
	  THE	  NATURALLY	  OCCURRING	  ELEMENTS	  –	  	  ORIGINS	  AND	  ABUNDANCES	  

	  The	  chemical	  elements	  that	  comprise	  Earth	  were	  mainly	  produced	  during	  the	  Big	  Bang	  
approximately	  12−	  15	  billion	  years	  ago.	  

Abundance	  of	  elements	  in	  the	  solar	  system	  normalized	  to	  Si	  =	  106	  on	  a	  logarithmic	  y-‐axis	  
–	  this	  is	  a	  standard	  means	  of	  normalizing	  and	  ploDng	  values	  for	  this	  type	  of	  data	  set.	  



The	  Periodic	  Table	  showing	  symbols	  and	  atomic	  numbers	  of	  naturally	  occurring	  elements.	  
Many	  older	  periodic	   tables	  number	   the	  groups	  as	   IA-‐VIIIA	  and	   IB-‐VIIB.	  This	  version	  shows	  
the	  current	  IUPAC	  ConvenFon.	  
	  
Let’s	   now	   consider	   several	   concepts	   that	   are	  useful	   in	   describing	   the	  behaviour	   of	   atoms	  
and	  elements:	  ionizaFon	  potenFal	  ,	  electron	  affinity	  ,	  and	  electronegaFvity.	  



The	  First	  IonizaFon	  PotenFal	  	  of	  an	  
atom	   is	   the	   energy	   required	   to	  
remove	   (i.e.,	   move	   an	   infinite	  
distance	   away)	   the	   least	   Qghtly	  
bound	   electron.	   The	   Second	  
IonizaQon	   PotenQal	   	   is	   the	   energy	  
required	   to	   remove	   a	   second	  
electron,	  etc.	  

	  The	  electron	  affinity	  	  is	  the	  energy	  given	  up	  in	  reacQons	  such	  as:	  
	  

F	  +	  e–	  →	  F–	  



	  ElectronegaQviQes	  of	  the	  elements.	  

ElectronegaFvity	  is	  another	  parameter	  that	  is	  oVen	  used	  to	  characterize	  the	  behaviour	  
of	  the	  elements.	  It	  is	  a	  relaQve,	  unites	  quanQty	  determined	  from	  the	  differences	  in	  bond	  
energy	  between	  an	  A-‐B	  molecule	  and	  the	  mean	  energies	  of	  A-‐A	  and	  B-‐B	  molecules.	  	  	  
	  
Electronega+vity	  quan+fies	  the	  tendency	  of	  an	  element	  to	  a8ract	  a	  shared	  electron	  

when	  bonded	  to	  another	  element.	  





	  In	  general,	  first	  ionizaQon	  potenQal,	  electron	  affinity,	  and	  electronegaQvity,	  increase	  
from	  leO	  to	  right	  across	  the	  periodic	  table,	  and	  to	  a	  less	  degree	  from	  boQom	  to	  top.	  	  

	  
This	  reflects	  the	  shielding	  of	  outer	  electrons,	  parQcularly	  those	  in	  s	  	  orbitals,	  by	  inner	  
electrons,	  parQcularly	  those	  in	  p	  	  orbitals,	  from	  the	  charge	  of	  the	  nucleus.	  Thus	  the	  

outer	  3s	  	  electron	  of	  neutral	  sodium	  is	  effecQvely	  shielded	  from	  the	  nucleus	  and	  is	  quite	  
easily	  removed.	  On	  the	  other	  hand,	  the	  2p	  	  orbitals	  of	  oxygen	  are	  not	  very	  effecQvely	  
shielded,	  and	  it	  readily	  accepts	  2	  addiQonal	  electrons.	  With	  the	  addiQon	  of	  these	  2	  

electrons,	  the	  2p	  	  orbital	  is	  filled	  and	  the	  3s	  	  orbital	  effecQvely	  shielded,	  so	  there	  is	  no	  
tendency	  to	  add	  a	  third	  electron.	  With	  the	  outer	  p	  	  (and	  s	  )	  orbitals	  filled,	  a	  parQcularly	  
stable	  configuraQon	  is	  reached.	  Thus	  Ne	  has	  li_le	  tendency	  to	  either	  add	  or	  give	  up	  an	  

electron.	  
	  
