Chemistry 12

Unit V - Acid/Base II
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I) Weak Acid Equilibrium and Ka

Recall that strong acids dissociate 100% in water. For example, a 0.010M
solution of HCl will produce a [HsO*]=_(.¢/0 # __ and have a pH of

2.90 . Dissociation equation (one way):

Hce + H,0o — Hyot + (L~

Weak acids do not dissociate 100% in water, and therefore an equilibrium
forms. In fact, a weak acid, by definition, dissociates < 50% (and in
Chemistry 12, <5%). Thus, without knowing the exact percent dissociation,
it is more difficult to determine the pH of, say, a 0.010M solution of weak
acid than it is to determine that of a 0.010M solution of a strong acid. K, or
the weak acid equilibrium constant provides a means toward determining
the pH of a certain molarity of a weak acid.

Take the weak acid, HF, for exi?‘g]f; 3 /(,i " A S,

HF(aq) + H2 (f) /é'H30+(aq) + F'(aq) Ka= EF—J = EH3O4_]_'_[_F“~]

(=] [nel

Ka is a type of Keq, therefore the same rules apply.

The larger the Ka > the more the acid dissociates = the more HsO*

produced > the __ Stron gqer the acid.
Notice the Ka values __ decrecase as you go down the table
because the acids are getting progressively W ea L or

* It is interesting to note (but not examinable in Chem. 12) that the %
dissociation of a weak acid or base changes as the [acid] or [base] changes.
Using acids as an example, % dissociation increases (due to Le Chatelier) as
an acid is diluted (but Ka remains the same), thus a weak acid at a low
enough conc. can act as a strong acid. A basic rule of thumb: if [HsO*] <K,
weak acids dissociate more than ‘expected’; if [HsO*] > Ks, weak acids act
like ‘weak’ acids and dissociate very little.



Ka problems can be broken into three types.

1. Calculate the [H3O*] and/or pH given the concentration of the weak acid
or salt.

2. Calculate the concentration of the weak acid required to produce a given
pH.

3. Calculate K. given pH and the concentration of the weak acid.

Type 1

Calculate the [H3O"] in and the pH of a 0.20M solution of acetic acid.
Y -
CH,cooH + Hyo —= Hy0* + CHyCo0
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For the reaction: H2S@aq + H20Op < H3Otaq + HS g ; Calculate the [H3O*]

and pH if the [H2S] = 0.050M. *Note: Consider only the first proton of a polyprotic

acid, as the dissociation of the second proton is negligible compared to the first. This is
true for any di, tri, or polyprotic acid.

H;S + ”;0 "é__'-—:-:‘ H30* + HS-'

| 0.050M oM oM
E 0.050 -z “ ~

e

Ke: [Hyor][HsT] o )ejot e X o |
[H,Sj 0.050 ~x 0.0S0 -2 = 0.05D
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I xjo-F= =
00859
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L 0137 dastee. C pH = — log (et xioom) :[ .17 )

o) o
What is the pH of a 0.100M NH4Cl solution?
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What is the pH of a 0.81M solution of the weak acid H2C204 ? Does the
‘assumption’ hold true in this example? What is the difference in the pH
answers using/not using the ‘assumption’?

Heoop + Ho = Mot Heo,"

/ d.8)m Om g
3 - % + 1 X
£ 0.51-% * -
Ko > E_L._I-“'_‘_D_JJ_EW-L_OLJ 25 5.9, 107F. K KAssume
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Assignment 1: Hebden p. 152 #74, 75, 79, 81 .
1. Calculate the pH of a 0.50M solution of HsBOs. (answer = 4.72)
2. Calculate the pH of a 0.235M solution of NaH2PO.u. (ans. = 3.92)



Type 2
What [H2COs] would be required to produce a pH of 3.178 ?
/—/7003 + H,0 ":.:\ Hjo" + HCO E{}oj

: tmv [9{"3[%)

| z \ ] oM = [ 4374 % o7
;L -6 63+t 20”7 ‘(‘\ u 7‘ +/7 -
E X- 0.000663 %Y 6. 631~ ot v —
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E/;Cosj - | x- o oaobesiiv_fz
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—
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1]

L)

What [Fe(H20)¢**] would be required to produce a pH of 1.120 ?

huamﬁirm ' o~ (ﬁa'b"—)

Fe (Hoo) 3" + Ho = *#07 Fe (H,0)s OH™"

’ x / o e [HyD] : m/lo
¢ —0.07535% / P P (-1 )Zo>
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Type 3
Calculate the Ka of the weak acid HX if the pH of a 0.100M solution of HX is

330 HX 4 I’I 0 ) H 0., 5 X-— .
' ¥ < ) + o g |
) 010gm ] oM oM [H‘Oje;' ‘W'g(”")
¢ ’0400”2117#/ T - = 501187 v )07 Ym
/ r =
e 0.0‘)2‘”‘“;' S0l §Fx 07 m—>
2
/ga. : [”30*3 [X -] /5~Q 1187 x fD"{)
[ Hx] 0.099499

\:_Z__,_s’ x /0'6J

A 2.00M diprotic weak acid has a pH of 0.50. Calculate its Ka value. |
- + -~ |
Hz A 4 H& 0 & }{3 o 1 H#A Elso"] - IN// [,0.;7) :

' om My
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c =—D.3/623 \/ 4 f v = 0.30623m
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A 0.20M solution of a weak acid has a pH of 1.32. Using calculations,
identify the acid.

HA + Hoo =— H,07+ A~ Ho0' [ 2 v lon (-1.32
<~ 3 Ny [3 ]ﬁ/ mv)j( / 7_)

/ OKZBM ".\ . DM - 0 DL'J?‘.‘?(‘:? M
¢ -0.047863 | ‘7 s g
/\ N N
£ 00524 M | ).047 963 M
+ - .:"r. v
K, - [Hgo ] [A ] (0.043%3) G v 10"

[Hﬁ] 0'1‘52/4 D (,’_‘QUL PHURoUS AcID \

| H, S0, )/

/
K "I

Assignment 2: Hebden p. 152 #76,77, 78, 80, 82
Also do:

1. A 0.100M solution of an unknown acid HX, has a pH = 1.414. What is the
Ka for HX? (answer = 2.4 x 10?)

2. Red blood cells undergo "hemolysis" (rupture of the cell walls) at a pH of
3.00. In an effort to cause the minimum damage to the cell contents, a
biochemist added acetic acid to 100 mL of a suspension of red blood cells
in blood plasma in an effort to gently rupture the cell walls. What mass
of acetic acid was required? (For answer, see p. 152-3 #83)

3. An acid is known to be either iodic, acetic, or benzoic. A 0.200M solution

was found to have a pH of 2.44. Use calculations to identify the acid.

(answer — Benzoic acid).

fd?n/\% 1 -



IT) Weak Base Equilibrium and Kb

Strong bases dissociate 100% in solution whereas weak bases do not
(analogous to the acid discussion earlier, except that low soluble alkaline
earth metal hydroxides are unable to create relatively high pH values, even
though they are considered strong bases). Weak base problems can be
solved using the Kb constant, which is analogous to Ka and is also a type of
Keq value.

*Remember: Weak bases are on the right-hand side of the A/B table in the
middle section (unshaded region).

