calculate the pH at 0, 10, 25, 50, and 60mL titrant in the titration
of 50mL of 0.1M acetic acid (Ka=1.75x10"°) with 0.10M NaOH?

Solution:

(1) At OmL titrant (0.1M NaOH): HOAC solution only

[H*] = V/K,Chya = V1.75 X 10-5 x 0.1 = 1.32 X 1073M
pH = —log[H*] = —log1.23 x 1073 = 2.88

(2)At 10mL titrant (0.1M NaOH):before equivalence point (buffer formation
region)
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HOAC + Na*OH™ & Na*OAC™ + H,0
mmol NaOH added = M XV = 0.1 X 10 = 1.0 = mmol of NaOAc (salt) formed
mmol of HOAC (total) = M XV =0.1 x50 = 5.0

mmol of HOAc remaining (unreacted) = 5.0 — 1.0 = 4.0

H = pKa + log—!
PH = PRA T 08 TAcid]

=4.76 +1 LLPP

= 4. 0g4.0 = 4.

(3) At 25mL titrant (0.1M NaOH): before equivalence point (buffer formation
region)

mmol NaOH added =M XV =0.1 X 25 = 2. 5mmol.
= mmol of NaOAC (salt) formed

mmol of HOAc remaining (unreacted) = 5.0 — 2.5 = 2. 5mmol

[Salt]
pH = pKa + log (Acid]

2.5
= 476+10gﬁ= 4.76

pH = pKa (mid — point)
(4) At 50mL titrant (0.1M NaOH): equivalence point
mmol NaOH added = M X V = 0.1 X 50 = 5.0 = mmol of NaOAC (salt) formed
All NaOH reacted with all HOAC and converted it to its salt sodium acetate.

OAC™ + H,0 © HOAC + OH"™

’ 10— 14
OH W/KbCOAC_ = _COAC \/1 75 X 0 05 = 5 35 X 10 6M

pOH = —log[OH"] = —log 5.35 x 107 = 5.27

pH =14 -5.27 =8.73
(5) At 60mL titrant (0.1M NaOH): after equivalence point (NaOH solution alone)
mmol NaOH added =M xV =0.1 X 60 = 6. 0mmol

mmol of NaOH remaining (excess) = 6.0 — 5.0 = 1. 0Ommol
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1 1. 0mmol
°850mL + 60mL

pH=14-2.04 =11.96

pOH = =2.04

Construction (plotting) titration curve of weak acid versus strong base:-

12

Equivalence

10 A
point pH:

Phenolphthalein ”
Phenolphthalein

8
-
o

6

T T T T T T

Midpoint: pH = pK [-———=—————== Methyl red

I N T N O N AN N N |
0 20 40 60 80 100 120 140 9

mL 0.1 M NaOH

T S N N R
0 20 40 60 80 100 120 140

mbl NaOH

The sharpness endpoint decreases as the concentration decreases.

Titration curves for 50mL 0.1M weak acids of different Ka value versus 0.1M NaOH
4
12
10

(=]

nld
o

20 “h Ly (=18} B LS 1% ] 120 140
mib. 0.1 Ad MacoH

The sharpness of the endpoint decreases as Ka decreases.

(C) Titration of weak base versus strong acid:-Titration of ammonia solution
versus hydrochloric acid.

Example (62):- Calculate the pH at 0, 10, 25, 50, and 60mL of titrant of 50mL of
0.1M NHs (K»=1.75x10) with 0.1M HCI?

(1) At OmL titrant (0.1M HCI): NHs solution alone
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[OH"] = /KpCg- = v/1.75 X 10-5 x 0.1 = 0.00130M
pOH = —log[OH"] = —log 0.00130 = 2.88
pH=14-2.88=11.12

(2) At 10mL titrant (0.1M HCI): before equivalence point (buffer formation
region)

mmol HCl added = M x V = 0.1 X 10 = 1.0 = mmol of NH,Cl (salt) formed
mmol NH; total =M xV=0.1x50=5.0

mmol NH; remaining (unreacted) =5.0—-1.0 = 4.0

[Salt]
[Base]

pH =14 —4.15=19.85

1.0
pOH = pK,, + log =4.75+ logﬂ =4.15

(3) At 25mL titrant (0.1M HCI): before equivalence point (buffer formation
region)

mmol HCl added = M XV = 0.1 X 25 = 2.5mmol
= 2.5mmol of NH,CI (salt) formed

mmol NH; remaining (unreacted) = 5.0 — 2.5 = 2.5

[Salt]
pOH = pKy, + log Base]

(4) At 50mL titrant (0.1M HCI): equivalence point region

2.5
=475+ logﬁ = 4.75 pOH = pK, mid — point

mmol HCladded = M XV = 0.1 X 50 = 5.0mmol
The all HCI added converted all NH3 to its salt NH4CI

NH} + H,0 & NH,OH + H*

+] - W/K CBH+ - / CBH+ \/1 75 X 005 - 535 X 10_6M

H = —log 5.35 X 1076 = 5.27
52




(5) At 60mL titrant (0.1M HCI): after equivalence point
mmol HCl added = M XV = 0.1 X 60 = 6.0mmol

mmol HCI remaining (excess) =6.0—-5.0=1.0

M _ 1.0mmol
HC ™ 50mL + 60mL

pH = —10g0.00909 = 2.05

= 0.00909M

Construction (plotting) titration curve:-

Titration curve for 50mL 0.1M weak base of different Ky values versus 0.1M HCI.

14

12

10

Phenolphthalein 10

Methyl red

i
T T T T 11

Py AN N S S S S M N obt L 1 L Lt 11 1]

0 20 40 60 80 100 120 140 0 20 40 60 80 100 120 140
mL 0.1 M HCI mL 0.1 M HCI

The sharpness of the endpoint decreases as Ky decreases of weak bases.

Back titration (indirect titration)

Sometimes

1 - a reaction is slow to go to completion.

2 - a sharp end point cannot be obtained.
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A back titration will often yield useful results. In this technique, a measured amount of

the reagent, which would normally be the tritrant, 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. In back-titration, a known number of millimoles of reaction it is taken, in excess

of the analyte. The unreacted portion is titrated. A back titration is a titration method

where the concentration of an analyte is determined by reacting it with a known amount

of excess reagent. The remaining excess reagent is then titrated with another, second

reagent. The second titration's result shows how much of the excess reagent was used in

the first titration, thus allowing the original analyte's concentration to be calculated. A

back titration may also be called an indirect titration.

mmol of analyte = mmol first titrant — mmol back titrant

Example (54 ):- A 0.50 g sample containing Na,COs plus inert matter in analyzed by

adding 50.0mL of 0.1M HCI, a slight excess, boiling to remove CO,, and then back-
titrating the excess acid with 0.1M NaOH. If 5.6mL of NaOH is required for the back-

titration, what is the percent Na,COg in the sample.

Solution:

Na;CO3+ 2HCI — > 2NaCl + H.COs
H.CO; — ~ H,0 +CO, !
(Excess) HCI + NaOH ——— NaCl + H.O

1mmol.Na;CO03
2mmol.HCI

mmol NazCO3 = (mmol HCI x ) —mmol NaOH

(— X1000)Na.co;= (M x V X—) Hcl — (MXV) NaoH

(ﬁx1000) (0. 1><50><—) (0.1%x5.6)

witx1000
10

wtx1000

= (2.5) - (0.56) , = (1.94)
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wt x 1000 = (1.94X 106) , Wiya,co, = —r

1000
Wt Naco, = 0.206 gm  ,  %NazC0s = =X, 199
wt sample
_0.206 _
= WXIOO =41.2%

Precipitation Reactions and Titrations

A number of anions form slightly precipitates with certain ions and can be
titrated with the metal solutions.

A" + ClI e AgCl ‘
Ba2 + SO4 2 i BaSOzJ
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Effect of acidity on solubility of precipitates Conditional solubility product [Ksp’].

The solubility of a precipitate whose anion is derived from a weak acid will increase in
the presence of added acid because the acid will lead to combine with the anion and thus
remove the anion from solution for example the precipitate MA that partially dissolves
to give M+ and A- ions will exhibit the following.

MA 2= M +f A

H* | =Cha

The anion [A’] can combine with protons to increase the solubility of the precipitates.
The combined equilibrium concentrations of A~ and HA make up the total analytical
concentration, C na, which will be equal to [M*] from the dissolved precipitate (M™ or
A" excess).