	  
The	  number	  of	  electrons	  that	  an	  element	  will	  either	  give	  up	  or	  accept	  is	  known	  as	  its	  
valence	  .	  For	  elements	  in	  the	  ‘wings’	  of	  the	  periodic	  table	  (i.e.,	  all	  except	  the	  transiQon	  

metals),	  valence	  is	  easily	  determined	  simply	  by	  counQng	  how	  far	  the	  element	  is	  
horizontally	  displaced	  from	  Group	  18	  in	  the	  periodic	  table.	  For	  Group	  18,	  this	  is	  0,	  so	  
these	  elements,	  the	  noble	  gases,	  have	  0	  valence.	  For	  group	  1	  it	  is	  1,	  so	  these	  elements	  
have	  valence	  of	  +1;	  for	  group	  17	  it	  is	  -‐1,	  so	  these	  elements	  have	  valence	  of	  -‐1,	  etc.	  

Valence	  of	  the	  transiQon	  metals	  is	  not	  so	  simply	  determined,	  and	  these	  elements	  can	  
have	  more	  than	  1	  valence	  state.	  Most,	  however,	  have	  valence	  of	  2	  or	  3,	  though	  some,	  

such	  as	  U,	  can	  have	  valences	  as	  high	  as	  6.	  



	  A	  final	  characterisQc	  that	  is	  important	  in	  controlling	  chemical	  properQes	  is	  ionic	  
radius.	  	  	  

	  
This	  is	  deduced	  from	  bond	  length	  when	  the	  atom	  is	  bonded	  to	  one	  or	  more	  other	  atoms.	  	  

	  
PosiQvely	  charged	  atoms,	  or	  caQon	  ,	  have	  smaller	  ionic	  radii	  than	  do	  negaQvely	  charged	  

atoms,	  or	  anions	  .	  	  
	  

Also,	  ionic	  radius	  decreases	  as	  charge	  increases.	  This	  decrease	  is	  due	  both	  to	  loss	  of	  
electrons	  and	  to	  shrinking	  of	  the	  orbits	  of	  the	  remaining	  electrons.	  The	  la_er	  occurs	  

because	  the	  charge	  of	  the	  nucleus	  is	  shared	  by	  fewer	  	  electrons	  and	  hence	  has	  a	  greater	  
a_racQve	  force	  on	  each.	  	  

	  
In	  addiQon,	  ionic	  radius	  increases	  downward	  in	  each	  group	  in	  the	  periodic	  table,	  both	  
because	  of	  addiQon	  of	  electrons	  to	  outer	  shells	  and	  because	  these	  outer	  electrons	  are	  

increasingly	  shielded	  from	  the	  nuclear	  charge	  by	  the	  inner	  ones.	  	  
	  

Ionic	  radius	  is	  important	  in	  determining	  important	  geochemical	  properFes	  such	  
subsQtuQon	  in	  solids,	  solubility,	  and	  diffusion	  rates.	  Large	  ions	  need	  to	  be	  

surrounded,	  or	  coordinated	  ,	  by	  a	  greater	  number	  of	  oppositely	  charged	  ions	  
than	  do	  smaller	  ones.	  











These	  are	  three	  common	  minerals,	  and	  .	  .	  .	  .understanding	  the	  role	  of	  their	  consQtuent	  
elements	  has	  nothing	  to	  do	  with	  the	  elemental	  uncharged	  form	  of	  those	  elements.	  



Earth Scientists would want a table more like this. Note the charges shown on all the symbols: 
at Na+, we would emphasize that we're thinking about sodium ions, either in albite, or dissolved 
in seawater, or in some other natural context. There is no elemental sodium in nature, so we 
don't need to show that.         
 
In red, elements have been moved from the right side of the conventional table in order to make 
this new table organized by charge. If charge is going to increase regularly from Na+ to Mg2+ 
and then to Al3+ and Si4+, we need to move Al and Si and P and S over from the right. Also the 
actinides have to be moved up to follow radium, because they too increase by one unit of 
charge across the table.         