The higher the Ky - the _ STK0o~GER. the base, meaning it accepts

A PRoTON / H? > from water to a greater extent, thereby producing more
OH" ions.

Consider the weak base nitrite:
NO2@ag + H20g < HNOz2@ag + OHqag)

- [roe)Con]

(o,
Relationship of Kw, Ka, and Kb for a Conjugate Acid-Base Pair

Ki x Ko = Kw Kw =1x 10'14 at 25°C

Proof using nitrite and nitrous acid (conjugate pairs):
N T s s BV 0 |
TH’N OJ ) Kb ( 3 fMo
777
K koo KT
LMUT rLH O*f [HMU]C)H | _ EH30+3[OHZ
U””\J Ou LW J \/}
Lt



4)

leo""’ [ xio”
) Ko - 7.5 % 1o LEL:J W) K e

The acid-base table only lists Ka values for the acids. To get the Kv value for
the conjugate base, you must divide the Kw by the Ka of the conjugate acid.

Determine Ky

2 /< fo

-1y

KQ/HSD.[) - .2x (07% ~

Determine K» of HCOs-.

kb ) K. [ x /D""

e ——

Kaltheo) = 4.3x)077

Determine the Kb» values of the following;:
a) NHs b) HPO# c) H2POs d) HC20«

] x 107" 7
/(b : s.én/oﬁ"" :m’gj

[55-107" ]

2.3 x /o"j
Ix)0-"
L) Ky - 62x/p°%
v

. 2- -\ e
of the weak base SO, — " And 5‘9?‘ = _3;43:_5 cf.(._“'f_"""
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Types of K» Problems

1. Calculate [OH ]} and pH (or pOH) given the concentration of a weak base.
2. Calculate the concentration of a weak base given the pH of a solution.

3. Calculate Kb given the concentration of a weak base and pH.

Type 1
Calculate the [OH-] and pH for a 0.25M solution of the weak base HCOO:-.

HC00™ + H,0 == OH- + HCooH K- 127

[.§x (0
l0ze M o g - 5.5554x107"
C -z \/ 4+ x + X
€ 025-% / > z
028 - X
2 H assumil
D_”_M] = cepsexi0 = X - 02%
Cheoo j ) }Ofsﬂz
g.’\__,—“\_‘_,—-*—— 5 Ss-sé [Tk = -
) % dissoc. = R R0 ) ooN‘W 02< _
9.2¢ 6 . r -6,
\ AsSumPTIoN vm,n;'_ T Jé: DH' = '3.1263"") M = |57 x to M___‘
| 7 TpoH = - log (33WEx107E) = S.2¥F 5 pH = |¥.53 !

Calculate the pH of a 0.100M solution of C204> . ~
4;0\,;' + H,,O - OH + HC&DY k\v > "“O-N

I 0.lop M ‘." oM oM 1
¢ —x }'.f_ LA *T = |.5b25 x 107°
¢ 0.0v0-Xx /) A x

i/ - p.100 -~ X
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Asf gnment3 ebden p. 153-154 #85 88, 90, 92

1



Type 2
A solution of NOz has a pH of 8.900. Calculate the [NO2] that created this

pH value. ) K _,_x 1o-'¥

No,” + H, 0 —= OH™ + HNo, YT %6 0
| x '\\ . ow K, = 2.1%39 « 107" |
C r?.ﬂ%Son'j/ 1 /t/q - e |

f o4 299530t |l = o (-s.aoo)
E X-7.9433 %10 % mgu ot

K - [l 20339 lo™ = (7.9¢33 < 10°)"

[:/O,'j Z- 7.7:/33"/0"
Z-0.0000079433 = 2.3_07"{’

x- (N0, J; | 2.9m |

A solution of ammonia, NHs, has a pH of 10.50. Calculate the [NH3] at

equilibrium in the solution. o
R R
! o o 3853 w1078
C + T )"' _ = =
E 2 3‘1625;:(9""————5) GH ']‘1«: *“U‘,j (‘3-5_0)

= 31623 %107 m
K- [ov][nmy = 78575107 = @g{i;’o"”z

[nn,]

- >
kc - 0.0056 M = EMH{LJ
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Type 3
A 0.44M solution of the weak base B- has a pH of 11.12. Calculate the Kb for
this base, and the K. for the conjugate acid, HB at 25°C.

B~ + H.0 == On + H& [ony - Jnly (-1.95

-/ M |
044 m 0 /3133,.;0 M
¢ —0.0013183 / + 7\ ""
e 0.43869 | 31835 Jo7m —

/ ' bj / ’
k;. E_O”—j[__%_f (1.3193 « /0'3)2 ST IR
—es e A2 L =/(740></D /

16:,1 . 43868 )

A 0.25M solution of benzyl amine, C-H7NH>, has a pH of 11.38. Calculate
the Kv of benzyl amine. (Benzyl amine is a weak base).

CoHaNH, + H,0 == OH™ + (3 Hy NH

| D25 m | O M 0 M BH%:;WZIDZ )

_ \ N ‘. by
¢ -owisy [ - W S
E 09I m I 2.2998 % 1073 ——— 0.

3
OH Cqa Ha NU.? (23‘)X$xl0)
. [M])':? . Bj' - Wre 23x/o‘§/
ﬁ? H?’ 'Juyj s L,.-/f—’/

Assignment 4: Hebden p. 153/154 #84, 86, 87, 89, 91, 93

/4)&/1% L I8



ITI) Writing Molecular, Complete Ionic, and Net Ionic Equations for
Acid/Base Reactions

* In Chemistry 12, we will not deal with net ionic equations involving
polyprotic acids EXCEPT when the reaction is a STRONG ACID-STRONG
BASE. This is because within this curriculum, net ionic equations involve
the transfer of one proton only.

1. Strong Acid/Strong Base (Neutralization):
HCl @9 + NaOH g = [5{;’5 gl? 5 Hz {2{@, (molecular)

) i . . . KA Peat as
g, L No*+ OH > Nat+ (8 + /.,lPO{e)(compl.lomc) alon! 5:%4,,

H+ y OH & ngo(e) (net ionic)
¥ /k_—(//(/ S'r'ﬁaouc-,—-—.s-rpoue:r‘/

2. Strong Acid/Weak Base:
HCl g + NaCN @g =2 4w{»s)+ H C’\J{/,,)(molecular)

(7“ Y Nots+CN™> Nat+ (0 + HétJ (compl. ionic)
Y ] ) " '
(e acid = '“‘C/’:w&.-simw )
H TrONT S HCf\/ (net ionic)

3. Weak Acid/Strong Base:
HF (a9 + KOH a9 > K F{af,) + /*/1,0‘/{1 (molecular)

’L{L,f )+ K*+ OH > K"L v F 4 HPO (compl. ionic)
finsk acis #Ff OH & F o+ #7/0 (net ionic)

14



4, Weak Acid/Weak Base: i 1\/
HF(ag) + NaCN@g -2 /\/ /8 F@,w HC (s) (molecular)

HF + Na* g 6/\/' - /\/a’L-r F o+ HCr\/ (compl. ionic)

HF+ CN™ & F 7+ Hend (et ionic)

HINT (prior to Assignment 5): NH«OHq does NOT exist!!! It
decomposes to NH3 and H20 immediately...see #6 below.