CaxC04 z Ca*?+ Cy047 Ksp = [Ca*?][C204 2] =2.6x 107 (1)

_ [H+][C204 -2]

-2 +  — - o -5
C01°+H' g HC204 Kaz2 = THCzoa ] 6.1x 10 (2)

[H+ ][HC204 —]

HC.04~ + HY _;' H.Co0s Ka = HZCZ04] =6.5x102  (3)

The solubility S of Ca2C>04 is equal to [Ca*?] = Crzc204, Where Chacoos represents the
concentration of all the oxalate species in equilibrium =[H2C204] + [HC,04 ]+[C204 2.
We can substitute Crzc204 a2 for [C204 2] in the K expression:-

Ch,c,0, = [H2C204] + [HC,0, |+ [€,0,77]

- [HzC204] _ [H2C204]
[H2C204] + [HC204™ |+[C20477 ] CHycp04

oo m=mp [H;C204] = ap X Cy,c,0,
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oL = [HC204 ] _ [HC204 ]
[H2C204] + [HC204” 1+[C2047%1  Cuycyo,

== [HC,0, ] = a; X Cy,c,o0,

[€204,72] _[€2047%]

-2
o2 — —— = = [C,0 =o, X C
[HyC204] + [HC204 +[C2047 %] CHyC,0, [C,04 7] 2 H,C504

[KSP = [Ca*][C204 2] = [Ca™’] x Cyyc,0, X az]

We can write then

7

KS )
—2 = K,,’ = [Ca*?] X Cy,c,0, = S* ]

o2

KalKaz
[H*]2 + [H*]Ka; + Ka,Ka,

Oy =

Where Ksp’ Is the conditional solubility product.

Note: - The conditional solubility product value holds for only a specified pH

Example 1 : Calculate the solubility of CaC>04 in water and in a solution containing

0.001M HCI and compare them? CaC;0s = Ca*? + Cy047?
Ksp(€CaC,0,) =2.6 x107° ,Ka; = 6.5 x107% ,Ka, = 6.1 x 1075

Solubility of CaC»04 in water Ksp(caczo4) = [Ca*?][ C20472]= S2

S? = /KSpP(cac,0,) V2.6 x107° =5.09 X 107> M

Solubility of CaC20s in a solution containing 0.001M HCI, (acid solution).
KalKaZ

“2 TTH*]Z + [H*]Ka, + KaKa,

B (6.5 x1072) x (6.1 x 107°)
T (1.0X1073)2 4+ (1.0 x1073) X (6.5 x1072) + (6.5 x 1072) x (6.1 x 10~5)
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-9
0 =57 x1072 == 5= [KP _ /“X“’_Z =2.1x10*M
o2 5.7 x10

Sin acid solution > Sin water

Sin acid solution

The Comparison = x 100
Sin water
= 20T 100 = 412.6% (i in solubilit
= 0010 = .6% (incrase in solubility)

Method of driving values of oo ,01 and a2

S _ATyHY
HA & A +H* | R T (1)

{HA} __ A7}

A =RAHAT, a0 v " T o)

From equation no 1 {HA} = {A_Ii{a“ﬂ
{A"}{H"} Ka_
n = Ka a3 {H*}
0 = s —
A ) —y Ka " {H*}+Ka
Ka T {A } {aA~}
{A} Ka

In the same way o1 = — =
T HA AT (W +Ka

{HA"}{H*}

HA & HA +H , Kaq- W ............... (1)
2V g+
HA o AZ+H" Kazz{"{ﬂ}%}} ............... 2)

{HpA}r = {HA} + {HAT} +{A? }
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{H2A}

%0 = T + (HA-J+(A 2}
_ {HA™}
- {H2A} + {HAT}+{A7?%}
_ (A2}
%2 = {H2A} + {HAT}+{A7?%}
From equationno 1 {H,A} = mAI;—a}l{lHJr}
{HA"H{H ™}
Ka1
OolLo

= {HA—}{H™}

Kaq + {HA_}'l' {A_}

-2 +
From equation no 2 {HA™} = Aoj{H)

Ka,
A
o = Kaq
{(A~Z}{nt},

Ka- LH+} N {A_Z}{H"'}

)
Kaq Kay = {A~?}
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{A—Z}{H+}2 KaiKay

_ KaqKaj {A_Z}
{A=4}{Ht} + {A”~}{H }+ (A-2)  a-2)
KaqKa» Kap
_ {H+}2
G«O - +12 +
{H*}< + {H*}Ka{+ Ka;Ka,
_ {H*}Ka,y
In the same way o1 = (H*)2 + {H*)Ka,+ Ka{Ka,
Ka;Ka,

and o0

(H*)" + (H')Ka; + Ka;Ka,

Example 2 :- Calculate the solubility of CaF, in 0.1 M HCI. Also calculate equilibrium

concentration of F- and HF. Kspcarz) =3.9x101! | Ka HF) = 6.8x10%,
solution
CaF2 « [Ca*?] + 2[F], Kspcarz) = [Ca*?] [F] [F] = [Ca*?] [F]?
HCl — H*+ClI H*+ F ©HF , Cur=[HF] +[F]

Kspcar2 = [Ca*?] [F]? [F]=0u ChF

Kspcar2) =[Ca*?] [ar CHF]?, Ksp(carz) = [Ca*?] [(ll2 CHr] ,

% =K's, =[Ca*? [C?r], CHe=2S S=solubility, [Ca*?]=$

Ksp

- =K'g, =[] [2S5]? — 4S8
o

—4 —4
== SO = B = 6 75107
[H+]+Ka 0.1+ 6.8x10~4 0.100068
;) _ Ksp _ 39x10711 4 _— ) 5
Ksp = w! | (6.75x10-3)2 8.559 x 10", K'sp =[S][2S]° — 4S
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/ x10~7
S= 3/% , S= 3/855% =2.139x10~7 =5.98x103 M

Chr=2S = 598 x10°x2= 0.01196 M
[Fleg=0o1 Chr = 6.75x10° x 0.01196 = 8.073 x10° M
[HF]eq.= Chr - [F] = 0.01196 - 8.073 x10° = 1.1879 x102 M

OR -- [HF]eq.= a0 Crr = (1-0t2) Chr = (1- 6.75x1073) x 0.01196 =1.1879 x102 M

| Effect of Complexation on solubility (Conditional solubility product ) |

The Complexing agent can compete for the metal ion in a precipitate, just as acids
compete for the anion. A precipitate [MA] that dissociate to give [M*] and [A] and
whose metal complexes with the ligand L to form [ML*] would have the following
equilibria:-

F Y _
MAg&=—>| M + A
+
L = Cwm
~ VL #

The sum of M* and [ML"] is the analytical concentration Cw in equilibrium, which is equal to [A7].

Calculation for such a situation are handled in a manner completely analogous to those for the effects
of acids on solubility Consider the solubility of AgBr in the presence of NHs. The equilibria are:-

AgBr T Ag'+ Br-

h
Ag (NH3)*
Ag (NHz), "t
Ag(NHa)™ + NHs = Ag (NHQ):" , Ky, = {A{g (ﬁés)f}){zNés}

Ksp = [Ag*][Br] = Cag X Po X[Br]=4x 1013

61




Ksp

= K'sp: CAg [Br] = 82
Ro

The solubility S of [AgBr] is equal to [Br ] = Cag, Where Cag represents the
concentrations of all the silver species in equilibrium = [Ag *] + [Ag (NH3)]

+[Ag(NHz)2"]. we can substitute Cag o for [Ag *] in the Ksp expression. Where fo is
the fraction of silver species present as [Ag *].

Cag = [Ag"] + [Ag (NH;3)" | + [Ag (NH3);" ]

Bo = [Ag*] _ [ag*]

+1 —
AT+ A (NH) T [T AE (N7 ] Gy LABTI =By X Cag

_ [Ag (NH3)* | _ [Ag(NHp)' ] i

P = T+ tag (Nm)* +iag (VT Cag = [Ag (NH3)" ] = By X Ca,
_ [Ag (NH3)2" | _ [Ag(NHy), ] + =

B T e Ny RS (NI T Cag [Ag (NH3)2 "] = B, X Cag

[ Ksp = [Ag][Br] = Cag B, [Br] ]

We can write then

Ks : _
[ B—O"szp:cAg [Br ] = S? ]

1
B, =
O 7 1+ K {NH3} + K, K, {NH3}?
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Where K'sp is again the conditional solubility product, whose value depends on the

concentration of Ammonia.
Example 3:- Calculate the molar solubility of AgBr (silver bromide) in water and in (0.1M)
of Ammonia solution and compare them? Ksp =4 x10 13, K¢ = 2.5%10%, K, = 1.0x 10%.

Solubility of AgBr in water Kspngen = [Ag*][Br] = S?