The new table has contours that are 
visible here as blue and brown lines. 
These are contours of ionic 
potential.  
 
 

Ionic potential is a parameter to 
characterize how tightly focused 
the charge of an ion is, or how 

dense that charge is.  
 

The simplest and most commonly 
used formulation is shown here. For 
the example of Ca2+, we come to a 
low value of ionic potential that we 
associate with a diffuse charge. In 

contrast, with N5+, the higher charge 
and smaller radius give a large value 
of ionic potential, and we envision N5+ 

as a tightly focused beacon of 
positive charge.   

	  







Three	  of	  the	  four	  are	  common	  minerals;	  scotlandite	  is	  not	  (and	  
sulfite	  minerals	  in	  general	  are	  rare)	  -‐	  but	  the	  four	  demonstrate	  the	  

range	  of	  forms	  of	  sulfur	  in	  nature.	  



Ionic potential is a concept that geochemists trace back to Victor Goldschmidt's work in 
the 1930s. Goldschmidt produced the classic diagram on the right, still used in many 
textbooks. On that diagram, lines radiating from the origin are lines of equal ionic potential, 
and the two lines shown divide ions into a field of soluble ions, ions that are insoluble and 
make hydroxides, and ions soluble in oxyanions (e.g., S6+ in sulfate).  
 
However, note that Goldschmidt fell into the trap of only putting one element one place: he 
has Fe as insoluble Fe3+, but didn't also show Fe2+, which is much more soluble.         
 
Goldschmidt, however, was not the first to consider ionic potential . . . . 



The idea of ionic potential goes back at least a decade earlier to this paper. 
Cartledge in fact made the periodic table at right that considered ions and showed 
some elements twice. In that respect, his table is one predecessor of the table 
shown previously. Returning to the new table with this concept of ionic potential . . .  
	  



We can take our new format of the periodic table, with the ions shown here in gray, and 
calculate ionic potential for each ion. Again, Ca2+ is a good example: a charge of 2 and a 
radius of one angstrom yields an ionic potential of 2. Now we can contour the results . . . . 



Contouring the values of ionic potential gives this pattern. Note the sharp increase toward the 
upper right. As we go to the right across this part of the table, charge (the numerator) increases 
and radius (the denominator) decreases, so we get a tremendous increase in ionic potential.         
 
All that remains is to put the contours on our new table . . .  



We can bring those contours on the table.  



The legend shows that all of the colorful symbols on the table denote natural occurrences of the ions. In the part shown here, red symbols have to do 
with ions that go into solid phases at high temperatures. Brown symbols show ions that stay in solids at low temperatures, in weathering, or go into 
solids at low temperature, and are incorporated into deep-sea ferromanganese nodules. Thus reds and browns will marks ions that reside well in solids.         
 
Blues and greens, on the other hand, are for symbols having to do with ions that go into solution readily. Blue symbols show the most abundant ions in 
river water and sea water. Greens show ions that can be limiting or critical nutrients. That relates to solubility, because a nutrient must be sufficiently 
soluble to be taken from soil water into roots or transported through a cell membrane in an organism. There's also a blue symbol for ions that enter 
minerals in igneous rocks relatively late, and thus at lower temperature, and thus also pertains to ions with less affinity for solid phases than those with 
red symbols.        



Consider the pattern on the left….  
 
The red and brown symbols pertaining 
to ions residing well in solids fall in a 
swath down the middle of the hard 
cations.  
 
The blue and green symbols pertaining 
to ions that tend to go into solution, on 
the other hand, fall in swaths to the left 
and right of the central red-and-brown 
swath.  
 
Here we have generalizable patterns 
of geochemical behavior, and a 
pattern that can never be shown 
coherently on a conventional periodic 
table.      
 
Note also that the swaths of color that 
have emerged here follow the contours 
of equal ionic potential.  



The pattern we've seen 
can be explained if we 
think about what ionic 
potential means in terms 
of interactions between 
ions.  
 