Assignment 5
Write Molecular (Formulae), Complete Ionic, and Net Ionic Equations for

the following Acid/Base reactions (Use a separate sheet of paper, if need
be):
1. HClOsap + KOHay > KU Oy + H,0

HY + €00y v K* v O™ ——> K7+ (g0, + H,0
HT + OH™ > H,O

2. HBraug + NaCHsCOO w0 >~ Na Br + CHy COOH |

HY + B+ Na¥ s CHy o0~ —— Na*+By™ + CHyCooH

B+ CHytoo- —= (CHycooH

—
3. HCOOH g + LiOHwgp > [; HCOO + H, O

HCooH + Lit+ OH™ —— Li7 + HCoo™ + H,O
HcooH + OH- — Hcoo™ + H. O

&

4a. HI a9 + NH3 g => !\/HL} I
B 17 s NH, — NHy™+ T

H+* NH3 _?r:;\ NH‘F+

15



4b. HCN g + NHswp > N Hy N
HCN + NHy —> NHyt + CNT
HeN + NHy == NHyt + CNT
5. St(OH):2w9 ZHNOseo > S (""79>, + 2H, 0
Srft+ 20HT+ 2H*, ZNO,” ——> S, 7, ZNo, T+ 2H,
Z/ H v YoHT — ZH,0 - S
6. Naoﬁ<aq> + NHiClag > Aot + N Hy OH
Nat + O™ + Ny s (87 —s Nat+ (R + NH, +#,0
OH™ + NHy? —= NMNH; + H,0O

You can make up your own examples as well; except, stay away from
polyprotic acids unless the rxn is STRONG-STRONG.

IV) Hydrolysis

When an acid reacts with a strong hydroxide base, it is called a

NeEYTRALIZAT 1on] reaction, and the products are
SALT and W ATE R
@ E@viv FT.
ZHBr + CaOHy = Cabr, -« 2, O NeUTRA . p H
*"’:5 S‘fvomj
CHsCOOH + KOH = K(H, o0 + HO BASIC pH
weo b 6%&3

When a strong acid reacts with a base that does not contain hydroxide, it is
still a neutralization reaction, however the only product is a weak acid, or a
salt that hydrolyzes acidically. —

HCl+CN- = HcnN +¢L™ or HCl + NH: = NWC@ — /\/,L,sz.pca‘
el 7 |

" &
w “-0( 4 ;_,f t :g-fvb"—'

&;C' ’ oL ' 16
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The salts that are produced can be soluble or insoluble. The insoluble salts
will form a solid and precipitate out of solution. The soluble salts will
remain as cations and anions and may react with water in a process called
hydrolysis, causing the resulting solution to be acidic, basic, or neutral.

The ions that make up the salts produced from the neutralization reactions
may or may not undergo hydrolysis. Here are the guidelines:

1.4) Co.,\)uaa,\-g boases of STRouG acids do net wnderso basic
6; @™, 7, BT, oy, No,” , HS O™ Lv]olﬂ[-fr'%
b) C;ndnbak ocids of STROMG kbases do not u.w:l.zrao a.c\;o:;h’q(
la" OH™, NHD/ Na"'ﬁ L;.l! K+/ CAH/ Mﬁhl‘ Be’hr ete s |
(ama, od kali /al(wbu, cantl. Cation)

2 Weale acids w«ourao ‘lzu,’al/oh,,sig —+to -Froo(.uce H’z,O:
%\uebj Crewhing - an ALpIC Soluwkom .

3. Weade bases (,wwtcfao lzua,g(/ohjcfg ‘o (>roob~ce.~ OH"f
%&b-? Creatng o BAsic <o huhs o |

e

Predict whether the following salt solutions will be acidic, basic, or neutral.

KCl — K* + &~
K* dves wnot hw‘dlfol-,%& (Col:)“ acd of shoﬁ bace.).
CL™ does wot lytd.”u”c (cow')- base of Stveny acid ),
" gepluh e it NEVTRAL .
NHiNOs ——> Nyt + MO:; )
Nyt hyolrolyzes AO\b\mx,y: NHy'+ H,0 ;’_AlHSO*]* N,

NO;™ does wnot lu(d.volv.}g(, (covx\}- base of stv. 46&0{).
soluten e AcidrC .

e e — -
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Na:CO; —> 7 Nat + C@;'
/\/ﬁ" does not Mdtotm/y;c. /cru'J. acid 0-/ S'/'ray basc),

(057" 1470(/0/7;“ 'Bﬂsn'.‘ﬁwy : Lo+ Hyo = JoH 'l»f HCo,”
. '« BAsic (akaline)
NaHSOs —> Na* + HSO,”

’

SO!M‘HW

Na(’ does M't } 0(#0!7:{. (m\,~ao«'d of sfr, base ).
Hso,” is AMP-HIPQD’TTC = /7 olazes both ﬂC/DICﬁLu7
? ol B ;cM,LV/,
Koz l.oxio™?

Asidically ; Hso,” + H,0 == Hy0*+ S0~ o |
Basically : Hso,” + H:0 = OH ™+ H,50, Kp ’z/'(('%/:gp’) -‘%,%’5 2 6Fxf"
KHCOs —> K*+ HCOD;3” Ka> Ky (/gzli
K* dees not drv/7wr /MAJ, acid of SH. b‘SC) N
HCo,™ s AmPH I PRONC —2 917?{/3 ﬂf?'wbbyﬂ%’ﬂwﬁ
feidicatty: HCO) + MO = H,o*+ (07 Kis S.Ax(o",'uo_w '
Busicall: HCDT + Hyo = OH™+ H.Co, K- ELien) = eI
Ky > Ka .- Bﬁ@ﬁ@@ = 2.3x1077
NHNO: —» NHy* + NO°7
N Hy ¥ Mo(ml7+o; Acmcﬂu,y ;o ONH e Ho == tho? + NHy
2z 5.6 x107?

- : ) . — -
NO,™  hydlrolyaes BAspc.qu, No,” + H,o — OH™+ HN O,

oo Tiome] e T

| " Kafrinio,) = Fexi07f
AI(NO2)s —> A(3+ */L?)OJ
U by Aeriemndy - AL(Ko)"2Ho = HariMihor
| 7 Koz |4 <1075
N, Wadﬂol‘]im BA$IOM/M7: No,” + H,0 = DH™ + HND,

K _ [x 10-"Y
b Yaxiot”

| K? K, (b,’ 3,“4,” Hoann o facter 4

= 220007




Summary of Possibilities:

/\/UH\M ca/yt'nm nov  Ou O }7%0!7,;{5.:) /\/@%

Cﬂ/‘he’v\ dnro (b’??'f,‘;'. oL-C-a'o(/r'Ca. tf-fc—’_ 3 O & %&65 M'/
&uad,ro(? —> "ACD 1C saft. e
&d‘fw doecs not hﬁd/n» /7?\»; ) AL O WL?B""S
basica L’[«y => PASIC call
BPoHe  cart s /A.c-/u{r'c‘a-éé;/) an A anie /éus/cw&?)
}M;deﬂ Z ,:L;,')—bt =2 (e pore Ka .,;.L, Kb‘ |
L,MM NAoe 3 net e d{ro{'ck.-:}a 5 luniere IS Mf[vf]?ra‘/ﬁc:é‘;
Lo Pour e Ka 42 K,
(oo }/b? Arol 9a€s  aefolrca iu;[ , Ao (s cwwf lvff‘ro e

/
=2 1V [ves LoncewTra el z?.c.‘,r Vj 1(,44 0w L

Assignment 6: Hydrolysis Exercises

1. Write the hydrolysis (if any) reaction(s) occurring when the following
salts are added to water and predict whether the resulting solution will be
acidic, basic, or neutral.

a) NazSOs b) K2SOs ¢) LIHCOs d) LiBr e) Na2HPO:s f) NaNO:z

g) AI(NOs)s h) NH4CI i) CaF: j) NH«CH:COO k) Al(SO4)s

DHNH4Br m) NasPOs

2. Calculate the pH of a 0.20M KCN solution.
3. The salt AB contains the ions A* and B-. A* acts as an acid in aqueous
solution while B- acts as a base. Explain how it is possible for a solution

AB to have a pH less than 7.