$2 = /Ksp(AgBr) 4x10 13 =6.3x10"M

Solubility of AgBr in a solution containing 0. 1M NHs.
1

= B —
0 ™ 14K, {NH3}+Kg, Kp,(NH3)2 0
1 — -6
1+(2.5% 103)x(0.1) +(2.5x 103)x( 1x 10%)x(0.1)2 1x 10
K 4x 10-13
P —4

S = = =3.2x 10°*M

Bo 4x 10°°

Sin ammonia solution > Sin water

Sin ammonia solution _ 3.2x10°%
Sin water 6.3 x10°7

The Comparison = = (508 times more soluble )

Method of deriving values of By, B; and B,

_ {Ag (NH3)"}

Ag"+NHs & Ag (NHs)" , K¢, = (AgtINHg] "0 (1)
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N N _ {Ag(NH3)2"}
Ag (NHs)" +NHs < Ag (NHs)" , K¢, = g (NH3)+}{NH3}"(2)
{Ag*}r = {Ag*} + {Ag (NH3)"} + { Ag (NH3),"}

B — {Ag"}
0™ (Ag*}+ {Ag (NH3)*}+ { Ag (NH3), '}

1™ (Ag*}+ {Ag (NH3)*}+ { Ag (NH3), T}

B, = {Ag (NH3)2 "}
27 (Ag*t)}+ {Ag (NH3)*}+ {Ag (NH3), 1}’

From equation no 2 {Ag (NH3)2+} = K¢, {Ag (NH3)"} {NH3}

_ {Ag™}
{Ag*} + {Ag (NH3)*}+ {Ag (NH3),"}

B. — {Ag")
0 ™ (Ag*)+ {Ag (NH3)*}+ Ky, {Ag (NH3)*}{NH3} ’

By

From equation no 1 {Ag (NH3)*} = K¢, {Ag +} {NH3}

{Ag*}

Po= g+ Ky, {Ag" HNH3} + Ky, Ky, {Ag* HNH3}{NH;}

{Ag™}

B, = |
0™ (Ag*)(1+ K¢, (NH3}+K¢, K¢, {NH3)?)
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1
B, =
7 1+ K¢ {NH3} + K¢, K, {NH;}?

In the same way

3 Kr,{NH3}
1™ 14 K¢, {NH3}+K¢, K¢, {NH3)2

and

B, — Kf1 Kfz{NH3}2
71+ K¢ {NH3} + K¢, K, {NH3}?

Precipitation Titration (Argenometric Titration)

Example 4:- Calculate pCl for the titration of 100 mL of 0.10 M NaCl with (0.1 M) AgNOg after
addition of [ 0.0, 20.0, 99.0, 99.50, 100.0, 100.50 and 110.0 mL] AgNOs?
Ksp (agcny =1.0 x10°20

NaCl + AgNO; = AqCl l + NaNO3

At 0.00 mL
pCl=-log [CI]] wsssp -log[0.1]] =mp pCl =1.00
At 20.0 mL

mmol CI'=M x V =0.1 mmol/mL x 100 mL =10.0 mmol
mmolAg* =M x V = 0.1 mmol/mL x 20 mL =2.0 mmol
Clleft=10-2=8 mmol wssp[CI] = (mmol/VT)=8/120 = 0.0667M
pCl =-Log [0.0667] = 1.18
At 99.0 mL

mmolAg* =99 mL x 0.1 mmol/mL = 9.9 mmol
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Cl-left =10-9.9 = 0.1 mmol wmmmp [CI-] = (mmol/VT)=0.1/199 =5 x 10*M
pCl-=- Log [5 x 10%] = 3.26
At 99.5 mL
mmolAg* = 99.5 mL x 0.1 mmol/mL=9.95 mmol
Cl-left =10 -9.95 = 0.05 mmol wmmp[CI-] = (mmol/VT)=0.05/199.5 = 2.5 x 10*M
pCl-=-Log [2.5x 10%] = 3.6
At 100 mL

All the CI- is reacted with Ag*:- [Equivalent point]

[C17] = 2[ksPagen = V1.0x10° =1.0x105M
pCl- =-Log [1.0x10°] =5
At 100.5 mL
mmolAg* = 100.5 mL x 0.1 mmol/mL=10.05 mmol

Ag* left = 10.05 -10 = 0.05 mmol  memmp[Ag*] = (Mmol/Vr)= 0.05/200.5 = 2.5 x10* M

—1 _ kspageny _ 10x10710 _ ]
[C1I7] = [Ag+]  2.5x107% =4x107M

pCl=-Log [4 x107] =6.4
At 110 mL
mmolAg* =110 mL x 0.1 mmol/mL= 11 mmol
Ag*left=11-10 = 1 mmol mmmp [Ag*] = (Mmol/VT)=1/210 = 4.76 x10° M

—1 _ kspageny  10x10710 _ )
[cr] = [Ag+]  476x1073 21x10°M

pCl =-Log[2.1 x 10%] =7.67
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Titration curves for 100mL 0.1M CT, Br-, and I' solutions versus 0L1M AgNO,.

s S P
I
14 [— ——
L= /f
1 e (f__d————
Ly
= n i— - J—
o
= i ‘-(-’I
— ] S B8
ol f— -FFF/}
O L l B - L 1 1 I S E—
L= SR =40 Tt FeTs! (E=Ts 1 =0

rrn il il T

Note: The smaller the K. the sharper the endpoint {or the smaller the K. the larger the

break at the equivalence point).

The detection of the endpoint (indicators):

We can detect the endpoint by measuring either pCl or pAg with two types of

indicators:
(1) Indicators Reacting with the Titrant:

There are several examples of an indicator forming a colored compound with a

titrant, two common method were:

| (a) Mohr Method

used for determining chloride ion, after chloride ion consumed by reacting with equal
mmol of AgNOs, the excess (after drops) of AgNO; than reacting with the indicator

(K2CrQ,) to form red precipitate Ag,CrOs.

Cl- + Ag’ =—)p AgCI‘ Ksp = 1.0 x10%°

Analyte titrant white precipitate

CrOs2 + 2Ag" ==p AgCrOs ‘ Ksp=1.1 x1012

Analyte titrant red precipitate
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The concentration of the indicator is important. The Ag.CrOs should just start
precipitating at the equivalent point, where we have a saturated solution of AgCI. From
Ksp, the concentration of Ag* at the equivalent point is 10°M. (It is less than this before
the equivalent point). So, Ag2CrQOs should precipitate just when Ag* = 10°M. The
solubility product of Ag.CrOs is 1.1 x10 2. By inserting the Ag*concentration in the
Ks equation for Ag.CrOawe calculate that, for this to occur,[CrO4? ]should be
0.011M.
[10°]2 x [CrOs?] =1.1x 1012

[CrOs+2]=11x102M

If the concentration is greater than Ag.CrOswill begin to precipitate when [Ag*]
is less than 10 M (before the equivalent point). If it is less than 0.011M, then the [Ag*]
will have exceed 10> M (beyond the equivalent point) before precipitation of Ag.CrOa
begins. In actual practice, the indicator concentration is kept at 0.002 to 0.005 M. If it is
much higher than this, the intense yellow color of the Chromate ion obscures the red
AQ>CrQOs precipitate color, and an excess of Ag® is required to produce enough
precipitate to be seen. An indicator blank should always be run and subtracted from the
titration to correct for errors.

The Mohr titration must be performed at a pH of about 8. If the solution is too
acid (pH < 6), then part of the indicator is present as [HCrO4], and more [Ag*] will be
required to form the [Ag2CrQa4] precipitate. Above (pH 8), silver hydroxide may be
precipitated at (pH > 10). The pH is properly maintained by adding solid calcium
carbonate to the solution. (While the carbonate ion is a fairly strong Brgnsted base, the
concentration in a saturated calcium carbonate solution is just sufficient to give a pH
about 8.) The Mohr titration is useful for determining chloride in neutral or unbuffered
solutions, such as drinking water.

(b)Volhard Titration ( Back Titration)

This is an indirect titration procedure for determining anions that precipitate with silver
(Cl, Br,and SCN") and it is performed in acid (HNOzs) solution. In this procedure, we
add a measured excess of AgNO:s to precipitate the anion and then determine the excess
Ag* by back titration with standard potassium thiocyanate solution:-

X + Ag* =)  AgX + excessAg”

excess Agt+ SCN- =)  AgSCN
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We detect the End Point by adding iron (III) as a (Ferric ammonium sulfate), which
forms a soluble red complex with the first excess of titrant:-

Fe*? +SCN'  wemp  Fe (SCN)*2

If the precipitate AgX is less soluble than AgSCN, we do not have to remove the
precipitate before titrating. Such is the case with (Br-, and SCN). In the case of I’
we do not add the indicator until all the 1" is precipitated, since it would be oxidized
by the iron (III). If the precipitate is more soluble than AgSCN, it will react with the
titrant to give a high and diffuse end point. Such is the case with AgClI:-

Ag* + SCN-= = AGSCN + CI-

Therefore, we remove the precipitate by filtration before titrating. Obviously, these
indicators must not form a compound with the titrant that is more stable than the
precipitate, or the color reaction would occur when the first drop of titrant is added.

