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82Precipi’rc’rion - also known as the reaction quotient

To predict whether a salt at a given concentration will precipitate out, calculate the
reaction quotient Q and compare it to the Ksp

Example: HSC\ (s) ? A@*C(’ﬁ) ~+ CI_(&LZ)J kSP: & x/0'°

Q= Cf*3+:(ECI_]

Q < Ksp ; the reaction proceeds to produce more products (dissolved
ions), so more solid is able to dissolve: NO PRECIPITATION

Q > Ksp ; the reaction proceeds to produce more reactants (solid),
> so solid falls out of solution: PRECIPITATION OCCURS

¥ Q = Ksp ; the reaction is at equilibrium. PRECIPITATION IS JUST BEGINNING
Would a solution with (Ag+) = 0.014 M and (CI-) = 0.00042 M precipitate?

Q - i A9+3[(|_ 3 = (0,0|H>(0,000C{’L)E g.%(g\HO—L

10
C.56xlo" " > gy S
N > L(Sp, Co (’F*Q(\P)+a+lon ocLuvs.,




183Le Chateleir's Principle

The "common ion effect" affects the solubility of a compound in solution. The presence of
one of the ions in a salt in the solution will REDUCE THE SOLUBILITY of that salt!

Ag) Cllgy = AO*(M) + (/|’Cf»7)

Silver chloride is much less soluble in a solution of 0.1 M NaCl than it is in
distilled water. Why? The presence of CHLORIDE ION forces the

solubility equilibrium back to the left, meaning less silver chloride can
dissolve!

Solubility can also be affected by pH - depending on the acidic or basic properties of
the salf!

A second example: Salicylic acid in the characterization lab
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Calculate the solubility of AQCI (FW = 143.35 g/mol) in distilled water. Then, calculate the
solubility of AgClin 0.10 M NaCl solufion. Report both answers in parts per million (mg/L)

l\ ey = A (Mwu’(aﬂfjKgpccf;&*]fc_rjzl,h/o"" (pA-15)

For distilled wo’rer...

Seecies | CTmbial D D |LEqulibarum J Let X" equal the change in
(\ ﬂ{’ O Y% X dissolved Ag+ concentration.
C\~ O + X X
(XY = Lsx/p™"
YL, gyl0®

X = 1, OY | LU0 sh WD—S/V\T Cﬁj@: C%CI }XnmlueJ

Convert answer's units to ppm (mg/L)...

SHI02 810 ol RyCl 143,38 8,00 g | $ppm Mg
L o) frg (| V25 [in Qistilled HaO

A 1

converts mol to g converts g to mg



185Atj Cl (S) = ()15_{_[0‘1) "'CIf{ai] ) l(spz ﬁ-g‘.&'o_’m
Eﬁj*] fCl'J': L.&x1p7'°

For solubility in 0.10 M NaCl solution...

S(ch feS EIwIT o) ] A EG@"”!’B"‘]VMJ
Aj+ O + X K
()7 O.1D T+ X O.10 +¥%

() (oo +x) =1,%x D'

(X)(D.1p) =1 &y
x = 1% xi0”7M = cﬁrﬁ{j =L Qﬁuz‘x‘“"h’?‘/

~¢
|,%‘£|D ﬂ\O\ (l"bu XH3359H§(|\LW\9

j/We know that x << 0.10, 50 O \d X ~ 010

= 1-@%)5—(4 Pomn A@ () iw OI‘DMNO\C\

Compare:

mo) f\‘&“

1.9 ppm AQCl in distilled water vs

0.00026 ppm AgQClin 0.10 M NaCl

-3
I'b 9 (0.00076 Ppm)

Conclusion: The presence of a common ion greatly decreases solubility
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PH AND SOLUBILITY

t -
MSCUH)-L[() _;f mgL CO"Z,) + L OW (mcv)'JksP“—l.‘J*lo""

This compound's solubility is pH dependent. How?

* In a BASIC solution, the concentration of hydroxide ion in solution is high.
, $0 solubility is LOWER than in pure water.

* In an ACIDIC solution, we have a significant amount of hydronium, which
can react with hydroxide. This lowers the hydroxide concentration and makes
magnesium hydroxide MORE SOLUBLE

Generalizing

If a compound is BASIC, then it will be LESS SOLUBLE in basic solutions, and MORE SOLUBLE
in acidic solufions!

If a compound is ACIDIC, then it will be MORE SOLUBLE in basic solutions, and LESS SOLUBLE
in acidic solutions!

If a compound is NEUTRAL (neither acidic nor basic), then its solubility will be
UNAFFECTED by pH