4. Calculate the pH of a 0.40M NaCHsCOO solution.

19



5. In a titration, which of the following combinations would result in an
equivalence point with pH greater than 7.0 ?

A. HCl and NaOH

B. HNOs and NHs

C. HBr and NaCH3COO

D. CHsCOOH and NaOH
Also: p.148 #71-73 (and #69 d, £-j; #70 b-h, j — for extra practlce only)

—4Qviz 2 -

V) Acid-Base Indicators
Acid-Base indicators are used to signal the equivalence point (where moles
of HsO* = moles of OH-) during an acid-base titration by changing the colour
of the solution in the flask/beaker. They can also be used to determine the
pH range of a particular solution.

An indicator is a mixture of a weak organic acid, HIn, and its conjugate
base, In’, at equilibrium. The acid form of the indicator is a different colour
than the conjugate base form, which is why these chemicals are so usable in
determining pH changes etc. The following is the general equilibrium for
any acid-base indicator:

HIn + H2O < In- + H30O*
b]@{low ’b!ud,

Supbose HlIn creates a yellow solution while the In- creates a blue solution.

If a few drops of indicator are added to a flask containing a stronger acid (ie.
an acid with a higher [H30*] than the indicator), the above equilibrium will
shift _ (€&~ T , thereby favouring HIn over In- and producing a
VELLOW 1SH ' colour,
(
In a basic (or weaker acidic) solution, the [H3O*] of the solution is lower than

that of the mdlcator thereby causing a shift K (&H T, producing a
'‘BLuvisH’ colour.

\
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ASSIGNMENT & HYDPROLYS|S EXERCSES

‘ a) Na;$03 — 2Nat + S0, .
So.% —_ z
05 +H,0 € HSO,” +OH™ & BAsic
b) K50, — 2Kt+SoM
5057" +H, O HSo™ +oH~ L BASIC

<) LiHCO, — Li* + Heoy™
HCOJ- + HLO =2 C.03 T 4 H‘;Of KA': s.éX\O' u
HCO; +H - 5
3 tHO=  Hy(o,+0H- K, = lexl Y . 2.2x0-8

4.0
Kb ?Ka GO BA’S (C.

d) LiBr = LiT + B
s NEUTRAL
e_,> NQQ_HPOQ — 2dat + HPOI{.‘Z_ _
. HPOY + H,0 = Poy3 + Hpot  Ka= 2.2xlo™"3
HPOY +Hi0 = H POy +OH- Ky= LOXED o (g 0r?
Ki 7 Ka - BAsIc Feree
£) NaNOo, = Na*+ Nog
NO, + H, 0 = HNO, +tOR™ iBas\c

q) AllNoy), —> AI* + 3n05
M(H,0),* +H,0 = Al(0% (00" + Hy0*
S Aublc

) NHyCl = NHyt + CI™
NHyt + Ho = NHg + H0*
S AUDI(C
() CaF,— Ca®* +2F"
‘ F7+ 1,0 = HF + OH"~
~ BASIC



J) NH,‘(CH:sCoO—# NHy" + CHyto0™
NHy* +H,0 = NH3 + H30% Ka= 5.6xi07°
CH3 (00 4+ HeO T CHyCoOH + OR™ K;.=M—-2 = §.6x|0™'°

L®d»io"S
Vo= Ky, *+ NEUTRAL

K) All(SOO; — 2A|3+ + 350'1.7'-
ALCH0)* + Ho = Al(H0)cLoR) ™ 4 Hzot Ka= L% 107
. $0‘{L- +H,0 = HSOy™ + ©oH~ K = ‘lo':;f-'—l 8 2 x 1013
a7 Ko - Acpic

H/)l Fes 83 —> 2Fe? + 387

\ / 1
H qu HZ‘O“'&' H§ + OH“ < NOT ot Al TABLE
oP}’,l’T RUESTIoN

'

;@) NHq@r'* NHyF + Br™

NHQ++HZO -< NH 4 H;o-*
& ACDle

m) NazPoy = 3Nat + Poy*”
Pog* +Ho = HPO1 + OH~
2 BASIC

ch—-a KP4 ONT ¥ 1008 dissoc. due to abkali wmutel o St Chtnw)

0.20M g.iemn
CN- + H,0 = HCN+ OH™  Letx=A0oH]
i 0.20 o ° = Comwd® K= Loxto™ g oyyio®
c -t 47 +x Cen-] A x107°
e 0.1W-x pla x

2

2.otst10"= 0—%{;‘% Assume 0.20-% £ 0.10

z* 2 = A[(z.oquo-f) (0.20)

- =
2.01 %10 0.20

z = 2.02x(073
[oH-]=2.02x107*M
POH = 2.419

pH ° (1.3

—



2) AB — A" 4 BT
FH<’?— 16 AN ACADlc SoLUT(on

m A HY Plouyzes AUDICALLY AND B™ HRYPLoLylES
BASLCALY. BUT Ka of A > |4 o B”
5o sowTieN 15 Aubic anD pHLHE

"l‘) NaCH; (00 —* Nat + CHy(00™

Let x = ATom-]
CHy (0D ™ + H,0 = ChHyteor +owH” N
T 0.4o0 o o Vo= Con-J 2 l.oxio-*Y
c = rx = tm;(oo‘j \ .ﬁxto"
¢ odo-* x * = 5.5bxi0™?
ir B
10 o ¢ Yo- 2 0.40
5.5 xto e Assune qu x
x* |
. G.Sexte™® = T - = | (s-56xio=)(0-40)
x= L4qxi0”
[on] = |49 xto™" M
POH = 4.83
PH = 7. l?
5) D



eg: What colour will Orange IV be when placed into a solution with pH 3.5?

Hin ¢+ Ha0 =2 )n™ + Hy0?  RANGE = pH (4728

RED yaww //fw/r-r’{‘m» 35}
So0... ORANGE IV is being placeod ints @ Sofutipm wifh
a Lowek EH30‘:'j_ Shift will foa R/QHT

[0yt =y [Wdd [T [ Selahion Fone
5&){& l\ﬁz‘(‘:;bga_w_
During a titration, pH is constantly changing as base is being added toacid
(or vice versa). If an indicator is present, it will undergo a colour change at a
certain point due to the change in [HsO*] which causes the indicator
equilibrium to shift as the titration proceeds.