\ (2) Adsorption Indicators (Fajan’s Methods) \

With adsorption indicators, the indicator reaction takes place on the surface of the
precipitate. The Fluorescein indicators such as fluorescein, methyl violet and
Rhodamine and Bromophenol blue are dyes, exists in solution as ionized form,
usually anion In". Consider the titration of CI' with Ag*, before the equivalent point,
Cl is in excess, and the primary adsorbed layer is Cl .This repulses the indicator
anion, and the more loosely held secondary layer (counter ion) of adsorbed ions is
cations, such as Na*.

AgCl: Cl :: Na*

Beyond the equivalent point, Ag* is excess and the surface of the precipitate become
positively charged, with the primary layer being Ag*. This will now attract the indicator
anion and adsorb it in the secondary layer.

AgCl: Ag™ s I

The color of the adsorbed indicator is different from that of the unabsorbed indicators,
and the difference signals the completion of the titration. The more insoluble precipitate
can be titrated in more strongly adsorbed indicators. We want the maximum surface area
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for adsorption in contrast to gravimetry. Coagulate decreases the surface area for
absorption of the indicator, which in turn decrease the sharpness of the end point, we can
prevent coagulation of silver chloride by adding some Dextrin to solution.

Problems

1- Explain the Volhard Titration of Chloride, the Fajan’s titration which is used for acid
solutions. Why?

2- Explain the principles of adsorption indicators.

3- Calculate the solubility of PbS in (0.01M) HCI? And calculate the equilibrium

concentrations of S, HS and H,S. Ksppos)= 3%¥10 28, Ka1=9.6 X108, K42=1.3x104,
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Complexometric Reactions and Titrations

Many metal ions form slightly dissociated with various ligand (complexing agents).
Complexometric titration is useful for determining a large number of metals. Selectivity
can be achieved by appropriate use of masking agents (addition of other complexing
agents that react with interfering metal ions) and by pH control.

Complexes and formation constant:-

Complexes play an important role in many chemical and biochemical processes, for
example, the heme molecule in blood holds the iron atom tightly because the nitrogen
atoms of the heme form strong ligand or complexing bonds, which means nitrogen is a
good complexer.

1\l'H >

Cu " =+ 2H C = OH —

l |
H O

Glycine

O=—C——0 O
N
_Cu |

HO—NH' NH—GI

Cu/glycine complex

M + nL =ML, B, =
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For a given species like ML, we can calculate an alpha value, which is the fraction of
the total metal concentration existing in that form. Thus, o v is the fraction of the total
metal present at equilibrium as the free metal, a m IS the fraction present as ML, and
so on. the alpha values are given by:

| Calculation of Alpha Values for Metal complexes

The alpha values for metal ligand complexes can be derived in the same way that we
derived values for polyfunctional acids . The alphas are defined as

v LMLy
M Con ML, Cn

Ly LML,
ML o ML, Cn

The total metal concentration ¢y = [M] + [ML] + [MLy] + --- + [ML,,]

From the overall formation constants the concentration of the complexes can be
expressed in the terms of the free metal concentration [M], to give

cn =[M] + B, IMI[L] + B, IM][L]* + -+ B, [M][L]"

= [MI{(1+ B, [L] + B, [L]* + -+ B, [L]"}

Now am can be found as:

LM [M]
M7 ey T [M]+ B1[MI[L] + B2 [M][L]? + B3[M][L]3 ... ..... B [M][L]"
L [M]
M7 ey T IMI{1 + B4[L] + Ba[L)? + B3[L]3 ... ..... BnlL]"}
M) 1
M= T BL[L] + Bo[L% + B3 (L .. B [L]"
From above Equations. We can find oy from
ao. = ML _ B1[MI][L]
ME™"cy T [M] + B1[MI][L] + B2[MI[L]? + B3[M][L]3 ........ B, [M][L]"
L0 B1[M][L]
MET ey T [MI{1 + B4[L] + B2[L]? + B3[L]3 ......... Bu[L]™}
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_ B1lL]
1+ B4[L] + B2[L]? + B3[L]3 ........ B[ L]"

1

M =717 B1lL] + B2[L]% + B3[L]3 ... ..... B,[L]"
o B1lL]

MET 14 B[] + Bo[L1? + B3[LP ... ... Bu[L]
S B2[L]?

M2 71 4 By [L] + B2 [L]? + B3[L]? ... ... Bu[LI
S Bn[L]"

Mln =9 4+ B4[L] + Bo[L]? + B3[L]3 ... ..... B[ L]™

Many cations will form complexes in solution with a variety of substances have a pair
of unshared electron (e.g. on N, O, S atoms in molecule) capable of satisfying the
coordination number of the metal. The metal ion is a Lewis acid (electron pair acceptor),
and the complexer is a Lewis base (electron pair donor). The number of molecules of the
complexing agent, called the ligand, will depend on the coordination number of the metal
and on the number of complexing group on the ligand molecules.

[Ag(NH3)"]

Ag* + NH, & Ag(NH;)* , Kf, = =2.5x103
[Ag(NH3)3]
Ag(NH;)™ + NH; < Ag(NHy); , KF, = [Ag(NH3)*"][NH3] = 1.0 107
[Ag(NH3)3]
Ag*t 4+ 2NH., < Ag(NH,)} , Kf = Kf,.Kf, = =2.5x107
g 3 g( 3)2 1 2 [Ag+] [NH3]2

Formation constant (Ky):- the formation constant is also called the stability constant Ks
or Ksp.

Kf=K5=

1 [Ag*][NH;]? _
Ag(NH3)} & Ag* +2NH; , K4 = K~ [Ag(NH»)I] — 4.0 x 1078
2
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Example (1) :- A divalent metal M*? reacts with a ligand L to form 1:1 complex.

[ML*?]

_ 8
L = 10X 10

M*? + L =ML"?, K¢ =
Calculate the conc. of M*2 in a solution prepared by mixing equal volume of 0.2M (M*2)
and 0.2M (L), K =1.0x108.
Solution:
The concentration of complex =

M+Z L ML+2

+ =
mmol(m X V) mmol(m X V) [ML+2] = (mxV)M+2
(vr =2v )mix

~_(mxV) 0.2v 0.2

ML*?2 =0.1M
[ ] 2V 2v 2
_— [ML+2] 1.0x 108 0.1M
T ML) (%) (%)
0.1M = 1.0x10% xx? , x%=(L:s)=1.0x10""
1.0x10

x= 3Y1.0x10° , x=[M*3]=3.2x10"5M

Example(2) :- Silver ion forms a stable 1:1 complex with triethylene tetramine (trien)
[NH2(CH),NH(CH,).NH(CH,),NH;]. Calculate the silver ion conc. at equilibrium
when 25mL of 0.01M silver nitrate is added to 50mL of 0.015M trien, Ks = 5.0x10" ?

Solution
[Ag(trien)*]

_ 7
[Ag*][trien] 5.0 %10

Ag* + trien & Ag(trien)*, K; =

[Ag*] unreacted = x

mmol Ag* =M xV =0.01x25=0.25mmol
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mmol trien =M XV =0.015 X 50 = 0. 75mmol

mmol trien unreacted = 0.75 — 0.25 = 0. 5mmol

1 0.5 —
Meien =~y = 5gps = 6-7 X 1073M
. + 0.25mmol _3
K. — [Ag(trien)™] _c0x107 = 50125 _ 3.3x10
£~ [Ag*][trien] x(6.7 X 10-3) _ x(6.7 x 10-3)
3.3x1073

= =[Ag*] =9.8 x 10~°M
X = T X107 x6.7 <102 _ A"

Chelates:-EDTA (the ultimate titrating agent for metals): An organic agent that has
two or more groups capable of complexing with a metal ion is called a chelating agent,
the complex formed is called a chelate. The chelating agent is called the ligand. Titration
with a chelating agent is called a chelometric titration.

The term chelate is derived from the Greek term meaning (claw like) chelating agents
literally wrap themselves around a metal ion.

