Chemistry 12

Unit V - Acid/Base 11



I) Weak Acid Equilibrium and Ka

Recall that strong acids dissociate 100% in water. For example, a 0.010M
solution of HCI will produce a [H3O*] = and have a pH of
. Dissociation equation (one way):

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 example:
HF@q + H20Og < H3O'aq + Fag Ka=
Ka is a type of Keq, therefore the same rules apply.

The larger the Ka > the more the acid dissociates 2 the more H;O*
produced - the the acid.

Notice the K. values as you go down the table
because the acids are getting progressively

* 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 [H3O*] > K., weak acids act
like “weak’ acids and dissociate very little.



K. 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 Ka 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.



For the reaction: HxSaq + H200 < HsO%aq + HS g ; Calculate the [HsO"]

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.

What is the pH of a 0.100M NH«Cl solution?



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’?

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 NaH2POs. (ans. = 3.92)



Type 2
What [H2COs] would be required to produce a pH of 3.178 ?

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



Type 3
Calculate the Ka of the weak acid HX if the pH of a 0.100M solution of HX is
3.30.

A 2.00M diprotic weak acid has a pH of 0.50. Calculate its Ka value.



A 0.20M solution of a weak acid has a pH of 1.32. Using calculations,
identify the acid.

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).



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 K» = the the base, meaning it accepts
from water to a greater extent, thereby producing more

ions.

Consider the weak base nitrite:

NOz2@ag + H2Op < HNO2aq + OH g

Kv
Relationship of Kw, K, and K» for a Conjugate Acid-Base Pair
Ka x Ko = Kw Kw = 1x10"at25°C

Proof using nitrite and nitrous acid (conjugate pairs):



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

Determine K»v of the weak base SO4?.

Determine Kv of HCOs-.

Determine the Kb values of the following:
a) NHs b) HPO« c¢) H2POs d) HC:O«
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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 K» 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-.

Calculate the pH of a 0.100M solution of C204% .

Assignment 3: Hebden p. 153-154 #85, 88, 90, 92
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Type 2
A solution of NOz has a pH of 8.900. Calculate the [NO2] that created this
pH value.

A solution of ammonia, NHs, has a pH of 10.50. Calculate the [NH3] at
equilibrium in the solution.
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Type 3
A 0.44M solution of the weak base B- has a pH of 11.12. Calculate the Ko for

this base, and the Ka for the conjugate acid, HB at 25°C.

A 0.25M solution of benzyl amine, C’H7NH2, has a pH of 11.38. Calculate
the Kb of benzyl amine. (Benzyl amine is a weak base).

Assignment 4: Hebden p. 153/154 #84, 86, 87, 89, 91, 93
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III) 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 a9 + NaOH @g = + (molecular)
> (compl. ionic)
— (net ionic)

2. Strong Acid/Weak Base:

HCl @q) + NaCN @q 2 + (molecular)
> (compl. ionic)
— (net ionic)
3. Weak Acid/Strong Base:
HF @q + KOH @aq =2 + (molecular)
> (compl. ionic)

— (net ionic)
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4. Weak Acid/Weak Base:

HF@q + NaCN@g =2 + (molecular)
> (compl. ionic)
& (net ionic)

HINT (prior to Assignment 5): NHsOHq does NOT exist!!! It
decomposes to NHs 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. HClIO4aq + KOH @g 2>

2. HBr a9 + NaCH3COO g =2

3. HCOOH @9 + LiOH @9 =2

4a. HI (aq) + NH: (aq) -
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4b. HCN (g + NH3 aq) =2

5. Sr(OH)2aq + HNO3 g =2

6. NaOH g + NH4«Cl g =2

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
reaction, and the products are

and

HBr + Ca(OH) =

CHsCOOH + KOH =
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.

HClI+CN- = or HCl + NH; =
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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.

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

KCl

NH:NOs3

17



Na2COs3

NaHSOs

KHCOs

NHiNO2

AI(NO2)3
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Summary of Possibilities:

1.

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) K2S0s ¢) LIHCOs d) LiBr e) Na:HPOs f) NaNO:2

g) AI(NOs)s h) NH4Cl i) CaF2 j) NH«CHsCOO k) AL(SOs)s

)NH4Br 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.
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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 NaCH3zCOO

D. CH3COOH and NaOH
Also: p.148 #71-73 (and #69 d, {-j; #70 b-h, j — for extra practice only)

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 + H O & In" + HO*

Suppose HIn 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 , thereby favouring HIn over In- and producing a
colour.

In a basic (or weaker acidic) solution, the [HzO*] of the solution is lower than
that of the indicator, thereby causing a shift producing a
colour.
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eg: What colour will Orange IV be when placed into a solution with pH 3.5?

During a titration, pH is constantly changing as base is being added to acid
(or vice versa). If an indicator is present, it will undergo a colour change ata
certain point due to the change in [H3O*] 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

as we have equal moles of yellow and blue coloured
indicator. If any more base is added, the solution will turn

The point at which [HIn] = [In7] is called the or

. Itis also 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 D. 10.0

2. Which of the following indicators is red at pH 13 ?
A. Orange IV
B. Alizarin Yellow
C. Indigo Carmine
D. Thymol Blue

3. What colour is a 1 x 10® M NaOH solution containing the indicator
Neutral Red?
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Recall that the general equilibrium equation for an indicator is as follows:

HIn + H200 < In- + HiO*
Write the Kaequation for the above:

Ka=

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

Ka=

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

OR pH=pKa.