When base is added to an acidic solution (which is yellow in our example),
eventually [HIn] = [In-] (mol HIn = mol In), and the solution will turn

Pe’/ Lect ' areev aswe have equal moles of yellow and blue coloured
n}dlcator ff any more base is added, the solution will turn
BLUISH’

The point at which [HIn] = [In] is called the ENDPO/NTor

Teins)Ton] PoraJT . ltisalso defined as the point at which the
‘perfect’ intermediate colour is observed (and the ‘halfway’ point of the pH
ranges provided on the Indicator Data Table).

This point occurs at different pHs for different indicators.

It is very important to be able to distinguish between the two terms,
equivalence point and endpoint. The equivalence point is the point in the
titration where moles of HsO*= moles of OH-. The endpoint is the point in
the titration where the colour of the indicator changes (ie. where moles HIn
equals moles In). If the indicator is chosen correctly, it will change the
colour of the solution at or near the equivalence point.
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The Chemistry 12 Data Booklet has a table called Acid-Base Indicators. It
shows the pH ranges at which different indicators change colour. Most
indicators change colour over a range of about 2 pH units. For example,
Bromthymol Blue is yellow at pH 6.0 and blue at pH 7.6. Thus, the endpoint
is in the middle of the range (pH 6.8) and is a perfect combination of the two

colours - green.

Assignment 7: Indicator Exercises

1. A weak acid is titrated with a strong base using the indicator
phenolphthalein to detect the endpoint. What is the approximate pH at the

transition point? , \
A. 70 B. 80 / C. 90 .ﬁ' D. 10.0

?’}f'w»uéf!vk‘;"wéia wy(_, : g 2 - /O

Cofove less }Pmy“;,

2. Which of the following indicators is red at pH 13 ?
A Orange v .Y ¥2.% fué W
B /Alizarin Yellow 10. | \;-,‘:-'/'2 O/ —» red

C Indigo Carmine |/, ¢ —(";30 ) — jé,{jh_w.

"\ Frans 't pt
pH= 71

D. ThyrI_l?l Blue ¥ o -9 —> blue
t
. 0(/&?0 W
f'/i‘ﬂ -}wk’
(%7
W \f/wn’,i
3. What colour is a 1 x 10® M NaOH solution containing the indicator
Neutral Red?
NeOH — Nst + OH™
D.ool s 0.00! 4!
p Ok = =1en | 0&0;»4} : 5.0
i J



Recall that the general equilibrium equation for an indicator is as follows:
HIn + HOg < In- + H3O*

Write the Kaequation for the above:

K= [n][Hy0" ]
Ciin]

At the endpoint, [HIn] = [In‘], and therefore...

k- (W] [Hol |
C[H] (0]

Therefore, at the endpoint (time of colour change to “perfect’ colour), the
[H3O*] equals the value of the Ka for the indicator.
If Ka = [H30*] and pH = -log [H30O"], then pH = -log Ka

OR pH =pK.

Assignment 8: More Indicator Exercises

1. Which of the following chemical indicators has a Ka=2.5x10°?

A. methyl orange Assume ENDPoINT so “Hhat Ka= ﬁ.t_,,oﬂ
B. phenolphthalein K. = o H ot ENDPOINT
C. thymolphthalein F F

e

LA QML

Lvromcresol green - lgij ( 2.5 x 107% > = SLEO e ’j_-‘;g,{:f;".;&ﬁ?, -\_.({??"

c;-ww L

2. Find the Ka of Alizarin Yellow. Assunm Mpg int . / pl"/ & Mf'f < ,ola)
Erdpt. pH= 125 =phj javlog (~11.05) = ‘@

3. Read p. 161 (bottom) and 162 on Universal Indicators
Hebden p. 162 #108-112 and p. 163 #114-118 (Try 120)
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VI) Buffers

Buffers are acid-base equilibrium systems that can maintain an almost

constant pH when acid or base is added. Our blood contains a buffer |

system using bicarbonate/carbonic acid to maintain a steady pH. ) Ky B8

Blood buffering system; . . 4 }-{'4 b teed /

4 . - X A £ »
£0, + 1,0 40H (= HiCOs +OH™ = HCO + HO |
blesd pH % 79 Co, olisselves in plass
\ A¥ % 23% as HbCo, ‘
R Pl ad 4070 @as HCOS-
Buffers are madeupof EQUAL (67 wtar €4ual |  concentrations
of a WEAK ACID and its CONJUGATE BASE. A ‘perfect’ buffer has equal

concentrations.

Two Hydrolysis reactions occur simultaneously within a buffer system:

Acidic hydrolysis: |
HSOs + H:O & SOs> + HsO*
2.0M 2.0M <<2.0M

Basic hydrolysis
SOs* + H2O < HSOs + OH-
2.0M 2.0M <<2.0M

In order to make a buffer like the equilibrium shown above, why can't 2.0 M
HSOs simply be added directly to water?

#503' € a  weak acid and  will wl7 Arssociate.

<5% . AT BesT, [Hso, [:[s02] = 20:)

not ¢7m\j 1 COME,
fo be! an ehecibnt bafir.

So, one must add NaHSO:s to water and then add extra SOs* in the form of a

soluble salt (Na2SQ0s) to make the [HSOs] and [SOs*] equal. As well, [HsO*]
and [OH-] will be comparatively low as only a very small amount is
produced by reacting HSOs and SOs* respectively with water.
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How a Buffer Works

The key to a functional buffer is the large, equal (or near equal)
concentrations of a weak acid and its conjugate base. The weak acid is
present to buffer any ‘contaminant’ OH- that may come in contact with the
buffered solution. The conjugate base is present to buffer any ‘contaminant’
HsO* that may come in contact with the buffered solution.

Remember that pH is dependent on only two substances: HsO* and OH-. A
buffer reacts with and depletes any added HsO* and OH, thereby keeping
the pH very close to (but not the same as) the original value.

Scenarios (assume ‘perfect’ buffer):
Contaminant acid:
If HsO"is added to our HSOs- / SOs? buffer, it will react with SOs?, causmg a
shift to the left of the acid hydrolysis equilibrium:
HSOs + HO0 < SO3* + HO*

(:uo*jTJ, 1 (o tite) (S02)-4 =4 [Msof-t=1

lméfe«"‘) lFH 3‘ ,,a t.}! ]

or, viewed in a different way, it will cause a shift to the right of the base
hydrolysis equilibrium:
SOs% + H20 & HSOs + OH- (base hydrolysis)

Dot 11 = Dow T4t =4 fo ) (507 T-4 -4 B’f’w}’r .

}M%tﬂﬁ

Not all of the H3O* added will directly affect pH (thanks to LeChatelier’s
Principle), so the pH will only slightly lower. If too much HsO* is added, the
buffer will eventually collapse as all moles of the SOs* (which is the source
of OH-) will be used up.
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Contaminant base:
If OH: is added to our buffer, we can view its effect in two ways (each of
which producing the same result => a slight increase in pH)

SOs% + H20 <& HSOs + OH:- (base hydrolysis)
Lovr] =T Doy I =M (hso l-d=y pH T s lightly

shift ®
(outerny)
OR... HSOs + H2O < 503 + Hs0" (acid hydrolysis)
LH:0] i”?\ =¥ [hsoy Tl=4 [sop =1 pH T s Uf‘“}
switt(®) D

v feginh )
{ puires ..} d

Not all of the OH- added will directly affect pH (LeChatelier), thus the pH
will rise only slightly. If too much OH- is added, all moles of HSOs (source
of H3O) will be used up and the buffer will collapse.