EDTA equilibrium:-The protons in EDTA Ethylene Diamine Tetra Acetic acid are
displaced upon complexing with a metal ion. Negatively charged chelate results

HOOC —H.C _CH,— COOH
N—CH,—CH,—N
.o / . = \ . e
HOOC —H,C CH,— COOH

Tetraprotic acid (H4Y): six complexing groups (hexadentate) multidentate

Formation constant:-Lets EDTA =

[H][H3Y™]

H,Y = HY +H,Y" K,.=10 x10"2 =
4 + H3 al H,Y
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[H*][HY 2]

H;Y "= HY+H,Y? K,,=22x103=

[H3Y "]
[H*][HY ]
H,Y2= H*+HY3 K;3=69 x1077 = —————
2 ' “ [A,Y2)
[H*][Y 4]
HY 3= Ht+Y™ K.,=55x1011=_— 1
at [HY 3]
Effect of pH on EDTA equilibria :-
1.0
0.3 & cr 2 | o =
See | X 2 P i e -l B's
O3
0.2 ) _HaY™
O 2. — o = 10 12 1%

PH

Composition of EDTA solutions as a function of pH

oy = fraction of the total EDTA species that exists as H,Y
o, = fraction of the total EDTA species that exists as H;Y ™
a, = fraction of the total EDTA species that exists as H,Y?~
a3 = fraction of the total EDTA species that exists as HY3~

a, = fraction of the total EDTA species that exists as Y*~
Cr=[Y*]+ [HY?"] + [HpY?"] + [H3Y 7]+ [HyY]

Y __ HY3" o — HpY? o = H¥” _ HyY

0y =— , Oz = = = ay =
4 CT ) 3 CT ) 2 CT ) 1 CT ) 0 CT

Example 3:- A solution has 0.1 M of EDTA Calculate the approximate concentration
of this species [Y*~],[HY3"],[H,Y?"],[H3Y"],[H,Y] at pH 2.4, 6,8, 10.
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Solution: - the concentration of [Y* JlatpH2 = a, x C;=0x0.1=0M
the concentration of [HY3 JatpH2 = a3 X C;=0%x0.1=0M
the concentration of [H,Y? JatpH 2 = a, X C;=~0.1x0.1=~0.01 M
the concentration of [H3Y Jat pH2 = a; X C; =~ 0.6 x 0.1=~0.06 M

the concentration of [HyY]at pH2 = ay X C; =~0.4%x0.1=~0.04 M
In the same way, we can calculate the species concentration at different pH values.

Example 4:- Calculate the fraction of EDTA that exists as Y at pH 10, and from this
calculate pCa in 100mL of solution of 0.1M Ca*? at pH 10 (a4 = 0.35) after adding
100mL of 0.1M EDTA. K =4.943x10%

The fraction of [Y*]latpH=10, o, =—

[Y™4] = 0.35%x0.1M = 0.035M
- ThepCa mmolCa?* =M xV=0.1x100=10.0mmol
mmol EDTA=M XV =0.1x%x100 = 10.0mmol
We have formed 10.0mmol CaY2 in 200mL, or 0.050M

_— [Cay™>] 005  0.05
f 7 [Ca*2]ay[Chy,y] ~ (¥)(0.35)(x)  (0.35) x x2

0.05 = 4.943x10° x 0.35 x x?

0.05
4.943x1010 = )
8 (0.35) x x2

2 = 095 =2.9x 10712
X T 4.943x101°x 0.35 -

X=12.9%x10"12=1.7 x 10~°M

pCa=-log1.7 x107% =577
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Conditional formation constant (used for a fixed pH):

[CaY 2]
[Ca*?][Cy,v]

The conditional formation constant value holds for only a specified pH.

K; = conditional formation constant = Koty =

Example 5: - Calculate the equilibrium concentration of Ni%* in a solution
with an analytical Niy? concentration of 0.0150 M at pH (&) 3.0 and (b) 8.0
(a4 is 2.5%10 at pH 3 and 5.4x107° at pH 8). K=4.2 x 108

s 2—
NiZ* + Y& = NiY2™, Kppy = 00 ]

=1~ —42x1018
NIY  [Ni2*][Y*]

Since the complex is the only source of both Ni*? and the EDTA species,

[Ni**] = [Y*"] + [HY’"]+ [HpY*"]+ [H3Y ]+ [HyY] = Cy

T ) Gl [Niy?~]
ENIY ™ INiZ¥FlocgCr [Ni2*]2 o,
a) AtpH3
K L)) S 1.2 % 1018 0.015
INY SN2 2o, 0 C Y T NP2 x 2.5 x 10-11
2.5x10°1 x4.2 x 1018 = 2229 — 1 05 x 108
[Ni2+]

[Ni?*]? x 1.05 x 108 = 0.0150,

0.0150
[Ni?*]? = 105 < 10° = 1.43 x 10710

[Ni2*] = 1/1.43x10"19=1.2 x 105 M
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b) At pH 8

Koo [NiY?"] 4.2 % 1018 — 0.015
ENIY ™ INi2*]2 o, " [Ni2*]2 x 5.4 x 1073
0.0150
5.4 1073 x4.2 x1018 = —— = 2.268 x 101¢
[Ni2+]2
[Ni?*]? x 2.268 x 101° = 0.0150,
0.0150
Ni®*]? = =6.6 x 10717
NI ) = o 68 x 1016

[Ni2*] = /6.6 x10"19=8.1 x10"1°M

Example 6:- The formation constant for CaY? is 1.8x10'° at pH10.
Calculate pCa in 100mL of a solution of 0.10M Ca*? at pH10 after addition
of a OmL, 50mL, 100mL and 150mL of 0.1M EDTA?

(1) At OmL: (0.10M Ca*? alone) pCa = —log[Ca?*] = —log0.1 = 1.0
(2) At 50mL.: before equivalence point

mmol Ca?* =M xV =0.1x 100 = 10. 0ommol

mmol EDTA=M XV =0.1 x50 =5.0mmol

mmol Ca?*unreacted = 10.0 — 5.0 = 5. 0mmol

Ca = —log[Ca?*] = —lo >.Ommol 1.48
pta=—Il08 = T °87100mL +50mL

(3) At 100mL.: equivalence point

10mmol
[CaY 2] 10 _ 100mL+100mL
£ [ca*?][Cy,y] (x)(x)
1.8 x1010 =22 = ()2=_20 __58x1012,

(x)2 "~ 1.8x1010
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Xx=1/2.8 x 10712 =1.7 x 10~°M
pCa = —log[Ca?*] = —10og1.7 x 1076 = 5.77
(4) At 150mL.: after equivalence point
mmol EDTA=M XV =0.1x 150 = 15.0mmol

mmol EDTA unreacted = 15.0 — 10.0 = 5. 0mmol

S5mmol
100mL + 150mL

Mgpra =

[CaY 2]

=0.02M,

10mmol

100mL + 150mL _ - 04M

[CaY 2] =

0.04
=1.8x 10"

£ [Ca*?][Chyy]

0.04 =

[Ca*?] = 1.1 x 1071°M ,

[Cat?] x 0.02 x 1.8 x 1010

[Ca*2](0.02)

0.04
0.02x1. 8><1010

[Ca*?] =

pCa=—-log1.1x1071% = 9.95

A B C D E B G H |
| 1 Titration of 50.00 mL 0.00500 M Ca“" with 0.0100 M EDTA at pH 10.00
2 K'ay 1.75E+10 Intial cea2+ 0.0050
3 [Vol. Ca®*, mL 50.00 CEOTA 0.0100
4 Vol. EDTA, mL [Ca™] [Ca¥Y*) cq pCa L2 ] |
5 0.00 0.0050 2.30
5 500 3 64E-03 2.44 _ e
7 1000 2 5DE-03 260 L p— U
8 1500 1.54E-03 281 P, |
9 20.00 7 14E-04 315 \
10 24 00 1. 35E-04 367 T
11 2500 4 35E-07 0003333 636 |
12 26.00 1.43E-083 0003282 0000132 885 - d ‘
13 30 00 2 85E-10 0003125 0.000625 954 g
14 35 00 1.43E-10 0002 ull‘lm 6 985
15 40.00 9.52E-11 0.002778 ) 10.02 |
16 45 00 7.14E-11 0.002 10.15 | + —
17 50.00 571E-11 0.002 10.24 {
| 18 55.00 4.76E-11 0.002 57 10.32 | . 44— i
| 19 50.00 4 03E-11 0002273 0003182 103 2 ¥ |
20 Documentation f
21 [Cell BE= “SES2-ASTSESIV(IBS3+AE
22 |Cell B11 '!:ti&- i.bS_ (SBES+AI I V$B$2) n
23 Cell B =
24 |Cell C11= :'}F‘S sr:s;um +A11) 0 10 20 S0 10 51
25 [Cell D12={A12"SE$3-$BI3"IES2/($B$3+A12) VYolume EDTA, mL
26 [ Cell E5=LOG10(B5) - -

Spreadsheet for the titration of 50.00 mL of 0.00500 M Ca?* with 0.01 M
EDTA in a solution buffered at pH 10
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Metal-EDTA titration curves:-Only some metal chelates are stable enough to allow
titration in acid solution, others require alkaline solution. Titration curves for 100mL
0.1M Ca*2 versus 0.1M Na,EDTA at pH7 and pH10.