Assignment 8: More Indicator Exercises

1. Which of the following chemical indicators has a Ka=2.5x 105 ?
A. methyl orange
B. phenolphthalein
C. thymolphthalein
D. bromcresol green

2. Find the Ka of Alizarin Yellow.

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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V1) 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.
Blood buffering system:

Buffers are made up of 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 + H0 & SO + HO*
2.0M 2.0M <<2.0M

Basic hydrolysis
SOs? + H20 & 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
HSQOs simply be added directly to water?

So, one must add NaHSO:s to water and then add extra SOs* in the form of a
soluble salt (Na250s) to make the [HSOs] and [SOs*] equal. As well, [H30"]
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 H:Otis added to our HSOs- / SOs? buffer, it will react with SOs?, causing a
shift to the left of the acid hydrolysis equilibrium:
HSOs + H: 0 < S0s%2 + HzO*

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)

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 H3O* 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)

OR... HSOs + H20 < SOs* + HsO* (acid hydrolysis)

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 + H20 < SOs> + H3O*
2.0M 20M ~0.056M

Adding water to the above equilibrium system will cause each
concentration to . 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.

26



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> + HsO* -- therefore, a ‘perfect’ buffer...
2.0M 2.0M v. small

Ka = [SOs?][H30*] = (2.0)[H3:O'] = [HsO'] ...if “perfect’ buffer...
[HSOs] (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 K. change with different [acids]?
The higher [acid], the higher [conjugate base] - in order to maintain the
‘perfect’ buffer. The increase in [H30O"] 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 HS5Os" is
1.0 x 107 and therefore has a buffer pH of 7.00.

In fact: Ka (HSO3) = K» (SO32%)
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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.

CH;COOH + H0 < CH3:COO + HsOt
1.0M 1.0M v. small

Ka=1.8 x 10-° = [H30"] therefore pH = -log (1.8 x 105) =4.74

Therefore, acetic acid/acetate creates an acidic buffer.

HCN + H20 & CN- + Hs0¢
1.0M 1.0M  v.small

Ka=4.9 x 10 = [H30*] therefore pH = -log (4.9 x 1010 ) =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
(H2COs3) 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)
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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

0,00
Volure of Base Added (ml)

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, [H30O*] must change from
0.0IM to 0.001M. This will take a significant amount of [OH-] from the
burette, much more that changing pH from 6 to 7 ([H3O*] goes from 0.000
001M to 0.000 000 1M).
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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:

HCl + NaOH = H2O + Na(Cl

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?

However, is most commonly used as it is
inexpensive and still gives acceptable results. Why will it still give
acceptable results?

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)

0,00
Volume of Base Added (m)

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 = H:0 + NaF
F- from NaF will hydrolyze basically to produce OH;, thereby increasing the
pH at the equivalence point!

Which indicators would be ideal for a weak acid/strong base titration?
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Weak Base/Strong Acid Titration (strong acid is in the burette)

000
Velume ef Asfdl Adldled (mlL)

Why does this curve start at a high pH and end at a low pH?

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
NH¢ from NH4Cl hydrolyzes acidically, thereby decreasing the pH at the
equivalence point.
Which indicators would be ideal for a weak base/strong acid titration?

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
((CsHs0)COOR) is titrated with NaOH:
[NaOH] =0.125 M; Volume Furoic Acid =25.0 mL

Volume NaOH required to reach equiv. pt. =28.8 mL

Initial pH of Furoic Acid = 2.021.
i. Calculate the Ka of Furoic Acid
ii.  Find [Furoic Acid];
iii.  Is the resulting titration mixture acidic, basic, or neutral at the

equivalence point?

iv.  Suggest suitable indicators for this titration.
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2. The following data is obtained when ethylamine (a monoprotic weak
base — C2HsNH-) 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 Ko 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.
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Assignment 10: Titration Curve Exercises

1. A student 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
10.00 457
24.90 7.14
24.99 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.

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

2.0

A4

0,0l
N Velume ef NaOl A@]@] «@@ﬁ |

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

12,50 |
N
phl l’

P

200l
Volume of (1] Added (ml)

Y

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

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 is
formed. Non-metal oxides are called

SO2 + H:O =
SOs + H:O =
CO2 + H2O =

Notice that these are reactions.

When metal oxides react with water, a is formed.
Metal oxides are called

Na:0 + H20 =
MgO + H:0 =
CaO + H20 =

Notice that these too are synthesis reactions.
Assignment 12: Hebden p. 185 #144-145

IX) Acid Rain

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

SO2 + HO =
SO3 + HX O =
2NO2+ H20 = HNO: + 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:z in water vapour to produce carbonic acid.

CO:2+ H20 =
Acid Rain is defined as rain having a pH <5.6.

Environmental Problems of acid rain:  see Hebden p. 187-188
1.

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 + CO2
CaO + H:O = Ca(OH)2
or
H2SO4 + CaCOs = CaSOs¢) + CO2 + H20 (weak acid)

Lakes with limestone (CaCQOs) 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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