Diluting a Buffer

Take the example used previously:
HSOs + H0 & SOs* + HsO*
20M 2.0M  ~0.05M

Adding water to the above equilibrium system will cause each
concentration to __ Aeerease. . But we still have a buffer
possessing the exact same buffering capabilities because we still have the
same original amount of moles of each of the weak acid and base. So, buffer
capacity is still the same after dilution.

A buffer’s capacity, therefore, depends upon how the buffer was originally
produced with respect to the amount of moles of conjugate acid and base.
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Acidic, Basic, and Neutral Buffers

Each buffer system has a unique pH that it buffers. The pH can be found by
using Ka. For example:

HSOs + H20 < SOs% + H3O* -- therefore, a ‘perfect’ buffer...
2.0M 2.0M v. small

Ka = [SO2][H:O*] = (2.0)[HsO'] = [HsO] ...if ‘perfect’ buffer...
[HSOs7] (2.0)

For HSOs:
Ka = 1.0x 107 = [H30%]

Therefore: pH of HSOs/SOs? buffer system = - log [H3O"]

= -log (1.0 x 107)

= 7.00 (neutral buffer)
Wouldn’t Ka change with different [acids]? ___ A/ O

The higher [acid], the higher [conjugate base] - in order to maintain the
‘perfect’ buffer. The increase in [HzO"] is offset by the increase in [OH]; Ka
remains same.

Also, only a TEMPERATURE change alters Ka!

The example used above is a neutral buffer because the Ka of HSOs' is
1.0 x 107 and therefore has a buffer pH of 7.00.

In fact: Ka (HSO3") = Kb (SO3%)
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Weak acids that have Ka values greater than 1.0 x 107 have a buffer pH in the
acidic region, and weak acids that have Ka values less than 1.0 x 107, have a
buffer pH in the basic region.

CH3COOH + H20 < CHsCOO- + HsO*
1.0M 1.0M v. small

Ka=1.8 x 10° = [H30"] therefore pH = -log (1.8 x 10-°) =4.74
Therefore, acetic acid/acetate creates an acidic buffer.

HCN + H20 < CN- + H3O*
1.0M 1.0M v.small

Ka=4.9 x 100 = [H30O"] therefore pH = -log (4.9 x 101°) =9.31
Therefore, hydrocyanic acid/cyanate creates a basic buffer.
Assignment 9: Buffer Exercises

1. What is the buffering pH in your blood? The weak acid is carbonic acid
(H2COs) and the conjugate base is bicarbonate (HCOs").

Hebden p. 181 -182 #131-140

Read Hebden p. 182-183 Buffers in Biological Systems (Try #141-143)

() K (H, w) room demp, = Y3< 1077
pH of coom dewp blscd <> 637 (if Ko+ [iyo7] (e pertecd but-)

& K (ﬁ 605) bm} “"’“/ . 79x /07

pH of Aaot?wf blood = §.10 (a,w il 'f»aﬁcf'iu%«)

Bur, pH of blood = 3.4
wnf o [HCo, T > [Hicos | o weve OHT o Hy0!

(+ bloogl
H\M/\r\a,wé \ (A"’ oumo( ‘(V\c:foubo ,\ca,uﬂ, DY \:}a(,ura 'Mtl{-w;- 28
meve acids “thaw bases. Blood is y m‘:&j v Yt .



how A BuFFeR WoRKS [ Quutidetive)

éH COOH + H o *i“"‘ #35)+ + L,f"f{ Co0
[.OM /-OM

¥ a ”PQK‘%T” deaAdic é?ut%ff i K. - [;/3017 - Pf/:‘-/:?f—l-

/;SS'dme: we hawve .06 oF 73 putiered soluPen
awod we add  100.0 ml of 2,0 M HEL.

Pler fdd bow :  mol H,0" addet = MY/ - /Zam)/amam.) dZomw

mol 5# COO™ betrre = MY/ - (am)(/ oL) = /o’mz

CHytooT
mol CH, CéD fhr |
Hoéf ;MM;L, = 1O= 0.20ml = aaovﬁo/iﬁ%ﬁ

CH, Coo™ [, - M/ . 80 wl
1;5 jf ———\/;—i;%*?"f”: 0.42F M

mol CH,COOH betore = MV = (!i-OM}({‘{.Oé:F 1O w/

é#}dOﬁM;
0 CH COOH #6/ _ o ) |

V:flw ao(o(lﬁj'h, = [0+ U.Z)»wf {7 mol C#ﬂf

o
hCooH], = =t Lo 4 o

. gL UM Ckcook

Ktx' E,H OOJ[H Oj = [oﬁ wm (l‘B 10-5)("0‘1“)

o) Chcer] ~ Tam w

= 23107 M

FH{ = - log (2.}x IO“S) = 457 (p.” down by 04T ONLy>

Wethewt budler : Rdd toowi o€ 20M HU 4 | | warer (pH 3’)
V\,(Ol LJ,.50+ - MV = 0.100 weo H?)O"'

B Foeod
T sl g 2ABOmel g9 it =y ol o F 4“":' L6



VII) Acid/Base Titration Curves

A standard titration curve plots Volume of Base (or Acid) added from the
burette on the x axis versus pH on the y axis.

Strong Acid/Strong Base Titration Curve

v

0:00
Velume eff Addec (mlL)

Notice the general shape of a titration curve. The pH rises very slowly at
the start of the titration, and then very drastically in the middle region, and
then very slowly again at the end. This is because pH is a logarithmic
function.

For example, to change from a pH 2 to pH 3, [HsO*] must change from
0.01M to 0.001M. This will take a significant amount of [OH] from the
burette, much more that changing pH from 6 to 7 ([HsO*] goes from 0.000
001M to 0.000 000 1M).
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TITRAT 1o CURVE S
ExXPLANATION

) \.mLofOI M (el 1) B i Flasle. 0.0M NaOH 1w burelle.
]\/OLUME NaOH: Moles of G‘m«kx FH 4 siidiag

o Cnﬂw;h/ oH") o flod
O mL 0.00mo! Hy0* 1

| wmiL 0.0009 mo! Hy0% 1.09
2 mbL o wl k0% -
dmL wml Hypot

Twml mol Hy0*

5wl mol H; 0% -
bwmlb __ wol W0

F wmb wol H50*

8 wl ———— wmal 0!

1wl ol Hy0F -
10wl vl HBO*/OH' -
W ul Wl OH

12wl ol OR™

5wl mol OH™ e
tul mol OW )

l".; “b ol OH™ o
20 mlL Mol OH™




One must add NaHSO:s to water and then add extra SO3% in the form
of a salt solution (Na2SOs) to make the [HSOs] and [SOs*] equal. As
well, [HsO'] and [OH| will be comparatively low as only a very small
amount is produced by reacting HSOs  and SOs? respectively with
water. Now you have a buffer system.

How a Buffer Works

The key to a functional buffer is the large (compared to [H3O*] and
[OH]), equal concentrations of a weak acid and its conjugate base.
The weak acid is there in large amounts to react with any OH- added
to the buffer. The conjugate base is there in large amounts to react
with any HsO* added to the buffer.

Remember that pH is dependent on only two substances: H3O* and
OH-. A buffer reacts with and depletes any added HsO* and OH,,
thereby keeping the pH close to the original value.