Detection of the endpoint (indicators: they are chelating agents indicators used for

12

10

S
CI.S

[e] 20 40 60 80 100 120 140
mbL EDTA

chelometric titrations are themselves chelating agents. They are usually dyes of the 0,0’-
dihydroxyazo type.: is a typical indicator it contains three ionisable protons, so we will
represent it by Hsln. This indicator can be used for the titration of Mg*? with EDTA. A
small amount of indicator is added to the sample solution, and its forms a red complex
with part of the Mg*?, the colour of the uncomplexed indicator is blue, as soon as all the
Mg* is titrated, the EDTA displaces the indicator from the magnesium, causing a
change in the colour from red to blue.

MgIn~ + H,Y?~ — MgY?" + HIn*>~ + H*

(red) (colorless) (colorless)  (biue)

This will occur over a pMg range, and the change will be sharper if the indicator is kept
as dilute as possible and will still give a good colour.

Figure below shows the minimum pH at which different metals can be titrated with
EDTA. The points on the curve represent the pH at which the conditional formation
constant Kr for each metal is 10° (log Kr= 6), which was arbitrarily chosen as the
minimum needed for a sharp end point. Note that the smaller the K¢, the more alkaline
the solution must be to obtain a Kf of 10° (i.e., the larger as must be). Thus, Ca?* with
Ks only about 10*° requires a pH of ~2 8. The dashed lines in the figure divide the metals
into separate groups according to their formation constants. One group is titrated in a
highly acidic (pH < ~3) solution, a second group at pH ~3 to 7, and a third group at pH
> 7. At the highest pH range, all the metals will react, but not all can be titrated directly
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due to precipitation of hydroxides. For example, titration of Fe** or Th*" is not possible
without the use of back-titration or auxiliary complexing agents to prevent hydrolysis.
At the intermediate pH range, the third group will not titrate, and the second group of
metals can be titrated in the presence of the third group. And finally, in the most acidic
pH range, only the first group will titrate and can be determined in the presence of the
others. Note that a moderately acidic environment is satisfactory for many divalent
heavy-metal cations and that a strongly acidic medium can be tolerated in the titration
of such ions as iron (l1l) and indium(lll).

28— |\

26— \ _Fe3

i':—ln?'
24| | The
5D3 i —B{IHQE f 1
oo |
Ga?’

i T .
= R ey -
) Mi®
= | — Gu®
E. 18 e

Minimum pH needed for satisfactory titration of various cations with EDTA.
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REDUCTION - OXIDATION TITRATION
REDOX TITRATION

Oxidation is defined as a loss of electrons to give a higher oxidation state (more
positive).

Reduction is defined as a gain of electrons to give a lower oxidation state (more
negative).

OXIDATION NUMBERS The following rules predict the oxidation number for

each of the atoms/ions in a compound or ion.

General Rules (Always applicable-No exceptions)

1. For any uncombined element, the oxidation number is zero.

Examples: Fe, Xe, O,, H; (0 for all of these)

2. For any monatomic ion, the oxidation number is equal to the charge on the ion.
Examples: Fe?*, F-, 0%, H" (+2, -1, -2, and +1 respectively)

3. For any compound, the sum of the oxidation numbers must be zero.

Examples: NaCl=Na*+Clr=+1+(-1) =0

MgF,=Mg* +2F =+2+2(-1)=0

K,Cr,07 =2 K* +2 Cr+ 7x O%

=2(+1) +2(X)+ 7% (-2) =0 ---—- X=+6

Special Rules These rules only apply to certain columns on the Periodic Table.

. Column 1A +1 (Except H with a metal, then H = -1)

. Column 1A +2

. Column 1A +3 (Normally, however +1 possible near the bottom of the table)
. Column IVA +4

. Column VA +5t0 -3

. Column VIA -2 (Oxygen is -2 except when combined with F, or in 02%)

. Column VIIA -1 (Fluorine is -1 in compounds)

. Column VIIIA (Usually only 0)

o N oo o A W N B
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9. Transition Metals (3-12)

Group 1 A

outermost shell

Has le in the \ MERNIRRIRBRRRRNINRNRY
e

Tend to loose le
B ey gd )

i

Group <@
2A

Has 2e 1n the

outermost shell
Tend to loose Ze-

OS — +2

>

Has 3e 1n the
outermost shell

Tend to loose 3e-

Has 6e 1n the
outermost shell

Tend to gain 2Ze”
|::> Oxidation state
L,

Group number - 8

Group 7A

Has 7e 1n the
outermost shell

Halogens

Tend to gain le-

) Oxidation state

_1

Group number - 8
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Oxidizing agent an oxidizing substance which tend to take on an electron or
electrons and be reduced to a lower oxidation state. For example -

Ce** +¢ > Ce®t

e Oxidizing ability depends strongly on pH value.
KMnOy in presence of dil. H,SO4

MnO4* +8H* +5¢° > Mn*2+4H,0  Eleqg=+152V

Reducing agent an reducing substance which tend to give up an electron or
electrons and be oxidized to a higher oxidation state. For example -

Fe2* > Fet+e E%ed= +0.771V
Oxalic acid H2C2042H50 ::: C,04% =2CO0, +2¢

Q - Calculate the oxidation number for the central atom in the following
compounds.

KMnO4, K2Cr207, H202, HNO3 H2SO4, KO3, H2C204.2H20, H»S, SnCl»
H.SOs : (+1x2)+(S)+(-2x4)=0 —> S=+6
REDUCTION - OXIDATION REACTION

Is one that occurs between a reducing and an oxidizing agent,

For example Ox: + Red: > Red; + Oxz
Ce* +Fe? —>Ce®* + Fe ¥
2H" + Zn() > Hyg) +Zn?

Electro chemical cells:

There are two kinds of electrochemical cells, galvanic (voltaic) and electrolytic cell.

1- galvanic cells In this type of cells the chemical reaction spontaneously occurs to

produce electrical energy for example , zinc - copper cell, lead storage battery , copper

- silver cell.
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Voltmeter

Salt Bridge

Anode

Cathode

Flow of Electrons

Copper - Silver cell

2- Electrolytic cell electrical energy is used to force a nonspontaneous chemical

reaction to occur, that is to go in the reverse direction it would in a galvanic cell. An

example is the electrolysis of water
2H,O0 5 Hag ! +20s9 7 (acid solution)

An electrochemical cell consists of two conductors called electrodes each of which is

immersed in an electrolyte solution.
Anode is the electrode at which oxidation occurs.
Cathode is the electrode at which reduction occurs.

The solutions surrounding the two electrodes are different and must be separated to
avoid direct reaction between the reactants.

The most common way of avoiding mixing is to insert a salt bridge.

Salt bridge allows charge transfer through the solution but prevent mixing of the

solution .

Q- The equation that is not represented as a redox reaction is,

a- AgNOsz+ NaCl > AgCI + NaNOs

b- 2H2 + O > 2H.0

c- 2H.0; > 2H,0 + O (g)

d- Cug +2 AgNOs —> CUu(NOs3)2 + 2Ag(s)
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Redox reaction as two half reaction As a redox reaction involves both oxidation

and reduction components, it is possible to divide the total reaction , these clearly
demonstrate which species gains electrons and which losses them .

This can be suitably illustrated by the reaction between iron ( 111) and tin (11).

2Fe® +Sn?% >  Sn* +2Fe?

This reaction can be divided into two half reactions show below

2Fe 3t + 2¢ > 2 Fe 2* (reduction)
Sn 2* —> Sn** +2e- (oxidation)
Total  2Fe3 +Sn? +2e > Sn** +2Fe? +2e

This method of expressing a redox reaction as two half reactions provide a kind of
flexibility to the concept of redox reaction.
No half reaction occur by itself there must be an electron donor (reducing agent ) and
an electron accepter (an oxidizing agent ) Fe3* oxidizing agent Sn?* reducing agent .
(SHE) standard hydrogen electrode:
the electrode potential of the half reaction

2H*+2e° <> H; E°=0.00V

e H,(g.1 bar)

:I'J - Pu(s)
—— HY(aq,a = 1)

=3 H,(2)

H5(2) -

This figure show the (SHE)
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The potential have differences between this half reaction and other half reactions have
been measured and arranged in increasing order.