On the left above, let's 
start with cations of low 
ionic potential - K+ would 
be a good example. 
These ions are such 
w e a k  f l u f f y 
concentrations of charge 
that they don't make 
strong bonds to O2-, and 
so they don't go into 
h i g h - t e m p e r a t u r e 
minerals of igneous 
rocks but instead stay in 
t h e  m e l t ,  a n d  i n 
weathering they quickly 
break free from bonds to 
O2- and go into solution.        

In the middle of this sketch, we can consider cations of intermediate ionic potential - Al3+ and Ti4+ would be good examples. These ions are smaller and 
more highly charged and thus provide a more focused charge that allows stronger bonds to O2- in solids. At the same time, the focus of positive charge 
is not so great that cations repel each other in those solids. As a result, these cations go into high-temperature minerals of igneous rocks, and in 
weathering they stay in solids and thus in soils.         
 
At the right, we can consider cations of highest ionic potential - N5+ and S6+ would be good examples. These ions are still smaller and even more highly 
charged, and thus provide an extremely focused beacon of positive charge. That allows very strong bonds to O2- to form radicals like nitrate and 
sulfate. However, the strength of positive charge is so great that O2-s are hard-pressed to shield cations from each other, and so we end up with no CO2 
or SO3 minerals, and these ions instead tend to break free in weathering and go into solution.         



 
Moving farther to the right, you encounter cations of still higher ionic potential, so that their positive charge repels still more 
H+ ions, stripping some oxygens of both H+ ions. They thus form oxohydroxo complexes.  
 
Farthest to the right, cations of highest ionic potential repel all H+ ions and thus have nothing but O2-s around them, and so 
they form oxocomplexes like the familiar nitrate of N5+ and sulfate of S6+. On the other hand, we don't talk about "calciates" 
and the like because of the much lower ionic potential of Ca2+.         

Cations of low ionic 
potential, at the left, 
attract the negative 
(O2-) ends of water 
molecules, and are thus 
hydrated in solution.  
 
Cations of a little 
higher ionic potential 
have enough positive 
charge to repel some of 
the H+ ions of potential 
h y d r a t i n g  w a t e r 
molecules.  
 
They thus instead have 
OH-s around them and   

they form 
hydroxocomplexes. 

	  



C h r o m i u m i s o n e 
elements that exist both 
as hard cations and as 
intermediate cations.   
 
Cr3+  an intermediate 
c a t i o n , i s n ’ t v e r y 
soluble, enters early-
f o r m i n g  i g n e o u s 
minerals, and stays in 
soil in weathering - Cr3+ 
it  has a great affinity for 
solids. Thinking along 
t h o s e l i n e s ,  C r 3 + 
predictably makes both 
an oxide mineral and a 
sulfide mineral.   
 
On the other hand, Cr6+, 
the hard cation, has a 
high ionic potential and 
so falls in the blue swath 
of cations that make 
oxysalts, in this case 
chromates.  It's relatively 
soluble. 	  

All this has environmental implications, in that reducing groundwater will leave behind Cr as Cr3+ on aquifer solids, but more oxidizing groundwater 
pumped as drinking water may bring with it chromium as soluble Cr6+,	  which	  is	  poisonous	  and	  a	  major	  problem	  in	  some	  groundwater	  (as	  in	  Bangladesh).	  
 
Cr6+, the hard cation, has a high ionic potential and so falls in the blue swath of cations that make oxysalts, in this case chromates, and it's relatively 
soluble. Cr3+, on the other hand, is less soluble, enters early-forming igneous minerals, and stays in soil in weathering - Cr3+ has a greater affinity for solids. 
Thinking along those lines, Cr3+ predictably makes both an oxide mineral and a sulfide mineral. All this has environmental implications, in that reducing 
groundwater will leave behind Cr as Cr3+ on aquifer solids, but more oxidizing groundwater pumped as drinking water may bring with it chromium as Cr6+, 
leading to a toxicity problem.           



There	  is	  li_le	  to	  say	  here	  
on	  the	  anion	  side,	  in	  
part	  because	  ionic	  
potenQal	  does	  not	  

change	  as	  much	  as	  on	  
the	  leV	  (caQon)	  side	  

(-‐0.5	  to	  	  -‐2.0	  here;	  0.5	  to	  
50	  among	  caQons)	  

	  