If HsO+is added to our HSOs / SOs? buffer, it will react with SOs%,
causing a shift to the left:
HSOs + H20 < SOs> + HsO*
(o f T4 =T 5 T3y o] 1 pH 4 Sligntly. X wol o 'rc.lut '
a :
budler {skidd) bu e eeey wt e

Not all of the HsO* added will directly affect pH (LeChatelier), so the
pH will only slightly lower. If too much HsO* is added, the buffer will
eventually collapse as all moles of the SOs? (which is the source of
OH") will be used up.

If OH: is added to our buffer, we can view its effect in two ways (each
of which producing the same result => a slight increase in pH)

SOs* + H20 & HSOs + OH- (base hydrolysis equation)
[O\'\']T = T ) BO;’:{T ) [HS[);j l’ F“ T slj\,vH‘,]
//#

bufler
(sLiH)



TITRAT iod CurRvES
EXPLANATION Ke"'}

@ \QMLOfO" M ( PH 1) U o Llasle. 0.1 M NaOH 1« beretle

VoLuME NaOH

Moles of &ﬂm

FH O‘C 5&)‘95'}@“(.6

adoled
(Cf:o;h/ OH I ~FL!LSL

O mbL 0. 000wl Hy0* 1
-y 0.0009 wmol H;0 1. 09
2wl 0.000% mel Hy0* 1.19

3 ml _0.000%F _ mol Hy0* .23
Tmbl 0.0006 wol Hy0* .3}
5 ml 0.0005  mo! Hy0" |- 48
b wml _0-0004 ol H3O*. .60
+ wl D003 mol 0" .35
5wl 0.000Z ol Hy0* 1.45
1wl 00091 ol Hy0¥ 2,28
10 wl O ol Hptjok” 3+
W wl 0.0001  wo! OH Jl.6%8
|2 wl 0.000Z ol OR™ |\.96
5wl 0.00% ol OH™  _12.12
e i E=
; 0005 yol OH™ 130
20 wlL 0.0010__ wol OH™ |2.52




Think about an analogy using money. It is more difficult to pay a $10 000
loan down to $1 000 than it would be to pay a $10 loan down to $1.

Therefore, pH can move from approximately pH 5 to pH 9 with only drops
of OH- from the burette. This accounts for the sharp vertical rise
characteristic of titration curves.

A strong acid/strong base titration curve has an equivalence point of pH 7
due to the fact that the resulting salt will not hydrolyze acidically or
basically:

( ( —_ + ( e =
HCl + NaOH = H:0 + NaCl Na Ne N
hiter e will 70(.40677,&

An ideal indicator for a strong acid/strong base titration would be one that
has a pH colour change range at or around pH 7. What indicators would be
ideal?

BRomTHYMOL BLVE |, PHenoL RED, NEVTRAL RED

However, _TrHenl oLPHTWALE (n  is most commonly used as it is
inexpensive and still gives acceptable results. Why will it still give
acceptable results? ) ' )
Colownr lewwj ra,w\e, (3 2-10.0) s v the 'verh cad’ of
e S'hrw & - STvown.4 + tration Cwrve. | I o 3 Hae diffterence bdtecn

Hi equiv. point ( ; \ and e ﬁr“ﬂ}ft{ 'S '13*«‘-‘{13 -2 o opS
of base .

Some titrations involve titrating a weak acid with a strong base, or titrating
a weak base with a strong acid. Let’s look at each one individually.
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Weak Acid/Strong Base Titration (strong base is in the burette)

3:13
equivalonce
Point
Bl R HF « oi” — F 7+ H,0
D—HZ_—J omdk EF':( closer
TM’“ as OH™ adoed = bethy buf-.

i >

Volume of Base Added (i)

Though two parts of this curve are different than the strong acid/strong base
curve, the sharp vertical rise is still present.

Notice the small pH jump at the beginning of this curve. That is
characteristic of any weak/strong titration. Also, the equivalence point is at
a pH of 8-10. This is because the salt produced from a weak acid/strong
base titration will hydrolyze basically:

) -
HF + NaOH = IO + NaF NaF —> Na™ + F

F- from NaF will hydrolyze basically to produce OH;, thereby increasing the
pH at the equivalence point!

N o -
F~+ Ho == OH + Hf
Which indicators would be ideal for a weak acid/strong base titration?

‘7/«3 mo/ Blue

ndAino 1‘ -'-b‘u-- Lo "

[

N .
Tﬁw nf\(. ) .ra-xA‘/wL



Weak Base/Strong Acid Titration (strong acid is in the burette)

‘ BUF:FEE‘.JM& NH5 4 H_b{)" 1;;__-:\ M.H\_}* 3 sz{)

QE&' onN |
Bl | NH, | amd [NE (g closer as
__ 3
Hot i« adole A = bt
o ’ bu &e.
equivalence
polt

0,00
Velume of Ackd Added (ml)

Why does this curve start at a high pH and end at a low pH?
Werk base 17 fost 4o begin. Fibvation , s relotvely

hidh g H do stast fls acid i added, pH oicreases.

Characteristics include an initial dip in pH and an equivalence point pH of
4-6. This is because the salt produced will hydrolyze acidically:

HCl + NHs = NHCl NHye —> Niyt+ 27

NH4* from NH4Cl hydrolyzes acidically, thereby decreasing the pH at the
equivalence point. NHy*y U, 0 == H,0* + NH,
Which indicators would be ideal for a weak base/strong acid titration?
Nlow/uo' @Yamag %omu&So‘ Q’YUM \ ML‘H . | Ked Cldeve 'L\Q’*‘-U f
' }? r Ff Led
Do question 125 p.176 Hebden (omit (e)), and Assignment 10 #1.
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Quantitative Titration Questions - Determination of Ka
1. The following data is obtained when a solution of FUROIC ACID
((CsH30)COOH) is titrated with NaOH:
[NaOH] =0.125 M; Volume Fur01c Acid=25.0mL
Volume NaOH required to reach equlv pt. =28.8 mL
Initial pH of Furoic Acid = 2.021.
i. Calculate the K. of Furoic Acid
ii.  Find [Furoic Acid]i
iii. Is the resulting titration mixture acidic, basic, qr ﬁ}]zual at the
equivalence point? ’
iv.  Suggest suitable indicators for this titration.

(C4H50)000H + HO0 :':\ :(C“ G}E&D-
IR OM oM

¢ -0.009528 + A +’?
[Feo Wit —1
= E O\%%‘_g M . qszmgrlo —

lj\-\g,o*:luy = '\v\v\oj (' 2.02l> - 9528 x 1073M

IY\/AOH——" f\/a* + OH~
ol NaOH added = mol OH” adoled = wl‘ﬂpﬁ:ﬂ%s/ﬂ =

ol furvic. acid in Flask = MV (0. 1zsm)(0.0pB7 L)
S | = 0.00360Mmal il

[‘F\Mow wo(j Mo‘ Q_‘O__O__B-__‘;O_hmjl_ i D,L}im

0 ozso L
(o larso)coo (‘7f28~ )°
(2, Hy0 ) CooH J 0.1345
‘li"> BASIC (ww\o base tn Froale*S)

1¥) Toywol Blae, ?Wlfkwvm'%molpkwovt, r\levj P



2. The following data is obtained when ethylamine (a monoprotic weak
base — C2HsNHDy) is titrated with HCI:
[HCI] used = 0.113 M; Volume of ethylamine =25.00 mL

Volume of HCl added from buret=19.22 mL

pHi of ethylamine = 11.855.
i Calculate the Kb of ethylamine
ii. /) Find [ethylamine]:
iii.  Is the resulting titration mixture acidic, basic, or neutral at the

equivalence point?

iv.  Suggest suitable indicators for this titration.