Table - standard potentials of some element

standard potentialsat25C ° vV
N+ 28— 2N, -0.76
o +38  —hCr -0.74
Fe™,,+26 —WFe, -0.41
cd™, +2e —deod -0.40
My + 287 e 0,23
SN+ 28— SN, -0.14
FE® g +38 = Foy,, 0,04
ZH e+ 287 = Hyzy, 0,00
N+ 28— 50, 015
CU g +8 = U 0,16
ClOs g+ HyOp + 28 e T "y + 20H (g 017
agdly, + e =t Ag(s)+ Clag, 022
Cu g+ 28 =W Cuy, 0,34
CI05 g+ H2O0p + 267 e D108 jay + 20H 0,35
1D g+ Ha Oy + 287 g 1y 20H g 0.49
CU g+ & = Ok, 052
AE L+ B —eag 0,50
O, +3H  + 287 — e ZH, O}, 1.23
CrR0 o+ 14K + 627 —W20F" _ +TH O, 1.33
ce¥ e eV, 1.44
MRO,, , +BH, , + 52 —eMn ™+ 4H,0, 1.49
HyOypg,+ 2H pp + 287 = 2HO, 1.78
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Expression of cells the electrochemical cell by convention a cell is written with

the anode on the left
anode /solution /cathode

For example Ce* + Fe?* <—> Ce¥* + Fe¥

Pt/ Fe?*(C1) , Fe3*(Cy) // Ce**(Cs), Ce*(Ca) /Pt
C; C, Cz and C4 represent the concentration of the different species , the double line
represents the salt bridge.
Since oxidation occurs at the anode and reduction occurs at the cathode, the stronger
reducing agent is placed on the left and the stronger oxidizing agent is placed on the
right.
The potential of the cell is given by
Ecell = Ecathode - Eanode

So a positive potential difference provides the necessary negative free energy and the
chemical reaction spontaneously. For example Electro chemical cells

Fel*+e = Fe? E°red = +0.771V

Sn**+2e- = Sn# ECred = +0.154V

ECcel = Ecathode - Enode = E° pea+ pez+ — E®gpa+ g2+

=0.771-(0.154) = 0.617V

2Fe3* +Sn?" = 2Fe** +Sn*

Example (1) - determine the reaction between the following half-reaction and calculate

the corresponding cell voltage:

Fe2* E°eq = +0.771V

3l E%eq = +0.5355V

Solution: since the Fe®*" /Fe?* potential is the more positive, Fe** is a better

oxidizing agent than Is~. Fe3* will oxidize I to give Is~ (Triiodide ion) and
E°en = Ecathode - E°anode = E°cetl =E® g3+ pez+ — E% 15717

89




In the some fashion, the second half-reaction must be subtracted from the first
(multiplied by 2) to give the overall cell reaction,
2Fe3 + 31" =2Fe** +l57  E%e=0.771V-0.536 V = +0.235 V

* That multiplying a half-reaction by any number does not change its potential.

Balancing Redox Eguations

Knowing how to balance oxidation- reduction reactions is essential to understanding
all the concepts covered in this course .
Q- Complete and balance the following equation after adding H* OH-, or H2O as
needed
MnOs + NOy <—> Mn?" + NOs

1- We write and balance the two half-reaction involved.
For MnOg4, we write  MnOs <—>  Mn#
To account for the 4 oxygen atoms on the left-hand side of the equation we add 4H.O
on the right-hand side of the equation, which means that we must provide 8H" on the
left.

MnOs +8H* <—> Mn? +4H,0

MNOs=Mnx1+0x4=-1 Mn+(-2)x4=-1, Mn = +7
To balance the charge, we need to add 5 electrons to the left side of the equation. Thus

MnOs +8H" 4580 <——> Mn?" +4H.0

For the other half-reaction
NO2 <—> NOs
We add one H,O to the left side of the equation to supply the needed oxygen and 2H" on
the right to balance hydrogen
NO2 + HLO<——— NOgz + 2H"
NO,;y=Nx1+0x2=-1, N+(-2)x2=-1, N=+3
NO3=Nx1+0x3=-1, N+(-2)x3=-1, N=+5
Then we add two electrons to the right-hand side to balance the charge

NO; + Ho O <—> NOs + 2H" + 2e
90




Before combining the two equation, we must multiply the first by 2 and the second by
5 so that the number of electrons lost will be equal to the number of electrons gained.
We then add the two half-reactions to obtain

2MnOs+16H*+ 10e+ 5NO2+5 H,0 <— 2Mn#+8H,0+5NO3 +10 H* +10¢”
Which then rearranges to the balanced equation

2MnOy4 + 6H* + 5NO2 <—  2Mn?* + 5NOs + 3H.0
Q - Complete and balance the following equation after adding H* OH-, or H>O as
needed

MnOs + Fe?t <= Mn? + Fe®*

Nernst equation

The effect of concentration on electrode potential . A mathematical expression that
related the potential of an electrode to the activities of those species in solution that is
responsible for potential. For a cell with the following general equation

aA+ bB + ------ + ne «<> ¢cC+dD+----—---

The electrode potential for this reaction is given by the equation

RT @ [C]°[D]¢ — -

E=E - oF ™ TAlmp—

Where E° = the standard electrode potential which is characteristic for each half-
reaction, R= the gas constant 8.314 K'* mol* ,T= temperature K, n = number of moles
of electrons that appear in the half —reaction for the electrode process as written, F =
faraday constant = 96485 C, In = natural logarithm = 2.303 log,

If we substitute numerical values for the constants convert to bas 10 logarithms and

specify 25 °C for the temperature, we gat

~0.0592 [C]¢[D]? — —

0
£ [Al4[BP—
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Examples : Typical half-cell reactions and their corresponding nernst expressions

. _ 0.0592 1
follow. 1- Zn* +2e <—> Zng E=E’-——log T

Zn is not included in the logarithmic because it is a pure solid. Thus, the electrode
potential varies linearly with the logarithm of the reciprocal of the zinc ion
concentration [Zn?*].

0.0592 [Fe?*]

2- Fe¥*+e <—> Fe* E=E° -
1 [Fe3*]

The potential for this couple can be measured with an inert metallic electrode
Immersed in a solution containing both iron species.

The potential depends on the logarithm of the ratio between the molar concentrations
of these ions.

0.0592 | pH,
2 [H+]2

3- 2H*+2 - - Hpg E=E°-

In this example PH: is the pressure of hydrogen (in atm) at the surface of the
electrode.

0.0592 [Mn2*]
log

) ) o 2+ =E0_
4- MnOqs +5e +8H* <> Mn?* +4H0, E= E 5 [Mno,~|[H*]8

Here, the potential depends not only on the concentration of manganese species but
also on the pH of the solution.

0.0592

5- AgCls +e «<—> Agp +CI E=E"- log [CL7] This

half-cell reaction describes the behavior of silver electrode immersed in a chloride

solution that is saturated with AgClI.

Example (2) : Calculate the electrode potential of a silver electrode immersed in a solution

containing 0.05 M NaCl and saturated with AgCl.using Kspagen =1.82 x 10719,

(@) E%g+/ag =0.776 V Agt+e<——> Agp
(b) E%gciiag = 0.222 V AgCls +e <—> Age + CI
Solution: (a) Ag*+e <« Agg) ECag+iag = 0.776 V
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0.0592 lo 1
1 9 [Ag™]
The [Ag™ ] concentration of this solution is given by

E= EOAg+/Ag —

Ksp  1.82x10°10
[c”] 0.5

[Agt] = =3.64 x 10~°M

Substitution into Nernst expression gives:

E = 0.776 - 0.0592 log — —=0.299 V

(b)- AgCls) +e «—> Agi + CI E%agciag = 0.222 V
0.0592

E = E%Agciag — log [CL™] Concentration of [CI™] = 0.05 M

Here we may write
E =0.222 - 0.0592 log [CI'] =0.222 - 0.0592 log 0.05 = 0.299 V

Oxidation-reduction (redox) Titration: In redox titrations the concentration of

the substances or ions involved in the reaction continuously keeps changing in the course
of the titration. Hence the redox potential of the solution must also change (the
phenomenon may be compared to the change of the pH of solution during acid-base
titration) by plotting the redox potential corresponding to different points in the titration,
a titration curve similar to the curve obtained in an acid-base method is obtained. The
titration curve in redox reactions can be drawn by plotting the potential of half cell
against the volume in millimeter of the titrant.