TI\TRATION DATH ¢ O M
| 0.0%63F4 Y M O M
C —0.0073161% M r 7 ¥ .
pHi: J .

E 0.029713 ™ Z0b14% x~ |0 M

[H3O"] - '|v\\/\03 (—FH) : ‘m\/(oj (-}\.8§g>: (,3:1““042

| x 10"
A x1o0 . -3
[ov] Jo - [Hso*}‘p Bapx ot T A lEltx10TTM

ﬂ@""- HCL + H,0 —> H.0*+ C2~
vol HCL added = mol HyOf aslded = mol OH ~am flask =

mol CoHeNH, am Flask = MV = (0.113m)(0.01922 L)
= 0.00212156 mo)

[Conenn ]y s Bl o 00022186 el ) gy gaiy gy

©.02Co0 L-
. + -3
Ky - Covdlersiing ] - M ‘6% < [0 |
[cotsnm,] 0.0393/3
'l}]) AC/IDIC/ (we,a)n, oend 1w ondM—C/f<>

1IV) Methw! O Dromerece! Q‘VW, M | Red 4
) ) Grenge M&lo«o,rkwf&o(




Assignment 10: Titration Curve Exercises

1. Astudent titrated a 25.00mL sample of 0.20M HX acid with 0.20M NaOH.
The following data was collected.

Volume of NaOH added (mL) pH
0.00 2.72

10.00 4.57

24.90 7.14

2499 8.14

25.00 8.88

25.01 9.60

26.00 11.59

35.00 12.52

a) Is HX weak or strong? Support with two observations from the table.

HX s weale
W pH Jump € bepnains of Arhradin
() pH @ Equiv. pt. (25.00 mC pJaoK onted ) = . 3§

b) Select an indicator, and give the colour at the equivalence point.
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2. Given the following titration curve:

2.0

v

30,0mlL,
Volwine of NaOk Ackled (@)

A 32.0mL sample of HA was titrated with 0.20M NaOH, and the titration
curve shown was obtained. Calculate the K. of HA.

HA + “20 — HSO* G @%Oj% (v\v\OJ (jZ.SO)

DAsIsm 0 0 > 0,003162

-0.003%2 7 [sa]; © HA « oo — 4,04+, Na#h

0. 1834333 M 0.00372 — mel NaOH = MV = {0.20M){(0.0305L Y. 0,006 wel = wol 04
Cowed H0t s L cppowel s wel HA

[HA._]" : i‘.\-j—l . AC;’:_“.OGQG o

vose L 0133 M
K i [H:)O*]l (0.005!67_)1

Ty 0154335 LiiifE

HA ie weak  but i tomplede ly Aisscciotes becamsce NI 5"»4%3
bose . W owmel HA - mel IJ,JO“.

-
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3. Given the following titration curve.

1230 |
N
i aL

%00l
W@I]m&t@@ off G%]@U A@]@]ed ((mm&)) |

A 30.0mL sample of the base B- was titrated with 0.200M HCI, and the
titration curve above was obtained. Calculate the Kv of B-.

B + HLO ;:j Hg 4 DHT & 7 mv“Oj GFOH}' MV‘OQ(‘ :}O>

‘ 01333 0 0 £ 1.99532 % 10 ™M
- 10-*

¢ ~1.94%3%x S~ Co-di @ Na® s WO — h‘;,h Mok

- 2€ ¢ < |.9953x(0 [

e 0.U35%6 4 e O d\

2 mol WCL: N = (0. 200M)(o 0200L) : (.00400 ¢
=wol Hyo* = wel ORTw wol BT 0. 040G we
MO[ JUO“*‘OOWU‘

[ﬁj . ovooL - U-1333 M

Cot]® (p.0mas3) ——r
KL '[:—ﬁ " *}-A'S%%‘E ;{3.5:((0 f

¥ wel Of - mel B Ff’c‘, B 6 a Stigws acid - e - *"‘*ﬂf-'#i’-—‘f; dissociates
Assignment 11: Tuke Home Quiz & Hebden p. 176 #125-126, 130 '
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VIII) Acidic and Basic Anhydrides

When non-metal oxides react with water,an A /D

is

formed. Non-metal oxides are called Ac 1 Dlc

AN HWDEIDES
TS+ HO = /), So,
SOs + H0 = /-/;50.{
CO:2 + H.O = }—/?’CO5

Notice that these are 57'\/ 7?—/55 f S reactions.

When metal oxides react with water, a RAS E

Metal oxides are called PAS I C
AN HYDEITDES .

NaO + H:0 = 2 Na OF/

MgO + H:0 = Mj (OH),

CaO + H0 = (’/4(0/./)}
Notice that these too are synthesis reactions.

Assignment 12: Hebden p. 185 #144-145

IX) Acid Rain

is formed.

Fuels that contain sulfur undergo combustion (typically in lead smelters) to
form sulfur dioxide ($0, ). Sulfur dioxide then reacts with oxygen in the
air to produce sulfur trioxide ( S 03 ). Combustion in cars causes N2 from
the air to react with oxygen, forming nitrogen dioxide (A/g,), which is then
released as exhaust. All of the above gases will react with water vapour to

form Acid Rain.

SOz + H20 = H, 59,
SOs + H20 = [, Soy
2NO2+ H20 = HNO:2 + HNO:s
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It is important to note that even "normal" rain is slightly acidic (pH 5.6) due
to dissolved CO: in water vapour to produce carbonic acid.

CO2+ H:0 = iL/r (0,
Acid Rain is defined as rain having a pH <5.6.

Environmental Problems of acid rain:  see Hebden p. 187-188

1. F{gl« M«J( [r;:g'am-/’f ivaw‘f(’*‘ SM.‘OucL7 a_'r%,c%ea(

2. (enches minenvels sut of rvc:.&s/g;pf‘fg,

w

. vaw(, g-/vvui/ af /éﬂt(.s‘/'t)wt_é’ Svl*rnc:‘lﬁwves Macd

4. Who Aeams U’F7

5 W&H’/‘/ Wwaimﬁ,’f\‘v—m a,!%él{‘a' WM\ haa At

6. food crops olestrogedf

Protection Against Acid Rain:
1. Most lakes have a natural H2COs/HCOs" buffer system due to dissolved
CO:s. *see below
2. Spraying powdered CaCOsinto lakes:
CaCOs = CaO + CO:
CaO + H20 = Ca(OH):
or
H2S0: + CaCOs = CaSOss) + CO2 + H20 (weak acid)

Lakes with limestone (CaCQO:s) are self neutralizing.
* once acid rain stops, CO2 from ambient air reacts with lake water to form more carbonic acid
which helps increase [bicarbonate ion]. Thus, to a point, the bicarbonate ion can help to correct

the acidic conditions of the lake. If too much acid rain fell, however, it may be too late to save the
wildlife!

Assignment 13: Read Hebden p. 186-188 Do Questions 146-147
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