Points in the redox titration

1- Before titration

2- Prior to the equivalence point

3- At the equivalence point

3- After the equivalence point
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Example (3): consider the titration of 50.0 ml of 0.05 M Fe?* with 0.10 M Ce*" in a
medium that is 1.0 M in H2SOq4 at all time.
Ce* +e<—> Ce** E°=1.44V (1M H:S04)
Fe3* +ex—> Fe?* E°=0.68V (1M H2S0,)
Solution:
At all times during the titration this reaction is rapid and reversible and in equilibrium
hence .
Esystem 1S the potential of the titration and is the value plotted on the y-axis.
Esystem represents the potential of the electrochemical cell:

Ce4+ + Fez+ﬁ Ce3+ + Fe3+

+e (reduction)

]

Ce™ + Fe? == Ce®™ + Fe™

-e (oxidation)

SHE// Ce**, Ce®*, Fe®*, Fe?*/Pt

We can follow either ECe4+,Ce3+ or EFe3+,Fe2+

Esystem = Ecet+ ce3+ = Epe3+ pez+
(a) At Volume [Ce** ]solution = 0 mL
In the beginning of the titration the solution would contain only Fe?* ions and may
have traces of Fe** due the aerial oxidation of the solution.

As the concentration of the Fe3* ion is too small the calculation of the potential has
no meaningful significance.
(b) At Volume [Ce*'] solution =5 mL

Excess of Fe?* concentration of (Fe?*/ Fe**) are measurable.

0.0592 [Fe2*]
—_ —_ (]
Esystem = EFe?’*',Fe2+ =E Fe3* Fe?t — [Fe3+]
50x0.05-5x0.1 50x0.05-5x0.1 2.0
Fe**]= Ce*t] =~ ==—M
[Fe™] 50+5 +1 ] 50+5 55
5x0.1 0.5 0.5
F 3+]=22"0" 4+7 o 2 22
[Fe™] 50+5 [Ce™] 50+5 55
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0.0592
Esystem = EFe3+,Fe2+ =0.68 —

(55)
log 753y = 0.64 V

55)

(c)- At Volume [Ce*"] solution = 25 mL at the eq. point : no excess of [Fe?']

[Ce4+]XVtotaI = [Fe2+] XxViota @and [C93+ |xViotar = [Fe3+] XVotal
The reaction takes place in one vessel

[Ce**] =[Fe**]and [Ce*]=[Fe’]

_ _ 0.0592 [Fe?+]
Eeq_EFe3+,Fe2+ - EoFe3+,Fe2+ T T log [Fe3+] (1)
_ _ 0.0592 [Ce3*]
Eeq_ECe4+,Ce3+ - EOCe4+,Ce3+ - T log [Cett] (2)
Summation of eq(1) and eq(2)
— 0.0592 [Fe?t][Ce3t]
2Eeq— EOFe3+,Fe2+ + EoCe4+,Ce3+ — W

= EOFe3+ Fe2+ + Eoce4+ Ce3+

— EoFe3+,Fe2++EOCe4+,Ce3+ 0.68+1.44
Eeq=

= =1.06V
2 2

(d)- At Volume [Ce** Jsolution = 25.10 mL > Veq = 25 mL
After the eq. point : excess of [Ce**] and concentration of [Ce®* ]/ [Ce*']

Are measurable. Hence Esystem POSt-eq = E¢ot+ o3+

0.0592 [Ce3*]
—_ —_ o
Esystem - ECe4+,Ce3+ =E Ce*tce3t T I [Cet*]

25.1x0.1-50%0.05 25.1x0.1-50%0.05 0.01
Ce*']= + [Fe?*] = =
[ ] 50+25.1 [ ] 50+25.1 75.1

geq_ 25X0.1 247 . 25 _ 25
[Ce™]= 50+25.1 [Fe®] ~ 751 75.1M

0.0592 2.5
1 %8001

Egystem = 1.44 — =1.3V
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Redox titration methods :
1- Permanganometry

2- Dichromatometry

3- Cerimetry

4- lodometry and lodimetry

5- lodametry

6- Bromatometry

Permanganometrc Titration :

This method is based on reactions of oxidation by permanganate ion.
Oxidation may proceed in acid or in alkaline or neutral solution. When KMnO4 acts as
an oxidizing agent in acidic solution the septivalent Mn in it
reduced to Mn?* ions and a manganous salt of the acid used formed.
For example if FeSQ, is the reducing agent and if it is oxidized in the presence of H,SO,
the reaction is represented by the equation;
10FeSO4 + 2KMnO4 + 8H2S04 = 5Fe2(SO4)3 + 2MnSO4 +K2SO4 + 8H0
Or in ionic form
5Fe?* + MnOy4 + 8H* = 5Fe®* + Mn?* + 4H,0

The decrease of the valence of manganese by 5 shows that the KMnO. molecule

gains 5 electrons this is also very clear from the following equation:
MnOs + 8H* +5e = Mn? +4H,0
It follows that in this case the gram-equivalent of KMnOs is
g/eq =158.03/5 =31.61 g/eq
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during oxidation in alkaline or neutral solution the Mn" ion is reduced to Mn** with the
formation of manganese oxide MnO: in the form of a brown precipitate for example
Cr2 (SO4)3 + 2KMnO4 +8KOH = 2K2CrO4 + 2MnO; + 2K2S04 + 4H20
MnOs + 4H* + 3e = MnO> + 2H.0
Therefore in this case the gram-equivalent of KMnO:s has a different value namly
g/eq = 158.03/3 = 52.68 g/eq

A redox indicator

(Also called an oxidation-reduction indicator) is an indicator which undergoes a
definite color change at a specific electrode potential. The requirement for fast and
reversible color change means that the oxidation-reduction equilibrium for an indicator
redox system needs to be established very quickly. Therefore, only a few classes of
organic redox systems can be used for indicator purposes.
There are two common types of redox indicators:

. metal-organic complexes (Ex. phenanthroline)

« true organic redox systems (Ex. Methylene blue)
Sometimes colored inorganic oxidants or reductants (Ex. Potassium permanganate,
Potassium dichromate) are also incorrectly called redox indicators. They can’t be
classified as true redox indicators because of their irreversibility. Almost all redox
indicators with true organic redox systems involve a proton as a participant in their
electrochemical reaction. Therefore, sometimes redox indicators are also divided into

two general groups: independent or dependent on pH.

Questions:

1- What is an oxidizing agent? A reducing agent?
2- What is the Nernst equation?

3- What is the standard potential?

4- What is the redox indicator?

4- Complete and balance the following equation after adding H* OH-, or H,O as needed
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(b) - MNOs + HSO3 ——> Mn?" + SO4*

(c) - MnOs +H,S ——> Mn* + S

(d)-Al + NO3 —> AIOz + NH3

(e) - 2ClIOs + SOz = SO42 + Clz,

(f) - 2CIOs™ + H2S = SO42 + Cl2

(9)- Cu + 4HNO3 — Cu (NO3)2 + 2NO2 +2H20

5- What is the potential of a solution containing 10.0 ml of 0.1 M Fe?* with 10 mL of
0.05 M Ce** in a medium that is 1.0 M in H2SOs at all time?

RT . [CID]?-— _ _ 00592 [CI€[D]9——
_nF in [A]a[B]b— B n lOg [A]a[B]b—

Knowing that R =8.314 K'* mol* and F = faraday constant = 96485 C

6- Prove the

7- Describe the types of electrochemical cells with examples.
8- What are the types of electrochemical cells and then explain the difference between

them.
9- Determine the reaction between the following half-reaction and calculate the
corresponding cell voltage:
Cu**+2¢ = Cu Eed = +0.34V
Zn** +2e = Zn E°red = - 0.76V
10 - The element that undergoes oxidation is: H> +O, —— H20

11- The element that undergoes reduction is: N2 +3H, ——> 2NH3
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Nitrate NOs -1
Nitrite NO; -1
Chloride ,Bromide, & Iodide (Cl, Br, & I) -1
Acetate CH3COO -1
Chlorate, Bromate, & Iodate (C103, BrOs, & 103) -1
Hypochlorite Cl10 -1
Chlorite Cl10; -1
Perchlorate ClO4 -1
Hydroxyl HO -1
Cyanide CN -1
Cyanate CNO -1
Thiocyanate SCN -1
Ammonium NH4 +1
Bicarbonate HCOs -1
Carbonate COs; -2
Sulfate S04 -2
Sulfite SOs3 -2
Sulfide S -2
Thiosulfate S203 -2
Oxalate C204 -2
Chromate CrO4 -2
Dichromate Cr207 -2
Phosphate PO, -3
Phosphite PO; -3

Dr: Khitam Jaber Nabhan

& Dr: Amer Saleh Mahdi
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